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Preface to the Third Edition

Since the second edition of this text, the literature in inorganic chemistry
has continued to grow at an extremely rapid rate. The work has been charac-
terised by increasing sophistication in the use of physical methods as well as
in concepts and insights. Although these developments have posed serious
problems, we have maintained the same basic approach with the object of
providing the student with a background sufficient for the comprehension of
current research literature in the field.

We have attempted to include factual material appearing up to around
-mid-1971 and a new set of references covers progress since the second edition.
Since this book is intended primarily as a student textbook, the citations are
not exhaustive and do not impute priority or originality being intended solely
as a guide to the literature. '

In order to accommodate new material, several changes have been made.
The first four chapters have been modified so as to eliminate the more ele-
mentary aspects of atomic structure and give more coverage of symmetry and
molecular structure. Various rearrangements of chapters and of material
within sections have been made. One new chapter, on selected aspects of
homogeneous catalysis by transition metal organometallic compounds has
been added while some information on the biochemistry of iron, copper,
cobalt, zinc and molybdenum is now provided.

We thank all those who have offered comments on the previous editions
and suggestions for corrections or improvements to this edition would be
welcome.

F. A. CortoN G. WILKINSON
Cambridge, Massachusetts London, England
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Preface to the Second Edition

Although the basic structure of the text is unaltered, we have rearranged
several sections and have brought up to date essentially all of the factual
material. The vast amount of recent literature has meant an increase in the
size of the book, but it is intended to be a teaching text and not a reference
book and it is our view that it is better to have too much material on hand
rather than too little, since sections can always be omitted.

In response to numerous requests, we have improved on the handling of
documentation of which there are three levels. First, for the great majority
of long known and well established facts and theories, no explicit reference is
given since such material can be readily located through standard reference
texts and treatises, listed at the end of the text.

Secondly, some material not so available appears in review articles and
monographs; a pertinent list is provided at the end of each chapter.

Finally, we have introduced as footnotes in each chapter, some original
research references. These cover broadly the period from January 1962 to
August 1965 and are intended primarily for teachers and research workers
as guide references to recent work.

We take this opportunity to thank all those who gave us their comments
on the first edition.

F. A. CoTTON G. WILKINSON
Cambridge, Massachusetts London, England






Preface to the First Edition

It is now a truism that, in recent years, inorganic chemistry has experienced
an impressive renaissance. Academic and industrial research in inorganic
chemistry is flourishing, and the output of research papers and reviews is
growing exponentially.

In spite of this interest, however, there has been no comprehensive text-
book on inorganic chemistry at an advanced level incorporating the many
new chemical developments, particularly the more recent theoretical ad-
vances in the interpretation of bonding and reactivity in inorganic com-
pounds. It is the aim of this book, which is based on courses given by the
authors over the past five to ten years, to fill this need. It is our hope that it
will provide a sound basis in contemporary inorganic chemistry for the new
generation of students and will stimulate their interest in a field in which
trained personnel are still exceedingly scarce in both academic and industrial
laboratories.

The content of this book, which encompasses the chemistry of all of the
chemical elements and their compounds, including interpretative discussion
in the light of the latest advances in structural chemistry, general valence
theory, and, particularly, ligand field theory, provides a reasonable achleve-
ment for students at the B.Sc. honors level in British universities and at the
senior year or first year graduate level in American universities. Our ex-
perience is that a course of about eighty lectures is desirable as a guide to the
study of this material.

We are indebted to several of our colleagues, who have read sections of the
manuscript, for their suggestions and criticism. It is, of course, the authors
alone who are responsible for any errors or omissions in the final draft. We
also thank the various authors and editors who have so kindly given us per-
mission to reproduce diagrams from their papers: specific acknowledgements
are made in the text. We sincerely appreciate the secretarial assistance of
Miss C. M. Ross and Mrs. A. B. Blake in the preparation of the manuscript.

F. A. CorTON G. WILKINSON
Cambridge, Massachusetts London, England
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Abbreviations

1. Chemicals, Ligands, Radicals, etc.

acacH
am
Ar

aq
bce

bu
bz

ccp
Cp

diars
diglyme
dipy
DMF
DMGH,
DMSO

EDTAH,
EDTAHLZ,
en

Et

glyme
hep
L

M
Me
Me, tren

NTAH,

oxX

acetylacetone

ammonia (or occasionally an amine)
aryl or arene (ArH)

aquated, H,O

body centered cubic
butyl (prefix n, i or #, normal, iso or tertiary butyl)
benzene

cubic close packed
cyclopentadienyl, CsH

o-phenylenebisdimethylarsine, 0-CsH,(AsMe,),
diethyleneglycoldimethylether, CH;O(CH,CH,0),CH;,
2,2'-dipyridine

N,N'-dimethylformamide, HCONMe,
dimethylglyoxime

dimethylsulfoxide, Me,SO

ethylenediaminetetraacetic acid
anions of EDTAH,
ethylenediamine, H,NCH,CH,NH,
ethyl

ethyleneglycoldimethylether, CH;O0CH,CH,0CH;
hexagonal close packed
ligand

central (usually metal) atom in compound
methyl
tris-(2-dimethylaminoethyl)amine, N(CH,CH,NMe,),

nitrilotriacetic acid, N(CH,COOH),

. 2 -_
oxalate ion, C,0y%

XY



Xvi

Ph
phen
PNP

pn
Pr
QAS
QP

Salen

TAN
TAP

TAS

THF
TMED
tn
TPN

trien
tren
TSN
TSP
TSeP
TTA

X

2. Miscellaneous

A

asym

B.M.
b.p.

cm™!

CFSE
CFT

ABBREVIATIONS

phenyl, C;H;
1,10-phenanthroline
Bis-(2-diphenylphosphinoethyl)amine,
HN(CH,CH,PPh,),

propylenediamine (1,2-diaminopropane)
propyl (prefix i for isopropyl)

Tris-(2-diphenylarsinophenyl)arsine, As(o-C¢H, AsPh
Tris-(2-diphenylphosphinophenyl)phosphine,
P(0o-C¢H,PPh,),

2)3

alkyl or aryl group
bis-salicylaldehydeethylenediimine

Tris-(2-diphenylarsinoethyl)amine, N(CH,CH,AsPh,),
Tris-(3-dimethylarsinopropyl)phosphine,
P(CH,CH,CH,AsMe,),
Bis-(3-dimethylarsinopropyl)methylarsine,
MeAs(CH,CH,CH,AsMe,),

tetrahydrofuran
N,N,N',N'-tetramethylethylenediamine
1,3-diaminopropane (trimethylenediamine)
Tris-(2-diphenylphosphinoethyl)amine,
N(CH,CH,PPh,),

Triethylenetetraamine, (CH,NHCH,CH,NH,),
Tris-(2-aminoethyl)amine, N(CH,CH,NH,),
Tris-(2-methylthiomethyl)amine, N(CH,CH,SMe),
Tris-(2-methylthiophenyl)phosphine, P(o-C4H,SMe),
Tris-(2-methylselenophenyl)phosphine, P(0-C;H,SeMe),
thenoyltrifiluoroacetone, C,H,SCOCH,COCF 3

halogen or pseudohalogen

Angstrom unit, 10719 m
asymmetric or antisymmetric

Bohr magneton
boiling point

wave number
crystal field stabilization energy
crystal field theory

decomposes
dextorotatory



ABBREVIATIONS

gaseous state

Planck’s constant
herz, sec™?

International Coordination Chemistry Conference
infrared
International Union of Pure and Applied Chemistry

liquid state

levorotatory

linear combination of atomic orbitals
ligand field theory

melting point
molecular orbital

nuclear magnetic resonance
gas constant
solid state

square pyramid(al)
vibrational stretching mode
sublimes

symumetrical

trigonal bipyramid(al)

lattice energy
ultraviolet

valence bond
atomic number

molar extinction coefficient
frequency (cm ™! or Hz)

magnetic moment in Bohr magnetons
magnetic susceptibility

Weiss constant

Xvii






Units and Conversion Factors

1. The S Units

In recent years many scientific and engineering groups have recommended
or adopted a set of units called the Systtme International d’Unités, the SI
units. While these have not yet been universally accepted, even in pure
science, there is a growing trend toward general acceptance. In this book
some SI units have been adopted, while others have not. We summarize here
the SI units and comment on choices made for use in this book.

The SI system is based on the following set of defined units:

Physical Quantity Name of Unit Symbol for Unit
length meter m

mass kilogram kg

time second s
electric current ampere A
temperature kelvin K
luminous intensity candela cd

Multiples and fractions of these are specified using the following prefixes:

Multiplier Prefix Symbol
10-1 deci d
1072 centi c
1073 milli m
107¢ micro N
107° nano n
10712 pico p
10 deka da
102 hecto h
103 kilo k
108 mega M
10° giga G
1012 tera T

Xix



XX UNITS AND CONVERSION FACTORS

In addition to the defined units, the system includes a number of derived
units, of which the following are the main ones

Physical quantity ST unit Unit symbol
Force newton N=kgms™2
Work, energy, quantity of heat joule J=Nm
Power watt W=Js"!
Electric charge coulomb C=As
Electric potential volt V=WA™!
Electric capacitance farad F=Asv~1
Electric resistance ohm R=VA-!
Frequency hertz Hz=5s"!
Magnetic flux weber Wb =Vs
Magnetic flux density tesla T=Wbm™2
Inductance henry H=VsA~!

The energy unit immediately derived from the basis units is the joule, J,
kg m? sec™ 2. We have adopted this unit, which is equal to (4.184) calories,
as the unit of energy. In most places it is more convenient to use the kilo-
joule, kJ. In a few places, e.g., for ionization energies, the electron volt, ev,
has been used, as before. One eV =96.5 kJ mol™*. The eV is the energy
acquired by an electron accelerated by a potential difference of one voit.

In common with many chemists and crystallographers, we have continued
to use the Angstrom, A, defined as 10~8 cm, as a unit of length on the atomic
and molecular scale, although SI units are the nanometer, nm(10~° m) or
picometer, pm (107!? m). The C—C bond length in diamond is 1.54 A =
0.154 nm = 154 pm.

We have also retained other familiar units, such as dyne and atmosphere
(pressure). This is in line with the objective of preparing the student to read
the contemporary literature, which is still written almost exclusively in such
units.

Signs. When energy is absorbed in a process, the energy of that process
will be defined as positive.

For electrochemical processes we shall use the conventions recommended
by the International Union of Pure and Applied Chemistry (IUPAC).
Because these differ, often confusingly, from the Latimer or American con-
vention still found in many publications in the USA, a detailed explanation
of the International system is provided on pages 164-165.

2. Conversion Factors

Some useful relationships between different units are given below. The
symbols N and J stand for Newton and Joule, the SI units of force and
energy, respectively.
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tor

= torr) = 1.01325 x 10° dyne
1 bar = 10° dyne cm ™2 = 0.987 atm = 105 Nm 2
1 Bohr Magneton = 9.273 x 102* Am? molecule™" = 9.273 x 107! erg
gauss ™!
1 calorie (thermochemical) = 4.184 J
1 coulomb = 0.10000 emu = 2.9979 x 10° esu = 1 amp sec
1dyne=10"°N
1 erg=2.3901x10"%cal=107"7J
1 eV = 8066 cm ™! = 23.06 kcal/mole = 1.602x 10™*% erg = 1.602x 107*° J
1gauss=10"*T
1 kJ mole™! =83.54cm™!
1 mass unit, mu, = 931.5 Mev = 1.660 x 1072% erg
Molar Magnetic Susceptibility (SI) = Molar Susceptibility (cgs) x 47 x 1076
RT(T =300K)=0.1425kJ mol™*=2084cm™!

1 atm =760 mm Hg em~2 = 101,325 Nm 2

1 atm = 760 mm ”o(

3. Fundamental Constants, etc.

Avogadro’s number (C'? = 12.0000...), N = 6.02252 x 1023 mol~*
Boltzmann’s constant k = 1.3805x 107 ¢ erg deg™! = 1.3805x 1072* JK ™!
Bohr radius, «y = 0.52917x 1071 m
Curie-Weiss Law: p = 2.84 [xy(T—0)]/% = 797.5 [ (T—6)]"/? (SD)
Electron charge, e = (4.8030+0.0001) x 107 '° abs. esu = 1.602x 10~ *°C
Electron mass, m = 9.1091 x 103! kg = 0.00054860 mu = 0.5110 Mev
Faraday constant, F = 96,487, coulomb. g. equiv™ 1 =9,6487 x 10*C mol ™!
Gas constant, R = 1.9872 defined cal deg™* mol ™! =8.3143 JK™ ! mol ™! =
0.082057 liter atm deg™* mol ™!
Ice point: 273.150+0.01 K
Molar volume (ideal gas, 0°C, 1 atm) = 22.414 x 10° cm mol ™! =
2.241436 x 1072 m3 mol !
Planck’s constant, b = 6.6256 x 10727 erg. sec = 6.6256 x 107>* Js
Proton mass, M, = 1.6725x 107 ** g
Velocity of light in vacuum = 2.99795 x 10 m sec™*
m=3.14159; e =2.7183; In 10 =2.3026
S T.P.=1.013% 10° Nm~2?and 273.15°K
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Symmetry and Structure

THE SYMMETRY GROUPS

Molecular symmetry and ways of specifying it with mathematical precision
are important for several reasons. The most basic reason is that al/ molecular
wave functions—those governing electron distribution as well as those for
vibrations, nmr spectra, etc.—must conform, rigorously, to certain require-
ments based on the symmetry of the equilibrium nuclear framework of the
molecule. When the symmetry is high these restrictions can be very severe.
Thus, from a knowledge of symmetry alone it is often possible to reach useful
qualitative conclusions about molecular electronic structure and to draw
inferences from spectra as to molecular structures. The qualitative applica-
tion of symmetry restrictions is most impressively illustrated by the crystal-
field and ligand-field theories of the electronic structures of transition-metal
complexes, as described in Chapter 20, and by numerous examples of the
use of infrared and Raman spectra to deduce molecular symmetry. Illustra-
tions of the latter occur throughout the book, but particularly with respect
to some metal carbonyl compounds in Chapter 22.

A more mundane use for the concept and notation of molecular symmetry
is in the precise description of a structure. One symbol, such as Dy, can
convey precise, unequivocal structural information which would require long
verbal description to duplicate. Thus, if we say that the Ni(CN);~ ion has
D,, symmetry we imply that: (a) it is completely planar; (b) the Ni—C—N
groups are all linear;(c) the C—Ni—C angles are all equal, at 90°; () the four
CN groups are precisely equivalent to one another; and (e) the four Ni—C
bonds are precisely equivalent to one another. The use of symmetry symbols
has become increasingly common in the chemical literature, and it is now
necessary to be familiar with the basic concepts and rules of notation in
order to read many of the contemporary research papers in inorganic and,
indeed, also organic chemistry with full comprehension. It thus seems appro-
priate to begin this book with a brief survey of molecular symmetry and the
basic rules for specifying it.

3



4 GENERAL THEORY

1-1. Symmetry Operations and Elements

When we say that a molecule has symmetry, we mean that certain parts of
it can be interchanged with others without altering either the identity or the
orientation of the molecule. The interchangeable parts are said to be equiv-
alent to one another by symmetry. Consider, for example, a trigonal-bipy-
ramidal molecule such as PF; (1-I). The three equatorial P—F bonds, to

(i-D

F;,F,, and F;, are equivalent. They have the same length, the same strength,
and the same type of spacial relation to the remainder of the molecule. Any
permutation of these three bonds among themselves leads to a molecule
indistinguishable from the original. Similarly, the axial P—F bonds, to F,
and F;, are equivalent. But, axial and equatorial bonds are different types
(e.g., they have different lengths) and if one of each were to be interchanged

the molecule would be noticeably perturbed. These statements are probably
self-evident, or at least readily acceptable, on an intuitive basis, but for
systematic and detailed consideration of symmetry certain formal tools are
needed. The first set of tools is a set of symmetry operations.

Symmetry operations are geometrically defined ways of exchanging equiv-
alent parts of a molecule. There are four kinds which are used convention-
ally and these are sufficient for all our purposes.

1. Simple rotation about an axis passing through the molecule by an angle
2n/n. This operation is called a proper rotation and is symbolized C,. If it
is repeated » times, of course the molecule comes all the way back to the
original orientation.

2. Reflection of all atoms through a plane which passes through the
molecule. This operation is called reflection and is symbolized o.

3. Reflection of all atoms through a point in the molecule. This operation
is called jnversion and is symbolized i.

4. The combination, in either order, of rotating the molecule about an
axis passing through it by 2n/n and reflecting all atoms through a plane
which is perpendicular to the axis of rotation is called improper rotation
and is symbolized S,.

These operations are symmetry operations if, and only if, the appearance of
the molecule is exactly the same after one of them is carried out as it was
before. For instance, consider rotation of the molecule H,S by 27/2 about
an axis passing through S and bisecting the line between the H atoms. As




SYMMETRY AND STRUCTURE 5

(P
s 2mw/2 S

H/ \H H/ \H {a)
(>

/s\ 2m/2 s

H D D/ \H o)

Fig. 1-1. Sketches showing that the operation C, carries H,S into an orientation
indistinguishable from the original, but HSD into an observably different orientation.

shown in Fig. 1-1, this operation interchanges the H atoms and interchanges
the S—H bonds. Since these atoms and bonds are equivalent, there is no
physical (i.e. physically meaningful or detectable) difference after the opera-
tion. For HSD, however, the corresponding operation replaces the S—H
bond by the S—D bond, and vice versa, and one can see that a change has
occurred. Therefore, for H,S, the operation C, is a symmetry operation;
for HSDitisnot.

These types of symmetry operation are graphically explained by the dia-
grams in Fig. 1-2, where it is shown how an arbitrary point (0) in space is
affected in each case. Filled dots represent points above the xy plane and
open dots represent points below it. Let us examine first the action of
proper rotations, illustrated here by the C, rotations, i.e. rotations by
2n/4 = 90°. The operation C, is seen to take the point 0 to the point 1. The
application of C, twice, designated CZ, generates point 2. C3 gives point 3 and,
of course, C4 which is a rotation by 4 x 2r/4 = 2n regenerates the original point.
The set of four points, 0, 1, 2,3 are permutable, cyclically, by repeated C,
proper rotations and are equivalent points. It will be obvious that, in general,
repetition of a C, operation will generate a set of n equivalent points from
an arbitrary initial point, provided that point lies off the axis of rotation.

The effect of reflection through symmetry planes perpendicular to the
xy plane, specifically, 6,, and 6, is also illustrated in Fig. 1-2. The point 0
is related to point 1 by the o, operation and to the point 3 by the o,
operation. By reflecting either point 1 or point 3 through the second plane,
point 2 is obtained.

The set of points generated by the repeated application of an improper
rotation will vary in appearance depending on whether the order of the
operation, S,, is even or odd, order being the number n. A crown of » points,
alternately up and down, is produced for n even, as illustrated for S;. For n
odd there is generated a set of 2z points which form a right n-sided prism, as
shown for S;.

Finally, the operation i is seen to generate from point 0 a second point, 1,
lying on the opposite side of the origin.
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Fig. 1-2. Diagrams showing the effects of symmetry operations on an arbitrary point,
designated 0, thus generating sets of points.

Let us now illustrate the symmetry operations for various familiar mole-
cules as examples. As this is done it will be convenient to employ also the
concept of symmetry elements. A symmetry element is an axis (line), plane
or point about which symmetry operations are performed. The existence of
a certain symmetry operation implies the existence of a corresponding sym-
metry element, while, conversely, the presence of a symmetry element means
that a certain symmetry operation or set of operations is possible.

Consider the ammonia molecule, Fig. 1-3. The three equivalent hydrogen
atoms may be exchanged amongst themselves in two ways: (1) by proper




SYMMETRY AND STRUCTURE 7

-

Fig. 1-3. The ammonia molecule, showing its 3-fold symmetry axis, Cs, and one of its
three planes of symmetry, oy, which passes through H; and N and bisects the H,—H3 line.

rotations; (2) by reflections. The molecule has an axis of 3-fold proper
rotation; this is called a Cy axis. It passes through the N atom and through
the center of the equilateral triangle defined by the H atoms. When the mole-
cule is rotated by 2n/3 in a clockwise direction H; replaces H,, H, replaces
H,, and H; replaces H,. Since the three H atoms are physically indistin-
guishable, the numbering having no physical reality, the molecule after
rotation is indistinguishable from the molecule before rotation. This rota-
tion, called a C, or 3-fold proper rotation, is a symmetry operation. Rota-
tion by 2x2x/3 also produces a configuration different, but physically
indistinguishable, from the original and is likewise a symmetry operation;
it is designated C3. Finally, rotation by 3 x2r/3 carries each H atom all
the way around and returns it to its initial position. This operation, C3, has
the same net effect as performing no operation at all, but for mathematical
reasons has to be considered as an operation generated by the C; axis. This,
and other operations which have no net effect, are called identity operations
and are symbolized by E. Thus, we may write C3=E.

The interchange of hydrogen atoms in NH; by reflections may be carried
out in three ways; that is, there are three planes of symmetry. Each plane
passes through the N atom and one of the H atoms, and bisects the line con-
necting the other two H atoms. Reflection through the symmetry plane con-
taining N and H, interchanges H, and Hj; the other two reflections inter-
change H; with H;, and H; with H,.

Inspection of the NH; molecule shows that no other symmetry operations
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besides these six (three rotations, C;, C3, C3=E, and three reflections,
6, 6;, 63) are possible. Put another way, the only symmetry elements the
molecule possesses are C; and the three planes which we may designate
oy, 02, and o3. Specifically, it will be obvious that no sort of improper
rotation is possible, nor is there a center of symmetry.

As a more complex example, in which all four types of symmetry opera-
tions and elements are represented, let us take the Re,Cl3™ ion, which has
the shape of a square parallepiped or right square prism, Fig. 1-4. This ion
has altogether six axes of proper rotation, of four different kinds. First,
the Re;—Re;, line is an axis of 4-fold proper rotation, C,, and four operations,
C,, Ci, C;, C;=E, may be carried out. This same line is also a C, axis,
generatmg the operation C,. It will be noted that the C2 operation means
rotation by 2 x 2rt/4, which is equivalent to rotation by 27/2, i.e. to the C,
operation. Thus the C, axis and the C, operation are implied by, and not
independent of, the C, axis. There are, however, two other types of C, axis
which exist independently. There are two of the type that passes through
the centers of opposite vertical edges of the prism, C} axes, and two more
which pass through the centers of opposite vertical faces of the prism, CJ axes.

The Re,Cl3~ ion has three different kinds of symmetry plane [see
Fig. 1-4(b)]. There is a unique one which bisects the Re—Re bond and all
the vertical edges of the prism. Since it is customary to define the direction of

_ the highest prioperfaxxs of symmetry, C, in this case, as the vertical direction,

this symmetry plane is horizontal and the subscript 4 is used to identify it,
oy,- There are then two types of vertical symmetry plane, namely, those two
that contain opposite vertical edges, and two others that cut the centers of
opposite vertical faces. One of these two sets may be designated o¢! and
o{?, the v implying that they are vertical. Since those of the second vertical
set bisect the dihedral angles between those of the first set, they are then
designated o{" and ¢, the d standing for dihedral. Both pairs of planes are
vertical and it is actually arbitrary which are labelled ¢, and which Gy

Continuing with Re,CI~, we see that an axis of improper rotation is
present. This is coincident with the C, axis and is an S, axis. The S, opera-
tion about this axis proceeds as follows. The rotational part, through an
angle of 2n/4, in the clockwise direction has the same effect as the C,
operation. When this is coupled with a reflection in the horizontal plane,
6, the following shifts of atoms occur:

Re; — Re, Cl; — Clg Cls — Cl,
Re, = Reg Cl, — Cl, Clg = Cl;
Cls — Clg Cl; —» Cl,
Cly — Cls Clg = Cly

Finally, the Re,CI3~ ion has a center of symmetry, i, and the inversion
operation, i, can be performed.

In the case of Re,Cl§~ the improper axis, S,, might be considered as
merely the inevitable consequence of the existence of the C, axis and the g,
and, indeed, this is a perfectly correct way to look at it. However, it is impor-
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Fig. 1-4. The symmetry elements of the Re,Cl2~ion. (a) The axes of symmetry. (b) One
of each type of plane and the center of symmetry.
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H
(1-11)

tant to emphasize that there are cases in which an improper axis, S,, exists
without independent existence of either C, or g;. Consider, for example,
a tetrahedral molecule as depicted in (1-II), where the methane molecule is
shown inscribed in a cube and Cartesian axes, x, ¥, and z are indicated. Each
of these axes is an S, axis. For example rotation by 2r/4 about z followed by
reflection in the xy plane shifts the H atoms as follows:

H, - H; H; - H,

H, -> H, H, - H,
Note, however, that the Cartesian axes are not C, axes (though they are
C, axes) and the principle planes, viz., xy, xz, yz, are not symmetry planes.
Thus, we have here an example of the existence of the S, axis without
C, or o, having any independent existence. The ethane molecule in its
staggered configuration has an Sy axis and provides another example.

1-2. Symmetry Groups

The complete set of symmetry operations that can be performed on a
molecule is called the symmetry group for that molecule. The word group
is used here, not as a mere synonym for “set” or “collection,” but in a tech-
nical, mathematical sense, and this meaning must first be explained.

Introduction to Multiplying Symmetry Operations. We have already seen
in passing that if a proper rotation, C,, and a horizontal reflection, o, can
be performed, then there is also an operation that results from the combina-
tion of the two which we call the improper rotation, S,. We may say that S,

is the product of C,'and 6,. Noting also that the order in which we perform
o, and C, is immaterial,* we can write:

Cnxch:'ohxcnzsn

This is an algebraic way of expressing the fact that successive application
of the two operations shown has the same effect as applying the third one.
For obvious reasons, it is convenient to speak of the third operation as
being the product obtained by multiplication of the other two.

The above example is not unusual. Quite generally, any two symmetry
operations can be multiplied to give a third. For example, in Fig. 1-2 the
effects of reflections in two mutually perpendicular symmetry planes are
illustrated. It will be seen that one of the reflections carries point 0 to

* This is, however, a special case; in general, order of multiplication matters (see page 13).
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point 1. The other reflection carries point 1 to point 2. Point O can also
be taken to point 2 by way of point 3 if the two reflection operations are
performed in the opposite order. But a moment’s thought will show that a
direct transfer of point 0 to point 2 can be achieved by a C, operation about
the axis defined by the line of intersection of the two planes. If we call the
two reflections ¢(xz) and o(yz) and the rotation C,(z), we can write:

6(xz) x 6(yz) = 6(yz) x 6(xz) = C,(2)
It is also evident that:

6(yz) x C,(2) = C2(2) X 6(yz) = 6(x2)
and 6(x2) x C,(z) = C,(2) x 6(x2) = 6(yz)

It is also worth noting that if any one of these three operations is applied
twice in succession, we get no net result or, in other words, an identity

operation, viz.: o(xz)xo(xz) = E

c(yz)xo(yz) = E
C,z)xCy(z)=E
Introduction to a Group. If we pause here and review what has just been
done with the three operations 6(xz), 6(yz) and C,(z), we see that we have
formed all of the nine possible products. To summarize the results system-
atically, we can arrange them in the annexed tabular form. Note that we have
added seven more multiplications, namely, all those in which the identity
operation, E, is a factor. The results of these are trivial since the product of
any other, non-trivial operation with E must be just the non-trivial operation
itself, as indicated.

E C:(@ 6 (x2) G (yz)

E E C:(2) o (x2) o (yz)

C.(2) C2(2) E 6 (y2) o (x2)

o (xz) 6 (x2) o (yz) E C2(2)
¢ (yz) 6 (yz) 6 (x2) C.(2) E

The set of operations, E, C,(2), 6(xz) and ¢(yz) evidently has the following
four interesting properties:

1. There is one operation, E, the identity, that is the trivial one of making
no change. Its product with any other operation is simply the other operation.

2. There is a definition of how to multiply operations: we apply them
successively. The product of any two is one of the remaining ones. In other
words, this collection of operations is self-sufficient, all of its possible
products being already within itself. This is sometimes called the property
of closure.

3. Each of the operations has an inverse, that is, an operation by which it
may be multiplied to give E as the product. In this case, each operation is its
own inverse, as shown by the occurrence of E in all diagonal positions of
the table.
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4. It can also be shown that if we form a triple product, this may be sub-
divided in any way we like without changing the result, thus:

6(xz) x 6(yz) x C,(z2)

[o(xz) x6(yz)] x C,(2) = C,(2) x C,(2)

6(x2) x [6(yz) x C,(2)] = 6(x2) x 6(x2)
=E

Products which have this property are said to obey the associative law of
multiplication.

The four properties just enumerated are of fundamental importance.
They are the properties—and the only properties—that any <collection of
symmetry operations must have in order to constitute a mathematical group.
Groups consisting of symmetry operations are called symmetry groups or
sometimes point groups. The latter term arises because all of the operations
leave the molecule fixed at a certain point in space. This is in contrast to other
groups of symmetry operations, such as those that may be applied to
crystal structures in which individual molecules move from one location to
another.

The symmetry group we have just been examining is one of the simpler
ones; but nonetheless, an important one. It is represented by the symbol
C,,; the origin of this and other symbols will be discussed below. It is not
an entirely representative group in that it has some properties that are
not necessarily found in other groups. We have already called attention to
one, namely, the fact that each operation in this group is its own inverse; this
is actually true of only three kinds of operation: reflections, two-fold proper
rotations and inversion i. Another special property of the group C,, is that
all multiplications in it are commutative, that is, every multiplication is equal
to the multiplication of the same two operations in the opposite order. It can
be seen that the group multiplication table is symmetrical about its main
diagonal, which is another way of saying that all possible multiplications
commute. In general, multiplication of symmetry operations is not commu-
tative, as subsequent discussion will illustrate.

For another simple, but more general, example of a symmetry group, let
us recall our earlier examination of the ammonia molecule. We were able
to discover six and only six symmetry operations that could be performed on
this molecule. If this is indeed a complete list, they should constitute a group.

‘The easiest way to see if they do is to attempt to write a multiplication table.
This will contain 36 products, some of which we already know how to
write. Thus we know the result of all multiplications involving E, and we

know that: CixCy=C2
C3xCi=C2xC,=E
It will be noted that the second of these statements means that Cj is the

inverse of C3 and vice versa. We also know that E and each of the o’s is
its own inverse. So all operations have inverses, thus satisfying requirement 3.

I
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Fig. 1-5. Pictorial representations of the multiplication of symmetry operations.
(a) Reflection times reflection. (b) Reflection followed by Cs.

To continue, we may next consider the products when one 6, is multiplied
by another. A typical example is shown in Fig. 1-5(a). When point O is
reflected first through o'V and then through ¢, it becomes point 2. But
point 2 can obviously also be reached by a clockwise rotation through 27/3,
that is, by the operation C,. Thus we can write:

cMxo6?® =C,

If, however, we reflect first through ¢'* and then through ‘), point 0
becomes point 4, which can be reached also by C;xC; = C%. Thus, we

write:
P x oM = C}

Clearly, the reflections ¢'* and ¢/* do not commute. The reader should be
able to make the obvious extension of the geometrical arguments just used
to obtain the following additional products.

eVxe® = C3
P xeV = C,
P xe® =C,4
e x e = C3

There remain, now, the products of C; and C3 with ¢V, ¢®, and ¢®.
Fig. 1-5(b) shows a type of geometric construction that yields these pro-
ducts. For example, we can see that the reflection o'V followed by the
rotation C, carries point O to point 2, which could have been reached
directly by the operation ¢'¥. By similar procedures all the remaining
products can be easily determined. The complete multiplication table for this
set of operations is given on page 14.

The successful construction of this table demonstrates that the set of six
operations does indeed form a group. This group is represented by the sym-
bol Cs,. The table shows that its characteristics are more general than those
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of the group C,,. Thus, it contains some operations that are not, as well as
some which are, their own inverse. It also involves a number of multiplica-
tions that are not commutative.

E C3 C% 6(1) 6(2) 0-(3)
E E C, C2 G c® o®
Cs Cs C3 E ¢ o @
3 c3 E C; o® o™ g
G oV G® o E C; C§
o® ¢ ¢® o C§ E Cs
o o® o ¢ C, C§ E

1-3. Some General Rules for Multiplication of Symmetry Operations

In the preceding Section several specific examples of multiplication of
symmetry operations have been worked out. On the basis of this experience,
the following general rules should not be difficult to accept:

1. The product of two proper rotations must be another proper rotation.
Thus, while rotations can be created by combining reflections [recall:
6(xz) X 6(yz) = C,(2)] the reverse is not possible.

2. The product of two reflections in planes meeting at an angle 6 is a rota-
tion by 20 about the axis formed by the line of intersection of the planes
[recall: 6" x 6» = C; for the ammonia molecule].

3. When there is a rotation operation C, and a reflection in a plane con-
taining the axis, there must be altogether n such reflections in a set of »
planes separated by angles of 2z/2n, intersecting along the C, axis
[recall: 6" x C; = 6¢'? for the ammonia molecule].

4. The product of two C, operations about axes that intersect at an angle 0
is a rotation by 20 about an axis perpendicular to the plane containing the
two C, axes.

5. The following pairs of operations always commute:

(@) two rotations about the same axis;

(b) reflections through planes perpendicular to each other;
(¢) the inversion and any other operation;

(d) two C, operations about perpendicular axes;

(¢) C, and o, where the C, axis is vertical.

1-4. A Systematic Listing of Symmetry Groups, with Examples

The symmetry groups to which real molecules may belong are very num-
erous. However, they may be systematically classified by considering how to
build them up using increasingly more elaborate combinations of symmetry
operations. The outline which follows, while neither unique in its approach
nor rigorous in its procedure, affords a practical scheme for use by most
chemists.

The simplest non-trivial groups are those of order 2, that is, those con-
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taining but one operation in addition to E. The additional operation must be
one that is its own inverse, and thus the only groups of order 2 are:

C,: E, o
C;: E, i
C,: E, C,

The symbols for these groups are rather arbitrary, except for C, which, we
shall soon see, forms part of a pattern.

Molecules with C, symmetry are fairly numerous. Examples are the thionyl
halides and sulfoxides (1-III), and secondary amines (1-IV). Molecules
having a center of symmetry as their only symmetry element are quite rare;
two types are shown as (1-V) and (1-VI). The reader should find it very
challenging, though not impossible, to think of others. Molecules of C,
symmetry are fairly common, two examples being (1-VII) and (1-VIIL).

X L
L X X
x//s\o R// ~y xéx M
l
X R L X
(1 (v av)
X Y 7
Y X \o—o/ 8 g
1-vD (1-VII) (1-VIID)

The Uniaxial or C, Groups. These are the groups in which the operations
are all due to the presence of a proper axis as the sole symmetry element.
The general symbol for such a group, and the operations in it, are:

c,:C,,C,C:.C"LC=E
A C, group is thus of order n. We have already mentioned the group C,.

Molecules with pure axial symmetry other than C, are rare. Two examples
of the group Cj are shown in (I-IX) and (1-X).

SRS ZaN
(1-IX) 1-x)

The C,, Groups. If, in addition to a proper axis of order n, there is also
a set of n vertical planes, we have a group of order 2n, designated C,,. This
type of symmetry is found quite frequently and is illustrated in (1-XI) to
(1-XV), where the value of n should in each case be obvious.
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m cl
.
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s 2> F ) ¢
0N Fl . ,
° e F
(1-XI) (1-X1I) (1-XIII)
HC CHy
0
Ni HC o O
(1-X1V) 1-XV)

The C,;, Groups. If, in addition to a proper axis of order n, there is also
a horizontal plane of symmetry, we have a group of order 2n designated
C.- The 2n operations include S” operations which are products of C™ and
o, for n odd, to make the total of 2x. Thus, for C3, the operations are:

C,,C3,C=E

O,
6,XC3=C3x06,=8,
6,x C} = Cixo,=S;]

Molecules of C,, symmetry are relatively rare; two examples are shown in
(1-XVI) and (1-XVII).

(1-XVD) (1-XVID

The D, Groups. When a vertical C, axis is accompanied by a set of n C,
axes perpendicular to it, the group is D,. Molecules of D, symmetry are, in
general, rare, but there is one very important type, namely the trischelates
(1-XVIII) of D; symmetry.

(1-XVIID)
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The D,, Groups. If, to the operations making up a D, group, we add
reflection in a horizontal plane of symmetry, the group D,, is obtained.
It should be noted that products of the type C, x o, will give rise to a set
of reflections in vertical planes. These planes contain the C, axes; this
will be an important point in regard to the distinction between Dy, and D,y
to be mentioned next. D,, symmetry is found in a number of important
molecules, a few of which are benzene (Ds,), ferrocene in an eclipsed con-
figuration (Dsy), Re,Cl2~ which we examined above (Dyy), PtCl:~ (D,,) and
the boron halides (D3,). All right prisms with regular polygons for bases
have some form of D, symmetry, as ilfustrated in (1-XIX) and (1-XX).

——~

(1-XIX) (1-XX)

The D,, Groups. If to the operations making up a D, group we add a
set of vertical planes that bisect the angles between pairs of C, axes (note
the distinction from the vertical planes in D,,) we have a group called D,,;.
The D,, groups have no o,. Perhaps the most celebrated examples of D,,
symmetry are the Dy and Ds, symmetries of ethane and ferrocene in their
staggered configurations (1-XXI) and (1-XXII).

any
N
|

(1-XXI) (1-XXID)

Two comments about the scheme so far outlined may be helpful. The
reader may have wondered why we did not consider the result of adding to
the operations of C, both a set of no,’s and a o,. The answer is that this is
simply another way of getting to D,,, since a set of C, axes is formed along
the lines of intersection of the o), with each of the o,’s. By convention, and
in accord with the symbols used to designate the groups, it is preferable to
proceed as we did. Secondly, in dealing with the D,, type groups, if a
horizontal plane is found, there must be only the n vertical planes containing
the C, axis. If dihedral planes were also present, there would be, in all 2n
planes and hence, as shown above, a principal axis of order 2n, thus vitiating
the assumption of a D, type of group.
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The S, Groups. Our scheme has, so far, overlooked one possibility,
namely, that a molecule might contain an S, axis as its only symmetry ele-
ment (except for others that are directly subservient to it). It can be shown
that, for n odd, the groups of operations arising would actually be those
forming the group C,,. For example, take the operations generated by an

S5 axis: S,
Si=c2
Si= G,
S;=C,
S3
SS =

Comparison with the list of operations in the group C,,, given on page 16,
shows that the two lists are identical.

It is only when 7 is an even number that new groups can arise that are not
already in the scheme. For instance, consider the set of operations generated
by an S, axis:

S,

This set of operations satisfies the four requirements for a group and is not
a set that can be obtained by any procedure previously described. Thus
S4, Se, etc., are new groups. They are distinguished by the fact that they
contain no operation that is not an S’ operation even though it may be
written in another way, as with S2 = C, above.

Note that the group S, is not new. A little thought will show that the
operation S, is identical with the operation i. Hence the group that could be
called S, is the one we have already called C;.

An example of a molecule with S, symmetry is shown in (1-XX111).
Molecules with S, symmetries are not very common.

X\ R
8 N v
R\N h: B‘X I <
\ / AR \N /B
x’E ’:
(1-XXIIT)

Lincar Molecules. There arc only two kinds of symmetry for linear
molecules. There are thosc represented by (1-XX1V) that have identical
ends. Thus, in addition to an infinite-fold rotation axis, C,, coinciding with
the molecular axis, and an infinite number of vertical symmetry planes, they
have a horizontal plane of symmetry and an infinite number of C, axes
perpendicular to C,. The group of these operations is D,. A linear mol-
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ecule with different ends (1-XXV), has only C, and the ¢,’s as sym-
metry elements. The group of operations generated by these is called C,.
A—B—C—B—A A—B—C—D
(1-XX1V) (1-XXV)

1-5. The Groups of Very High Symmetry

The scheme followed in the preceding Section has considered only cases in
which there is a single axis of order equal to or greater than 3. It is possible to
have symmetry groups in which there are several such axes. There are, in
fact, seven such groups, and several of them are of paramount importance.

The Tetrahedron. We consider first a regular tetrahedron. Fig. 1-6 shows
some of the symmetry elements of the tetrahedron, including at least one of
each kind. From this it can be seen that the tetrahedron has altogether
24 symmetry operations, which are as follows:

There are three S, axes, each of which gives rise to the operations
S,, S2=C,, S} and S} = E. Neglecting the S7’s, this makes 3x3 =9.

There are four C; axes, each giving rise to C;, C3 and C3 =E. Again
omitting the identity operations, this makes 4x2 = 8.

There are six reflection planes, only one of which is shown in Fig. 1-6,
giving rise to six ¢, operations.

Cs
S
C3
\
~
N
\\ t—=S
. 23
\
A o
% X 3
1
e Oy

Fig. 1-6. The tetrahedron, showing some of its essential symmetry elements. All S
and C, axes are shown but only one of the six dihedral planes o,.

Thus there are 9+8+6+one identity operation =24 operations. This
group is called Tj. It is worth emphasizing that, despite the considerable
amount of symmetry, there is no inversion center in 7, symmetry. There are,
of course, numerous molecules having full 7, symmetry, such as CH,,
SiF,, ClO;, Ni(CO), and Ir,(CO),,, and many others where the symmetry
is less but approximates to it.

If we remove from the T, group the reflections, it turns out that the S,
and S2 operations are also lost. The remaining 12 operations (E, four C;
operations, four C3 operations and three C, operations) form a group,
designated 7. This group is, in itself, of little importance as it is very rarely,
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if ever, encountered in real molecules. However, if we then add to the opera-
tions in the group 7 a different set of reflections in the three planes defined
so that each one contains two of the C, axes, and work out all products of
operations we get a new group of 24 operations (E, four C,, four CZ,
three C,, three oy, i, four S¢, four S?) denoted T),. This, too, is rare, but has
some importance since it is the symmetry group for certain complexes such
as the hexanitrato complex partly shown in (1-XXVI); for clarity, only three

N —

0

14

‘
0

(1-XXVI)

of the six NO; groups are indicated; one lies in each of the planes shown.
The complete set would be obtained by adding a second one in each plane
opposite to the one already there. The three planes shown are, of course,
the new symmetry planes.

The Octahedron and the Cube. These two bodies have the same elements,
as shown in Fig. 1-7. In this sketch the octahedron is inscribed in a cube;
the centers of the six cube faces form the vertices of the octahedron.
Conversely, the centers of the eight faces of the octahedron form the vertices
of a cube. Fig. 1-7 shows one of cach of the types of symmetry element that

h

Nq\
\r"-"-
7

Cy o,
Fig. 1-7. The octabedron and the cube, showing one of cach of their essential types of
symmetry clement.

these two polyhedra possess. The list of symmetry operations is as follows:
There are three C, axes, each generating C,, C2=C,, C3, C4=E. Thus
there arc 3 x 3 = 9 rotations, excluding C%’s,
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There arc four C, axes giving four Cj's and four T3’s.

There are six C4 axes bisecting opposite edges, giving six C5’s.

There are three planes of the type o, and six of the type g, giving rise to
9 reflection operations.

The C, axes are also S, axes and each of these generates the operations
S,, S2 = C, and S}, the first and last of which are not yet listed, thus adding
3 x 2 =6 more to the list.

The C, axes are also S, axes and each of these generates the new operations
S, S3=i, and S]. The i counts only once, so there are then 4x2+1=9
more new operations.

The entire group thus consists of the identity +9+8+6+9+6+9 =48
operations. This group is denoted O,. It is, of course, a very important type
of symmetry since octahedral molecules (e.g., SF,), octahedral complexes
[Co(NH,)3*, IrCI37] and octahedral interstices in solid arrays are very
common. There is a group O, which consists of only the 24 proper rotations
from O,, but this, like 7, is rarely if ever encountered in Nature.

The Pentagonal Dodecahedron and the Icosahedron. These are shown in
Fig. 1-8. They are related to each other in the same way as are the octahedron

(a) (b}

Fig. 1-8. The two regular polyhedra having f, symmetry. (a) The pentagonal dodeca-
hedron. (b) The icosahedron.

and the cube, the vertices of one defining the face centers of the other and
vice versa. Both have the same symmetry operations, a total of 120! We
shall not list them in detail but merely mention the basic symmetry elements:
six Cs axes; ten Cj axes, 15 C, axes, and 15 planes of symmetry. The group
of 120 operations is designated 1,, and is often called the icosahedral group.
There is as yet no known example of a molecule that is a pentagonal
dodecahedron, but the icosahedron is a key structural unit in boron chem-
istry, occurring in all forms of elemental boron as well as in the By, H}; ion.
If the symmetry planes are omitted, a group called 7 consisting of only
proper rotations remains. This is mentioned purely for the sake of com-
pleteness, since no example of its occurrence in Nature is known.

1-6. Molecular Dissymmetry and Optical Activity

Optical activity, that is, rotation of the plane of polarized light coupled
with unequal absorption of the right- and left-circularly polarized compo-
nents, is a property of a molecule (or an entire three-dimensional array of
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atoms or molecules) that is not superposable on its mirror image. When the
number of molecules of one type exceeds the number of those that are their
non-superposable mirror images, a net optical activity results. To predict
when optical activity will be possible it is necessary to have a criterion to
determine when a molecule and its mirror image will not be identical, that
is, superposabile.

Molecules that are not superposable on their mirror images are called
dissymmetric. This term is preferable to asymmetric since the latter means,
literally, without symmetry, whereas dissymmetric molecules can and often
do possess some symmetry, as will be seen.*

A compact statement of the relation between molecular symmetry proper-
ties and dissymmetric character is: 4 molecule that has no axis of improper
rotation is dissymmetric.

This statement includes and extends the usual one to the effect that optical
isomerism exists when a molecule has neither a plane nor a center of symme-
try. It has already been noted that the inversion operation, i, is equivalent
to the improper rotation S,. Similarly, S, is a correct although unused way
of representing o, since it implies rotation by 27/1, equivalent to no net
rotation, in conjunction with the reflection. Thus ¢ and i are both really
special cases of improper rotations.

However, even when ¢ and i are absent a molecule may still be identical
© with its mirror image if it possesses an S, axis of some higher order. A good
example of this is provided by the (—RNBX—), molecule shown in (1-XXIII).
This molecule has neither a plane nor a center of symmetry, but inspection
shows that it can be superposed on its mirror image. As we have noted,
it belongs to the symmetry group S,.

Dissymmetric molecules either have no symmetry at all, or they belong
to one of the groups consisting only of proper rotation operations, that is the
C, or D, groups. (Groups T, O, and I are, in practice, not encountered,
though molecules in these groups must also be dissymmetric.) Important
examples are the bis-chelate and tris-chelate octahedral complexes (1-VI111),
(1-X), and (1-XVIII).

MOLECULAR SYMMETRY

1-7. Coordination Compounds

Historically it has been customary to treat coordination compounds as a
special class separate from molecular compounds. On the basis of actual fact
only, i.e. neglecting the purely traditional reasons for such a distinction,
there is very little, if indeed any, basis for continuing this dichotomy.

Coordination compounds are conventionally formulated as consisting of

* Dissymmetry is sometimes called chirality, and dissymmetric chiral, from the Greek

word yetp for hand, in view of the left-hand/right-hand relation of molecules that arc
mirror images.
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a central atom or ion surrounded by a set (usually 2 to 9) of other atoms,
ions or small molecules, the latter being called ligands. The resulting conglo-
meration is often called a complex or, if it is charged, a complex ion. The
set of ligands need not consist of several small, independent sets of atoms
(or single atoms) but may involve fairly elaborate arrangements of atoms
connecting those few that are directly bound to—or coordinated to—the
central atom. However, there are many molecular compounds of which the
same description may be given. Consider, for illustration, the following:

SiF, SiFZ~ Cr(CO)s Co(NH)2*

SF¢ PFs Cr(NH;)2* CoClz~

Conventionally the first two are called molecules and five of the other six
are called complexes; Cr(CO)s can be found referred to in either way depend-
ing on the context. Obviously, one basis for the different designations is the
presence or absence of a net charge, only uncharged species being called
molecules. Beyond this, which is really quite a superficial characteristic as
compared with such basic ones as geometric and electronic structures, there
is no logical reason for the division. The essential irrelevancy of the question
of overall charge is well demonstrated by the fact that Pt(NH,),Cl,,
Cu(acac),, CoBr,(PhsP),, and scores of similar compounds are quite nor-
mally called complexes. The molecules are really only complexes which hap-
pen to have a charge of 0 instead of +n or —m. v

Thus SiFZ~, PFg, and SF¢ are isoelectronic and isostructural. While the
character of the bonds from the central atom to fluorine atoms doubtless
varies from one to another, there is no basis for believing that SF4 differs
more from PF; than the latter does from SiFg~.

It might be argued that the terms “complex” or “coordination compound”
should be applied only when the central atom, in some oxidation state, and
the ligands, can be considered to exist independently, under reasonably
normal chemical conditions. Thus Cr®* and NH; would be said to so exist.
However, Cr®* actually exists under normal chemical conditions not as such
but as Cr3*+(aq) which is, in detail, Cr(H,0)3*, another species that would,
itself, be called a complex. Again, in a similar vein, the argument that
PF; and SiF2~ can be considered to consist respectively, of PF;+F~ and
SiF, +2F ~, whereas there is no comparable breakdown of SF is a poor one;
once the set of six fluorine atoms is completed about the central atom, they
become equivalent. The possibility of their having had different origins has
no bearing on the nature of the final complex. '

The terms “coordination compound” and “complex” may therefore be
broadly defined to embrace all species, charged or uncharged, in which a
central atom is surrounded by a set of outer or ligand atoms.

Having thus defined coordination compounds in a comprehensive way,
we can proceed to discuss their structures in terms of only two properties:
(1) coordination number, the number of outer, or ligand, atoms bonded to the
central one, and (2) coordination geometry, the geometric arrangement of
these ligand atoms and the consequent symmetry of the complex. We shall
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consider in detail coordination numbers 2-9, discussing under each the
principal ligand arrangements. Higher coordination numbers will be dis-
cussed only briefly as they occur much Iess frequently.

Coordination Number Two. There are two geometric possibilities, linear
and bent. If the two ligands are identical the general types and their sym-
metries are: linear L—M—1, Dgy; bent L—M—L, C,,. This coordination
number is, of course, found in numerous molecular compounds of divalent
elements, but is relatively uncommon otherwise. In many cases where stoi-
chiometry might imply its occurrence, a higher coordination number actually
occurs because some ligands form “bridges” between two central atoms.
In terms of the more conventional types of coordination compound—
—those with a rather metallic element at the center—it is restricted mainly to
some complexes of Cu!, Ag', Au', and Hg". Such complexes have linear
arrangements of the metal ion and the two ligand atoms, and typical ones are
[CICuCl]™, [H3;NAgNH,]"*, [CIAuCI]™, and [NCHgCN]. The metal atoms
in cations such as [UO,J**, [UO,]*, and [PuO,]**, which are linear,
may also be said to have coordination number 2, but these oxo cations
interact fairly strongly with additional ligands and their actual coordination
numbers are much higher; it is true, however, that the central atoms have a
specially strong affinity for the two oxygen atoms. Linear coordination also
occurs in the several trihalide ions, such as I3, CIBrCl™, etc.

Coordination Number Three. The two most symmetrical arrangements
are planar (1-XXVII) and pyramidal (1-XXVIII), with D, and C5, symmetry,
respectively. Both these arrangements are found often among molecules
formed by trivalent central elements. Among complexes of the metallic
elements this is a rare coordination number; nearly all compounds or com-
plexes of metal cations with stoichiometry MX, have structures in which
sharing of ligands leads to a coordination for M that exceeds 3. There are,
however, a few exceptions such as the planar Hgls ion which occurs
in [(CH;),S™][Hgl;], the MN; groups which occur in Cr(NR,),
and Fe(NR,);' where R =(CH,),Si, and the CuS; groups found in
Cu[SC(NH,),],CI? and Cu(SPPh;),CIO, .3

In a few cases, e.g., CIF; and BrF;, a T-shaped form (1-XXIX) of 3-coor-
dination (symmetry C,,) is found.

B A
7 1N\ —A—p
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Coordination Number Four. This is a highly important coordination
number, occurring in hundreds of thousands of compounds, including,
inter alia, most of those formed by the clement carbon, essentially all those

! D. C. Bradley er al., Chem. Comm., 1969, 14; 1970, 1715.
2 W. A. Spofford and E. L. Amma, Chem. Comm., 1968, 405,
3 P. G. Eller and P. W. R, Corfield, Chem. Comm., 1971, 105.
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formed by silicon, germaniuin and tin, and many compounds and complexes
of other elements. There are three principal geometries. By far the most
prevalent is tetrahedral geometry (1-XXX), which has symmetry 7,; when
ideal. Tetrahedral complexes or molecules are practically the only kind of
four-coordinate ones formed by non-transition elements; whenever the
central atom has no electrons in its valence shell orbitals except the four pairs
forming the ¢ bonds to ligands, these bonds are disposed in a tetrahedral
fashion. With many transition-metal complexes, square geometry (1-XXXI)

B B 8 B
\A/ B \A/ @__l/ B
a/ ™~ N é\B
(1-XXX) (1-XXX1) (1-XXXII)

occurs because of the presence of additional valence-shell electrons and orbit-
als (i.e. partially filled d orbitals), although there are also many tetrahedral
complexes formed by the transition metals. In some cases, e.g., with Ni'l,
Co" and Cu in particular, there may be only a small difference in stability
between the tetrahedral and the square arrangement and rapid interconver-
sions may occur (page 40).

Square complexes are also found with non-transitional central atoms when
there are two electron pairs present beyond the four used in bonding; these
two pairs lie above and below the plane of the molecule. Examples are
XeF, and (ICls),. Similarly, when there is one “extra” electron pair, as in
SF,, the irregular arrangement, of symmetry C,, (1-XXXII), is adopted.
More detailed discussions of these non-transition element structures will be
found in Chapter 4.

Coordination Number Five. Though less common than numbers 4 and 6,
this is still very important.* There are two principal geometries and these
may be conveniently designated by stating the polyhedra that are defined by
the set of ligand atoms. In one case the ligand atoms lie at the vertices of a
trigonal bipyramid (tbp) (1-XXXIII), and in the other at the vertices of a
square pyramid (spy) (1-XXXIV). The #bp belongs to the symmetry group
D,,; the spy belongs to the group D,,. It is interesting and highly important
that these two structures are similar enough to be interconverted without

B
7N
AN
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N 2ae /// 4
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4+ A comprehensive, general review is given by E. L. Muetterties and R. A. Schunn,
Quart. Rev., 1966, 20, 245.
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great difficulty, and for most real cases they are of similar thermodynamic
stability. This is the basis for one of the most prominent types of stereo-
chemical non-rigidity, as will be explained in Section 1-9.

The similar energy of the two structures is rather dramatically illustrated
by the occurrence of both forms of Ni(CN)3~ in the same crystalline
compound (cf. Sect. 25-G-2).

A large fraction of the known 5-coordinate species have structures that
are appreciably distorted from one or other of the two prototype structures;
in some cases the distortion is such that it becomes uncertain which of the
two ought to be taken as the idealized geometry. This ready deformability is
characteristic of 5-coordination and closely connected with the dynamic
stereochemical non-rigidity so prevalent among these structures.

Coordination Number Six. This is perhaps the most common coordination
number, and the six ligands almost invariably lie at the vertices of an
octahedron or a distorted octahedron. The very high symmetry, group 0,,
of the regular octahedron, has been discussed in detail on page 20.

There are three principal forms of distortion of the octahedron. One is
tetragonal, elongation or contraction along a single C, axis; the resultant
symmetry is only Dg;,. Another is rhombic, changes in the lengths of two of
the C, axes so that no two are equal; the symmetry is then only D,,. The
third is a trigonal distortion, elongation or contraction along one of the
C; axes so that the symmetry is reduced to D;,. These three distortions are
illustrated in Fig. 1-9.

The tetragonal distortion most commonly involves an elongation of one
C, axis and, in the limit, two trans ligands are lost completely, leaving a
square, four-coordinated complex. The trigonal distortion transforms the
octahedron into a trigonal antiprism.

Another type of 6-coordinate geometry, which is very rare, is that in which
the ligands lie at the vertices of a trigonal prism (1I-XIX); the symmetry (as
noted, page 17) is D,,. This was first discovered in MoS, and WS, many
years ago, but only very recently have further examples been encountered.
Some cxamples are the coordination of the Nb and Ta ions in MNDb;S; and
MTa;S; (M = Mn, Fe, Co, or Ni),® several complexes of M(S,C,R,); type,
the central Co! in {[Co(OCHZCHzNH2)3]C0[Co(OCHZCHZNH2)3]}2+,
which is coordinated by six oxygen atoms,” and a few cases®*® in which there
are rigid polydentate ligands especially designed to encapsulate the metal
ion in a coordination environment of this geometry. There is at least one case
where octahedral geometry is distorted by rotation of one triangular face
relative to the opposite one part way from the antiprismatic toward the
prismatic configuration, namely, Fe(S,CNBu?), .10

$J. M. van den Berg and P. Cossee, Inorg. Chim. Acta, 1968, 2, 143,

$ R. Eisenberg and J. A. Ibers, J. Amer. Chem. Soc., 1965, 87, 3776.

7J. A. Bertrand, J. A. Kelly and E. G. Vassian, J. Amer, Chem. Soc., 1969, 91, 2394,
8 W. O. Gillum et al., Chem. Comm., 1969, 843,

2J. BE. Parks, B. E. Wagner and R. H. Holm, J. Amer. Chem. Soc., 1970, 92, 3500.
10 B. F. Hoskins and B. P. Kelly, Chem. Comm., 1968, 1517.
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sd 3, Tetrahedral
(5, Ay Gz + O2x )
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Fig. 1-9. Sketches showing the three principal types of distortion found in real octahedral
complexes.

Coordination Number Seven.!! Three geometrical arrangements are
known. The most regular is the pentagonal bipyramid (Ds,), which is found
in [UO,FsP*~, as shown in (1-XXXV), and in [UF,?~, [ZrF,)*", and
[HfF,]*~. The second arrangement, of C,, symmetry, that can be considered
to result from addition of a seventh atom at the center of one face of an
octahedron, which is distorted mainly by the spreading apart of the three
atoms defining this face, has been found in one modification of the lanthanide
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(1-XXXV) (1-XXXVD)
11 g, L. Muetterties and C. M. Wright, Quart. Rev., 1967, 21, 109.
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oxides, M,0j;, and in [NbOF¢]* ™. The third arrangement, which occurs in
[NbF,]*~ and [TaF,]*>~ ions, is derived by inserting a seventh atom above
the center of one of the rectangular faces of a trigonal prism, as shown in
(1-XXXVI).

Coordination Number Eight.!'*'? 1t is conceptually convenient to begin
with' the most symmetrical polyhedron having eight vertices, namely, the
cube, which has O, symmetry. Cubic coordination occurs only rarely in
discrete complexes (namely, in the octafluoro anions in the compounds
Na3;MFg, M =Pa, U or Np'?), although it occurs in various solid com-
pounds where the anions form continuous arrays, as in the CsCl structure.
Its occurrence is infrequent presumably because there are several ways in
which the cube may be distorted so as to lessen repulsions between the X
atoms while maintaining good M—X interactions.

The two principal ways in which the cube may become distorted are shown
in Fig. 1-10. The first of these, rotation of one square face by 45° relative to
the one opposite to it, clearly lessens repulsions between non-bonded atoms
while leaving M—X distances unaltered. The resulting polyhedron is the
square antiprism (symmetry Dy,). It has square top and bottom and eight
isosceles triangles for its vertical faces. The second distortion shown can be
best comprehended by recognizing that the cube is composed of two inter-
penetrating tetrahedra. The distortion occurs when the vertices of one of
these tetrahedra are displaced so as to decrease the two vertical angles,
that is, to elongate the tetrahedron, while the vertices of the other one are
displaced to produce a flattened tetrahedron. The resulting polyhedron is
called a dodecahedron, or more specifically, to distinguish it from several

i - ’
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Fig. 1-10. The two most important ways of distorting the cube: (a) to produce a square

antiprism; (b) to produce a dodecahedron.
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2.8, ). Lippard, Progr. Inorg. Chem., 1967, 8, 109,
13 D. Brown, J. F. Eascy and C. E. F. Rickard, J. Chem. Soc., 4, 1969, 1161.
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other kinds of dodecahedron, a triangulated dodecahedron. it has D,,
symmetry and it is important to note that its vertices are not all equivalent
but are divided into two bisphenoidal sets, those within each set being equiv-
alent.

Detailed analysis of the energetics of M—X and X—X interactions suggests
that there will in general be little difference between the energies of the square
antiprism and the dodecahedral arrangement, unless other factors, such as
the existence of chelate rings, energies of partially filled inner shells, excep-
tional opportunities for orbital hydridization or the like, come into play.
Both arrangements occur quite commonly, and in some cases, e.g., the
M(CN)3™ (M =Mo or W; n=3 or 4) ions, the geometry varies from one
kind to the other with changes in the counter-ion in crystalline salts'* and on
changing from crystalline to solution phases.'?

A form of eight-coordination, which is a variant of the dodecahedral
arrangement, is found in several compounds containing bidentate ligands in
which the two coordinated atoms are very close together (ligands said to
have a small “bite”), such as NO3 and O3~. In these, the close pairs of
ligand atoms lie on the m edges of the dodecahedron [see Fig. 1-10(b)];
these edges are then very short. Examples of this are the Cr(0,);~ and
Co(NO,)2™ ions and the Ti(NO;), molecule.

Three other forms of octacoordination, which occur much less often and
are essentially restricted to actinide and lanthanide compounds, are the
hexagonal bipyramid (Dg;) (1-XXXVII), the bicapped trigonal prism (D)
(1-XXXVIII), and the bicapped trigonal antiprism (D3,) (1-XXXIX). The
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hexagonal bipyramid is restricted almost entirely to the oxo ions, where an
OMO group defines the axis of the bipyramid, though it is occasionally
found elsewhere.'®

Coordination Number Nine. There is only one symmetrical arrangement
that occurs with regularity for this coordination number. It is derived from a
trigonal prism by placing the three additional atoms outside the centers of
the three vertical faces, as shown in Fig. 1-11; it retains the D, symmetry
of the trigonal prism. Among the compounds in which this arrangement
14 g, §. Basson, L. D. C. Bok, and J. G. Leipoldt, Acta Cryst., 1970, B, 26, 1209.

15 R, V. Parish et al., J. Chem. Soc., A, 1968, 2883.
16 C. D. Garner and S. C. Wallwork, J. Chem. Soc., 4, 1970, 3092.
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€. 2

Fig. 1-11. The structure of many 9-coordinate complexes.

occurs are La(OH);, UCl;, PbCl,, hydrated lanthanide compounds such
as Nd(BrO;);-9H,0, certain hydrated salts of Sr?* and the [ReH ]~ jon.

Higher Coordination Numbers.'' These can occur only in compounds of
the largest, heaviest atoms. The geometry is usually irregular, although in
only a relatively few cases are diffraction data available.

Coordination number 10 has been demonstrated in [La(EDTA) (H,0),]
and presumably occurs in various complexes of Th and U, such as the
tropolone complexes [M(0,C,H;)s]". A bicapped square antiprismatic
arrangement has been found in K,Th(0,CCO,), 4H,0.17

Coordination number 11 has been observed for Th in Th(NO3),-5H,0,
and coordination number 12 is found in several compounds where 2 large
cation is coordinated by a set of oxo anions each supplying several oxygen
atoms. This happens, for example, in several hexanitrato species, M(NO,),
where each nitrate ion is bidentate and the 12 oxygen atoms then form a
distorted icosahedron. The Ba®* ion often has a high coordination number
in salts with complex anions. For example, in BaSiFs and BaGeF, each
barium ion is surrounded by 12 nearly equidistant fluorine atoms. In the
perovskite structure (Fig. 2-5), the barium ion is 12-coordinate.

1-8. Cage and Cluster Structures

The formation of polyhedral cages and clusters has only recently been
recognized as an important and widespread phenomenon, but discoverjes
in this field have been frequent in the last decade and examples may now be
found in nearly all parts of the Periodic Table. In this Section each of the
principal polyhedra will be mentioned and illustrations given. Further
details may be found under the chemistry of the particular elements and in
the sections on metal-atom clusters (Sect. 19-11) and polynuclear metal car-
bonyls (Sect. 22-3).

A cage or cluster is in a certain sense the antithesis of a complex and yet
there are many similarities due to common symmetry properties. In each

17 M. N. Akhtar and A. J. Smith, Chem. Comin., 1969, 705.
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type of structure a set of atoms defines the vertices of a polyhedron, but in
the one case—the complex—these atoms are each bound to one central
atom and not to each other, while in the other—the cage or cluster—there
is no central atom and the essential feature is a system of bonds connecting
each atom directly to its neighbors in the polyhedron.

The principal polybedra found in cages and clusters are in many cases
the same as those in coordination compounds, e. g., the tetrahedron, trigonal
bipyramid, octahedron, and tricapped trigonal prism. However, there are
cages, especially those formed by boron and carbon, that have a larger
aumber of vertices than do most coordination polyhedra. We omit here tri-
angular clusters since these are not truly polyhedral although in fact some
of these, e.g., those in ResCl};, Os3(CO)y,, are not essentially different
from such truly polyhedral species as, say, (MogCle)*t and Ir,(CO),,.

Just as all ligand atoms in a set need not be identical, so the atoms making
up a cage or cluster may be different; indeed, to exclude species made up of
more than one type of atom would be to exclude the majority of cages and
clusters, including some of the most interesting and important ones.

Four Vertices. Tetrahedral cages or clusters have long been known for
the P,, As,, and Sb, molecules and in more recent years have been
found in polynuclear metal carbonyls such as Co4(CO),,, Iry(CO)y,,
[#°-CsHsFe(CO)l,,* RSiCo3(CO), Fe,(CO)?5, Niy(CO)s(PR;),, and a
number of others. B,Cl, is another well-known example and doubtless
many more will be encountered.

Five Vertices. Polyhedra with five vertices are the trigonal bipyramid
(thp) and the square pyramid (spy). Both are found among the boranes and
carboranes, e.g., the thp in B;C,H; and the spy in BsH,, as well as among
the transition elements. Examples of the latter are the tbp cluster, Pt;Sn,,
in (CgH,,)3Pt3(SnCly), and the spy clusters in Fes(CO),sC (1-XL) and the
Fe,;(CO)oE, (E =S or Se) species (1-XLI). The central arrangement of two
metal atoms and three bridging atoms in the confacial bioctahedron,
(1-XLII) provides a fairly common example of a thp.
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* 5 is a symbol denoting the number of atoms (5 C) involved in m-bonding to the
metal (Chap. 23).
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Six Vertices. Octahedral clusters and cages are almost the only six-fold
type found, and are, indeed, rather numerous. There are several octahedral
polynuclear metal carbonyls, such as Rhy(CO),6 and [Cog(CO),,])*~, and
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the extensive series of metal-atom cluster compounds formed by Nb, Ta,
Mo and W are all based on octahedral sets of metal atoms, the principal
types being of M¢Xg (1-XLII) and M¢Xy, (1-XLIV) stoichiometry. The
BgHZ™ and B,C;H, species are also octahedral. The borane BgH,,,
however, has a pentagonal pyramid of boron atoms. Bg octahedra also occur
in the class of borides of general formula MBg.

Seven Vertices. Polyhedra with seven vertices are rare. The B;H3™ ion
and BsC,H are examples and presumably have a pentagonal bipyramidal
(Ds;) structure. The stable form of the compound Fe;(CO)g(PhC), also
contains this polyhedron, with iron atoms at both axial and one of the equa-
torial positions, as shown in the partial structure (1-XLV). The P,S; mole-
cule has structure (1-XLVI), which is a kind of cage but cannot be described
as a simple polyhedron since the sulfur atoms are not bonded to one another.

Fe

N L [
(1-XLV) (1-XLVI)

Eight Vertices. Eight-atom polyhedral structures are very numerous. By far
the most common polyhedron is the cube; this is in direct contrast to the
situation with 8-fold coordination where a cubic arrangement of ligands is
extremely rare because it is disfavored relative to the square antiprism and
the triangulated dodecahedron in which ligand-ligand contacts are reduced.
In the case of a cage compound, of course, it is the structure in which contacts
between atoms are maximized that will tend to be favored (provided good
bond angles can be maintained) since bonding rather than repulsive inter-
actions exist between neighboring atoms.

The only known cases with eight /ike atoms in a cubic array are the hydro-
carbon cubane,CyHg,and the Cug(-MNT)¢ " ion*82[;-MNT = S,CC(CN)3;"].
The other cubic systems all involve two different species of atom which
alternate as shown in (1-XLVIID). In all cases either the A atoms or the

/

—B

(1-XLVI)

18a J, P, Fackler et al., J. Amer. Chem. Soc., 1968, 90, 7357.
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B atoms or both have appended atoms or groups. In the annexed list are
collected some of the many*®® ! cube species, the elements at the alternate
vertices of the cube being given in bold type.

A (and appended groups) B (and appended groups)
Mn(CO), SEt

0s(CO); (0]

PtMe; or PtEt; Cl, Br, I, OH
CH3Zn OCH;

Tl OCH,;
h*-CsHsFe S

Me;AsCu I

PhAl NPh
Co(CO)3 Sb
Ni(EtOH)[CcHsO(CH,0)] OCH;

While the polyhedron in cubane, or in any other (AR) molecule, has the
full 0, symmetry of a cube, the A B -type structures can have at best
tetrahedral, T, symmetry since they consist of two interpenetrating tetra-
hedra.

It must also be noted that only when the two interpenetrating tetrahedra
happen to be exactly the same size will all the ABA and BAB angles be equal
to 90°. Since the A and the B atoms differ it is not in general to be expected
that this will occur. In fact, there is, in principle, a whole range of bonding
possibilities. At one extreme, represented by [(115-C5H5)Fe(CO)]4 one set
of atoms (the Fe atoms) are so close together that they must be considered
as directly bonded, while the other set (the C atoms of the CO groups) are
not at all bonded among themselves but only to those in the first set. In this
extreme, it seems best to classify the system as having a tetrahedral cluster
(of Fe atoms) supplemented by bridging CO groups. This is indeed what we
have done (see page 31). At the other extreme are those A,B, systems in
which all A—A and B—B distances are too long to admit of significant A—A
or B—B bonding, and thus the system can be regarded as genuinely cubic
(even if the angles differ somewhat from 90°). This is true of all the systems
listed above. However, the atoms in the smaller of the two tetrahedra will
have some degree of direct interaction with one another and there is some
evidence from Raman spectroscopy on species such as Pb,(OH)$* to suggest
that direct though very weak metal—metal bonding does occur.2°

A relatively few species are known in which the polyhedron is, at least
approximately, a triangulated dodecahedron [Fig. 1-10(b)]. These are the
boron species BgHE ™, B¢C,Hy, and ByClg. The S,N, and As,S, molecules
(1-XLVIII) are perhaps transitional between simple cyclic compounds and
cages since the S—S, N—N, and As—As distances are relatively long though
too short to be mere non-bonded contacts.

18R, S, Nyholm, M. R. Truter and C. W. Bradford, Nature, 1970, 228, 648,
12 A, S. Foust and L. F. Dahl, J. Amer. Chem. Soc., 1970, 92, 7337.
20 T, G. Spiro, Progr. Inorg. Chem., 1970, 11, 1.
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A

S,; A=As, B=S

%74
(1-XLVIII)

Nine Vertices. Cages and polyhedra with nine vertices are known but are
not numerous. Representatives are the Bi3* ion which occurs in Bi,;Cl,s,
and the BoH2™ and B,C,H, species; in all three the structure is that of a
trigonal prism capped on its rectangular faces (Fig. 1-11), the most common
geometry also for 9-coordinate complexes.

Ten Vertices. Species with ten vertices are well-known. In B, H3; and
BC,H,, the polyhedron (1-XLIX) is a square antiprism capped on the
square faces (symmetry D,,). But there is a far commoner structure for

(1-XLIX)

10-atom cages which is commonly called the adamantane structure after the
hydrocarbon, adamantane, CyoH s, which has this structure; it is depicted
in (1-L): it consists of two subsets of atoms: a set of four (A) which lie at the
vertices of a tetrahedron and a set of six (B) which lie at the vertices of an
octahedron; the entire assemblage has the T, symmetry of the tetrahedron.
From other. points of view it may be regarded as a tetrahedron with a bridging
atom over each edge or as an octahedron with a triply bridging atom over an
alternating set of four of the eight triangular faces. Two of the most familiar
examples of this structure are provided by P,Os and hexamethylenetetr-
amine, (CH,)¢N,. Additional ones are (CH;S1),S¢ and (CH;N)gAs, . Here
again, as with the cubic A,B, structure, the symmetry alone does not entirely
define the structure. It is possible that the tetrahedral set of atoms may be so
compact and closely bonded to each other that the situation is better
regarded as a tetrahedral A, cluster with a bridging B across each edge as
in the case of Niy(CO)¢(PR;), mentioned above where strong Ni—Ni bonds
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exist and the CO groups merely supplement this as bridges over each edge;
the PRy groups are attached externally, one to each Ni atom.

Eleven Vertices. Perhaps the only known eleven-atom cages are B, H?T
and B,C,H,,.

Twelve Vertices. Twelve-atom cages are not widespread but play a
dominant role in boron chemistry. The most highly symmetrical arrangement
is the icosahedron [Fig. 1-8(b)], which has 12 equivalent vertices and 7,
symmetry. Icosahedra of boron atoms occur in all forms of elemental boron,
in B;,H?%; and in the numerous carboranes of the B 10C2H, type. A related
polyhedron, the cuboctahedron (1-LI) is found in several borides of stoi-
chiometry MB;,. As shown on page 249, the icosahedron and cubocta-
hedron have a rather close relationship.

%
S

(1-LD)
1-9. Stereochemical Non-rigidity

Most molecules have a single, well-defined nuclear configuration. The
atoms execute more-or-less harmonic vibrations about their equilibrinm
positions, but in other respects the structures may be considered rigid. There
are, however, a significant number of cases in which molecular vibrations or
intramolecular rearrangements carry a molecule from one nuclear configu-
ration into another. When such processes occur at a rate such that they
can be detected by at least some physical or chemical method, the molecules
are designated as stereochemically non-rigid. In some cases the two or more
configurations are not chemically equivalent and the process of interconver-
sion is called isomerization or tautomerization. In other cases the two or more
configurations are chemically equivalent, and this type of stereochemically
non-rigid molecule is called fluxional,

The rearrangement processes involved in stereochemically non-rigid mole-
cules are of particular interest when they take place rapidly, although there is
a continuous gradation of rates and no uniquely defined line of demarcation
can be said to exist between “fast” and “slow” processes. The question of
the speed of rearrangement most often derives its significance when con-
sidered in relation to the time scale of the various physical methods of
studying molecular structure. In some of these methods, such as electronic
and vibrational spectroscopy and gas-phase electron diffraction, the act of
observation of a given molecule is completed in such an extremely short
time (< 107! sec) that processes of rearrangement may seldom if ever be
fast enough to influence the results. Thus, for a fluxional molecule, where all
configurations are equivalent, there will be nothing in the observations to
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indicate the fluxional character. For interconverting tautomcers, the two
(or more) tautomers will each be registered independently and there will be
nothing in the observations to show that they are interconverting.

It is the technique of nmr spectroscopy that most commonly reveals the
occurrence of stereochemical non-rigidity since its time scale is typically in
the range of 1072 to 107° sec. The rearrangements involved in stereochem-
ically non-rigid behavior are rate processes with activation energies. When
these activation energies are in the range 25-100 kJ mol~! the rates of the
rearrangements can be brought into the range of 10%-10° sec™! at tempera-
tures in the range + 150° to —150°C. Thus by proper choice of temperature,
many such rearrangements can be controlled so that they are slow enough at
lower temperatures to allow detection of individual molecules, or environ-
ments within the molecules, and rapid enough at higher temperatures for
the signals from the different molecules or environments to be averaged
into a single line at the mean position. Thus by studying nmr spectra over
a suitable temperature range, the rearrangement processes can be examined
in much detail.

An example of this type of study of interconverting tautomers is provided
by the system?! of cis- and trans-isomers of (h5-C5Hs),Fe,(CO),. The

@ AN — @Fe/g\Fe/ ’
C/\8/\C ~-~ c/\‘é/ \

cis trans

protons of the cyclopentadienyl rings appear at different positions for the
two isomers and the activation energy is about 50 kJ mol™ !, Hence, at —70°
the rate of interconversion is only about 8 X 1072 sec™! and each isomer
exhibits its own separate proton resonance signal, while at room tempera-
ture, where the rate of interconversion is about 4 x 10° sec™ 1. the resonances
from both molecules are found in one sharp signal at the mean position.
At intermediate temperatures the separate signals broaden and collapse into
the single peak as shown in Fig. 1-12.

An example of a fluxional molecule in which the averaging of two different
nuclear environments occurs as the result of intramolecular rearrangement
is provided®? by (CsHs),Ti, which has the structure (1-LII). Even at a
temperature as low as —30° the five protons in the b and b’ rings are indis-
tinguishable owing to a rapid internal rotation which is characteristic of
rings bonded in this way to metal atoms (see Chap. 23). Thus, at —30°
there are, effectively, two types of proton in the molecule, ten of one kind in
the a and a’ rings and ten of a second kind in the b and b’ rings, and the

21 3, G. Bullitt, F. A. Cotton and T. J. Marks, J. Amer. Chem. Soc., 1970, 92, 2155.
22 3 1. Calderon ef al., J. Amer. Chem. Soc., 1970, 92, 3801.
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Fig. 1-12. The proton nmr spectra of the system cis-

and trans-[h*-CsH 5) Fe(CO),],
at several temperatures.
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rate at which these two ring types interchange their roles is slow enough for
two separate, sharp signals to be observed. As the temperature is raised,
a process in which rings of types a and b exchange roles becomes more and
more rapid and eventually rapid enough for the two types of proton
environment to be no longer distinguishable in the nmr experiment, as shown
in Fig. 1-13. By detailed analysis of the spectra shown in Fig. 1-13 it is possi-
ble to show that the fluxional behavior is described by a unimolecular rate
constant k given by k= Ae F/RT with 4= 1013505 and E,=67.4+
+1.2kImol™ .

62°
36°

26°

-30°

; i
—+— +

40 50

Fig. 1-13. The proton nmr spectra of (CsHs)4Ti at several temperatures. The inter-
mediate spectra were run at higher gain. The peak marked X is due to an impurity.
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One of the commonest (Fig. 1-14) types of fluxional behavior is the inver-
sion of pyramidal molecules.?® In the cases of NH, and other simple non-
cyclic amines the activation energies, which are equal to the difference
between the energies of the pyramidal ground configurations and the planar
transition states, are quite low (24-30 kJ mol ™) and the rates of inversion
extremely high, e.g., 2.4 x 10° sec™! for NH,. Actually, in the case of NH,
the inversion occurs mainly by quantum-mechanical tunnelling through the
barrier rather than by passage over it. In most cases, however, passage over a
barrier, that is, a normal activated rate process is operative. With phosphines,
arsines, R;S* and R,SO species the barriers are much higher (>100kJ
mol~!) and inversions are slow enough to allow separation of enantiomers
in cases such as RR’R"P and RR’SO.

e i z’,lx{ x]‘\
Y\—!—-W - Y“'(: - w/—'-\Y
27 RN Y \

Z y ol

Fig. 1-14. The inversion of a pyramidal molecule WXYZ. Note that if X, Y and Z are
all different the invertomers are enantiomorphous.

Among 4-coordinate transition-metal complexes fluxional behavior based
on planar-tetrahedral interconversions is of considerable importance, This is
especially true of nickel(r) complexes?* where planar complexes of the type
Ni(R3P),X, have been shown to undergo planar = tetrahedral rearrange-
ments with activation energies of about 45 kJ mol ™! and rates of ~ 10° sec™!
at about room temperature.

Trigonal-bipyramidal Molecules. A class of fluxional molecules of great
importance are those with a trigonal-bipyramidal (tbp) configuration.
Because of their importance and the great amount of information on them,
they will be discussed here at some length. When all five appended groups
are identical single atoms, as in AB, the symmetry of the molecule is D,,.
The two apical atoms, B, and B, [Fig. 1-15(a)] are equivalent but distinct from
the three equatorial atoms, B;, B,, By, which are equivalent among them-
selves. Experiments, such as measurement of nmr spectra of B nuclei, which
can sense directly the kind of environmental difference represented by B,,
B, vs. B3, By, By, should, in general, indicate the presence of two sorts of

B

B 1 B
I A 2
B, 774 //
8/7 4 83._ k B l
3\\/ . \\*/ s ¢ 3\§
| B B,
3 2 85
{a) (b) (c)

Fig. 1-15. The thp-spy-tbp interconversion, the so-called Berry mechanism or pseudo-
rotation for 5-coordinate molecules.

23 A. Rauk, L. C. Allen and K. Mislow, Angew. Chem. Internat., Edn., 1970, 9, 400.
24 L. H. Pignolet, W. DeW. Horrocks, Jr., and R. H. Holm, J. Amer. Chem. Soc., 1970,
92, 1855.
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in thp molecules. In many cases, e.g., the 13C spectrum of Fe(CO)s,
and the *'P spectrum of PF 5 (to name the two cases where such observations
were first made), all five B nuclei appear to be equivalent in the nmr spectrum,
even though other experimental data with a shorter time scale, such as dif-
fraction experiments and vibrational spectroscopy, confirm the tbp structure.

The accepted explanation for these surprising observations was first
suggested by R. S. Berry in 1960 and has been extensively tested by experi-
ment.25 As noted above (page 26), the tbp and spy configurations probably
differ little in energy in most cases. Berry pointed out that they can also be
interconverted by relatively small and simple angle-deformation motions and
that in this way axial and equatorial vertices of the bp may be interchanged.
Fig. 1-15 shows the “Berry mechanism” for this interchange. The spy inter-
mediate(b) is reached by simultaneous closing of the B; AB, angle from 180°
and opening of the B,AB; angle from 120° so that both attain the same inter-
mediate value, thus giving a square set of atoms B,, B,, By, Bs, all equiva-
lent to each other. This spy configuration may then return to a thp configu-
ration in either of two ways, one of which simply recovers the original while
the other, as shown, places the erstwhile axial atoms, B, B,, in equatorial
positions and the erstwhile equatorial atoms, By, B, in the axial positions.
Note that B, remains an equatorial atom and also that the molecule after
the interchange is, effectively, rotated by 90° about the A—B; axis. Because
of this apparent, but not real, rotation the Berry mechanism is often called a
pseudorotation and the atom B, is called the pivot atom. Of course, the
process can be repeated with B, or Bs as the pivot atom, so that B; too will
change to an axial position.

If a random series of these pseudorotations occurs rapidly enough, say
one every 10~ % sec, the B atoms will be moving from one environment to the
other so rapidly that they will be “seen” in a conventional nmr experiment as
being all in one and the same environment; this is because the characteristic
time for the nmr observation, under normal conditions, is many times greater
than each individual period of residence of a nucleus at a single vertex.

Because the rearrangement of a trigonal bipyramid is so widely important,
it is useful to have a graphical representation of how the various permuta-
tions of vertex atoms are interrelated by the relevant pathway for rearrange-
ment, which is assumed to be the Berry mechanism or pseudorotation just
discussed. Necessary but not sufficient criteria for defining such a graph are:

1. There must be 20 discrete points, since there are 20 distinct permuta-
tions* of atoms 1, 2, 3, 4, 5 over the five vertices of the tbp.

25 G. M. Whitesides and H. L. Mitchell, J. Amer. Chem. Soc., 1969, 91, 4115; R.

R. Holmes, R. M. Deiters and J. A. Golen, Inorg. Chem., 1969, 9, 2612.

* The number 20 is obtained thus: The toral number of permutations of the 5 atoms
is 5x4x3x2x1=120. However, these may be grouped into sub-sets, each consisting
of those that can be interchanged by proper rotations of the tbp; those in such a set are not
“different” in a physically meaningful sense. The proper rotational symmetry operations
for the tbp are Cs, C?,C3, =E, C,, C;, Ci. Thus each sub-set consists of six per-

mutations. Therefore only 120/6 =20 are truly «different” ones. This type of argument
a perfectly general one.
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2. There must be 30 lines, each representing one pseudorotation and each
connecting a pair of points, since each pseudorotation converts any given
permutation uniquely into one other one.

3. Three such lines must radiate from each point since there are three
different ways to chose the “pivot bond” in executing the pseudorotation.

In addition to these requirements, a correct graph must also meet addi-
tional criteria as to the sequence in which one may proceed from one
permutation to others not obtainable from it in a single pseudorotation.
No simple polyhedron in three-dimensional space can meet all/ requirements ;*
and thus more complex graphs, that can be regarded as projections of regular
polyhedra in higher-dimensional space on three-dimensional space, must be
invoked. One that seems particularly useful is shown in Fig. 1-16. It will be

Fig. 1-16. A graph representing the 20 physically different permutations of B nuclei
in ABs and the 30 ways of interconverting them. See text for explanation of numbers.
[Adapted from Figures in K. Mislow, Accounts Chem. Res., 1970, 3, 321.]

seen to satisfy the three criteria provided we take all 20 vertices to be equiva-
lent, even though, as seen in three-dimensional space projection, they do not
appear to be. There are two complementary ways of labelling the graph. One
is to identify the permutation represented by each point. This can be done
stating the numbers of the atoms at the apical vertices and then distin-
guishing the two mirror images (1-LIIT) and (I-LIV) of 14, for example, by

1 1
3

5 3
4 4
(1-LILI) (1-LIV)

14 and 14. The unbarred number is used when the equatorial numbers run
clockwise viewed from the lower-numbered axial vertex. Alternatively, the
graph may be labelled by numbering each edge with the number of the pivot
atom.

* The pentagonal dodecahedron, Fig. 1-7(a), meets cach of the three necessary but
not sufficient criteria just listed. The reader may profit by convincing himself that it is,
nevertheless, not a correct graph.
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Note that this graph states that the fewest number of distinct pseude-
rotations that will return a given permutation to itself is 6, while enantiomo:-
phous permutations can be interconverted in no less than 5 such steps. Ey
direct testing of the Berry pseudorotations it may be demonstrated that theie
statements are correct and that this particular graph does faithfully express
all the relationships involved.

Some important, specific applications of the foregoing analysis to the
chemistry of phosphorus will be found in Chapter 13.

Systems with Coordination Numbers of Six or More. The octahedron is
usually rather rigid, and fluxional or rapid tautomeric rearrangernents
generally do not occur in octahedral complexes unless metal-ligand bond-
breaking is involved. Among the few exceptions are certain iron and ruthe-
nium complexes of the type M(PR,),H, .2 The cis- and trans-isomers of
Fe[PPh(OEt),],H,, for example, have separate, well-resolved signals at —50°
which broaden and collapse as the temperature is raised until at +60°
there is a single sharp multiplet indicative of rapid interconversion of the two
isomeric structures. The preservation of the 31p_1H couplings affords proof
that the rearrangement process is non-dissociative. The distortion modes pos-
tulated?® to account for the interconversions are shown in Fig. 1-17.

[

P

Fig. 1-17. The types of distortion postulated to lead to interconversion of cis- and trans-
isomers of Fe[PPh(OEt),]sHo.

Stereochemical non-rigidity, especially if of fluxional character, seems
likely to be consistently characteristic of complexes with coordination num-
bers of seven or greater. All seven-coordinate complexes so far investigated
by nmr techniques have shown ligand-atom equivalence even though there
is no plausible structure for a seven-coordinate complex that would give
static or instantaneous equivalence. Thus, ReF, and IF,, for example, are
presumed to be fluxional.

There is evidence that eight-coordinate complexes with dodecahedral
structures [Fig. 1-10(b)], in which there are two non-equivalent sets of ligands,
can interchange ligands rapidly among these sets.?” A very ready means of
doing this can be envisioned,?® although there is no proof that this
mechanism is correct. The dodecahedron is shown in Fig. 1-18(a) in a differ-
ent orientation from that in Fig. 1-10(b), but the A- and B-type vertices are
26 B, L. Muetterties, Accounts Chem. Res., 1970, 3, 266.

27 g, L. Muetterties, Inorg. Chem., 1965, 4, 769.
28 . 1. Muetterties, J. Amer. Chem. Soc., 1969, 91, 1636.
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again labelled. It will be noted that the A and B vertices differ in that each
A vertex has only four next-nearest neighbors, while a B vertex has five. This
is because a given A vertex is adjacent to three B vertices and one other A
vertex, while a given B vertex is adjacent to three A vertices and two other B
vertices. Note that, if the B,—B, and B;—B, edges of the dodecahedron are
lengthened so that A B,A,B, and A;B;A,B, become square sets, then the
dodecahedron is transformed into a square antiprism [Fig. 1-18(b)]. It would be

{a) (b)
Fig. 1-18. A sketch showing how a dodecahedral set (a) of eight ligands may easily
rearrange to a square antiprismatic configuration (b).

possible to transform it into a differently labelled square antiprism by length-
ening the B;—B, and B,—B, edges appropriately. The square antiprism can
then return to the dodecahedron whence it came or, by having the A—A,
and A;—A, pairs approach each other, it may become a dodecahedron
in which the former B ligands are A ligands and vice versa. Thus, just as the
spy is a transition state or short-lived intermediate in the interconversion of
differently permuted sets of thp ligands, so the square antiprism serves as
the necessary connecting link between differently permuted dodecahedral
sets.

In the case of 9-coordinate species, where the ligands adopt the D, capped
trigonal prism arrangement shown in Fig. 1-11, there is also an easy pathway
for interchanging ligands of the two sets, and for species such as ReH2™,
ReHgPRy, and ReH,(PR,), attempts to detect by nmr the presence of
hydrogen atoms in two different environments have failed. Fig. 1-19 shows
the probable form of the rearrangement which causes the rapid exchange.

9 /x

8
Fig. 1-19. The postulated pathway by which the ligands may pass from one type of
vertex to the other in the D, tricapped trigonal prism.
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While coordination numbers higher than nine are not of general impor-
tance, polyhedra with 10 and 12 vertices are known. Those that are of greatest
importance and undergo intramolecular rearrangements are formed by
boron, and discussion of this will be found in Chapter 8.

Organometallic Molecules. Many organometallic molecules involving
unsaturated organic groups are fluxional. More detailed discussion and
references will be found in Chapter 23, but a few illustrative examples may
be cited here.

The compound CgHgRu(CO); has the structure (1-LV) in the crystal,
and at low temperatures (< —130°) in solution its nmr spectrum indicates the
same structure since it implies the existence of four different environments
for protons. At room temperature, however, the proton resonance spectrum
consists of a single sharp line. A detailed study?® of the way in which the
low-temperature spectrum collapses led to the conclusion that the rearrange-
ment involves an infinite, reversible sequence of shifts of the type shown
schematically in (1-LVI).

@ Ru(CO),
! Ru(CO),
| ZA 2 2

Ru - — — LRu{CO)y
“I>c
ot ¢ N\ / N\~
1-LV) (1-LVI)

The compound (1-LVIIa) has a spectrum at —60° consistent with the
structure shown, which is the one to be expected, but at +30°C it has only
a single sharp line. The Fe(CO), group must move rapidly among the four
positions shown in (1-LVIIb), thereby averaging the environments of the
methyl groups. Detailed study®® indicates that these shifts occur unimolecul-
arly with an activation energy of 38+8 kJ mol ™.

HC cH (2)
3N k- HLL 3 (3) /CH3
/ =C=C ci=Cc=EC
H3C Fe(co), '3 H3C/ (i) S Nen,
(1-LVIIa) (1-LVIIb)

29 E. A. Cotton et al., J. Amer. Chem. Soc., 1969, 91, 6598.
30 R. Ben-Shoshan and R. Pettit, J. Amer. Chem. Soc., 1967, 89, 2231.
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2
Tonic Solids and Other Extended Arrays

Inorganic chemistry deals not only with substances built of discrete
molecules, but also with a great many substances that consist of infinite
arrays of atoms. Most of the elements themselves have the latter type of struc-
ture. Thus, more than half the elements are metals in which close-packed
arrays of atoms are held together by delocalized electrons, while others,
such as carbon, silicon, germanium, red and black phosphorus and boron
involve infinite networks of more localized bonds. There are also many
compounds, such as Si0,, SiC, etc., in which the array is held together by
localized heteropolar bonds. The degree of polarity varies, of course, and this
class of substances grades off towards the limiting case of the ionic arrays in
which there are well-defined ions held together principally by the coulombic
forces between those of opposite charge.

There are also solids that consist neither of small, well-defined molecules
nor of well-ordered infinite arrays of atoms; examples are the glasses and
polymers, which, for reasons of space, will not be explicitly discussed here.
It is, of course, true that most molecular substances form a crystalline solid
phase; but, because of the relatively weak intermolecular interactions
crystallinity is usually of little chemical importance, though, of course, of
enormous practical significance in that it facilitates the investigation of mole-
cular structures, namely, by X-ray crystallography.

2-1. Close Packing of Spheres

The packing of spherical atoms or ions in such a way that the greatest
number occupy each unit of volume is one of the most fundamental struc-
tural patterns of Nature. It is seen in its simplest form in the solid noble gases,
where spherical atoms are concerned, in a variety of ionic oxides and halides
where small cations can be considered to cccupy interstices in a close-packed
array of the larger spherical anions and in metals where close-packed arrays
of metal ions are permeated by a cloud of delocalized electrons binding them
together.

All close-packed arrangements are built by stacking of close-packed layers

4
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Fig. 2-1. (a) One close-packed layer of spheres. (b) Two close-packed layers showing
how tetrahedral (A, A’) and octahedral (B) interstices are formed.

of the type shown in Fig. 2-1(a); it should be evident that this is the densest
packing arrangement in two dimensions. Two such layers may be brought
together as shown in Fig. 2-1(b), spheres of one layer resting in the declivities
of the other; this is the densest packing arrangement of the two layers; it
will be noted that between the two layers there exist interstices of two types:
tetrahedral and octahedral.

When we come to add a third layer to the two already stacked, two possi-
bilities arise. The third layer can be placed so that its atoms lie directly
over those of the first layer, or with a displacement relative to the first
layer, as in Fig. 2-2(a). These two stacking arrangements may be denoted
ABA and ABC, respectively. Each may be continued in an ordered fashion

" 50 as to obtain

Hexagonal close packing (hcp): ABABAB...
Cubic close packing (ccp): ABCABCABC...

It is immediately obvious that the hcp arrangement does indeed have
hexagonal symmetry, but the cubic symmetry of what has been designated
ccp may be less evident. Fig. 2-2(b) provides another perspective, which
emphasizes the cubic symmetry; it shows that the close-packed layers lie
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Fig. 2-2. (a) The stacking of close-packed layers in the ABC pattern which, on repetition,
gives cubic closest packing, ccp. (b) Another view of the ccp pattern emphasizing its cubic
symmetry.

perpendicular to body diagonals of the cube. Moreover, the cubic unit cell
is not primitive but face-centered.

There are, of course, an infinite number of stacking sequences possible
within the definition of close packing, all of them, naturally, having the
same packing density. The hcp and ccp sequences are those of maximum
simplicity and symmetry. Some of the more complex sequences are
actually encountered in Nature, though far less often than the two just
described.

In any close-packed arrangement, each atom has 12 nearest neighbors,
six surrounding it in its own close-packed layer, three above and three below
this layer. In the hcp structure each layer is a plane of symmetry and the set
of nearest neighbors of each atom has D3, symmetry. In ccp the set of nearest
neighbors has D3, symmetry.

2.2. Tonic Radii and Ionic Crystal Structures

Tonic Radii. It is obvious from the nature of wave functions that no ion
or atom has a precisely defined radius. The only way radii can be assigned
is to determine how closely the centers of two atoms or ions actually approach
each other in solid substances and then to assume that such a distance is
equal or closely related to the sum of the radii of the two atoms or ions.
Even this procedure is potentially full of ambiguities, and further provisions
and assumptions are required to get an empirically useful set of radii. The
most ambitious attempt to handle this problem is that of Pauling, and some
of his arguments and results will be briefly summarized here.

We begin with the four salts NaF, KCl, RbBr and Csl, in each of which
the cation and anion are isoelectronic and the radius ratios (Fcation/"anion =
=r,/r_) should be similar in all four cases. Two assumptions are then made:
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(1) The cation and anion are assumed to be in contact so that the inter-
nuclear distance can be set equal to the sum of the radii,

(2) For a given noble-gas electron configuration the radius is assumed to
be inversely proportional to the effective nuclear charge felt by the outer
electrons.

The implementation of these rules may be illustrated by using NaF, in
which the internuclear distance is 2.31 A. Hence,

PNa+ +7p- = 2.31A

Next, using rules developed by Slater to estimate how much the various elec-
trons in the 152s?2p® configuration shield the outer electrons from the
nuclear charge, we obtain 4.15 for the shielding parameter. The effective
nuclear charges, Z, felt by the outer electrons are then, for Na* with Z=11:

11—-4.15 = 6.85

and for F~, with Z=9:
9—-4.15=4.385

According to rule (2), the radius ratio ry, . /rp- must be inversely proportional
to these numbers; hence

INa+[TF- = 0.71

6.85/4.85
Solving this and the previous t;qua»tjg»nwfggthg sum of the radii simul-
taneéously we obtain Frgs = 0.95A

re- =1.36A

This method, with certain refinements, was used by Pauling to estimate
individual ionic radii. Earlier, V. M. Goldschmidt, using a somewhat more
empirical method, also estimated ionic radii. The radii for a number of
important ions, obtained by the two procedures, are given in Table 2-1. A
more recent set of most probable ionic radii is also given in Table 2-1. These
are based on a combination of shortest interatomic distances and experi-
mental electron density maps.

Important Tonic Crystal Structures. Fig. 2-3 shows six of the most impor-
tant structures found among essentially ionic substances. In an ionic struc-
ture each ion is surrounded by a certain number of jons of the opposite
sign; this number is called the coordination number of the ion. In the first three
structures shown, namely, the NaCl, CsCl and CaF, types, the cations have
the coordination numbers 6, 8 and 8, respectively,

The question now arises as to why a particular compound crystallizes
with one or another of these structures. To answer this, we first recognize
that, ignoring the possibility of metastability, which seldom arises, the com-
pound will adopt the arrangement providing the greatest stability, that is,
the lowest energy. The factors that contribute to the energy are the attractive
force between oppositely charged ions, which will increase with increasing
coordination number, and the forces of repulsion, which will increase very
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Rock-salt (NaCl) Cesium chloride (CsCL)

Wurtzite (hexagonal ZnS)

Zinc blende {cubic ZnS)

Fig. 2-3. Six important ionic structures. Small circles denote metal cations, large circles
denote anions.

rapidly if ions of the same charge are “squeezed” together. Thus the optimum
arrangement in any crystal should be the one allowing the greatest number
of oppositely charged ions to “touch” without requiring any squeezing
together of ions with the same charge. The ability of a given structure to meet
these requirements will depend on the relative sizes of the ions.

Let us analyze the situation for the CsCl structure. We place eight negative
jons of radius ~ around a positive ion with radius r* so that the M* to X~
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distance is r* +r~ and the adjacent X~ ions are just touching. T hep the X~
to X~ distance, a, is given by

a= —2—(r++r_) =2r"
J3
or r/rt =137

Now, if the ratio »~/r™ is greater than 1.37, the only way we cgp have all
eight X~ ions touching the M* ion is to squeeze the X~ iong together.
Alternatively, if r~/r* is greater than 1.37, and we do not squeeze the X~
ions, then they cannot touch the M* ion and a certain amount of electrostatic
stabilization energy will be unattainable. Thus when r~ rt becomes equal

TABLE 2-1
Goldschmidt (G),” Pauling (P)* and Ladd (L)** Ionic Radii (in A)
Ion G P L Ion G P 1
H- 1.54 2.08 1.39 Pb2+ 1.17 1.21 _
F- 1.33 1.36 1.19
CI™ 1.81 1.81 1.70 Mn2+ 0.91 0.80 0.93
Br- 1.96 1.95 1.87 Fe2+ 0.83 0.76 0.90
1- 2.20 2.16 2.12 Co2* 0.82 0.74 0.88
Niz+ 0.68 0.69 _
0%~ 1.32 1.40 1.25 Cu?+ 0.72 — .
S2- 1.74 1.84 1.70
Se?- 1.91 1.98 1.81 Bid+ 0.2 0.20 —
Te2- 2.11 2.21 1.97 AR+ 0.45 0.50 _
Sc3+ 0.68 0.81 _
Li* 0.78 0.60 0.86 Y3+ 0.0 0.93 .
Na* 0.98 0.95 1.12 Lad+ 1.04 1.15 _
K+ 1.33 1.33 1.44 Ga3+ 0.60 0.62 _
Rb* 1.49 1.48 1.58 In3+ 0.81 0.81 —
Cs* 1.65 1.69 1.84 TI3+ 0.91 0.95 _
Cut 0.95 0.96 —
Agt 1.13 1.26 1.27 Fe3+ 0.53 — .
Au®t — 1.37 — Cr3+ 0.53 — o
TI* 1.49 1.40 1.54
NH2 — 1.48 1.66 Ca+ 0.15 0.15 —
Sit++ 0.38 0.41
Be?+ 0.34 0.31 — Ti%+ 0.60 0.68 .
Mg?+ 0.78 0.65 0.87 Zret 0.77 0.80 .
Ca?* 1.06 0.99 1.18 Ce*+ 0.87 1.01 i
Sr2+ 1.27 1.13 1.32 Ge*t 0.54 0.53 .
Ba?+ 1.43 1.35 1.49 Sn4* 0.71 0.71 _
Raz+ —_ 1.40 1.57 Pb++ 0.81 0.84 o
Zn2+ 0.69 0.74 —
Cdz+ 1.03 0.97 1.14
Hg?* 0.93 .10 —

¢ Thesce radii are obtained by using the rock-salt ¢ ype of structure as standard (i.c. six co-
ordination); small corrections can be made for other structures. For eflective jo i radii
of M** in corundum-type oxides of Al, Cr, Ga, V, Fe, Rh, Ti, In and Tl see C, T. Prewitt
et al., Inorg. Cheimn., 1969, 9, 1985, and for M** in rutilc or closely related oxideg of Si, Ge,
Mn, Cr, V, Rh, Ti, Ru, Ir, Pt, Re, Os, Tc, Mo, W, Ta, Nb, Sn and Pb sce D, B.
et al., lnorg. Chem., 1969, 8, 841.

b M. F. C. Ladd, Theor. Chim. Acta, 1968, 12, 333.

Rogers
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to 1.37 the competition between attractive and repulsive coulomb forces is
balanced, and any increase in the ratio may make the CsCl structure un-
favorable relative to a structure with a lower coordination number, such
as the NaCl structure.

In the NaCl structure, in order to have all ions just touching but not
squeezed, with radius r~ for X~ and r* for M™ we have

= \/—2(1"+ +r _)
which gives for the critical radius ratio:
rort =244

If the ratior~/r* exceeds 2.44, then the NaCl structure becomes disfavored,
and a structure with cation coordination number 4, for which the critical
value of r~/r* is 4.44, may become more favorable. To summarize, in this
simple approximation, packing considerations lead us to expect the various
structures to have the following ranges of stability in terms of the r~/r™

ratio: CsCl and CaF, structures:  1<r~/r*<1.37

NaCl and rutile structures: 1.37<r”/r* <2.44
ZnS structures: 2.44<r”[/rt <4.44

Obviously, similar reasoning may be applied to other structures and other
types of ionic compound. In view of the fact that the model we are using is
a rather crude approximation, we must not expect these calculations to be
more than a rough guide. We can certainly expect that in compounds where
r~ ~r* the CsCl structure will be found, whereas when r~>r* a structure
such as that of ZnS will be preferred.

The more common ionic crystal structures shown in Fig. 2-3 will be
mentioned repeatedly throughout the text. The rutile structure, named after
one mineralogical form of TiO,, is very common among oxides and fluorides
of the MF, and MO, types (e.g., FeF,, NiF,, ZrO,, RuO,, etc.) where the
radius ratio favors coordination number 6 for the cation. Similarly, the zinc
blende and wurtzite structures, named after two forms of zinc sulfide, are
widely encountered when the radius ratio favors four coordination, while
the fluorite structure is common when eight-coordination of the cation is
favored.

When a compound has stoichiometry and ion distribution opposite to that
in one of the structures just mentioned, it may be said to have an an#i struc-
ture. Thus, compounds such as Li,0, Na,S, K,S, etc. have the antifluorite
structure in which the anions occupy the Ca®* positions and the cations the
F~ positions of the CaF, structure. The antirutile structure is sometimes
encountered also.

Structures with Close Packing of Anions. Many structures of halides and
oxides can be regarded as close-packed arrays of anions with cations in the
octahedral and/or tetrahedral interstices. Even the NaCl structure can be

thought of in this way (ccp array of Cl~ ions with all octahedral interstices

holgis Ol 1883 Ul Qi Ol OIS
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Fig. 2-4. A portion of the Cdl, structure. Small spheres represent metal cations.

filled) although it is not ordinarily useful to do so. CdCl, also has ccp Cl™
ions with every other octahedral hole occupied by Cd?*, while Cdl, has Acp
I” ions with Cd?™ ions in half the octahedral holes. It is noteworthy that the
CdCl, and CdI, structures (the latter being shown in Fig. 2-4) are layer
structures. The particular pattern in which cations occupy half the octa-
hedral holes is such as to leave alternate layers of direct anion—anion contact.

Corundum, the « form of Al,O4, has an hcp array of oxide ions with
two-thirds of the octahedral interstices occupied by cations and is adopted by
many other oxides, e.g., Ti,O;3, V,05, Cr,0;, Fe,0;, Ga,0; and Rh,0;.
The Bil, structure has an hcp array of anions with two-thirds of the octa-
hedral holes in each alternate pair of layers occupied by cations, and it is
adopted by FeCl;, CrBr;, TiCl;, VCl, and many other AB; compounds.
As indicated, all the structures just mentioned are adopted by numerous
substances. The structures are usually named in reference to one of these
substances. Thus we speak of the NaCl, CdCl,, CdI,, BI; and corundu
(or a-Al,0j;) structures. '

Some Mixed Oxide Structures. There are a vast number of oxides (and
also some stoichiometrically related halides) having two or more different
kinds of cation. Most of them occur in one of a few basic structural types,
the names of which are derived from the first or principal compound shown
to have that type of structure. Three of the most important such structures
will now be described.

1. The Spinel Structure. The compound MgAl,O,, which occurs in
Nature as the mineral spinel, has a structure based on a ccp array of oxide
ions. One-eighth of the tetrahedral holes (of which there are two per anion)
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are occupied by Mg?* ions and one-half of the octahedral holes (of which
there is one per anion) are occupied by AI** jons. This structure, or a modifi-
cation to be discussed below, is adopted by many other mixed metal oxides
of the type M"MI!O, (e.g., FeCr,0,, ZnAl,0, and Co"'Co05'0,), by some
of the type MYMIO, (e.g., TiZn,0, and SnCo,0,) and by some of the
type MIMY'O, (e.g., Na,MoO, and Ag,MoO,). This structure is often
symbolized as A[B,]0,, where square brackets enclose the ions in the
octahedral interstices. An important variant is the inverse spinel structure,
B[AB]O,, in which half of the B ions are in tetrahedral interstices and the A
ions are in octahedral ones along with the other half of the B ions. This often
happens when the A ions have a stronger preference for octahedral coor-
dination than do the B ions. So far as is known, all M'YM}O, spinels are
inverse, e.g., Zn[ZnTiJO,, and many of the M""M}'O, ones are also, e.g.,
Fe"[Co"Fe0,, Fe"'[Fe!'Fe™]0, and Fe[NiFe]O,.

There are also many compounds with disordered spinel structures in which
only a fraction of the A ions are in tetrahedral sites (and a corresponding
fraction in octahedral ones). This occurs when the preferences of both A and
B ions for octahedral and tetrahedral sites do not differ markedly.

2. The Ilmenite Structure. This is the structure of the mineral ilmenite,
Fe!'Ti'VO,. It is closely related to the corundum structure except that the
cations are of two different types. It is adopted by ABO; oxides when the
two cations, A and B, are of about the same size, but they need not be of
the same charge so long as their total charge is +6. Thus in ilmenite itself
and in MgTiO; and CoTiO; the cations have charges +2 and +4 while in
a~NaSbO, the cations have charges of +1 and +35.

3. The Perovskite Structure. The mineral perovskite, CaTiO;, has a
structure in which the oxide ions and the large cation (Ca®") form a ccp
array with the smaller cation (Ti**) occupying those octahedral holes formed
exclusively by oxide ions, as shown in Fig. 2-5. This structure is often
slightly distorted (in CaTiOj itself, for example). It is adopted by a great
many ABO; oxides in which one cation is comparable in size to 0?2~ and
the other much smaller, with the cation charges variable so long as their sum
is +6. It is found in StUTiVO,, Ba"'Ti"V0O;, La"Ga™0;, Na'NbY0O; and
K'NbY0,, and also in some mixed fluorides, e.g., KZnF, and KNiF;.

® Small cation

© Large cation
O Oxide or haiide ion

Fig. 2-5. The perovskite structure.




56 GENERAL THEORY

2-3. Tonization Enecrgies and Electron Affinities

The energy necessary to detach an electron from an isolated gaseous atom,
ion or molecule is called the ionization energy, measured in kJ mol™!; these
same energics arc often referred to as ionization potentials, measured in
clectron volts, ¢V (per atom). Ionization encrgics normally have a positive
sign according to prevailing convention since cnergy is normally absorbed.
For a given spccics the energy required to remove the first electron is called
the first ionization encrgy (or potential), and so on. .

The first ionization potentials of the clements vary in relation to their
positions in the Periodic Table, as shown in Fig. 2-6. With the exception
of mercury, the maxima in the curve all occur at noble gases, and the dceper
minima all occur with the alkali metals. These facts show that the closed
configurations of the noble gases are most diflicult to disturb by removal of
an electron, whereas the lone electron outside a noble-gas configuration,
which is the common feature of each alkali-metal atom, is very casy to
remove. Furthermore, although there arc irregularities, the potentials rise
steeply in going from an alkali metal to the following noble gas. These facts
can be accounted for on the basis of the shielding of one electron by others.

As we go from, say, sodium, with a nuclear charge of 11 to argon with a
nuclear charge of 18, the eight electrons which are also added are all in the
same principal shell. Because the radial wave functions of all electrons in the
same shell are either identical or very similar, no one electron spends much
time between the nucleus and any other electron. Thus the extent to which
these electrons shield one another from the steadily increasing nuclear charge
is slight. For example, the effective nuclear charge for the 3s electron in
sodium is ~2, whereas that for the s or p electron in argon is ~6.7. It is
this substantially greater restraining force which is responsible for the much
tighter binding of the electrons.

Close inspection of Fig. 2-6 will show that there is a consistent pattern of
deviation from complete linearity in the several series of non-transitional ele-
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Fig. 2-6. Variation in first ionization potentials with atomic number.
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ments, i.e., the sequences Li—Ne, Na—Ar, Ga—Kr and In—Xe. The Li—»Ne
series is representative and will suffice for explicit illustration. There are
actually small decreases from Be to B and from N to O, which may be ex-
plained as follows. At Be the 2s shell is filled and the next electron, required in
the B atom, enters a 2p orbital. The p orbitals are very effectively shielded by
the 2s electrons and thus the first 2p electron is relatively easily removed
compared to the second 2s electron. The discontinuity between N and O
occurs because at N the configuration is 2s22p,2p,2p., that is, each p orbital is
singly occupied. The next p electron to enter must encounter repulsion as it
enters an already half-occupied orbital and its binding energy is thus lessened.

For a given atom the ionization potentials always increase, though not
always uniformly, in the order I; <I,<I3<---<I,. This is obviously due
to the fact that removal of a negative charge from a species of charge
+k (k=0,1,2,..) must be easier than removal of a negative charge from
a similar species of charge + (k1) or greater.

In general, it is also possible to attach an additional electron to any atom,
jon or molecule. The energy which is released when this takes place is called
the electron affinity, E, of the species. It will be noted that this sign conven-
tion is opposite to the conventional one, i.e.:

X(@)+e™ =X"(g) AH = —E (kJ mol™%)

but this definition of electron affinity is so well established that we must
accept it. Negative electron affinities do exist—that is, when the species con-
cerned does not “want” another electron and must be forced to accept it—
but the cases of greatest interest are those in which the electron affinity is
positive.

Table 2-2 lists some electron affinities.

TABLE 2-2

Electron Affinities for the Process
X(g) +e—>X"(g) in kJ mol~*[—AH] and electron volts (E)

H He
72 —54
(0.75) (—0.56)
Li Be B C N (o] F Ne
57 —66 15 121 —31 142 333 -99
(0.59) (—0.68) (0.16) (1.25) (—0.32) (.47 (3.45) (—1.03)
Na Mg Al Si P S Cl
21 —-67 26 135 60 200 348
(0.22) (—0.69) (0.27) (1.40) (0.62) 3.07) ](33.61)
r
324
(3.36)
I
295
(3.06)
At

184

(2.69)
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Important examples of negative electron affinities, i.e., those pertaining to
energy-absorbing processes, are those for the formation of the oxide and
sulfide ions from the oxygen and sulfur atoms. The relevant thermochemical
equations are given in Table 2-3.

TABLE 2-3

Thermochemical Equations for Formation
of Oxide and Sulfide Ions

—AH (k¥ mol—1) E (eV)
O(g)t+e—0-(g) 142 1.47
O~ (g)+e— 0% (g) —844 —~8.75
O(g) +2e — 02~ (g) —702 —7.28
S(g)+e—S~(g) 200 2.07
S (g)+te— 82 (g) —532 —5.51
S(g) +2e — S$2-(g) ~332 —3.44

While the addition of one electron to each neutral atom releases energy, -
as expected, the addition of the second electron in each case requires high
energy input, such that the overall 2-electron acquisition is endothermic.
This energy can be supplied, as will be seen in the next Section, by the exo-
thermic formation of ionic crystals.

2-4. Lattice Energies

The energy of a set of ions arranged in a regular array, as, for example,
in the rock-salt (NaCl) or the rutile (TiO,) structure, is called the lattice energy
of that array. It is, in general, possible to calculate this energy, by employing
the known geometry of the structure and certain properties of the ions. As an
example we shall use a compound MX with the NaCl structure (Fig. 2-3).

Let us call the shortest M to X distances . Using Fig. 2-3 and simple trigo-
nometry it can be shown that an M* ion is surrounded by six X~ ions
(nearest neighbors) at a distance r, twelve M * ions (second nearest nei ghbors)
at a distance \/2r, eight more distant X~ ions at /3r, six M™* ions at 2r,
twenty-four more X~ ions at ﬁr, etc. The electrostatic interaction energy
of the M™ jon with each of these surrounding ions is equal to the product
of the charge on each ion, Z* and Z~, divided by the distance. Hence the
total electrostatic energy of this positive ion can be written:

2 2 2 2
E=C@nE)+ 2@y + 2 a2z + 62% @*>...
r
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Actually, it is possible to set up the general formula for the terms in equation
2-1 from geometrical considerations. The sum of all these terms, that is, the
sum of an infinite series, is called the Madelung constant. It should be clear
that the value of the Madelung constant is characteristic of the geometrical
arrangement and independent of the particular ions or their charges (i.e.,
they might both be doubly or triply charged). The above series converges to
a value of 1,747558... and can be evaluated to any required degree of accu-
racy. In many cases the series diverge, and the evaluation of the Madelung
constants for such structures requires considerable mathematical manipula-
tion. The Madelung constants for many commonly occurring lattices have
been calculated.! There are many structures, including the rutile structure,
in which the ratios of distances are not uniquely fixed by the symmetry of the
structure. For these the Madelung “constant” will vary with the variation of
the adjustable parameter or parameters. In such cases, the electrostatic
summation (equivalent to a Madelung constant) must be evaluated for an
explicit set of ion positions.

If we made a mole (I ion pairs) of the compound MX, then NE would be
the energy of the process

M™(g) + X (g) = MX(s) o (2-2)

This is so because if we wrote out an expression for the electrostatic energy
of an X~ ion it would be identical with equation 2-1. If we added the elec-
trostatic energies for a mole of each ion, the result would be twice the true
electrostatic energy per mole because we would be counting each pairwise
interaction twice. Thus NE is the electrostatic potential energy per mole for
an ionic solid with the NaCl structure.

The reason that the ions reside a finite distance, 7, from each other and do
not move still closer together is because there are short-range repulsive
forces due to overlapping of their electron clouds which come into play as
they approach. Born proposed the simple assumption that the repulsive force
between two ions could be represented by the expression B’/r" in which B’
and n are constants, as yet undetermined, characteristic of the ion pair con-
cerned. We can therefore write, for the repulsive energy of a particular ion in
a crystal, B '

Ep == w (2-3)
r
where Bis related to B’ by the crystal geometry. The total electrostatic energy
of the crystal, that is, the inherently negative lattice energy, U, is then given

by _N@H@E )4 NB

n

U .. (2-4)

r r

where 4 is the Madelung constant. This energy, U, is exactly the energy of
reaction 2-2, if these are the only forces involved. There is a relation between

1 See T. C. Waddington, Adv. Inorg. Chem. Radiochem., 1959, 1, 157, for a tabulation.
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B and n which may be determined if we recognize that in the equilibrium
state of the crystal (r = ry) the energy is a minimum as a function of r. Thus,

we have (d_({) 3 O _ A(Z+)(Z'-)Ne7. B nNB (2-5)
dr r=ry rf, rZH
which yields by 2
[P AN CAD LS .. (2:6)
n
Substituting equation 2-6 into equation 2-4, we obtain:
2
U = N(Z*)(Z“)Ae—<1 -1> e (2T)
o n

The numerical value of n can be derived from measurements of the com-
pressibility of the solid and may also be estimated theoretically. The experi-
mentally derived values and the values calculated by Pauling for noble
gas-like ions are given in Table 2-4. It can be seen that the experimental

TABLE 2-4
Sample n Values

Determined by experiment Estimated from theory

Noble-gas con-

Compound n figuration of ion n
LiF 5.9 He S
LiCl 8.0 Ne 7
LiBr 8.7 Ar 9
NacCl 9.1 Kr 10
NaBr 9.5 Xe 12

values are reasonably close to the averages of the appropriate theoretical
estimates. It can also be seen that even if the » used is off by 1.0, the lattice
energy will be in error only by 1-2%.

In very accurate calculations some correction factors are required because
equation 2-4 does not take account of other minor forces. There are three
main refinements.

1. Inclusion of van der Waals Forces. van der Waals forces operate
between all atoms, ions or molecules, but are relatively very weak. They are
due to attractions between oscillating dipoles in adjacent atoms and vary
approximately as 1/r®. They can be calculated from the polarizabilities and
ionization potentials of the atoms or ions.

2. Use of a More Rigorous Expression for the Repulsive Energy. The
simple Born expression (equation 2-3) for the repulsive energy is not strictly
correct from quantum-mechanical considerations. More refined expressions
do not greatly change the results, however.

3. Consideration of “Zero Point Energy” of the Crystal. The “zero point
energy” of the crystal is that energy of vibration of the ions which the crystal




IONIC SOLIDS AND OTHER EXTENDED ARRAYS 61

TABLE 2-5
Components of Lattice Energy (in electron volts)

Energy LiF NacCl Csl
Coulomb —12.4 -8.92 —6.4
Repulsion +1.9 +1.03 +0.63
van der Waals —-0.17 —0.13 —0.48
Zero point +0.17 +0.08 +0.3

possesses even at the absolute zero. This can be calculated from the lattice
vibration frequencies.

The data given in Table 2-5 indicate the relative importance of the various
contributions to the lattice energy.

The calculation of lattice energies of ionic compounds is very important
since, in general, there is no direct way to measure them experimentally,
although they can be obtained from certain experimental data using the
Born—Haber cycle which is discussed immediately below. For example, the
heat of vaporization of NaCl does not give the lattice energy because up to
the highest temperatures at which accurate measurements can be made the
gas phase consists of NaCl molecules (or ion pairs), and it has so far proved
impossible to get an accurate estimate of the heat of dissociation of NaCl(g)
into Na*(g) and Cl™(g) since NaCl(g) normally dissociates into atoms.

2-5. The Born—Haber Cycle

The heats of formation of various ionic compounds show tremendous
variations. In a general way, we know that many factors contribute to the
over-all heat of formation, namely, the ionization potentials, electron affini-
ties, heats of vaporization and dissociation of the elements, and the lattice
energy of the compound. The Born-Haber cycle is a thermodynamic cycle
that shows the interrelation of these quantities and enables us to see how
variations in heats of formation can be attributed to the variations in these
individual quantities. In order to construct the Born-Haber cycle we consider
the following thermochemical equations, using NaCl as an example

Na(s) = Na(g) AHn(Na)
Na(g) = Na*(g)+e™  Ina
1Cl:(g) = Cl(g) 3A Hyy0(Cl2)
Cl(g)+e~ = Cl™(g) Ec
Na*(g)+Cl~(g) = NaCl(s) U
Na(s)+3Clo(g) = NaCl(s) AH (NaCl)

The net change expressed by the last equation can be achieved by carrying
out the preceding five steps successively, as indicated in Fig. 2-7, which is an
elample of the Born-Haber cycle.

— . . P f .
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1 44,
Na(s) + ~2—C|2(g)——> NaCi(s)

2 4 Hdiss

~£ —_———
A Cilg) —Lm- CI7(g)+Na*(g)

Y

Na (g)

INo

Fig. 2-7. Born-~Haber cycle for NaCl.

The Born-Haber cycle is used to calculate any one of the quantities in
equation 2-8 when all the others are known, or to provide a check on the
internal consistency of a complete set of these quantities. Normally, AH B
AH,,, I and AHy,, are known. Direct measurement of electron affinities is
usually rather difficult, and only for the halogens have really accurate values
been obtained. In these cases the cycle can then be used as a check on the
calculated lattice energies, which, when all refinements are included, are
found to be quite accurate. For example, the calculated lattice energy of
NaCl is 7.94 ¢V, and the value- obtained from the Born-Haber - cycle-is- -
1.86 eV, adifference of ~1% . Since we have such checks to give us confidence
in the accuracy of computed lattice energies, the cycle is more commonly used
to determine electron affinities. For example, the electron affinity of oxygen
(0?7, —7.3eV) is a very important quantity which cannot be measured
directly, if for no other reason than that it is highly endothermic (see above).
It is obtained by applying the Born—Haber cycle to various ionic oxides.

The Born-Haber cycle is also valuable as a means of analyzing and corre-
lating the variations in stability of various ionic compounds. As an example,
it enables us to explain why MgO is a stable ionic compound despite the fact
that the Mg?* and O~ ions are both formed endothermally, not to mention
the considerable energies required to vaporize M g(s) and to dissociate O,(g).
AH/ is highly negative despite these opposing tendencies because the lattice
energy of MgO more than balances them out.

The Born—-Haber cycle also enables us to understand why most metals fail
to form stable ionic compounds in low valence states (e.g., compounds such
as CaCl, AlO and ScCl,). Let us consider a metal with 1st and 2nd ionization
energies of 600 and 1200 kJ mol~!, which are fairly typical values (of Ca,
for example). Let us suppose that this metal forms a +2 ion with a radius of
1.00 A and that its dichloride would have the fluorite structure (as does
CaCl,). The M™ ion would have to be appreciably larger than the M2* ion
and a radius of ~1.204A is a fair estimate. With a radius ratio of ~1.5,
MCI may be expected to have the NaCl structure. For the two compounds,
MCI and MCl, then, the Born-Haber cycles are as shown in Table 2-6.
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TABLE 2-6
Both-Haber cycles for MCI and MCl,

Energy
MCl (kJ mol~*)
(1) M{s)=M(g) AHgn
(2) M(g=M*(g) 600
(3) #ClL(g) = Cli(g) 121
@) Cl{gyte” =Cl (g —348
(5)° M*(g) +Cl~(g) = MCI(s) —-719
(6) M(s) + 1Cl,(g) = MCI(s) —346+AH 0
Energy
MCl, (3 mol- %)
(1) M(s) = M(g) AHgn
2 M(2)=M?*(g) 1800
(3) Cly(g) =2Cl(g) 242
@) 2Clg)+2e~ =2ClI (g) —696
(5)* M2+(g) +2Cl~(g) = MCl,(s) 2218
(6) M(s)+ Cly(g) = MCly(s) —872+ AH

¢ Calculated by using Madelung constants of 1.748
and 5.039 for the NaCl and CaF, structures, respec-
tively, with r¢;- = 1.81 A and » (the Born exponent)
equal to 9.

It is evident that, although the energies of reactions (1) to (4) favor MCl
over MCI, (by 973 kJ mol™?), this is overbalanced by the superior lattice
energy of MCl,. From the above figures we can calculate for the reaction

2MClI(s) = MCl,(s)+ M(s)

that AH= —180—AH,,,,. Since AH.,,, will be 130-150 kJ mol~' for a
divalent metal such as Ca, the AH of the above reaction will be —310 to
—330 kJ mol 1. It should be noted that, of course, the true measure of the
stability of MCI against disproportionation would be AF for the above
reaction, not AH. However, it may be stated with confidence that the entropy
change for such a reaction, in which all reactants and products are solids,

must be very close to zero. The enthalpy is thus a reliable guide in his type
of problem.

2-6. Covalent Solids

Elements. Those elements that form extended covalent (as opposed to
metallic) arrays are boron, all the Group IV elements except lead, also phos-
phorus, arsenic, selenium and tellurium. All other elements form either only
metallic phases or only molecular ones. Some of the above elements, of
course, have allotropes of metallic or molecular type in addition to the phase
orphases that are extended covalent arrays. For example, tin has a metallic
allotrope (white tin) in addition to that with the diamond structure (grey tin),
and selenium forms two molecular allotropes containing Seq rings, isostruc-
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(a) (b)

Fig. 2-8. The diamond structure seen from two points of view. (a) The conventional
cubic unit cell. (b) A view showing how layers are stacked; these layers run perpendicular
to the body diagonals of the cube.

tural with the rhombic and the monoclinic form of sulfur. For tellurium we
have a situation on the borderline of metallic behavior.

The structures of the principal allotropic forms of all the elements will be
discussed in detail as the chemistry of each element is treated. For illustrative
purposes; we shall mention here only oneé siich structure, the diamond struc-
ture, since this is adopted by several other elements and is a point of reference
for various other structures. It is shown from two points of view in Fig. 2-8.
The structure has a cubic unit cell with the full symmetry of the group T,.
However, it can, for some purposes, be viewed as a stacking of puckered
infinite layers. It will be noted that the zinc blende structure (Fig. 2-3) can
be regarded as a diamond structure in which one-half of the sites are occu-
pied by Zn®* (or other cation) while the other half are occupied by S2~ (or
other anion) in an ordered way. In the diamond structure itself all atoms are
equivalent, each being surrounded by a perfect tetrahedron of four others.
The electronic structure can be simply and fairly accurately described by
saying that each atom forms a localized two-electron bond to each of its
neighbors.

Compounds. As soon as one changes from elements, where the adjacent
atoms are identical and the bonds are necessarily non-polar, to compounds,
there enters the vexatious question of when to describe a substance as ionic
and when to describe it as covalent. No attempt will be made here to deal
with this question in detail for the practical reason that, very largely, there
is no need to have the answer—even granting, for the sake of argument
only, that any such thing as “the answer” exists. Suffice it to say that bonds
between unlike atoms all have some degree of polarity and (a) when the polar-
ity is relatively small it is practical to describe the bonds as polar covalent
ones and (b) when the polarity is very high it makes more sense to consider
that the substance consists of an array of ions.
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2-7. Metals

It is evident, even on the most casual inspection, that metals have many
physical properties quite different from those of other solid substances.
Although there are individual exceptions to each, the following may be cited
as the characteristic properties of metals as a class: (1) high reflectivity,
(2) high electrical conductance, decreasing with increasing temperature,
(3) high thermal conductance, and (4) mechanical properties such as strength
and ductility. An explanation for these properties, and for their variations
from one metal to another, must be derived from the structural and electronic
nature of the metal.

Metal Structures. Practicaily all metal phases have one of three basic
structures, or some slight variation thereof, although there are a few excep-
tional structures which need not concern us here. The three basic structures

Fig. 2-9. A body-centred cubic, bcc, structure.

) Cr Mn .@@@ Ga Ge
HEEOEE = @E

- = FEOHHOOE
O O 4o

ccp hep bee hep /ccp

Fig. 2-10. The occurrence of hexagonal close-packed (hep), cubic close-packed (ccp)
and body-centered (bec) structures among the elements. Where two or more symbols are
used, the largest represents the stable form at 25°C. The symbol labelled heplecp signifies
a mixed ... ABCABABCAB ... iype of close packing, with overall hexagonal symmetry.
[Adapted, with permission, from H. Krebs Grundziige der anorganishen Kristallchemie,

F. Enke Verlag, 1968.]
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are cubic and hexagonal close-packed, which have already been presented in
Section 2.1, and body-centered cubic, bee, illustrated in Fig. 2-9. In the bce
type of packing each atom has only eight instead of 12 nearest neighbors,
although there are six next nearest neighbors that arc only about 15% further
away. It is only 92% as dense an arrangement as the hep and cep structures.
The distribution of these three structure types, hep, cep, and bec, in the Peri-
odic Table is shown in Fig. 2-10. The majority of the metals deviate slightly
from the ideal structures, especially those with hep structures. For the hcp
structure the ideal value of c/a, where ¢ and a are the hexagonal unit-cell
edges, is 1.633, while all metals having this structure have a smaller c/a ratio
(usually 1.57-1.62) except zinc and cadmium for which c/a values are 1.86
and 1.89, respectively. While such deviations cannot in general be predicted,
their occurrence is not particularly surprising since for a given atom its six
in-plane neighbors are not symmetrically equivalent to the set of six lying
above and below it, and there is consequently no reason why its bonding to
those in the two non-equivalent sets should be precisely the same.

Metallic Bonding. The characteristic physical properties of metals as well
as the high coordination numbers (either 12 or 8 nearest neighbors plus 6
more that are not too remote) suggest that the bonding in metals is different
from that in other substances. Clearly there is no ionic contribution, and it
is also obviously impossible to have a fixed set of ordinary covalent bonds
between all adjacent pairs of atoms since there are neither sufficient-electrons
nor sufficient orbitals. Attempts have been made to treat the problem by
invoking an elaborate resonance of electron-pair bonds among all the pairs
of nearest neighbor atoms and this approach has had a certain degree of
success. However, the main thrust of theoretical work on metals is in terms
of the band theory, which gives in a very natural way an explanation for the
electrical conductance, luster and other characteristically metallic properties.
While a detailed explanation of band theory would necessitate a level of
mathematical sophistication beyond that appropriate for this book, the
qualitative features are sufficient.

Let us imagine a block of metal expanded, without change in the geometric
relationships between the atoms, by a factor of, say, 10°, The interatomic
distances would then all be 10? greater, that is, about 300-500 A. Fach
atom could then be described as a discrete atom with its own set of
well-defined atomic orbitals. Now let us suppose the array contracts, so that
the orbitals of neighboring atoms begin to overlap and hence interact with
each other. Since there are so many atoms involved this gives rise, at the
actual internuclear distances in metals, to sets of states so close together as
to form essentially continuous energy bands, as illustrated in Fig. 2-11.
Spacially these bands are spread through the metal, and the electrons that
occupy them are completely delocalized. In the case of sodium, shown in
Fig. 2-11, the 3s and 3p bands overlap.

Another way to depict energy bands is that shown in Fig. 2-12. Here
energy is plotted horizontally and the envelope indicates on the vertical the
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2s
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o

Internuclear separation —

Fig. 2-11. Energy bands of sodium as a function of internuclear distance. ro represents
the actual equilibrium distance. [Reproduced by permission from J. C. Slater, Introduction
to Chemical Physics, McGraw-Hill Book Co., 1939.]

number of electrons that can be accomodated at each value of the energy.
Shading is used to indicate filling of the bands.

Completely filled or completely empty bands, as shown in Fig. 2-12(a)
do not permit net electron flow and the substance is an insulator. Covalent
solids can be discussed from this point of view (though it is unnecessary to
do so) by saying that all electrons occupy low-lying bands (equivalent to the
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bonding orbitals) while the high-lying bands (equivalent to antibonding orbit-
als) are entirely empty. Metallic conductance occurs when there is a partially
filled band, as in Fig. 2-12(b); the transition metals, with their incomplete
sets of d electrons, have partially filled d bands and this accounts for their
high conductances. The alkali metals have half-filled s bands formed from
their s orbitals, as shown in Fig. 2-11; actually these s bands overlap the p
bands and it is because this overlap occurs also for the Ca Group metals,
where the atoms have filled valence shell s orbitals, that they nevertheless
form metallic solids, as indicated in Fig. 2-12(c).

Cohcsive Energies of Metals. The strength of binding among the atoms
in metals can conveniently be measured by the enthalpies of atomization.
Fig. 2-13 shows a plot of the energies of atomization of the metallic elements,
lithium to bismuth, from their standard states. It is first notable that cohesive

DM (kd mol ™)

850 298 w ' |
) @-—1@ First long Period

800 // \\ OO Second long Period
Ta/ ® Re @——@ Third long Period

750

700

650

600

550

500

450

400

350

300

250

200

150

100

50

Fig. 2-13. Heats of atomization of metals, AHzys for M(s)—>M(g). [Reproduced by
permission from W. E. Dasent, Inorganic Energetics, Penguin Books, Ltd., 1970.)
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energy tends to maximize with elements having partially filled d shells, i.e.,
with the transition metals. However, it is particularly with the elements near
the middle of the 2nd and 3rd transition series, especially Nb-Ru and Hf-Ir,
that the cohesive energies are largest, reaching 837 kJ mol™" for tungsten.
It is noteworthy that these large cohesive energies are principally due to the
structural nature of the metals whereby high coordination numbers are
achieved. For a hcp or ccp structure, there are six bonds per metal atom
(since each of the 12 nearest neighbors has a half share in each of the
12 bonds). Therefore, each bond, even when cohesive energy is 800 kJ mol~ 1
has an energy of only 133 kJ mol ™%, roughly half the C—C bond energy in
diamond where each carbon atom has only four near neighbors.

2-8. Defect Structures

All the foregoing discussion of crystalline solids has dealt with their per-
fect or ideal structures. Such perfect structures are seldom if ever found in
real substances and, while low levels of imperfections have only small effects?
on their chemistry, the physical (i.e., electrical, magnetic, optical and mechan-
ical) properties of many substances are often crucially affected by their
imperfections. It is, therefore, appropriate to devote a few paragraphs to
describing the main types of imperfection, or defect, in real crystalline solids.
We shall not, however, discuss the purely mechanical imperfections such as
mosaic structure, stacking faults, and dislocations, all of which are some sort
of mismatch between lattice layers.

Stoichiometric Defects. There are some defects that leave the stoichio-
metry unaffected. One type is the Schottky defect in ionic crystals. A Schottky
defect consists of vacant cation and anion sites in numbers proportional to
the stoichiometry; thus, there are equal numbers of Na* and CI~ vacancies
in NaCl and 2CI~ vacancies per Ca2* vacancy in CaCl,. A Schottky defect
in NaCl is illustrated in Fig. 2-14(a).

When an ion occupies a normally vacant interstitial site, leaving its proper
site vacant, the defect is termed a Frenkel defect. Frenkel defects are most
common in crystals where the cation is much smaller than the anion, for
instance, in AgBr, as illustrated schematically in Fig. 2-14(b).

Non-stoichiometric Defects. These often occur in transition-metal com-
pounds, especially oxides and sulfides, because of the ability of the metal
to exist in more than one oxidation state. A well-known case is “FeO” which
consists of a ccp array of oxide ions with all octahedral holes filled by Fe?*
ions. In reality, however, some of these sites are vacant, while others—suffi-
cient to maintain electroneutrality—contain Fe>* ions. Thus the actual stoi-
chiometry is commonly about Fe, 4sO. Another good example is “TiO”
which can readily be obtained with compositions ranging from Tip 74,0 to
Ti, 4O depending on the pressure of oxygen gas used in preparing the
rinl

mata
rilavvy

2- 1. M. Thomas, Chem. in Britain, 1970, 6, 60.
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Displaced

Fig. 2-14. (a) A Schottky defect in a layer of NaCl (b) A Frenkel defect in a layer of
AgBr. The defects need not be restricted to one layer, as shown here.

Non-stoichiometric defects also occur, however, even when the metal ion
has but one oxidation state. Thus, for example, CdO is particularly liable to
lose oxvgen when heated, to give yellow to black solids of composition
Cd; +,0. A comparable situation arises when NaCl is treated with sodium

appropriate number (ny) of anion sites are then devoid of anions but occupied
by electrons. The electrons in these cavities behave roughly like the simple
particle in a box and there are excited states accessible at energies corre-
sponding to the energy range of visible light. Hence these cavities containing
electrons are color centers, commonly called F centers, from Farbe (German
for color).

The existence of defects has a simple thermodynamic basis. The creation
of a defect in a perfect structure has an unfavorable effect on the enthalpy;
some coulombic or bonding energy must be sacrificed to create it. However,
the introduction of some irregularities into an initially perfect array markedly
increases the entropy; a TAS term large enough to cancel the unfavorable AH
term will thus arise up to some limiting concentration of defects. It is possible
to write an expression for the concentration of defects in equilibrium with
the remainder of the structure just as though a normal chemical equilibrium
were involved.

Finally, there are defects resulting from the presence of impurities. Some
of these, when deliberately devised and controlled, constitute the basis for
solid-state electronic technology.® For example, a crystal of gérmanium
(which has the diamond structure) can be “doped” with traces of either
gallium or arsenic. A gallium atom can replace one of germanium but an
electron vacancy is created. An electron can move into this hole, thus creating

3 8. J. Bass, Chem. in Britain, 1969, 5, 100.
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a hde elsewhere. In effect, the hole can wander through the crystal and under

the influence of an electrical potential difference travel through the crystal

in adesired direction. The hole moves in the same direction as would a posi-
~ tive charge and gallium-doped germanium is therefore called a p-type (for
positive) semiconductor. Whenever an arsenic atom replaces a germanium
atom an electron is introduced into a normally unfilled energy band of ger-
manium. These electrons can also migrate in an electric field and the arsenic-
doped material is called an n-type (for negative) semiconductor.

Doped silicon and germanium are technologically the most important
types of semiconducting material. In order to have reproducible performance
the type and level of impurities must be strictly controlled and thus superpure
silicon and germanium must first be prepared (cf. Chapter 11) and the desired
doping then carried out. In addition to silicon or germanium as the basis
for creating semiconductors, it is also possible to prepare certain isoelectronic
III-V or II-VI compounds, such as GaAs or CdSb. Holes or conduction
electrons can then be introduced by variation of the stoichiometry or by
addition of suitable impurities.

Semiconductor behavior is to be found in many other types of compound,
as for example in Fe, _,0 and Fe, _,S where electron transfer from Fe?* to
Fe3* causes a virtual migration of Fe** ions and hence p-type conduction.
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3
The Nature of Chemical Bonding

THE VALENCE BOND APPROXIMATION

3-1. The Two-center Electron-pair Bond

Normally, we use the word bond to describe the linkage between a partic-
ular pair of atoms as, for example, the H and Cl atoms in HCI, or the N and
one of the H atoms in NH;. The student will already be familiar with the
Lewis electron dot symbols for atoms and molecules whereby we would
represent the HCl and NH; molecules by (3-) and (3-II). The basic idea of

H:Cl: ‘N:H
H
3-1 (3-1I1)

the Lewis theory is that chemical bonds are due to the sharing of one or more
pairs of electrons between two atoms. Thus the bond in HCl results from the
sharing of one hydrogen electron and one chlorine electron (equation 3-1):

H- + -Cl: - H:Ce ... (3-1

In other cases, though less commonly, two or three pairs may be shared
(equation 3-2): N+ N > NN .. (32)
Furthermore, it is not necessary that the electrons constituting the bond be
contributed equally by the two atoms. For example, there is the coordinate

bond, illustrated by equation 3-3:

F C2H5 F /Csz
F:B + 0 — FiB:0 .. (33
F CH; F o cH,

All these various bonds, whether single or multiple, are called covalent
bonds. However, it is possible even in this simple approach to recognize the
difference between non-polar covalent bonding and polar covalent bonding.
In a homonuclear diatomic molecule, the shared electron pair or pairs must
be shared equally and thus there is no polarity in the system nucleus-elec-
trons-nucleus. In a heteronuclear diatomic molecule, however, one of the

72
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atoms will, in general, have a greater affinity for the electrons than the other,
and the bond will therefore be polar as in (3-III).

5+ &2

H s

(3-11D
The intrinsic polarity of the bond should not be confused with the polarity
that the molecule as a whole may have for other reasons.

These simple ideas were formulated before the advent of wave mechanics.
Quantum theory not only justifies their use but enables us to refine and extend
them. In attempting quantitative quantum-mechanical treatment of chemical
bonds, approximations must be made. Traditionally, there have been two
broad groups of approximations, called the valence bond (VB) and the molec-
ular orbital (MO) treatments. The former is essentially a direct attempt to
invest the qualitative ideas just outlined with quantum-mechanical validity,
and it is therefore logical to continue the discussion with a summary of the
valence-bond formalism, including such concepts as resonance, valence states
and hybridization that arise within this framework. The molecular-orbital
formalism will be presented in a following Section.

If we have two atoms—for simplicity, two hydrogen atoms—infinitely
far apart, the wave function of this system is

Y =yYa¥s e (3-4)
where ¥, is the wave function for the first hydrogen atom, i is the wave
function for the second hydrogen atom and y is the joint wave function
for the system. Equation 3-4 implies that neither atom disturbs the other,
which is, of course, to be expected if they are far apart. We can also see that
the total energy of the system ought to be

= E,+Ez=2Ey ... (3-5)
This result can easily be shown to follow by putting equation 3-4 into the
wave equation, thus:

HY = Ey
%(wAII/B) = Ya ‘yf‘l’B+l//B yf‘/’A
= ‘/’AEB‘I/B'*“/’BEA‘PA
= (EA'*'EB)(‘//AJ/B) = EO*/’ (3'6)

What we have done so far is completely rigorous, but it is also rather
useless since we are interested in calculating the energy of the system when
thetwo hydrogen atoms approach one another closely and form a bond. The
energy of the system is then E’, which is less than E° by an amount we call
the bond energy. However, our first attempt to calculate the bond energy
makes use of the above considerations regarding the wave function.

We begin by assuming that the wave function in equation 3-4 remains a
reasonably good approximation, even when the atoms approach one another
cloely. We shall rewrite it in the following more explicit form:

4 P

gy = Pa(1) YD ... 37
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where we have specifically assigned electron 1 to atom A and electron 2 to
atom B. Now in order to calculate the energy of the molecule we must solve
the wave equation for small valucs of the internuclear distance. To do so we
first rearrange it in the following way:

Sy = E
W =yt EY = Byt

J W dt =E J Wy dr
or

... (3-8)

Note that in these arrangements we have written /* Eyy = Ejy*y because £
is simply a numerical factor, whereas y* 3/ cannot be so rearranged because
J¢ is not simply a number but instead a symbol for an operation to be per-
formed on whatever function follows it.

At close distances the Hamiltonian contains terms involving the reciprocals
of the distance of electron 1 from nucleus B, the distance of electron 2 from
nucleus A and r;,, the distance between the two electrons. Now when the
atoms are far apart these reciprocal distances are so small that these terms
are negligible, but as the atoms move together théy become progressively
more important. Thus the numerator on the right-hand side of equation 3-8
is a function of the internuclear distance, r. If we compute the energy as a
function of the internuclear distance, which can be done by laboriously

I I I T I
2 f—
1 -
\(0)
(o] .
3 . (b)
- {c) n
&
v
G -2F —
..3— —
(d)
4l (e) A
I | I | |
1 2 3 4 5

Internuclear distance, r {units of °o)

Fig. 3-1. Potential energy curves for the hydrogen molecule.
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solving equation 3-8, we obtain the results shown in curve a of Fig. 3-1. Thus
we find that the energy of the system does decrease (by ~1/4 eV at the
minimum) as the atoms approach, giving a minimum at r = 1.7a,.7 Curve e
is the actual potential energy function for H,, and it can be seen that our
calculated results are qualitatively right but quantitatively rather disap-
pointing.

We can make a dramatic improvement in our results by correcting an
error in our wave function. Equation 3-7 states that we know that electron 1
is associated with atom A and electron 2 is associated with atom B. But
in fact we do not and cannot know this. The electrons are not labeled so we
cannot tell them apart to begin with, and, more importantly, we cannot
attempt to follow any one electron in a system containing several. This is
because wave mechanics does not tell us where any particular electron is
but only the probability of finding an electron at a given place. Thus we
are no more entitled to use ¥, as an approximate wave function than to use

Ve Yo = YA Us(D) e (39)
Thus if either one is equally likely to be right, we use both, namely:
Yeoy = (W1 +V2) ... (3-10)

If now we solve for the energy as a function of r using equation 3-10 we
obtain curve b of Fig. 3-1, which is obviously a vast improvement and
indicates that, provided we allow for the indistinguishability of electrons,
the basic approach we have taken is not unrealistic.

Further improvement in the results can be made by modifying ¥, in
accord with the dictates of physical intuition. Y, is only a combination
of the hydrogenic wave functions. Although we are correct in assuming that
one electron does not affect the other at large distances, we may well expect
that when they are close together the forms of ¥, and ¥y will differ at least
quantitatively from that of the unperturbed hydrogen orbital. Just as in a
multielectron atom we use hydrogenic wave functions, but recognize that
the electrons mutually shield one another to varying degrees from the nuclear
charge, so we can allow for the existence of shielding in the H, molecule.
We can do this again by using a number Z*, rather than Z = 1, for the effec-
tive nuclear charge. When this is done, curve ¢ (Fig. 3-1) is obtained. We
now have a binding energy of 3.76 eV, which is a reasonably good approxi-
mation to the experimental value of 4.72 ¢V. There is another refinement that
can be made fairly straightforwardly, and a consideration of this introduces
the concept of resonance.

Any wave function of the type 3-10, however we modify the exact forms of
Y, and g, still states that we consider only the possibility that one electron
is associated with one atom and the other electron is associated with the other

t a, is the so-called Bohr radius, the radius of the most stable hydrogen-atom orbit

in Rohr’s semiclassical theory, and also the radius at which the 1s wave function maximizes

in the wave-mechanical theory. It is thus a “natural” unit for atomic radii, with a
magnitude 0.529 A.
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atom. But there is, of course, some finite chance that both clectrons will
occasionally be in the same atomic orbital. Wave functions describing such
a state would be Y (I A(2) and yy(Drp(2), and, because v, and Yy are
identical in form, we have no rcason to prefer one over the other. We there-
forc usc both as follows:

Vion = WA (D) Ya@)+ (D) Yr3(2) - (3-11)

We have called the wave function 3-10 ¥, because it states that the electrons
are shared (in this case shared exactly equally because the two atoms are
identical); similarly, we call the wave function 3-11 s, , since it represents a
state to which ionic forms contribute. The way in which we combine equa-
tions 3-10 and 3-11 is to write:

Y= (1~24+227" [(1 = D¥reor+ Wion] - (3-12)

in which A is a mixing coefficient, which tells how much of the ionic wave
function is mixed in with the covalent wave function. We have also
introduced a normalizing factor. It is necessary to do a considerable amount
of tedious calculation to determine what value of A gives the best (that is,
lowest) value of the energy. It turns out to be ~1/5, and the new value of the
minimum energy is 4.10 eV. Curve d (Fig. 3-1) shows part of the potential
energy function obtained with a wave function of the type 3-12.

-..-The formulation we have described for the bond in H, is, in essence, the

following. We have selected an orbital on each atom, ¥, and Vg, each
containing one electron, and combined the wave functions of these orbitals
into a wave function for the two electrons together, namely, ¥ ,(I)s(2) +
+ YA (Qrs(1). This process is called pairing the electrons, and the valence-
bond (VB) method is sometimes called the method of electron pairs. There
is another important feature of the process which we have not as yet
mentioned explicitly. The wave function for the bonding electrons can, like a
single atomic wave function, be described by a set of quantum numbers.
Whatever these quantum numbers may be, it is clear that both electrons in
the bond have the same set, since by the nature of equation 3-12 their distri-
butions in space are identical. They must therefore differ in their m, values in
order to satisfy the exclusion principle. We shall call this adoption of different
m; values by two electrons spin pairing, or just pairing. We can in fact state
the general rule that only when spin pairing occurs does there result an
attractive force and hence an electron-pair bond. Curve f (Fig. 3-1) shows the
potential energy curve when two hydrogen atoms approach in such a way
that their spins remain unpaired, that is, with the same quantum number or
direction. It is seen that the net force of interaction is strongly repulsive, and
this state is called a repulsive state.

It is obvious that these principles can be extended to describe many
chemical bonds and that they represent a rationalization in terms of wave
mechanics of G. N. Lewis’ idea of the electron-pair bond. Whenever we
have two atoms, each with at least one unpaired electron, they may unite
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to form a bond in which these two electrons are paired. For example, two
lithium atoms, each with the configuration 1s?2s, combine to form Li, by
pairing their 2s electrons, and two chlorine atoms, each with the configura-
tion [Ne]3s?3p23p23p,, combine by pairing their odd 3p, electrons.

Multiple bonding may also be treated in this way. For example, two
nitrogen atoms, each with the configuration 1s?2s*2p,2p,2p,, unite and form
a triple bond by pairing electrons in corresponding p orbitals. Similarly, we
can consider a methylene radical, H,C:, to have two unpaired electrons, so
that two of them unite to give ethylene with a double bond. There is one case
in which the simple VB method leads to a qualitatively incorrect prediction
concerning electronic structure, and that is O,. An oxygen atom has the
ground state configuration 1s?2s*2p22p 2p,, and we should therefore expect
two of them to unite forming two electron-pair bonds. Actually the O,
molecule has a bond energy indicative of a double bond, but it also has two
unpaired electrons, a combination which is awkward to rationalize, much
less predict, in simple VB terms. This failure is due, not to any fundamental
error in the VB method, but to our use of too rough an approximation.
However, the molecular-orbital (MO) method, even in a very crude approx-
imation, gives the correct result for O, , as will be seen below.

3-2. Resonance

The wave function (equation 3-12) has an interpretation in terms of simple
electron dot pictures. The three canonical forms (3-IVa, b and c¢) correspond,
H:H «— ﬁ :}—{4—> ﬁ: f—i
(3-IVa) (3-IVb) (3-IVc)

respectively, to the wave functions ¥ ,(D¥a(2) + ¥ a@)Ws(1), Ya(1)4(2) and
Ya(D(2). The double-headed arrows between them indicate that they are in
resonance with one another, or, to put it another way, that the actual elec-
tronic state of the molecule is a resonance hybrid of these three structures. This
concept of resonance is a useful one provided it is not misinterpreted.
H, never has, at any time in its normal ground state life, any one of the three
structures shown. Taken one at a time they are only figments of our imagina-
tion but, as shown in the preceding Section, we obtain a satisfactory descrip-
tion of the molecule by supposing it to be in a state that is a hybrid of all
three in certain proportions.

Before proceeding to consider further examples of resonance, a few
remarks about the mathematical justification for the concept should be
made. We have already seen that, for H,, when we used the normalized
function (1 — AW, +W,,, instead of just Y., we calculated a lower and
more nearly correct energy for the system. If we had used ¥, alone, we
should have obtained an extremely high energy. Yet, the linear combination
of the two gives us an energy which is lower than that for either one sepa-
rately. The amount by which the energy of the mixed state lies below the energy
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of the more stable of the two single states is called the resonance energy. It
would be simpler to sce how it comes naturally out of the solution of the
wave equation if we take an example in which the two canonical forms are
equivalent. We can writc for NOJ, the nitrite ion, the two canonical forms
(3-Va) and (3-Vb). Each of these forms can be described by a wave function,

PANDNPAN
O/ \0 (_’O \0
(3-Va) (3-Vb)

namely, Yy, and y,,, and cach of these wave functions would give the same

energy, E°, if used in the wave equation with the appropriate Hamiltonian,

H:
J ‘p;k’n ‘;flpVa dr

E° =L =J'l//>f,u Hry, dr

J ‘Pi‘;a l//Va dT
f lV\k'b Hry,dt
= j ‘p\ﬂ;b‘#l/’Vde ) <. (3-13)
J ‘/’31:‘/’% dt

———-where we-have- assumed-that-y/y,-and -y, are-each-already normalized.-If .-
we wish to take account, mathematically, of the resonance depicted above,
we must solve the wave equation, using the same Hamiltonian but with a
linear combination of Yy, and ¥,. From the symmetry it is obvious that
this must be the symmetrical combination ({/y, +/y;) where the two are given
equal weights. Let us now see what happens when we solve for the energy,
E’, using this wave function:

J‘ (lp;k’a + l//;kfb) H (WVa + lpVb) dt
E' =

J‘ (‘p;k'a + lllib) (Uvat+ivp)de

J‘Wf’a'}f‘//VadT +J l//flayf‘p%df +J Wb Hry, dt +J l//\ﬂ;b%lpVde

J ‘/’$a Uyadt +J lp\ﬂ;a Yypdt +J l//:;bIPVa dt +J‘ '/jib Yypdr
... (3-14)

Taking account of the normalization, using the following definitions

J lp;k/al//Vde = J“pf’b‘pVa dt=S

J‘Wfraﬁflﬁw,df =j¢3b%¢VadT = Ey
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and, remembering equation 3-13, we can rewrite equation 3-14 as:
_E°+Eg
1+S

since S, called the overlap integral, is usually small compared to 1. Thus
we see that E’ is lower than E° by Eg, the resonance energy.t

The equality of the two integrals called Ey is only true so long as i, and
¥y, are wave functions giving the same energy. Moreover, the value of such
an integral diminishes rapidly the greater the difference in the energies given
by yry, and v, separately in case the two wave functions are not equivalent.
Thus stabilization of a molecule by resonance is greatest when the canonical
forms contributing to the hybrid are close in energy, and best of all, identical.
We might, for example, have taken the trouble to make our calculations with
a wave function (Yy,+yv,+Ay.) where Yy, describes structure (3-Vc).

El

~ E°+Ey . (3-15)

N

.7\

Q Q
(3-Vo)

For various reasons (for example, the O—O distance is too great to permit
the formation of a strong O—O bond, whereas we are at the same time giving
up a rather strong N—O bond), the species (3-V¢) would have a far higher
energy than (3-Va) or (3-Vb), and this calculation using (v, + ¥y, +Ay.)
will not give us a significantly lower energy than we can obtain by using
only (Yva+¥ve)-

The hydrogen molecule has provided an example of covalent—ionic reso-
nance in a particular bond. Because structures (3-IVb) and (3-IVc¢) are of
importance in an accurate description of the bond from the VB point of view,
we say that the bond has some jonic character. However, the polarity
that (3-Vb) introduces is exactly balanced by the polarity that (3-Vc)
introduces, so that the bond has no net polarity. It is therefore called a
nonpolar covalent bond. It is important not to confuse polarity and ionic
character, although, unfortunately, the literature contains many instances
of such confusion. When we turn to a heteronuclear diatomic molecule,
we necessarily have bonds that have both ionic and polar character. Even
for the pure covalent canonical structure of HCI (3-Ia) there is bond polarity

.s prs X
HC1 <> H Cl: <> H: C.lz
(3-Ia) (3-Ib) (3-Ic)

because the two different atoms necessarily have different affinities for the
electron pair. This pair is thus shared, but not equally shared. It is also to be
expected that the ionic structures (3-Ib) and (3-Ic) make some contribution.

Owing to the facts that (a) hydrogen and chlorine have about equal first

ionization pnh:nﬁaiq? but {h) chlorine has a far higher electron aﬂ’inify than

LLiiiidis, DUl Y CaCLuiil alilliily ilail

¥ 1t is lower because all three are intrinsically negative.
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hydrogen, (3-Ic) is much less favorable energetically and hence contributes
much less to the resonance hybrid than (3-Ib). Since the whole scheme we
are using here is essentially qualitative, we normally ignore (3-Ic) and con-
sider the ionic-covalent resonance in HCl to be adequately described by
(3-Ia<«>3-Ib).
The CO molecule can be considered as a resonance hybrid of the following
canonical structures: . .= .,
HORR{0 IR o :C:Q: > :C:O
(3-Vla) (3-VIb) (3-VIc)

Pauling has estimated that all three are of comparable importance, which is
in accord with the low (0.1 p) dipole moment of the molecule, although
the very short bond distance (1.13 A) would suggest that (3-VIc) is predo-
minant. The low dipole moment can be perhaps explained on the basis of
smaller contributions from (3-VIa) and (3-VIb) if polarity due to lone-pair
moments (page 120) is taken into account.

One final comment should be made here concerning the error of attributing
any physical reality to a particular canonical form. The two or more wave
functions we combine to make the total wave function must represent only
differences in the distribution of electrons about a fixed and constant nuclear
framework. Now, if such a molecule as is represented by (3-Va) or (3-Vb) for
NO; really existed, we should expect that the N—O distance would be

" appreciably shorter than the N—O distance. Thus (3-Vb) could not be

obtained from (3-Va) simply by redistributing electrons. We should also have
to shift the nuclear framework, and it is just this that is foreign to the whole
concept of resonance. Thus the structures (3-Va) and (3-Vb) cannot represent
real molecules, but only hypothetical ones. In our subsequent discussion of
molecular-orbital theory we shall examine an alternative method of getting
the same results.

3-3. The States Derived from Electronic Configurations

In developing the valence-bond (VB) approach to chemical bonding our
next consideration must be promotion energies to so-called valence states.
However, in order to speak meaningfully about this, it is first necessary to
make a diversion into the concept of electronic states that arise from elec-
tron configurations. For example, the statement that an atom has a p* con-
figuration gives a very incomplete description of its condition because there
are three states each having different values for the properties: angular
momentum, spin, and, particularly, energy. These three states have energies
that differ by as much as 400 kJ mol~!! Not only will an understanding of
how these different states arise from a given configuration be essential in the
furtherance of the outline of VB theory, but the subject is indispensable in the
presentation of crystal and ligand field theories of bonding in transition-
metal complexes (Chapter 20).
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A state may be defined for present purposes by specifying the configuration
from which it arises, its energy, its orbital angular momentum and its spin.
A state so characterized corresponds to the spectroscopist’s multiplet. The
term multiplet is used because, in fact, there are a number of components of
the state which, in general, differ in energy by much less than one such state
differs from another. These components of the state or multiplet have
different values of the total angular momentum, which is a result of the com-
bination of the orbital and spin angular momenta. Now the three characteris-
tic quantities of a state of the system have magnitudes that are determined
by the manner in which the three corresponding quantities for each of the
individual electrons combine to produce the resultant quantities for the
entire group of electrons. Even for the simplest cases, this is a complicated
matter that cannot be dealt with entirely rigorously. However, we are
fortunate in finding, from experiment, that for the lighter atoms (up to,
approximately, the lanthanides) Nature follows a scheme that can be under-
stood to a fairly accurate level of approximation by using a set of relatively
simple rules. This set of rules may be designated the Russell-Saunders or LS
coupling scheme, and it forms the subject of this Section.

Each electron in an atom has a set of quantum numbers, #n, I, m;, mg; it is
the last three that are of concern here. Just as /is used, as ./I(/+ 1), to indicate
the orbital angular momentum of a single electron, there is a quantum num-
ber L such that ./L{L+1) gives the total orbital angular momentum of the
atom. The symbol M is used to represent a component of L in a reference
direction and is analogous to m, for a single electron. Similarly, we use a
quantum number S to represent the total electron spin angular momentum,
given by /S(S+ 1), in analogy to the quantum number s for a single electron.
There is the difference here that s is limited to the value §, whereas S may take
any integral or half-integral value beginning with 0. Components of Sin a
reference direction are designated by Mg, analogous to m;.

Symbols for the states of atoms are analogous to the symbols for the
orbitals of single electrons. Thus the capital letters S, P, D, F, G, H ... are
used to designate states with L =0, 1, 2, 3, 4, 5 ... The use of S for both a
state and a quantum number is unfortunate, but in practice seldom causes
any difficulty. The complete symbol for a state also indicates the total spin,
but not directly in terms of the value of S. Rather, the number of different
M values, which is called the spin multiplicity, is used. Thus, for a state with
S =1, the spin multiplicity is 3 because there are three My values, 1, 0, —1.
In general the spin multiplicity is equal to 2S+1, and is indicated as a left
superscript to the symbol for L. The following examples should make the

usage clear: For M, = 4, § = 1, the symbol is G
For M, = 2, S = %, the symbol is *D
For M, = 0, S = 1, the symbol is *S

In speaking or writing of states with spin multiplicities of 1, 2, 3,4, 5,6 ...
we call them respectively, singlets, doublets, triplets, quartets, quintets,
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sextets ... Thus, the three states shown above would be called doublet G,
quartet D, and triplet S, respectively.

As in the case of a single electron, we may sometimes be interested in the
total angular momentum, that is the vector sum of L and S. For the entire
atom this is designated J. When required, J valucs arc appended to the
symbol as right subscripts. For example, a *D statc may have any of the
following J values, the appropriate symbols being as annexed.

L My J Symbol
2 33 tpy,
2 z 3 “Dsy
2 —3 3 “Ds
2 -3 1 Dy

In order to determine what states may actually occur for a given atom or

ion, we begin with the following definitions, which represent the essence of

the approximation we are using:
My =mP+mP+m® 4 L+ m™
Ms =mP+mP+mP+ .. +m®

in which m$) and m‘? stand for the m, and m, values of the ith electron in
an atom having a total of n electrons.

.. In general it is_not_necessary to pay specific attention to_all the_electrons

in an atom when calculating M; and Mj since those groups of electrons
that completely fill any one set of orbitals (s, p, d, etc.) collectively contribute
zero to M and to M. For instance, a complete set of p electrons includes
two with m;=0, two with m;=1, and two with m;= —1, the sum,
0+0+1+1—-1~1, being zero. At the same time, half of the electrons have
mg=7% and the other half have m,= —1, making My equal to zero. The
generalization to any filled shell should be obvious. Therefore, we need only
concern ourselves with partly filled shells.

For a partly filled shell, there is always more than one way of assigning
m; and m; values to the various electrons. All ways must be considered
except those that are either prohibited by the exclusion principle or are
physically redundant, as will be explained below. For convenience we shall

use symbols in which + and — superscripts represent m, = +4and m,= —1,
respectively. Thus, when the first electron has m, = 1, m, = +1, the second
electron has m; = 2, my= — 1, the third electron has m, =0, m;= +1, etc.,

we shall write (17,27, 0% ...). Such a specification of m, and m, values of all
electrons will be called a microstate.

Let us now consider the two configurations 2p3p and 2p>. In the first case,
our freedom to assign quantum numbers m;, and m; to the two electrons is
unrestricted by the exclusion principle since the electrons already differ in
their principal quantum numbers, Thus microstates such as (1%, 1) and
(07, 07) are permitted. They are not permitted for the 2p® configuration,
however. Secondly, since the two electrons of the 2p3p configuration can be
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distinguished by their » quantum numbers, two microstates such as (1 *,07)
and (07, 1%) are physically different. However, for the 2p* configuration,
such a pair are actually identical since there is no physical distinction between
“the first electron” and “the second electron.” For the 2p3p configuration
there are thus 6 x 6 = 36 different microstates, while for the 2p* configuration
six of these are nullified by the exclusion principle and the remaining 30
consist of pairs that are physically redundant. Hence, there are but 15 micro-
states for the 2p? configuration.

TABLE 3-1
Tabulation of Microstates for a p? Configuration
(@
Ms
M,
1 0 -1
2 1+,17)
1 (1%, 0%) (1+,07)1-,0%) (1-,07)
0 |a+, =17 | a*, —17)0%, 07", =17 | 47, —17)
=1 | (—=1%,0%) | (1%, 07)(~17,0%) (-1-,07)
-2 (—1%, —17)
(b)
Ms
M,
1 0 -1
2
1 (1%, 0%) (1-,0%) 1-,07)
0 |(1%, —1%) 1 (17, —=17)(0%,07) a-, —17)
=1 [(=1%,0%) | (~17,0%) (=17,07)
-2

Table 3-1a shows a tabulation of the microstates for the 2p* configuration,
in which they are arranged according to their M, and My values. It is now
our problem to deduce from this array the possible values for L and S.
We first note that the maximum and minimum values of M, are 2 and —2,
each of which is associated with Mg = 0. These must be the two extreme M,
values derived from a state with L =2 and S = 0, namely, a ' D state. Also
belonging to this !D state must be microstates with Mg=0 and M =1,
0 and — 1. If we now delete a set of five microstates appropriate to the 'D
state, we are left with those shown in Table 3-1b. Note that it is not important
which of the two or three microstates we have removed from a box which
originally contained several, since the microstates occupying the same box
actually mix among themselves to give new ones. However, the number of
microstates per box is fixed, whatever their exact descriptions may be.
Looking now at Table 3-1b, we see that there are microstates with M, =1,
0, —1 for each of the M values, 1,0, —1. Nine such microstates constitute
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the components of a * P state. When they are removed, there remains only a
single microstate with M, = 0 and My = 0. This must be associated with a 1.§
state of the configuration. Thus, the permitted states of the 2p? configuration
—or any np* configuration—are ' D, *Pand 'S. It is to be noted that the sum
of the degencracies of these states must be equal to the number of micro-
states. The 'S state has neither spin nor orbital degencracy; its degeneracy
number is therefore 1. The ' D state has no spin degeneracy but is orbitally
2L+ 1 = 5-fold degenerate. The *P state has 3-fold spin degeneracy and
3-fold orbital degeneracy giving it a total degeneracy number of 3x3 =9.
The sum of these degeneracy numbers is indeed 15.

For the 2p3p configuration the allowed states are again of the types S,
P and D, but now there is a singlet and a triplet of each kind. This can be
demonstrated by making a table of the microstates and proceeding as before.
It can be seen perhaps more easily by noting that for every combination of
m{! and m{? there are four microstates, with spin assignments + +, + —,
—+ and — —. One of these, either + — or — +, can be taken as belonging
to a singlet state and the other three belong then to a triplet state. It will be
noted that the sum of the degeneracy numbers for the six states D, D, 3P,
1p, 38, 1S is 36, the number of microstates.

For practice in using the LS coupling scheme, the reader may verify,

by the method used for np?, that an nd® configuration gives rise to the
states *F, 3P, *G, 'D and 1S, and that an np? configuration gives the states _

S, 2P, 2D.

While the method shown for determining the states of an electron
configuration will obviously become very cumbersome as the number of
electrons increases beyond perhaps 5, there is, fortunately, a relationship
that makes many of the problems with still larger configurations tractable.
This relationship is called the hole formalism, and with it a partially filled
shell of n electrons can be treated either as n electrons or as N —n positrons,
where N represents the total capacity of the shell. As far as electrostatic inter-
actions of electrons among themselves are concerned, it makes no difference
whether they are all positively charged or all negatively charged since the
energies of interaction are all proportional to the product of two charges.
It is actually rather easy to see that the hole formalism must be true, for,
whenever we select a microstate for n electrons in a shell of capacity N, there
remains a set of m; and my values that could be used by N—n electrons.

The several states derived from a particular configuration have different
energies. However, purely theoretical evaluation of these energy differences
is neither easy nor accurate, since they are expressed as certain integrals
representing electron-electron repulsions, which cannot be precisely evalu-
ated by computation. However, when there are many terms arising from a
configuration, it is usually possible to express all the energy differences in
terms of only a few integrals. Thus, when the energies of just a few of the
states have been measured, the others may be estimated with fair accuracy,
though not exactly, because the coupling scheme itself is only an approxi-
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mation. The magnitudes of the energy differences are generally comparable
to energies of chemical bonds and chemical reactions. For example, the
energies of the 1D and 'S excited states of the carbon atom in the configu-
ration 1s22s2p? are ~ 105 and ~ 135 kJ mol™?, respectively, above the 3P
ground state.

In this book, the major use for the energy differences between states will
be in the treatment of transition-metal ions by the crystal and ligand field
theories. Thus, further discussion of the energies will be deferred until then
(Chapter 20).

As mentioned above, each state of the type 25" 1L actually consists of a
group of substates with different values of the quantum number J. The energy
differences between these substates are generally an order of magnitude less
than the energy differences between the various states themselves, and
usually they can be ignored in ordinary problems of chemical interest.
However, in certain cases, for example, in understanding the magnetic prop-
erties of the lanthanides (see Chapter 27) and in nearly all problems with
the very heavy elements (those of the third transition series and the actinides)
these energy differences are of great significance and cannot be ignored.
Indeed, for the very heavy elements they become comparable in magnitude
to the energy differences between the ***!L states. When this happens, the
LS coupling method becomes inherently unreliable, so that different and
more complex treatments must be used.

The cause of the separation between substates with different J values is
direct coupling between the spin and the orbital angular momenta of the
electrons. In the LS coupling scheme, this is assumed to be negligible. Thus,
as stated, we assume that the m{” add only to one another and the m{ add
only to one another. When coupling between m{? and m{ for each electron
becomes very strong, it is possible to utilize another relatively simple method
to determine states of the electron configuration. In this method, known as
the jj coupling scheme, one assumes that the states arise from the various
combinations of j values for each electron. In the jj coupling scheme, the
quantum numbers M, and My are no longer meaningful and the states are
characterized by other quantum numbers. However, since jj coupling will
not find any direct application in the later parts of this book, we shall not
discuss it further here.

3-4. Promotion Energies to Valence States

An important factor in understanding both the strengths and the spacial
distribution of a set of chemical bonds is the electronic condition of the
central atom when it has—hypothetically—been promoted from its ground
state to a state in which it is fully ready to form the set of bonds. Actually
each atom in the molecule, whether central or peripheral, should be
considered to undergo a promotion to a valence state, but it is usually the
central atom that is of greatest concern.
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Let us consider, for illustration, the clements of Group IV, C, Si, Ge,
Sn and Pb, as they exercise their valence of 4:
M(g) +4X(g) = MX,(g)
M = C, Si, Ge, Sn, or Pb; .. (3-16)
X = H, F, CI, ctc.)
In order to be prepared to form four single bonds to the four X groups, the
M atom, which has a ground electronic state derived from the s%p? configu-
ration, must be promoted to a state in which the four valence electrons are
each in a different orbital and have their spins uncoupled from each other.
Fig. 3-2 shows the actual (spectroscopically observed) states of the carbon
atom; the patterns for those of Si and Ge are not very different. It is seen that
the s*p? configuration gives rise to three states; these are very similar to those
of a p? configuration, which have been derived in Section 3-3, since the s*
pair has L =0 and S = 0. The lowest state from the sp® configuration is one
with S'=2, i.e., all electron spins parallel. There are various triplet states
derived from sp® as well as some singlet states (not shown in Fig. 3-2) at
very high energies. From the experimental information on the separation of
the states with different orbital angular momenta and spin multiplicities it is
possible to calculate values for the mean spin-spin interaction energy and
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Fig. 3-2. The spectroscopic (real) electronic states of the carbon atom and the valence
state (hypothetical) called V4.
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orbital couplings. These may then be subtracted from the energies of the
various sp® states and the results may then be averaged to give an energy
that is the best estimate (but not a rigorous one) of the energy the atom would
have if its four valence electrons were all in different, equivalent orbitals with
their spins completely random. This is the valence state, called V,(sp?),
whose energy is also shown in Fig. 3-2.

The final step then is to combine the atom in the valence state, V,, with
the four X atoms (which have also been suitably promoted to a valence state)
to give the product MX,(g). The energy released in this final step is sometimes
called the intrinsic bond energy. For CH, and SiH, the various energies
(in kJ mol~?*) involved are as follows:

C Si
M(s?p?)(g) — M(sp*)(g) 404 399
M(sp®)(g) — M(V,)(g) 230 85
M(V4)(g) +4H(g) — MH.(g) —2290 —1780
M(s2p?)(g)+4H(g) — MH.(g) —1656 —1296
Thermochemical M—H bond energy 414 324
Intrinsic M—H bond energy 572 445

The foregoing discussion implicitly raises two questions. (1) Why do the
Group IV elements not form MX, compounds, since this would save most of
the promotion energy to the V, valence state, and (2) how is it that the V,
valence state leads to the formation of a tetrahedral MX, molecule, in which
all M—X bonds are equivalent when an sp® configuration has electrons in two
differently shaped orbitals. We reserve the second of these questions for
the next Section. The first can be answered fairly easily.

Even though the promotion energy to reach a valence state V, based on a
configuration s%p* would be much less than that to reach the state V,, the
intrinsic M—X bond energy is so high that the energy released on forming
four instead of two M—X bonds more than compensates for this. However,
note that for SiH, the intrinsic bond energy (as well as the thermochemical
bond energy) is lower than the C—H bond energy. In general, M—X bond
energies decrease down a group and the result is a trend toward less stability
for the higher valence compounds, although the picture is more complicated
than this because many of the lower-valence compounds become ionic rather
than molecular.

3-5. Hybridization

In discussing the promotion energy required to transform a Group IV
atym from its divalent s2p® ground-state configuration to the tetravalent
stite necessary to form its normal compounds (e.g., CH,), we discussed, but
dil not fully explain, the energy required to promote the atom from the
olservable, stationary state 5.5 based on the configuration sp®, to what we
cdled its valence state, V,. The sp® configuration referred to is, more speci-
fially, the configuration 2s2p,2p,2p.. Now, according to the preceding dis-
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z

Fig. 3-3. Geometric structure that methanc would have if the carbon atom used pure
hydrogenic orbitals, 2s, 2p., 2p, and 2p, to form C—H bonds.

cussion, if one atom, say A, with an orbital ¥, containing one electron,
is to form the strongest bond with another atom, B, then the A—B axis
should be along the direction in which y, has its maximum value. Thus if
atom A is to use its p, orbital, we should expect the A—B axis to be collinear
with the x axis. For an s orbital, of course, all directions are equivalent.
Thus if the valence state of the carbon atom were really the 2s2p,2p,2p,
stationary state, we should expect three hydrogen atoms to form bonds to
the p,, p, and p, orbitals, and thus lie along the x, y, and z axes. The fourth
hydrogen atom would bond to the s orbital and probably take up a position
equidistant from the other three.

——This hypothetical state-of-affairs-is depicted in-Fig.-3-3.- It s easily seen-that

the three angles H,—C—H,, H;,—C—H; and H,—C—H; are 90°, and
the three equivalent angles such as H,—C—H, are ~125°. Moreover,
since H;, H,, and H; are bonded to carbon through its p orbitals, all these
bonds should be equivalent and hence of equal length, whereas the C—H,
bond is formed by using a carbon s orbital and would not be expected to
have the same length, It is known with complete certainty, however, that
methane does not have such a structure. Actually all C—H distances and
H—C—H angles are equal, and the molecule is a regular tetrahedron, From
this we infer that the valence state of the carbon atom is one in which its
four valence electrons are in four equivalent orbitals that have their lobes
directed toward the apices of a tetrahedron. It is this valence state that we
have denoted as V,. Our next question, then, is how can we express such a
set of equivalent orbitals in terms of the basic set of hydrogenic orbitals 2s,
2p,, 2p,, and 2p.?

If we are to have four completely equivalent orbitals, they must each
have the same fraction of s character, namely, one-fourth, and the same
fraction of p character, namely, three-fourths, and the resulting orbitals
must be normalized. We can pick the direction for the first one arbitrarily,
80 let us put it along the z axis. Neither p, nor p, can contribute to this one
since they have precisely the value zero along the z axis, so this first one will
consist entirely of s and p,. Its general form must therefore be

N(s+kp,)
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where k is a mixing coefficient yet to be evaluated, and N is a normalizing
factor. & can be shown to be /3 since the probability of the electron having
D, character must be three times greater than of its having s character, and
these probabilities are proportional to the squares of the wave functions,

namely:
J (kp.)* dv

J(s)2 dt

and since p, and s are separately normalized, k = \/3 The value of N is then
easily found by normalizing (s+ \/§pz), namely:

J [N(s++/3p)]%d7 = 1

-1
N? = [Jszd1+3jp3dt]

= [1+3]7!
N=1/2

where we have also made use of the orthogonality of the s and p, orbitals.

The expressions for the other three orbitals, equivalent to this one and
having their lobes lying along directions 109° from the z axis, can be derived
by similar reasoning, but trigonometric complications make it impractical
to carry out the derivation here. (A complete derivation of all orbitals in a
set is given later for simpler cases.) This set of four equivalently directed
orbitals is one example of a set of hybrid orbitals; these four are commonly
called sp® hybrids to indicate their composition in terms of hydrogenic
atomic orbitals. In common—though somewhat loose—parlance it is said
that the carbon atom “has sp® hybridization.”

Before proceeding to further discussion of hybridization, we may complete
our explanation of the difference between the valence state V, and the sp®
statjonary state. In order to promote the carbon atom from the sp* station-
ary state to the valence state, two things are done: (1) the s and the three p
orbitals are hybridized to produce four sp* hybrids which are each occupied
by one electron, and (2) any preferred orientations of the spins of these elec-
trons due to interactions of their spins with one another or with their orbital
motions are destroyed, leaving them completely free, random, and ready to be
paired with electron spins of other atoms. Both these processes require
input of energy, the total in this case being 230 kJ mol~!. Let us emphasize
again that the valence state is in general not identical with any observable
stationary state of the atom, and the idea of “promotion to the valence state”
is only a mental construction which is useful in thinking about the bonding.

We return now to systematic consideration of hybridization, beginning

=3

with the simplest common type, namely, sp hybridization. Beryllium in its
ground state has the configuration 1s5?2s%, and without promotion to 2
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~1/2
2 (s-p,)

Fig. 3-4. Schematic illustration of the formation of sp digonal hybrid orbitals by
combination of an s and a p orbital.

higher state could form no electron pair bonds. Normally, it forms com-
-~ -pounds such as BeCl,, BeBr,, and Be(CHj),,.which,-as-free_gaseous-mole-
cules, are linear. To explain this we assume that the atom is first promoted
to the state 2s2p followed by promotion to a valence state involving sp
hybridization. The physical reasoning behind the construction of these
hybrids can be understood with reference to Fig. 3-4; the algebraic details
in this case are quite simple. Since the two hybrid orbitals are to be equiv-
alent, they must have equal fractions of s and p character, that is, the s
orbital must contribute equally to both and the p, orbital must contribute
equally to both. Thus they must be of the forms N {s+p) and N'(s—p), where
N and N’ are normalizing factors. It is easily shown that these two orbitals
are orthogonal:

JN(S-{—p)N’(s—p)d‘c = NN’Jszdr—NN'Jpzdr

=NN'(1-1)=0
and that N=N'= /12:

NZJ(erp)2 dt = szszdr+N2Jp2dr =2N*=1

An atom, X, using a pair of such sp or digonal hybrid orbitals, will form
two equivalent bonds to two other atoms or univalent groups, Y, giving a
linear YXY molecule. The gaseous halides (though not the solid compounds)
of most of the Group II elements have linear structures which may be
attributed to the sp hybridization of the metal atoms. Of course, a completely
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ionic molecule Y " X27Y ™ would tend to be linear for electrostatic reasons,
so linearity does not, by itself, demonstrate that the bonds are covalent; in
many cases, however, there are various kinds of evidence suggesting appre-
ciable covalent character in the bonds. Mercuric halides and pseudohalides,
e.g., Hg(CN),, are doubtless predominantly covalent. in these linear mole-
cules we postulate that mercury with a configuration [Xe]5d*%6s? uses 6s6p
hybrid orbitals.

The elements of Group III which have ground state configurations ns*np
form many molecules of the type MX; where M is B, Al, Ga,Inor Tl,and X
is a halogen or an organic radical, CH;, C¢Hs, etc. In all these the mono-
meric molecules (some dimerize; e.g., Al,Clg) are known or presumed to have
the shape of a planar equilateral triangle. Thus we assume that the metal
atoms, B, for example, must first be excited to a stationary state based on
the configuration sp,p, and then further promoted to a valence state in which
there is a set of equivalent sp® hybrid orbitals. The correct algebraic expres-
sions and schematic “balloon” picture of a set of sp® or trigonal hybrids are
shown in Fig. 3-5. Each one has its maximum along one of a set of three
axes, lying in the same plane making angles of 120° with one another.
Moreover, the orbitals are equivalent in shape. Each one, if rotated 120°,
would be exactly superposed on the orbital already on that axis.

We can easily work out the expressions for these orbitals by invoking the
requirements that they be equivalent, meaning that the proportion of s
character to p character be the same in all of them, and that they be normal-
ized. We shall see that in this particular case the orthogonality takes care of
itself, but not all cases are as overdetermined as this one.

Let us choose to direct the first hybrid along the x axis (see Fig. 3-5), and
make the coefficient of p, \/Q times that of s since the orbital must have twice
as much p character as s character. This gives us

¥y = N(s++/2p)
and the normalization factor is easily shown to have the value of 1 /3. In
order to work out the expressions for the other two orbitals to which s, p..,
y

1 M2 3
ﬁ(ﬁs—ﬁpx+p),)

1

(25 Lp-p) i

AN (exs2py)
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and p, all contribute, we make use of the fact that orbitals behave like vectors in
the sense that if an orbital makes a contribution y in a certain direction it
makes a contribution y cos 0 in a direction 0 from the first. Thus, con-
sidering i, to be the orbital lying in the second quadrant (Fig. 3-5) and
to be the one in the third quadrant, we proceed as follows. The contribution
of the s orbital is isotropic and the threc hybrid orbitals are all to have the
same amount of s character. Moreover, by virtue of the vectorial propertics
of the atomic and hybrid orbitals, p, and p, must contribute to i, in the
proportions cos 30°(\/—3_/2) and cos 120°(—1/2) and to W, in the proportions
—Cos 30°(—\/3_/2) and cos 240°(—1/2). Thus we can write

W2 = (1y/3)s+a[(=1/2) pe+(/3/2) p,]
Vs = (1/3/3)s+BI(~1/2) p,~(/3/2) p,]

It is now necessary to adjust o and B so that each of these orbitals is
normalized. For «:

J Yoty dr = »;Jssdr+%a2jpxpxm%aszzp,dr = b+a? =1

whence o equals \/2/,/3. The same value is obtained for B and the final
expressions for the three trigonal hybrid orbitals are therefore:

Uy = (1s/3)s+ (/21 /3)px
S W*%:,(,l,/i/;S_(,l\/,ﬁ,\/g).pﬁ(,}/@_p;..
Vs = (1//3)s— (/6 p.—(1//2)p,

It is now easily shown that these orbitals are mutually orthogonal. For

example:
f Vi de j [(1//3)s1? d —J [(/2/</3) 1 [(1//6)p1 d
=1/3-1/3=0

It is also easy to show that the ratio of p to s character is 2:1 in /, and i as

1l as in y,:
well as in (—1/\/—67)2+(i1/\/5)2=1/6+1’!2=g
(/3 e

It can be seen from examination of Figs. 3-4 and 3-5 that hybrid orbitals
provide much greater concentrations of the electron cloud in particular
directions than do the simple hydrogenic orbitals of which they are construc-
ted. Thus hybrid orbitals can provide better overlap with orbitals of other
atoms along these preferred directions, and they consequently make certain
configurations of the molecule preferred. In general, the increased overlap
means that the bonds are stronger, and this more than compensates for the
promotion energy required to attain the hybridized valence state.

Hybridization is not limited to s and p orbitals, but may, in general,
involve the mixing of all types of atomic orbitals. Hybrids involving d orbitals
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Fig. 3-6. Five important hybridization schemes involving d orbitals. Heavy arrows
show the directions in which the lobes point.

occur quite commonly among the heavier elements and are particularly
important in complexes of the transition elements. We shall mention five of
the most important hybridizations involving one or more d orbitals, each
of which is illustrated in Fig. 3-6.

1. d?sp?, Octahedral hybridization. When the d,._,. and d,. orbitals are
combined with an s orbital and a set of p,, p,, and p, orbitals, a set of
equivalent orbitals with lobes directed to the vertices of an octahedron can be
formed.

2. dsp®, Square-planar hybridization. A d,._,. orbital, an s orbital and
p. and p, orbitals can be combined to give a set of equivalent hybrid orbitals
with lobes directed to the corners of a square in the xy plane.

3. sd3, Tetrahedral hybridization. An s orbital and the set d.,, d,,, d,,
may be combined to give a tetrahedrally directed set of orbitals.

4. dsp®, Trigonal-bipyramidal hybridization. The orbitals s, p., p,, P,
and d,; may be combined to give a non-equivalent set of five hybrid orbitals

directed to the vertices of a trigonal bipyramid.
8 don3  Covmwa pusamidal bubridizating  The orhitals ¢ and
J. asSp, square-pyraniiai iiyoriQizZaiion 1068 OI0iasS 5, Py, Pys Pz, aliG
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dy2_y2 may be combined to give a non-cquivalent set of five hybrid orbitals
directed to the vertices of a square pyramid.

We have now examined some hybridization schemes from the point of
view of the kinds of atomic orbital required to construct them. So long as
the required orbitals are available, the existence of a particular sct of hybrids
is possible from this point of view. However, there are some encrgy consider-
ations that are also important. If one or more of the orbitals required in the
hybridization lie at a much higher energy than the others, it may not be
energetically possible for the atom actually to achieve full hybridization.
For example, with methane, if the energy of promotion from the ground
state to V, were somewhat higher, say about 700 k)Y mol~! instead of
~630 k¥ mol™!, CX, molecules might often be more stable than CX,4 mole-
cules. It is possible to have a mixture of hybrid states for energetic reasons.
The two hybridization schemes giving a set of tetrahedrally directed orbitals,
namely, sp* and sd®, are only extremes, and it is possible to have a set of
tetrahedral hybrids using one s orbital and portions of each of the two sets
d.yd..d,, and p.p,p.. For carbon, the amount of d character is doubtless
negligible since the lowest available d orbitals, the 3d’s, are so far above the
2p’s that their use could only be a great energetic disadvantage. With silicon,
germanium, tin, and lead, this will not be so clear-cut. Outer d orbitals may
well play at least some part in the bonding in these MX, compounds. In the
tetrahedral ions MnOj, CrO2-, etc., the 3d orbitals are of about the same

" energy as the4sorbitals, and the 4p orbitals are somewhat higher. The hybrid-

ization of the Mn and Cr atoms in these cases is thus probably a mixture
of sd* and sp®, with d character greater than p character.

3-6. The Overlap Criterion of Bond Strength

The best theoretical criterion we have for the strength of a given electron-
pair bond is, of course, the energy we calculate to be released when the bond
is formed. We have seen, however, that even in the simple, prototype case of
H, lengthy and tedious calculations are required to obtain even an approxi-
mate value for this energy. Obviously a simpler, if less fundamentally correct,
criterion is desirable, and such a criterion does exist. Pauling and Mulliken
have pointed out that there is a qualitative and, under some well-defined
conditions, even a semiquantitative relation between bond energies and the
overlap of the atomic orbitals used in forming the bonds. It is not difficult
to see qualitatively why good overlap makes for strong bonding. The more
the two bonding orbitals overlap, the more the bonding electrons are con-
centrated between the nuclei where they can minimize the nuclear repulsion
and maximize the attractive forces between themselves and both nuclei jointly.

The overlap, S, between a pair of atomic orbitals is given by the equation

S = J Yalpde . (3-17)
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and S is called the overlap integral. This integral may have a value which
is positive, negative or exactly zero. When its value is positive, there is a
build-up of electronic charge between the nuclei and a bond can be formed.
When the overlap integral is negative, there is reduction in the electron
density between the nuclei. This increases the repulsion between them and
they tend to move apart. When the overlap is zero, there is no net interac-
tion, attractive or repulsive. Thus, in the use of the overlap criterion there are
two stages. First, there is the qualitative question of whether the overlap will
be positive, negative, or zero. Secondly, when a positive overlap occurs, we
may wish to know its magnitude in order to estimate the strength of the bond.

The qualitative nature of overlaps can generally be determined by exami-
nation of simple pictures of the orbitals involved.

Examples are presented in Fig. 3-7. The overlaps shown in (a)-(d) are all
positive, while those in (e)—(h) are negative. It should be noted that in each
of these examples the magnitude and sign of the overlap depend on the
internuclear distance and on the relative sizes of the orbitals. The situations
depicted are those in which the orbitals are of comparable size with inter-

@ AT S s S
P~ P 5>0 PPy S<0
— +
(b) ‘A, z )
NN AY,
p,—s, 5>0

(c) (g)

(h)

(d)

dx:—‘px'5>o a,'xz_p.x'5<o

Fig. 3-7. Some representative positive and negative overlaps.




96 GENERAL THEORY

nuclear distances chosen relative to the sizes so as to correspond to condi-
tions typical of an actual molecule.

There are many cases in which the prediction of precisely zero overlap
can be made, irrespective of the relative sizes of the orbitals or the inter-
nuclear distance. These predictions follow from the symmetry properties
of the orbitals and are thus independent of scale factors, because there
must always be exactly equal areas (volumes) of positive and negative
overlap. It should now become obvious why it is important to remember not
only the shapes but also the signs of the lobes of orbitals.

Fig. 3-8 shows four examples in which the net overlap must be zero on
symmetry grounds alone.

When non-zero overlaps are expected, it is often desirable to estimate their
magnitudes. This can be done by expressing /, and W in equation 3-17 as
functions of the spacial coordinates about the nuclei A and B and then
carrying out the integration. Algebraically, this is tedious, but there are now
extensive tables of numerical values of overlaps over the useful ranges of
parameters. The parameters are the sizes of the orbitals (which depend on the
effective nuclear charges) and the internuclear distance. These tables have
been computed by using simple exponential expressions (3-18) for the radial
factors, R(r), of the orbitals which were proposed many years ago by Slater.

R(r) = Ny~ 1 g Hriao .. (3-18)

“—Orbitals that tse the usual ‘angular factors obtained by solving the wave

equation for hydrogen together with these simple radial functions are called
Slater-type orbitals (STO’s).

In the expression for the radial part of an STO (equation 3-18), N is a nor-
malizing factor, # is the principal quantum number, g, is the Bohr radius
(0.529 A) and y is a function of the effective nuclear charge for an electron

in the orbital concerned. Slater proposed rules for adjusting the value of
s

S PO p, s _dy
Z X
§ ©
(b)

(d)

Fig. 3-8. Diagrammatic representation of some overlaps that are required by symmetry
to be zero.
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1.0

r(A)
Fig. 3-9. A comparison of a Hartree-Fock 3d wave function for the Cr** ion (—)
with a Slater-type wave function (- — -).

u so as to make the energy of the orbitals agree well with experiment. For
overlap calculations, however, it is more important that the shape of the
orbital in its outer region (where overlaps occur) match as closely as possible
the true shape of the orbital. In general, STO’s are only a fair approximation
in the latter respect, as shown in Fig. 3-9 where a Hartree-Fock 3d orbital
for the Cr®* ion is compared with the STO. Thus overlaps computed by
using single STO’s are rough approximations. However, it is possible to take
linear combinations of a few STO’s so as to approximate very closely the
true shape of an orbital. The overlap between two orbitals each expressed as
a combination of several (say, p and g) STO’s can be evaluated by looking up
the necessary number (p x ¢ in general) of overlaps in the tables mentioned
above. Thus, in summary, with the aid of existing tables, overlaps of
accurate (i.e., Hartree-Fock) orbitals for atoms may be computed without
excessive labor.

In order to estimate actual bond energies by using the overlap criterion one
usually uses the molecular-orbital method. Hence, we shall return to this
matter again after the molecular-orbital method has been introduced.

THE MOLECULAR ORBITAL (MO) APPROXIMATION

3-7. Introduction

In the preceding Section we discussed the valence bond (VB) or electron-
pair theory of bonding. The basic qualitative idea in this theory is essentially
Lewis’ idea that each bonded atom pair in a molecule is held together by an
electron pair or perhaps several electron pairs. These electron pairs are
localized between particular pairs of nuclei. Moreover, it is assumed that
the wave functions for these electrons are just the products of atomic wave
functions. The MO theory starts with a qualitatively different assumption.

In building up a multielectron atom we start with a nucleus and a set
of one-center orbitals about that nucieus and feed the required number of
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electrons into these orbitals in increasing order of orbital energy. We dis-
covered the forms of these orbitals by solving exactly the problem with only
one electron and then assumed that when many electrons are present the
orbitals have the same form but that their relative energies are affected by
the shielding of one electron by another. In other words, we treat each elec-
tron as if it moves in the effective field produced by the nucleus and all the
other electrons. In its essentials, the molecular-orbital theory treats a
molecule in the same way. We start with several nuclei, arranged as they are
in the complete molecule. We then determine the various orbitals that one
electron would have in the field of this set of nuclei. These multicenter orbitals
are taken as the set to be filled with as many electrons as are required in the
molecule under consideration. Again it is understood that the mutual
shielding of the electrons and other interactions between them will have an
important effect on the relative energies of the various molecular orbitals.

Although this scheme is just as good in principle for molecules as for
atoms, it has a severe limitation in practice. As we have seen, we can get our
basic set of atomic orbitals readily by exact solution of the wave equation of
the hydrogen atom. In general, the problem of an electron moving in the
field of several nuclei cannot be solved exactly. Therefore, we must begin by
using only an approximate form for our one-electron MO’s.

= 3~8: Linear-Combination of -Atomic-Orbitals-(LCAO)-Approximation-— -

The LCAO method is a simple and qualitatively useful approximation.
It is based on the very reasonable idea that as the electron moves around
in the nuclear framework it will at any given time be close to one nucleus and
relatively far from others, and that when near a given nucleus it will behave
more or less as though it were in an atomic orbital belonging to that nucleus.
To develop this idea more concretely we shall use the hydrogen molecule
ion Hj . This is a prototype for homonuclear diatomic molecules just as the
hydrogen atom is for atoms in general.

If the electron belonged to either of the hydrogen nuclei A or B alone, its
behavior in the ground state would be described by ¢, or ¢ alone. When it
is in some general position with reference to the nuclear framework it can be
described approximately by a superposition of both, that is, by ¢+ ¢g-
Such an algebraic sum of functions is called a linear combination. The two
normalized LCAO wave functions written out fully, are:

Yp = Np(Pa+dp) .. (3-19)
Va = N,(¢a—5)

The two normalization constants are readily shown to have the following
values: 1 1

Ny=———=0.56 N, = ———=1.11

VJ2+28 2-28
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The numerical values were obtained by inserting the correct numerical value
(0.59) of the overlap integral, S. Generally, the overlap integrals are not so
large, but rather around 0.25. For S = 0.25 the two normalization constants
would have been 0.63 and 0.82, whereas, if S is neglected altogether, both
normalization constants would be 0.71. The small errors thus introduced by
neglect of S in the normalization constants are usually tolerable in simple
LCAO-MO theory, and overlap is neglected.

In order to understand the physical meaning of the two LCAO-MO’s,
let us first examine Fig. 3-10. The solid lines show ¥2 and 2, the squares

Fig. 3-10. A plot of the atomic orbital electron probabilities, ¢Z and ¢3 (..... ), the

molecular orbital electron probabilities, y2 and w2 (———), and the probability

distribution of a single electron equally distributed over ¢, and ¢y (- — — — — ) along the
internuclear line for H}, according to LCAO-MO theory, including overlap.

being used because we are at the moment chiefly interested in how the elec-
tron density is distributed along the internuclear line. The dotted lines show
the electron density in the individual atomic orbitals, that is, they show ¢2
and ¢3. It is evident that an electron in v, has a high distribution between
the nuclei, while one in , has a very low distribution in this region.
Y2 actually goes to zero at the midpoint. As a further indication of the
significance of Y2 and yZ, they may also be compared with the broken line,
which is a plot of \/1/2¢% +./1/2¢3; this function gives the distribution of
one electron spending its time equally in ¢, and in ¢y, these remaining,
however, as separate atomic orbitals. The factors of \/1_/5 normalize the total
electron density in each ¢ to 1/2. It is clear that y, and i, put more and less
electron density, respectively, between the nuclei than does the simple sum of
non-interacting atomic orbitals. This explains why one MO is given the sub-
script b, meaning bonding, and the other the subscript a, meaning antibonding.

In order to estimate the energies of the LCAO-MO’s, ¥, and v, we insert
the expressions (3-19) into the wave equation. For i, we have

JWbnyde Nﬁ[(¢A+¢B)yK(¢A+¢B)dT
E, = =

f
| Yoipdr
J

1
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= N J(/)A Hpadr +J‘ hp A pyde +J by Hppdr

+J Op Hppdr ... (3-20)

We do not immediately attempt to evaluate the four integrals in cquation
3-20. Instcad, we give them the following symbols:

Op = | PaHppdr
Op = | pplPpydr

n

B o= QA Ppydr =J(/)Byf¢Adt

LY

Since atoms A and B here are identical, Q, = Oy = Q and equation 3-20
takes the following simple form:

E, =2Ny(Q+p) .. (3-21)

It follows, similarly, that E, = 2N*(Q—f) - (3-22)
Now the integral Q is obviously just the energy of an electron in the orbital
¢, or ¢p, that is, it is equal to the ground-state energy of the hydrogen atom,

“The integral B represents the energy of interaction between the orbitals ¢,

and ¢p. It is called an exchange integral or resonance integral, and it can be
shown that it is inherently negative. Thus an electron occupying the bonding
MO, ¥, is more stable and an electron in i, is less stable than one in a pure
atomic orbital, ¢, or ¢. The actual energies of stabilization and destabili-
zation can be obtained in units of f by inserting the normalization coefficients
into (3-21) and (3-22). If we make the approximation that overlap can be
ignored, so that N2 = N2 = 1/2, we find that

E,=0+8
E,=0-8
These results are expressed in the energy level diagram, Fig. 3-11.
Its qualitative features are common to all energy level diagrams showing
the energies of MO’s formed between two atoms, each supplying one orbital.

Fig. 3-11. Energy level diagram showing the formation of bonding and antibonding
MO’s from two equivalent atomic orbitals in a homonuclear diatomic molecule.
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If the two atomic orbitals do not have the same energy, then v, and ¥,
will be placed at approximately equal distances above and below the mean
energy of the two atomic orbitals. Fig. 3-11 is also a typical energy level
diagram in its arrangement. The atomic orbitals of the constituent atoms are
placed on each side, and the resulting MO’s are placed in the center. It is to
be noted that when the overlap is included in the normalization coeflicients
the problem becomes more complicated algebraically and the energy level
diagram no longer possesses the simple, symmetrical form of Fig. 3-11. We
shall not, however, go into this matter further here since all applications of
LCAO-MO theory in this book will utilize the approximation of neglecting
overlap.

In discussing the valence-bond theory the overlap integral, S, was
introduced and discussed. It was noted that, in general, the larger the value
of S for two orbitals ¢, and ¢ on two atoms, the stronger would be the bond
which is formed on using these orbitals. In terms of simple LCAO-MO
theory, this idea may be given a more quantitative form, by following a
suggestion originally made by Mulliken. In essence, Mulliken proposed that
integrals of the type § should be roughly proportional to the corresponding
overlap integrals. It is also necessary to build into the relation expressing this
proportionality a dependence on the average value of the energies of the orbit-
als that are forming the bond. Thus the following general equation is written:

J(ISA‘W(ﬁBdT = ﬂ = C‘Qav‘s = CQav [¢A¢Bd1‘

in which C is a numerical constant, and Q,, is sometimes taken to be the

arithmetic average,
s Qu = (Qr+0p)2

and by other workers as the geometrical average, viz.,

qu = (QA QB)UZ

The proportionality constant, C, is expected to be approximately 2.0 and
is often assigned exactly this value. Molecular-orbital calculations made
with this approximation are now quite common, especially for transition-
metal complexes and will be discussed further in Chapter 20.

We can now proceed to build the electronic structures of some other
molecules just as we used the aufbau principle to build the electron confi-
gurations of atoms. If we add an additional electron to H;y we have, of
course, the hydrogen molecule H,. This second electron will enter y/,, along
with the first, since 1/, is the lowest energy orbital with a vacancy in it. In
order to satisfy the exclusion principle, the spins of the two electrons must be
paired. Thus we can write the electron configuration of H,, from the MO
viewpoint, as (i,).2 The binding energy will be approximately —2f with
some correction for the mutual shielding effect. Thus in this simple case MO
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trons with spins paired which are concentrated between the nuclei. In more
complicated cases we shall presently see more clearly how the two theories
differ.

Let us continue applying the aufbau principle in the present situation.
Suppose we bring together a helium atom and a hydrogen atom, so that again
we have a bonding orbital, ¥, = ¢y.+ ¢y, and an antibonding orbital,
W, = ¢y —Py. Again Y, will be more stable than the mean energy of the
He 1sand H 1s orbitals, and s, will be less stable, by roughly equal amounts.
Because the exclusion principle prevents us from placing more than two elec-
trons in one MO, the three electrons must occupy the two MO’s in the
following way: (,)*(,)". Thus the molecule HeH should be stable by about
the energy f. Such a molecule is known in the vapor phase.

Finally, let us suppose we bring together two helium atoms. Then we have
four electrons to be housed in two MO’s of the sort shown in Fig. 3-11.
Clearly, two must be placed in the bonding orbital and two in the anti-
bonding orbital so that, according to the LCAO approximation, the binding
energy of He, is precisely zero. A similar argument may be framed for all
the noble gases, and this explains why they are all monoatomic.

Bond Orders. The bond order is defined in MO theory as the number
of electron pairs occupying bonding MQ’s minus the number of electron
pairs occupying antibonding MO’s. Thus the bond orders in HF, H,, HHe,
and He, would be 1/2, 1, 1/2, and 0, respectively.

3-9. Homonuclear Diatomic Molecules

So far we have considered only cases in which the only important MO’s
are formed by overlap of an s orbital on each of the two atoms. MO’s of
this type are called ¢ (sigma) MO’s and the property that so classifies them
is their cylindrical symmetry about the internuclear axis. That such symmetry
must exist should be clear from the fact that each of the two s orbitals
composing them is symmetrical about this axis.

We must next consider how p orbitals may combine, in terms of the LCAO
approximation, to form MO’s in a homonuclear diatomic molecule. Suppose
we define the internuclear axis as the z axis. If each atom has available a p,
orbital, they may be combined into a bonding MO, p,(1)+p,(2) (Fig. 3-12a),
and an antibonding MO, p,(1)— p,(2). These MO’s are also ¢ MO’s. Note
that a p, orbital on one atom may also combine with an s orbital on the other
to produce bonding (Fig. 3-12b) and antibonding MO’s. In general, any kind
of s—p, hybrid orbitals on the two atoms may combine to give ¢ MO’s.
Because of its ability to contribute to a ¢ MO, a p orbital (in this case, the p,
orbital, since we have chosen to identify the internuclear axis with the z axis
of our coordinate system) lying along the molecular axis is called a po
orbital. An s orbital is simply understood to be of ¢ character and is not so
denoted.

If the p, orbital is a po orbital, then the p, and P, orbitals are not. They
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Fig. 3-12. Diagrams illustrating the formation of some simple two-center MO’s from
atomic orbitals.

are pr orbitals. A n-type orbital is one whose nodal plane includes the molec-
ular axis. It is not therefore cylindrically symmetric about this axis, but has
equal electron density on either side of a plane containing the axis, while the
wave function itself is of opposite sign on the two sides. Two such pr orbitals
can be combined into a bonding 7MO, pr(1)+pn(2), and an antibonding
aMO, pr(1)—pn(2). These two are simply denoted 7 and =*, respectively.
Their formation is illustrated in Figs. 3-12c and 3-12d.

Let us consider an element in the first short Period having 2s and 2p
orbitals in its valence shell. When two such atoms are combined into a
homonuclear diatomic molecule, the two sets of atomic orbitals may com-
bine into various MO’s. Before we can specify the electronic structures of the
diatomic molecules of these elements, we must know the relative energies of
these MO’s.

We may begin by treating the three types of orbitals, s, po, and pr entirely
separately. Thus the s orbitals give rise to o, and ¢7, bonding and antibonding
MO’s, respectively, just as in the case of HJ and H,. Similarly, the two po
orbitals combine to give o, and ¢ MO’s. The two p,, orbitals combine to give
bonding and antibonding MO’s and so also do the two p, orbitals. We note,
however, that since the p, and p, orbitals on each atom are of the same
energy, and entirely equivalent to one another except that one is rotated
90° from the other about the internuclear axis, the two n-type bonding MO’s
one another and of equal energy and so are the two a-type
he two MO’s of each pair are said to be degenerate.
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Fig. 3-13. The energy level diagram obtained in a molecular orbital treatment of a
homonuclear diatomic molecule in which only s and p orbitals are used and SG~po
interactions are neglected.

It is found that the magnitudes of the three sorts of overlaps decrease in the
order s-s ~ pg-po > pn—pn, and therefore, according to the overlap criterion
of bond strength, the corresponding values of § should also decrease in the
same order. On the basis of these considerations, together with the knowledge
that for the elements of the first short Period the p orbitals have higher
energies than the s orbitals, the energy level diagram shown in Fig. 3-13 can
be drawn.

However, this diagram ignores one factor in the problem and is therefore

‘not-entirely correct.”We have assumed that the s orbitals interact only with

one another and the po orbitals only with one another. While it is true that
the greatest interactions should occur between the orbitals closest in energy
(in this instance, those identical in energy) it is wrong to neglect entirely the
other interactions permitted by symmetry. Actually, there are interactions
between s and po orbitals. One way to take account of this is to retain
the diagram of Fig. 3-13 as a first approximation and then introduce
the effects of further interactions. These will be essentially repulsions
between pairs of orbitals of the same type, i.e. the two ¢ orbitals and
the two o¢* orbitals. Fig. 3-14 shows the effect of introducing these
interactions; part (a) is the ordering previously obtained (Fig. 3-13) while
part (b) shows the new ordering. Now referring to Fig. 3-14 we see that if
these shifts are sufficiently large, there may be a change in the qualitative
order of the levels, namely, the third lowest orbital may be a = orbital instead
of a o orbital, as shown in Fig. 3-14b. The extent of the energy shifts will be
greatest when the energy difference between the s and p orbitals is least,
because then they can interact most. The s—p energy difference is relatively
small for Li (~2 eV) and increases steadily until it is about 27 eV for Ne.
Thus, while we might definitely expect the pattern shown in Fig. 3-14b at the
beginning of the Period, the pattern in Fig. 3-14a might be correct at the end
(i.e. for F,). Whether this is so, we do not know for certain, but on the basis
of experimental data, the pattern in Fig. 3-14b does appear to persist as far,
at least, as N,.
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Fig. 3-14. The effect of sg—po interactions on the level order in a homonuclear diatomic
molecule: (a) is the level order transcribed from Flg 3-13; (b) is the level order after
appreciable so—po interaction is introduced.

9

We shall now consider the electron configurations of each of the homo-
nuclear diatomic molecules of the elements in the first short Period on the
basis of the LCAO-MO theory outlined above.

Li,. The two valence electrons should enter the MO o, . The configura-
tion is thus (,)?, the bond order is 1 and the molecule should be diamagnetic.
The situation is, of course, quite analogous to that in H,, but there are
quantitative differences. The bond in Li, is much longer (2.67 A vs 0.74 A)
and weaker (105kJmol™! vs. 432kJ mol~!) than in H,. Two factors
account for these differences. First, the 25 and 2p orbitals of Li are much
larger and more diffuse than the 1s orbital of hydrogen. Thus they tend to
overlap less effectively and with maximum overlap at a greater internuclear
distance than in the case of the hydrogen 1s orbitals. Secondly, the electrons
occupying the 1s shells of the Li atoms cause a repulsion between the atoms,
which lessens the net energy of interaction and prevents closer approach of
the atoms.

Be,. For this molecule, the four electrons would be expected to give the
MO configuration (o)*(c%)2. The bond order would thus be 0. Consistent
with this, Be, is not stable.

B,. Thesixelectrons should give the electron configuration (a,)*(c3)*(x,)?
on the basis of Fig. 3-14b. The two electrons in the 7 orbital should have
‘heir spins unpaired in accord with Hund’s first rule, which applies to the
illing of MO’s as well as to atomic orbitals. On the other hand, according
0 Fig. 3-14a, the configuration would be (¢,)*(¢%)*(d5)? with no unpaired
slectrons. Experiment shows that B, has two unpaired electrons in a #
3rb1ta1 thus Fig. 3- 14b is still correct at B,. The bond order is 1 (one net

ractions cancel). This is consistent with the bond

3"
e+
(]
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C,. For this molecule, the level order in Fig. 3-14b predicts a configu-
ration (¢,)%(a%)?(n,)*, while that in Fig. 3-14a predicts (6,)*(63)*(03)*(m,)*.
In the event that the ¢, and = levels are very close, a (5,) 2(6¥)(05) (my)?
configuration is also possible. Experimental results indicate that the ground
state is derived from the (o,)*(a%)*(%,)* configuration although a state derived
from the (0,)*(6%)*(s3)!(n,)* configuration lies only 7.3 kJ mol™" higher.
A bond order of 2 is expected, and this is consistent with the observed bond
energy of 630 kJ mol ™!,

N,. For N,, with a very high bond energy (946 kJ mol™') and no
unpaired electron, either of the configurations (o,)%(c%)%(n,)*(s3)? or
(61)*(63)*(03)*(n,)* would be acceptable, each giving a bond order of 3. The
former is presumably correct since the odd electron in N is in a sigma
orbital according to spectroscopic evidence.

O,. The electron configuration might be either (,)*(c%)*(03)*(m,)*(n})*
or (6)*(c%)*(n,)*(0,)*(n¥)?. Each provides a bond order of 2 and two
unpaired electrons. Both these predictions are in good accord with experi-
ment, the experimental bond energy being 493 kJ mol 1. It is also interesting
that the addition of electrons to O, causes the bond length to increase
(do, =1214; do; =126 A; doz-=1.49 A) while the loss of an electron
causes the bond to shorten (dot =112 A). Since bond length varies inversely
with bond strength, these results are in excellent accord with the MO electron
conﬁguratlon The orbital to or from which electrons are added or removed
is antlbondmg, thus removal of an electron strengthens the bond (the bond
order in OF is 2.5), while addition of electrons weakens the bond (the bond
orders in O; and O%~ are 1.5 and 1.0).

F,. All orbitals are filled except o%. The molecule should have no
unpaired electron and a low bond energy corresponding to the bond order
of 1. F, is diamagnetic with a bond energy of 158 kJ mol™?.
 Ne,. This molecule has not been observed. Since the electron configu-
ration would involve filling of all the MO’s, the predicted bond order is 0,
in accord with non-existence of Ne,.

3-10. Heteronuclear Diatomic Molecules

The treatment of heteronuclear diatomic molecules by LCAO-MO theory
is not fundamentally different from the treatment of homonuclear diatomics,
except that the MO’s are not symmetric with respect to a plane perpen-
dicular to and bisecting the internuclear axis. The MO’s are still constructed
by forming linear combinations of atomic orbitals on the two atoms, but
since the atoms are now different we must write them ¢, + A¢p, where Ais
not in general equal to +1. Thus these MO’s will not in general represent
non-polar bonding. As examples let us consider HCI, CO, and NO.

In treating HCI we find it necessary to mention explicitly another factor
influencing the stability of a bonding MO. Even if two atomic orbitals are
capable of combining from the point of view of symmetry, the extent fo
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which they will actually mix—that is, lose their individuality and merge to
form a bonding and an antibonding MO—will depend upon whether their
energies are comparable to begin with. If their energies are vastly different,
they will scarcely mix at all. Mathematically, the two unnormalized MO’s

would be Wy = batAds

Yo = Pp—ida
where A would be very small so that ¥, ~ ¢, and ¥, & ¢. In other words,
when the energies are not similar, we can treat ¢, and ¢y as though they
do not mix at all. This is more or less what occurs in HCL. The H 1s orbital
and the Cl 3po orbital mix fairly effectively to form a bonding and an anti-
bonding MO, but the Cl 3pr and 3s orbitals are so much lower in energy
than any other hydrogen orbitals such as 25 or 2p= that no significant mixing
occurs. Thus we call the 3pn and 3s orbitals of Cl in this case non-bonding
because they neither help nor hinder the bonding to a significant extent.

The heteronuclear molecule CO may be regarded as a perturbed nitrogen
molecule. C and O, differing in atomic number by only two, have atomic
orbitals that are quite similar; the formation of MO’s will therefore be
almost the same as shown in Figs. 3-13 and 3-14 for a homonuclear diatomic,
although the energies of the two sets of atomic orbitals will not now match
exactly. In fact, the oxygen orbitals will be somewhat more stable, so that
they will contribute more to the bonding MO’s than will the carbon orbitals,
whereas the carbon orbitals will contribute more to the antibonding MO’s.
Thus, although the ten electrons are comprised of six from oxygen and four
from carbon, we can explain the low polarity of the molecule because eight
of them are in bonding orbitals where they are held closer to O than to C,
thus tending to neutralize the greater nuclear charge of the oxygen core.
As for N,, a bond order of 3 is predicted and is in accord with the experi-
mental bond energy of 1073 kJ mol ™1,

The electron configuration of NO might be derived by either removing one
electron from O, or adding one to N,. Either procedure would predict that
there should be one n* electron and this is actually so. NO readily loses this
electron to form the NO™ ion, which is found to have a stronger bond than
does NO (cf. the earlier discussion of the ions derived from O,).

3-11. Polyatomic Molecules

MO theory is extensively used for those polyatomic molecules in which
multiple bonding occurs. We have already considered how NO; is formu-
lated in VB theory as a resonance hybrid (3-V). In MO theory it can be treated
in the following way. We first assume that a set of ¢ bonds is formed using
four electrons and that several other electron pairs are non-bonding. Thus
we write a framework of nuclei and ¢ electrons (3-VII). There are still four
electrons to be assigned and each of the three atoms has an empty pn orbital
(one whose nodal plane coincides with the molecular piane). If we start with
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three atomic orbitals it must be possible to combine them into three molec-
ular orbitals. A discussion of the methods by which the correct combinations
are derived would be beyond the scope of this text, but their approximate
forms are illustrated for the present case in Fig. 3-15. i, is bonding, having
the lowest energy, ¥, is non-bonding and ¥, is antibonding. If we place our
four remaining electrons in this set of 7 MO’s, the configuration will be
W)*(P.)*(,)°. The net energy is thus favorable to bonding. Note that in
general these MO’s are linear combinations of all three atomic orbitals,
and this description of the bonding does not therefore refer to localized
electron pair bonds, but to delocalized electrons moving in MO’s that extend
over the entire molecule. Moreover, from the nature of the occupied MO’s,
Y, and ¥, it is obvious that the distribution of the four = electrons is sym-
metric in the two NO links. This description is sometimes symbolized by
(3-VIII), where the broken line indicates bonding due to delocalized electrons
in molecular orbitals. This set of # MO’s is formally similar to one of the
types of three-center ¢ bonding described in the next Section.

Benzene is described in VB theory as a resonance hybrid of the Kekulé,

__Dewar, and other canonical structures, is well known. In MO theory, it is

treated by assuming the formation of extensive # MO’s. Each carbon atom
is assumed to use its s, p, and p, orbitals and three of its electrons to form the
o-bonded framework (3-IX). Each carbon atom still has a p, orbital (which is
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Fig. 3-15. Approximate shapes of the t MO’s in nitrite ion, NO3 .
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a pr-type orbital) containing an electron. These pn orbitals will merge into
various MO’s, and the electrons in them will thus not be localized in definite
double bonds but will be free to wander around the circular # MO’s. This
view can be rendered symbolically with a broken line (3-X).

3-12. Multicenter Bonding

Although the bonding in the great majority of chemical compounds
presently known can be described satisfactorily by using two electrons to
form a bond between each adjacent pair of atoms, that is, in terms of so-called
two-center, two-electron (2¢-2¢) bonds, there are also many cases where
this type of bonding is an inadequate, or at least a very inconvenient,
method of describing the electronic structures. Particularly cogent examples
are the boranes (Section 8-8) and many polyhedral species such as borane
anions (Sections 8-10 and 8-11) and metal-atom clusters (Section 19-11). For
these, various forms of multicenter bonding are invoked, of which the most
basic is some type of three-center bonding.

Three-center Bonding. We begin by dividing three-center bonds into two
geometric types: open and closed. In the former, which are the more com-
mon, the three atoms are so arranged that two terminal atoms are each
close to a central one but not close to each other, as in (3-XI); the angle
¢ may be 180° or less, so long as it does not approach 60° in which case

/ Y\ X‘
X, \¢/‘ X, X / \x,

(3-XI) (3-XII)

direct X—X bonding would occur. In idealized closed three-center bonding
three identical atoms form an equilateral triangle, as in (3-XII), so that all
three atom pairs, X,—X,, X,—X;, X3—X,, are equally strongly bonded.
We shall first discuss open three-center bonding.

The details of open three-center bonding vary according to the type of
orbital used by the central atom and the number of electrons available. Two
principal cases, (a) and (b) in Fig. 3-16, may be distinguished. In case (a) the
central atom employs an orbital, ¢5, which is symmetric with respect to the
two-fold axis or plane of symmetry that interchanges the end atoms. As
shown in Fig. 3-16a, this symmetrical orbital may be an s orbiial or some
sort of s-p hybrid, including the limiting case of a pure p orbital appro-
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Fig. 3-16. Open 3-center bonding. (1) Two situations in which the central orbital, #a,
is symmetric. (b) The case where ¢4 is antisymmetric. (c) The type of energy level diagram
that ariscs in cither case (a) or case (b).

priately oriented. It is not difficult to see that with the atomic orbitals, ¢,
¢,, and ¢, defined as they are, the following three linear combinations may
be constructed:

[ (]61 +¢2+¢3 bonding
e X gy —¢3 - —non-bonding—-
Vo =¢+d,— 3 antibonding

Similarly, in case (b), where ¢, is a p orbital oriented so as to be antisym-
metric to the two-fold axis or plane of symmetry, the three linear combina-

tions are: )
Yo X ~¢1+ P+ bonding
Yo ® P+, non-bonding
Vo Ry —Prt+o3 antibonding

The important point to note here is that despite the difference in the type
of atomic orbital constituting ¢, which leads to algebraically different
expressions for the three linear combinations, the final result is the same:
three 3-center orbitals, one bonding, one non-bonding, and one antibonding,
are formed. Thus, both case (a) and case (b) can be represented with the type
of energy level diagram shown in Fig. 3-16c. Let it be noted again that
either case (a) or case (b) can exist with a completely linear chain of atoms.

Given the orbital diagram in Fig. 3-16c, there are two important electron
distributions, namely, 2-electron and 4-electron populations. If the three
atoms, between them, supply only two electrons, these will occupy the
bonding orbital, ¥,. Thus two electrons will serve to unite three atoms.
Since the orbital ¥, is made up of ¢, ¢,, and ¢, electrons occupying it are
spread fairly uniformly over the three atomic centers, thus leading to a basi-
cally non-polar distribution. This situation, in which three centers are united
by two paired electrons is called 3-center, 2-electron bonding, abbreviated
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to 3c-2e bonding. Its principal application is in the case of the bridging
hydrogen atoms in diborane and other boron hydrides (Section 8-9).

There are also cases of open 3-center bonding in which a total of four
electrons are employed. This situation is called 3-center, 4-electron (3c—4e)
bonding. In addition to the rather uniformly distributed electron pair in i,
there is also a pair of electrons in ,, ; these electrons are entirely concentrated
on the end atoms, as may be seen from the expressions given above for i, .
Thus 3c-4e bonding is relatively polar, with the end atoms negative relative
to the center one. The 3¢-4e bonding finds application in the hypervalent
compounds of the heavier non-transition elements (page 133) and in cases of
strong hydrogen bonding (page 153).

In terms of the nomenclature introduced here for three-center bonds, the
conventional electron-pair bond between two atoms may be called a 2¢-2e
bond.

SOME EMPIRICAL CONSIDERATIONS

3-13. Bond Energies

We have already frequently used the term bond energy, assuming that the
reader’s previous knowledge and/or the context would make the meaning
sufficiently clear. The subject is here examined more closely. For a diatomic
molecule the bond energy, D, is equal to the enthalpy of the reaction

XY (@) =X +Y( AH°=D .o (3223

where the molecule and the atoms are all in their ground states. To be exact,
this bond energy is a function of temperature, and the best value to use would
be that for the hypothetical reaction at 0°K. The differences between the
values at 0°K (properly denoted DJ, to indicate that the temperature is 0°K
and that the diatomic molecule is in its lowest, that is, 0, vibrational state)
and those at room temperature, denoted D4, are always small. They cannot
exceed ~10kJmol™! and must always be such that D,q,>DY. For
example, DY for H, is 432, while D,,, is 436 kJ mol~*. For our purposes
here, the differences between Dy, and DY values are not important, and we
shall simply speak of bond dissociation energies as though they were inde-
pendent of temperature and use the symbol D.

Although the bond energy of a diatomic molecule is actually an experi-
mental datum, bond energies in polyatomic molecules must be carefully
defined to be meaningful. Let us consider the simplest case, that of an
AB,-type molecule where all B’s are equivalently bonded to A and not to
one another. BF; is an example. Since all the B—F bonds are equivalent,
all B—F bond energies, Dy_r, must be equal and the relation (3-24)

BF,{g) = B{g)+3F(g) AH =3D; - (3-24)

-F

is obvious. Thus, if we know the heats of formation of BF;(g), B(g) and F(g),
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we can readily calculate Dy_. This value is called the mean thermochemical
bond energy. However, it is not the energy, AH,, of the process (3-25)

BF;(g) = BF.(g)+F(g) AH, ... (3-25)
since when the first bond is broken, the nature of the remaining two will
necessarily be altered to some extent. Also AH, and AH, (3-26 and 3-27)

BF,(g) = BF(g)+ F(g) AH, ... (3-26)

BF(g) = B(g)+ F(g) AH; ... (3-27)
are not likely to be equal to one another, or to AH, (equation 3-25), or to
Dy _g. 1t is, of course, true that AH,+ AH,+ AH; = 3Dy _, since the sum
of equations 3-25, 3-26 and 3-27 is equal to equation 3-24 and Hess’ law can
be applied. The question of how much AH,, AH,, AH; and Dy_ will differ
cannot be answered since there are not sufficient data available to calculate
them all.

It is probable that the differences between successive dissociation energies,
and between any one of them and the mean, will be fairly small so long as
no one step involves a unique change in electron configuration of the central
atom. For example, the following data are available for H,O:

H,0(g) = 2H(g)+O(g) $AH = Do_y = 460 kJ mol~!

H,0(g) = H(g)+ OH(g) AH, ~489 kJ mol~!

HO(g) = H(g)+0O(g) AH, ~431 kJ mol~!?
Since the oxygen atom in its ground state has the two unpaired electrons
- -required-to-form-the-two- O—H-bonds-in-H;0;-there-will-be-only-relatively
small changes in valence states in the different processes and no one of them
will have any particularly large promotion energy peculiar to itself. In the
case of the mercuric halides, however, we have a quite different situation,
as the following data show:

HgCl,(g) = Hg(g) +2Cl(g) +AH = Dy,_¢; = 222 kI mol ™!

HgCl,(g) = HgCl(g) + Cl(g) AH,; = 339kImol~!

HgCl(g) = Hg(g) +Cl(g) AH, = 105 kY mol~*
Whereas breaking the first CIHg——Cl bond results in only a small changein the
state of the Hg atom, when the second bond, Hg—Cl, is broken the mercury
atom drops from some sort of sp configuration into its s* ground state,
releasing considerable energy which partially offsets the energy required to
break the second bond. Hence, AH, <AH;.

The type of molecule in which the concept of bond energies becomes
decidedly empirical and not uniquely defined is the commonest type, namely,
that in which there are two or more different kinds of bond. Consider, for
example, a molecule such as H;CGeCl;, in which there are three equivalent
C—H bonds, three equivalent Ge—Cl bonds and one Ge—C bond. The only
entirely straightforward and rigorous thermochemical equation involving
bond energies that we can write is:

H;CGeCls(g) = 3H(g) + 3CI(g) + C(g) + Ge(g) ... (3-28a)
AH =3 D¢ y+ 3 Dgec1 + Dge—c ... (3-28b)

The apportionment of AH among the three terms on the right-hand side of
(3-28b) is settled, in practice, by a trial and error scheme such that values of
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De_ 115 Dge—c1» Pge—c,and various other bond energies arc adjusted so that a
given sct of such energies will fit the atomization energics of a large number
of molecules with the least mean deviation. A list of such average thermo-
chemical bond energies is given in Table 3-2.

3-14. Electronegativities

The qualitative concept of elcctronegativity is one to which most chemists
subscribe, but precise definition is elusive. The original qualitative definition
of Pauling is: “Electronegativity is the power of an atom in a molecule to
attract clectrons to itself.” It is not, however, the same as clectron affinity,
as will be seen.

‘The first attempt to assign numerical estimates of electronegativities was
the thermochemical method of Pauling. The rationale was that the energy of an
X—Y bond almost invariably exceeds the mean of the X—X and Y—Y bond
energies and that the excess, A, can be attributed to ionic—covalent resonance
X—Y«X* Y~ if the electronegativity of Y is greater than that of X. It was
then proposed that electronegativity values, xy, xy, etc., be assigned. so as
to satisfy the relationship (3-29) for as wide a range of bond energy data as
possible. A

Xy—Xyl? = = ... (3-
- Pp—xyff=c2 (329

Since Pauling worked out the first electronegativity scale in this way, bond
energy values have been revised and electronegativities recalculated. The
values listed in Table 3-3 as “Pauling electronegativities” were calculated by
Pauling’s method but are not, in general, his original values.

Among the dozens of other methods proposed for estimating experimen-
tally or calculating electronegativity values, we shall mention only two.
Mulliken showed by theoretical arguments that the tendency of an atom in a
molecule to compete with another atom to which it is bound in attracting the
shared electrons should be proportional to (I+4)/2, that is, to the average
of its ionization potential and its electron affinity. Physically this is quite
reasonable since we should expect that the overall ability of an atom to
attract shared electrons might be the average of quantities related to the
tendencies of the free atom to hold its own electrons and to attract additional
electrons. It is found that when the 7 and 4 values are expressed in electron
volts the Mulliken electronegativity values can be adjusted to give the least
mean deviation from Pauling’s by dividing them by 3.15. Representative
Mulliken electronegativities are listed in Table 3-3.

An empirical method due to Allred and Rochow seems to have certain
advantages arising precisely from its complete and strict empiricism. Pauling’s
qualitative definition of electronegativity may be interpreted as

* 2

Force =

1‘2
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where Force is the attraction felt by an clectron toward one of the two nuclei
in a bond, Z* is the effective nuclear charge that the electron fecls and r is
its mean distance from the nuclcus. Z* is estimated by using a set of
shielding parameters derived many years ago by Slater, and r is taken as the
covalent radius of the atom, which for a homonuclear diatomic molecule
is half the internuclear distance. (Covalent radii are discussed below.)
The following equation places Alired and Rochow’s electronegativities
(Table 3-3) on the same numerical scale as those of Pauling:
z*
Xar = 0.359 — + 0.744
r

It is important to note that there must be a variation of the clectronega-
tivity of an element from one compound or one bonding situation to another
depending on its valence state. This may be best appreciated by considering
Mulliken’s definition. For rigorous application of Mulliken’s definition, one
should take, not the / and 4 values applying to the ground state atom, but
those applying to the valence state (see page 85) of the atom in a particular
compound, and these will vary with the nature of the valence state. For
example, if nitrogen is in the valence state s?p?, its Mulliken electronegativity
is 2.33, whereas if it is in the state sp* the x, value is 2.55. The former is given
in Table 3-3 since the valence state for N in its common trivalent compounds

- is-probably-nearest-to-s?p-It-is-clearly-absurd-to assume-that-the electro-

negativity of an element is independent of its valence, for S in SCl, must surely
have a different electronegativity from S in SF,. Clearly, an atom will have
a greater attraction for electrons when it is in a high oxidation state than
when it is in a low one. Thus, the numbers in Table 3-3 should not be taken
as exact measures of electronegativities but only as rough guides, perhaps
as the median numbers in a range for each element.

3-15. Bond Lengths and Covalent Radii

The lengths of bonds, that is, the internuclear distances in molecules,
can be measured in many ways, and a considerable body of such data is
available. If we consider a homonuclear diatomic molecule with a single
bond, such as F, or Cl,, we can assign to the atoms F and Cl covalent single
bond radii equal to one-half of the internuclear distances in the respective
molecules. It is then gratifying to find that very often the sums of these
covalent radii are equal to the internuclear distances in the interhalogens
such as Cl—Br (calculated 2.13, found 2.14). For elements that do not form
diatomic molecules with single bonds, other methods of estimating the radii
are used. For example, the C—C distance in diamond and a host of organic
molecules is found to be 1.54+0.01 A, so the covalent radius of C s taken as
0.77. To obtain the covalent radius of nitrogen, 0.77 is subtracted from the
C—N distance in H,C—NH,, yielding 0.70. In this fashion a table of single-
bond covalent radii can be compiled (Table 3-4).
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TABLE 3-4
Some Single-bond Covalent Radii (in A)

H¢ 0.28 o 0.66
C 0.77 S 1.04
Si 1.17 Se 1.17
Ge 1.22 Te 1.37
Sn 1.40 F 0.64
N 0.70 Cl 0.99
P 1.10 Br 1.14
As 1.21 I 1.33
Sb 1.41

¢ One-half the bond length of H, is 0.375, but

this value does not apply when H is bonded to other

atoms. 0.28 was obtained by subtracting the radius
of X from various H—X bond lengths.

Multiple-bond radii can also be obtained. For example, the triple-bond
radii of carbon and nitrogen can be calculated from the bond lengths in
HC=CH and N=N as 0.60 and 0.55, giving 1.15 for C=N as compared
with experimental values of ~1.16. It may be stated, as a general rule, that
the higher the order of a bond between two atoms, the shorter it is. Thus,
for carbon—carbon bonds the following are typical lengths: C—C, 1.54;
C=C, 1.33; C=C, 1.21.

It is also true, however, that hybridization effects are important. Thus,
strictly, the C—C distance of 1.54 refers to a bond between two sp® hybridized
carbon atoms, and the C—=C distance usually refers to a bond between two
sp* hybridized carbon atoms, whereas the C=C bond necessarily occurs
between two sp hybridized carbon atoms. Since the 2s orbital of carbon has
a smaller mean radius than the 2p orbitals, it would be expected that the
greater the s character in the hybrid orbitals used, the shorter would be the
internuclear distance at which the best balance of overlap and repulsion
would occur in the ¢ bonds. Hence, at least part of the decreases in the bond
lengths cited is attributable to this effect rather than to the # bonding. It has
been estimated that the single bond radii for the carbon atom in the several
states of hybridization are: sp3, 0.77; sp?, 0.74; sp, 0.70. When this effect is
taken into account, certain previously accepted conclusions about the
importance of single bond-multiple bond resonance become questionable.
For example, the C—C bond in cyanogen is only 1.37 A. If a carbon—carbon
single bond distance is taken to be 2x 0.77 = 1.54 A, then there is evidently
a large shortening and one assumes that in addition to (3-XIIla), the ca-
nonical forms (3-XIIIb) and (3-XIIIc) are of major importance in a VB
description of the electronic structure. However, if one notes that the carbon
atoms have sp hybridization, the “expected” length of the C—C bond in
(3-XIIIa) is only 2x0.70 = 1.40 A, and the importance of (3-XIIIb) and
(3-XIlIc) appears to be slight.

INSC—C=N: «» N=C=C=R¢ <« :N=C=C=R:
(3-XIIIa) (3-X1IIb) (3-XI1Ic)
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This subject is unfortunately not as tidy as might be imagined from the
above examples, which were especially chosen to illustrate how the system
works when it works. There are many cases in which it leaves much to be
desired. The reader might have wondered why the radius of nitrogen (0.70)
was obtained from the C—N bond in methylamine instead of from the N—N
bond in H,N—NH,, which would be more analogous to the procedure used
for the halogens. The answer is simply that one-half of the N—N distance
in hydrazine is 0.73 and this does not fit as consistently with the bulk of
data on X—N bond lengths as does 0.70. (The long bond in N,H, is best
attributed to repulsion between lone pairs of electrons on the N atoms.)
Even more striking, however, are cases such as SiF,, for which an Si—F
distance of 1.81 would be calculated while the actual distance is ~1.54,
Again, for BF, the calculated distance would be ~ 1.5 (the covalent radius
of B is not easy to evaluate unambiguously), whereas the measured value is
1.30. Schomaker and Stevenson proposed that since these “shrinkages”
generally occur in bonds between atoms of disparate electronegativities they
may be due to bond-strengthening and hence shortening due to ionic-
covalent resonance (3-XIVa)«(3-XIVb) (three similar ionic forms) and

F F F F F
| | N/ N/
F~Sli —F <> F—S|i+ F- 1[3 > +
F F~
e o(3XIVA) 0 @EXIVD) T (32X Va) T (33X V)

(3-XVa«b) (two similar ionic forms). They therefore proposed an equation
known as the Schomaker—Stevenson relationship which takes account of
this by making the bond distance depend on the electronegativity difference,
which is an index of the ionic character of the bond. The equation they
suggested is Fa—p = Fa+rpg—0.09x, —xp|

where r, is the covalent radius of atom A. This relationship is not really
very satisfactory except qualitatively, since it predicts too little shortening
for some bonds, for example, Si—O and Si—F, and too much for others, for
example, C—Cl. In the case of BF; the bond shortening can also be attributed
to B—F double bonding since boron has a vacant p, orbital and the fluorine
atoms have filled p, orbitals (3-XVIa«<>b) and two other similar forms.

F /i5
F—B «~ FZB
. \..
i3 i3
(3-XVIa) (3-XVIb)

In SiF, = bonding, using F 2p orbitals and Si 34 orbitals, could contribute
to the shortening. It is probable that both ionic—covalent resonance and
multiple bonding contribute significantly.

In conclusion, we may say that the concept of atomic covalent radii is
useful, but we cannot expect close correspondence between experimental
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interatomic distances and sums of these radii when the environment of either
or both of the corresponding atoms differs appreciably from that of the
atoms in the classes of substances used to derive the radii. Whether or not
the ionicity of a bond can be related quantitatively to deviations from
covalent radius sums, it does seem logical that covalent radii cannot be
expected to describe appreciably ionic bonds very exactly.

3-16. van der Waals Radii

In addition to ionic and covalent radii, there remain to be considered the
distances between atoms in liquids and solids when these atoms are not
bonded to one another either ionically or covalently.

Let us consider, for example, the noble gases. The fact that they can be
liquefied and solidified at all proves that there are some forces of attraction
between the atoms; at the same time the exceedingly low temperatures
required to condense them proves that these forces are extremely weak.
These forces are usually called van der Waals forces, after the Dutch physic-
ist who first emphasized their importance by taking account of them in his
equation of state for imperfect gases, although sometimes they are also called
London forces, since their nature was first explained by Fritz London using
wave mechanics. We have mentioned them before as minor contributors
to the total attractive force in ionic crystals. In crystals of the noble gases,
however, there are no electrostatic forces, and these van der Waals forces
are the only attractive forces. Again, as in ionic crystals, the equilibrium
separation of neighboring atoms is that distance at which the attractive force
is balanced by the repulsive force due to overlap of the outer portions of the
electron clouds. Since this repulsive force rises very steeply and becomes
important only at very short distances, the ionic radius of Br~ and one-half
the distance of closest approach of two krypton atoms in solid krypton do
not differ very much despite the differences in the nature of the attractive
forces. The latter quantity—one half the Kr-Kr separation in solid krypton—
is called the van der Waals radius of krypton. The van der Waals radii are
much larger than covalent radii, however. Thus, the ionic radius of Br~
1.95 A, the covalent radius of Bris 1.15 A, and the van der Waals radius of
Kris 2.00 A.

van der Waals radii for all elements may be estimated if the distances of
closest approach of their atoms to other atoms when no chemical bond
exists between them are known from structural studies. For instance, in solid
bromine the closest approach of non-bonded bromine atoms is 3.90 A,
giving a van der Waals radius of 1.95 A. If we consider crystals consisting of
molecules with permanent dipole moments, then the dipole-dipole attrac-
tions will contribute to the stability of the crystals, but the closest distance
of approach of two non-bonded atoms can still be taken as the sum of their
van der Waals radii. As with ionic and covalent radii, deviations from addi-
tivity occur since the basic idea is something of an oversimplification, but
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a set of radii has been assigned to commonly occurring non-metallic atoms
that gives the best overall agreement with a large number of experimental
data. A set of van der Waals radii computed by Pauling is given in Table 3-5.

TABLE 3-5
van der Waals Radii of Non-metallic Atoms (in &)
H 1.1-1.3 He 1.79
N 1.5 O 1.40 F 1.35 Ne 1.6
P 1.9 S 1.85 Ci 1.80 Ar 1.92
As 2.0 Se 2.00 Br 1.95 Kr 1.98
Sb 2.2 Te 2.20 I 2.15 Xe 2.18

Radius of a methyl group, 2.0 A
Half-thickness of an aromatic ring, 1.85 A

3-17. Polarities of Bonds and Molecules

The electrical polarity of a molecule is expressed as its dipole moment.
A system consisting of a positive charge, +x, and a negative charge, —x,
separated by a distance, d, possesses a dipole moment of magnitude xd.
If x is equal to the electronic charge (4.80x107'%esu) and d is 14,
xd = 4.80 D (Debye) units. A dipole moment is a vector quantity since it
has a definite direction as well as magnitude. We adopt here the convention

e —of havifig the vector point in the direction of the negative end of the dipole.
The dipole moment of a molecule can be thought of as the vector sum of
several interdependent moments due to various parts of the molecule.

Any heteronuclear diatomic molecule, such as HCl, must have a dipole
moment since its two ends are different. However, an explanation of the
magnitude of such a dipole moment must deal explicitly with two contribut-
ing factors.

1. Polar nature of a heteronuclear bond. 1If we place a proton and a Cl*
ion—the latter being assumed, for the moment, to have spherical symmetry
(hence no dipole within itself)—1.27 A apart and then introduce the two
bonding electrons between them, the system as a whole is neutral. If we place
the centroid of charge of these two bonding electrons exactly half way
between the nuclei, then the system will have no dipole moment. However,
since the hydrogen orbital is much smaller than the chlorine orbital, the
centroid of charge for the bonding electrons must be closer to H than to Cl
and a dipole will result, namely,

o
This moment has been estimated to be ~1.0D.

2. Orbital moments of unshared electrons. Let us consider the inter-
nuclear axis to be the z axis of a coordinate system with the chlorine atom
at the origin. If the chlorine atom uses a pure p, orbital to form the bond,
then the configuration of the remaining, unshared or non-bonding, electrons
will be s2p? pf, and they will contribute nothing to the polarity of the system.
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V-4
H
Ci
N
™ X
5p3 orbital
71°
/

Fig. 3-17. Diagram illustrating the electrical asymmetry of electrons in an sp® hybrid
orbital of chlorine in HCI.

The s electrons are spherically distributed about the chorine nucleus, and
the p, and p, electrons lie in a disc perpendicular to the z axis with the Cl
nucleus at its center. Now let us suppose instead that the chlorine atom has
full sp* hybridization and uses one of these hybrid orbitals to form the bond.
The remaining three pairs of electrons will lie in the three equivalent hybrid
orbitals, which have approximately the shape shown in Fig. 3-17. It is easily
seen that electrons in such an orbital are much more concentrated below the
xy plane than above it, and hence there will be an orbital dipole moment which
can be represented by a vector of magnitude v pointing along the axis of the
orbital. There is, then, a dipole moment contribution in the bond direction of
—vcos 71°, or a total from the three such orbitals of —3v cos 71°, namely:

-3¥cos 71°

H—CI
(The vector sum in the xy plane is, of course, zero.) Now, we do not expect
the chlorine atom to have full sp® hybridization and the unshared pairs to
make this maximal contribution; rather, we expect some lesser degree of
hybridization and hence some smaller contribution from the non-bonding
electrons. There are, however, various reasons for believing that there must
be some hybridization.

The important point illustrated by this discussion of HCI is that the net
molecular dipole moment is a vector sum of the bond moment and the lone-
pair moments. There is clearly no necessary relationship between molecular
dipsle moments and bond polarity alone. Naturally, an entirely analogous
sittation prevails with polar polyatomic molecules, as illustrated by NH,
and NF;.

The two pyramidal molecules NH; and NF; have dipole moments of 1.5
and 0.2D, respectively. Knowing the bond angles (£ HNH =106.75°;
LFNF = 102.5%), we would easily calculate the N—H bond moment to be

1.33 p and the N—F bond moment to be ~0.15D. However, these results
do not appear credible. In the first place, we should expect an N—F bond

mement much larger than 0.15 p. Secondly, if we assume that only the elec-
I Y [ o e tlan L A3 ~ 3 1
L a 1t the bond ulp(}}\,, the N—H d}pole
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| |

N N }
//’\\x P / N\ Ao
H \ F
H F
H F
Fig. 3-18. Diagram illustrating how the molccular dipole moment, e, can be regarded
as a vector sum of bond moments and the lone pair moment in NH; and NF;.

should be still smaller than the N—F dipole. If we treat the N—H bond as we
did the H—CI bond and consider that, despite the tendency of electronega-
tivity to produce a moment, N—H, the difference in size of the overlapping
orbitals will tend to produce the opposite polarity, N—F, it is still difficult
to believe that the net N—H moment is ~9 times the N—F moment. A satis-
factory explanation of the molecular dipole moments can be developed,
however, if we take account of the hybridization of the nitrogen atom and of
the consequent orbital moment of the unshared electron pair on the nitrogen
atom in each molecule. The observed bond angles are much larger than 90°,
though not so large as 109°, and may be taken to mean that the nitrogen atom
in each case is bonding the three atoms by s—p hybrid orbitals with slightly
less than the amount of s character that occurs in regular sp® hybrids. Conse-
—.quently, the-unshared-electrons-do-not-occupy-a-pure s-orbital; in-which case -
they would be distributed spherically around the nitrogen atom and contrib-
ute nothing to the polarity of the molecules. Instead, they are in an s—p,
hybrid, so that they are more concentrated above than below the nitrogen
atom. Thus, assuming the direction of the N—H bond moments to be as
shown, the net polarity of each molecule may be accounted for as the vector
sum of bond moments and the lone pair moment as shown in Fig. 3-18. In
general, bond moments are not directly relatable to the molecular moment by
geometry alone, but hybridization and consequent orbital moments of
unshared pairs must also be considered. Once again, however, caution is
necessary, for the assumption that the hybridization can be inferred from the
bond angles lacks rigorous justification. It is possible that the orbitals are
not directed exactly along the internuclear lines. That is, the bonds may be
a little bent. There is evidence that bent bonds actually occur, though they
are only slightly bent. However, even slight bending can introduce appreciable
error into a calculation of the above kind.

3-18. Some Relations between Bond Properties

Bond lengths and bond energies have now been discussed and it has been
observed that both of them vary—the first inversely and the second directly—
with the bond order. Another measurable bond property whose magnitude is
directly related to the bond order is the force constant of the bond. The force
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constant, f, of a bond between atoms A and B is given by the following

equation:
v(em™!) = ! / fz
cNVdn‘p

where v is the vibration frequency of the bond expressed in wave numbers,
em™! (see Units and Conversion Factors, page xix), ¢ is the velocity of
light and p is the reduced mass of the A-B oscillator in grams. When values
of the constants are put into this equation, along with a numerical factor to
permit inserting the atomic masses in the usual chemical atomic weight units
(i.e. for C, a mass of 12.00), we obtain

v2 =170 XI

u
Thus, when the vibrational frequency, v, of a bond has been measured,

most commonly by observation of the infrared or Raman spectrum, the
force constant can be calculated. In polyatomic molecules there are often
strong interactions between the vibrations of different bonds, so that the
calculation of the force constant for a particular bond cannot be made
directly from any one of the observed frequencies. However, there are well-
established methods for dealing with this problem.

The qualitative relationships between the three bond properties, length,
dissociation energy and force constant are often useful in predicting or inter-
preting physical and chemical properties. Since we know how each of them
depends on the bond order, we can infer the dependence of any one of
them on another. Specifically, we have the following:

(1) As bond order increases: (3) As energy increases:
length decreases length decreases
energy increases force constant increases
force constant increases (4) As force constant increases:
(2) As bond length increases: length decreases
energy decreases energy increases

force constant decreases

Generally, over any appreciable range, none of these relations is linear.
Figs. 3-19 to 3-21 show some representative plots of one bond parameter
against another. The shapes of the curves are easily understood in terms
of simple physical ideas. Consider, for example, Fig. 3-21 which is a plot
of bond lengths against bond force constants for molybdenum—oxygen
bonds. The curve approaches the horizontal axis asymptotically, because
as bond length tends to infinity, the force of attraction between the atoms
tends to zero. The curve also approaches a vertical line asymptotically at
some small value of the bond length. As the force between the atoms
increases the bond length decreases, but eventually the repulsive forces, due
mainly to repulsion between the inner-shell electrons of the two atoms,
must become so great that further increases in attractive force can do little
to shorten the bond any further. These repulsive forces have an inverse
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314).
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Fig. 3-21. Plot of bond lengths against force constant for Mo—O bonds (reproduced
by permission from F. A. Cotton and R. M. Wing, Inorg. Chem., 1965, 4, 867).

dependence on the bond length, /, with a very high exponent in the neighbor-
hood of 10-12, viz.:

Repulsive force is proportional to 1//*°12

These relationships will be utilized in several places subsequently.
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Stereochemistry and Bonding in
Compounds of Non-transition Elements

4-1. Introduction

The problem to be considered in this Chapter is that of finding relations
between the structures of molecules and the nature of the chemical bonds
that they contain. This problem has two aspects. The one to which we shall

here devote most attention concerns the shapes of the molecules, that is,

the angles between the bonds formed by a given atom. The second and
shorter part of the discussion will deal with certain aspects of multiple bond-
ing, that is, with certain questions of bond lengths.

We shall assume implicitly that in two-center bonds the electron density is
distributed symmetrically about the internuclear axis. In other words, we
shall not explicitly consider the possibility of bent bonds. While this is
unquestionably a good and useful approximation—doubtless a much better
one than many others usually made in simple valence theory—it is well to
remember that, except in special cases where symmetry considerations pro-
hibit it, chemical bonds may well be, at least a little, bent.

The difficulty in presenting this subject is that there is still great diversity
in the viewpoints taken by different workers in attempting to correlate
electronic and molecular structures. Each approach has certain virtues and
yet they have very little common ground. It is not that their assumptions are
particularly in conflict but rather that they seem unrelated, which is discon-
certing since they all purport to be answering the same questions. Because
of this situation, the discussion in this Chapter will necessarily have some of
the same fragmented character. Each approach to the problem will be pre-
sented along the lines generally used by its advocates. Following this,
however, an attempt will be made to compare, interrelate and criticize the
several models.
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4-2. The Valence Shell Electron Pair Repulsion, VSEPR, Model

In this model the arrangement of bonds around the central atom is con-
sidered to depend upon how many valence-shell electron pairs, each occu-
pying a localized one- or two-center orbital, are present, and on the relative
sizes and shapes of these orbitals. The first rule is: (1) The preferred arrange-
ment of a given number of electron pairs in the valence shell of an atom is that
which maximizes their distance apart.

Each electron pair is assumed to occupy a reasonably well-defined region
of space and other electrons are effectively excluded from this space. Hence,
localized electron-pair orbitals behave as if they repel each other and they
adopt that arrangement in space that keeps them, on the average, as far
apart as possible. For electron pairs in the same valence shell, the arrange-
ments that maximize the least distance apart of any two pairs are listed in
Table 4-1.

TABLE 4-1
Predicted Arrangements of Electron Pairs in One Valence Shell

Number of pairs Polyhedron defined
Two Linear
Three Equilateral triangle
Four Tetrahedron
Five Trigonal bipyramid, tbp
Six Octahedron
Seven Monocapped octahedron
Eight Square antiprism
Nine Tricapped trigonal prism

In order to apply rule (1) for the qualitative prediction of molecular shapes
where only single bonds and unshared pairs are concerned the total number
of electron pairs, bonding and non-bonding, is computed, the appropriate
arrangement in Table 4-1 is selected and the electron pairs are assigned to it.
In the cases of two, three or four pairs, the results are immediately obvious
as shown in Fig. 4-1. For example, an AB, molecule must be tetrahedral,
an AB,E molecule (E represents an unshared pair) must be pyramidal, and
an AB,E, molecule must be bent. There are no known exceptions to these
predictions. Table 4-2 lists a number of molecules and ions of the types
AB,E, and AB;E, giving the angles.

In most other cases, additional rules are needed. The next one, rule 2,
is: A non-bonding pair of electrons takes up more room on the surface of an
atom than a bonding pair. This is a plausible idea inasmuch as a non-bonding
pair is under the influence of only one nucleus while a bonding pair is con-
strained by two nuclei. With this rule, the structures of molecules having
five and six electron pairs can be explained. The question which needs to be
answered first for the cases of AB,E, AB,E,, AB,E; is: Will non-bonding

detailed discussion and references to earlier literature).
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Fig. 4-1. Diagrams showing how the shapes of molecules arc predicted when the valence
shell of the central atom contains 2, 3 or 4 electron pairs.

TABLE 4-2
The Angles in Some AB3E and AB,E, Molecules

AB,E, AB;E
Molecule BAB Angle (°) Molecule BAB Angle (°)
OH, 105 NH; 107
OF, 102 NF3 102
OCl, ~111 PH; 94
SH, 92 PF; 98b
SCl, 102 PCl; 100
CLF*, Ch Bent? PBr; ~102
Pl; ~102
ASH3 92
AsF; 96°
AsCl; 98
AsBr; 100
Asl; 100

4 R. J. Gillespie and M. J. Morton, Inorg. Chem., 1970, 9, 811, angles not known.

% Y. Moreno, K. Kuchitsu and T. Moritani, Inorg. Chem., 1969, 8, 867; data for all
Group V trihalides are summarized here.

¢ F. B. Clippard, Jr., and L. S. Bartell, Inorg. Chem., 1970, 9, 805.

pairs occupy axial or equatorial orbitals of the zbp? It has not proved
possible to answer this question unambiguously by purely theoretical means
but by making the empirically justified assumption that lone pairs prefer
equatorial orbitals consistent results can be obtained within the framework
of the basic postulates. Tables 4-3 and 4-4 show the structures of some
representative AB;, AB,E, AB,E,, and AB,E; molecules. All AB5 mole-
cules, including those with mixed ligands, should be tbp, and nearly all
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TABLE 4-3
Some Trigonal Bipyramidal Molecules and Their Bond Lengths
Axial ligands and Equatorial ligands
Molecule bond lengths (A) and bond lengths (&)
PFs° 2F 1.577 3F 1.534
PF,CH;¢ 2F 1.612 2F 1.543
CH; 1.780
PF3(CH,),* 2F 1.643 F 1.553
2CH; 1.798
AsFg? 2F 1.711 3F 1.656
PF;sCl, 2F e F _ e
2Cl1 —E
PCl; (gas) 2Cl1 2.19 3Cl 2.04
SbPh,Cl; 2Cl1 2.52 Cl 2.43
2Ph —d
SbPhy,OH* Ph 2.22 3Ph 2.11-2.14
OH 2.05
BiPh;CI, 2C1 2.57 3Ph 2.12

¢ L. 8. Bartell and K. W. Hansen, Inorg. Chem., 1965, 4, 1777.

® F. B. Clippard, Jr. and L. S. Bartell, Inorg. Chem., 1970, 9, 805.

¢ A.L. Beauchamp, M. J. Bennett and F. A. Cotton, J. Amer. Chem. Soc., 1969, 91, 297.
4 Sb-C distances not accurately determined.

¢ Structure known from spectroscopic evidence but bond lengths unknown.

TABLE 4-4
Structures of Some ABLE and AB3E; Molecules®
B and A-B BAB B’ and A-B’ B’AB’
Molecule distance angle (°) distance angle (°)
SF, F, 1.545 102 F, 1.646 173
Se(CH3CgH,),Cl, C, 1.93 107 Cl, 2.38 178
Se(CH3C4¢H,),Br, C, 1.95 108 Br, 2.55 177
Te(CH3),Cl, C, 2.09 98 Cl, 2.48 172
S(CH,)4Tel,? C, 2.16 100 I, 2.85-2.99 176
CIF; F, 1.598 —_— F, 1.698 175
BrF; F, 1.721 —_ F, 1.810 172

¢ See Fig. 4-2 for sketches defining B and B’ ligands, and the B’AB’ angles.
? C. Knobler, J. D. McCullough and H. Hope, Inorg. Chem., 1970, 9, 797.

known ones are, although there are several definite exceptions (cf. Section
13-1) such as SbPhs, whose structure can best be considered as distorted
spy (spy = square pyramid).? It is not impossible that the tbp structure of
SbPhs might be more stable in solutions. All ABLE and AB,E, molecules
have the structures shown in Fig. 4-2. All AB,E, molecules are linear;
examples include XeF,, KrF, and the many trihalide ions.

With species involving six pairs of valence-shell electrons, rules (1) and (2)
lead unambiguously to correct structures. Table 4-5 lists some AB;E and
ABLE, molecules; the characteristic structures are shown in Fig. 4-3.

? A. L. Beauchamp, M. J. Bennett, and F. A. Cotton, J. Amer. Chem. Soc., 1968, 90,
6675.




130 GENERAL THEORY

A A
B'/(/—\>\ g Bl< >\ g8
B \B
B
(a) (b)
Fig. 4-2. The shapes of molecules of types (a) ABsE and (b) AB,Ez, showing how the
B’AB’ angles arc defined.

TABLE 4-5
Structures of Some ABsE and ABLE, Molccules®

B and A-B B’ and A-B’ BAB’
Molccule distance (A) distance (&) angle ()
ClIFs 4F, 1.72 F, 1.62 —b
BrFs 4F, 1.78 F, 1.68 85
XeOF, 4F, 1.95 0, 1.70 9142
XeF, 4F, 1.953
1Clz 4Cl, 2.46
BrF; 4F, 1.88

4 See Fig. 4-3afor sketch defining B and B’ atoms in AB;sE.
b Not determined.

Rule (2) is invoked to account for the square structures of AB,E, molecules.
1t is_clear.that a lone pair-encounters less-repulsion from-a cis-bonding pair
than from a cis-lone pair; hence the lone pairs are trans to each other.

Fig. 4-3. The shapes of molecules of types (a) ABsE and (b) ABLE;.

For the higher numbers of valence-shell pairs, 7, 8 and 9, there are only a
few non-transition element complexes known. In the case of IF, the struc-
ture appears to be a pentagonal bipyramid, contrary to the entry in Table 4-1.
However, with these higher numbers, the predictions of preferred arrange-
ments necessarily become less certain because the repulsive energy of the set
of electron pairs does not have a pronounced minimum for any one confl-
guration and atom-atom interactions assume greater importance.

The problem becomes acute for the AB(E type molecules and ions.
Discussion of this case is deferred to Section 4-7, where all the theoretical
models will be considered together vis d vis the rather ambiguous experi-
mental data.

In addition to predicting, or at least correlating, gross geometrical features,
as just outlined, the VSEPR model can give a consistent account of certain
finer details of the structures. Thus, according to rule (2) the greater size of
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lone pairs might be expected to result in the angles between their axes and
bond axes being greater than the ideal values for the polyhedron concerned,
with the observable results that the bond angles would be smaller. It will be
seen from Tables 4-2 to 4-5 that this is precisely the case for AB,E, AB,E,,
ABE, AB;E,, and AB,E molecules.

To account for other details two more rules, both natural extensions of
the scheme, are required:

Rule (3): The size of a bonding electron pair decreases with increasing
electronegativity of the ligand.

Rule (4): The two electron pairs of a double bond (or the three electron
pairs of a triple bond) take up more room than does the one electron pair of a
single bond.

Using rule (3) one can rationalize some of the trends in Table 4-2. For
instance, the angles in NF, and F,O are less than those in NH; and H,O.
Similarly, in a set of halo molecules AB,E, or AB,E, the BAB angles increase
in the order F<Cl<Br~ 1. There are, however, often exceptions when
hydrides are considered since the PH,, AsH;, and SH, angles are less than
those in any trihalide of the same element.

Rule (4) accounts for the fact that angles in which multiple bonds are
involved are generally larger than those involving only single bonds. A few
representative examples are shown in Table 4-6. It should be noted that when
the double bond is to an atom less electronegative than those to which the
single bonds are directed, the operation of rule (3) reinforces the effect of
rule (4).

TABLE 4-6
Bond Angles in Some Molecules Containing a Double Bond

Angles (°)

Molecule

XCX XCO XCC
F,CO 108 126
C1,CO 111 124
(NH,),CO 118 121
F,SO 93 107
Br,SO 96 108
H,C=CF, 110 125
H,C=CCl, 114 123
OPF; 103
OPCl; 104

Predictions concerning relative lengths of bonds are also possible by using
these rules. Thus for ABs, AB,LE, AB;E,, and ABE molecules the A—B
bonds and A—B’ bonds differ by about 0.1 A in length. In the first three
cases, in which there is a trigonal-bipyramidal distribution of electron pairs,
the axial bonds are longer. In AB;E it is the four basal bonds that are longer.
In the cases of five electron pairs with a thp arrangement, the axial pairs have
three neighboring pairs on lines at only 90° away while the equatorial ones




132 GENERAL THEORY

have only two such closely neighboring pairs; equilibrium is thus attained
when the axial pairs move to a somewhat greater distance from the central
atom, thus lengthening the axial bonds rclative to the equatorial ones. In the
case of AB,E, the greater size of the lone pair will act more strongly on the
bonding pairs cis to it, thus lengthening the set of basal bonds.

4-3. The Hybridization or Directed Valence Theory

According to this treatment bond directions are determined by a set of
hybrid orbitals on the central atom which are used to form bonds to the
ligand atoms and to hold unshared pairs. Thus AB, molecules are linear
owing to the use of linear sp hybrid orbitals. AB; and AB,E molecules should
be equilateral triangular and angular, respectively, owing to use of trigonal
sp* hybrids. AB,, AB,E, and AB,E, molecules should be tetrahedral,
pyramidal, and angular, respectively, because sp® hybrid orbitals are used.
These cases are, of course, very familiar and involve no more than an octet
of electrons.

For the AB;, AB,E, AB,E,, and AB,E; molecules, the hybrids must now
include d orbitals in their formation. The hybrid orbitals used must obviously
be of the sp3d type, but an ambiguity arises since there are two such sets,
viz., sp*d,. leading to tbp geometry and sp’d,._,. leading to spy geometry.
It is impossible to predict with certainty which set should give the more .
stable molecules and so a decision has to be made empirically. As already
noted, all AB; molecules whose structures are known, with at most three
exceptions, are thp. It is therefore assumed that the sp*d,» hybrids and tbp ge-
ometry will generally be appropriate. Once this assumption is made a con-
sistent correlation of structures follows, exactly as in the VSEPR model
where the basic thp arrangement was adopted for a different reason. Again,
however, the preferential allocation of lone pairs to equatorial orbitals is
essentially arbitrary. It does then follow that AB,E molecules have the shape
shown in Fig. 4-2a, AB,E, molecules have the drooping T shape of Fig. 4-2b
and AB,F; molecules are linear.

For AB4 molecules octahedral sp3d? hybrids are used. ABsE molecules
must, naturally, be spy. For AB,E, molecules there is nothing in the directed
valence theory itself to show whether the lone pairs should be cis or ¢rans.
The assumption that they must be trans leads to consistent results.

It may be seen that, if we assume formation of hybrid orbitals to determine
the basic geometry, it is possible then to borrow a portion of the VSEPR
dogma, namely, rule (2), that a lone pair takes up more room than a bonding
Pair in order to rationalize the finer features of certain structures, e.g., the
bond angles in AB,E, AB,E,, ABE, and AB,E, molecules. In short, one
may reject the view that electron-pair repulsion is the primary factor in
stereochemistry and assume instead that directed hybrid orbitals have a
basic role but still allow that electron-pair repulsions enter into the problem
at a secondary level.
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4-4. The Three-center Bond Model

This approach is a limited MO treatment, predicated on two main ideas:
(1) that the use of outer d orbitals of the central atom is so slight that they
may be neglected altogether, and (2) that the persistent recurrence of bond
angles close to 90° and 180° in AB, molecules suggests that orbitals perpen-
dicular to one another, namely, p orbitals, are being used.

Two types of chemical bond are considered. First there is the ordinary
two-center, two-electron (2¢-2e) bond, formed by the overlap of a p orbital
of the central atom with a ¢ orbital of an outer atom. Secondly, there is the
linear three-center, four-electron (3c-4e) bond (page 109), formed from a p
orbital of the central atom and the ¢ orbitals of two outer atoms.

For molecules with an octet, or less, of electrons in the valence shell of the
central atom, the hybridization theory, employing sp, sp* and sp® orbitals
remains valid. It is for molecules in which five or more electron pairs on the
central atom must be accounted for that this model was proposed.® Since it
is, as we shall note below, undoubtedly too great a simplification, it will be
applied only to a few illustrative cases. It is worth mentioning, however,
since it has a certain heuristic value.

In molecules of the AB,E type, the central atom is considered to use p,
and p, orbitals to bind the B atoms (cf. Fig. 4-2a) while the B’ atoms are
bound using the p, orbital to form a 3c—4e bond. Again some supplemen-
tary assumption, such as rule (2) of the VSEPR model must then be invoked
to explain the non-linearity of the B’AB’ set. Clearly the remaining electron
pair is postulated as occupying a pure s orbital and as having no stereochem-
ical role. In an analogous way AB;E, molecules are postulated as involving
one 2¢—2¢ bond, formed from a single p orbital of A to the B atom (Fig. 4-2b)
and a 3c—4e bonding system for the B’AB’ set, with the two other electron
pairs in the s and remaining p orbital. For an octahedral molecule, three
mutually perpendicular 3¢-4e bonding systems are postulated, while for the
AB;E case, two such 3c—4e systems and one 2¢c-2¢ bond are employed.

It is clear that this model does, at least qualitatively, accord with the
variation in bond lengths in these molecules. It allots a full electron pair
to all the shorter A—B bonds and makes the longer ones members of a 3c-4e
bond system.

4-5. The Correlation Diagram Approach

This approach was first applied to relatively simple cases many years ago
by Walsh* and led to certain generalizations, called Walsh’s rules, relating
the shapes of triatomic molecules to their electronic structures. The basic
approach is to calculate, or estimate, the energies of molecular orbitals for
two limiting structures, say, linear and bent (to 90°) for an AB, molecule,




134 GENERAIL THEORY

and then draw a diagram showing how the orbitals of one configuration
correlate with those of the other. Then, depending on which orbitals are
occupied, one or the other structure can be seen to be preferred. By means
of approximate MO theory, implemented by digital computers, this approach
has been extended and generalized in recent years,> 9

Triatomic Molecules. This case will be claborated in some detail to
expound the method. Other cases will then be treated more summarily. The
coordinate system for the AB, molecule is shown in Fig. 4-4.

y
z

Fig. 4-4. The coordinate axes used for linear and bent AB,; molecules.

—~When it is bent, the AB, molecile has C,, symmetry and when linear
D, symmetry. However, it will simplify notation if the linear configuration
is considered as simply an extremum of the C,, symmetry and the labels given
to the orbitals through the range 90°<#<180° are therefore retained even
when 6 = 180°. The symbols used to label the orbitals are derived from the
orbital symmetry properties in a systematic way, but a detailed explanation
will not be given here.” For present purposes, these designations may be
treated simply as labels.

The A atom of an AB, molecule will be assumed to have only s, py, py
and p, orbitals in its valence shell, while the B atoms will each be allowed
only a single orbital oriented to form a ¢ bond to A. In the linear configu-
ration p? and p are equivalent non-bonding orbitals labelled 2a, and b,
respectively. The orbitals s* and p? interact with ¢% and ¢, the ¢ orbitals
on the B atoms, to form one very strongly bonding orbital, 1a,, one less
strongly bonding orbital, 1b,, and two antibonding ¢ orbitals, 3a, and 2b,.
The ordering of these orbitals and, in more detail, the approximate values
of their energies can be estimated by an MO calculation. Similarly, for the
bent molecule the MO energies may be estimated. Here only p2 will be

5 R. M. Gavin, Jr., J. Chem. Educ., 1969, 46, 413.

¢ B. M. Gimarc, J. Amer. Chem. Soc., 1970, 92, 266; 1971, 93, 593, 815.

7 Por an explanation of the symbols consult any introductory book on chemical or
physical applications of group theory, e.g., F. A. Cotton, Chemical Applications of
Group Theory, 2nd ed., Wiley-Interscience, 1971, p. 86, or H. H. Jaffé and M. Orchin,
Symmetry in Chemistry, Wiley, 1965, p. 61.
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Orbital energy
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Fig. 4-5.  Orbital correlation diagram for AB, triatomic molecules where A uses only s
and p orbitals.

non-bonding; spacings and even the order of the other orbitals is a function
of the angle of bending, 6. The complete pattern of orbital energies, over a
range of 6, as obtained with typical input parameters is shown in Fig. 4-5.
Calculations in the Hiickel approximation are simple to perform and give
the correct general features of the diagram® but for certain cases (e.g.,
AB,E,, as noted below) very exact computations are needed for an unam-
biguous prediction of structure.

From the approximate diagram it is seen that an AB, molecule (one with
no lone pairs) is more stable when linear than when bent. The 1b, orbital
drops steadily in energy from 6 = 90° to 6 = 180°, while the energy of the la,
orbital is fairly insensitive to angle. For an AB,E molecule the results are
ambiguous, because the trend in the energy of the 2a, orbital approximately
offsets that of the 1b, orbital. The correct result may be a sensitive function
of the nature of A and B. Important examples of AB,E molecules are
carbenes (page 284) CR,, whose structures do indeed seem to vary with
changes in R. For AB,E, molecules, the result should be the same as for
AB E since the energy of the b, orbital is independent (in this rough appro-

ngie. Thus, it is not clear, in this approach, that nBzEc

=4
=

7

t all known ones are. For AB
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molecules the behavior of the 3a, orbital would clearly favor a linear
structure and this is in accord with all known facts.

Tetratomic Molecules. For AB,E molecules with a C; axis of symmetry,
very accurate calculations of energy as a function of angle have been made
because of the relevance of this to the problem of barriers to inversion in
pyramidal molecules. In the best of these calculations it is found that the
relative energies of the pyramidal and the planar configurations are
such that the pyramidal configuration is always the more stable, but the
energy difference varies considerably (from ~25 kJ mol~! for NH; to over
150 kJ mol~* for some AsX; and SbX; molecules). Also, interelectronic and
internuclear repulsions as well as bond energies play an important role in
determining the configurations.®

For molecules with more than an octet of valence-shell electrons on the
central atom, the employment of correlation diagrams has been less system-
atic. Instead, some individual cases have been treated to see what distor-
tions from assumed idealized geometries might be expected. For example,
the T-shaped CIF; molecule has been treated as indicated in Fig. 4-6, where
the results suggest that the angle ¢ should be ~10° less than 90°, in semi-
quantitative agreement with observation.
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Fig. 4-6. Orbital energies (eV) as a function of angle for ClF; as calculated in the extended
Hiickel approximation. [Adapted from Gavin.%]

8 Cf. A. Rauk, L. C. Allen, and K. Mislow, Angew. Chem. Internat. Edn., 1970, 9, 400,
for a summary and references.
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4-6. More General and Exact Molecular-orbital Calculations;
The Problem of Quter d Orbitals

Both the three-center bond model and the correlation diagram treatment,
as just outlined, omit all central-atom orbitals except the s and p orbitals
of the valence shell. Indeed the three-center bond model neglects even the s
orbital except as a storage place for one electron pair. They can be described
as very restricted or incomplete MO treatments. They are also inexact, even
within their self-imposed limits, since numerical accuracy is neither sought
nor obtained in their usual applications. It would not, of course, be sensible to
strive for numerical precision after such sweeping assumptions have been
made at the outset. On the other hand, the hybridization or directed valence
treatment assumes very full involvement of outer d orbitals whenever more
than four pairs of electrons must be accommodated. This extreme assump-
tion is also unlikely to be accurate. Finally, the VSEPR model resorts to a
simple electrostatic model, which, however successful it may be, can scarcely
be taken literally.

Rigorous MO Calculations. It would seem obvious that, in principle, the
best approach—one that would supersede all the others if it could be carried
through systematically—should be a comprehensive and numerically
accurate, ab initio MO treatment or, rather, a whole set of such treatments,
one at least for each important type of molecule. It must be stressed that, in
order to predict molecular geometry reliably, the calculation would have
to be far more rigorous than the familiar type based on one-electron orbitals.
This is because interelectronic repulsion energies, which are of the same
order of magnitude as the electron-core attractive energies, play a major
role in determining the net energy of a molecule. The importance of repulsive
energies in determining preferred structures has been clearly demonstrated
in calculations of inversion barriers for some AB; molecules.® Thus, when
we speak of a rigorous, numerically accurate, ab initio MO calculation, we
mean something an order of magnitude (if not several orders of magnitude)
more complex than the familiar forms of one-electron orbital calculations.

Moreover, such calculations would have to be carried out over a whole
range of configurations in order to search for the configuration of lowest
energy. For a few AB, and AB; molecules, which contain only first-row
atoms (so that only s and p orbitals need be considered), such calculations
have been attempted and have had some success.® For the AB, case there are
only two structure parameters, the A—B distance and the BAB bond angle,
to be varied; for the AB; cases the maintenance of at least C,,, symmetry has
been required, thus again restricting to two the variable structure parameters,
viz., one distance and one angle. Even under these relatively simple conditions
the calculations are extremely complex and expensive. The evaluation of all
the multicenter attractive and repulsive integrals is an enormous task, and,
yet, to omit some would be immediately to introduce uncertainty as to how
far the results could be trusted. This is because two configurations may differ
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in energy by only about 100 kJ mol~! whereas the total encrgies of cach will
be around 10° kJ mol~!. Hence the percentage error in each total encrgy
must be very small in order to get accurate results for the differences between
such energies.

Less Ambitious MO Calculations. As just indicated, it is questionable

whether MO calculations can provide a sound guide to completely a priori
prediction of structure unless carried out at a level of rigor which is at present
impracticable for any but the simpler cases. There are, however, reasons for
carrying out MO calculations of a less rigorous type, although more rigorous
than the very simple ones so far used in the construction of correlation dia-
grams. Such calculations can be made by using the known geometry of the
molecule instead of trying to predict the geometry. The results are useful
in understanding ground-state electron distributions and the relative
strengths and polarities of bonds, and they help to clucidate the reasons why
the observed geometry may be the preferred one.® '° These intermediate-
level MO calculations are relatively straightforward when only s and p
orbitals need be considered. Criteria for choice of parameters in semi-
empirical calculations have been established by careful comparisons between
these and more rigorous calculations, especially for hydrogen compounds
of boron and carbon.'! In cases where d orbitals play a role in bonding,
the calculations are not so straightforward because of uncertainty about the
nature of the 4 orbitals in the context of the specific molecule.
__The Role of d Orbitals. .. Fig. 4.7 shows a-schematic-energy-level diagram
for an octahedral molecule formed by a central atom from the second or
higher row in the non-transition part of the Periodic Table and ligand atoms
in which only valence-shell s and p orbitals are considered. The central atom
has not only ns and np orbitals but also nd orbitals. As shown, the inter-
actions of the central and ligand atom s and p orbitals probably give the
principal contributions to bonding, but the d orbitals will also play a role.
Two of them, d,. and d,._,., which are jointly denoted e, orbitals can par-
ticipate in ¢ bonding by interacting with a suitable set of ligand s and,
particularly, p orbitals which are also denoted e, . In addition, the other three
d orbitals, d,, d,, and d,, form a set denoted ¢,, and these can interact with
a combination of ligand p orbitals which is of #,, character. In principle,
such interactions must occur, but whether they are of sufficient magnitude
to matter depends on whether the d orbitals are low enough in energy and
compact enough in shape.

Spectroscopic data for free atoms such as Si, P, S and Cl, as well as their
heavier congeners, show that the valence-shell d orbitals are far higher in
energy and much more diffuse than the s and p orbitals, and thus imply that
they cannot contribute much to the bonding. It was on this basis that bonding

® R. S. Berry et al., Acta Chem. Scand., 1968, 22, 231.
10 P, C. van der Voorn and R. S. Drago, J. dmer. Chem. Soc., 1966, 88, 3255.

1 M. D. Newton, F. P. Boer, and W. N. Lipscomb, J. Amer. Chem. Soc., 1966, 88, 2353,
2361, 2367.
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Fig. 4-7. A schematic molecular orbital energy diagram for an AB¢ molecule in which
the center atom has ns, np, and nd valence-shell orbitals.

models such as the three-center bonding model, which entirely neglect d
orbitals, were proposed.

However, it can be shown that the size and energy of the d orbitals are
sensitive functions of both the oxidation state and the electron configuration
of the atom. Some detailed conclusions, which will now be summarized, are
based on calculations'21° for the sulfur atom, but it seems safe to assume
that essentially similar ones should apply to other atoms in the later non-
transitional groups.

(1) There is a remarkable contraction of the 3d orbitals when fwo electrons
are promoted to give an sp*d? configuration. The mean radius of the d
orbitals in states derived from the s?p*, sp*d and s?p>d configurations is
3.0-3.5 A, but for an sp>d>-hybridized valence state this is reduced to ~ 1.6 A,
which may be compared with radii of ~0.9 A for the 3s and 3p orbitals.

12 C. A. Coulson and F. A. Gianturco, J. Chem. Soc., 4, 1968, 1618.
12 G. S. Chandler and T. Thirunamachandran, J. Chem. Phys., 1968, 49, 3640.

14 B. C. Webster, J. Chem. Soc., 4, 1968, 2909,

8L,y A, 25

A2 v A2if}
15 R.G. A. R. Maclagan, J. Chem. Soc., A, 1970, 2992,
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One study'? explicitly suggests that it is only when two (or more) electrons
are promoted to d orbitals that they contract sufficiently to be useful.

(2) Oxidation or partial oxidation of the central atom leads to further
reduction of the 34 orbital radius. For the (hypothetical) state of the sulfur
atom in SF; in which a net charge of +0.6 might arise by loss of 0.1 of each
electron in the sp*d? valence state, the 3d orbital radius decreases to ~1.4 A
while the 3s and 3p radii remain at ~0.9 A.

(3) However, the promotion energy to states derived from the sp3d* con-
figuration are very large, namely, in the range of 30-35 eV. Such energies
can only be compensated, if at all, by very strong bonds.

In SF4 and similar compounds the use of outer d orbitals is plausible on
the above considerations. In SF¢ there is clearly the opportunity to make
good use of a valence state derived from the sp3d? configuration to form six
strong bonds, and the electronegativity of fluorine would assist by creating
a substantial positive charge (+1 or more) on the sulfur atom, thereby
improving further (see point 2 above) the participation of the 34 orbitals.
In short, for SF, factors are very favorable for extensive d orbital contri-
butions to the bonding.

It is not clear how far from this optimum situation one may go and still
expect major contributions to bonding from the outer 4 orbitals. More
extensive and detailed studies will be required to refine our understanding of
this problem. The foregoing considerations do clearly suggest that com-
pounds in which d orbitals might-be-used-are most-likely-to-be formed with
the more electronegative ligand atoms (F, O, Cl) and this is in accord with
observation.

4-7. The Curious Case of the AB-E Molecules

According to the VSEPR model, an ABGE molecule should not have a
regular octahedral structure; the six B atoms should occupy six of the seven
vertices of a capped octahedron or, perhaps, a pentagonal bipyramid. The
directed valence or hybridization approach would normally begin with the
postulation of some set of sp>d> hybrid orbitals. One of these orbitals would
be occupied by the lone pair leaving a configuration of B atoms which could
not be a regular octahedron.

On the other hand, the three-center bond model leads straightforwardly
to a regular octahedral configuration. The six pairs of bonding electrons.
are assigned to the three mutually perpendicular 3c—4e bonds formed from
the p orbitals of atom A ; the remaining electron pair is then assigned to the
spherically symmetrical s orbital.

The experimental facts on AB4E systems are not simple. The SeCIZ™,
SeBr2~, TeCl2~ and TeBr2~ ions are all octahedral in crystals.'® However,
the vibrational spectra of the TeX2~ ions are anomalous'” in several respects

16 1. D. Brown, Canad. J. Chem., 1964, 42, 2758.
17 C. J. Adams and A. J. Downs, Chem. Comm., 1970, 1699.
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as compared with the spectra of such species as GeX2~ or SnX2~ where
there are no valence-shell electrons other than the six bonding pairs. The
abnormalities in the spectra seem to imply that, while the TeX2~ ions have
a regular octahedral ground state, their vibrations are perturbed by the
presence of less symmetrical, low-lying excited electronic states. Thus there
is a partial breakdown in vibrational selection rules and the deformation
modes have abnormal amplitudes and frequencies.

The SbX2~ ions may have regular octahedral structures in solution,*®
but they appear to be distorted, in an undetermined way, in crystals,!”: 18
possibly by spreading of one triangular face to give C,, symmetry as shown
in (4-I). Their spectra also show anomalies.

The XeFg molecule definitely deviates from the behavior expected for a
simple, rigid octahedron.!®2° Electron diffraction and infrared data
suggest that XeFy is a very flexible molecule with a non-octahedral con-
figuration that is most probably of Cj, symmetry. This might be imagined
to result from the influence of the lone pair, which will tend to become local-
ized on a triangular face, thus splaying it out, as in (4-1). Interconversion of
the eight equivalent distortions of this type probably occurs rapidly via
highly anharmonic vibrational deformation modes with the regular octa-
hedron or the C,, structure (4-I1) as intermediates with only slightly higher
energy than the C;, structure.

@-In)

The complex and dynamic stereochemical properties of AB-E molecules,
which vary somewhat from one example to another, are clearly not straight-
forwardly predicted or explained by any of the simpler models discussed
above. Some of these overemphasize the role of the non-bonding electrons
in distorting a regular octahedral configuration, while the three-center bond
theory goes too far in completely neglecting the role of these electrons.

18 B, Martineau and J. B. Milne, J. Chem Soc., A, 1970, 2971.

19 1.. S. Bartell and R. M. Gavm, Jr., J. Chem. I'nys ., 1966, 48, 2466.
2% K. D. Burbank and N. Barileit, Chem. Conin., 1969, 545.
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4-8. Comparison of Models

Each of the simple models has its limitations and cannot be trusted blindly.
On the other hand, all of them produce mostly correct predictions as to struc-
ture, and they are therefore useful for correlating information even if their
rather extreme premises and hence their implications with regard to the actual
clectron distributions are not to be taken literally.

The VSEPR model is the least sophisticated; it makes practically no use
of the mathematical machinery of quantum mechanics. Its emphasis on the
influence of interelectronic repulsions is in sharp contrast to the other
models, in which repulsions are not explicitly mentioned except perhaps at
a secondary stage to refine details of the structural prediction. Nevertheless,
this model achieves considerable success and should be regarded as a useful
qualitative tool in handling structural problems. It is interesting that the
repulsive forces invoked in the VSEPR model may not, in fact, be simple
electrostatic ones. Instead, they may be attributable to the combined effects
of the orthogonality of orbitals and the Pauli exclusion principle.’

The hybridization or directed valence model also achieves considerable
success but is subject to certain obvious criticisms. For all cases in which
there are more than four electron pairs in the valence shell of the central
atom it is necessary to postulate that at least one d orbital becomes fully
involved in the bonding. There are both experimental and theoretical reasons
for believing that this is too drastic an_assumption. The most recent MO

calculations® and other theoretical considerations suggest that, while the
valence-shell d orbitals make a significant contribution to the bonding in
many cases, they never play as full a part as do the valence-shell p orbitals.
There is fairly direct experimental evidence in the form of nuclear quadru-
pole resonance studies! of the IC1; and ICI; ions which show that, in these
species, d orbital participation is very small; this participation is probably
greater in species with more electronegative ligand atoms, such as PF5, SFy
and Te(OH),, but not of equal importance with the s and p orbital contri-
butions.

The hybridization theory fails for the SeX2~ and TeXZ~ ions and there
is no simple way of adapting it for these cases. It is also unable to cope with
finer details of various structures in any simple way. Thus it provides no
obvious explanation either for the different lengths of the bonds in mole-
cules of the AB,F, and AB,E types, or for the deviations of the angles in
such molecules from 90°, but some VSEPR considerations can be grafted
on to it to deal with these matters, as already noted.

The use of correlation diagrams tends to be limited by the number of
structure parameters that have to be varied in order to cover a sufficient
range of structural possibilities. The reliability of the conclusions that can
be drawn depends on the thoroughness of this exploration of the possibilities
and on the inherent reliability of the method used to compute the energies.

2t C. D. Cornwell and R. S. Yamasaki, J. Chem. Phys., 1957, 27, 1060.
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The limitations can be no less than those of the computational methods
employed.

The three-center bond approach is clearly only an aborted MO treatment.
In its total neglect of d orbitals it is in error, but in many cases less so than the
hybridization approach with its fotal inclusion of d orbitals. In its neglect of
the central-atom valence-shell s orbital, it is rather seriously unrealistic.
As Fig. 4-7 shows, and as specific calculations such as those on PF;s and
BrF; show,® the s orbitalis heavily involved in the A—B ¢ bonds and cannot
safely be neglected.

Clearly, the most flexible approach to an understanding, not only of struc-
tures, but also of the character of the bonds in them is an MO approach.
As already noted, it may be impossible to get completely reliable ab initio
predictions of structure by MO calculations unless they are of a very rigorous
nature, but less rigorous calculations performed with an assumed or known
structure are very useful. In general, the MO approach, even in a quantita-
tively rough form, as exemplified by Fig. 4-7, provides a general, flexible
conceptual framework within which the models in which “ruthless approxi-
mations” are made can be examined and evaluated.

It would be unfair to conclude this discussion without mentioning that
there are a few other cases besides the ABgE molecules that none of the
models can accommodate. These are certain non-linear AB, molecules con-
taining no unshared valence-shell electrons. In general, when both the A atom
and the B atoms are small, as in, e.g., BeCl, and CaCl,, these molecules are
linear, as expected. However, with a large central atom and small ligands,
e.g., with BaF,, the molecules are bent.?? It may be that in these cases an
assumption common to all the models, namely, that the inner shells of the
central atom may be entirely neglected, is invalid.

4-9. drn-pr Bonds

While the role of central atom d orbitals in the formation of ¢ bonds to
outer atoms has been a controversial subject, there is another role for d
orbitals where their actual participation has been more generally accepted
for some time, although here, too, the exact extent of that participation is
subject to some differences of opinion.

While the heavier non-transition elements show little tendency to engage
their p orbitals in z-bond formation, they do form at least partial = bonds
to lighter elements, especially to oxygen and nitrogen, by using their outer
d orbitals. The experimental indications of this are chiefly the high bond-
stretching force constants and the shortness of bonds compared to the force
constants and bond lengths to be expected for single bonds. More recently,
photoelectron spectroscopy has provided evidence for such bonding even
in H,SiCl1.23
22 W. A. Klemperer et al., J. Cheinn. Phys., 1963, 39, 2023, 2299; 1964, 40, 3471; J. Amer.

__ Chem. Soc., 1964, 86, 4544,
#3 8. Cradock and E. A. V. Ebsworth, Chem. Comm,, 1971, 5

~1
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Tetrahedral Molecules, We first consider what possibilities exist in
principle, that is on the basis of compatibility of orbitals, for forming
drn-prn bonds. For a tetrahedral AB, molecule such as SiF, or PO}, each
of the B atoms has two filled pn orbitals perpendicular to the A—B bond
axis and perpendicular to each other. The central atom, A, is assumed to
use its s and p orbitals for o bonding. A detailed examination of the suitability
of the d orbitals of A for overlapping with the pr orbitals on the B atoms
shows that all of them are able to do so, but two, namely d,» and d2-,2,
are particularly well suited for this.?* Each of these two would be expected
to have about /3 times as much overlap with the pz orbitals of the four
B atoms as one of the other three d orbitals. Fig. 4-8 shows in a rough
schematic way the principal dn—pn overlap possibilities.

Bond length data in the series of ions SiO4~, PO3~, SO%~, CIO;
indicate that such pn—dr bonding actually does occur. As shown in Table 4-7,
the X—O bonds are all short relative to values reasonably expected for

TABLE 4-7

Obs. X—O dist.,” Est. X—O single®

Ion Shortening® pr—drn Overlap®

in A bond dist., in A
8i0¢ - 1.63 1.76 0.13 0.33
PO3- 1.54 1.71 0.17 0.46
S03- 1.49 1.69 0.20 0.52
clo; 1.46 1.68 0.22 0.57

% From ref. 24,
* From H. H. Jaffé, J. Phys. Chem., 1954, 58, 185.

{a) (b}

Fig. 4-8. Quasi-perspective view of the overlap of pr orbitals of the B atoms in a tetra-
hedral AB, molecule with (a) the d.2_,2 and (b) the d,2 orbitals of the A atom. [Adapted
from ref, 24 by permission.]

24 D. W. J. Cruickshank, J. Chem. Soc., 1961, 5486.
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single bonds, and, moreover, the trend in shortening is closely parallel to
the calculated trend in drn—pr overlaps.

Similarly, in SiF,, even after due allowance for the effect of ionic—
covalent resonance in strengthening and hence shortening the Si—F bonds,
they appear to be around 0.13 A shorter than the length expected for single
bonds, and the implication, therefore, is that = bonding is present as well.

Other Molecules. In less symmetrical molecules the detailed analysis of
n bonding is more difficult because the d orbitals of the central atom can
interact with different types of outer atoms to different degrees. However,
by utilizing the idea (page 123) that bond order and bond length are inversely
related, it is possible to deduce approximate, relative degrees of = bonding
in various compounds containing SiO, PO, SO and CIO groups, as well
as, to a more limited extent, in other cases. For PO and SO bonds the data
are most extensive. The various types of P—O bond vary in length from
~1.68 to ~1.40 A, and it has been suggested?* that this last value, about
the shortest observed distance for any SO, PO, SN or PN bond, corresponds
to about a double bond, i.e. to a = bond order of about 1. However, it is
possible that this is an underestimate, since in SF;N, where the S—N bond
must be more nearly triple than double the length is 1.42 A.

For the molecules and ions SF,0,, PF,;0, CIO;F, ClO7, ClO5 and
ClOg, ab initio MO calculations indicate significant d orbital participation
in both ¢ and = bonds.?®

In certain instances the existence of dn—pn bonding is indicated by the
overall molecular geometry. Thus, the Si;N and Ge, N skeletons are planar?®
in (SiH;);N and (GeHj3);N, and in (Me;Si),NBeN(SiMe;), the Si,NBeNSi,
group has an allene-like configuration (Si, NBe groups in two perpendicular
planes®”). In each case the Si—N or Ge—N bonds are 0.05-0.15 A
shorter than expected for single bonds. These structural features can be
accounted for by assuming that in the planar configuration about the N atom
there is enough N(2p,)—Si(3d) or Ge(3d) n-bonding to stabilize this con-
figuration relative to the pyramidal one found in most other R;N molecules.

It is worth noting that the mere presence of orbitals suitable for such
bonding does not necessarily lead to such pronounced structural effects.
Thus, P(SiH;); and As(SiH,); are both pyramidal?® (Si—X—Si angles of
96.5° and 93.8°, respectively), as is P(GeHs),,2° and S(SiH,), is bent®°
(Si—S—Si = 98°). Apparently the 3p orbitals of the P, As and S atoms do
not overlap with the 3d orbitals of Si and Ge as well as does the 2p orbital
of a central N atom. In the case of (SiH;),0 an intermediate situation
occurs: the molecule is bent, but the angle (144°), is quite large.>* More-

25 1. H. Hillier and V. R. Saunders, Chem. Comm., 1970, 1183.

26 C. Glidewell, D. W. H. Rankin, and A. G. Roblette, J. Chem. Soc., A, 1970, 2935.
27 A. H. Clark and A. Haaland, Chem Comm., 1969, 912.

28 B. Beagley, A. G. Robiette, and G. M. Sheldrlck J. Chem. Soc., A, 1968, 3002, 3006.
29 8. Cradock et al., Chem. Comm., 1965, 515,

’”A Almennmgen et al., Acta Chem Scand., 1963, 17, 2264.

** A. Almenningen, Acta Chem. Scand., iyo_s 17, 2455.
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Fig. 4-9. Overlaps of a central pn orbital with dr orbitals on outer atoms for (a) bent
and (b) linear configurations.

over the Si—O bonds are about 0.14 A shorter than the value expected for
single bonds, and the bond order may be estimated from this shortening to
lie in the range 1.3-1.6.

The (SiH);0 case well illustrates the fact that some pn—dn bonding
can occur without there being a completely linear or flat configuration of
the molecule, as indicated in Fig. 4-9a. It is probable that the = bonding
is strongest in the linear and flat configurations (Fig. 4.9b), but unless
the magnitude of the bonding-is fairly large it-maynot be able-to-overcome-—
other factors favoring the bent configuration, or may, as in (SiH;),0O, only
be able to reach a compromise with these other factors at some intermediate
angle.

Further Reading

Coulson, C. A., J. Chem. Soc., 1964, 1442 (specifically concerned with noble-gas com-
pounds, but the bonding theory pertains equally to many other systems, including
all halogen compounds with more than four pairs of valence-shell electrons).

Malm, J. G., H. Selig, J. Jortner, and S. Rice, Chem. Rev., 1965, 65, 199 (theory of bonding
as discussed specifically for Xe compounds has wide applicability).

Mitchell, K. A., Chem. Rev., 1969, 69, 137 (use of outer d orbitals in bonding).

Pettit, L. D., Quart. Rev., 1971, 25, 1 (multiple bonding in inorganic compounds).

Wileggnga, E. H., E. E. Havinga, and K. H. Boswijk, Adv. Inorg. Chem. Radiochem.,
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5
Hydrogen

GENERAL REMARKS

5-1. Introduction

Three isotopes of hydrogen are known: *H, ?H (deuterium or D) and *H
(tritium or T). Although isotope effects are greatest for hydrogen, justifying
the use of distinctive names for the two heavier isotopes, the chemical prop-
erties of H, D and T are essentially identical except in matters such as rates
and equilibrium constants of reactions. The normal form of the element is the
diatomic molecule; the various possibilities are H,,D,, T,, HD, HT, DT.*

Naturally occurring hydrogen contains 0.0156% deuterium, while tritium
occurs naturally in only minute amounts believed to be of the order of 1 in
107,

Tritium is formed continuously in the upper atmosphere in nuclear reac-
tions induced by cosmic rays. For example, fast neutrons arising from cos-
mic-ray reactions can produce tritium by the reaction *N(n, *H)!2C. Trit-
ium is radioactive (87, 12.4 years) and is believed to be the main source of
the minute traces of *He found in the atmosphere. It can be made artificially
in nuclear reactors, for example, by the thermal neutron reaction, °Li(n,a)*H,
and is available for use as a tracer in studies of reaction mechanism.

Deuterium as D,0 is separated from water by fractional distillation or
electrolysis and by utilization of very small differences in the free energies of
the H and D forms of different compounds, the H,0-H,S system being par-
ticularly favorable in large-scale use:

HOH(1)+HSD(g) = HOD(1)+HSH(g) K ~ 1.01

Deuterium oxide is available in ton quantities and is used as a moderator
in nuclear reactors, both because it is effective in reducing the energies of fast
fission neutrons to thermal energies and because deuterium has a much lower
capture cross-section for neutrons than has hydrogen and hence does not

* Molecular H, (and D,) have ortho and para forms in which the nuclear spins are

iow ad aotival Tic A o 1ok i 3 T h
aligned or opposed, respectively, This leads to very slight differences in bulk physical

properties and the forms can be separated hy gas chromatography.
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reduce appreciably the ncutron flux. Deuterium is widely used in the study of
reaction mechanisms and in spectroscopic studies.

Although the abundance on earth of molecular hydrogen is trivial, hydro-
gen in its compounds has onc of the highest of abundances. Hydrogen com-
pounds of all the elements other than the noble gases are known, and many of
these are of transcendental importance. Water is the most important hydro-
gen compound; others of great significance are hydrocarbons, carbohydrates
and other organic compounds, ammonia and its derivatives, sulfuric acid,
sodium hydroxide, etc. Hydrogen forms more compounds than any other
clement.

Molecular hydrogen is a colorless, odorless gas, f.p. 20.28°K, virtually
insoluble in water. It is most casily prepared by the action of dilute acids
on metals such as Zn or Fe and by electrolysis of water; industrially hydrogen
may be obtained by thermal cracking or steam re-forming of hydrocarbons,
by the reduction of water by carbon (water-gas reaction) and in other ways.

Hydrogen is not exceptionally reactive. It burns in air to form water and
will react with oxygen and the halogens explosively under certain conditions.
At high temperatures the gas will reduce many oxides either to lower oxides
_ or to-the metal. In the presence of suitable-catalysts and -above-room -tem-— -—
perature it reacts with N, to form NH;. With electropositive metals and most
non-metals it forms hydrides.

In the presence of suitable catalysts, usually Group VIII metals or their
compounds, a great variety of both inorganic and organic substances can be
reduced. Heterogeneous hydrogenation may be carried out in the gas phase
or in solution, while a number of transition-metal ions and complexes can
react with hydrogen, transferring it to a substrate homogeneously in solution
(see Chapter 24).

The dissociation of hydrogen is highly endothermic, and this accounts in
part for its rather low reactivity at low temperatures:

H, = 2H AHY = 434.1 kI mol~!

In its low-temperature reactions with transition-metal species heterolytic
splitting to give H™, bound to the metal, and H* may occur; the energy
involved here is much lower, probably ~ 125 kJ mol™'. At high tempera-
ture, in arcs at high current density, in discharge tubes at low hydrogen
pressure, or by ultraviolet irradiation of hydrogen, atomic hydrogen can be
produced. It has a short half-life (~0.3 sec). The heat of recombination is
sufficient to produce exceedingly high temperatures, and atomic hydrogen
has been used for welding metals. Atomic hydrogen is exceedingly reactive
chemically, being a strong reducing agent.

5-2. The Bonding of Hydrogen

The chemistry of hydrogen depends mainly on three electronic processes:
1. Loss of the valence electron. The ls valence electron may be lost to
give the hydrogen ion, H*, which is merely the proton. Its small size
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(r~1.5x 107 '3 cm) relative to atomic sizes (r~ 108 cm) and its small charge
result in a unique ability to distort the electron cloud surrounding other atoms;
theé proton accordingly never exists as such, except in gaseous ion beams; in
condensed phases it is invariably associated with other atoms or molecules,

2. Acquisition of an electron. The hydrogen atom can acquire an electron,
attaining the 1s structure of He, to form the hydride ion, H™. This ion exists
as such essentially only in the saline hydrides formed by the most electro-
positive metals (Section 5-14).

3. Formation of an electron-pair bond. The majority of hydrogen com-
pounds contain an electron-pair bond. The number of carbon compounds of
hydrogen is legion and most of the less metallic elements form numerous
hydrogen derivatives. Many of these are gases or liquids. Although most
metallic elements do not form simple covalent hydrides, a wide variety
of complex compounds which contain M—H bonds are known, e.g.,
HCo(CO),.

The chemistry of many of these compounds is highly dependent upon the
nature of the element (or the element plus its other ligands) to which hydro-
gen is bound. Particularly dependent is the degree to which compounds
undergo dissociation in polar solvents and act as acids:

HX=H*+X-

Also important for chemical behavior is the electronic structure and coor-
dination number of the molecule as a whole. This is readily appreciated by
considering the covalent hydrides BH, CH,, NH;, OH,, and FH. The first
not only dimerizes (see below) but also manifests its coordinative unsatura-
tion in acting as a Lewis acid; methane is chemically unreactive and neutral,
ammonia has a lone pair and is a base, and water with two lone pairs can
act as a base or as a very weak acid, while FH is a much stronger, though still
relatively weak, acid in water.

Except in H, itself, where the bond is homopolar, all other H—X bonds
possess polar character to some extent. The orientation of the dipole may be
either H—X"or H—X, and important chemical differences arise accordingly.
Although the term “hydride” might be considered appropriate only for com-
pounds with the polarization H—X, many compounds that act as acids in
polar solvents are properly termed covalent hydrides. Thus, although HCI
and HCo(CO), behave as strong acids in aqueous solution, they are gases at
room temperature and are undissociated in non-polar solvents.

4. Unique bonding features. The nature of the proton and the complete
absence of any shielding of the nuclear charge by electron shells allow other
forms of chemical activity which are either unique to hydrogen or particu-
latly characteristic of it. Some of these are the following, which are discussed
in some detail subsequently:

(a) The formation of numerous compounds, often non-stoichiometric, with

huvdeidoe hiit cannat ha ragardad
me d hydrides but cannot be regarded
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(b) Formation of hydrogen bridge bonds in electron-deficicnt compounds
such as in (5-1) or transition-metal complexes as in (5-11).

(C) 0
/CO /CO
H H H O H—Cf—
\B N ocC Cr HC Ci—CO
N . o~ ¢ 0O C
H/ H/ \H 0 o}
(5-D -1

The best-studicd examples of bridge bonds are those in boranes and
related compounds (Chapter 8) and in certain hydride complexes (pages 183
and 250). Bridge bonds in transition-metal complexes are discussed along
with transition-metal hydride complexes in Chapter 22.

(¢) The hydrogen bond. This bond is important not only because it is
essential to an understanding of much other hydrogen chemistry but also
because it is one of the most intensively studied examples of intermolecular
attraction. Hydrogen bonds dominate the chemistry of water, aqueous solu-
tions, hydroxylic solvents and OH-containing species generally, and they are
of crucial importance in biological systems, being responsible inter alia for

* the linking of polypeptide chains in proteins and the base pairs in ucleic -

acids.

THE HYDROGEN BOND,
HYDRATES, HYDROGEN ION, AND ACIDS

5.3. The Hydrogen Bond'

The hydrogen bond is the term given to the relatively weak secondary inter-
action between a hydrogen atom bound to an electronegative atom and
another atom which is also generally electronegative and which has one or
more lone pairs and can thus act as a base. We can thus refer to proton
donors, XH, and proton acceptors, Y, and can give the following generalized
representation of a hydrogen bond:

&

5+
X—H-Y

Such interaction is strongest when both X and Y are first-row elements; the
main proton donors are N—H, O—H and F—H, and the most commonly
encountered hydrogen bonds are O—H---O and N—H---O. The groups

! (g) W. C. Hamilton and J. A. Ibers, Hydrogen Bonding in Solids, Benjamin, 1968 (an
extensive review of structural methods and results).
() G. C. Pimentel and A. L. McClellan, The Hydrogen Bond, Freeman, 1960 (a thorough
book with extensive tables and bibliography).
(©) A.Rich and N. Davidson, eds., Structural Chemistry and Molecular Biology, Freeman,
1968 (contains chapters on hydrogen bonding).
(d) A. K. Covington and P. Jones, eds., Hydrogen-Bonded Solvent Systems, Taylor and
Francis, 1968 (Symposium Report on various topics).
(e) G. Zundel, Hydration and Intermolecular Interaction, Academic Press, 1970 (Infrared
spectra of water and hydrates).
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Fig. 5-1. Boiling points of some molecular hydrides.

P—H, S—H, CI—H, and Br—H can also act as proton donors, and so even
can C—H provided that the C—H bond is relatively polar as it-is when the
carbon is bound to electronegative groups as in CHCI,? or the carbon atom
is in an sp-hybridized state as in HCN or RC=CH. The acceptor atoms can
be N, O, F, Cl, Br, L, S or P, but carbon never acts as an acceptor other than
in certain n-systems noted below.

Much of the earlier experimental evidence for hydrogen bonding came
from comparisons of the physical properties of hydrogen compounds. Classic
examples are the apparently abnormally high boiling points of NH;, H,O,
and HF (Fig. 5-1) which imply association of these molecules in the liquid
phase. Other properties such as heats of vaporization provided further evi-
dence for association. While physical properties reflecting association are
still a useful tool in detecting hydrogen bonding, the most satisfactory evi-
dence for solids comes from X-ray and neutron-diffraction crystallographic
studies, and for solids, liquids, and solutions from infrared and nuclear mag-
netic resonance spectra.

Although H atoms are often observable in X-ray studies, their positions
can seldom be ascertained with any accuracy. However, neutron-diffraction
data® can usually give quite precise locations, because the scattering of neut-
rons of thermal energies (approximately 0.1 eV, 9.6 kJ mol™?') is roughly
similar for all nuclei, regardless of atomic number, whereas the scattering of
X-rays depends on electron density and is lowest for hydrogen. Even if accu-
rate location of hydrogen atoms is not possible, the overall X—Y distance
is significant. If X—Y distances are significantly shorter than normal van der
Weals contacts for non-bonded atoms by, say, 0.2 A, then we can be
fairly certain of the presence of a hydrogen bond, although it is hazardous to

Z See, e.g., R. D. Green and J. S. Martin, J. Amer. Chem. Soc., 1969, 91, 3659; R.
M. Dieters, W. G. Evans, and D. H. McDaniel, Inorg. Chem., 1968, 7, 1615.

3 G. Will, Angew. Chem. Internat. Edn., 1969, 8, 356 (review with examples of hydrogen
bonding).
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O =0
e = B
0o = H

Fig. 5-2. The structure of boric acid showing hydrogen bonds.

use distance criteria alone unless the hydrogen atom is detected. For
O—H.--0, distances below approximately 3 A may indicate hydrogen bond-
ing. Thus in crystalline NaHCO, there are four kinds of O—O distances
(between O’s of different HCOJ ions) having values of 2.55, 3.12, 3.15 and
3.19 A. The last three are approximately equal to twice the van der Waals
— — radius of-O,-but-the-first;~2:55A; corresponds -to—the ‘H-bonded—pair--
O—H---0. A classic example of H bonding is that in the loosely bonded
parallel sheets of orthoboric acid (Fig. 5-2), while Fig. 5-3(a) shows the struc-
ture typical of carboxylic acid dimers. Many other compounds associate in
the latter type of elongated hexagonal structure, and Fig. 5-3(b) shows the
type of arrangement in the biologically important purine and pyrimidine base
pairs.

|=276£0-06 A ~|2.8—3-08 %
O ............... —O O .............. H N
/;1‘?3" \1-364 Ve AN
CHi~C 755 C—CHy c—
Sog Nyl
(a} 4 (b)

Fig. 5-3. (a) The structure of acetic acid dimer which has an enthalpy of dissociation of
57.9 kJ mol~! (A. D. H. Clague and H. J. Bernstein, Spectrochim. Acta, 1959, 254, 593).
(b) Hydrogen bonding between base pairs such as adenine-thymine or cytosine-guanine.

Hydrogen bonding has been much studied by means of infrared* and
Raman spectra, and the former is an especially convenient experimental tool.
When the X—H group enters into H bonding there are three main changes
in infrared spectra:

(@) The X—H stretching frequency is lowered relative to that in the free
molecule.

(b) The band due to the X—H stretch is substantially broadened, occa-
sionally up to several hundred cm™?, and the intensity also increases mark-
edly.

(¢) The X—H bending frequency is usually raised.

4 L. J. Bellamy, Advances in Infrared Group Frequencies, Methuen, 1968 (Chapter 8 is
an excellent review).
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TABLE 5-1
Some Parameters of Hydrogen Bonds

Depression of X—H
Bond energy Bond s
Bond Compound (kJ mol-1) sgmfzelc); length® (A) dlzc;)nce
F—H—F KHF, ~113 ~2700 2.26 1.13
F—H...F HF(g) ~ 28.6 700 2.55
O—H...0 (HCOOH), 29.8 ~ 460 2.67
O—H...0 H,0(s) ~ 21 ~ 430 2.76 0.97
O—H...O B(OH); 2.74 1.03
N—H...N Melamine ~ 25 ~120 3.00
N—H...Cl N,H;Cl ~460 3.12
C—H...N (HCN), 180 3.2 1.0

¢ The distance between the hydrogen-bonded atoms X and Y.

High-resolution nuclear magnetic resonance spectra are also potentially a
rapid means of studying H bonding. The proton resonance of X—H---Y now
occurs at lower applied fields owing to deshielding effects that can be attrib-
uted in part to the withdrawal of electron density from H by the electro-
negative atom Y, and partly to the inhibition of electronic circulation about
the H atom by the field of Y. On increase in temperature or on dilution,
hydrogen bonds may be broken and the resonance line then moves to higher
fields, as in the free molecules. Thus it is possible by nuclear magnetic
resonance methods to study equilibria such as

HF(aq) +F~(aq) &= F—H - F~(aq)

The crystallographic, spectroscopic and other studies have shown that
there are two main classes of H bond, although, of course, there is no sharp
break between them:

(@) Weak hydrogen bonds. Here there is little change in the bond length of
X—H and rather small shifts in infrared stretching frequencies. There appear
to be fairly smooth relationships between the X—Y distance and the X—H
stretching frequency, but the relation between frequency shifts and energies
of H bonds is only approximate and of little predictive value.

The energies of these weaker bonds lie in the range 4-40 kJ mol~?, consid-
erably less than energies of normal bonds as in H—X.

(b) Strong hydrogen bonds. Such bonds are found essentially only in the
ion F—H—F ", for O—H—O0 in a number of anions of organic acids,>® for
CIHCI™,* and possibly for N—H—N in complex cyano acids. The extreme
example is the ion F—H—F . In these cases there are very substantial shifts
in the infrared spectra and, where known, very substantial changes in the
H—X bond length.

In some cases, the symmetrical location of the hydrogen atom can be
proved, as in KHF,, by broad-line nuclear magnetic resonance studies and
by the absence of residual entropy (see below). However, it is not always clear

%% 1. C. Speakman et al., J. Chem. Soc. A, 1971, 1994, 1997,

%0 ] S. Swanson and J. M. Williams, Inorg. Nuclear Chem. Letters, 1970, 6, 271.
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whether the potential cnergy function for the H atom has a single minimum at
the center, or whether there is a symmetric double-minimum potential with
both minima near the center, thus giving a dynamic mixture of X—H:--X
and X..-H—X and an apparent statistical centering of the H atom.

Parameters for some representative H-bonded substances arc given in
Table 5-1.

Some other features of hydrogen bonding can now be noted.

(1) Although most H bonds are intermolecular, many cases of intramolec-
ular bonding are known, examples being o-nitrophenol (5-1II) and the
chloromaleate ion (5-1V).

i
O\H cl \ ~C \Q ._.~Y
@E 0 n i X—H,,
N.' 0 K
Xy / ~C-~ Y
0 HO T
(5-111) (5-IV) (5-V)

(2) Bifurcated H bonds (5-V) are rare but several well- authentxcated cases,
both symmetric and unsymmetric, are known.*¢

(3) X—H---Y bonds need not be, and usually are not, strictly linear.

(4) There is evidence that H bonds can be formed between very polar
X—H groups,” such as O—H, and polarizable double bonds or aromatic
ring systems (Fig. 5-4).

. S \
Sy C|H2 ; SHe
H
N, 7~
2

Fig. 5-4. Examples of intramolecular hydrogen bonding of OH groups to polarizable
electron clouds.

(5) In some crystals, reorientation of hydrogen bonds may occur at a cer-
tain temperature. There is usually a crystallographic change at this point and
there may also be important changes in other physical properties, notably
ferroelectricity. One of the best studied examples is KH,PO,.® Below 123°K
this has an ordered structure which accounts for the ferroelectricity: the H
atom nearer to one oxygen atom of the tetrahedral PO, changes its position
to lie closer to the other oxygen of the O—H---O bond as the direction of the
dielectric polarization is reversed. Above 123°K the structure is disordered
and non-ferroelectric. A number of other H-bonded crystals with ordered
lattices show similar behaviour.

6 J. Donohue in A. Rich and N. Davidson, eds., Structural Chemistry and Molecular
Biology, Freeman, 1958, p. 443.

7 See, e.g., H bonding of CHCl; to benzene and other arenes; N. C. Perrins and J.
P. Simons, Trans. Faraday Soc., 1969, 65, 390.

8 R. M. Hill and S. K. Ichiki, J. Chem. Phys., 1968, 48, 838.
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Theory of Hydrogen Bonding®

In order to account for the existence of hydrogen bonds we must consider
the possible contributions of covalent bonding, resonance and electrostatic
attraction and attempt to assess the importance of each. In short, we must
ask how much each of the possible canonical structures (5-VI), (5-VII) and

8- 5+ - - + [ S S b

X—H Y X—H Y —~X! H—Y X—H:--Y
(5-VID) (5-VIIa) (5-VIIb) (5-VIID)

Covalence Resonance Electrostatic attraction

(5-VIID) contributes to the bond energy. It is certain thatstructure (5-VI), in-
volving the coexistence of two covalent bonds to hydrogen is completely
negligible, since it would require the use of the 2s or 2p orbitals of hydrogen,
and these are of such high energy as to be essentially useless for bonding.
Theoretical work is concerned with the relative contributions of (5-VII) and
(5-VIII) and leads to the conclusion that the resonance represented by (5-VII)
is of importance only for the strongest, shortest bonds. It has been estimated,
for example, that in an O—H---O bond with the O—O distance 2.78 A, and
the O—H distance 1.0 A (fairly typical parameters), structure (5-VIIb) appears
in the over-all wave function to the extent of only about 4%. Thus, it is
believed that most hydrogen bonds are basically electrostatic; but this then
raises another question. If unshared electron pairs are concentrated along the
direction of hybrid orbitals, will the proton approach the atom Y preferen-
tially along these directions? In other words, does the proton see the atom Y
as a structureless concentration of negative charge or as an atomic dipole?
The answer to this question is not entirely clear cut, because in most cases
where the angle 6 in (5-1X) is in accord with the latter idea it is possible to

Y-5--—H—X
B

(5-1X)
attribute this to steric requirements, as in carboxylic acid dimers or o-nitro-
phenol, or it can be equally well explained on the simpler theory as in the case
of HCN polymers which are linear. However, the case of the (HF), polymer,
Fig. 5-5 (and a few others) seems to lend strong support to the hypothesis
of preferred directions, since there appears to be no other reason why the
structure should not be linear.
F F

4 ~130%y H H. H

F F F
Fig. 5-5. The structure of crystalline hydrogen fluoride.
The foregoing analysis is basically in valence bond (VB) terminology, in
which the relative contributions of canonical structures are considered. It
is possible to carry out essentially the same enquiry employing a molecular

® (&) J. N. Murrell, Chem. in Britain, 1969, 107; (b) S. H. Linn in Physical Chemistry,
Vol. 5, Valency, H. Eyring, ed., Academic Press, 1970,

z
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orbital (MO) approach and using somewhat different terminology. Such a
study has been made and leads to very similar conclusions. Again, for most
hydrogen bonds, Coulomb energy provides the largest contribution and delo-
calization (i.e. resonance) effects are small cxcept for the strong hydrogen
bonds. However, simple dipole-dipole interaction does not adequately de-
scribe the dominant Coulombic or electrostatic contribution.

Finally, for the extreme case of exceedingly strong hydrogen bonds, as
exemplified by the symmetrical FHF ™ ion, a formulation in terms of standard
3¢-4e MO theory (page 110) is applicable. Here, in the extreme, highly polar
covalent bonding can describe the situation.

In conclusion, let it be emphasized that hydrogen bonds vary considerably
in nature and involve many contributing factors. To the question “Where
does the energy of the hydrogen bond come from?” ... “there is still no
concise answer that seems to be generally acceptable and there probably
never will be.”?*

5.4, Ice and Water'®

The structural natures of ice and, a fortiori, of water are very complex
matters which can be but briefly treated here.

There are nine known modifications of ice, each stable over a certain range
of temperature and pressure. Ordinary ice, ice I, which forms from liquid
water at 0°C and one atm, has a rather open structure built of puckered,
six-membered rings, as shown in Fig. 5-6. Each H,O is tetrahedrally sur-

Fig. 5-6. The structure of ice I. Only the oxygen atoms are shown.

10 R. A. Horne, Survey of Progress in Chemistry, Vol. 4, Academic Press, 1968 (a good
review); D. Eisenberg and W. Kautzman, The Structure and Properties of Water,
Oxford University Press, 1968; A. H. Narten and H. A. Levy, Science, 1969, 165, 447;
N. H. Fletcher, The Chemical Physics of Ice, Cambridge Univ. Press, 1970.
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Fig. 5-7. Two possible configurations about an oxygen atom in ice.

rounded by the oxygen atoms of four neighbouring molecules, and the whole
array is linked by unsymmetrical hydrogen bonds. The O—H-..O distance is
2.75 A (at 100°K) and the H atoms lie 1.01 A from one oxygen and 1.74 A
from the other. Each oxygen atom has two near and two far hydrogen atoms,
but there are six distinct arrangements, two being illustrated in Fig. 5-7, all
equally probable. However, the existing arrangement at any one oxygen elim-
inates certain of those at its neighbors. A rigorous analysis of the proba-
bility of any given arrangement in an entire crystal leads to the conclusion
that at the absolute zero ice I should have a disordered structure with a zero-
point entropy of 0.81 eu, in excellent agreement with experiment. This result
initself constitutes a good proof that the hydrogen bonds are unsymmetrical ;
if they were symmetrical there would be a unique, ordered structure and
hence no zero-point entropy. Entirely similar considerations confirm the pres-
ence of a network of unsymmetrical H bonds in KH,PO, and Ag,H,IO,,
whereas the absence of zero-point entropy in K[FHF] supports the idea that
FHF ™ has a symmetrical structure.

The structural nature of liquid water is still controversial. The structure is
not random, as inliquids consisting of more-or-less spherical non-polar mole-
cules; instead, it is highly structured owing to the persistence of hydrogen
bonds; even at 90°C only a few percent of the water molecules appear not to
be hydrogen-bonded. Still, there is considerable disorder, or randomness, as
befits a liquid.

In an attractive, though not universally accepted, model of liquid water the
liquid consists at any instant of an imperfect network, very similar to the
network of ice I, but differing in that (@) some interstices contain water mole-
cules that do not belong to the network but instead disturb it, () the network
is patchy and does not extend over long distances without breaks, (c) the
short-range ordered regions are constantly disintegrating and re-forming
(they are “flickering clusters”), and (d) the network is slightly expanded com-
pared to ice I. The fact that water has a slightly higher density than ice I may
be attributed to the presence of enough interstitial water molecules to more
than offset the expansion and disordering of the ice I network. This model of
water receives strong support from X-ray scattering studies.

[t may be noted that alcohols, which are similar to water in many respects,
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cannot form three-dimensional arrays and hence only linear or cyclic poly-
mers (5-X) cxist.

5-5. Hydrates'®

Crystalline hydrates, especially of mctal ions, are of enormous importance
in inorganic chemistry, but hydratcs of organic substances, espccially those
with N—H and O—H bonds are also common. For metal ions, the negative
end of the water dipole, i.e. oxygen, is always bound to the metal and the lone
pairs on it can be directed towards the metal and involved in the bonding;
they can, however, also act as acceptors for H bonds, and H atoms of coor-

- — — — - - — dinated water are normally hydrogen-bonded. Thus there is an extreme flexi-— ~
bility in hydrogen bonding and this allows stabilization in lattices of many
different types of hydrate structure.

Some of the main structures are given in Fig. 5-8. It must be particularly

- ———————"noted that gross distortions from the angles of the ideal models shown are

the rule and also that large deviations from linearity of the H bonds also occur.

\\H ‘\H M
N/
o0—M 0]
7\
H H M
\H M
N
0O—M
|
- M

Fig. 5-8. Idealized structures for H-bonded coordinated water in hydrates. The metal
M can also be replaced by HY in hydrates of organic compounds.

5-6. Clathrates, Gas Hydrates and Other Enclosure Compounds

There are certain substances formed by combining one stable compound
with another or with an atomic or molecular element without the existence
of any chemical bonds between the two components. This occurs when one of
the compounds can crystallize in a very open structure containing cavities,
holes or channels in which atoms or molecules of the other can be trapped.
Those compounds in which the host lattice contains cavities like cages are
the most important type; they are called clathrate compounds, from the Latin
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clathratus, meaning “enclosed or protected by crossbars or grating.” Most of
these, and the important ones certainly, involve hydrogen bonding.

One of the first clathrate systems to be investigated in detail, and still one
of the best understood, comprises the substances in which the host is
B-quinol. Quinol clathrates have been prepared enclosing O,, N,, CO, NO,
CH,, SO,, HCI, HBr, Ar, Kr, Xe, HCOOH, HCN, H,S, CH,0H, or
CH,CN.

Crystallization of solutions of quinol [p-dihydroxybenzene, p-C4H,(OH),]
in water or alcohol under pressure of 10-40 atm of, say, krypton, produces
crystals, often up to 1 cm in length, which are readily distinguishable from
the crystals of ordinary quinol (a-quinol), even visually. These crystals con-
tain the noble gas trapped in the lattice of -quinol. When the crystals are
dissolved in water, or heated, the gas is released. The crystals are stable at
room temperature and can be kept for years.

Such trapping of the gases is made possible by the occurrence of cavities
in the crystal lattices of certain compounds. X-ray analysis indicates that, in
B-quinol, three quinol molecules form an approximately spherical cage of
free diameter ~4 A with the quinol molecules bound together by hydrogen
bonds. The free volumes are in the form of isolated cavities, and the apertures
leading from one cage to another through the crystal are very small in diam-
eter. Molecules trapped within these cavities during formation of the crystal
are unable to escape. As a molecule approaches the cage walls, it experiences
repulsive forces. Since three quinol molecules are required to form each
cavity, the limiting ratio of quinol to trapped atom or molecule for the com-
position of clathrates is 3: 1. This ratio is reached for acetonitrile, but for the
noble gases various composition ranges may be obtained depending on con-
ditions—for example, C4H,(OH),/Kr, 3:0.74; CcH,(OH),/Xe, 3:0.88— and
normally the cages are incompletely filled.

Since the free diameter of the quinol cage in a clathrate compound is ~4 A,
only molecules of appropriate size may be expected to be trapped. Thus,
although CH;0H forms quinol clathrates, C,H;OH is too large'and does
not. On the other hand, not all small molecules may form clathrates. Helium
does not, the explanation being that the He atom is too small and can escape
between the atoms of the quinol molecules which form the cage. Similarly,
neon has not been obtained in a quinol clathrate as yet. Water, although of a
suitable size, also does not form a clathrate; in this case the explanation
cannot be a size factor, but may lie in the ability of water molecules to form
hydrogen bonds which enables them to approach the cage walls and thus
escape through gaps in the walls.

A second important class of clathrates are the gas Aydrates.!* When water
is solidified in the presence of certain atomic or small-molecular gases, as well
as some substances such as CHCIj; that are volatile liquids at room temper-
ature, it forms one of several types of very open structure in which there are

1 G. A. Jeffrey and R. K. McMullen, Progr. Inorg. Chem., 1967, 8, 43.
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cages occupicd by the gas or other guest molecules. These structures are far
less dense than the normal form of ice and are unstable with respect to the
latter in the absence of the guest molecules. There are two common gas
hydrate structures, both cubic. In one the unit cell contains 46 molccules of
H,O connccted to form six medium-size and two small cages. This structure
is adopted when atoms (Ar, Kr, Xe) or relatively small molecules (e.g., Cl,,
SO,, CH,Cl) are used, generally at pressurcs greater than one atmosphere
for the gases. Complete filling of only the medium cages by atoms or mole-
cules, X, would give a composition X+7.67H,0, while complete filling of all
eight cages would lead to X+5.76H,0. In practice, complete filling of all cages
of one or both types is seldom attained and these formulas therefore repre-
sent limiting rather than observed compositions; for instance, the usual for-
mula for chlorine hydrate (see Section 16.3) is Cl, - 7.3H,0. The second struc-
ture, often formed in the presence of larger molecules of liquid substances
(and thus sometimes called the liquid hydrate structure) such as chloroform
and ethyl chloride, has a unit cell containing 136 water molecules with eight
large cages and sixteen smaller ones. The anesthetic effect of substances such as

_ chloroform is due to the formation of liquid hydrate crystals in brain tissue.'% -

A third notable class of clathrate compounds, salt hydrates, is formed when
tetraalkylammonium or sulfonium salts crystallize from aqueous solution
with high water content, for example [(n-C4Hg)4sN]CsHCO,39.5H,0 or

-[(n-C,Hs);S]F-20H,0:-The-structures- of these-substances-are-very similar—--

to the gas and liquid hydrate structures in a general way though different in
detail. These structures consist of frameworks constructed mainly of hydro-
gen-bonded water molecules but apparently including also the anions (e.g.,
F~) or parts of the anions (e.g., the O atoms of the benzoate ion). The cations
and parts of the anions (e.g., the C¢H;C part of the benzoate ion) occupy
cavities in an incomplete and random way.

An additional relationship between the gas hydrate and the salt hydrate
structures has been revealed by the discovery that bromine hydrate,
Br,- ~8.5H,0, crystallizes in neither of the cubic gas hydrate structures but
rather is nearly isostructural with the tetragonal tetra-n-butylammonium salt
hydrates. Its ideal limiting composition would be Br,*8.6H,0.

Although not classifiable as clathrate compounds, many other crystalline
substances have holes, channels, or honeycomb structures which allow inclu-
sion of foreign molecules, and many studies have been made in this field.
Urea is an example of an organic compound which in the crystal has parallel
continuous uniform capillaries; it may be utilized to separate straight-chain
hydrocarbons from branched-chain ones, the latter being unable to fit into
the capillaries.

Among inorganic lattices that can trap molecules, the best known are the
so-called “molecular sieves” which are discussed in Section 11-6.

12 T F. Catchpool in A. Rich and N. Davidson, eds., Structural Chemistry and Molecular
Biology, Freeman, 1968, p. 325.
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5-7. The Hydrogen Ion
For the reaction H(g) = H*(g)+e

the ionization potential, 13.59 eV (AH =569 kJ mol™?), is higher than the
first ionization potential of Xe and is high by comparison with Li or Cs and
indeed many other elements. Hence, with the possible exception of HF, bonds
from hydrogen to other elements must be mainly covalent. For HF the bond
energy is 5.9 eV. For a purely ionic bond the energy can be estimated as the
sum of (1) 13.6 eV to ionize H, (2) —3.5ev to place the electron on F and 3)
—15.6 €V as an upper limit on the electrostatic energy of the ion pair H*F~
at the observed internuclear distance in HF. The sum of these terms is — 5.5eV
as an upper limit, which is not too far below the actual bond energy. For
HCI, on the other hand, the experimental bond energy is 4.5 eV, whereas for a
purely ionic situation we would have the sum +13.6—3.6— 11.3=—15¢eV
as an upper limit. Thus purely electrostatic bonding cannot nearly explain
the stability of HCI.

Hydrogen can form the hydrogen ion only when its compounds are dissolv-
ed in media which solvate protons. The solvation process thus provides the

energy required for bond rupture; a necessary corollary of this process is that -

the proton, H, never exists in condensed phases, but occurs always as sol-
vates—H;0%, R,OH™*, etc. The order of magnitude of these solvation ener-
gies can be appreciated by considering the solvation reaction in water (esti-
mated from thermodynamic cycles):

H*(g)+xH,0 = H*(aq) AH = —1091 kJ mol—?
Compounds that furnish solvated hydrogen ions in suitable polar solvents,
such as water, are protonic acids.

The nature of the hydrogen ion in water, which should more correctly be
called the hydroxonium ion, H;07, is discussed below. The hydrogen ion in
water is customarily referred to as “the hydrogen ion,” implying H,0%. The
use of other terms, such as hydroxonium, is somewhat pedantic except in
special cases. We shall usually write H* for the hydrogen ion and assume it
to be understood that the ion is aquated, since in a similar manner many other
cations, Na¥, Fe?* Zn?*, etc., are customarily written as such, although
there also it is understood that the actual species present in water are aquated
species, for example [Fe(H,0),]2*.

Water itself is weakly ionized:

2H,0 = H;0*+0OH" or H,O0 = H*+OH"~
Other cases of such self-ionization of a compound where one molecule sol-
vates a proton originating from another are known; for example, in pure

sulfuric acid 2H,S0, = H,SO} +HSO;

and in liquid ammonia INH, = NH} +NH;

In aqueous solutions, the hydrogen ion concentration is often eiven in

= o
terms of pH, defined as —log,;, [H*], where [H]is the hydrogen ion activity,
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which may be considered to approximate to the molar concentration of H*
ions in very dilute solutions.

At 25° the ionic product of water is

K,=[H*I[OH"]=1Xx 10-14 M2

This value is significantly temperaturc-dependent. When [H*] = [OH7], the
solution is ncutral and [H*]= 1 x 1077 M; that is, pH =7.0. Solutions of
lower pH are acidic; those of higher pH are alkaline.

The standard hydrogen electrode provides the reference for all other oxi-
dation—reduction systems. The hydrogen half-cell or hydrogen electrode is

Ht(aq)+e = 1H,(g)

By definition, the potential of this system is zero (E° = 0.000 V) at all tempe-

ratures when an inert metallic electrode dips into a solution of hydrogen

ions of unit activity (i.e., pH = 0) in equilibrium with H, gas at 1 atm pres-
sure. The potentials of all other clectrodes are then referred to this defined
zero. However, the absolute potentials of other electrodes may be either
greater or smaller, and thus some must have positive and others negative

_ potentials relative to the standard hydrogen_electrode.-While this subject is- — -
not properly an aspect of the chemistry of hydrogen, it will be briefly discus-
sed here as a matter of convenience.

The difficulties that are sometimes caused by the so-called electrochemical
e~ —sign conventions-have arisen-largely because-the-term “electrode-potential™
has been used to mean two distinct things:

(1) The potential of an actual electrode. For example, a zinc rod in an
aqueous solution of zinc ions at unit activity (a = 1) at 25° has a potential of
—0.7627V relative to the standard hydrogen electrode. There is no ambiguity
about the sign because, if this electrode and a hydrogen electrode were con-
nected with a salt bridge, it would be necessary to connect the zinc rod to the
negative terminal of a potentiometer and the hydrogen electrode to the posi-
tive terminal in order to measure the potential between them. Physically, the
zinc electrode is richer in electrons than the hydrogen electrode.

(2) The potential of a half reaction. Using the same chemical system as an
example, and remembering also that the Gibbs free energy of the standard
hydrogen electrode is also defined as zero, we can write:

Zn+2H*(@=1) - Zn**(a= 1)+H2(g)}AG° = —147.5kJ
Zn — Zn?*(@ = 1)+2e” E® = —AG°/nF = +0.7627V
Zn?*(a = 1)+H,(g) - Zn+2H*@=1) AG® = +147.5k]
Zn*t(@=1)+2e~ —Zn } E® = —AG®nF = —0.7627V

Since metallic zinc does actually dissolve in acid solutions, under condi-
tions specified in the definition of a standard electrode, the standard change
in Gibbs free energy must be negative for the first pair of reactions and posi-
tive for the second pair. The potential of the zinc couple, defined by
AG® = —nFE® (n = number of electrons = 2, F = the Faraday), has to change
sign accordingly. The half-reaction

Zn — Zn** +2e”
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involves oxidation and its potential is an oxidation potential whose sign
is that of the so-called American sign convention. The half-reaction
Zn2* +2e~ — Zn

involves reduction and its potential is a reduction potential associated with the
European sign convention. There is no doubt about which potential is rele-
vant provided the half-reaction to which it refers is written out in full.

Inspection shows that the reduction potential has the same sign as the
potential of the actual electrode. For this reason we adopt the IUPACrecom-
mendation that only reduction potentials should be called electrode potentials.
Every half-reaction is therefore written in the form

Ox+ne~ == Red

and the Nernst equation for the electrode potential, E, is

E=E+ 2.3026 RTIOglo ac.ti\.lity of oxidant (5-1)
nF activity of reductant

where E° is the standard electrode potential, R the gas constant and 7T the
absolute temperature. Alternatively, we may sometimes speak of the electrode
potential of a couple, e.g., Fe**/Fe?*, giving it the sign appropriate to the
half-reaction written as a reduction.

For pure water, in which the H* activity is only 107 mol 1~ the electrode
potential, according to equation (5-1) is more negative than the standard
potential, that is, hydrogen becomes a better reductant:

H*(@aq)(10-"M)+e = 3H, Eyo5 = —0.414V

In a basic solution, where the OH ™ activity is 1M, the potential is —0.83 V.
In the absence of overvoltage (a certain lack of reversibility at certain metal
surfaces), hydrogen is liberated from pure water by reagents whose electrode
potentials are more negative than —0.414 V. Similarly, certain ions, for
example the U™ jon, for which the U**/U3* standard potential is —0.61V,
will be oxidized by water, liberating hydrogen.

Many electropositive metals or ions, even if they do not liberate hydrogen
from water, will be oxidized by a greater concentration of hydrogen ions—
thus the reactions of Zn or Fe are normally used to prepare hydrogen from
dilute acids.

Finally a word on rates of acid-base reactions. All the protons in water are
undergoing rapid migration from one oxygen atom to another, and the life-
time of an individual H;0* ion in water is only approximately 10~ *3 sec.
The rate of reaction of H;O" with a base such as OH ™ in water is very fast
but also diffusion-controlled.!® Reaction occurs when the solvated ions dif-
fuse to within a critical separation, whereupon the proton is transferred by
concerted shifts across one or more solvent molecules hydrogen-bonded to
the base.

13 M. C. Rose and J. Stuehr, J. Amer. Chem. Soc., 1968, 90, 7205.
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5-8. Oxonium Ions

There is evidence for the existence, in crystalline hydrates of strong acids,
not only of H;O" but also of H;OF and more heavily hydrated ions. Some
examples are given in Table 5-2.

In acids generally, the proton must be present either as (@) an oxonium ion
or (b) H-bonded to some other atom in the acid molecule—if there is one
suitable. Thus, while it is possible to have hydrates of certain acids, e.g.,
H,PtCls-2H,0, which contain H;O* ions, the anhydrous acid cannot be
made. On the other hand, both hydrated and anhydrous forms of other acids
such as Hy[Fe(CN)4] are known and in the anhydrous form there are
H-bonds, M—CN—H—NC—M.!* There are also cases where no oxonium
ion is present, such as hydrated oxalic acid, (COOH), 2H,0, which has a
three-dimensional H-bonded structure’®® and phosphoric acid hemihy-
drate!®® which is 2PO(OH), - H,O. It is worth noting that adducts of acids
are sometimes not all that they might seem; thus CH;CN-2HCI could have
contained the HCI; ion, but is actually*® [CH;(CI)C = NH,] " CI™. The nitric
acid adducts of certain metal complex nitrate salts also do not contain oxon-

- jum-ions; but rather -the-ions [HNO3)z17and [H(NOz);]>~ which- have ——
O—H---O bonds; other H-bonded anions HX5 or MXY ~ are known where
X may be F, Cl, CO;, RCOO, etc.'”

The structural role of H;O" in a crystal often closely resembles that of
NH; ; thus H;O% ClO; and NH} ClOj; are isomorphous. The important
difference is that compounds of H;O" and other oxonium ions generally
have much lower melting points than have NH] salts. The structure of the
H,O" jon is that of a rather flat pyramid with an HOH angle of about 115°.

The H,OF ion has a short oxygen—oxygen distance, 2.42-2.57 A. Insome
cases it is not certain whether the central H atom is actually centered or
whether it is disordered ; in HAuCl, -4H,0, it is definitely disordered. The ion
is known in cis, trans, and gauche rotational conformations. In H,07ClO;
and trans-[Co en, Cl,]* H5O7 2Cl™ the ion is trans as in (5-XI), but in trans-
[Co(l-pn),Cl,]* Hs0F 2CI™ it is cis and in Hs;03 Cl~ and some other

species, gauche. }]* |
O. O
w H\O/ H
Vs l
—H— H
P O=h- :
: H O
’ n’ Ou
(5-XI) (5-X1I)
14 A, N. Garg and P. S. Goel, J. Inorg. Nuclear Chem., 1969, 31, 697, and references
therein.

15a B F. Iswasaki and M. L. Y. Saito, Acta Cryst., 1967, 23, 64; R. Telgren and L. Olovsson,
J. Chem. Phys., 1971, 54, 127.

156 A D. Mighell, J. P. Smith and W. E. Brown, Acta Cryst., 1969, B, 25, 776.

16 § W, Petersen and J. M. Williams, J. Amer. Chem. Soc., 1966, 88, 2866.

17 D, G. Tuck, Progr. Inorg. Chem., 1968, 9, 161 (an extensive review).
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There is good evidence that oxonium ions other than H,O" also can exist
in solution. Thus the presence of species such as HoOF (5-XII) has been used
to explain many properties of aqueous acid solutions such as the extraction
of metal ions into organic solvents. An example is the extraction of the ion
AuCl; from hydrochloric acid solutions into benzene containing tributyl
phosphate.

STRENGTHS OF PROTONIC ACIDS'®

One of the most important characteristics of hydrogen compounds, HX, is
the extent to which they ionize in water or other solvents, i.e., they act as
acids. The strength of an acid depends not only on the nature of the acid
itself but very much on the medium in which it is dissolved. Thus CF;COOH
and HCIO, are strong acids in water whereas in 100% H,S0, the former is
non-acidic and the latter only a very weak acid. Similarly, H;PO, is a base in
100% H,SO,. Although acidity can be measured in a wide variety of sol-
vents, the most important is water for which the pH scale has been discussed
————— —_above. —— T T T —

5-9. Binary Acids

Although the intrinsic strength of H—X bonds is one factor, other factors
are involved, as will be seen by considering the appropriate thermodynamic
cycles for a solvent system, as discussed below. The intrinsic strength of
H—X bonds and the thermal stability of covalent hydrides seem to depend
on the electronegativities and size of the element X. The variation in bond
strength in some binary hydrides is shown in Fig. 5-9. There is a fairly
smooth decrease in bond strength with increasing Z in a Periodic Group and a
general increase across any Period. Thermal stability is only a crude guide to
bond strength, but it is useful where precise bond energies are unknown.
Thermal stability, in the sense of resistance to the reaction
n
2
invariably decreases with increasing Z. Generally, for two elements of about
equal electronegativity, the heavier element forms the less stable hydride.
Thus we have the stability orders CH,>H,S and PH;>TeH,.

If we now consider dissolving HX in water, we have dissociation according

to the equation: HX(aq) = H*(aq)+ X" (ag)
The dissociation constant, K, is related to the change in Gibbs free energy
by the relation AG® = —RTInK (5-2)

HX =z-H; +91ch

18 D, D. Perrin, Dissociation of Inorganic Acids and Bases in Aqueous Solution, Butter-
worths, 1970; E. J. King, Acid—Base Equilibria, Vol. 4, Topic 15, Internat. Encyclop.
Phys. Chem., Pergamon, 1965.
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Fig. 5-9. Variation in mean H—X bond energies.

and the free energy change is in turn related to the changes in enthalpy and
entropy via the relation
AG = AH—TAS (5-3)

in which R is the gas constant and T is the absolute temperature, which we
shall take to be 298° in the following discussion. The dissociation process may
be considered as the sum of several other reactions (that is, as one step in a
thermodynamic cycle). Table 5-3 summarizes the Gibbs free energy changes

TABLE 5-3
Free Energy Changes (kJ mol~!) for Dissociation of HX Molecules in Water at 298°
Process HF HCI HBr HI
HX(aq) = HX(g) 23.9 —4.2 —4.2 —4.2
HX(g) =H(g) + X(g) 535.1 404.5 339.1 272.2
H(g =H*(g)+e 1,3202  1,3202 11,3202 1,320.2
X(gt+te=X"(g) —347.5 —366.8 —3454 —3153
H*@)+X"(g) =H*@Q+X"(aq) —1,513.6 —1,393.4 —1,363.7 -1,330.2
HXaq) =H*(aq) +X~(aq) 18.1 -39.7 —54.0 —57.3
pK = AG°/5.71) 3.2 -17.0 -9.5 -10

for these several steps. It can be seen that HF is out of line with the other
thrze HX acids principally in two respects. (1) It has an exceptionally high
fret energy of bond breaking, and (2) the F~ ion has an exceptionally high
hydration energy. The first of these disfavors acid dissociation while the
second favors it. However, the first factor is larger and predominates.

L is further to be noted that the entropies of bond breaking are nearly the
sane for all the HX molecules (88.8 I mol~* deg™! for HI, increasing
smothly to 99.7 for HF), so that one can say, on the basis of equation 5-3,

thd the main cause of the weakness of HF as an acid in agueous solution is
Iom wmrmitls m mdtin o tlh vk waladivraler o
the strength of the HF bond. It is also worth noting that relatively small
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changes in enthalpies or free energies make large changes in equilibrium con-
stants, as shown by cquation 5-2. A change of 5.71 kJ mol ™! at 298° in the
bond energy would change K by a factor of 10. Thus a decrease of only about
25kJI mol™* in the H—F bond energy would make K, about 10 and HF,
therefore, a strong acid.

The foregoing discussion of the hydrogen halides exemplifies the principles
necessary in understanding the strengths of binary acids generally.

5-10. Oxo Acids

The second main class of acid behavior is shown by compounds with
X—OH groups; these are called oxo acids, and generally have a formula of
the type H,XO,,, for example H,PO,.

For oxo acids certain useful generalizations may be made concerning (a)
the magnitude of K and (b) the ratios of successive constants, K,/K,, K,/K3,
etc. The value of K, seems to depend upon the charge on the central atom.
Qualitatively it is very reasonable to suppose that the greater the positive
charge, the more will the process of proton loss be favored on electrostatic
———— —————grounds; Fthasbeen found thatif thispositivechargeistakentobe theso-called
formal charge semiquantitative correlations are possible. The formal charge in
an oxo acid, H,XO,,, is computed in the following way, assuming the struc-
ture of the acid to be O,,_,X(OH),. Each X—(OH) bond is formed by shar-
ing one X electron and one OH electron and is thus formally non-polar.
Each X—O bond is formed by using two X electrons and thus represents a

TABLE 5-4
Strengths of Oxo Acids, H,XO,,, in Water

HMnO, Very large neg. value —
[-1(D H,PO, 2 ?

(m—n) Examples ~log K; (pKj) —log K, (pK3) —log K5 (pK3)

0 HCIO 7.50 — —
HBrO 8.68 — —

H3;AsO; 9.22 ? ?

H,GeO, 8.59 13 ?

HeTeOs 8.80 ? ?

[H;PO; 1.8 6.15 —1

H;BO; 9.22 ? ?

1 H;PO, 2.12 72 12
H3AsO, 3.5 7.2 12.5

H;106 3.29 6.7 ~15

H,SO; 1.90 7.25 —_—

H,SeO; 2.57 6.60 —

HCIO, 1.94 — —

HNO, 33 — —

[H,CO; 6.38 (3.58) 10.32 —1]

2 HNO; Large neg. value — —

H,SO, Large neg. value 1.92 —

H,SeO, Large neg. value 2.05 —

3 HCIO4 Very large neg. value — —
9
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net loss of one electron by X. Therefore, the formal positive charge on X is
equal to the number of X—O bonds, hence equal to (m—n). It may be seen
from the data in Table 5-4 that, with the exception of the acids listed in brack-
ets, which are special cases to be discussed presently, the following relations
between (m—n) (or formal positive charge on X) and the values of K hold:

For m—n=0, pK ~85+10 (K~107%t0107°)

Form—n=1, pK;~2.8+0.9 (K~1072 to 107%)

Form—n>2, pK, < 0 (the acid is very strong)

It will also be noted that the difference between successive pK’s is 4-5 with
very few exceptions.

H,PO; obviously is out of line with the other acids having m—n=0 and
seems to fit fairly well in the group with m—n=1. This is, in fact, where it
belongs, since there is independent evidence (Section 13-14) that its structure
is OPH*(OH), with H* bonded directly to P. Similarly, H;PO, has a pK;,
that would class it with the m—n =1 acids where it, too, belongs since its
structure is OP(H*),(OH), with the two H* hydrogen atoms directly bound
to P.

Carbonic acid is exceptional in that the directly measured pK,, 6.38, does
not refer to the process

H,CO; = H*+HCO3
since carbon dioxide in solution is only partly in the form of H,CO;, but
largely present as more loosely hydrated species, CO,(aq). When a correc-
tion is made for the equilibrium
CO,(aq)+H,0 = H,COs(aq)
the pK, value of 3.58 is obtained which falls in the range for otherm—n=1
acids (see also Section 10-4).

We may note finally that many metal ions whose solutions are acidic may be
regarded as oxo acids. Thus, although the hydrolysis of metal ions is often
written as shown here for Fe**:

Fe3* +H,0 = Fe(OH)** +H*

it is just as valid thermodynamically and much nearer to physical reality to
recognize that the ferric ion is coordinated by water molecules and to write:

[Fe(H,0)sl** = [Fe(H,0)s(OH)** + H* Kp3+ ~ 1073
From this formulation it becomes clear why the ferrous ion, with a lower
positive charge, is less acidic or, in alternative terms, less hydrolyzed than the
ferric ion:

[Fe(H,0)eP2* = [Fe(H,0)s(OM]* +H*  Kpe2+ < Kre3+
It should be noted that one cannot necessarily compare the acidity of the
bivalent ion of one metal with that of the trivalent ion of another metal in
this way, however. There appears to be no good general rule concerning the
acidities of hydrated metal ions at the present time, although some attempts
have been made at correlations.
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5-11. General Theory of Ratios of Successive Constants

It was shown many years ago by Niels Bjerrum that the ratios of successive
acid dissociation constants could be accounted for in a nearly quantitative
way by electrostatic considerations. Consider any bifunctional acid HXH:

HXH = HX-+H* X,
HX- =X2-+H+ K,

There is a purely statistical effect which can be considered in the following
way. For the first process, dissociation can occur in two ways (i.e. there are
two protons, either of which may dissociate), but recombination in only one;
whereas in the second process, dissociation can occur in only one way, but
recombination in two (i.e. the proton has two sites to which it may return
and hence twice the probability of recombining). Thus, on purely statistical
grounds one would expect K; = 4K, . Bjerrum observed that for the dicar-
boxylic acids, HOOC(CH,),COOH, the ratio X, /K, was always greater than
four, but decreased rapidly as » increased (see Table 5-5). He suggested the
following explanation. When the two points of attachment of protons are

TABLE 5-5
K,/K,; Ratio for Dicarboxylic Acids,
HOOC(CH,),COOH
n 1 2 3 4 5 6 7 8
K,/K, 1120 29.5 17.4 12.3 11.2 10.0 9.5 9.3

close together in the molecule, the negative charge left at one site when the

--first proton. leaves strongly restrains-the second one from leaving by-electro-
static attraction. As the separation between the sites increases, this interaction
should diminish.

By making calculations using the Coulomb law,* Bjerrum was able to
obtain rough agreement with experimental data. The principal difficulty in
obtaining quantitative agreement lies in a choice of dielectric constant since
some of the lines of electrostatic force run through the molecule (D~1-10),
others through neighboring water molecules (D uncertain), and still others
through water having the dielectric constant (~82) of pure bulk water. More
recently, Kirkwood and Westheimer were able to get nearly quantitative
agreement with the data by making very elaborate calculations which take
into account the variability of the dielectric constant. The important point
here for our purposes is to recognize the physical principles involved without
necessarily trying to obtain quantitative results.

Thus, the large separations in successive pK’s for the oxo acids are attribut-
able to the electrostatic effects of the negative charge left by the dissociation
of one proton upon the remaining ones. In bifunctional binary acids, where
the negative charge due to the removal of one proton is concentrated on the

* F o q1q2/Dr, where F is the force; ¢; and q2 the charges separated by r; and D the
diclectric constant of the medium between them.
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very atom to which the second proton is bound, the separation of the con-
stants is extraordinarily great. K, and K, for H,S are ~ 1077 and ~ 10714,
respectively, whereas for water we have

H,0 = H*+OH~ K, = 10714
OH- = H*+0?%" K, < 10735 (est)

5.12. Pure Acids and Relative Acidities'’

The concepts of hydrogen ion concentration and pH discussed above are
meaningful only for dilute aqueous solutions of acids. In water-like solvents
such as methanol, similar concepts may be developed, but in most organic
solvents, in concentrated aqueous solutions and in the anhydrous state the
concept is meaningless and some other scale of acidity is required. There are
a number of different acidity scales but the one most commonly used is
the Hammett acidity function, which allows comparison of the same acid
in different media as well as intercomparisons of acids. The function H,
pertains to the equilibrium between a base, B, its conjugate acid, BH*, and

+ .
the proton, H™: B+H*+ = BH*

and is defined as

BH*
H, = pKpy+ —log L [B]]
In very dilute solutions [B][H']

so that in water, H, becomes synonymous with pH. By using suitable organic
bases, e.g., p-nitroaniline, and suitable indicators over various ranges of con-
centration and acidities or by nmr methods, it is possible to interrelate values
of H, for strong acids extending from dilute solutions to the pure acid. Other
acidity scales utilize organic amides or hydrocarbons but a more useful scale
for diverse compounds of low basicity depends on heats of protonation in
strong acids such as FSO;H or H,S0,.%°
For a number of strong acids in aqueous solution up to concentrations
about 8M, the values of H, are very similar. This suggests that the acidity
is independent of the anion. The rise in acidity with increasing concentration
can be fairly well predicted by assuming that the hydrogen ion is present as
H,0}, so that protonation can be represented as
H,0f +B=BH* +4H,0

Values of H, for some pure liquid acids are given in Table 5-6. It is to be
noted particularly that for HF the acidity can be very substantially increased
by the addition of a Lewis acid or fluoride ion acceptor, for example:

2HF +SbF; = H,F* +SbFg
19 R. E. Bates in J. J. Lagowski, ed., The Chemistry of Non-Aqueous Solvents, Vol. 1,
Academic Press, 1966; E. A. Arnett, Progr. Phys. Org. Chem., 1963, 1, 223.

20 . M., Arnett, R. P. Quirk and J. J. Burke, J. Amer. Chem. Soc., 1970, 92, 1260;
G. C. Levy, J. D. Cargioli and W. Racela, J. Amer. Chem. Soc., 1970, 92, 6238.
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TABLE 5-6
The Hammett Acidity Function, Hy, for Several Acids

Acid H, Acid H,
HSO3F+SbFs+S0; >16 HF 10.2
HF+SbFs M) 15.2 HF+NaF (1M) 8.4
HSOsF 12.6 H;PO, 5.0
H.S,0, 12.2 H;S0, (63% in H,0) 4.9
H,SO, 11.0 HCOOH 2.2

but its acidity is decreased by addition of NaF owing to formation of the
HF; ion. Antimony pentafluoride (page 376) is commonly used as the
Lewis acid since it is comparatively easy to handle, being a liquid, and is com-
mercially available. However, other fluorides such as BF;, NbF,, and TaF,
behave in a similar way.

The enhancement of the acidity of fluorosulfuric acid HSO;F by SbF; gives
one of the strongest of known acids, but here, though SbF; is acting as a
Lewis base, it is not a fluoride ion acceptor. The SbFs—FSO, H system, which
is very complicated, has been thoroughly investigated by nuclear magnetic
resonance and Raman spectra.?'* 22 The acidity is due to the formation of the
H,SO,F™ ion. The equilibria depend on the ratios of the components; with
low ratios of SbF; to FSO,H the main ones are the following:

F

E—|—F
/ b /
SbFs+HSO,F= gL "0 /g

0. o

+H,SO,F*

2H(FsSbSO,F) == 0 O—|-8p——F | +H2SO;F*

\S/
o Nk

I J
At higher ratios the solutions appear to contain also the ions SbFg and
[FsSb—F—SbF]™, which occur in solutions of SbF in liquid HF, together

21 A. Commeyras and G. A. Olah, J. Amer. Chem. Soc., 1969, 91, 2929,
22 R.J. Gillespie, K. Ouchi and G. P. Pez, Inorg. Chem., 1969, 8, 63; R. J. Gillespiec and
G. P. Pez, Inorg. Chem., 1969, 8, 1233,
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with HS,0F and HS;0,F, which occur in SO;—FSO;H solutions. These
species are generated by the additional reactions
HSO,F == HF +50;
3SbF;+2HF = HSbFes +HSb,Fy,
2HSO;F +3S0; == HS,06F+ HS3;0,F
The SbFs—HSO;F solutions are very viscous and are normally diluted with
liquid sulfur dioxide so that better resolution of nuclear magnetic resonance
spectra is obtained. Although the equilibria appear not to be appreciably
altered for molecular ratios SbF5: HSO;F < 0.4, in more concentrated SbFj
solutions the additional equilibria noted above are shifted to the left by remov-
al of SbF as the stable complex SbF;-SO,, which can be obtained crystal-
line (see Section 15-11). This results in a lowering of the acidity of the system;
on the contrary, if SO; is added the acidity is increased?? by raising the con-
centration of H,SO,F* and the strongest known acid is SbFs—HSO;F
-nS0; (n = 3).

There has been extensive study of very strong acids especially FSO;H—
SbF,—S0,, HF—SbFs, and HCIl—AILCl for the protonation of weak
bases.?3 Tt can generally be stated that virtually all organic compounds can
be protonated and the resultant species characterized by nuclear magnetic
resonance. Thus formic acid at —60° gives equal amounts of the protonated
species (5-XI1I) and (5-X1V) and protonated formaldehyde®* (5-XV), while
fluorobenzene gives the ion (5-XVI).

+ H * +
//O\ \0 H\ /H F
H—cy H 7 C
X H—CY
Y o b @
/ - ~

H H H H  H

(5-XI11) (5-XIV) (5-XV) (5-XVID)

The superacid media can induce hydride abstraction, H-D exchange and
other reactions even with saturated hydrocarbons.?> Carbonium ions are
formed, some of which, notably the trimethylcarbonium ion, are quite stable:

Me;CH — Me;C* « CH3CH,CH,CH;

It is postulated that the attack by H™ occurs on the electron density of the
C-—H and C—C single bonds and not on the C and H atoms themselves. The
order of reactivity, qualitatively, is: tertiary CH > C—C > secondary
CH » primary CH. Even molecular H, may be protonated since H,-D,
exchange is observed in the superacids, probably through a planar Hi
transition state. The reactions possibly involve “pentacoordinate” carbonium

ions, e.g., HTE
R;CH+H* = |RsC, ] =CR{+H,

23 R, J. Gillespie, Accounts Chem. Res., 1968, 1, 202; G. A. Olah et al., Chem. Rev., 1970,
70, 561, and papers in J. Amer. Chem. Soc.

24 A M. White and G. A. Olah, J. Amer. Chem. Soc., 1969, 91, 2943.

25 G. A. Olah et al., J. Amer. Chem. Soc., 1971, 93, 1251, 1256, and references therein.
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where the two hydrogen atoms are bound to carbon by closed three-center
bonds.

The carbonium ions can undergo complex reactions. Thus methane can
give carbonium ions with C—C bonds by condensation reactions of the type:

CH,ae H, + CH3 —%% 5. C,H w==kH, +C,Ht, etc.

CHJ ions have been detected by trapping?® with CO and subsequent
hydrolysis of the acylium jon with water to give acetic acid, e.g.,

CH3 +CO — CH;CO* —22°5 CH,COOH +H *

It may also be noted the aqueous acid solutions of K,PtCl, also homo-
geneously catalyze H-D exchange in alkanes with relative rates opposite
to the ones above, namely primary CH > secondary CH > tertiary CH.27
The mechanism of exchange is not clear but it may involve an oxidative
addition of C—H to Pt" (Chapter 24).

The use of HCI-AI,Cly or HF-SbFs to isomerize straight-chain to
branched-chain alkanes or vice versa has potential industrial value, and
indeed such acidic media are already important in many organic reactions of
hydrocarbons such as isomerization, acetylation, alkylation, etc.?®

Other acids that have been used for protonation studies are fluoroboric
acid in propionic anhydride (to remove excess of water) and also liquid
hydrogen chloride, although the latter is inconvenient to use.

Considerably more study has been given to protonation of organic com-
pounds, but a number of inorganic compounds have also been studied. Thus
many metal carbonyl and organometallic complexes may be protonated?®
on the metal or on the ligand (Section 24-A-2), e.g.:

Fe(CO);s +H* = HFe(CO);

(#°-CsHs),Fe+H* == (h5-CsHs),FeH +

CsHgFe(CO); +H* == CyH,Fe(CO)}
Even protonated carbonic acid, or more properly, the trihydroxycarbonium
ion, C(OH); [cf. (5-X1II, XIV, XV)] has been observed>®® in solutions of car-
bonates or bicarbonates in FSO;H-SbFs-SO, solutions at —78°; the ion is
stable to 0° in absence of SO,. It was suggested that C(OH)¥ might be in-
volved evenin biological systems at very acid sites in enzymes such as carbonic
anhydrase.

5-13. Propertics of Some Common Strong Acids

In Table 5-7 are collected some properties of the more common and useful
strong acids in their pure states.

26 H. Hogeveen et al., Rec. Trav. Chim., 1969, 88, 703, 719; Chem. Camm., 1969, 921.

27 R, J. Hodges, D. E. Webster and P. B. Wells, J. Chem. Soc., 1971, 3230.

28 See G. A. Olah, ¢d., Friedel-Crafts and Related Reactions, Vols. 1 and 2, Interscience-
Wiley, 1963; D. M. Brouwer, Rec. Trav. Chin., 1968, 87, 1435,

29 M. A. Haas, Organometallic Chem. Rev., A4, 1969, 4, 307 J. J. Kotz and D. G. Pedrotty,
Organometallic Chem. Rev., 4, 1969, 4, 479.

30 G, A. Olah and A. M. White, J. Amer. Chem, Soc., 1968, 90, 1884.
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TABLE 5-7

Properties of Some Strong Acids in the Pure State

M.p. B.p.

Acid ¢C) ¢C) K &

HF —83.36 19.51 1.6 x10"% (0°) 84 (09
HCI —114.25 - 85.09 3.5 X10~°2 (—85°) 143 (—114°)
HBr —86.92 —66.78 1.4 x10710 (—84°) 7.33 (—86°)
HI —50.85 —35.41 8.5 x1071° (—45°) 3.57 (—45°)
HNO; —41.59 82.6 3.72 x10-2 (259

HCIO, —112 (109° extrap).

HSO3F —88.98 162.7 1.085%x 10~% (25°) ~120 (25°)
H,S0. 10.3771 ~270 d°¢ 1.044x 102 (25°) 110 (20°)

a Specific conductance in ohm™* cm~!. Values are often very sensitive to impurities.
b Dielectric constant.
¢ Constant-boiling mixture (338°) contains 98.33% of H,80,, d = with decomposition.

Hydrogen Fluoride.>!  The acid HF is made by the action of concentrated
H,SO, on CaF, and is the principal source of fluorine compounds (Chapter
16). It is commercially available in steel cylinders, with purity approximately
99.5%; it can be purified further by distillation. Although liquid HF attacks
glass rapidly it can be handled conveniently in apparatus constructed either
of copper or Monel metal or of materials such as polytetrafluoroethylene
(Teflon or PTFE), Kel-F (a chlorofluoro polymer), etc.

The high dielectric constant is characteristic of hydrogen-bonded liquids.
Since HF forms only a two-dimensional polymer it is less viscous than water.
In the vapor, HF is monomeric above 80°, but at lower temperatures the
physical properties are best accounted for by an equilibrium between HF
and a hexamer, (HF);, which has a puckered ring structure.3? Crystalline
(HF), has zigzag chains (Fig. 5-5).

After water, liquid HF is one of the most generally useful of solvents.
Indeed in some respects it surpasses water as a solvent for both inorganic and
organic compounds, which often give conducting solutions as noted above;
it can also be used for cryoscopic measurements.33?

The self-ionization equilibria in liquid HF are:

JHE == H,F*+F~ K~ 1071
F-+HF = HF; == H,Fj3, efc.

The formation of the stable hydrogen-bonded anions accounts in part for
the extreme acidity. In the liquid acid the fluoride ion is the conjugate base,
and ionic fluorides behave as bases. Fluorides of M and M2* are often
appreciably soluble in HF, and some such as TIF are very soluble.

The only substances that function as “acids® in liquid HF are those such

31 (3) M. Kilpatrick and J. G. Jones in The Chemistry of Non-Aqueous Solvents, J.
J. Lagowski, ed., Vol. 2, Academic Press, 1967.
(b) H. H. Hyman and J. J. Katz in Non-Aqueous Solvent Systems, T. C. Waddington,
ed., Academic Press, 1965.

3z J. Janzen and L. S. Bartell, J. Chem. Phys., 1969, 50, 3611.

33a R, J, Gillespie and D. A. Humphreys, J. Chem. Soc., A, 1970, 2311.
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as SbF; noted above, which increase the concentration of H,F*. The latter
ion appears to have an abnormally high mobility in such solutions.

Reactions in liquid HF are known that illustrate also amphoteric behavior,
solvolysis, or complex formation. Although HF is water-like, it is not easy,
because of the reactivity, to establish an emf series, but a partial one is
known.33®

In addition to its utility as a solvent system, HF as either liquid or gas is a
useful fluorinating agent, converting many oxides and other halides into
fluorides.

In aqueous solution, HF differs from the other halogen acids in that it is a
weak acid®* in dilute solution (page 169) where the equilibria are:

F-+H* = HF log K; = 3.16

F~+HF = HF; log K, = 0.7
In 5-15M aqueous solution the acidity increases owing to ionization to
H;0%, HF;, and more complex (H,F,, )~ species.

Hydrogen Chloride, Bromide and Iodide.?S These three hydrogen halides
are very similar to each other and differ notably from hydrogen fluoride.
They are normally pungent gases;in the solid state they have hydrogen-bonded
zigzag chains and there is probably some hydrogen-bonding in the liquid.
Hydrogen chloride is made by the action of concentrated H,S0, on concen-
trated aqueous HCI or NaCl; HBr and HI may be made by catalytic reaction
of H, +X, over platinized silica gel or, for HI, by interaction of jodine and
boiling tetrahydronaphthalene. The gases are soluble in a variety of solvents,
especially polar ones. The solubility in water is not exceptional ;3¢ in moles of
HX per mole of solvent at 0° and 1 atm the solubiljties in water, 1-octanol and

— "benzene, Tespectively, are: HC10.409, 0.48, 0.39; HBr 1.00, 1.30, 1.39; HI

0.065, 0.173, 0.42.
The self-ionization is very small:
3HX = H,X* +HX;

Liquid HCI has been fairly extensively studied as a solvent, and many or-
ganic and some inorganic compounds dissolve giving conducting solutions:
B+2HCI==BH*+HCl;

The low temperatures required and the short liquid range are limitations,

but conductimetric titrations are readily made.

Salts of the ion H,Cl* have not been isolated, but salts of the HX7 ions,
[X—H—X]}", are known, especially for HCI; . The HCI; and HBr; ions,
as they occur in the compounds 3CsX - H,0* - HX 2 have X—H-X distances
of 3.14 and 3.35 A for X = CI and Br, respectively.3” These distances, like

33 A. F. Clifford, W. D. Pardieck and M. W, Wadley, J. Phys. Chem., 1966, 70, 3241.

8¢ E. W. Bauman, J. Inorg. Nuclear Chem., 1969, 31, 3155.

3% F. Klanberg in The Chemistry of Non-Aqueous Solvents, J. J, Lagowski, ed., Vol 2,
Academic Press, 1967; M. E. Peach and T. C. Waddington in Non-Aqueous Solvent
Systems, T. C. Waddington, ed., Academic Press, 1965; and papers by T, C. Wad-
dington, mainly in J. Chem. Soc.

36 W. Gerrard, Chem. and Ind. (London), 1969, 295,

37 1. W. Schroeder and J, A. Ibers, Inorg. Chem., 1968, 7, 594.
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thatin HF 3 (2.26 A), are ~0.5 A shorter than the sum o
and suggest that there are strong hydrogen-bonds.

Nitric Acid.?® Nitric acid is made industrially by oxidation of ammonia
with air over platinum catalysts.®® The resulting nitric oxide (Section 12-6) is
absorbed in water in the presence of air to form NO,, which is then hydrated.
The normal concentrated aqueous acid (approximately 70% by weight) is
colorless but often becomes yellow as a result of photochemical decomposi-
tion, which gives NO,:

2HNO; 25 2NO, +H,0 + 10,

The so-called red “fuming” nitric acid contains dissolved NO, in excess of
the amount which can be hydrated to HNO; +NO.

. Pure nitric acid can be obtained by treating KNO; with 100% H,SO, at 0°
and removing the HNO, by vacuum-distillation. The pure acid is a colorless
liquid or white crystalline solid; the latter decomposes above its melting point
according to the equation given above for the photochemical decomposition
and hence must be stored below 0°.

The pure acid has the highest self-ionization of the pure liquid acids. The

initial protolysis 2HNO, = H,NO% +NO3

is followed by rapid loss of water:
H,NO} = H,O0+NO%
so that the overall self-dissociation is
2HNO; = NO} +NO3 +H,0

Pure nitric acid is a good ionizing solvent for electrolytes but, unless they
produce the NOJ or NOJ ions (Section 12-7), salts are sparingly soluble.
In dilute aqueous solution, nitric acid is approximately 93% dissociated at
0.1M concentration. Nitric acid of concentration below 2M has little oxi-
dizing power. The concentrated acid is a powerful oxidizing agent and, of the
metals, only Au, Pt, Rh and Ir are unattacked, although a few others such
as Al, Fe, and Cu are rendered “passive,” probably owing to formation of
an oxide film; magnesium alone can liberate hydrogen and then only initially
from dilute acid. The attack on metals generally involves reduction of nitrate.
Aqua regia (approximately 3 vols. of conc. HCl+1 vol. of conc. HNO;)
contains free chlorine and CINO, and it attacks Au and Pt metals, its action
being more effective than that of HNO; mainly because of the complexing
function of chloride ion. A similar effect is shown by the fact that some
metals, notably tantalum, are quite resistant to HNO; but dissolve with
extreme vigor if HF is added, to give TaFg or similar ions. Non-metals are
usually oxidized by HNO; to oxo acids or oxides. The ability of nitric acid,
especially in the presence of concentrated sulfuric acid, to nitrate many

38 W, H. Lee in The Chemistry of Non-Aqueous Solvents, J. J. Lagowski, ed., Vol. 2,
Academic Press, 1967; S. A. Stern, J. T. Mullhaupt and W. B. Kay, Chem. Rev., 1960,
60, 195 (an exhaustive review of the physical properties).

39 . Connor, Platinum Metals Rev., 1967, 11, 2.
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organic compounds is attributable to the formation of the nitronium ion,
NO3 (see discussion in Section 12-7).

Gaseous nitric acid has a planar structure (Fig. 5-10) although hindered
rotation of OH relative to NO, probably occurs.

(est) 0-964

Fig. 5-10. The structure of nitric acid in the vapor.

Perchloric Acid.*® Perchloric acid, HCIO,, is commercially available in
concentrations 70-72% by weight. The water azeotrope with 72.5% of
HCIO, boils at 203° and although some chlorine is produced, which can be
swept out by air, there is no hazard involved. The anhydrous acid is best
prepared by vacuum-distillation of the concentrated acid in presence of the
dehydrating agent Mg(ClO,),; it reacts explosively with organic material.
The pure acid is stable at room temperature for only 3-4 days, decomposing
to give HCIO,-H,0 (84.6% acid) and Cl,0,.

The most important applications of aqueous perchloric acid involve its
use as an oxidant. However, at concentrations below 50% and temperatures
not exceeding 50-60°, there is no release of oxygen. The hot concentrated
acid oxidises organic materials vigorously or even explosively; it is a useful
reagent for the destruction of organic matter,*! especially after pre-treatment
with, or in the presence of, sulfuric or nitric acid. The addition of concen-
trated HCIO, to organic solvents such as ethanol should be avoided where

Sulfuric Acid.*? Sulfuric acid is prepared on an enormous scale by the
lead chamber and contact processes.*® In the former, SO, oxidation is cata-
lyzed by oxides of nitrogen (by intermediate formation of nitrosylsulfuric
acid, HOSO,ONO); in the latter, heterogeneous catalysts such as platinum
are used for the oxidation. Pure sulfuric acid, H,SO,, is a colorless liquid
which is obtained from the commercial 98% acid by addition first of sulfur
trioxide or oleum and then titration with water until the correct specific con-
ductance or melting point is achieved.

The phase diagram of the H,SO,~H,0 system is complicated, and eutectic
hydrates such as H,SO,-H,0 (m.p. 8.5°) and H,S0,:2H,O (m.p. —38°)
occur.

In pure crystalline H,SO, there are SO, tetrahedra with S-O distances
1.42, 1.43, 1.52 and 1.55 A, linked by strong hydrogen bonds. There is also
extensive hydrogen bonding in the concentrated acid.

40 G. S. Pearson, Adv. Inorg. Chem. Radiochem., 1966, 8, 177 (an exhaustive review).
4! G, F. Smith, Talanta, 1968, 15, 489.
42 R. J. Gillespie and E. A. Robinson, in Nox-Aqueous Solvents, T. C. Waddington, ed.,

Academic Press, 1965; W. M. Lee in The Chemistry of Non-Aqueous Solvents, J.

J. Lagowski, ed., Vol. 2, Academic Press, 1967.
43 T. J. Pearce in Inorganic Sulphur Chemistry, G. Nickless, ed., Elsevier, 1968.
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Pure H,SO, shows extensive seif-ionization resulting in high
The equilibrium

2H,50, = H,3S01{+HSO3 Ko =1.7%x10"* mol? kg2
is only one factor, since there are additional equilibria due to dehydration:
2H,S0, == H;0* +HS,07 Kior=3.5%10~% mol® kg™?
H,O+H,S0,= H;0*+HSOz Kio-=1mol kg™!

H,S,0,+H,80, = H,80% +HS,07 Kioe=7%10"2 mol kg~?!
Estimates of the concentrations in 100% H,SO, of the other species present,
namely, H,0*, HSO;, H,;S07, HS,07, and H,S,0; can be made; for
example, at 25°, HSOZ is 0.023 molar.**

Pure H,SO, and dilute oleums have been much studied as solvent
systems,* but interpretation of the cryoscopic and other data is often com-
plicated. Sulfuric acid is not a very strong oxidizing agent although the 98%
acid has some oxidizing ability when hot. The concentrated acid reacts with
many organic materials, removing the elements of water and sometimes
causing charring, for example, of carbohydrates. Many substances dissolve
in the 100% acid, often undergoing protonation. Alkali-metal sulfates and
water also act as bases. Organic compounds may also undergo further
dehydration reactions, for example:

C,HsOH =2i%4» C,H,OH} +HS0z —2%45 C,H;HSO, +H;0* +HSOz
Because of the strength of H,SO,, salts of other acids may undergo solvo-
lysis, for example:

NH,CIO, +H,S0, == NH; +HSO; +HCIO,
There are also examples of acid behavior. Thus H3;BO;, which behaves
initially as a base, gives quite a strong acid:
H;3BO; +6H,S04 == B(HSO,); +3H3;0* +3HSO;
B(HSO,); +HSO; = B(HSOWZ

The addition of SO, to H,SO, gives what is known as oleum or fuming sul-
furic acid (SOs), H,O; the constitution of concentrated oleums is contro-
versial, but with equimolar ratios the major constituent is pyrosulfuric (disul-
furic) acid, H,S,0,. At higher concentrations of SO;, Raman spectra indi-
cate the formation of H,S,0,, and H,S,0, ;. Pyrosulfuric acid*® has higher

" acidity than H,SO, and ionizes thus:
2H,S,05 = H,85010+H,S04 == H;3S0% +HS;01,
The acid protonates many materials; HCIO, behaves as a weak base, and
CF,COOH is a non-electrolyte in oleum.
Fluorosulfuric Acid.*” Fluorosulfuric acid is made by the reaction:
SO;+HF = FSO;H

or by treating KHF, or CaF, with oleum at ~250°. When freed from HF by

comdunativity
condauctivity.

44 p. A, H. Wyatt, Trans. Faraday Soc., 1969, 65, 585.

45 R, J. Gillespie in Inorganic Sulphur Chemistry, G. Nickless, ed., Elsevier, 1968; A.
Vincent and R. F. M. White, J. Chem. Soc., 4, 1970, 2179.

46 R, J. Gillespie and K. C. Malhotra, J. Chem. Soc., 4, 1968, 1933.

47 R, 1. Gillespie, Accounts Chem. Res., 1968, 1, 202; R. C. T hompson in Inorganic
Sulphur Chemistry, G. Nickless, ed., Elsevier, 1968.
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sweeping with an inert gas, it can be distilled in glass apparatus. Unlike
CISO;H, which is explosively hydrolyzed by water, F SO;H is relatively
slowly hydrolyzed.

Fluorosulfuric is one of the strongest of pure liquid acids. It is commonly
used in presence of SbF; as a protonating system, as noted above (page 174).
An advantage over other acids is its ease of removal by distillation in vacuum.

The self-ionization 2FSO,H == FSO;H} +FSO;3

is much lower than for H,SO, and consequently interpretation of cryoscopic
and conductometric measurements is fairly straightforward.

In addition to its solvent properties, FSO,H is a convenient laboratory
fluorinating agent. It reacts readily with oxides and salts of 0xo acids at room
temperature. For example, K,CrO, and KCIO, give CrO,F, and ClO,F,
respectively.

Another similar acid, (triffuoromethylsulfuric acid,*® CF,SO,H (b.p.
162°), is also a very useful strong acid, comparable in strength to HCIO,.
It is very hygroscopic and forms a hydrate, CF,;SO,H-H,0O (m.p. 34°).
Its main advantage lies in the fact that its salts are similar to perchlorates
(Section 16-13), but they are non-explosive, an important feature where the
cation contains much organic material.

BINARY METALLIC HYDRIDES

A rough attempt to classify the various types of hydrides is shown in
Fig. 5-11. In this Section we deal with binary metallic hydrides.*?

]
| Y
{B C N O FIN
| IAl Si P s cClla
Sc Ti* v* Cr* Mn* Fe* Co* Ni*| Cu 2Zn 1Ga Ge As Se Br : K
Y Zr Nb Mo* Te* Ru* Rh* Pd*] Ag Cd InliSn Sb Te | | X
La—Lu Hf Ta* W* Re* Os* Ir* Pt“ll Au Hg TI II Pb Bi Po At)R
Ac U, Pu |
Saline hydrides Transition metal hydrides : Bh(:/rdd:;]‘ige } Covalent hydrides;

Fig. 5-11. A classification of the hydrides. The starred elements are the transition clements
for which complex molecules or ions containing M—H bonds are known.

5-14. The Hydride Ion, H™ ; Saline Hydrides

The formation of the unipositive ion H* (or H;0", etc.) suggests that
hydrogen should be classed with the alkali metals in the Periodic Table. On
the other hand, the formation of the hydride ion might suggest an analogy
with the halogens. Such attempts at classification of hydrogen with other
48 Minnesota Mining and Manufacturing Co. Technical Information Bulletin.

% G. G. Libowitz, The Solid State Chemistry of Binary Metal H ydrides, Benjamin, 1965;

K. M. Mackay, Hydrogen Compounds of the Metallic Elements, Spon, 1966; W.

M. Mucller, J. P. Blackledge and G. G. Libowitz, eds., Metal Hydrides, Academic
Press, 1969.
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elements can be misleading. Hydrogen has a very low electron affinity, and
the tendency to form the negative ion is much lower than for the more elec-

tronegative halogen elements. This may be seen by comparing the energetics
of the formation reactions:

$H,(g) > H(g) AH= 218kJmol™! iBra(g) — Br(g) AH= 113kImol™!

H(g)+e — H (g) AH= —67kJ mol~! Br(g)+e — Br (g) AH = —327 kI mol~!
3H,(g)+e — H(g) AH = +151 kI mol~' $Br,(g)+e — Br(g) AH = —214 kI mol~*

Thus, owing to the endothermic character of the H™ ion, only the most
electropositive metals—the alkalis and alkaline earths—form saline or salt-
like hydrides, such as NaH and CaH,. The ionic nature of the compounds is
shown by their high conductivities just below or at the melting point and by
the fact that on electrolysis of solutions in molten alkali halides hydrogen is
liberated at the anode.

X-ray and neutron diffraction studies show that in these hydrides the H™
ion has a crystallographic radius between those of F~ and C1~. Thus the
electrostatic lattice energies of the hydride and the fluoride and chloride of a
given metal will be similar. These facts and a consideration of the Born-Haber
cycles lead us to conclude that only the most electropositive metals can form
ionic hydrides, since in these cases relatively little energy is required to form
the metal ion.

The known saline hydrides and some of their physical properties are given
in Table 5-8. The heats of formation of the saline hydrides, compared with

TABLE 5-8
The Saline Hydrides and Some of Their Properties

Heat of formation M—H  Apparent

Salt Structure o _yy distance radius of

AH;(298°) (kI mol~1) &) H- ()
LiH NacCl type 91.0 2.04 1.36
NaH NaCl type 56.6 2.44 1.47
KH NaCl type 57.9 2.85 1.52
RbH NaCl type 47.4 3.02 1.54
CsH NaCl type 49.9 3.19 1.52
CaH, Slightly distorted Acp 174.5 2.33% 1.35
SrH, Slightly distorted Acp 171.5 2.50 1.36
BaH, Slightly distorted Acp 171.5 2.67 1.34
MgH, Rutile type 74.5 — 1.30

4 See text.

b Although half the H~ ions are surrounded by four Ca** and half by three Ca®*
the Ca—H distances are the same.

those of the alkali halides, which are about 420 kJ mol~?, reflect the inher-
ently small stability of the hydride ion.

For the relatively simple two-electron system in the H™ ion, it is possible
to calculate an effective radius for the free ion, the value 2.08 A having been
obtained. It is of interest to compare this with some other values, specifically,
0.93 A for the He atom, ~0.5 A for the H atom, 1.81 A for the crystallo-
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graphic radius of C1~ and 0.30 A for the covalent radius of hydrogen, as
well as with the values of the “apparent” crystallographic radius of H~
given in Table 5-8. The values in the Table are obtained by subtracting the
Goldschmidt radii of the metal ions from the experimental M—H distances.
The value 2.08 A for the radius of free H is at first sight surprisingly large,
being more than twice that for He. This results from the facts that the H™
nuclear charge is only half that in He and that the electrons repel each other
and screen each other (~30%) from the pull of the nucleus. It will be seen in
Table 5-8 that the apparent radius of H™ in the alkali hydrides never attains
the value 2.08 A and also that it decreases markedly with decreasing elec-
tropositive character of the metal. The generally small size is probably attrib-
utable in part to the easy compressibility of the rather diffuse H™ ion and
partly to a certain degree of covalence in the bonds,

Preparation and Chemical Properties. The saline hydrides are prepared by
direct interaction at 300-700°. For complete reaction of lithium, the tem-
perature must be approximately 725°. Sodium normally reacts with H, only
above 200° and the reaction is slow owing to formation of a coating of an
inert hydride. However, studies on continuously clean surfaces®® show that
the reaction obeys first-order kinetics with an activation energy of ca.
70 kJ mol . Dispersion of sodium in mineral oil increases the reactivity,
‘but NaH in a very reactive form can be prepared at room temperature and
pressure by interaction of H, with sodium and naphthalene (Na*C, ,Hj)
in tetrahydrofuran, with titanium isopropoxide as catalyst.5*

The saline hydrides are crystalline solids, white when pure but usually grey
owing to traces of metal. They can be dissolved in molten alkali halides and

— —— ——on-electrolysis of such a-solution; for example; CaHz in LiCH-K Clat 360°,

hydrogen is released at the anode.

A key to the reactivity of these hydrides lies in the formalism of regarding
H—H as the exceedingly weak parent acid (an extrapolation back from HCl,
strong, and HF, weak) of the MH salts. Thus H™ and its salts react instantly
and completely with any substance affording even the minutest traces of H*,
such as water, according to the reaction:

NaH+H* = Nat+H,

The standard potential of the H,/H™ couple has been estimated to be
—2.25v, making H™ one of the most powerful reducing agents known.

The hydrides are reactive towards air and water, and those of Rb, Cs and
Ba may ignite spontaneously in moist air. Thermal decomposition at high
temperatures gives the metal and hydrogen; LiH alone can be melted (m.p.
688°) and it is unaffected by oxygen below red heat or by chlorine or dry HCI.

LiH is seldom used except for the preparation of the more useful complex
hydride LiAIH, discussed later (page 273). However, NaH and CaH, are
used. NaH is available as a dispersion in mineral oil; although the solid reacts
S0 R, J. Pulham, J. Chem. Soc., A, 1971, 1389.

51 E. E. van Tamelen and P. B. Fechter, J. Amer. Chem. Soc., 1968, 90, 6854; cf S. Bank
and M. C. Prislopski, Chem. Comm., 1970, 1624.
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lently with water, the reaction of the dispersion is less violent. It is used
extensively in organic synthesis®? and for the preparation of the dimethyl
sulfoxide-derived reagent Na*[MeS(O)CH,] ™, and also for the preparation
of NaBH,, (see Section 8-11).

CaH, reacts smoothly with water and is a useful source of hydrogen (one

liter per g); itis a convenient drying agent for organic solvents and for
52 .
gases.

5-15. Hydrides of More Covalent Nature

The hydrides BeH, and MgH, may be obtained by thermal decomposition
of the alkyls, [Me;C],Be and Et,Mg, respectively, but MgH, can be made
by direct interaction of Mg under pressure or from the alloy Mg,Cu at 1 atm
and 300°, or in a reactive form, by interaction of NaH and MgBr, in diethyl
ether.”?

BeH, is difficult to obtain pure but it is believed to have a polymeric struc-
ture with bridged hydrogen atoms as in the boranes (Chapter 8). MgH, has a
rutile-type structure (page 51), like MgF,; it also has a low heat of formation
and is less stable thermally than the true saline hydrides.

A more important compound is aluminum hydride. There is some evidence
for the existence of gaseous AlH, and Al,H, at low pressures, but AlH; is
best obtained as a white powder by action of 100% H,S0, on LiAlIH, in
tetrahydrofuran:®*

2LiAlH, +H,SO, = 2AIH;+2H, +Li,SO,

The structure’® and thermodynamic properties>® have been reported for
the hydride prepared by an undisclosed method. The hydride is highly
unstable to thermal decomposition; AHZ*® = —11.45 kJ mol~ L It forms a
three-dimensional lattice isostructural with AIF; where the Al atoms are
octahedrally surrounded by hydrogen atoms and linked together by non-
Jinear hydrogen bridges, Al—H—AL Aluminum hydride is a useful reducing
agent in organic chemistry,’* and the products formed are significantly
different from those of reduction by LiAIH,. Nitriles can be reduced to
amines via complex intermediates,®” and the reduction of alkyl halides is
slower than with LiAlH, so that carboxyl or ester groups in compounds
RCOOH and RCOOR’ can be reduced preferentially in presence of R"X.

There are a number of complex hydrides of aluminium; they are discussed
in Section 9-9 where also the Lewis acid behavior of AlH; is considered.

52 Gee L. F. Fieser and M. Fieser, Reagents for Organic Synthesis, Wiley, 1967; J. Plesek
and S. Hermanek, Sodium Hydride: Its Use in the Laboratory and Technology, Butter-
worths, 1968.

53§, J. Reilly and R. M. Wiswall, Inorg. Chem., 1967, 6, 2220; E. C. Ashby and R. D.
Schwartz, Inorg. Chem., 1971, 10, 355.

s& N. M. Yoon and H. C. Brown, J. Amer. Chem. Soc., 1968, 90, 2926.

55 3, W. Turley and H. W. Rinn, Inorg. Chem., 1969, 8, 18.

56 G. C. Sinke, L. C. Walker, F. L. Oetting and D. R. Stull, J. Chem. Phys., 1967, 47,
2759.

57 R. Ehrlich and A. R. Young, J. Inorg. Nuclear Chem., 1968, 30, 53.
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There is no evidence for a comparable gallium hydride, but an unstable
viscous oil which shows bands in the infrared spectrum due to Ga—H has
been obtained by the reaction:

Me;N- GaHs(s) + BF3(g) ——2°> GaH, (1) + Me;NBF,(g)

There is also little evidence for hydrides of In and TI; the hydrides of the
metallic elements of Groups IV and V are covalent volatile compounds and
are considered under their respective elements in later Chapters.

5-16. Transition-metal Hydrides

Hydrogen reacts with many transition metals or their alloys on heating,
to give compounds commonly called hydrides even though in some cases they
clearly do not contain hydride ions. Many of these metal hydride systems
are exceedingly complicated, showing the existence of more than one phase,
often with wide divergences from stoichiometry. The most extensive studies
have been made on the most electropositive elements, the lanthanides and
actinides, and the Ti and V groups of the d-block elements.

For many of these hydrides there is still discussion whether properties such
as magnetic susceptibility, electrical conductivity, etc., are best accounted for
by a hydridic model with M"* and H~ ions, a protonic model where the
hydrogen electrons are lost to conduction bands in the metal, or an alloy-like
model without appreciable charge separation.

Lanthanide Hydrides. The metals such as La or Nd react with H,at1atm
and at or slightly above room temperature, to give black solids of graphite-
like appearance. These products are pyrophoric in air and react vigorously

. with water. There are_the phases-MH, and MH; which are non=stoichio——

metric, e.g., LaH, g;. Normally Eu and Yb give only the dihydride phase,
but higher ratios, e.g., YbH, 55, can be obtained at 350° under pressure.’®

The hydrides appear to be predominantly ionic in nature®® and to contain
M3* jons even in the MH, phase where the odd valence electron is probably
located in a metallic conduction band as in the so-called dihalides such as
Lal, (Chapter 27); in YbH, 55 there is some evidence for both Yb?* and
Yb**,

Actinide Hydrides. Thorium and other actinides form complex systems
with non-stoichiometric and stoichiometric phases. Uranium hydride is of
some importance chemically as it is often more suitable for the preparation
of uranium compounds than is the massive metal. Uranium reacts rapidly
and exothermically with hydrogen at 250-300° to give a pyrophoric black
powder. The reaction is reversible:

U+3H, = UH;  AH? = —129kJ mol-!

The hydride decomposes at somewhat higher temperatures to give extremely
reactive, finely divided metal. A study of the isostructural deuteride by X-ray

8 J. C. Warf et al., Inorg. Chem., 1966, 6, 1719, 1726, 1728, 1736.
*® W. G. Bos and H. S. Gutowsky, Inorg. Chem., 1967, 7, 552,
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and neutron diffraction shows that the deuterium atoms lie in a distorted
tetrahedron equidistant from four uranium atoms; no U—U bonds appear
to be present and the U—D distance is 2.32 A. The stoichiometric hydride,
UH;, can be obtained, but the stability of the product with a slight deficiency
of hydrogen is greater.

Some typical useful reactions are the following:

H20, 350; U02

Cl2, 2007 UC14
UH3 H2S, 450‘; USz
HF, 4»()0"E UF4
HCI, 250—300; UCI

3

Hydrides of d-Block Transition Metals. Titanium, zirconium, and haf-
nium absorb hydrogen exothermically to give non-stoichiometric materials
such as TiH, , and ZrH, o. These and the similar hydrides of V, Nb and
Ta are greyish-black solids similar in appearance and reactivity to the finely
divided metal. They are fairly stable in air but react when heated with air or
acid reagents. The Tiand Zr hydrides are used as reducing agents in metallur-
gical and other processes. ‘

The affinity of many of the other d-block elements for hydrogen is small
or zero with the exception of the following two special cases.

Palladium.%®  One of the unique characteristics of metallic palladium and
Pd-Ag or Pd-Au alloys is the high rate of diffusion of hydrogen gas through
a metal membrane compared to the rates for other metals such as nickel or
iridium. There is no doubt that pressure-temperature—composition curves
indicate the presence of palladium hydride phases.

Copper. There has been much discussion on whether a true hydride exists
or not. It appears that an insoluble CuH with a wurtzite structure (page 51)
can be obtained by reduction of Cu?* solutions by hypophosphorous acid.
An amorphous hydride soluble in organic solvents such as pyridine or alkyl-
phosphines can be obtained from the reaction of Cul and LiAlIH, in pyrid-
ine.5t A bright red crystalline phosphine complex, [CuH(PPh;)]¢, has been
isolated,®? and its structure is shown in Fig. 25-H-2. Although the hydride
ligand cannot be detected spectroscopically or by X-ray study, it reacts
with C¢HsCOOD to give HD and H,.

60 F, A. Lewis, The Palladium-Hydrogen System, Academic Press, 1967 (a very detailed
review.

61 1. A. Dilts and D. F. Shriver, J. Amer. Chem. Soc., 1968, 90, 5769; 1969, 91, 4088.

62 g A, Bezman et al., J. Amer. Chem. Soc., 1971, 93, 2063.
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6
The Group I Elements: Li, Na, K, Rb, Cs

GENERAL REMARKS

6-1. Introduction

The closely related elements Li, Na, K, Rb and Cs, often termed the alkali

metals, have a single s electron outside a noble-gas core. Some relevant data
are listed in Table 6-1.

TABLE 6-1
Some Properties of Group I Metals

: Tonization
Electronic  Metal . oa b
Element configur- radius  Potentials, eV 12/0[(% (13(1;)) (}i,) (kJEI:!iCS)Sl— 1
. ——— e
ation (A) Ist 2nd

Li [Hel2s 1.52 5.390 75.62 180.5 1326 —3.02 108.0
Na [Nel3s 1.86 5.138 47.29 97.8 883 —2.71 73.3
K [Arl4s 2.27 4.339 31.81 63.7 756 —2.92 49.9
Rb [Kr]5s 2.48 4.176 27.36 3898 688 —299 47.3
Cs [Xel6s 2.65 3.893 234 2859 690 ~3.02 43.6
Fr [Rn]7s

2 For M*(aq)+e= M(s).
® Energy of dissociation of the diatomic molecule M.

The low ionization potentials for the outer electrons and the fact that the
resulting M* ions are spherical and of low polarizability have as a result that
the chemistry of these elements is essentially that of their + I ions. No other
oxidation state is known, nor is any to be expected in view of the magnitudes
of the second ionization potentials.

Although the chemistry of the elements is predominantly ionic, some
degree of covalent bonding occurs in certain cases. The gaseous diatomic
molecules—Na,, Cs, etc.—are covalently bonded, and the bonds to oxygen,
nitrogen and carbon in various chelate and organometallic compounds
doubtless have some slight covalent character. The tendency to covalence
189
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is greatest with lithium and least with cesium, as would be expected from
the charge:radius ratios.

The element francium is formed in the natural radioactive decay series and
in nuclear reactions. All its isotopes are radioactive with short half-lives.
Precipitation reactions and solubility and ion-exchange studies have shown
that the ion behaves as would be expected from its position in the group.

Of all the groups in the Periodic Table, the Group I metals show most
clearly and with least complication the effect of increasing size and mass on
chemical and physical properties. Thus all of the following decrease through
the series: (a) melting points and heats of sublimation of the metals;
(b) lattice energies of all salts except those with the very smallest anions
(because of irregular radius ratio effects); (c) the effective hydrated radii and
the hydration energies (see Table 6-2); (d) the ease of thermal decomposition
of nitrates and carbonates; (¢) strength of the covalent bonds in the M,
molecules; (f) heats of formation of fluorides, hydrides, oxides and carbides
(because of higher lattice energies with the smaller cations). Other trends
also can readily be found.

Lithium has some chemical behavior that resembles the chemistry of Mg.
Anomalous properties of Li result mainly from the small size of the atom
and the ion; the polarization power of Li™ is the greatest of all the alkali
metal ions and leads to a singularly great tendency toward solvation and
covalent bond formation. There is also evidence to suggest that “lithium
bonds” comparable with hydrogen bonds exist in, e.g., H—F---Li—F and
(LiF),.?

The reactivity of the Group I metals toward all chemical reagents except

nitrogen increases with increasing electropositive. nature. (Li—=Cs)._Li is.

usually the least reactive. Li is only rather slowly attacked by water at 25°,
whereas Na reacts vigorously, K inflames, and Rb and Cs react explosively.
With liquid Br,, Li and Na barely react, whereas the others do so violently.
Lithium does not replace the weakly acidic hydrogen in C4H;C=CH,
whereas the other alkali metals do so, yielding hydrogen gas. However,
with N,, Liis uniquely reactive to give a ruby-red crystalline nitride, Li;N
(Mg also reacts to give MgyN,); at 25° this reaction is slow, but it is quite
rapid at 400° and has been studied in detail.? Both Li and Mg can be used
to remove nitrogen from other gases. When heated with carbon, both Li
and Na react to form the acetylides Li,C, and Na,C,. The heavier alkali
metals also react with carbon, but give non-stoichiometric interstitial com-
pounds where the metal atoms enter between the planes of carbon atoms in
the lamellar graphite structure. This difference may be attributed to size
requirements for the metal, both in the ionic acetylides (M7 CZ7) and in
the penetration of the graphite.

A particularly fundamental chemical difference between lithium and its
congeners, attributable to cation size, is the reaction with oxygen. When the

! P. A. Kollman, J. F. Licbman and L. C. Allen, J. 4mer. Chem. Soc., 1970, 92, 1142.
2 C. C. Addison and B. M. Davies, J. Chem. Soc., 4, 1969, 1822, 1827, 1831.
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metals are burnt in air or oxygen at 1

with only a trace of Li,O,, whereas the other alkali oxides, M,0, react
further giving as principal products the peroxides, M,0,, and (from K,
Rb, and Cs) the superoxides, MO,.

Although the molten metals Na to Cs are miscible in all proportions,
Li is immiscible with K, Rb or Cs and miscible with Na only above 380°.3

The Li* ijon is exceptionally small and has, therefore, an exceptionally
high charge:radius ratio, comparable to that of Mg?*. The properties of a
number of lithium compounds are therefore anomalous (in relation to the
other Group I elements) but resemble those of magnesium compounds. Many
of the anomalous properties arise from the fact that the salts of Li* with
small anions are exceptionally stable owing to their very high lattice energies,
while salts with large anions are relatively unstable owing to poor packing
of very large with very small ions. LiH is stable to approximately 900° while
NaH decomposes at 350°. Li; N is stable whereas Na;N does not exist at 25°.
Lithium hydroxide decomposes at red heat to Li,O, whereas the other
hydroxides MOH sublime unchanged ; LiOH is also considerably less soluble
than the other hydroxides. The carbonate, Li,CO;, is thermally much less
stable relative to Li,O and CO, than are other alkali-metal carbonates
M,CO;. The solubilities of Li* salts resemble those of Mg?*. Thus LiF is
sparingly soluble (0.27 g/100 g H,O at 18°) and can be precipitated from
ammoniacal NH,F solutions; LiCl, LiBr, Lil and, especially, LiClO, are
soluble in solvents such as ethanol, acetone and ethyl acetate, and LiCl is
soluble in pyridine.

NaClQ, is less soluble than LiClO, in various solvents by factors of 3-12,
whereas KCIO,, RbClO, and CsClO, have solubilities only 103 of that
of LiClO,. Since the spherical ClOj ion is virtually non-polarizable and the
alkali-metal perchlorates form ionic crystals, the high solubility of LiClO,
is mainly attributable to strong solvation of the Li* ion. LiBr in hot con-
centrated solution has the unusual property of dissolving cellulose. Lithium
sulfate, in contrast to the other M,SO, salts, does not form alums; it is
also not isomorphous with the other sulfates.

The elements copper, silver and gold, the so-called coinage metals, are
sometimes treated with the alkalis. The only justification for this procedure
is that the atom of each of these elements has a single s electron outside a
closed shell. In the coinage metals, however, the closed shell is a d shell of
the penultimate principal level. Although these elements do have +1 oxid-
ation states, their over-all chemical resemblance to the alkalis is very slight.
They are best considered as close relatives of the transition metals, which
they resemble in much of their chemistry, such as formation of complexes,
variable oxidation state, etc.

It is pertinent that there are other ions that have chemical behavior closely
resembling that of the Group I ions:

1thivrma fn

atm 1 g +h id M
atm, 1itaium Iorms wi® OXiGe, L;,O,

3 J. R. Christman, Phys. Rev., 1967, 159, 108.
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1. The most important of these are the ammonium ions, NH}, RNHJ,
...R4N™*. Salts of NHJ generally resemble those of potassium quite closely
in their solubilities and crystal structures.

2. The thallium(1) ion, T1*, behaves in certain respects as an alkali-metal
ion (although in others more like Ag*). Its ionic radius (1.54 A) is com-
parable to that of Rb™, although it is more polarizable. Thus thallous hydr-
oxide is a water-soluble, strong base, which absorbs carbon dioxide from the
air to form the carbonate. The sulfate and some other salts are isomorphous
with the alkali-metal salts.

3. A variety of other types of monopositive, essentially spherical cations
often behave like alkali-metal ions of comparable size. For example, the very
stable di-(h*-cyclopentadienyl)cobalt(ir) ion and its analogs with similar |
“sandwich” structures (Chapter 23) have precipitation reactions similar to
those of Cs™, and [(#°-C5H;),Co]OH is a strong base which absorbs carbon
dioxide from the air and forms insoluble salts with large anions.

THE ELEMENTS

6-2. Preparation and Properties

Sodium and potassium are in high abundance (2.6% and 2.4%) in the
lithosphere and occur in large deposits of sodium chloride and carnallite,
KCl-MgCl,-6H,0. Lithium, rubidium and cesium have much lower abun-
dances and occur mainly in a few silicate minerals.

Lithium and sodium are obtained by electrolysis of fused salts or of low-
- -melting eutectics-such-as-CaCl,+NaCl. Potassiumcannot readily be made by
electrolysis, owing to its low melting point and ready vaporization, and it is
made by treating molten KCl with Na vapor in a counter-current fractionating
tower. Rb and Cs are made similarly. All the metals are best purified by distil-
lation. Because thereis only one valence electron per metal atom, the binding
energies in the close-packed metal lattices are relatively weak and the metals
are consequently very soft and have low melting points. Liquid alloys of the
metals are known, the most important being the Na-K alloys. The eutectic
mixture in this system contains 77.2% of K and melts at — 12.3°. This alloy,
which has a wide liquid range and high specific heat, has been considered
as a coolant for nuclear reactors, but sodium is used for this purpose.
Lithium is relatively light (density 0.53 g/em?®) and has the highest melting
and boiling point and also the longest liquid range of all the alkali metals;
it has also an extraordinarily high specific heat. These properties should make
it an excellent coolant in heat exchangers, but it is also very corrosive—more
so than other liquid metals—which is a great practical disadvantage; it is
used to deoxidize, desulfurize and generally degas copper and copper alloys.

Sodium metal may be dispersed by melting on various supporting solids
such as sodium carbonate, kieselguhr, etc., or by high-speed stirring of a
suspension of the metal in various hydrocarbon solvents held just above the
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melting point of the metal. Dispersions of the latter type are commercially
available; they may be poured in air, and they react with water only with
effervescence. They are often used synthetically where sodium shot or lumps
would react too slowly. Sodium and potassium, when dispersed on supports
such as carbon or K,CO;, are used as catalysts for various reactions of
alkenes, notably the dimerization of propene to 4-methyl-1-pentene* (cf. the
use of Li alkyls discussed below).

Studies of the spectra of Group I metal vapors at about the boiling points
of the metals show the presence of ~1% of diatomic molecules whose disso-
ciation energies decrease with increasing atomic number (Table 6.1). These
molecules provide the most unambiguous cases of covalent bonding of the
alkalis; some s-p hybridization is considered to be involved.

All the metals are highly electropositive and react directly with most other
clements. The reactions of substances in liquid sodium have been studied in
some detail in view of the use of the metal as a reactor coolant. As noted
above, the reactivities toward air and water increase down the Group. In
air Li, Na, and K tarnish rapidly, and the other metals must be handled in an
inert atmosphere, as must Na-K alloys. Although Li, Na, K and Rb are
silvery in appearance, Cs has a distinct golden-yellow cast. The metals
dissolve in mercury with considerable vigor, to give amalgams. Sodium
amalgam (Na/Hg) is a liquid when containing little sodium but a solid when
rich in sodium; it is a useful reducing agent and can be employed with
aqueous solutions.

The metals also dissolve with reaction in alcohols, to give the alkoxides.
Sodium or potassium in ethanol or tert-butyl alcohol is commonly used in
organic chemistry as reducing agent and also provides a source of the nucleo-
philic alkoxide ions.

6-3. Solutions of Metals in Liquid Ammonia and Other Solvents®

The Group I metals, and to a lesser extent Ca, Sr, Ba, Eu and Yb, are
soluble in liquid ammonia and certain other solvents, giving solutions that
are blue when dilute. These solutions conduct electricity electrolytically and
measurements of transport numbers suggest that the main current carrier,
which has an extraordinarily high mobility, is the solvated electron. Solvated
electrons are now known to be formed in aqueous® or other polar media by
photolysis, radiolysis with ionizing radiations such as X-rays, electrolysis
and probably some chemical reactions. The high reactivity of the electron

4 J. K. Hambling, Chem. in Britain, 1969, 5, 354.

5 J. C. Thompson in The Chemistry of Non-Aqueous Solvents, J. J. Lagowski, ed., Vol. II, ~
Academic Press, 1967; R. F. Gould, ed., Adv. Chem. Series No. 50, American Chemical
Society, Washington, D.C., 1965; U. Schindewolf, Angew. Chem. Internat. Edn., 1968,
7, 190.

6§ D. C. Walker, Quart. Rev., 1967, 21, 75 (hydrated electron, but the discussion includes
other solvents); M. Anbar, Quart. Rev., 1968, 22, 578 (reactions of hydrated electrons
with inorganic compounds).
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and its short lifetime’ (in 0.75M HClO,, 6 x 10™1! sec; in neutral water,
t;,, approximately 10™*sec) make detection of such low concentrations
difficult. Electrons can also be trapped in ionic lattices or in ffozen water or
alcohol when irradiated and again blue colors are observed.

In very pure liquid ammonia the lifetime of the solvated electron may be
quite long (less than 1% decomposition per day), but under ordinary con-
ditions initial rapid decomposition occurs with water present, and with
glass® this is followed by a slower decomposition.

Solutions in ammonia and other solvents have been extensively studied
and it is agreed that in dilute solutions the metal is dissociated into solvated
metal ions M* and electrons. The broad absorption around 15,000 A
accounts for the common blue color; since the metal ions are colorless this
absorption must be associated with the solvated electrons. Magnetic and
electron spin resonance studies show the presence of “free” electrons, but
the decrease in paramagnetism with increasing concentration suggests that
the ammoniated electrons can associate to form diamagnetic species con-
taining electron pairs. Although there may be other equilibria, the data can
be accommodated by equilibria such as

Na(s) (dispersed) == Na (in solution) == Na* +¢

e ey
Just how the electrons are associated with the ammonia molecules or the
solvated metal ions is still a matter of discussion. However, the most satis-
factory models assume that the electron is not localized but is “smeared out”
over a large volume so that the surrounding solvent molecules experience
electronic and orientational polarization. The electron is trapped in the

--—resultant-polarizationfield,-and repulsion-between the electron-and-th

electrons of the solvent molecules leads to the formation of a cavity within
which the electron has the highest probability of being found. In ammonia
this is estimated to be approximately 3-3.4 A in diameter; this cavity concept
is based on the fact that solutions are of much lower density than the pure
solvent, i.e. they occupy far greater volume than that expected from the sum
of the volumes of metal and solvent.

There is evidence for formation of metal ion clusters as the concentration
of metal increases. At concentrations 3M or above, the solutions are copper-
colored and have a metallic luster, and in various physical properties such
as their exceedingly high electrical conductivities they resemble liquid metals.
When 20% solutions of Li in liquid ammonia are cooled, a golden-yellow
conducting solid, Li(NH3;),, is obtained.® Similar behavior is also shown by
the Group II elements, which also give solids, usually non-stoichiometric
but approximating to M(NH,);.

The metals are also soluble to varying degrees in other amines, and Na

7 M. J. Bronskill, R. K. Wolff and J. W. Hunt, J. Phys. Chem., 1969, 73, 1173;
U. Schindewolf, H. Kohrmann and G. Lang, Angew. Chem. Internat. Edn., 1969, 8, 512,

8 D. C. Jackman and C. W. Keenan, J. Inorg. Nuclear Chem., 1968, 30, 2047,

9 N. Mammano and M. J. Sienko, J. Amer. Chem. Soc., 1968, 90, 6322,
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solutions of K, Rband Cs have been obtained in tetrahydrofuran, ethylene
glycol dimethyl ether, and even in diethyl ether containing cyclic polyethers
that form complexes with the alkali-metal ions (page 200).°* The general
properties of these solutions, insofar as they have been determined in view
of the attack on the solvents, appear to be similar to those of the amine and
liquid ammonia solutions; the alkali-metal concentrations in saturated ether
solutions are, however, only ~ 10™* mol |
The ammonia and amine solutions of alkali metals are widely used pre-
paratively in both organic and inorganic chemistry. Thus lithium in methyl-
amine shows great selectivity in its reducing properties, but both this reagent
and lithium in ethylenediamine are quite powerful and can reduce aromatic
rings to cyclic monoolefins. Sodium in liquid ammonia is probably the most
widely used system for preparative purposes. The ammonia solution is
moderately stable, but the decomposition reaction
Na+NH;(l) = NaNH, + $H,

and K are soluble in hexamethylphosphoramide, P(NMe,),. Fairly stable

can occur photochemically and is catalyzed by transition-metal salts. Sodium

amide can be conveniently prepared by treatment of sodium with liquid

ammonia in the presence of a trace of ferric chloride. Amines react similarly:
Li(s) + CH,NH, (1) —2=°%> LiNHCH;(s) + 3H,

and the lithium dialkylamides especially have been used extensively as pre-
parative reagents for making compounds with M—NR, bonds.
For the amides of K, Rb and Cs it has been shown'® that the reaction
e” +NH; & NH;: +3H; K =5x10*
is reversible, but for LiNH, and NaNH, which are insoluble in liquid
ammonia we have, for example
Na*(am)+e~(am) +NH;(l) = NaNH,(s)+ iH; K = 3x10°

The physical and chemical properties required of the solvent to make
possible the formation of such metal solutions are not fully understood. The
dielectric constant of the solvent is important in the same way as in the
solution of an ionic solid, namely, to diminish the forces of attraction
between the oppositely charged particles—in this case, M *jons and electrons.
Furthermore, if the solvent molecules immediately surrounding these par-
ticles interact strongly with them, the energy of the system is further lowered.
While the detailed nature of the interaction of the electrons with the sur-
rounding solvent molecules is still debatable, it is fairly clear that the metal
ions are solvated in the same way as they would be in a solution of a metal
salt in the same solvent (see discussion below).

9a 3. L. Dye, M. G. De Backer and V. A. Nicely, J. Amer. Chem. Soc., 1970, 92, 5227.
10 g, R. Kirschke and W. L. Jolly, Inorg. Chem., 1967, 6, 855; U. Schindewolf, R. Vogels-
gesang and K. W. Béddeker, Angew. Chem. Internat. Edn., 1967, 6, 1076.
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COMPOUNDS OF THE GROUP I ELEMENTS

6-4. Binary Compounds

The Group I metals react directly with most non-metals to give one or more
binary compounds; they also form numerous alloys and compounds with
other metals such as Pb and Sn. Many of these compounds are described
under the appropriate element.

The most important are the oxides, obtained by combustion as noted in
Section 6-1. Although sodium normally gives Na,O, it will take up further
oxygen at elevated pressures and temperatures to form NaO,. The per- and
super-oxides of the heavier alkalis can also be prepared by passing stoichio-
metric amounts of oxygen into their solutions in liquid ammonia, and
ozonides, MO, are also known. The structures of the ions 0%, O; and
O3 and of their alkali salts are discussed in Section 14-7. The increasing
stability of the per- and super-oxides as the size of the alkali ions increases
is noteworthy and is a typical example of the stabilization of larger anions
by larger cations through lattice-energy effects.

Owing to the highly electropositive character of the metals, the various
oxides (and also sulfides and similar compounds) are readily hydrolyzed by
water according to the following equations:

M,0-+H,0 = 2M™* +20H~
M,0,+2H,0 = 2M* +20H" +H,0,
2MO;+2H,0 = 0,+2M™* +20H"~ +H,0,

The oxide Cs,0O has the anti-CdCl, structure and is the only known oxide
with this type of lattice. An abnormally long Cs—Cs distance and short
Cs—O-distance-imply considerable polarization of the Cs* jon.

Rb and Cs both form non-stoichiometric suboxides that are metallic in
nature.

The hydroxides, MOH, are white crystalline solids soluble in water and in
alcohols. They can be sublimed unchanged at 350-400°, and the vapors
consist mainly of dimers, (MOH),. KOH at ordinary temperatures is mono-
clinic with each K surrounded by a distorted octahedron of O atoms while the
OH groups form a zigzag hydrogen-bonded chain with O—H...0=3.354.
The breaking of these bonds results in the formation of the cubic high-
temperature form.,

Measurements of the proton aflinities’! of MOH in the gas phase show
that the base strength increases from Li to Cs, but this order need not be
observed in aqueous or alcoholic solutions where the base strength of the
hydroxide is reduced by solvent effects and hydrogen bonding. In suspension
in non-hydroxylic solvents such as 1,2-dimethoxycthane, the hydroxides are
exceedingly strong bases and can conveniently be used'? to deprotonate a
wide variety of weak bases such as PH, (pK & 27) or CsHg (pK=16). The

1§ K. Searle, I. Dzidi¢ and P. Kebarle, J. dmer. Chem. Soc., 1969, 91, 2810.
'2'W. L. Jolly, Inorg. Chem., 1967, 6, 1435; Inorg. Synth., 1968, 11, 113.
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driving force for the reaction is provided by the formation of the stabie

hydrate: 2KOH(s)+ HA = K*A- +KOH-H,0(s)

6-5. Ionic Salts

Salts of the bases, MOH, with virtually all acids are known. For the most
part they are colorless, crystalline, ionic solids. Those that are colored owe
this to the anions, except in special cases. The colors of metal ions are due to
absorption of light of proper energy to excite electrons to higher energy
levels; for the alkali-metal ions with their very stable noble-gas configu-
rations, the energies required to excite electrons to the lowest available empty
orbitals could be supplied only by quanta far out in the vacuum ultraviolet
(the transition 5p® — 5p°6sin Cs™ occurs at about 1000 A). However, colored
crystals of compounds such as NaCl are sometimes encountered. This is due
to the presence of holes and free electrons, called color centers, in the lattice,
and such chromophoric disturbances can be produced by irradiation of the
crystals with X-rays and nuclear radiations. The color results from transitions
of the electrons between energy levels in the holes in which they are trapped.
These electrons behave in principle similarly to those in solvent cages in the
liquid ammonia solutions, but the energy levels are differently spaced and
consequently the colors are different and variable. Small excesses of metal
atoms produce similar effects, since these atoms form M™ ions and electrons
that occupy holes where anions would be in a perfect crystal (see page 69).

The structures and stabilities of the ionic salts are determined in part by
the lattice energies and by radius ratio effects, which have been discussed in
Chapter 2. Thus the Li* ion is usually tetrahedrally surrounded by water
molecules or negative ions. On the other hand, the large Cs™ ion can
accommodate eight near-neighbor Cl~ ions, and its structure is different
from that of NaCl where the smaller cation Na™ can accommodate only six
near neighbors.

The salts are generally characterized by high melting points, by electrical
conductivity of the melts, and by ready solubility in water. They are seldom
hydrated when the anions are small, as in the halides,'?® because the hydration
energies of the ions are insufficient to compensate for the energy required
to expand the lattice. Owing to its small size, the Li* ion has a large hydration
energy, and it is often hydrated in its solid salts when the same salts of other
alkalis are unhydrated, viz., LiClO,-3H,0. For salts of strong acids, the
lithium salt is usually the most soluble in water of the alkali-metal salts,
whereas for weak acids the lithium salts are usually /ess soluble than those
of the other alkalis.

Since there are few salts that are not appreciably water-soluble, there are
few important precipitation reactions of the aqueous ions. A unique case is
the precipitation by methanolic solutions of 4,4'-diaminodiphenylmethane

13 For detailed discussion of the factors involved in the solubilities of alkali halides in
H,O0, see J. Elson, J. Chem. Educ., 1969, 46, 86.
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(L) of Li and Na salts, for example, NaLCL'* Generally the larger the M+
ion the more numerous are its insoluble salts. Thus sodium has very few
insoluble salts; the mixed sodium zinc and sodium magnesium uranyl
acetates (e.g., NaZn(UO,);(CH;COO), -6H,0), which may be precipitated
almost quantitatively under carefully controlled conditions from dilute acetic
acid solutions, are useful for analysis. The perchlorates and hexachloro-
platinates of K, Rb and Cs are rather insoluble in water and virtually
insoluble in 90% ethanol. These heavier ions may also be precipitated by
cobaltinitrite ion, [Co(NO,)¢]’ ", and various other large anions. Sodium
tetraphenylborate, NaB(C4Hs),, which is moderately soluble in water, is a
useful reagent for precipitating the tetraphenylborates of K, Rb and Cs from
neutral or faintly acid aqueous solutions, and quantitative gravimetric deter-
minations of these ions may be made.

The large size of the Cs* and Rb* ions frequently allows them to form
ionic salts with rather unstable anions, such as various polyhalide anions
(Chapter 16) and the superoxides already mentioned.

Although alkali-metal nitrates decompose to nitrites when heated, they can
be distilled from their melts at 350-500° in vacuum.!3

6-6. The M ™ Tons in Solutions

The M* ions are hydrated or generally solvated to rather indeterminate
degrees and are best written as M*(aq) or M *(solv). Lithium salt hydrates
seldom contain more than four water molecules and exceptions are probably
attributable to hydration of the anions. Lithium ions in solution have the
largest hydrated radius (Table 6-2). Li salts generally deviate from ideal

TABLE 6-2
Data on Hydration of Aqueous Group I Ions

Li* Nat K+ Rb+* Cs*
Crystal radii,” A 0.86 1.12 1.44 1.58 1.84
Hydrated radii (approx.), A 3.40 2.76 2.32 2.28 2.28
Approximate hydration numbers? 25.3 16.6 10.5 — 9.9
Hydration energies, kJ mol~! 519 406 322 293 264
Ionic mobilities (at oo dil., 18°) 33.5 43.5 64.6 67.5 68

“ Ladd radii; for Pauling radii scec Table 2-1.
¥ From transference data.

solution behavior, showing abnormal colligative properties such as very low
vapor pressure, {reezing point, etc.

X-ray scattering studies have indicated that the primary hydration shell
of K" contains four water molecules. Since Na™ forms the very stable
[Na(NH,),]* ion in liquid ammonia (see below), it is probable that it too
14T, C. Shiclds, Chem. Comum., 1968, 832.

!5 For kinctics of NaNO; decomposition, sce B. D. Bond and P. W. M. Jacobs, J. Chem.
Soc., A, 1966, 1265.
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has a primary hydration sphere of four water molecules. Nothing definite in
this connection is known about the Rb* and Cs™ ions. It is quite possible
that they, especially Cs*, might have six water molecules in the first hydration
shell. However, electrostatic forces are still operative beyond the first hydra-
tion sphere, and additional water molecules will be bound in layers of
decreasing definiteness and strength of attachment. Apparently, the larger
the cation itself, the less it binds additional outer layers, so that, although the
crystallographic radii increase down the Group, the hydrated radii decrease
as shown in Table 6-2. Also, hydration energies of the gaseous ions decrease.
The decrease in size of the hydrated ions is manifested in various ways. The
mobility of the ions in electrolytic conduction increases, and so generally does
the strength of binding to ion-exchange resins.

In a cation-exchange resin, two cations compete for attachment at anionic
sites in the resin, as in the following equilibrium:

A*(aq)+[B*R"I(s) = B*(aq) +[A*R"I(s)

where R represents the resin and A™ and B* the cations. Such equilibria
have been measured quite accurately, and the order of preference of the alkali
cations is usually Li* <Na* <K™ <Rb* <Cs™, although irregular behavior
does occur in some cases. The usual order may be explained if we assume that
the binding force is essentially electrostatic and that under ordinary condi-
tions the ions within the water-logged resin are hydrated approximately as
they are outside it. Then the ion with the smallest hydrated radius (which is
the one with the largest “naked” radius) will be able to approach most closely
to the negative site of attachment and will hence be held most strongly
according to the Coulomb law.

The reasons for the deviations from this simple pattern as well as selective
passage of certain jons through cell walls are not properly understood, and
factors other than mere size are doubtless important.

Of importance in connection with the solubility of the metals in liquid
ammonia are ammonia solvates such as the [Na(NH,),]™ ion which is formed
on treatment of Nal with liquid ammonia. [Na(NH;),]I is a liquid of fair
thermal stability. It freezes at 3° and at 25° has an equilibrium pressure of
NH, of 420 mm; thus it must be kept in an atmosphere of ammonia with
at least this pressure at 25°. The infrared and Raman spectra indicate the
complex ion [Na(NH;),]" to be tetrahedral with Na—N bonds about as
strong as the Zn—N bonds in [Zn(NH,),}** or the Pb—C bonds in
Pb(CH,),. Bending and rocking frequencies, however, are quite low, sug-
gesting that the Na—N bonding is mainly due to ion-dipole forces. Thus it
may be assumed that Na* and other metal ions in the dilute liquid ammonia,
amine and ether solutions are strongly solvated in the same way.

The effectiveness of tetrahydrofuran and the dimethyl ethers of ethylene
and diethylene glycols (“glyme” and “diglyme,” respectively) as media for
reactions involving sodium may be due in part to the slight solubility of the
metal, but the solvation of ions by ether moleculés undoubtedly provides the
most important contribution. Indeed there are numerous very stable and
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Fig. 6-1. The structure of the cation in the salt [RbC;gH36N,06]SCN* H,0. [Reproduced
by permission from M. R. Truter, Chem. in Britain, 1971, 203.]

often crystalline solvates for M* (and also M2*) ions with a wide variety of

macrocyclic polyethers. Ethers with 3-20 oxygen atoms have been syn-

thesized.’® One of these, whose formal name is 2,5,8,15,18,21-hexaoxa-

tricyclo [20.4.0.0° 4] hexacosane—abbreviated to cyclohexyl-18-crown-6 is

shown in formula (21-XXVI). Equilibrium constants!” for this ether are

in the order K* > Rb* > Cs*, Na* > Li*. Similar macrocyclic polythio-
—— - —— -cthers—(which—have-greater -affinity for-transition=metal- fori§) Have been
made, but more important are the so-called “cryptates,” which are tricyclic
nitrogen-oxygen macrocycles,'® e.g., N[CH,CH,0CH,CH,0CH,CH,];N
(21-XXVII). In complexes of the latter, the metal ion is completely enclosed
as in the cation of the salt [RbCgH;34N,0(]SCN - H,0 shown in Fig.6-1.8¢
The cryptates have remarkable complexing ability for M2* jons and will,
for example, render even BaSO, soluble.

Salts of more simple ethers such as [K diglyme;}[Mo(CO)1] are also
known, while solvates with other oxygen donors, e.g., (CH;3),S0 and amides,
exist although these are normally unstable in water.

The polyether complexes have been used as models for naturally occurring
compounds that are involved in the transport of alkali and alkaline-earth
ions across membranes and for the very high selectivities towards Na* and
K* or Ca?* and Mg2* shown by natural systems.!5®

Y6 C. J. Peterson, J. Amer. Chem. Soc., 1970, 92, 386, 391.

TR, M. lzzatt et al., J. Amer. Chem. Soc., 1971, 93, 1619.

'8J. M. Lehn and J. P. Sauvage, Chem. Comm., 1971, 440; B. Metz, D. Moras and
R. Weiss, Chen. Comun., 1971, 444; J. Amer. Chen. Soc., 1971, 93, 1807.

182 M, R. Truter, Chen. in Britain, 1971, 203.

8% R, J. P. Williams, Quart. Rev., 1970, 24, 331 (the biochemistry of Na, K, Ca and Mg).




THE GROUP I ELEMENTS: Li, Na, K, Rb, Cs 201

Apart from solvates of the type just discussed, there are comparatively few
complexes of the M* ions, and these are mostly chelates of p-diketones,
nitrophenols, 1-nitroso-2-naphthol, etc.*® Certain of these derivatives, espe-
cially those containing fluorinated ligands such as hexafluoroacetylacetone,
are sublimable?® at 200°. The bonding in such complexes is nevertheless
essentially electrostatic. The anhydrous fS-diketonates are usually insoluble
in organic solvents, indicating an ionic nature, but in presence of additional
coordinating ligands, including water, they may become soluble even in
hydrocarbons; for example, sodium benzoylacetylacetonate-2H,O is soluble
in toluene, while tetramethylethylenediaminelithium hexafluoroacetylaceton-
ate is monomeric in benzene.?!

This behavior has allowed the development of solvent-extraction proce-
dures for alkali-metal ions. Thus, not only can the trioctylphosphine oxide
adduct, Li(PhCOCHCOPh)[OP(octyl),;],, be extracted from aqueous solu-
tions into p-xylene, but also this process can be used to separate lithium from
other alkali-metal ions.?? Further, Cs* can be extracted from aqueous solu-
tions into hydrocarbons by 1,1,1-trifluoro-3-(2’-thenoyl)acetone (TTA) in
presence of nitromethane.?3

It may be noted finally that Li (92.7%) gives nuclear magnetic resonance
signals comparable to those given by H, so that complex formation in
aqueous solutions can be studied; in this way it was shown?* that nitrilo-
triacetic acid, N(CH,COOH); (NTA), probably forms a complex ion,
[Li(NTA),]°", in solution.

6-8. Organometallic Compounds?®

One of the most important areas of the chemistry of Group I elements is
that of their organic compounds. The most important are those of lithium;
organosodium compounds, and to a lesser extent organopotassium ones, are
of limited use.

Lithium Alkyls and Aryls. One of the largest uses of metalliclithium, indus-
trially and in the laboratory, is for the preparation of organolithium com-
pounds. These are of great importance and utility; in their reactions they
generally resemble Grignard reagents, although they are usually more
reactive. Their preparation is best accomplished by using an alkyl or aryl

19 A, J. Layton, et al., J. Chem. Soc., 4, 1970, 1894,

20 R. Belcher, A. W. L. Dudeney and W. 1. Stephen, J. Inorg. Nuclear Chem., 1969, 31, 625.

21 K. Shobatake and K. Nakamoto, J. Chem. Phys., 1968, 49, 4792.

22D, A, Lee, W. L. Naylor, W. J. McDowell and J. S. Drury, J. Inorg. Nuclear Chem.,
1969, 30, 2807.

23 p, Crowther and A. Jurriaanse, J. Inorg. Nuclear Chem., 1968, 30, 3365.

24 See, e.g., J. W, Akitt and M. Parekh, J. Chem. Soc., 4, 1968, 2195.

25 G. E. Coates, M. L. H. Green and K. Wade, Organometallic Compounds, 3rd edn.,
Vol. 1, Methuen, 1967 (a comprehensive account); see also Organometallic Chem.
Rev., B (annual surveys).
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chloride (eq. 6-1) in benzene or petroleum; ether solutions can be used, but
these solvents are attacked slowly by the lithium compounds. Metal-
hydrogen exchange (eq. 6-2), metal-halogen exchange (eq. 6-3) and metal-
metal exchange (eq. 6-4) may also be used.

C,H;Cl+2Li = C,HLi+LiCl (6-1)

o
g

nCHLi + Fe = Fe + nCH, (6-2)

i
S}

Br Li

= =
n-CH,Li + = |+ n-CHBr ©-3)
N NS
N N
2Li+R,Hg = 2RLi+Hg (6-4)

n-Butyllithium in hexane, benzene or ethers is commonly used for such
reactions. Methyllithium is also prepared by exchange through the inter-
action of n-C,HyLi and CH,I in hexane at low temperatures, whence it
precipitates as insoluble white crystals.

Organolithium compounds all react rapidly with oxygen, being usually
spontaneously flammable in air, with liquid water and with water vapor.
However, lithium bromide and iodide form solid complexes of stoichiometry

——  RLHEiX); -5 with the alkyls, and these solids are stable in aif;
Organolithium compounds are among the very few alkali-metal com-
pounds that have properties—solubility in hydrocarbons or other non-polar
liquids and high volatility—typical of covalent substances. They are generally
liquids or low-melting solids, and molecular association is an important
structural feature.?

In the crystals of methyl- (Fig. 6-2) and ethyl-lithium (EtLi, m.p. 90°) the
lithium atoms are at the corners of a tetrahedron with the alkyl groups
centered over the facial planes. Although the CH; group is symmetrically
bound to three Li atoms, the «-carbon of the C,H; group is closer to one Li
atom than the other two.

The alkyl bridge bonding is of the electron-deficient multi-center type
(page 110) found in Be and Al alkyls and in boranes. Aggregate formation is
due to Li—C—Li rather than to Li—Li bonding interactions. The electronic
structure can be accommodated by MO theory. The question whether any
significant direct Li—Li bonding occurs in these tetrahedra remains contro-

26 T. L. Brown, Adv. Organometallic Chem., 1965, 3, 365 (structures and mechanisms of
lithivm alkyls); M. Szwarc, Carbanions, Living Polymers and Electron Transfer Processes,
Interscience-Wiley, 1968.
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Fig. 6-2. The structure of (CH;Li)4: (a) showing the tetrahedral Li, unit with the CH,3

groups located symmetrically above each face of the tetrahedron. [Adapted from E. Weiss

and E. A. C. Lucken, J. Organometallic Chem., 1964, 2, 197.] The structure can also be
regarded as derived from a cube (b).

versial. MO calculations®®* have suggested that there is bonding, but Raman
and nmr spectra suggest that there is none.26®

Lithium alkyls and aryls are associated in solutions, but the nature of the
species depends on the nature of the solvent, the steric nature of the organic
radical and temperature.?” Cryoscopy and nmr study with *3C, 7Li and 'H
resonances?®:2° show that in hydrocarbon solvents MeLi, EtLi, #n-PrLi and
some others are hexamers but tert-butylithium, which presumably is too
bulky, is only tetrameric. On addition of ethers or amines, or in these as
solvent, solvated tetramers are formed. The formation of dimers, or aggre-
gates less than tetramers, seems not to occur.

However, when chelating ditertiary amines, notably tetramethylethylenedi-
amine (TMED), Me,NCH,CH,NMe,, are used, comparatively stable mono-
meric alkyllithium complexes are obtained. The alkyls and aryls also form
complexes with other metal alkyls such as those of Mg, Cd and Zn, e.g.:

2LiCsHs+Mg(CsHs), = Li[Mg(CsHs)a]
This type of complexing, as well as the rates and mechanisms of alkyl-
exchange reactions in solution, have been studied by nmr methods.3°

It is not surprising that there are wide variations in the comparative
reactivities of Li alkyls depending upon the differences in aggregation and
ion-pair interactions. An example is benzyllithium, which is monomeric in
tetrahydrofuran and reacts with a given substrate more than 10* times as
fast as the tetrameric methyllithium.3! The monomeric TMED complexes
262 A. H. Cowley and W. D. White, J. Amer. Chem. Soc., 1969, 91, 34; G. R. Peyton and

W. H. Glaze, Theor. Chim. Acta, 1969, 13, 259.

260 T. L. Brown, L. M. Seitz and B. Kimura, J. Admer. Chem. Soc., 1968, 90, 3245; W. M.

Scovell, B. Kimura and T. G. Spiro, J. Coordination Chem., 1971, 1, 107.

27 J. F. Garst in Solute-Solvent Interactions, J. F. Coetzee and C. D. Ritchie, eds., Dekker,
28 11\26%( Darensbourg et al., J. Amer. Chem. Soc., 1970, 92, 1236.

% H. L. Lewis and T. L. Brown, J. Amer. Chem. Soc., 1970, 92, 4664.

30 L. M. Seitz and B. F. Little, J. Organometallic Chem., 1969, 18, 227.

3t R. Waack and M. A. Doran, J. Amer. Chem. Soc., 1969, 91, 2456; S. P. Patterman,
I. L. Karle and G. D. Stucky, J. Amer. Chem. Soc., 1970, 92, 1150.



204 CHEMISTRY OF NONTRANSITION ELEMENTS

noted above are also very much more reactive than the corresponding
aggregated alkyls. Alkyllithiums can polylithiate acetylenes, acetonitrile, and
other compounds;3!® thus CH,C=CH gives Li,C; which can be regarded as
a derivative of C5~.

Reactions of lithium alkyls are generally considered to be carbanionic in
nature, but in reactions with alkyl halides free radicals have been detected
by electron spin resonance.?? Lithium alkyls are widely employed as stereo-
specific catalysts for the polymerization of alkenes, notably isoprene, which
gives up to 90% of 1,4-cis-polyisoprene; numerous other reactions with
alkenes have been studied.3® The TMED complexes again are especially
active: not only will they polymerize ethylene but they will even metallate
benzene and aromatic compounds, as well as reacting with hydrogen at
1 atm to give LiH and alkane.

6-9. Organo-sodium and -potassium Compounds®*

These compounds are all essentially ionic and are not soluble to any appre-
ciable extent in hydrocarbons; they are exceedingly reactive, being sensitive
to air and hydrolyzed vigorously by water. Although alkyl- and particularly
aryl-sodium derivatives can be prepared for use as reaction intermediates
in situ, they are seldom isolated. However, methylpotassium, which is a
highly pyrophoric substance, has been obtained by the reaction:

(CH),Hg+2K~-Na — 2CH;K +Na-Hg

It has an NiAs-type structure (Fig. 15-5), and the isolated methyl groups are
presumably in the lattice as the pyramidal CHj ion.*?

Sodium and potassiumalkyls can be used for metallation reactions as, —

kd

for example, in eq. 6-2. They can also be prepared from Na or K dispersed
on an inert support material, and such solids act as carbanionic catalysts
for the cyclization, isomerization or polymerization of alkenes. The so-called
“alfin” catalysts for copolymerization of butadiene with styrene or isoprene
to give rubbers consist of sodium alkyl (usually allyl) and alkoxide (usually
isopropoxide) and NaCl, which are made simultaneously in hydrocarbons.**
More important are the compounds formed by acidic hydrocarbons such
as cyclopentadiene, indene, acetylenes, etc. These are obtained by reaction
with sodium in liquid ammonia or, more conveniently, sodium dispersed in

tetrahydrofuran, glyme, diglyme or dimethylformamide.

3CsHg+2Na — 2CsH; Na*t +CsHp

RC=CH+Na — RC=C~Na* +1H;

31a G, A. Gornowicz and R. West, J. dmer. Chem. Soc., 1971, 93, 1714, 1720.

32 G, A. Russell and D. W. Lamson, J. Amer. Chem. Soc., 1969, 91, 3967,

33 Y. Sinn and F. Patat, Angew. Chem. Internat. Edn., 1964, 3, 93; C. W. Kamienski, Ind.
Eng. Chem. Internat. Edn., 1965, 57, 38; G. G. Eberhardt, Organometallic Chem. Rev.,
1966, 1, 491 (organoalkali compounds in catalysis); L. Reich and A. Schindler, Poly-
merisation by Organometallic Compounds, Interscience-Wiley, 1966.

34 M. Schlosser, Angew. Chem. Internat. Edn., 1964, 3, 287, 362.

35 B, Weiss and G. Sauerman, Chem. Ber., 1970, 103, 265; J. Organometallic Chem.,
1970, 21, 1.
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Many aromatic hydrocarbons, as well as aromatic ketones, triphenyl-
phosphine oxide, triphenylarsine, azobenzene, etc., can form highly colored
radical anions®® when treated at low temperatures with Na or K in solvents
such as tetrahydrofuran. For the formation of such anions it is necessary
that the negative charge can be delocalized over an aromatic system. Species
such as the benzenide, C¢Hg, naphthalenide or anthracenide ions can be
detected and characterized spectroscopically and by electron spin resonance.>’
The sodium-naphthalene system, Na*[C,,Hg]~, in an ether is widely used
as a powerful reducing agent, e.g., in nitrogen-fixing systems employing
titanium catalysts (page 345) and for the production of complexes in low
oxidation states. The blue solution of sodium and benzophenone in
tetrahydrofuran, which contains the “ketyl” or radical ion, is a useful and
rapid reagent for the removal of traces of oxygen from nitrogen.

36 E. de Boer, Adv. Organometallic Chem., 1965, 2, 115; E. T. Kaiser and J. L. Kevan,
Radical Ions, Wiley, 1968.

37 N, Hirota, J. Amer. Chem. Soc., 1968, 90, 3603; K. Hofelmann, J. Jagur-Grodzinski
and M. Szwarc, J. Amer. Chem. Soc., 1969, 91, 4645.
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Beryllium and the Group II Elements:
Mg, Ca, Sr, Ba, Ra

GENERAL REMARKS

7-1. Group Relationships

Some pertinent data for Group II elements are given in Table 7-1. Briefly,
Be has unique chemical behavior with a predominantly covalent chemistry,
although forming a cation [Be(H,0),]**. Magnesium, the second-row
element, has a chemistry intermediate between that of Be and the heavier
elements, but it does not stand in as close relationship with the predominantly
lonic heavier members as might have been expected from the similarity of

Na, K, Rb-and Cs. It has considerable tendency to-covalent-bond-formation;
consistent with the high charge : radius ratio. For instance, like beryllium,
its hydroxide can be precipitated from aqueous solutions, whereas hydroxides
of the other elements are all moderately soluble; and it readily forms bonds
to carbon.

The metal atomic radii are smaller than those of the Group I metals owing
to the increased nuclear charge; the number of bonding electrons in the

TABLE 7-1
Some Physical Parameters for the Group 1l Elements

Elec- lonization E° for i
- tronic  M.p. potentials, eV 24, o Tonic arge
Element  Jgoue Q) — 0 M (“q)(“:g‘ M) 1adii (A)Y Tadins
ration Ist 2nd
Be [He]2s% 1278  9.32 18.21 —1.85° 0.34 6.5
Mg [Nel3s> 651 7.64 15.03 —2.37 0.78 3.1
Ca [Arl4s2 843 611  11.87 —2.87 1.06 2.0
Sr [Kr]5s2 769  5.69 10.98 —2.89 1.27 1.8
Ba [Xel6s? 725 5.21 9.95 -2.90 1.43 1.5
Ra [Rn]7s* 700 528 10.10 —2.92 1.57 1.3

¢ Ladd radii. ° Estimated.
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metals is twice as great, so that the metals have mgher meliing and boiling
points and greater densities.

All are highly electropositive metals, however, as is shown by their high
chemical reactivities, ionization potentials, standard electrode potentials
and, for the heavier ones, the ionic nature of their compounds. Although the
energies required to vaporize and ionize these atoms to the M?* ions are
considerably greater than those required to produce the M* ions of the
Group I elements, the high lattice energies in the solid salts and the high
hydration energies of the M?2"*(aq) ions compensate for this, with the result
that 'the standard potentials are similar to those of the Li—Cs group.

The potential E° of beryllium is considerably lower than those of the other
elements, indicating a greater divergence in compensation by the hydration
energy, the high heat of sublimation and the ionization potential. As in
Group 1, the smallest ion crystallographically, i.e. Be?™*, has the largest
hydrated ionic radius.

All the M2" ions are smaller and considerably less polarizable than the
isoelectronic M ¥ ions. Thus deviations from complete ionicity in their salts
due to polarization of the cations are even less important. However, for
Mg?* and, to an exceptional degree for Be?*, polarization of anions by the
cations does produce a degree of covalence for compounds of Mg and makes
covalence characteristic for Be. Accordingly only an estimated ionic radius
can be given for Be;the charge : radius ratio is greater than for any other
cation except H* and B**, which again do not occur as such in crystals. The
closest ratio is that for AI** and some similarities between the chemistries
of Be and Al exist. Examples are the resistance of the metal to attack by
acids owing to formation of an impervious oxide film on the surface, the
amphoteric nature of the oxide and hydroxide, and Lewis acid behavior of
the chlorides. However, Be shows just as many similarities to zinc, especially
in the structures of its binary compounds (see Sections 18-6 to 18-8) and in
the chemistry of its organic compounds. Thus BeS (zinc blende structure) is
insoluble in water although Al,S;, CaS, etc., are rapidly hydrolyzed.

Calcium, strontium, barium, and radium form a closely allied series in
which the chemical and physical properties of the elements and their com-
pounds vary systematically with increasing size in much the same manner
as in Group I, the ionic and electropositive nature being greatest for Ra.
Again the larger ions can stabilize certain large anions: the peroxide and
superoxide ions, polyhalide ions, etc. Some examples of systematic group
trends in the series Ca-Ra are: (@) hydration tendencies of the crystalline
salts increase; (b) solubilities of sulfates, nitrates, chlorides, etc. (fluorides
are an exception) decrease; (c) solubilities of halides in ethanol decrease;
(d) thermal stabilities of carbonates, nitrates and peroxides increase; (e) rates of
reaction of the metals with hydrogen increase. Other similar trends can be
found.

All isotopes of radium are radioactive, the longest-lived isotope being
226Ra (x; ~ 1600 yr). This isotope is formed in the natural decay series of
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238U and was first isolated by Pierre and Marie Curie from pitchblende.
Once widely used in radiotherapy, it is now being supplanted by radioisotopes
made in nuclear reactors.

The elements Zn, Cd, and Hg, which have two electrons outside filled
penultimate d shells, are also classed in Group II. Although the difference
between the calcium and zinc sub-groups is marked, Zn, and to a lesser
extent Cd, show some resemblance to Be or Mg in their chemistry. We shall
discuss these elements separately (Chapter 18), but it may be noted here that
Zn, which has the lowest second ionization potential in the Zn, Cd, Hg
group, still has a value (17.89 eV) similar to that of Be (18.21 eV), and its
standard potential (—0.76 V) is considerably less negative than that of Mg.

There are a few ions with ionic radii and chemical properties similar to
those of St>* or Ba®*, notably those of the +2 lanthanides (Section 27-17)
and especially the europous ion, Eu®*, and its more readily oxidized analogs
Sm** and Yb?*. Because of this fortuitous chemical similarity, europium
is frequently found in Nature in Group II minerals, and this is a good
example of the geochemical importance of such chemical similarity.

7-2. Lower Oxidation States

Although the differences between the first and second ionization potentials,
especially for Be, might suggest the possibility of a stable +1 state, there
is no evidence to support this. Calculations using Born-Haber cycles show
that, owing to the much greater lattice energies of MX, compounds, MX
compounds would be unstable and disproportionate:

ZMX—=>"M+MX;
Detailed studies of the Ca, Sr and Ba systems confirm the absence of M+
ions.?

There is some evidence for Be' in fused chloride melts, for example:
Be+ Be!! = 2Be!

but no Be' compound has been isolated. Some studies of the dissolution of
Be from anodes suggested Be* as an intermediate, but subsequent work
showed that disintegration of the metal occurs during dissolution so that the
apparent effect is one of the metal going into solution in the + 1 state—too
much metal is lost for the amount of current passed. The anode sludge,
a mixture of Be and Be(OH),, had been considered to be due to dispropor-
tionation of Be™, but photomicrography indicates that the beryllium in the
sludge is due merely to spallation of the anode.

On the other hand, similar studics of anodic dissolution of Mg in pyridine
and aqueous salt solutions do provide some evidence for transitory Mg* ions,
which would account for evolution of H, at or near the anode. Electrically
generated Mg* ions have been used to reduce organic compounds.?

' H. H. Emons, Z. aiorg. Chem., 1963, 323, 114.
2 M. D. Rausch, W, E. McEwen and J. Kleinberg, Chent. Rev.. 1957, 57. 417.
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BERYLLIUM?

7-3. Covalency and Stereochemistry

As a result of the small size, high ionization potential and high sublimation
energy of beryllium, its lattice and hydration energies are insufficient to
provide complete charge separation and the formation of simple Be** jons.
In fact, in all compounds whose structures have been determined, even those
of the most electronegative elements, i.e. BeO and BeF,, there appears to
be substantial covalent character in the bonding. On the other hand, to
allow the formation of two covalent bonds, —Be—, it is clear that unpairing
of the two 2s electrons is required. Where free BeX, molecules occur, the Be
atom is promoted to a state in which the two valence electrons occupy two
equivalent sp hybrid orbitals and the X—Be—X system is linear. However,
in such a linear molecule the Be atom has a coordination number of only
two and there is a strong tendency for Be to achieve maximum (four-fold)
coordination, or at least three-fold coordination. Maximum coordination is
achieved in several ways:

1. Polymerization may occur through bridging, as in solid BeCl, (Fig. 7-1).

T N R T
g I\ NS
4—%—., ~— Be [ Be 7 Be -
R g P \C/ N

v Cl / Cl

| 1 1
Fig. 7-1. The structure of polymeric BeCl, in the crystal. The structure of Be(CH3), is
similar.

The coordination of Be is not exactly tetrahedral since the Cl—Be—Cl angles
are only 98°, which means that the BeCl,Be units are somewhat elongated
in the direction of the chain axis. In such a situation the exact sizes of the
angles are determined by competing factors. If the ClBeCl angles were opened
to 109°, the BeClBe angles would decrease to 71°, which would probably
weaken the Be—Cl bonds; Be---Be repulsions would also be increased. The
observed value is a compromise giving the lowest free energy.

Beryllium chloride readily sublimes; at high temperatures (~750°) it
consists of essentially all monomeric, linear BeCl, molecules, but at lower
temperatures there are appreciable amounts (~20% at 560°) of the dimer,
in which Be is three-coordinate.

2. By functioning as Lewis acids, many beryllium compounds attain
maximum coordination of the metal atom. Thus the chloride forms
etherates, Cl1,Be(OR,),, and complex ions such as BeF%~ and [Be(H,0),]**
exist. In chelate compounds such as the acetylacetonate, Be(acac),, four
approximately tetrahedral bonds are formed with the C—O and Be—O bond
lengths equivalent.

3 D. A. Everest, The Chemistry of Beryllium, Elsevier, 1964; H. E. Stockinger, Beryllium,

its Industrial Hygiene Aspects, Academic Press, 1966; L. B. Tepper, H. L. Hardy
and R. I. Chamberlain, Toxicity of Beryllium Compounds, Elsevier, 1961.
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The packing in crystals is almost invariably such as to give Be a coordina-
tion number of 4, with a tetrahedral configuration. In binary compounds,
the structures are often those of the corresponding zinc compounds. Thus the
low-temperature form of BeO has the wurtzite structure (Fig. 2-3); the most
stable Be(OH), polymorph has the Zn(OH), structure; and BeS has the zinc
blende structure (Fig. 2-3). Be,SiO, is exceptional among the orthosilicates
of the alkaline earths, the rest of which have structures giving the metal ion
octahedral coordination, in having the Be atoms tetrahedrally surrounded by
oxygen atoms. It may be noted that Be with F gives compounds often iso-
morphous with oxygen compounds of silicon; thus BeF, is isomorphous
with cristobalite (Si0,), BaBeF, with BaSiO, and NaBeF; with CaSiO,,
and there are five different corresponding forms of Na,BeF, and Ca,SiO, .

Three-coordinate Be occurs in some cases, for example, the gaseous
dimers Be,Cl, and Be,Br,. In Be phthalocyanine, the metal is perforce
surrounded by four nitrogen atoms in a plane. However, no more than three
electron pairs from the N atoms can be truly coordinated to the Be atom
(i.e. occupy bonding MO’s), since there are only three atomic orbitals avail-
able (the s and two p orbitals) in a given plane. This compound constitutes
an example of a forced configuration since the Be atom is held strongly in a
rigid environment.

There are very few examples of Be compounds existing at room tem-
perature in which Be is 2-coordinate with sp linear bonds; but the mono-
meric compounds di-tert-butylberyllium, Be(CMe;), and the silazane,*
Be[N(SiMe,),],, are evidently of this class, presumably because of steric
factors.

—Itis to” be noted especially that beryllium compounds are exceedingly
poisonous, particularly if inhaled, and great precautions must be taken in
handling them.?

7-4. Elemental Beryllium

The most important mineral is beryl, Be;Al,(SiO,)4, which often occurs as
large hexagonal prisms. The extraction from ores is complicated.® The metal
is obtained by electrolysis of BeCl, but, since the melt has very low electrical
conductivity (about 1072 that of NaCl), sodium chloride is also added.

The grey metal is rather light (1.86 g/cm®) and quite hard and brittle.
Since the absorption of electromagnetic radiation depends on the electron
density in matter, beryllium has the lowest stopping power per unit mass
thickness of all suitable construction materials and is used for “windows”
in X-ray apparatus. It is also added as an antioxidant to copper and phosphor
bronzes and as a hardener to copper.

Metallic Be, like Al, is rather resistant to acids unless finely divided or
amalgamated, owing to the formation of an inert and impervious oxide film

4 A. M. Clark and A. Haaland, Acta Chem. Scand., 1970, 24, 3024,
5 Chem. Eng. News, 1965, April 19th, p. 70.
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on the surface. Thus, although the standard potential (—1.85V) would
indicate rapid reaction with dilute acids (and even H,0), the rate of attack
depends greatly on the source and fabrication of the metal. For very pure
metal the relative dissolution rates are HF>H,SO,~HCI>HNO;. The
metal dissolves rapidly in 3M H,SO, and in 5M NH,F, but very slowly in
HNO,. Like Al, it dissolves also in strong bases, forming what is called the
beryllate ion.

7-5. Binary Compounds

The white crystalline oxide, BeO, is obtained on ignition of Be or its com-
pounds in air. It resembles Al,O; in being highly refractory (m.p. 2570°)
and in having polymorphs; the high-temperature form (>800°) is exceed-
ingly inert and dissolves readily only in a hot syrup of concentrated H,SO,
and (NH,),SO,. The more reactive forms dissolve in hot alkali hydroxide
solutions or fused KHSO,.

Addition of OH™ ion to BeCl, or other beryllium solutions gives the
hydroxide. This is amphoteric and in alkali solution the “beryllate” ion,
probably [Be(OH),]*~, is obtained. When these solutions are boiled, the
most stable of several polymorphs of the hydroxide can be crystallized.®

Beryllium fluoride is obtained as a glassy hygroscopic mass by heating
(NH,),BeF,; it has randomly oriented chains of ---F,BeF,Be--- with F
bridges. Thus the structure is similar to those of BeCl, and BeBr, except that
the packing of the chains is disordered. BeF, melts (803°) to a viscous liquid
that has low electrical conductivity. The polymerization in the liquid may
be lowered by addition of LiF which forms the BeF2™ ion.”

Beryllium chloride is prepared by passing CCl, over BeO at 800°. On a
small scale the chloride and bromide are best prepared pure by direct inter-
action in a hot tube.® The white crystalline chloride (m.p. 405°) dissolves
exothermally in water; from HCI solutions the salt [Be(H,0),]Cl, can be
obtained. BeCl, is readily soluble in oxygenated solvents such as ethers. In
melts with alkali halides, chloroberyllate ions, [BeCl,]*>~, may be formed but
this ion does not exist in aqueous solution.

On interaction of Be with NH; or N, at 900-1000° the nitride, Be;N,,
is obtained as colorless crystals, readily hydrolyzed by water. The metal
reacts with ethylene at 450° to give BeC,.

7-6. Complex Chemistry

Oxygen Ligands. In strongly acid solutions the aguo ion [Be(H,0),]**,
occurs, and crystalline salts with various anions can be readily obtained. The
water in such salts is more firmly retained than is usual for aquates, indicating
6 R. A. Mercer and R. P. Miller, J. Inorg. Nuclear Chem., 1966, 28, 61.

7 A. L. Matthews and C. F. Baes, Jr., Inorg. Chem., 1968, 9, 373.
8 E. C. Ashby and R. C. Arnott, J. Organometallic Chem., 1968, 14, 1.
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strong binding. Thus the sulfate is dehydrated to BeSO, only on strong
heating, while [Be(H,0),]Cl, loses no water over P,O5. Solutions of beryl-
lium salts are acidic; this may be ascribed to the acidity of the aquo ion, the
initial dissociation being

[Be(H20),1** = [Be(H,0)s(OM)]* +H*

The addition of soluble carbonates to beryllium salt solutions gives only basic
carbonates. Beryllium salt solutions also have the property of dissolving
additional amounts of the oxide or hydroxide. This behavior is attributable
to the formation of complex species with Be—OH—Be or Be—O—Be
bridges. The rapidly established equilibria® involved in the hydrolysis of the
[Be(H,0),]** ion are very complicated and depend on the nature of the
anion, the concentration, the temperature, and the pH. The main species,
which will achieve 4-coordination by additional water molecules, are con-
sidered to be Be,(OH)**, Bes(OH)3* (probably cyclic) and possibly
Bes(OH)3*. Various crystalline hydroxo complexes have been isolated.® In
concentrated alkaline solution the main species is [Be(OH),]*".

Other complexes of oxygen ligands are mainly adducts of beryllium halides
or alkyls with ethers, ketones, etc., e.g., BeCl,(OEt,),. There are also neutral
complexes of f-diketones and similar compounds, of which the acetylace-
tonate is the simplest, and solvated cationic species such as [Be(DMF),]?* .10
The most unusual complexes have the formula Be,O(OOCR)¢ and are
formed by refluxing the hydroxide with carboxylic acids. These white crystal-
line compounds are soluble in organic solvents, even alkanes, but are insol-
uble in water and lower alcohols; they are inert to water but are hydrolyzed
by dilute acids; in solution they are un-ionized and monomeric; X-ray study

has shown that they have the structures illustrated in Fig. 7-2. The central

e Be

@ Central oxygen atom

Fig. 7-2.  The structurc of the basic carboxylate complexes Be,O(OOCR)g. Only three
RCOO groups are shown.

oxygen atom is tetrahedrally surrounded by the four beryllium atoms (this
being one of the few cascs, excepting solid oxides, in which oxygen is four-
coordinate), and each beryllium atom is tetrahedrally surrounded by four
oxygenatoms. Zinc also forms such complexes, as docs the ZrO** jon, with
9 R. E. Mesmer and C. F. Baes, Jr., Inorg. Chem., 1967, 6, 1951 ; G. Schwartzenbach and

H. Wenger, Helv. Chim. Acta, 1969, 52, 644.
10 W, G. Movius and N. A. Matwiyofl, J. Amer. Chem. Soc., 1968, 90, 2542.
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benzoic acid. The zinc complexes are rapidly hydrolyzed by water, in contrast
to those of beryllium. The acetate complex has been utilized as a means of
purifying beryllium by solvent extraction from an aqueous solution into an
organic layer. When BeCl, is dissolved in N,O, in ethyl acetate, crystalline
Be(NO,), - 2N,0, is obtained. When heated at 50° this gives Be(NO,), , which
at 125° decomposes to N,O, and volatile Be,O(NO;),. The structure of the
latter appears to be similar to that of the acetate but with bridging nitrate
groups. The basic nitrate is insoluble in non-polar solvents.

The only halogeno complexes are the tetrafluoroberyllates, which are
obtained by dissolving BeO or Be(OH), in concentrated solutions or melts of
acid fluorides such as NH,HF,. The tetrahedral ion has a crystal chemistry
similar to that of SO3~, and corresponding salts, e.g., PbBeF, and PbSO,,
usually have similar structures and solubility properties. BeF, readily dis-
solves in water to give mainly BeF,(H,0), according to °Be nmr spectra.'!
In 1M solutions of (NH,),BeF, the ion BeF3 occurs to 15-20%.'2

The interaction between Cl~ and [Be(H,0),]** is very small and may be
outer sphere in nature.

Other Complexes. The stability of complexes with ligands containing
nitrogen or other atoms is lower than those of oxygen ligands. Thus
[Be(NH,),]Cl, is thermally stable but is rapidly hydrolyzed in water. When
BeCl, is treated with the Li salt of 2,2"-bipyridine, a green paramagnetic
complex is formed which is best regarded as a complex of Be?* with the
bipyridinyl radical anion.'? .

Most of the other nitrogen complexes are derived from the hydride
(page 214) or organoberylliums, although compounds are known such as
[Be(NMe,),l5, which have a central four-coordinate Be and terminal three-
coordinate Be atoms with both bridge and terminal NMe, groups.'*

7-7. Organoberyllium Compounds'?

Although beryllium alkyls can be obtained by the interaction of BeCl, with
lithium alkyls or Grignard reagents, they are best made in a pure state® ¢
by heating the metal and a mercury dialkyl, for example:

HgMe, +Be—%> BeMe, + Hg

11 R. A. Kovar and G. L. Morgan, J. Amer. Chem. Soc., 1970, 92, 5067.

12 J C. Kotz, R. Schaeffer and A. Clouse, Inorg. Chem., 1967, 6, 620.

13 G. E. Coates and S. I. E. Green, J. Chem. Soc., 1962, 3340.

14 3, L. Atwood and G. D. Stucky, J. Amer. Chem. Soc., 1969, 91, 4426.

15 N, R. Felter, Organometallic Chem. Rev. 1968, 3, 1; B.J. Wakefield, Adv. Inorg. Chem.
Radiochem., 1968, 11, 341; G. E. Coates, M. L. H. Green and K. Wade, Organometallic
Chemistry, 3rd ed., Vol. 1, Methuen, 1967; E. C. Ashby, Quart. Rev., 1967, 21, 259
(Grignard reagents); S. T. Yoffe and A. N. Nesmeyanov, The Organic Compounds of
Be, Mg, Ca, Sr and Ba: Methods of Elemento Organic Chem. Series, Vol. 2, North
Holland, 1967; S. T. Yoffe and A. N. Nesmeyanov, Handbook of Magnesium Organic
Compounds, Vols. 1-111, Pergamon Press; G. E. Coates and G. L. Morgan, Adv.
Organometallic Chem., 1970, 9, 195 (beryllium).

16 J R. Sanders, Jr., E. C. Ashby and J. H. Clark, J. Amer. Chem. Soc., 1968, 90, 6385.
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The alkyl can be collected by sublimation or distillation in a vacuum. On the
other hand, the aryls are made by reaction of a lithium aryl in a hydrocarbon
with BeCl, in diethyl ether in which the LiCl formed is insoluble, for

example: 2LiCeHs +BeCl, — 2 LiCl} + Be(CgHs),

The beryllium alkyls are liquids or solids of high reactivity, being spon-
taneously flammable in air and violently hydrolyzed by water. Dimethyl-
beryllium is a chain polymer (cf. BeCl,, Fig. 7-1) with bridging CH; groups;
for the bonding see page 306. In the vapour,'” BeMe, is monomeric and
linear (sp); it is also monomeric in ether, presumably as the complex
Me,Be(OEt,),. The alkyls readily undergo exchange reactions in solution
and, as in Grignard reagents, the equilibrium

BeR,+BeX, = 2RBeX
lies to the right.

The higher alkyls are progressively less highly polymerized; diethyl- and
diisopropyl-beryllium are dimeric in benzene but the #-butyl compound is
monomeric; the same feature is found in aluminum alkyls.

As with several other elements, notably Mg and Al, there are close simi-
larities between the alkyls and hydrides, especially in the complexes with
donor ligands. For the polymeric alkyls, especially BeMe,, strong donors
such as Ef,O, Me;N or Me,S are required to break down the polymeric
structure.’® Mixed hydrido alkyls are known; thus pyrolysis of diisopropyl-
beryllium gives a colorless, non-volatile polymer:

x(is0-C3H7);Be—22% > [(is0-C3H,)BeHly+ xCsHg
however, above 100° the fers-butyl analog gives pure BeH, (page 185). With

tertiary amines, reactions of the following types may occur:
BeMe; +Me;N — Me;sN- BeMe,
2BeH; +2R3N — [R3NBeH,],

18a

The trimethylamine hydrido complex!®® appears to have the structure (7-D).
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Beryllium alkyls give colored complexes with 2,2"-bipyridine, for example,
bipyBe(C,Hs),, which is bright red; the colors of these and similar com-
plexes'? with aromatic amines given by Be, Zn, Cd, Al and Ga alkyls are
believed to be due to electron transfer from the M—C bond to the lowest
unoccupied orbital of the amine.

7 R, A. Kovar and G. L. Morgan, Inorg. Chem., 1969, 8, 1099,
'8 R. A. Kovar and G. L. Morgan, J. dmer. Chem. Soc., 1969, 91, 7269.
'8¢ L. H. Shepherd, G. L. Ter Haar and E. M. Marlett, Inorg. Chen., 1969, 8, 976.
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7-8. Occurrence; the Elements

These elements, except radium, are widely distributed in minerals and in
the sea. They occur in substantial deposits such as dolomite, CaCO;-MgCOj5;
carnallite, MgCl, - KCl-6H,0; barytes, BaSO,; etc. Calcium is the third most
abundant metal terrestrially.

Magnesium is produced in several ways. An important source is dolomite
from which, after calcination, the calcium is removed by ion exchange using
sea water. The equilibrium is favorable because the solubility of Mg(OH),
is lower than that of Ca(OH),:

Ca(OH),* Mg(OH), +Mg?* — 2Mg(OH), + Ca?+
The most important processes for preparation of magnesium are (a) the
electrolysis of fused halide mixtures (e.g., MgCl, + CaCl, + NaCl) from which
the least electropositive metal, Mg, is deposited, and (b) the reduction of MgO
or of calcined dolomite (MgO-CaO). The latter is heated with ferrosilicon:
CaO:MgO + FeSi = Mg+silicates of Ca and Fe

and the magnesium is distilled out. MgO can be heated with coke at 2000°
and the metal deposited by rapid quenching of the high-temperature equili-
brium which lies well to the right:

MgO+C & Mg+ CO

Calcium and the other metals are made only on a relatively small scale,
by electrolysis of fused salts or reduction of the halides with sodium.

Radium is isolated in the processing of uranium ores; after coprecipitation
with barium sulfate, it can be obtained by fractional crystallization of a
soluble salt. '

Magnesium is a greyish-white metal with a surface oxide film which pro-
tects it to some extent chemically—thus it is not attacked by water, despite
the favorable potential, unless amalgamated. It is readily soluble in dilute
acids and is attacked by most alkyl and aryl halides in ether solution to give
Grignard reagents. Calcium and the other metals are soft and silvery,
resembling sodium in their chemical reactivities although somewhat less
reactive. These metals are also soluble, though less readily and to a lesser
extent than sodium, in liquid ammonia, giving blue solutions of a similar
nature to those of the Group I metals (page 193). These blue solutions are
also susceptible to decomposition (with the formation of the amides) and
have other chemical reactions similar to those of the Group I metal solutions.
They differ, however, in that moderately stable metal ammines such as
Ca(NHj3)¢ can be isolated on removal of solvent at the boiling point.

7-9. Binary Compounds

Oxides. The oxides, MO, are obtained most readily by calcination of the
carbonates. They are white crystalline solids with ionic, NaCl-type lattices.
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Magnesium oxide is relatively inert, especially after ignition at high temper-
atures, but the other oxides react with water, evolving heat, to form the
hydroxides. They also absorb carbon dioxide from the air. Magnesium
hydroxide is insoluble in water (~1x 10™* g/l at 20°) and can be precipi-
tated from Mg?* solutions; it is a much weaker base than the Ca—Ra
hydroxides, although it has no acidic properties and unlike Be(OH), is
insoluble in excess of hydroxide. The Ca—-Ra hydroxides are all soluble in
water, increasingly so with increasing atomic number [Ca(OH),, ~2 g/l;
Ba(OH),, ~60 g/l at ~20°], and all are strong bases.

There is no optical transition in the electronic spectra of the M?* ions and
they are all colorless. Colors of salts are thus due only to colors of the anions
or to lattice defects. The oxides may also be obtained with defects, and BaO
crystals with ~0.1% excess of metal in the lattice are deep red.

Halides. The anhydrous halides can be made by dehydration (Sect. 16-8)
of the hydrated salts. For rigorous studies, however, magnesium halides are
best made® by the reaction

Mg+ HgX, -Bollisg ether 5, £fo3¢ . (solv) + Hg

Magnesium and calcium halides readily absorb water. The tendency to form
hydrates, as well as the solubilities in water, decrease with increasing size,
and Sr, Ba and Ra halides are normally anhydrous. This is attributed to the
fact that the hydration energies decrease more rapidly than the lattice energies
with increasing size of M2*.

The fluorides vary in solubility in the reverse order, i.e. Mg<Ca<Sr<Ba,
because of the small size of the F~ relative to the M2 ion. The lattice ener-
gies decrease unusually rapidly because the large cations make contact
-- ——with-one another-without-at-the-same time making contact with'the F ~ioms. |

All the halides appear to be essentially ionic. On account of its dispersion
and transparency properties, CaF, is used for prisms in spectrometers and
for cell windows (especially for aqueous solutions). It is also used to provide
a stabilizing lattice for trapping lanthanide +2 ions'® (cf. Chapter 27).

Carbides. All the metals in the Ca-Ba series or their oxides react directly
with carbon?® in an electric furnace to give the carbides, MC,. These are
ionic acetylides whose general properties [hydrolysis to M(OH), and C,H,,
structures, etc.] are discussed in Chapter 10. Magnesium at ~500° gives
MgC, but, at 500-700° with an excess of carbon, Mg, C; is formed, which on
hydrolysis gives Mg(OH), and propyne and is presumably ionic, that is,
(Mg?*),(C57).

Other Compounds. Direct reaction of the metals with other elements can
lead to binary compounds such as borides, silicides, arsenides, sulfides, etc,
Many of these are ionic and are rapidly hydrolyzed by water or dilute acids,
At ~300°, magnesium reacts with nitrogen®! to give colorless, crystalline

19 See, e.g., P. F. Walker, Inorg. Chem., 1966, 5, 736, 739.

20 R. L. Faircloth, R. H. Flowers and F. C. W. Pummery, J. Inorg. Nuclear Chem., 1967,
29, 311.

21 R, 1. Bickley and S. 1. Gregg, J. Chem. Soc., A, 1966, 1349.
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Mg,N, (resembling Li and Be in this respect). The other metals also react
normally to form M;N,, but other stoichiometries are known. X-ray
study?2-of M, N indicates a larger lattice of the anti-CdCl, type (page 54)
found also for Cs,0, Ag,F, etc. Here the metal ions are to be regarded as
M2" with the excess electrons essentially free in the lattice. This can account
for the graphitic luster and the semiconductor behavior.

The hydrides are discussed on page 180; a complex salt KMgH; has been
prepared.??

7-10. Oxo Salts, Tons and Complexes

All the elements of this Group form oxo salts, those of Mg and Ca often
being hydrated. The carbonates are all rather insoluble in water, and the
solubility products decrease with increasing size of M?**. The same applies
to the sulfates; magnesium sulfate is readily soluble in water, and calcium
sulfate has a hemihydrate 2CaSO,-H,O (plaster of Paris) which readily
absorbs more water to form the very sparingly soluble CaSO,-2H,0
(gypsum), while Sr, Ba, and Ra sulfates are insoluble and anhydrous. The
nitrates of Sr, Ba, and Ra are also anhydrous and the last two can be
precipitated from cold aqueous solution by addition of fuming nitric acid.
Magnesium perchlorate is used as a drying agent.

For water, acetone and methanol solutions, nuclear magnetic resonance
studies?* have shown that the coordination number of Mg®* is 6, although
inliquid ammonia®® it appears to be 5. The [Mg(H,0)¢]** ionis not acidicand
in contrast to [Be(H,0),]*>* can be dehydrated fairly readily; it occurs in a
number of crystalline salts.

Complexes. Only Mg and Ca show any appreciable tendency to form
complexes and in solution, with a few exceptions, these are with oxygen
ligands. MgBr,, Mgl, and CaCl, are soluble in alcohols and some other
organic solvents, as is Mg(ClO,)a; cationic solvated ions (see above) may
be formed in these solvents. Adducts of ethers are known, e.g., MgBr,(OEt,),
and MgBr,(THF), ¢

Oxygen chelate compounds, among the most important being those of the
ethylenediaminetetraacetate (EDTA) type, readily form complexes in alkaline
aqueous solution, e.g.:

Ca?* +EDTA*~ = [Ca(EDTA)}*~
The complexing of calcium by EDTA and also by polyphosphates is of some
importance, not only for removal of calcium ions from water, but also
for the volumetric estimation of calcium.

The only known halo complex [Et,N],MgCl, has been made by inter-
22 B, T, Keve and A. C. Skapski, Inorg. Chem., 1968, 7, 1757.

23 g, C, Ashby, R. Kovar and R. Arnott, J. Amer. Chem. Soc., 1970, 92, 2182.
24 N, A. Matwiyoff and H. Taube, J. Amer. Chem. Soc., 1968, 90, 2796; S. Nakamura

and S. Meiboom, J. Amer. Chem. Soc., 1967, 89, 1765.

25 T J. Swift and H. H. Lo, J. Amer. Chem. Soc., 1967, 89, 3988.
26 I, J, Guggenberger and R. E. Rundle, J. Amer. Chem. Soc., 1968, 90, 5375.
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action of MgCl, and Et,NClin SOCI, . Nitrogen ligands generally form weak
complexes that exist in the solid state and dissociate in aqueous solution.
Both Mg and Ca halides absorb NH; or amines to give e. g., [Mg(NH;)(]Cl,.
Ca, Sr and Ba perchlorates give 9-coordinate ions, [M dien;] (C1O,),, but
again these exist only in the solid state.2”

An important exception to this rule is provided by the magnesium com-
plexes of tetrapyrrole systems, the parent compound of which is porphine
(7-11). These conjugated heterocycles provide a rigid planar environment for
Mg?* (and similar) ions. The most important of such derjvatives are the
chlorophylls and related compounds,?® which are of transcendental impor-
tance in photosynthesis in plants.?® The structure of chlorophyll-a, one of
the many chlorophylls, is (7-1II).

Phytyl = \/M/\/Y\/\’_
H,C HHCH

(7-11) (7-11D
In such porphine compounds, the Mg atom is formally 4-coordinate but— |

further interaction with either water or other solvent molecules is a common,
if not universal, occurrence; further, in chlorophyll, interaction with the keto
group at position 9 in another molecule is also established. It also appears
that 5-coordination is preferred over 6-coordination as in the structure of
magnesium tetraphenylporphyrin hydrate,*® where the Mg atom is out of
the plane of the N atoms and is approximately square pyramidal. Although
Mg and other metalloporphyrins can undergo oxidation®! by one-electron
changes, for Mg it is the macrocycle and not the metal that is involved.

In chlorophylls, hydrogen-bonding interactions lead to polymerization
(Fig. 7-3); the hydrates may be monomeric or dimeric in benzene, but
ordered aggregates of colloidal dimensions are formed in dodecane. Where a
polar solvent is not present, association via coordination of the keto group at
position 9 occurs as in solutions of anhydrous chlorophyll in alkancs,32
27 P. S. Gentile, J. Carlotto and T. A. Shankofl, J. fnorg. Nuclear Chem., 1967, 29, 1427.
28 L, P. Vernon and G. R. Seely, eds., The Chiorophylls, Academic Press, 1966.
29 E. Rabinowitch and Govindjee, Photosynthesis, Wiley, 1969,

30 R. Timkovitch and A. Tulinsky, J. Amer. Chen. Soc., 1969, 91, 4430,
31.Cf. J. H. Fuhrhop and D. Mauzerall, J. Amer. Chem. Soc., 1969, 91, 4174.

32 K. Ballschmiter and J. J. Katz, J. Amer. Chem. Soc., 1969, 91, 2661 ; Biochim. Biophys.
Acta, 1969, 180, 347.
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Fig. 7-3. Structure illustrating the chlorophyll-a~water-chlorophyll-a interaction. The
dimensions of the ring and the phytyl chain are not to scale. [Reproduced by permission
from K. Ballschmiter and J. J. Katz, J. Amer. Chem. Soc., 1969, 91, 2661.]

The role of chlorophyll in the photosynthetic reduction of CO, by water
in plants is to provide a source of electrons that may continue to be supplied
for a time in the dark. Electron spin resonance studies of light-irradiated
chlorophyll show that radicals are formed.*® These are probably of the
type (7-IV). The electrons are transmitted through chlorophyll micelles to
other intermediates involved in the reduction of CO,.

\ / \

\c—o H N \c‘ OH \N/
— —— / —— ’I

\8/ /O—-I\I/Ig __,hv \C/ /'O—-I\I'Ig
7 Ne=o—r 1\ MNe—on’

d A 6 A

\CH3 \CH3
(7-IV)

7-11. Organomagnesium Compounds®?

Where they are known, the organic compounds of Ca, Sr and Ba are
highly ionic, reactive, and of little utility or importance. Magnesium com-
pounds, of which the Grignard reagents are the best known, are probably the
most widely used of all organometallic compounds. They are employed for
the synthesis of alkyl and aryl compounds of other elements as well as for a
host of organic syntheses.

33 M. Garcia-Morin, R. A. Uphaus, J. R. Norris and J.J. Katz, J. Phys. Chem., 1969,
73, 1066.
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Magnesium compounds are of the types RM gX—the Grignard reagents—
and MgR,. The former are made by direct interaction of the metal with an
organic halide RX in a suitable solvent, usually an ether such as diethyl
ether or tetrahydrofuran. The reaction is normally most rapid with iodides
RI, and iodine may be used as an initiator. For most purposes, RMgX
reagents are used in situ. The species MgR, are best made® by the dry

reaction HgR, + Mg(excess) — Hg+ MgR,

The dialkyl or diaryl is then extracted with an organic solvent. Both RMgX,
as solvates, and R,Mg, are reactive, being sensitive to oxidation by air and
to hydrolysis by water.

There has been prolonged controversy concerning the nature of Grignard
reagents in solutions. Discordant results have often been obtained because
of failure to eliminate impurities, such as traces of water or oxygen, which
can aid or inhibit the attainment of equilibrium and the occurrence of
exchange reactions. Although recent work has given a reasonable under-
standing, the following discussion probably applies only to Grignard reagents
prepared under strict conditions and not to those normally prepared without
special precautions in the laboratory.

X-ray diffraction studies on certain crystalline Grignard reagents have been
made.?®** In the structure of C4H;MgBr-2(Et,0) and C,H;MgBr-2(Et,0)
the Mg atom is, essentially, tetrahedrally surrounded by C, Br and two oxygen

atoms of the ether as in (7-V). For less sterically demanding ethers such as
Br

I
R-—-I\;lg——— OEt,

OEt,
(7-v)

tetrahydrofuran, higher coordination numbers may occur, as in CH,MgBr-
3THF which is 1bp (cf. also MgBr,-2Et,O but MgBr,-4THF). Thus it is
now clear that in crystals the basic Grignard structure is RMgX -n(solvent).

For diethylmagnesium, Mg(C,H;),, the structure is that of a chain
polymer, similar to that of Be(CH,),, with bridging methylene groups but
again tetrahedral Mg.®*® A special case is that of magnesium cyclopenta-
dienide, Mg(CsH;), which has a “sandwich” structure similar to that of
ferrocene (Section 23-2), but with CsHZ and Mg?*. This compound is
readily made by direct action of cyclopentadiene vapor on hot Mg, or by
thermal decomposition of CsH;MgBr, which in turn is made by action of
cyclopentadiene, CsHg, on C,H MgBr in solution.

The nature of Grignard reagents in solution is complex and depends
critically on the nature of the alkyl and halide groups and on the solvent,
concentration and temperature. Quite generally, the equilibria involved are

34 M. Vallino, J. Organometallic Chem., 1969, 20, 1.
35 E. Weiss, J. Organometallic Chem., 1965, 4, 101.
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Fig. 7-4. Association of several alkyl- and aryl-magnesium bromides and iodides and
related magnesium compounds in diethyl ether. [Reproduced by permission from ref. 36.]

of the type:
X R X
RMg/ \MgR 2 2RMgX £ R, Mg+MgX, & \Mg/ \Mg
\x/ R’ \x/

Solvation (not shown) occurs and association is predominantly by halide
rather than by carbon bridges, except for methyl compounds where bridging
by CH; groups may occur.

In dilute solutions and in more strongly donor solvents the monomeric
species normally predominate; but in diethyl ether at concentrations >0.1M
association occurs® and linear or cyclic polymers may be present. The
behavior of several compounds is shown in Fig. 7-4, which includes also the
halides MgBr, and Mgl,.

Nmr spectra normally do not distinguish between RMgX and R,Mg in
solution because of rapid exchange of alkyl or aryl groups via a transition
state such as (7-VI). However, for CsFsMgBr and (C4Fs), Mg the distinc-

R
v TN
R—Mg Mg—R
(7-VD)

tion can be made at room temperature, although for normal aryls and alkyls
lower temperatures are required. At temperatures below —70° the exchange
rates are slow and nmr spectra of (CH;),Mg and CH;MgBr can be resolved;

36 R W. Walker and E. C. Ashby, J. Amer. Chem. Soc., 1969, 91, 3845.
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the distinction can also be made in presence of hexamethylphosphoramide
at 25°37
More complicated Mg alkyls can be prepared. Thus MgMe, dissolves in
Al,Meg to give species with CH; bridges.>® Stable complexes with certain
Me Me
/ \Mg/ \AlMe2
\me” Mo
amines can also be obtained, for example with N,N,N',N "-tetramethylethyl-
enediamine (TMED) which gives C4H;MgBr(TMED) and R,Mg(TMED).
With other amines, elimination of alkane may occur to give complexes

similar to those of Be (page 214), with bridging alkylamido groups and
3-coordinate Mg.3°

Me, Mg+ (MesAl), 2 Me,Al

37E. C. Ashby, G. Parris and F. W. Walker, Chem. Comm., 1969, 1464; D. F. Evans and
G. V. Fazakerley, J. Chem. Soc., A, 1971, 184.

38 5. L. Attwood and G. D. Stucky, J. Amer. Chem. Soc., 1969, 91, 2538.

3% G. E. Coates and D. Ridley, J. Chem. Soc., 4, 1967, 56.
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Boron

GENERAL REMARKS

8-1. Electronic Structure and Bonding

The first ionization potential of boron, 8.296 eV, is rather high, and the
next two are much higher. Thus the total energy required to produce B*" ions
is far more than would be compensated by lattice energies of ionic compounds
or by hydration of such ions in solution. Consequently, simple electron loss
to form a cation plays no part in boron chemistry. Instead, covalent bond
formation is of major importance, and boron compounds usually resemble
those of other non-metals, notably silicon, in their properties and reactions.

Despite the 2s22p electronic structure, boron is always trivalent and never
monovalent. This is because the total energy released in formation of three
bonds in a BX; compound exceeds the energy of formation of one bond in a
BX compound by more than enough to provide for promotion of borontoa
hybridized valence state of the sp? type, wherein the three sp? hybrid orbitals
lie in one plane at angles of 120°. It would therefore be expected, and is
indeed found, without exception, that all monomeric, three-covalent boron
compounds (trihalides, trialkyls, etc.) are planar with X-—B—X bond angles
of 120°. The covalent radius for trigonally hybridized boron is not well
defined but probably lies between 0.85 and 0.90 A. There are apparently
substantial shortenings of many B—X bonds, and this has occasioned much
discussion. For example, the estimated B—F, B—Cl and B—Br distances
would be ~1.52, ~1.87 and ~1.99 A, whereas the actual distances in the
respective trihalides are 1.30, 1.75 and 1.87 A.

Three factors appear to be responsible for the shortness of bonds to boron:

1. Formation of pn—pn bonds using filled pr orbitals of the halogens and
the vacant pr orbital of boron. This is probably most important in BF;,
but of some significance in BCl; and BBr; as well.

2. Strengthening and hence shortening of the B-—X bonds by ionic-
covalent resonance, especially for B—F and B—O bonds because of the large
clectronegativity differences. Evidence that this is important, in addition

23
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to the dative pn—pn bggding, is afforded by the fact that even in BF, com-
plexes such as (CH;);NBF; and BF, where the pn—pn bond must be largely
or totally absent, the B—F bonds are still apparently shortened.!

3. Because of the incomplete octet in boron, repulsions between non-
bonding electrons may be somewhat less than normal, permitting closer
approach of the bonded atoms.

Elemental boron has properties that place it on the borderline between
metals and non-metals. It is a semiconductor, not a metallic conductor, and
chemically must be classed as a non-metal. In general, boron chemistry
resembles that of Si more closely than that of Al, Ga, In and TI. The main
resemblances to Si and differences from Al are the following:

1. The similarity and complexity of the boric and silicic acids is notable.
Boric acid, B(OH);, is weakly but definitely acidic, and not amphoteric,
whereas AI(OH); is mainly basic with some amphoteric behavior.

2. The hydrides of B and Si are volatile, spontaneously flammable, and
readily hydrolyzed, whereas the only binary hydride of Al is a solid, poly-
meric material. However, structurally, the boron hydrides are unique, having
unusual stoichiometries and configurations and unusual bonding because
of their electron-deficient nature.

3. The boron halides (not BF};), like the silicon halides, are readily hydrol-
yzed, whereas the aluminum halides are only partially hydrolyzed in water.

4. B,0; and SiO, are similar in their acidic nature, as shown by the ease
with which they dissolve metallic oxides on fusion, to form borates and silic-
ates, and both readily form glasses that are difficult to crystallize. Certain
oxo compounds of B and Si are structurally similar, specifically the linear

(BO,), and (SiO;), ions in metaborates -and pyroxene-silicates, respectively.

5. However, despite dimerization of the halides of Al and Ga and of the
alkyls of Al, they behave as acceptors and form a_dclucts similar to those
given by boron halides and alkyls, for example, CI;AIN(CH,);. Aluminum,
like boron, also forms volatile alkoxides such as AI(OC,Hy),, which are
similar to borate esters, BOOR);.

8-2. Acceptor Behavior

In BX; compounds the boron octet is incomplete; boron has a low-lying
orbital which it does not use in bonding owing to a shortage of electrons,
although partial use is made of it in the boron halides through B—X multiple
bonding. The alkyls and halides of aluminum make up this insufficiency of
electrons by forming dimers with alkyl or halogen bridges, but the boron
compounds do not. The reason or reasons for this difference are not known
with certainty. The size factor may be important for BCl, and BBr,, since
the small boron atom may be unable to coordinate strongly to four atoms
as large as Cl and Br. The fact that BCIy and BBr; ions are stable only in
crystalline salts of large cations such as Cs™ or (CH,),N* might suggest this.

! G. Brunton, Acta Cryst., 1968, B, 24, 1703.
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The fact that a certain amount of B—X pr—prn bond energy would have to
be sacrificed would also detract from the stability of dimers relative to
monomers. The size factor cannot be controlling for BF,, however, since
BF; is quite stable. Here, the donor power of the fluorine already bonded to
another boron atom may be so low that the energy of the bridge bonds would
not be sufficient to counterbalance the energy required to break the B—F =
bonding in the monomer. Phenomena of this nature are often difficult to
explain with certainty.

An important consequence of the incomplete octet in BX; compounds is
their ability to behave as acceptors (Lewis acids), in which boron achieves
its maximum coordination with approximately sp® hybridization. Thus,
various Lewis bases, such as amines, phosphines, ethers and sulfides, form
1:1 complexes with BX; compounds. The following are representative of the
addition compounds formed: (CH;);NBCl;, (CH3);PBH;, (C,H;),0BF;.

There is good evidence that the relative strengths of the boron halides as
Lewis acids are in the order BBr; = BCl;>BF;. This order is the opposite of
what would be expected both on steric grounds and from electronegativity
considerations. It can be explained, at least partially, in terms of the
boron—halogen 7 bonding. In an addition compound this = bonding is largely
or completely lost, so that addition compounds of the trihalide with the
strongest 7 bonding will be the most destabilized by loss of the energy of =
bonding. Calculations indicate that the n bonding energies of the trihalides
are in the order BF;> BCl;>BBr;. However, certain properties of the BX;
adducts with donor molecules suggest that the donor-to-boron bonds may
themselves increase in strength in the order BF; <BCl, <BBr;. No satis-
factory explanation has been given for this.

Boron also completes its octet by forming both anionic and cationic com-
plexes. The former type has long been known and includes such important
species as BFy, BHY, B(C4Hs), and BH(OR);, as well as chelates such as
[B(o-CsH,0,),]” and the salicylato complex (8-I) which has been partially

+

O\\ Me;N__ _Br
c—0._ /O—Q P~y
B! = "N
o) Me
(8-D (8-II)

resolved by fractional crystallization of its strychnine salts. The cationic
species? are of three main types: [(base),BH,]*, [(base),BHX]" and
[(base);BH]* . Representative preparative procedures are:

py BH; +py +[PhsC]*[BF,]~ — Ph;CH +[(py):BH,IBF.

py BH;— 2> py BHI, —20>[(py)(bipy) BH]**

(Me;N)BH,I —2»[(Me; N)(py) BH,]* —25> [(Me3N)(py)BHBr]*

2 G. E. Ryschkewitsch and T. E. Sullivan, Inorg. Chem., 1970, 9, 899; L. E. Benjamin
et al., Inorg. Chem., 1970, 9, 1844.
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These cations have considerable hydrolytic stability, though they are attacked
by base; an analog, (8-11), of the last one, above, has been resolved and is opti-
cally stable in acid at 25°.

THE ELEMENT

8-3. Occurrence, Isolation and Properties

The most abundant boron mineral is tourmaline, a complex aluminosilicate
containing about 10% of boron. The principal boron ores are borates, such
as borax, Na,B,05(0OH),-8H,0, which occur in large beds in arid parts of
California and elsewhere.

Natural boron consists of two isotopes, '°B (19.6%) and !'B (80.4%).
Isotopically enriched boron compounds can be made and are useful in
spectroscopic and reaction-mechanism studies. The boron nuclear spins,
(1°B, S =3; ''B, §=3/2) are also highly useful in structural elucidation.
For an example see page 244.

It is exceedingly difficult to prepare elemental boron in a high state of
purity because of its high melting point and the corrosive nature of the liquid.
It can be prepared in quantity but low purity (95-98%) in an amorphous
form by reduction of B,0O; with Mg, followed by vigorous washing of the
material so obtained with alkali, hydrochloric acid, and hydrofluoric acid.
This amorphous boron is a dark powder that may contain some micro-
crystalline boron but also contains oxides and borides.

The preparation of pure boron in crystalline form is a matter of consider- |

able complexity and difficulty even when only small research-scale quantities
are required. There are three allotropic forms whose structures are known in
detail, but other allotropesnot as yet structurally characterized certainly exist.>

a-Rhombohedral boron has been obtained by pyrolysis of BI; on
tantalum, tungsten and boron nitride surfaces at 800-1000°, by pyrolysis of
boron hydrides, and by crystallization from boron-platinum melts at
800-1200°. It is the most dense allotrope, and its structure consists entirely
of By, icosahedra (cf. Fig. 1-8b, page 21), which are packed together in a
manner similar to cubic closest packing of spheres; there are bonds between
the icosahedra which are, however, weaker than those within the icosahedra.

A tetragonal form of boron, which can be obtained by reduction of BBr,
with H, on a tantalum or tungsten filament at 1200-1400°, is the form longest
known; it consists of layers of B,, icosahedra connected by single boron
atoms.

p-Rhombohedral boron is invariably obtained by crystallization of fused
boron. It is built entirely of B, , icosahedra packed together, with B—B bonds
between them, in a more complicated way than in the case of a-rhombohedral

* For the definitive review of this complex subject see J. L. Hoard and R. E. Hughes,
in ref. 4.
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boron. It appears B-rhombohedral form is the thermodynamically
stable one over a considerable range of temperature, though sluggish attain-
ment of equilibria makes this a difficult point to establish with certainty. The
melting point is 22504 50°C.

Crystalline boron is extremely inert chemically. It is unaffected by boiling
HCI or HF, only slowly oxidized by hot, concentrated nitric acid when finely
powdered, and either not attacked or only very slowly attacked by many

other hot concentrated oxidizing agents.

BORON COMPOUNDS*

8-4. Borides®

Compounds of boron with elements less electronegative than itself (i.e.
metals) are called borides. Often compounds of boron with rather less
metallic or metalloidal elements (e.g., P, As) are also termed borides. Borides
of most but not all elements are known. They are generally hard, refractory
substances and fairly inert chemically, and they often possess very unusual
physical and chemical properties. For example, the electrical and thermal
conductivities of ZrB, and TiB, are about ten times greater than those of
the metals themselves, and the melting points are more than 1000° higher.
Some of the lanthanide hexaborides are among the best thermionic emitters
known. The monoborides of phosphorus and arsenic are promising high-
temperature semiconductors, and higher borides of some metalloids, e.g.,
AsBg, are remarkably inert to chemical attack.

Industrially, borides are prepared in various ways, including reduction of
metal oxides by mixtures of carbon and boron carbide, electrolysis in fused
salts, and direct combination of the elements. For research purposes, the last
method is usually used. Cobalt boride, made in aqueous solution by reduc-
tion of Co?* salts with NaBH, is an active catalyst for reduction of various
substrates.®

The borides do not conform to the ordinary concepts of valence either in
stoichiometry or in structure. With only a few exceptions, borides are of one
of the following main types:

1. Borides with isolated boron atoms. These include most of those with
low B to M ratios such as M,B, M;B, M,B, M;B, and M,B;. In the
M, B and M,B structures, boron atoms lie in triangular-prismatic or square-
antiprismatic holes between multiple layers of metal atoms. In the others,
the metal atoms are arranged in approximately close-packed arrays, with
the boron atoms in triangular-prismatic interstices.

2. Borides with single and double chains of boron atoms. As the propor-

4 g L. Muetterties, ed., The Chemistry of Boron and its Compounds, Wiley, 1967.

5 B. Aronsson, T. Lundstrom and S. Rundqvist, Borides, Silicides, and Phosphides,
Methuen, 1965.

6 J. M. Pratt and G. Swinden, Chem. Comm., 1969, 1321.
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Metal

@ Boron

Fig. 8-1. Parallel layers of metal atoms and boron atoms in MB, compounds.

tion of boron atoms increases, so do the possibilities for boron_boron
linkages. In V3B, there are pairs of boron atoms. In one modification of
NiyB;, two-thirds of the boron atoms form infinite, zigzag chains, while
one-third are isolated from other boron atoms; in another modification all
the boron atoms are members of chains. MB compounds all have structures
with single chains, while in many M;B, compounds there are double chains.

3. Borides with two-dimensional nets. These are represented by MB, and
M;B;s compounds and include some of the best electrically conducting,
hardest, and highest-melting of all borides. The crystal structures of the
MB, compounds are unusually simple, consisting of alternating layers of
close-packed metal atoms and “chicken wire” sheets of boron atoms, as
shown in Fig, 8-1,

4. Borides with three-dimensional boron networks. The major types have
formulae MB,, MB; and MB,,. MB, compounds may be of several types
insofar as structural details are concerned. ThB, and CeB, contain rather

— ————open-networks-of boron-atoms-interpenetrating-a-network of metal atoms.
Perhaps as many as twenty other MB, compounds have the same structure.
The MBg structure is fairly easy to visualize with the help of Fig. 8-2: it can
be thought of as a CsCl structure, with B octahedra in place of the C1™ ions;
however, the By octahedra are closely linked along the cube edges, so that
the boron atoms constitute an infinite three-dimensional network. The MB,,
compounds also have cubic structures consisting of M atoms and B,, cubo-

Boron Metal

ce

Fig. 8-2.  Atomic arrangement in many MB, compounds.




BORON 229
octahedra (8-T11) packed in the manner of NaCl; again, the By, polyhedra
are closely linked to one another. It has recently been reported’ that heating
NaBg at 1000° in argon converts it into NaB 5, in which there are icosahedra
linked both directly and through B; chains.

Boron nitride, which can be obtained by interaction of boron with ammonia
at white heat, is a slippery white solid with a layer structure very similar to
that of graphite (page 288). The units, instead of being hexagonal carbon
rings, have alternate B and N atoms 1.45 A apart with angles of 120° (sp” at
B). The distance between the sheets is 3.34 A. The analogy of C—C and B—N
further discussed below is heightened by the conversion of graphite-like BN
under high temperature and pressure into a cubic form with a diamond-like
structure and by the formation of alkali-metal intercalation compounds. The
cubic form is extremely hard and will scratch diamond. The nitride is stable
in air but slowly hydrolyzed by water.

8-5. Oxygen Compounds of Boron

These are among the most important compounds of boron, comprising
nearly all the naturally occurring forms of the element. The structures of such
compounds consist mainly of trigonal BO; units with the occasional occur-
rence of tetrahedral BO, units. B—O bond energies are 560-790 kJ, rivalied
only by the B—F bond in BF, (640 kJ) in strength.

Boron Oxides. The principal oxide, B,Os3, is obtained by fusing boric
acid. It usually forms a glass and can be crystallized only with the greatest
difficulty. It is acidic, reacting with water to give boric acid, BOOH);, and,
when fused, dissolves many metal oxides to give borate glasses. Both the
glassy and the crystalline substances® contain infinite chains of triangular
BO; units, interconnected by weaker B—O bonds.

The lower oxide, BO, is well established though of unknown structure. It
apparently contains both B—B and B—O—B bonds and vaporizes to B,O,
molecules at 1300-1500°. It is obtained on heating B,(OH), at 250° and
<1 mm pressure. B,(OH), itself is obtained in fair yield by the following
reaction sequence:

2(Me,N),BCl N2 428 (Me,N),BB(NMe2),
130 (HO),BB(OH), +4Me,NH}
Hydrolysis of the esters B,(OR), at pH 7 affords B,(OH), quantitatively.
B,(OH), is believed to have a (HO),B—B(OH), structure.

7 R. Naslain and J. S. Kasper, J. Solid State Chem., 1970, 1, 150.
8 @G. E. Gurr et al., Acta Cryst., 1970, B, 26, 907.
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Boric Acid.® Hydrolysis of boron halides, hydrides, etc., affords the acid,
B(OH);, or its salts. The acid forms white, needle-like crystals in which
B(OH); units are linked together by hydrogen bonds to form infinite layers
of nearly hexagonal symmetry; the layers are 3.18 A apart, which accounts
for the pronounced basal cleavage.

Some reactions of boric acid are given in Fig. 8-3.

Peroxo borates and
borate peroxo hydrates

NaH in THF

Na [HB(OR), ]-—"2T g(oR), NG

“

&
S
<
)
L
5

certain polyaicohols  Acidic chelate
3

By03=—-—HBO,~——8
273 " tuse 2 © complexes

(CHBCO)ZO

B(OCOR)3
Acy! borates

Borates

0

[(eH5c0,),8],

Fig. 8-3.  Some reactions of boric acid.

Boric acid is moderately soluble in water with a large negative heat of

solution so that the solubility increases markedly with temperature. It is
a very weak and exclusively monobasic acid that is believed to act, not as a
proton donor, but as a Lewis acid, accepting OH ™ :
B(OH); +H,0 = B(OH); +H* pK = 9.00
The B(OH); ion actually occurs in several minerals. At concentrations
< 0.025M, essentially only mononuclear species B(OH); and B(OH); are
present; but at higher concentrations the acidity increases, and pH measure-
ments are consistent with the formation of polymeric species such as
3B(OH); == B3;03(0OH); +H* +211,0 pK = 6.84

There is also good evidence that polymers are present in mixed solutions of
boric acid and borates, e.g.,

2B(OH); + B(OH); == B;03(0OH);7 +3H,0 K =110
The predominant polymeric species appears to be the ring polymer (8-1V).
Rings of this sort have been characterized in crystalline borates such as
Cs,0°2B,0;. The equilibria in solution are rapidly established, as shown,
for example, by rapid exchange between boric acid labeled with 180 and
borates.

? V.F. RossandJ. O. Edwards, in ref. 4, p.155; R. P. Bell, J. O. Edwards and R. B. Jones,
in ref. 4, p. 209,
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Boric acid and borates form very stable complexes exceedingly rapidly with
polyols*® and a-hydroxy carboxylic acids.!? These are mainly 1:1 and of
type (8-V). The acidity of boric acid is thereby increased; glycerol is
commonly used analytically as the acid can then be titrated by aqueous
NaOH. Steric considerations are very critical in the formation of these com-
plexes. Thus 1,2- and 1,3-diols in the cis-form only, such as cis-1,2-cyclo-
pentanediol, are active, and only o-quinols react. Indeed, the ability of a
diol to affect the acidity of boric acid is a useful criterion of the configu-
ration where cis-trans-isomers are possible.

Borates. Many borates occur naturally, usually in hydrated form. An-
hydrous borates can be made by fusion of boric acid and metal oxides, and
hydrated borates can be crystallized from aqueous solutions. The stoichio-
metry of borates, for example, KB;0O4-4H,0, Na,B,0,10H,0, CaB,0,
and Mg,Cl,B 403, gives little idea of the structures of the anions, which
are cyclic or linear polymers formed by linking together of BO; and/or BO,
units by shared oxygen atoms. The main principles for determining these
structures are similar to those for silicates, to which the borates are struc-
turally and often physically similar in forming glasses. It is interesting to
note that in contrast to the borates, the carbonate ion of superficially similar
structure forms no polymeric species; this is probably attributable to the
formation of strong C—O = bonds.

Examples of complex anhydrous borate anions are the ring anion (8-VI) in
K,B;0; and the infinite chain anion (8-VII) in CaB,0,.

e (O o 0~

0
N \]?/ O—B/ O—B/
?,\ -0 —o—F o—8 o—
l|3 \0- \0‘
-
(8-VDH (8-VID)

Hydrated borates also contain polyanions in the crystal, but not all the
known polyanions exist as such in solution; only those containing one or
more BO, groups appear to be stable. Important features of the structures
are the following:

1. Both trigonal BO; and tetrahedral BO, groups are present, the ratio
of BO, to total B being equivalent to the ratio of the charge on the anion to
that on total boron. Thus KB;Og-4H,0 has one BO, and four BO;, whereas
Ca,B40; ;- 7H,0 has four BO, and two BO; groups.

10 gee R. F. Nickerson, J. Inorg. Nuclear Chem., 1970, 32, 1401.
11 ¥ Kustin and R. Pizer, J. dmer. Chem. Soc., 1969, 91, 317.
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2. The basic structure is a six-atom ring whose stability depends on the
presence of one or two BO, groups. Anions that do not have BO, groups,
such as metaborate, B;OZ ~, or metaboric acid, B30;(0H);, hydrate rapidly
and lose their original structures. The fact that certain complex borates can
be precipitated or crystallized from solution does not constitute evidence for
the existence of such anions in solution, since other less complex anions can
readily recombine during the crystallization process.

3. Other discrete and chain-polymer anions can be formed by linking of
two or more rings by shared tetrahedral boron atoms, in some cases with
dehydration (cf. metaborate below).

Some known structures are those of KB;sOg-4H,0 (8-VIII) and borax,
Na,B,0,+10H,0 (8-IX).

H

o
T
oo
o
|
SN
e

O—B

o7
\O/
o
/
oo

(0]
\}3_0
S B
Ho” OH 8
(8-VIII) (8-1X)

e

Simple sharing of one oxygen atom by two BO; units would give
[0,BOBO,]*; this so-called pyroborate anion has been shown to exist in
Co,B,05. Also, the compound referred to as boron acetate, prepared by
the reaction

2B(OH); + 5(CH;C0),0 — (CH;3CO0), BOB(OOCCH,), +6CH;COOH- -—————

has a pyroborate-like structure. Boron phosphate, BPO,, obtained by the
reaction of boric and phosphoric acids, has tetrahedrally coordinated boron
with B—O—P bonds.

Treatment of borates with hydrogen peroxide or of boric acid with sodium
peroxide leads to products variously formulated as NaBO;-4H,0 or
NaBO, H,0,-3H,0, which are extensively used in washing powders
because they afford H,0, in solution, The crystal structure has been found
to contain [B,(0,),(OH),J*~ units with two peroxo groups bridging the
tetrahedral boron atoms. When this salt is heated, paramagnetic solids
containing O3, O3 and a peroxoborate radical are formed, 2

Metaborates. When heated, boric acid loses water stepwise:

B(OH), ;i:ﬂiz HBO, ;%;Bzos
The intermediate substance, HBO,, metaboric acid, exists in three modifi-
cations. If the B(OH); is heated below 130° HBO,-III is formed. This has
a layer structure in which B;0j; six-rings are joined by hydrogen bonding
between OH groups on the boron atoms. On continued heating of HBO,-III
at 130-150°, HBO,-II is formed ; this has a more complex structure contain-

12 J. O. Edwards et al., J. Amer. Chem. Soc., 1969, 91, 1095.
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bonds. Finally, on heating of HBO,-11 above 150°, cubic HBO,-I is formed
in which all boron atoms are 4-coordinate.

8-6. Trihalides of Boron'?

Compounds of the type BX; exist for all the halogens. When any two of
the halides, BF;, BCl;, BBr;, are mixed at room temperature, redistribution
of halogen atoms occurs rather rapidly to produce a mixture of the original
pure halides with the mixed halides in about statistical proportions. Thus,
for example, we have the equilibrium:

BF;+ BCl; = BFCl, + BF.Cl

Nuclear resonance studies of mixtures of three halides have established the
existence of BECIBr and BCIBrl. These redistribution reactions presumably
involve transitory formation of dimers such as F,BFCIBCI, which may
dissociate to BF,Cl+BCLF. However, no mixed halide has actually been
isolated.

Some reactions of the halides are summarized in Fig. 8-4. (See page 234.)

Boron Trifluoride. This compound, a pungent, colorless gas (b.p. —101°),
prepared by heating B,0, with NH,BF, or with CaF, and concentrated
H,S0,, reacts with water to form two “hydrates,” which may be written
BF,-H,O and BF;-2H,0 and melt at 10.18° and 6.36°, respectively. They
are un-ionized in the solid state, and the structure of BF;-H,0 is probably
that of a normal adduct. This species presumably also exists in the solid
dihydrate, but the manner in which the second H,O is held is at present
unknown. Both these hydrates are partially dissociated into ions in their
liquid phases, presumably as follows:

2(BF, H,0) == [H;0—BF;]* +[BF;OHI~
BF;-2H,0 == H,O* +[BF;0H]~
Above about 20° they decompose extensively, giving off BF;. When rela-
tively small amounts of BF; are passed into water, a solution of fluoroboric
acid (not isolable as a pure substance) is obtained:
4BF,+6H,0 — 3H;0* +3BFz +B(OH)3

There is also some hydrolysis of the fluoroborate ion to produce HF and
hydroxofluoroborate ion:
BF; +H,0 = [BF;0H]" +HF K =23x%x10"3

Boron trifluoride is one of the most avid acceptors—that is, strongest
Lewis acids—known, and readily unites with water, ethers, alcohols, amines,
phosphines, etc., to form adducts. BF; is commonly available as its diethyl
etherate, (CZHS)ZéBFs. Because of its potency as a Lewis acid and its greater
resistance to hydrolysis compared with BCl; and BBr;, BF,; is widely used to

13 A G. Massey, Adv. Inorg. Chem. Radiochem., 1967, 10, 1; G. A. Olah, ed., Friedel-
Crafts and Related Reactions, Vols. I, 11, Interscience-Wiley, 1963 (contains much
chemistry of boron halides).
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promote various organic reactions, such as (a) ethers or alcohols + acids —»
esters + H,O or ROH; () alcohols + benzene — alkylbenzenes + H,0;
(¢) polymerization of olefins and olefin oxides; and (d) Friedel-Crafts-like
acylations and alkylations. In the first two cases, the effectiveness of BF 3 must
depend on its ability to form an adduct with one or both of the reactants,
thus lowering the activation energy of the rate-determining step in which

NH4BF,

BF,R, BFR,, BR
F3B-NCCH, 8203 2 &=

F3B'NH3, F3B'NR3
WR3
M
ers
BF;0R,

BFytor2H,0 —F_ ge-

° ____cicohals ——BIOR)y
ligy,
2o, B(NH,)5
<4
B(OH)3 )
B(NHC6H5)3
%,
N3H5Cl .
B3N3H5Cly BryB-NRy B3N3Cl3(CaHa)s
H,0 CoHg OH
B,p(OH), 2 B,Cl, £ B,(0C,Hg ),
2 4
(42 eof
NaGQH
ClB(CH,),BC1, BaHe + BCly
NazBO4+ H,

Fig. 8-4. Some reactions of the halides of boron.
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H,0 or ROH is eliminated by breaking of C—O bonds. However, the exact
mechanisms of these reactions are not at present known, nor are those of the
olefin and olefin oxide polymerizations.

In the case of the Friedel-Crafts-like reactions, isolation of certain inter-
mediates at low temperatures has provided a fairly definite idea of the func-
tion of the BF,. Thus, the ethylation of benzene by ethyl fluoride proceeds

as in equation (8-1). With benzene, HF and BFj, compound (8-X) can be

+

s+ 5= H
CeHy -
C,H.F + BE,—> [C,H,~ F~BF;] == Q + BF; —>
CZHS
<;>czﬂ5 + HBF,
8-1

isolated at low temperatures. It will be seen that the BF; is not really “cata-
lytic,” but must be present in the stoichiometric amount since it is consumed
in the process of tying up the HF as HBF,.

O

(8-X)

Solid salts of tetrafluoroboric acid are readily isolated, those of NH;
and many metals such as the alkalis and alkaline earths being commercially
available. Ammonium fluoroborate may be prepared in a dry way by fusing
NH,HF, with B,0. B(OH); also readily dissolves in HF to form solutions
of fluoroboric acid:

B(OH); +4HF = H,0*+BF7 +2H,0
Fluoroboric acid is a strong acid. The fluoroborate ion has a tetrahedral
structure, and fluoroborates closely resemble the corresponding perchlorates
in their crystal structures and solubilities.

Other Trihalides. Boron trichloride is a liquid at room temperature under
slight pressure (b.p. 12.5°), and the bromide boils at 90°. Both fume in
moist air and are completely hydrolyzed by water, e.g.

BCl; +3H,0 — B(OH);+3HCI

The compounds are prepared by direct interaction of the elements at elevated
temperatures.

The rapid hydrolysis by water could indicate that these halides are stronger
Lewis acids than BF,. In fact, the molar heats of solution of the trihalides in
nitrobenzene and the heats of reaction with pyridine in nitrobenzene show
that under these conditions the electron-acceptor strength decreases in the
order BBr;>BCl;>BF;.

The triiodide, a white solid (m.p. 43°), explosively hydrolyzed by water,
is prepared by the action of iodine on NaBH, or of HI on BCl; at red heat.
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Tetrachloroborates are obtained by addition of BCl; to alkali chlorides at
high pressures, by cold milling at room temperatures, or by the reaction

[(C:H5)aN]*CI~ + BCly %25 [(C,H,),N]* BCl;

The stability of these salts and the corresponding tetrabromoborates and
tetraiodoborates is greatest with the largest cations. With a given cation, the
stability order is MBCl, >MBBr, > MBI, , tetraiodoborates occurring only
with the largest cations. Mixed ions such as BF 3Cl™ also exist.

The reaction of BCl; with anhydrous HCIO, at —78° has been stated to
yield BCI,(ClO,), BCKCIO,), and B(ClO,);, the product depending on
the mole ratio of the reactants. There is as yet no structural information or
other indication of how the perchlorate groups are bound to the boron atoms
in these highly reactive substances.

8-7. Lower Halides of Boron

All four compounds of stoichiometry B, X, have been reported but only
the fluoride and, especially, the chloride have been much studied. In the
crystalline state both B,F, and B,Cl, consist of BX, groups joined by B-—B
bonds, and the molecules are planar (D,},), whereas spectroscopic and elec-
tron-diffraction evidence suggests that in the liquid and the gaseous state
they are non-planar, with mutually perpendicular BX, groups (D,,). The
following appear to be the most convenient preparative reactions:

2(BO), +2xSF4 — xB,F,+2xSOF,
6(BO),+4xBCl; — 3xB,Cl; +2xB,0,;
2BCly +2Hg = Blessiee B, C|, + HpCl,

B,F, is a colorless gas and B,Cl, a colorless liquid at room temperature.
B,Cl, is a very reactive substance and among its most important reactions
are protolytic ones and addition to olefins:
B,Cl; +4ROH — B,(OR), +4HCI (R = alkyl, aryl or H)
B;Cl; + RCH=CHR — CI,BCH R—CHRBC(I,
Both B,F, and B,Cl, react avidly with oxygen, the latter burning with a

beautiful green flame: 6B,Cl,+30, - 2B,0, +8BCl,

Tetraboron tetrachloride, B,Cl,, first obtained in traces in the arc
synthesis of B,Cl,, may be more efficiently prepared (10 mg/h) by passing
B,Cl, through a mercury arc discharge. It is a pale yellow, volatile solid
(m.p. 95°), thermally stable to ~200°. The molecule consists of a B,
tetrahedron with B—CI bonds arranged to preserve precise T, symmetry.
B4Cl, is reactive but its chemistry has, as yet, been little explored.

The thermal disproportionation of B,Cl, affords BCl; and a wealth of
subhalides, most of which are not characterized. Evidently B,Br, and B,1,
similarly generate a multitude of unidentified subhalides. Among the chloro
species, besides B,Cl,, just mentioned, are an intensely red paramagnetic
solid, B;,Cly; (which is the major product), orange ByCl, and purple




ByClg.'* The last has a distorted Bg trigonal dodecahedron (D
Cl on each B atom.

8-8. The Boron Hydrides (Boranes) and Related Compounds'’

In a remarkable series of papers from 1912 to 1936, Alfred Stock and his
co-workers prepared and chemically characterized the following hydrides
of boron (boranes): B,Hg, B,H o, BsHo, B;H,,, BgH;oand B H,,. With
the exception of diborane, B, Hg, which was prepared by thermal decomposi-
tion of higher boranes, Stock prepared these hydrides by the action of acid
on magnesium boride, MgB,, obtaining in this way a mixture of volatile,
reactive and air-sensitive (some spontaneously flammable) compounds. In
order to handle compounds with these properties, Stock developed the glass
vacuum line and techniques for using it.

Subsequently a number of other boranes have been discovered, so that
today there are no less than 14 that are well-characterized chemically, and
for most the structures are well-defined. A convenient nomenclature for the
boranes specifies the number of hydrogen atoms with an arabic number in
parentheses. For example: BsH, pentaborane(9), and BsH,; pentabor-
ane(11). The hydrogen number may be omitted where only one compound
with the number of boron atoms in question is known, viz., B,H,, tetra-
borane. A list of the better characterized boranes is given in Table 8-1.

Preparative methods for the boranes are numerous and highly varied;
Stock’s original method is now used only for B¢H,,. Most preparations
begin with B,Hg and involve a pyrolysis under a variety of conditions and
often in the presence of H, or other reagents.'® The very important B;oH4,
for example, is obtained by pyrolysis of B,H; at about 100°, while BsH, is
formed on pyrolysis of B,Hg in presence of hydrogen at 250°. An electric
discharge through B,H or other boranes is sometimes used, but this method
gives only small yields. The best method for any given borane may be pecu-
liar toit, e.g., reaction of BsH; ; with the surface of crystalline hexamethylene-
tetramine to give BoH,s, and the carefully controlled hydrolysis of the
hydroxonium ion salt of ByoHg to give a mixture of the isomers of BygHy,.

Diborane. B,Hg is of special interest because it is the starting material for
preparation of various other boron hydrides and because of its synthetic
uses. It can be prepared in essentially quantitative yield by reaction of metal
hydrides with boron trifluoride, a convenient method being to drop boron
trifluoride etherate into a solution of sodium borohydride in diglyme
(diethylene glycol dimethyl ether):

3NaBH, +4BF; — 3NaBF,+2B,Hs
14 ] Kane and A. G. Massey, J. Jnorg. Nuclear Chem., 1971, 33, 1195; G. F. Lanthier,

7. Kane and A. G. Massey, J. Inorg. Nuclear Chem., 1971, 33, 1569.

15 (3) R. L. Hughes, 1. C. Smith and E. W. Lawless, Production of Boranes and Related

Research, Academic Press, 1967; (b) W. N. Lipscomb, Boron Hydrides, Benjamin,

1963.
16 . H. Long, J. Inorg. Nuclear Chem., 1970, 32, 1097.
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Higher
hydrides

BH(OCH3)»
B(OCH3)3+ Hy B(OH)3 + Hy

LiBH,4 + B(OR)4

LiBH4 + BRy

CH3BoHg + ...1,1,2,2 = (CH3),4B,H,

Et,S-BHj

[HaB(NH3), ] [BH,]”

olefins
benzene

- 4+
H3B-NH{CH3), heat

heat

(CH3)p NBH, H? \BH
|
HN NH
Atkylborons 150° ~g~
ond H
aryiborons
(CH3),
P.
H B/ ~ BH
(CH3)2P\ B/P(CH3)2

H
Fig. 8-5. Some reactions of diborane.

It can also be prepared from B,O; and H, at high temperature and
pressure with Al+AICl; as catalyst, but this is not a laboratory method.
Borane(3), BH;, appears to have a transitory existence in the thermal
decomposition of diborane:
2B,Hg = BH; +B3H,

but it reacts further so that only exceedingly low concentrations are
obtained.!® Appreciable amounts can, however be made by thermal decom-
position of borane carbonyl, H;BCO, diluted in an inert gas in & very fast
flow reactor.!” However, BH, can be trapped by interaction of B,Hg with
donors, and adducts such as H;BCO (b.p. —64°), H;BPF;, and H3;BNMe;,
are well known (Fig. 8-5). The borohydride anions discussed below, e.g.,
BH;, BH;SH™ and BH;CN", can be regarded as adducts with H™, SH™
or CN™.

Diborane is an extremely versatile reagent for the preparation of organo-

17 G. W. Mappes and T. P. Fehlner, J. Amer. Chem. Soc., 1970, 92, 1562.
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boranes, which in turn are most useful intermediates in organic synthesis.'®
It is also'® a powerful reducing agent for organic functional groups, e.g.,
RCHO — RCH,0H, and RCN — RCH,NH,. The reaction of B,H, in
ethers with unsaturated hydrocarbons, commonly called hydroboration, gives
predominantly anti-Markownikoff, cis-hydrogenation or hydration:

{ { H,0
[(—C[—Ci—)3CBO]X A&, —C—C—C—OH
Carbonylations!®® using CO result in the formation of species in which
carbon is “inserted” between the B and C of the alkyl group.
By using dialkylboranes, R,BH, stercospecificities up to 99% can be

obtained, viz.: RCH—CH, + R;BH ~» RCH,—CH,BR}
R = C,Hy, R’ = isopentyl: 99%
R = C¢Hs, R’ = ethyl: ~ 92%

8-9. Structures and Bonding in the Boranes

The stoichiometries of the boranes, from the simplest, B,H, to the most
complex, B,,H; ¢, together with the number of electrons available, do not
permit one to design structures or bonding schemes like those for hydro-

— —————carbons—or-other-“normal”-compounds—of-the-lighter non-metals: X-ray ——
crystallography and other studies have in fact shown that the structures of
the boranes are quite unlike hydrocarbon structures. Fig. 8-6 shows a few of
them. Not only are the structures unique but in all of the boranes there is the
problem of electron deficiency, i.e. there are not enough electrons to permit
the formation of conventional 2-electron bonds between all adjacent pairs
of atoms (2¢-2e bonds). In order to rationalize the structures in terms of
acceptable bonding prescriptions multicenter bonding of various sorts must
be widely employed.

For diborane itself 3c-2e bonds (page 110) are required to explain the
B—H-—B bridges. The terminal B—H bonds may be regarded as conven-
tional 2¢-2e¢ bonds. Thus, each boron atom uses two electrons and two
roughly sp® orbitals to form 2¢-2¢ bonds to two hydrogen atoms. The boron
atom in each BH, group still has one electron and two hybrid orbitals for
use in further bonding. The plane of the two remaining orbitals is perpendic-
ular to the BH, plane. When two such BH, groups approach each other
as shown in Fig. 8-7, with hydrogen atoms also lying, as shown, in the plane

18 H, C. Brown, (a) Hydroboration, Benjamin, 1962; (b) Accounts Chem. Res., 1969,
2, 65; (¢) R. Koster, Chimia (Switz. ), 1969, 23, 196.
19 H, C. Brown et al., J. Amer. Chem. Soc., 1970, 92, 1637.
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O w

Fig. 8-6. Structures of some boranes.

of the four empty orbitals, two B—H—B 3c-2e bonds are formed. The total
of four electrons required for these bonds is provided by the one electron
carried by each H atom and by each BH, group.

We have just seen that two structure/bonding elements are used in B,Hg,
viz., 2¢-2e BH groups and 3c-2e BHB groups. In order to account for the
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Fig. 8-7. Diagram showing how the approach of two properly oriented BH, radicals
and two H atoms leads to the formation of two 3c-2e B—H--B bonds.

structures and bonding of the higher boranes, these elements as well as three
others are required. The three others are: 2¢-2¢ BB groups; 3¢-2e open BBB
groups; and 3c-2e closed BBB groups. These five structure/bonding elements
be conveniently represented in the following way:

Terminal 2¢-2e boron—hydrogen bond B—H

—H-
3c-2e Hydrogen bridge bond B B
2¢-2e Boron—boron bond B—B
, B—5—p
Open 3¢-2e Boron bridge bond
B
Closed 3c¢-2¢ boron bond B)\B

By using these five elements, “semitopological” descriptions of the struc-
tures and bonding in all of the boranes may be given, as shown by Lipscomb.
The scheme is capable of elaboration into a comprehensive, semi-predictive

tool for,gQrLelatingﬁaluhefstpuctural—dataﬂV&givefherejin Fig.8-8; only
a few examples of its use to depict known structures; further details will be
found elsewhere.15®
The semitopological scheme does not always provide the best description

of bonding in the boranes and related species such as the polyhedral borane
anions and carboranes to be discussed below. Where there is symmetry of a
high order it is often more convenient and conceptually simpler to think
in terms of a highly delocalized molecular-orbjtal description of the bonding.
For instance, in B;H, where the four basal boron atoms are equivalently
related to the apical boron atom, it is possible to depict a resonance hybrid
involving the localized B—*~B and B—B elements, viz.

B\ /B B\ /B

B e B
8”7 \B B/ g

but it is ultimately neater and simpler to formulate a set of seven S-center
molecular orbitals with the lowest three occupied by electron pairs. When
one approaches the hypersymmetrical species such as B 12H27 , use of the full
molecular symmetry in an MO treatment becomes the only practical course.

Full MO treatments can, of course, be carried out even for the boranes in
which the localized structure/bonding elements used in the semitopological
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H H
H\B/\B/
/ \—/ \H /H—\

H
l
B
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— H —
B, Hg r‘i H 8\85/8 H
H B H /]\H
|
H H i ®
b i "
H H — T
H—B H l B—H
H B H \H\/?‘H/
: H
Batho Biota

Fig. 8-8. Valence descriptions of boron hydrides in terms of Lipscomb’s “semitopological
scheme.

theory appear to be well-defined. It has been shown?? that in such cases the
completely general MO’s are equivalent to, and can be readily transformed
into, more localized components corresponding to the structure/bonding
elements just mentioned.

In addition to the desire to develop a consistent set of principles to explain
the structures of boranes and to predict new ones, one of the main motiva-
tions for theoretical study of the electronic structures of these molecules is
the desire to understand their chemical reactivity. One of the most important
types of reaction that the boranes (and also the borane anions and carbor-
anes) undergo is electrophilic substitution. Although there is no a priori
basis for presuming it to be so, it is an empirical fact that those boron atoms
to which bonding theory assigns the greatest negative charge are those pre-
ferentially attacked in electrophilic substitution. For example, in B;oH 4,
charge-distributions calculated from MO treatments assign considerable
(~0.25 ¢) excess negative charge to boron atoms 2 and 4, approximate
neutrality to boron atoms 1 and 3 and positive charge to all others. Experi-
ments show consistently that only positions 1, 2, 3 and 4 can be substituted
electrophilically and that positions 2 and 4 are perhaps slightly preferred.
Similar agreement between experimental results and calculated charge distri-
butions has been obtained for B;oC,H,,. Thus, it is believed that, at least
in a qualitative sense, computations of electronic structures are worth making
in order to gain clues as to preferred positions of reactivity.

Structural Study by Nmr.2! Though X-ray crystallography is the most
precise source of structural information on boranes, nuclear magnetic

20 G. W. Adamson and J. W. Linnett, J. Chem. Soc., A, 1969, 1697.
21 G. R. Eaton and W. N. Lipscomb, Nmr Studies of Boron Hydrides and Related Com-

pounds, W. A. Benjamin, 1969.
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24

4
™

Magnetic field ——

Fig. 8-9. The !B nuclear magnetic resonance spectrum of B;oH,4. The assignment is
shown at the top; circled numbers give intensities of the multiplets. The inset shows the
appearance of a portion of the spectrum of 2-iodo-B;oH; ;.

resonance is an extremely important adjunct, especially in elucidating the
course of substitution reactions. This is particularly true with respect to the
polyhedral borane anions and carboranes discussed below. Primarily, it is
the abundant ' 'B isotope that is studied ; proton-resonance spectra are rarely
useful because the signals are broad, complex multiplets as a result of
splitting by the !B and '°B nuclei.

As an illustration, Fig. 8-9 shows the !B spectrum of decaborane(14)
at 64 mHz together with the assignment in terms of the conventional num-
bering scheme (Fig. 8-6). Each type of B atom is represented by a signal with
intensity proportional to the number of such nuclei; the signals are all
doublets because of splitting by the proton attached by a 2¢-2e bond to each
boron atom. Splitting by bridging protons is not resolved. The insert in
Fig. 8-9 shows the principal difference (minor changes occur elsewhere in
the spectrum) observed in the spectrum of one of the monoiododecaboranes.
It is quite clear that, provided the assignment of the B toH ;4 spectrum itself
Is correct (it is), the molecule in question has the iodine substituent in the
2(or 4)-position. Note the lack of splitting when no H is bonded to the boron
atom.

BORANE ANIONS, CARBORANES AND
TRANSITION-METAL COMPLEXES??

The neutral borane molecules, interesting and complex as they are,
represent only the beginning of the chemistry of boron-hydrogen com-
22 () E. L. Muctterties and W. M. Knoth, Polyhedral Boranes, Dekker, 1968; (b) M. F.

Hawthorne, Endeavour, 1970, 146; (¢) R. N. Grimes, Carboranes, Academic Press, 1971;
(d) L. ). Todd, Adv. Organometallic Chem., 1970, 8, 87.
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pounds. We now turn to several other classes of comnound, some salt-like
and containing B, H}~ anions, some neutral or anionic in which elements
other than boron, especially carbon, form part of the framework, and still
others in which transition-metal ions are complexed in a manner reminiscent
of the metal sandwich compounds, such as ferrocene, (CsH;),Fe (Section
23-2).

Owing to the complexity of these compounds, problems of nomenclature
are often acute, and comprehensive systems of notation become quite elab-
orate.23 A few very basic points may be noted here. Complex frameworks of
boron atoms which include also other atoms in the framework—not just
appended to it—are generically given compound names, such as carboranes
(carbon), phosphaboranes (phosphorus), thiaboranes (sulfur), carbaphos-
phaboranes, etc. Geometrically, all these molecules fall into two broad
classes. First, there are those in which the framework closes on itself forming
a polyhedron; the prefix clovo (from the Greek for cage) or, alternatively,
closo, is used to designate these. In contrast, those frameworks which are
“open,” that is, incomplete polyhedra, are given the prefix nido, meaning nest.
Several other points of nomenclature will be introduced as needed in connec-
tion with the metal complexes.

8-10. Polyhedral (Closo) Borane Anions and Carberanes

The polyhedral borane anions are species of the type B,H?~. Theoretical
arguments indicate that there should be stable species with all values of n
from 5 to 12, and, in fact, those with # from 6 to 12 have all been prepared.
In most cases the reactions used are not mechanistically understood. For
example, BoH3™ salts are obtained, together with BH;, B, H}; and
B,,H?; salts, by pyrolysis under a vacuum at 200-230° of pure alkali-metal
salts of ByHg. When ether is present the yield of B,,H}7 increases and may
become dominant. Solutions of B4H3 ™ in ethers such as THF are oxidized
by air to afford the BgH3~ and B,H2™ ions, but ByHg, B4H3 ™ and B,,H3;
are also formed in low yiclds. Many of the salts of these B,HZ~ ions have
considerable thermal stability, especially for n =9, 10, 11, or 12. Hydrolytic
stability varies, B;oH?; and B ,H?; being very stable, while BgHZ™
BgH2~ and BoH3™ are less so. B;HZ™ is least stable, slow evolution of
hydrogen commencing immediately on dissolution in water.

The polyhedral carboranes may be considered as formally (not prepara-
tively) derived from the B,H2~ ions on the basis that the CH group is isoelec-
tronic and isostructural with, and may thus replace, the BH™ group. Thus,
two such replacements lead to neutral molecules of general formula
B,_,C,H,. All such carboranes from n =35 to n= 12 are known, either as
such or, for n =8-10, as C,C-dimethyl derivatives. In all cases, isomeric
forms of these carboranes are possible and in several instances two or more
isomers have actually been isolated.

23 Jnorg. Chem., 1968, 7, 1945.
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2
1 i
4 2 2

6 5
] /
5 6 7 8
2= BHe2 ™ (B,C,H) B.H,27(B. ¢ H BoHa2™
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Fig. 8-10. The triangulated-polyhedral structures of B,H2- and B,_,C,H, species with
the conventional numbering schemes also indicated.

Present information indicates that all the closoborane anions and carbo-
ranes are fully triangulated polyhedra, as shown in Fig. 8-10.
— —B.H;~ Tons:—Because of theirgreater stability the B oH3; and B, ,H2;

10
ions have been studied far more thoroughly than the others. Salts of

B,,H%; can be prepared in many ways, the most useful ones, which give
nearly quantitative yields when carried out at ~ 150°, employ the reactions

6B:Hs +2R;N — 2(R;NH*)+B,,H?; +11H,
5B;H¢+2NaBH, — 2Na* +B,,H?; +13H,

With certain changes in conditions, B, H?; salts can be obtained by ana-
logous reactions. Decaborane (14) can also be used to obtain B 10H}o quanti-
tatively: BioHya+2RsN — 2(R;NH)* + B, oHZ; + H,

The reactions of B;oH}; and B;,H?; have been extensively studied and an
enormous body of substitution chemistry, reminiscent of aromatic hydro-
carbon chemistry, has been discovered. Attack by electrophilic reagents is
the most important general reaction type. Representative attacking species
are RCO™, CO*, C4HsNJ and Br*. These reactions, whose mechanisms
are not yet well understood, proceed most readily in strongly acid media,
and, in general, B;oH{; is much more susceptible to substitution than is
By,H73 . Less reactive nucleophiles, such as C4H;N; fail to attack B,,H};
and attack B, H{g selectively at the apical (1, 10) positions.



Both B,oH?2; and By,H}; can
The perhalogeno ions have extremely high therma
highly resistant to hydrolysis.

The B,oHZ; ion can be oxidized by Fe® in aqueous solution to the
B, H?; ion (8-XI), which can then be reduced with sodium in liquid
ammonia to a B,oHts ion having the structure (8-X1II). This, in turn, can
be isomerized to (8-XIII) and (8-XIV).

(8-XIII)
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The B,_,C,H, Carboranes. These carboranes may be prepared in a
variety of ways. The most extensively studied carboranes are B,oC,H;, and
its C-substituted derivatives, obtained by the reactions

BioH 14 +2R,8 — BioH ,(R,S),+H,
B;oH;2(R,S); +RC=CR’ — BioH;0CoRR'+2R,S+H,
In this way the 1,2-isomer is obtained, but when this is heated to 450° a smooth
rearrangement to the 1,7-isomer occurs. More will be said of this below.

The 1,2- and 1,7-dicarbaclosododecaboranes, and their C-substituted
derivatives are degraded quantitatively by base to give isomeric nidocar-
borane anions, BoC,H7,, the structures of which will be discussed below,

viz.: B1oC;Hr, + C;Hs0" +2C,HsOH — ByC,Hj, +B(OC,H,); + H,

Both isomeric B4C,H{, ions, upon treatment with anhydrous acids followed
by heating, are converted in high yield into the closocarborane B,C,H,,:

ByC.Hy, 2% > B,C,H,; 2%, ByC,H,,+H,

Several of the lower closocarboranes can then be obtained by the reaction
sequence:

BoC,H, 12606 B,y , 2007 { i’g:g:gigfo} good yield
B,C;H, low yield

The 1,6-BgC,H,, rearranges quantitatively to the 1,10-isomer at 350°,
Several of the lower closocarboranes are best obtained by the following
reactions,** proceeding through the nidocarborane B,C,Hg:
BsH,+C,H, — 4,5-B,C,H;s+ 1B, Hg

4500 !B:,CZHS 40%
4,5-B,CoHs —i=5se> 3 BsC,H, 40%

U BiC:Hs 20%

Only the 1,2- and 1,7-B,,C,H,, carboranes have been studied in much
detail, owing in part to the relative inaccessibility of the others. As already
noted, C-substituted derivatives can be obtained by using substituted acetyl-
enes in the carborane synthesis. Derivatives may also be prepared beginning
with ready replacement of the hydrogen atoms attached to the carbon atoms
by lithium. The dilithio derivative reacts with a variety of other reagents, as
indicated in the scheme below, where a conventional and self-explanatory
abbreviation is used for the B, H,,C, group.

H=C—C—H 5% lic—c-Li —, H00C—C—C—COON
O O O
BIU“[(] Bm”lo Bm”w
2 1, e
ON—-C-O—C—NO l—C6C—] HOHZC—C\/——C—CH;OH
Bl B, By,

24 J. F. Ditter, Inorg. Chem., 1968, 7, 1748.
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Fig. 8-11. The interconversion of 1,2- and 1,7-disubstituted icosahedral species via a
cuboctahedral intermediate.

Reactions of this type have been used to prepare an enormous number of
derivatives. One of the principal motivations in developing this chemistry has
been to incorporate the thermally stable carborane residue into high poly-
mers, and this has been accomplished, notably in some very stable ones incor-
porating 1,7-B;,C,H;, residues with siloxane linkages.

The 1,2- and 1,7-B,,C,H;, molecules are readily chlorinated to yield a
number of B;,C;H;,_,Cl, molecules. Chlorination appears to occur pre-
ferentially at the most negative boron atoms, in accord with similar results
noted earlier for B;oH,;, and other boranes.

One of the intriguing properties of 1,2-B;oC,H, and its derivatives is their
ability to isomerize thermally. As mentioned above, 1,2-B,,C,H, , rearranges
to 1,7-B,oC,H,, at 450°. The latter isomer is expected to be the more stable
since the relatively positive carbon atoms are more separated from each
other. The 1,12-isomer, which, by the same token, ought to be the most
stable one, can only be obtained by much more severe heating whereby
considerable pyrolysis also occurs. To rationalize these limited results it was
suggested that the icosahedron might be able, relatively easily, to open up to
a cuboctahedron, as shown in Fig. 8-11; the cuboctahedron would then have
a 50/50 chance of regenerating an icosahedron different from the original
one. The difference would be precisely that necessary to account for the 1,2-
to 1,7- (or ortho to meta) isomerization. As further scrutiny will show, this
particular pathway can never lead to the 1,12- (or para) isomer. Other
studies,?> employing substituted B;oC,H;, derivatives have shown that,
while the simple traverse of cuboctahedral intermediates can account for the
gross features of the relatively rapid rearrangements, additional pathways
must be invoked to account for all the rearrangements observed. It has been
suggested that rotation of triangular sets of atoms by 120° relative to the rest
of the cuboctahedron may be the most important of these higher-energy
processes.

Other carboranes are also known to isomerize thermally, but detailed
studies are lacking.

25 4. D. Kaesz et al., J. Amer. Chem. Soc., 1967, 89,4218; H. V. Hartand W. N. Lipscomb,
J. Amer. Chem. Soc., 1969, 91, 771.
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It may be noted that monocarborane anions, B,_;CH,, the logical middle
members in the sequence B,H2~, B,_,CH #> By—2C,H,, have been prepared
in two cases, namely, B;CH, and B 11CHS,.

8-11. Other Borane Anions and Carboranes

Besides the polyhedral borane anions and carboranes, the closo species,
there are others of importance that lack the closure. There are several
nest-like or nidocarboranes, such as 4,5-B,C,H; which has been mentioned
and there are two important small borane anions, BH; and B,Hj;.

The borohydride ion, BHy, itself is of great importance and substituted
species, e.g., [BH(OCH,),] ™, are also very useful synthetically. Borohydrides
of a great many metallic elements—the alkal; metals, Be, Mg, Al, Ti, Zr, Th,
U, etc.—have been made.?® Typical preparative reactions are:

4NaH+B(OCHj); —22%5 NaBH, +3NaOCH,
NaH+B(OCHs); — =25 NaBH(OCHS,),
2LiH+B,Hs —E215 o1 iBH,
AlCl; +3NaBH, —2<2 5 A|(BH,),+3NaCl
UF,+2AI(BH,); ———> U(BH,),+2AIF,BH,

NaBH, is representative of the alkali borohydrides and it is the most
common one. It is a white crystalline substance, stable in dry air and non-
volatile. While insoluble in diethyl ether, it dissolves in water, tetrahydro-
furan, and glymes (ethylene glycol ethers) to give solutions widely useful in
synthetic chemistry as reducing agents and sources of hydride ions.2” Treat-
ment of NaBH,, with protonic acids (e.g., HCI) or Lewis acids (e.g., BCl;,
AICl,) generates diborane. With smaller metal ions the BH; ion can react
covalently, using bridging hydrogen atoms; it thus serves as an unusual sort
of ligand. Examples of this are provided by Al(BH,);, where the number of
bridging H atoms per BH; is believed (though not proved) to be two, and
by (PPh;),CuBH,, where there are two bridging H atoms.28

Tonic borohydrides (e.g., NaBH,) contain discrete BH ions, which are
tetrahedral, and structures of some MBH,, compounds are the same as that
of NH,CI since NH and BHJ are isoelectronic and isosteric. One of the
most puzzling borohydrides from a structural point of view has been
Be(BH,),. The seemingly obvious linear structure (8-XV) appears to be
inconsistent with much physical evidence, but there is, as yet, no unanimity
as to which of several non-linear structures is preferable.?5®

H JH H H
NS NSNS
/B\ /BC\ B\
H H H/ H
(8-XV)
26 B. D. James and M. G. M. Wallbridge, Progr. Inorg. Chem., 1970, 11, 99 (an extensive
review).
27 See, ¢.g., P. M. Treichel, J. P. Stenson and J. J. Benedict, Inorg. Chem., 1971, 10, 1183.

28 8. J. Lippard and K. M. Melmed, Inorg. Chem., 1967, 6, 2223.
28 T, H. Cook and G. L. Morgan, J. Amer. Chemn. Soc., 1970, 92, 6493.
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Of substituted anions, the cyanohydride, NaBH;CN which is made®® by
action of HCN on NaBH, in THF, is the most useful since it persists and
can be used for reductions in acid solution even at pH 3. Also it will exchange
H for D in acid D,0 solutions,>® possibly by the reactions

H. .H
H,BCN™ + D* = /B'-\--D = DH,BCN™ + H*
H CN

In presence of ammonia or amines, aldehydes and ketones can be reduced
and aminated to give amines. The isomeric H;BNC™ is known; it isomerizes
to H;BCN™ in acid solution.

Another important non-polyhedral borane anion is B;Hg, most easily
prepared by the reaction

NaBH, +B;Hs —fiabes> NaB;Hg + Ha

Its structure (8-XVI) has been proved by X-ray diffraction. It is, however,
a fluxional species, all three boron atoms appearing as a single signal having

H H
\

—~B—B
oo OH
H H H
A
/
H
(8-XVD)

the nonet pattern that would arise by splitting due to eight equivalent pro-
tons: apparently all the hydrogen atoms undergo rapid site exchange. Like
BH;, this anion can serve as a ligand, and the structures of several complexes
are known;3! one, which is representative, is shown in (8-XVII).

i
H—B—H
g%
Ng” u A
AN
(8-XVID)

B,C,H"3_, Species. It was mentioned earlier that both 1,2- and 1,7-
B,,C,H;, could be degraded by strong bases, e.g., C;Hs0 7, to give isomeric
B,C,Hj, ions. This removal of a BH?* unit from the parent carborane
(see below) may be interpreted as a nucleophilic attack at the most electron-
deficient boron atoms of the carborane. Molecular-orbital calculations show

20 R, C. Wade et al., Inorg. Chem., 1970, 9, 2146; J. R. Berschied and K. F. Purcell,
Inorg. Chem., 1970, 2, 624.

30 R. F, Borch and H. D. Durst, J. Amer. Chem. Soc., 1969, 91, 3906; M.M. Kreevoy and
J. E. C. Hutchins, J. Amer. Chem. Soc., 1969, 91, 4330.

311, J. Guggenberger, Inorg. Chem., 1970, 9, 367; S. J. Lippard and K. M. Melmud,
Inorg. Chem., 1969, 8, 2755; E. L. Muetterties and C. W. Aligranti, J. Amer. Chem.
Soc., 1970, 92, 4114.
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(3) (3)

O s |
Q c
(3) Open position left by the removal of B atom 3

Fig. 8-12. Structures of the isomeric BoC,H,; ions.

(c) (d)
Fig. 8-13. (a) The nidocarboranc B;C;Hy;s. (b) The two brown isomers of

[(B;C2Hy);Co]~. (c) The red isomer of [(B7C2Hy),Co]~. (d) The thermally most stable
isomer of i(B;C.Hy),Co)~.
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that the carbon atoms in the B,,C,H,, moleculcs (and in carboranes in
general) have considerable electron-withdrawing power, and thus the most
electron-deficient boron atoms are those adjacent to C, namely, those at
positions 3 and 6 in 1,2-B,,C,H;, and those at positions 2 and 3 in 1,7-
ByoC,H;, (cf. Fig. 8-10 for the numbering scheme). Therefore, the direct
products of the reactions of the isomeric B;oC,H,, molecules with strong
base should be the isomeric B,C,H?7 ions shown in Fig. 8-12. These ions
themselves are strong bases and acquire protons to form the B4C,Hy, ions.
It is not known precisely how the twelfth hydrogen atom is bound in these
species, but it presumably resides somewhere on the open face of the now
incomplete icosahedron and is probably very labile. The BoC,H7, ions can
be protonated to form the neutral nidocarboranes, BoC,H;;, which are
strong acids.

Another example of a nidocarborane of importance because of the anion
that it forms is B,C,H, ;. This has already been mentioned (page 243) as an
intermediate, obtained by oxidation of ByC,H,,, in the preparation of
several lower closocarboranes. It has the structure shown in Fig. 8-13a.
The compound B;C,H,; has several acidic protons, presumably those on
the carbon atoms, and the anion B,C,H?[ can be prepared by treatment
with NaH; further reactions of this anion with transition metals will be
discussed in Section 8-12.

8-12. Metal Complexes of Carborane Anions

It was Hawthorne who, in 1964, recognized that the open pentagonal faces
of the B,C,H3[ ions (Fig. 8-12) bear a strong resemblance, structurally and
electronically, to the cyclopentadienyl anion, CsH3, which forms strong

bonds to the transition metals having the geometry (8-XVIII). He investi-

(8-XVIII)

gated the possibility of forming comparable bonds with the carborane anions
and soon reported positive results. In order to generate the B,C,H?] ions
from the BoC,Hp, ions, which have been discussed in Section 8-11, the very
strong base NaH was used:

BngH—fz +NaH — Na* + BQCZH%; + Hz

The B,C,HiT ions were found to combine readily with transition-metal ions
such as Fe?* and Co®* which have d° configurations, thus leading to species
isoelectronic with (CsHs),Fe and (CsHs),Co*, that is, (BoC,H,4),Fe?~
and (B,C,H;,),Co™, respectively. The iron complex undergoes revers-
ible oxidation analogous to that of (CsHj;),Fe. The structures of these
(BoC,H;1),M"™ systems are mostly as shown in Fig. 8-14a and have essen-
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Fig. 8-14. The structures of some bis(dicarbollide) metal complexes. (a) The symmetrical
structure. (b) The “slipped” structure.

tially Ds, symmetry, if the difference between B and C atoms is ignored. In
the cases of the (B,C,H,,),Cu?~ and (BsC,H,,),Cu~ species, and probably
some others, there is a “slippage” of the ligands as shown in Fig. 8-14b,
caused by the presence of too many electrons to be accommodated in the
bonding MO’s of the symmetrical structure.

Besides the (BoC,H, ;),M"~ species, many mixed complexes in which there
is one ByC,H?7 ligand and some other ligand or set of ligands, e.g., CsHy,
Ph,C,, or 3CO, can be prepared. Three are shown in Fig. 8-15.

As suggested by Fig. 8-14, the majority of the compounds made from
B,C,H?[ ions contain the isomer with adjacent carbon atoms, since the
1,2-B, 4C,H;, carborane is the most accessible starting material; however,
isomers obtainable from the 1,7-carborane, with non-adjacent carbon atoms,
are also known.

Since systematic nomenclature for the B,C,H?[ ion and its complexes is
rather unwieldy, the trivial name “dicarbollide” ion has been proposed. This
is derived from the Spanish word olla meaning pot, in view of the shape of
the 11-particle icosahedral fragment. The unknown parent “ollide” ion would
be B, Hiy.

Another series of carborane anion complexes of transition metals is formed
from the B,C,H3 ™ ion.>? For example, when the B,C,H?{ ion mentioned in
Section 8-11 is treated with cobalt(ir) chloride, the following reaction occurs:

2B,C,H3T +1.5C0%+ — [(B-C;H,),Co]~ +0.5Co +2H,

32 T, A. George and M. F. Hawthorne, J. Admer. Chem. Soc., 1969, 91, 5475,
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Similar reactions have been successful with other transition metals. When the
above reaction is carried out at room temperature the anionic complex
obtained is red, whereas when the reaction mixture, in 1,2-dimethoxyethane,
is refluxed the product is brown. Figure 8-13 shows the structures of these
isomeric species; it will be seen that “the” brown isomer is, in fact, a mixture
of geometric isomers. Comparison of Fig. 8-13a with 8-13c reveals that the
red isomer is derived directly from the skeleton of the B,C,H,; ancestor,
whereas the brown isomer contains ligands with a rearranged skeleton. When
heated at 315° for 24 hr, both the red and the brown forms rearrange quan-
titatively to an orange isomer that has a structure shown in Fig. 8-13d. In
view of the shoe-like shape of the B,C,HZ™ ions a trivial name based on the
Spanish word for shoe, zaparo, has been assigned to them. Thus, the hypo-

Ph Ph

Ph

(@)

L J (c)

Fig. 8-15. Some complexes containing one dicarbollide ion and ligands of other types,
viz., (a) CsHs, (b) CsPhs and (c) three CO groups.
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thetical ByH{™ ion would be called the “zapide” ion and B,C,H2" is then
called the “dicarbazapide” ion. The [(B,C,H,),Co]™ ions are called
bis(dicarbazapyl)cobalt(im) ions.

8-13. Boranes with Hetero Atoms Other Than Carbon

Molecules and ions in which atoms other than B and C make up the frame-
work are in principle possible and some have already been made. However,
the study of such species is still only beginning and we merely mention here
a few illustrative examples. The formalism for relating isoelectronic species
is that P is equivalent to BH™, and S is equivalent to BH2".

The thiaborane anions, B;,SH;; and B,oSHZ; are known; the latter is
isoelectronic with B,C,H?; and is presumably isostructural with it. It reacts
with transition-metal ions to form complexes presumably analogous to the
bis(dicarbollyl)metal species, e.g. :

2B;oSHi5 +Fe?* — [(B,oSH; o), Fe]?-

The known carbaphosphaboranes®? are so far limited to the three isomers
of By (CPH,, . The 1,2-isomer is obtained in the reaction
Na3B;oH,;oCH +PCls — 1,2-B,,CPH;, +3NaCl

Like 1,2-B,oC,H;,, 1,2-B,,CPH,, can be thermally converted into its
1,7- and 1,12-isomers. These react with piperidine to generate isomeric
B,CPHy, anions that are probably structural analogs of the B,C,H7, anions,
and some metal complexes of a related anion have been prepared.34

i -——8-14. Compounds_of Boronwith-Other Elements—————————— ————

Aside from the heteroborane compounds just treated, there are a host of
more conventional compounds containing bonds between boron and other
elements such as N, P, As, S and C. Only a few of the more interesting topics
can be covered here.

Boron-Nitrogen Compounds.®>  Compounds of the type R’;N—-BR, have
already been mentioned amongst the many donor-acceptor complexes
formed by BR; compounds. In this Section we are concerned with com-
pounds containing the —NR'—BR— unit. This unit is similar to
—CR’=CR— group and can replace it in many compounds. This analogy
is often justified by the assumption that the actual electron distribution in the
N to B bond can be described by the resonance (8-XIX), whereby appre-

N / Nt =7
N—B > N=13
/ AN / AN
(8-X1Xa) (8-XIXb)

331..J. Todd, J. L. Little and H. T. Silverstein, Inorg. Chem., 1968, 8, 1698.

34 p. S. Welcker and L. J. Todd, Inorg. Chem., 1970, 9, 286.

3% K. Niedenzu and J. W. Dawson in ref. 4; A. Finch, J. B. Leach and J, M. Morris,
Organometallic Chem. Rev., (4), 1969, 4, 1; Advances in Chem. Series, No. 42, Amer.
Chem. Soc., Washington.
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ciable © bonding is introduced. There is fairly good evidence that such
N to B bonds do indeed have appreciable = character, while at the same
time, they lack the polarity which would be engendered by (8-XIXb). This
apparent paradox is explained by the existence of considerable polarity in
the ¢ bond, in a direction opposite to that in the n bond. Thus the net, or
actual, polarity is only the difference between the two.

There are a number of carbon heterocycles, such as (8-XX) and (8-XXI)
containing one or two —BR’—NR— units, but perhaps the most interesting

H H

CITIH 15\:113151 H%:Nﬂ’;ﬂ

«_ _BPh - ANPh HN:E;NH
Ph H

(8-XX) (8-XXI) (8-XXIT)

compounds are borazine (8-XXII) and its derivatives. Borazine has an
obvious formal resemblence to benzene and the physical properties of the
two compounds are very similar. However, the analogy should not be too
strongly stressed since the chemical reactivity of borazine is generally quite
different from that of benzene. Borazine is the more reactive and it readily
undergoes addition reactions (which is not true of benzene), such as
B,N,H+3HX — (—H,N—BHX—); (X = CI, OH, OR, etc.)

Borazine decomposes slowly on storage and is hydrolyzed at elevated tem-
peratures to NH; and B(OH);. It is of interest that borazine resembles ben-
zene in forming arene-metal complexes (Section 23-3); thus the hexamethyl-
borazine complex, B3N3(CH;3)¢Cr(CO); has been reported and closely
resembles Cg(CH,)sCr(CO); but is thermally less stable.>®

Reaction sequences by which borazine and substituted borazines may be
synthesized are the following:

CgHsCl

B NaBH, B;N H,
l/ \NH / 3N
3NH4C1 + 3BCI3 1_——)40-150" B

B
SUONTIN L e
a m d B,N;H,(CH),

CH,NH, + BCl; 2% CL,B-NH,CH,
(m.p. 126-128°)
CH;

|
Cl_ N e

3C1B-NH,CH, + 6(CHy),N T2, 6(CH,);NHCI +

/2._
Z_

Cl
(m.p. 153-156°)

36 1. Werner, R. Prinz and E. Deckelmann, Chem. Ber., 1969, 102, 95.
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Both MO calculations®” and experimental results for the transmission of
substituent effects through the B3N, ring®® indicate that the 7 electrons
are partially delocalized. Complete delocalization is not to be expected since
the N orbitals should be of appreciably lower energy than the B orbitals.
The planarity of the borazine molecule is shown by MO calculations to be
stabilized by the n bonding, and the calculations also suggest that the
N to B = electron drift is actually outweighed by B to N ¢ drift, so that
the nitrogen atoms are relatively negative.

In view of the extensive aminoboron chemistry, studies have been made of
boron-phosphorus and boron-arsenic chemistry. One of the notable B—P
compounds is [(CH;),PBH,];, which has the cyclic structure (8-XXIII). The

(8-XXIII)

arsenic analog is also known. This compound and its arsenic analog are
extraordinarily stable and inert, a fact that has been attributed to a drift
of electron density from the BH, groups into the d orbitals of P or As. This
has the effect of reducing the hydridic nature of the hydrogen atoms, making
them less susceptible to reaction with protonic reagents, and also of
off-setting the B—P, B—As polar character which the ¢ bonding alone tends
to produce.

Organoboron Compounds.*® Thousands of boron compounds with B—C,

B—O—C, B—S—C, B-—-N—C, etc, bonds, whose chemistry is essentially
organic in nature, are known.

The alkyl- and aryl-borons can be made from the halides by lithium or
Grignard reagents. However, as noted above (page 240), the alkylborons,
which have great importance as intermediates in organic synthesis, are often
most conveniently made by hydroboration. The lower alkyls are reactive
substances and inflame in air, but the aryls are stable.

When boron halides are treated with four equivalents of alkylating
agent, the trialkyl or triaryl reacts further to form an anion of the type
BR;. The most important such compound is sodium tetraphenylborate,
Na[B(CsHj),4]; this is soluble in water and is stable in weakly acid solution;
it gives insoluble precipitates with larger cations such as K*, Rb* or Me,N*,
that are suitable for gravimetric analysis. The ion can also act as a ligand
wherein one phenyl ring is bound in an arene complex as in (8-XX1V).4°
37 P. M. Kuznesof and D. F. Shriver, J. Amer. Chem. Soc., 1968, 90, 1683; D. R, Arm-

strong and D. T. Clark, Chem. Comm., 1970, 99.

38 0, T. Beachley, Jr., J. Amer. Chem. Soc., 1970, 92, 5372.
3% M. F. Lappert in ref. 4; H. Steinberg and R. J. Brotherton, Organoboron Chemistry,

Vols. 1 and 2, Interscience-Wiley, 1964, 1967 (comprehensive reference texts); Organo-

metallic Chem. Rev., Section B (annual surveys).

40 R, R. Schrock and J. A. Osborn, Inorg. Chem., 1970, 9, 2339; R. J. Haincs and A. L.
du Preez, J. Amer. Chem. Soc., 1971, 93, 2820.
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/
Ph,F  PPh,
(8-XX1V)

Unlike Na[BPh,], the compound Li[BMe,], m.p. 189°, is readily soluble
in benzene and can be sublimed.*! Although apparently only an ion pair,
Li* BMej, in solution, it is polymeric in the crystal. An unusual type of
methyl bridge occurs in addition to the conventional type found in (BeMe,),
and (AlMe,),; there are linear Li—C—B chains with Li—C=2.12 A and
C—B = 1.51 A. The full implications of this structural feature and its possible
occurrence elsewhere are still being assessed.

Other important series of compounds are the alkyl and aryl orthoborates,
B(OR);, and their complexes such as Na[HB(OR);], the trialkoxoborohy-
drides; these may be thought of as derived from B(OH),.

There are also the so-called boronic and boronous acids, RB(OH), and
R,B(OH), and their esters and anhydrides. The boronic acids can be made
in various ways, for example:

BF5+ O(C,Hs), + CsHsMgBr — CeH;BF, —2%5> CsHB(OH),

they are quite stable and water-soluble. Their acidities depend on the nature
of the alkyl or aryl group. Dehydration of a boronic acid by heat yields a
boronic anhydride or boroxine:

3RB(OH), — (RBO);+3H,0

Boroxines have trimeric, cyclic structures with planar rings of alternating
boron and oxygen atoms. The alkyl groups are also in the plane of the ring.
Boron can also be incorporated into numerous carbon ring systems.

41D, Groves, W. Rhine and C. D. Stucky, J. Amer. Chem. Soc., 1971, 93, 1553.
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9
The Group III Elements: Al, Ga, In, Tl

GENERAL REMARKS

9-1. Electronic Structures and Valences

The electronic structures and some other important fundamental proper-
ties of the elements are listed in Table 9-1.

TABLE 9-1
Some Properties of the Group III Elements

Electronic Tonization potentials (V)

E° .D.

Element - structure st 2nd  3rd  4th vy O
B [He25%2p 8.30 25.15 37.92 259.30__ Not mecasurable_~2200-
Al [Ne)3s23p 598 18.82 28.44 119.96 —1.66 660
Ga  [Ar]3d'%4s%4p 6.00 20.43 30.6 63.8 ~0.53 29.8
In [Krl4d'°5s%5p 5.79 18.79 27.9 57.8 —0.338% 157
Ti [Xe]4£145d%6s26p 6.11 20.32 29.7 50.5 +0.72¢ 303

@ For M3*(aq) -3¢ = M(s).
bIn* 4 e =1n(s) E° = —0.147.
¢TI+ +¢=TI(s) 20 = —(.3363.

Aluminum and its congeners, Ga, In and Tl, are considerably larger than
boron and hence they are much more metallic and ionic in their character.
Elemental aluminum itself is clearly metallic, but it is nevertheless still on
the borderline (like beryllium) between ionic and covalent character in its
compounds, So also are Ga, In and TI.

While the trivalent state is important for all four elements, the univalent
state becomes progressively more stable as the Group is descended and for
thallium the TI-TI'"" relationship is a dominant feature of the chemistry.
This occurrence of an oxidation state two below the group valence is some-
times attributed to the so-called inert pair effect which first makes itself
evident here, although it is adumbrated in the low reactivity of mercury in
Group 1II, and it is much more pronounced in Groups 1V and V. The term
refers to the resistance of a pair of s electrons to be lost or to participate in

260
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covalent-bond formation. Thus mercury is difficult to oxidize, allegedly
because it contains only an inert pair (6s), Tl readily forms T {! rather than
TI'! because of the inert pair in its valence shell (6526p), etc. The concept of
the inert pair does not actually tell us anything about the ultimate reasons
for the stability of certain lower valence states, but it is useful as a label and
is often encountered in the literature. The true cause of the phenomenon is
not intrinsic inertness, that is, unusually high ionization potential of the
pair of s electrons, but rather the decreasing strengths of bonds as a Group is
descended. Thus, for example, the sum of the 2nd and 3rd ionization
potentials is lower for In (46.7 eV) than for Ga (51.0eV) with TI (50.0eV)
intermediate. There is, however, a steady decrease in the mean thermochemi-
cal bond energies, for example, among the trichlorides: Ga, 242; In, 206;
Ti, 153 kJ mol~*. The relative stabilities of oxidation states differing in the
presence or absence of the inert pair are further discussed in connection with
the Group IV elements.

In the trihalide, trialkyl, and trihydride compounds there are some resem-
blances to the corresponding boron chemistry. Thus MX, compounds behave
as Lewis acids and can accept either neutral donor molecules or anions to
give tetrahedral species; the acceptor ability generally decreases in the order
Al > Ga > In, with the position of Tl uncertain. There are, however, notable
distinctions from boron. These are in part due to the reduced ability to form
multiple bonds and to the ability of the heavier elements to have coordination
numbers exceeding four. Thus, while boron gives Me21_3=1<IMe2, Al, Ga
and In give dimeric species, e.g., [Me,AlNMe,],, in which there is an NMe,
bridging group and both the metal and nitrogen atoms are 4-coordinate.
Similarly, the boron halides are all monomeric, while those of Al, Ga and
In are all dimeric. The polymerization of trivalent Al, Ga, In and Tl com-
pounds to achieve coordination saturation is general and four-membered
rings appear to be a common way despite the valence-angle strain implied.
Secondly, compounds such as (Me;N),AlH; have trigonal-bipyramidal
structures which of course are impossible for boron adducts. Finally, in
contrast to boron, there is a well-defined aqueous cationic chemistry; aquo
ions, e.g., [In(H,06**, salts of oxo anions and complexes, all with octa-
hedral stereochemistry, exist; for A’*(aq) the coordination number six
has been proved by !7O nuclear resonance studies.

THE ELEMENTS'

9-2. Occurrence, Isolation and Properties

Aluminum, the commonest metallic element in the earth’s crust, occurs
widely in Nature in silicates such as micas and feldspars, as the hydroxo
1 1. A. Sheka, I. S. Chaus and T. T. Mityureva, The Chemistry of Gallium, Elsevier, 1966;

N. N. Greenwood, Adv. Inorg. Chem. Radiochem., 1963, 5,91 (the chemistry of gallium);
A. G. Lee, The Chemistry of Thallium, Elsevier, 1971.
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oxide (bauxite) and as cryolite (Na3AlFy). The other three elements are found
only in trace quantities. Gallium and indium are found in aluminum and zine
ores, but the richest sources contain less than 1% of gallium and still less
indium. Thallium is widely distributed ; the element is usually recovered from
flue dusts from the roasting of certain sulfide ores, mainly pyrites.

Aluminum is prepared on a vast scale from bauxite. This is purified by
dissolution in sodium hydroxide and reprecipitation using carbon dioxide.
It is then dissolved in molten cryolite at 800~1000° and the melt is electro-
lyzed. Aluminum is a hard, strong, white metal. Although highly electro-
positive, it is nevertheless resistant to corrosion because a hard, tough film
of oxide is formed on the surface.? Thick oxide films, some with the proper
porosity when fresh to trap particles of pigment, are often electrolytically
applied to aluminum. Aluminum is soluble in dilute mineral acids, but is
passivated by concentrated nitric acid. If the protective effect of the oxide
film is overcome, for example, by scratching or by amalgamation, rapid
attack even by water can occur. The metal is attacked under ordinary
conditions by hot alkali hydroxides, halogens, and various non-metals.
Highly purified aluminum is quite resistant to acids and is best attacked
by hydrochloric acid containing a little cupric chloride or in contact with
platinum, some H,0, also being added during the dissolution.

Gallium, indium and thallium are usually obtained by electrolysis of
aqueous solutions of their salts; for Ga and In this possibility arises because
of large overvoltages for hydrogen evolution on these metals. They are soft,
white, comparatively reactive metals, dissolving readily in acids; however,
thallium dissolves only slowly in sulfuric or hydrochloric acid since the TI'
. saltsior—medrareﬁaﬂlyfsparingl}ksolub]efGaﬂiumjlike aluminum, is soluble”
in sodium hydroxide. The elements react rapidly at room temperature, or on
warming, with the halogens and with non-metals such as sulfur,

The exceptionally low melting point of gallium has no simple explanation.
Since its boiling point (2070°) is not abnormal, gallium has the longest
liquid range of any known substance and finds use as a thermometer liquid.

CHEMISTRY OF THE TRIVALENT STATE

BINARY COMPOUNDS
9-3. Oxygen Compounds

Stoichiometrically there is only one oxide of aluminum, namely, alumina,
Al,0;. However, this simplicity is compensated by the occurrence of various
polymorphs, hydrated speccies, etc., the formation of which depends on the
conditions of preparation. There are two forms of anhydrous Al,O;, namely,
a~Al,0; and y-Al,O5.* Various other trivalent metals (Ga, Fe) form oxides
2 J. W. Diggle, T. C. Downic and C. W. Golding, Chem. Rev., 1969, 69, 365.

* “f-Al;03” is actually Na, 0 6Al,04; sce R. Scholder and M. Mansmann, Z. anorg.
Chem., 1963, 321, 246.
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that crystallize in these same two structures. In «-Al,0; the oxide ions form
a hexagonally close-packed array and the aluminum ions are distributed
symmetrically among the octahedral interstices. The y-Al,O; structure is
sometimes regarded as a “defect” spinel structure, that is as having the struc-
ture of spinel with a deficit of cations (see below).

0-AlL,O, is stable at high temperatures and also indefinitely metastable
at low temperatures. It occurs in Nature as the mineral corundum and may
be prepared by heating y-Al,O3 or any hydrous oxide above 1000°. y-Al, O,
is obtained by dehydration of hydrous oxides at low temperatures {~450°).
2-Al,0, is very hard and resistant to hydration and attack by acids, whereas
y-Al, O3 readily takes up water and dissolves in acids. The Al,O; that is
formed on the surface of the metal has still another structure, namely, a
defect rock-salt structure; there is an arrangement of Al and O ions in the
rock-salt ordering with every third Al ion missing.

There are several important hydrated forms of alumina corresponding to
the stoichiometries AlO-OH and AI(OH);. Addition of ammonia to a
boiling solution of an aluminum salt produces a form of AlO-OH known as
béhmite, which may be prepared in other ways also. A second form of
AlO-OH occurs in Nature as the mineral diaspore. The true hydroxide,
Al(OH),, is obtained as a crystalline white precipitate when carbon dioxide
is passed into alkaline “aluminate” solutions.

The gallium oxide system quite closely resembles the aluminum oxide
system, affording a high-temperature a- and a low-temperature y-Ga,0;,
GaO-OH and Ga(OH);. The trioxide is formed by heating the nitrate, the
sulfate or the hydrous oxides that are precipitated from Ga'"! solutions by
the action of ammonia. f-Ga,O; contains both tetrahedrally and octa-
hedrally coordinated gallium with Ga—O distances of 1.83 and 2.00 A,
respectively. Indium gives yellow In,05, which is known in only one form,
and a hydrated oxide, In(OH);. Thallium has only the brown-black T1,0;,
which begins to lose oxygen at about 100° to give T1,0. The action of NaOH
on T salts gives what appears to be the oxide, whereas with Al, Ga and In
the initial products are basic salts.

Aluminum, gallium and thallium form mixed oxides with other metals.
There are, first, aluminum oxides containing only traces of other metal ions.
These include ruby (Cr3*) and blue sapphire (Fe**, Fe’* and Ti*¥).
Synthetic ruby, blue sapphire, and white sapphire (gem-quality corundum)
are now produced synthetically in large quantities. Second are mixed oxides
containing macroscopic proportions of other elements, such as the minerals
spinel, MgAl,0,4, and crysoberyl, BeAl,O,. The spinel structure has been
described and its importance as a prototype for many other M'"MTO,
compounds noted (page 54). Alkali-metal compounds such as NaAlO,,?
which can be made by heating Al,O; with sodium oxalate at 1000°, are also
ionic mixed oxides.

3 A. F. Reid and A. E. Ringwood, Inorg. Chem., 1968, 7, 443.
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9-4. Halides*

All four halides of each element are known, with one exception. The com-
pound TlI;, obtained by adding iodine to thallous jodide, is not thallium(r)
iodide, but rather thallium(y) triiodide, TI'(I,). This situation may be com-
pared with the non-existence of iodides of other oxidizing cations such as
Cu®" and Fe®*, except that here a lower-valent compound fortuitously has
the same stoichiometry as the higher-valent one. The coordination numbers
of the halides are shown in Table 9-2. The fluorides of Al, Ga and In are all
high-melting [1290°, 950° (subl.), 1170°, respectively], whereas the chlorides,
bromides and iodides have lower melting points. There is, in general, a good
correlation between melting points and coordination number. Thus, the
three chlorides have the following melting points: AlCly, 193° (at 1700 mm);
GaCl;, 78°; InCl;, 586°.

TABLE 9-2

Coordination Numbers of Metal Atoms
in Group III Halides®

F C Br 1
Al 6 6| 4 4
Ga 6 4 4 4
In 6 6 6 4
Tl 6 6 4

“N. N. Greenwood, D. J. Prince and
B. P. Straughan, J. Chem. Soc., A, 1968,
1694,

~—The-halides-with coordimation mumbers 4 can be considered to consist of |

discrete dinuclear molecules (Fig. 9-1) and since there are no strong lattice
forces the melting points are low. In the vapor, aluminum chloride is also
dimeric so that there is a radical change of coordination number on vapor-
ization, and these covalent structures persist in the vapor phase at tempera-
tures not too far above the boiling points. At sufficiently high temperatures,
however, dissociation occurs into planar, triangular monomers, analogous
to the boron halides. There is some evidence that for gallium iodide this
dissociation is very extensive even at the boiling point. The Group III
halides dissolve readily in many non-polar solvents such as benzene, in
which they are dimeric. The enthalpies of dissociation, A, X (g) = 2A1X (),
have been measured and are 46-63 kJ mol~'. As Fig. 9-1 shows, the con-
figuration of halogen atoms about each metal atom is roughly, though far
from exactly, tetrahedral. The formation of such dimers is attributable to the
tendency of the metal atoms to complete their octets. The dimers may be
split by reaction with donor molecules, giving complexes such as R;NAICI,.
* () Friedel-Crafts and Related Reactions, G. A, Olah, cd., Vol. 1, Wiley, 1963 (much

information on Al and Ga halides and their complexes). (b) J. Carty, Coordination Chem.

Rev., 1969, 4, 29 (halides and complexes of Ga, In and TI). (c) R. A. Walton, Coordina-
tion Chem, Rev., 1971, 6, 1 (halides and complexes of thallium).
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Fig. 9-1. The structures of Al;Bre and In,le.

The halides dissolve in water, giving acidic solutions from which hydrates
may be obtained.

The thallium(ur) halides, other than the iodide noted above, are genuine
but unstable. The chloride, which is most commonly used, can be prepared
conveniently® by the following sequence:

Tl, or TICl, or T1,CO, —SN%5 TICl; NOC1 -5 TICI,

Solutions of TICl; and TIBr, in CH;CN which are useful for preparative
work are conveniently obtained by treating solutions of the monohalides
with Cl, or Br,.® Solid TICl; loses chlorine at about 40° and above, to give
the monochloride, and the tribromide loses bromine at even lower temper-
atures to give first “T1Br,” which is actually TI[TI'"Br,]. The fluoride is
stable to about 500°. These facts provide a very good illustration of the way
in which the stability of the lower valence state dominates thallium chemistry.

9-5, Other Binary Compounds

The Group III elements form various compounds such as carbides,
nitrides, phosphides and sulfides.

Aluminum carbide, Al,C;, is formed from the elements at temperatures
of 1000-2000°. It reacts instantly with water to produce methane, and X-ray
studies have shown it to contain discrete carbon atoms (C—C = 3.16 A); for
these reasons it is sometimes considered to be a “methanide,” that is, a salt
containing C*~, but this is probably an oversimplification.

The nitrides AIN, GaN and InN are known. Only aluminum reacts directly
with nitrogen. GaN is obtained on reaction of Ga or Ga,Oj; at 600-1000°
with NH, and InN by pyrolysis of (NH,);InF4. All have a wurtzite structure
(Fig. 2-3). They are fairly hard and stable, as might be expected from their
close structural relationship to diamond and the diamond-like BN.

Aluminum and especially Ga and In form 1:1 compounds with Group V
elements, the so-called III-V compounds, such as GaAs.” These compounds

5 W. O. Groenveld and A. P. Zuur, Inorg. Nuclear Chem. Letters, 1967, 3, 229.

6 B. F. G. Johnson and R, A. Walton, Inorg. Chem., 1966, 5, 49.

1 Compound Semi Conductors, R. K. Willardson and H. L. Goering, eds., Vol. 1, Rein-
hold, 1962; R. K. Willardson and A. C. Beer, Semi-Conductors and Semi-metals,
Academic Press, 1966, et seq. (physics and optical properties of III—V compounds;
several volumes).
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have semiconductor properties similar to those of elemental Si and Ge, to
which they are electronically and structurally similar. They can be obtained
by direct interaction or in other ways. Thus GaP can be obtained as pale

orange single crystals by the reaction of phosphorus and Ga,O vapor at
900-1000°.

9-6. The Aquo Ions, Oxo Salts, Aqueous Chemistry

The elements form well-defined octahedral aquo ions, [M(H,0)]**,
and a wide variety of salts are formed including hydrated halides, oxo acid
salts such as sulfate, nitrate and perchlorate, as well as sparingly soluble
salts such as phosphates.

In aqueous solution the octahedral [M(H,0)]*" ions are quite acidic.
There is some evidence to suggest that the TI'"" aquo ion has two zrans water
molecules which are more strongly bound than the others (cf. stability of
TICI3 below). For the reaction

[M(H,0)6]** = [M(H,0)s(OH)]** + H*
the following constants have been determined: K,(Al), 1.12x1073;
K.(Ga), 2.5x1073; and K,(In), 2x1074; K(TD), ~7x1072, Although
little emphasis can be placed on the exact numbers, the orders of magnitude
are important, for they show that aqueous solutions of the M salts are
subject to extensive hydrolysis. Indeed, salts of weak acids—sulfides, car-
bonates, cyanides, acetates, etc.—cannot exist in contact with water.

Studies of the hydrolysis of perchlorate solutions of AI"™ have found widely
divergent interpretations, in part owing to the slowness in reaching equili-
bria; chloride solutions are even more complex. Recent studiesshow-that-the—

above hydrolysis equation is too simple in the case of aluminum. Thus, a
dimerization®? certainly occurs:

2A10H?*(aq) = Al,(OH)$*(aq) K = 600 mol—1 (30°)

The presence of still more complex species of general formula
Al[AL;(OH)g]n**® has also been postulated!® to fit potentiometric data.
Hydroxo-bridged polymers are known to be present in various crystalline
basic salts.

Nmr methods® ** using 2 Al have been used to study the replacement of
H,O in the aquo ion by other ligands such as THF, Me,S0, SO2-, etc., to
give species such as [AI(H,0)sHSO,]**. 170O-nmr allows measurement of
exchange rates,’? as well as determination of coordination number referred
to above.

8 E. Grunwald and D. W. Fong, J. Phys. Chem., 1969, 73, 650.

® J. W, Akitt, N. N. Greenwood and G. D. Lester, J. Chem. Soc., 4, 1969, 803; Chem.
Comm., 1969, 988.

193, Aveston, J. Chem. Soc., 1965, 4438; F. H. Van Cauwelaert and H., J, Bosmans,
Rev. Chim. minédrale, 1969, 6, 611; N, DeZclic, H. Bilinski and R. H. H. Wolf, J. Inorg.
Nuclear Chem., 1971, 33, 791.

LA, Fratiello et al., Inorg. Chem., 1969, 8, 69,

12D, Fiat and R. E. Connick, J. Amer. Chem. Soc., 1968, 90, 608.
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For Ga®™* in perchlorate solution, the aguo ion appears {0 be
species and the hydrolysis, which is exceedingly slow at 25°, gives only white
crystalline GaOOH. '3 .

The indium and thallium aquo ions are known in ClO; solution, but in
presence of halide and other complexing anions complex species such as
InSO; (aq) or the very stable linear TICl} (aq) are formed.

A particularly important class of aluminum salts, the alums are structural
prototypes and give their name to a large number of analogous salts formed
by other elements. They have the general formula MAI(SO,),-12H,0 in
which M is practically any common univalent, monatomic cation except for
Li*, which is too small to be accommodated without loss of stability of the
structure. The crystals are made up of [M(H,0)6]", [AH,0)6]** and two
SOZ2~ jons. There are actually three structures, all cubic, consisting of the
above ions, but differing slightly in details depending on the size of the uni-
valent ion. Salts of the same type, M'M'"Y(SO,), - 12H,0, having the same
structures are formed by many other trivalent metal ions, including those
of Ti, V, Cr, Mn, Fe, Co, Ga, In, Rh and Ir, and all such compounds are
referred to as alums. The term is used so generally that those alums con-
taining aluminum are designated, in a seeming redundancy, as aluminum
alums.

Thallium carboxylates, particularly the acetate and trifluoroacetate, which
can be obtained by dissolution of the oxide in the acid, are extensively used
in organic chemistry.'* Both Tl metal and TI' salts such as the acetylaceton-
ate also have specific uses. One example is the use of thallium(ir) acetate
in controlled bromination of organic substances such as anisole. The tri-
fluoroacetate will directly thallate (cf. aromatic mercuration, Section 18-9)
aromatic compounds to give aryl thallium ditrifluoroacetates, e.g.,
C¢H;TI(OOCCEFj), . It also acts as an oxidant, inter alia converting para-
substituted phenols into p-quinones.

Aluminates and gallates. The hydroxides are amphoteric:

tha main
il miain

Al(OH)a(s) = AI** +30H"~ K~ 5x10732
Al(OH);(s) = AlO; +H* +H;0 K~ 4%x10713
Ga(OH);3(s) = Ga®** +30H~ K~ 5%x1073%7

Ga(OH)s(s) = GaO7 +H* +H;0 K~ 10-15

and not only the hydroxides and oxides,'® but also the metals, dissolve in
alkali bases as well as in acids. The oxides and hydroxides of In and Tl are,
by contrast, purely basic; hydrated T1,0; is precipitated from solution even
at pH 1-2.5. The nature of the so-called “aluminate” and “gallate” solutions
has been a problem. For the aluminum system from pH 8 to pH 12, accord-
ing to Raman spectra,'® the main species appears to be a polymer with
octahedral Al and OH bridges, but, at pH > 13 and concentrations below

13 |, R. Craig and S. Y. Tyree, Jr., Inorg. Chem., 1969, 8, 591.

14 E, C. Taylor and A. McKillop, Accounts Chem. Res., 1970, 10, 338.

15 Gee, e.g., A. Packter and H. S. Dhillon, J. Chem. Soc., 4, 1970, 1266.
16 1. A. Cameron et al., J. Chem. Phys., 1966, 45, 2216.
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ca.1.5 M, *” Al nmr, infrared and Raman spectra,'” as well as ion-exchange
studies,'® indicate a tetrahedral AI(OH); ion. Above 1.5 M there is con-
densation to give the ion [(HO);AIOAI(OH),]? ", which occurs in the crystal-
line salt K,[Al,O(OH),] and has an angular Al—O—Al bridge.

COMPLEX COMPOUNDS

The trivalent elements form 4-, 5- and 6-coordinate complexes, which
may be cationic, like [AI(H,0)s]** or [AI(OSMe,)]**,!! neutral, like the
adducts of the halides, e.g., AICl;(NMe,),, or anionic, like AIF?~ and
In(SO,); (aq).

9-7. Halide Complexes and Adducts 4% 19

The hydrated fluorides AlF,-nH,0 (n=3 or 9) can be obtained by
dissolving Al in aqueous HF. The nonahydrate is very soluble in water,
and '’F-nmr spectra®® show the presence of (H,0),AlF; as well as the
ions AlFy, AIF,(H,0); and AIF(H,0)2*. At high fluoride concentrations
and in crystalline solids the AIF:~ jon is also formed. The gallium system is
similar,

One of the most important salts is cryolite whose structure (Fig. 9-2) is
important since it is adopted by many other salts containing small cations
and large octahedral anions and, in its anti-form, by many salts of the same
type as [Co(NH,)6]l5. It is closely related to the structures adopted by many
compounds of the types MJ[ABs]*™ and [XY4]**Z;. The last two struc-

tures are essentially the fluorite (or antifluorite) structures (see Fig. 2-3,
page 51), except that the anions (or cations) are octahedra whose axes are
oriented parallel to the cube edges. The unit cell contains four formula units.

£

o = ALFY octahedron

O = Na*ion

Fig. 9-2. The cubic structure of cryolite, Na;AlF.

!7R. J. Moolenaar, J. C. Evans and L. D. McKeever, J, Phys. Chem., 1970, 74, 3629.
'8 M. Yoshio, H. Waki and N. Ishibashi, J. Inorg. Nuclear Chem., 1970, 32, 1365.
9D, G. Tuck, Coordination Chem. Rev., 1966, 1, 286 (coordination chemistry of In').
20 N. A. Matwiyofl and W. E. Wageman, Inorg. Chem., 1970, 9, 1031.
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(a)

%/é%é%é% _
&S

e e e A A

Fig. 9-3. Diagrams showing how AIF2~ octahedra combine by sharing corners in the
compounds (@) TI;AlF; and (b) NH4AIF,.

Addition of four cations per unit cell, one at the center of the cube and one at
the midpoint of each edge, gives the cryolite structure. Other complex
fluorides of aluminum, such as T1,AlF; and NH,AIF,, also contain octa-
hedrally coordinated aluminum; in the former the octahedra are joined at
corners to form chains (Fig. 9-32), and in the latter they share corners (but
not edges on account of the high charge on AI**) to form sheets (Fig. 9-3b).
Aluminum and gallium normally form the tetrahedral ions, MXy, by direct
interaction of the halide and, say, Et,N*Cl™ in an organic solvent; they can
be obtained also with mixed halogens.*!

The tetrahaloaluminates are hydrolyzed by water, but gallium can be
extracted from 8M HCl solutions into ethers, where the ether phase contains
GaCl; ions. Oxonium salts of the type [(Et,0),H]*"MCI; of Al, Ga, In
and also Fe, have been isolated as viscous oils by reaction of the chloride in
ether with hydrogen chloride.?? The ion Al,Cl; has been isolated as a salt
of CH,CO™" by interaction of acetyl chloride and Al,Clg in liquid HCL??
and with large cations; it has the structure (9-).24

c

P
Ho°
2.10A

Cl —————Al

RO

CL

Cl

cl c
©-D

The ion also occurs in melts?® and at 170-240° there is the equilibrium
2A1,Cl7 = Al,Clg +2AICHE

21 R, G. Kidd and D. R. Truax, J. 4mer. Chem. Soc., 1968, 90, 6687.

22 R. J. H. Clark, B. Crociani and A. Wasserman, J. Chem. Soc., A, 1970, 2450.

23 M. E. Peach, V. L. Tracy and T. C. Waddington, J. Chem. Soc., A, 1969, 366.

24 D, A. Lokken, T. W. Couch and J. D. Corbett, Abs., Amer. Chem. Soc. Meeting,
Chicago, September, 1970.

25 Y, A. gye et al., Acta Chem. Scand., 1971, 25, 559.
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Also, aluminum chloride forms complexes with Nadl, CaCl,, NdCl,, UCl,
and CrCly, which are volatile at high temperatures,®® e.g,,

CrCla(s) +1.5A1,Clg(g)= [CrCl,- 3AICL(g)

The Ga,Cl7 is also formed in melts of GaCl, and Ga,Clg, which contain
Ga*[Ga,Cl,]~.27

Finally, we note that the formation of AICI; and AlBr; ions is essential to
the functioning of Al,Clg and Al, Brg as Friedel-Crafts catalysts, since in this
way the necessary carbonium ions are simultaneously formed:

RCOCI+AICI; — RCO* +[AICL]- (ion pair)
RCO* +CsHe — [RCOCsHl* — RCOCsH;+H*

Gallium trichloride acts similarly.2®

Indium halogeno complexes are similar to those of Al and Ga but, although
in non-aqueous media and in crystalline salts the InCl; ion is tetrahedral,?®
it is probably aquated in aqueous solution; the species InCI2* and InClj are
also formed.3°

In [Et;N],[InCl;], made in non-aqueous media, the anion has spy geome-
try,** which is unusual for a non-transition element that does not have an addi-
tional electron pair in the valence shell (see page 127). Among the few other
examples are PhsSb and matrix-isolated SbF; (see page 392). The compound
[Et,N];[TICl;s] is isomorphous and presumably isostructural.?? In nitro-
methane solution these MCIZ ™~ ions dissociate to MCI; ions. The complex
(Ph3P),InCly, on the other hand, has tbp geometry with unusually long
axial In—P bonds.** Salts of the ions InCI3~, TICIZ™ and [TICI5(H,0)]*~
are also known, while thallium forms chloro complexes readily in aqueous
solution, and species up to TICIZ~ occur.3*

The dichloro ion TICL appears to be particularly stable, presumably
because it is linear and analogous to the linear, very stable and isoelectronic
HgCl, (cf. also Me,TI* below). The thermodynamic quantities are also
consistent with a change of coordination number on formation of the tetra-
hedral TICI] ion, e.g.,

trans-[TICI3(H,0)5]+ Cl~ — TICI; +3H,0

For TII; the stability of iodide in contact with TI'" is a result of the stabil-
ity of the ion, since thallium(II) iodide is itself unstable relative to TII,).
Thallium alone forms the ion T1,CI3~, which has the confacial bioctahedron
structure shown in Fig. 19-5a.

26 K. Lascelles and H. Schiifer, Angew. Chem. Internat. Edn., 1971, 10, 128.

2" M. 1. Taylor, J. Chem. Soc., A, 1970, 2812,

28 See H. C. Brown et al., J. Amer. Chem. Soc., 1969, 91, 4844, 4854,

29, Trotter, F. W. B. Einstcin and D. G. Tuck, deta Cryst., B, 1969, 25, 603.

3¢ M. P. Hanson and R. A. Planc, Inorg. Chem., 1969, 8, 746.

31 D. 8. Brown, F. W. B. Einstein, and D. G. Tuck, Inorg. Chem., 1969, 8, 14; D. M.
Adams and R. R. Smardzewski, J. Chen. Soc., 4, 1971, 714,

32 D, F. Shriver and I. Wharf, Inorg. Chem., 1969, 8, 2167.

33 M. V. Veidis and G. J. Palenik, Chem, Conun., 1969, 586.

3+T. G. Spiro, Inorg. Chem., 1965, 4, 1290; 1967, 6, 569; J, Gislason, M. H. Lloyd and
D. G. Tuck, Inorg. Chem., 1971, 10, 1907.
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Adducts: Lewis Acid Behavior. The trihalides {except the fluorides), and
other R;M compounds such as the trialkyls, triaryls, mixed R,MX com-
pounds and AlHj;, all function as Lewis acids, forming 1:1 adducts with a
great variety of Lewis bases. This is one of the most important aspects of the
chemistry of the Group III elements. The Lewis acidity of the AlX; groups,
where X = Cl, CHj, etc., has been extensively studied thermodynamically,3?
and basicity sequences for a variety of donors have been established.?¢

As already indicated, the MX; molecules (X = halide) react with them-
selves to form dimeric molecules in which each metal atom has distorted
tetrahedral coordination. Even in mixed organo halo compounds such as
(CH,),AlC], this type of dimerization with halogen atom bridges occurs. In
addition to the tetrahedral adducts, neutral or ionic as in MXj there are
both 5-coordinate and 6-coordinate species. For the series of MX;-2NMe;,
compounds (MX; = AlCl3, GaCl,, InCl;, InBry or Inly), vibrational
spectra indicate thp structures with axial nitrogen atoms.?” Cationic com-
plexes®® are octahedral of the type

[GaCl,(bipy).]*GaClz or [InCl,(bipy).]* [InCly(bipy)]~

9-8. Oxo Complexes

The aquo and aluminate ions have already been noted. Aluminum acetate

has a structure similar to that of the basic acetates of Cr3*, Fe** and other
M3* ions and probably contains the basic unit [Al;0(00CMe)4(H,0);]",
where the H,O molecules can dissociate to form OH or can be
replaced by other ligands.
" 'The most important octahedral complexes of the Group III elements are
those containing chelate rings. Typical are those of p-diketones, pyrocatechol
(9-I), dicarboxylic acids (9-11I), and 8-quinolinol (9-IV). The neutral com-
plexes dissolve readily in organic solvents, but are insoluble in water. The
acetylacetonates have low melting points (<200°) and vaporize without
decomposition. The anionic complexes are isolated as the salts of large
univalent cations. The 8-quinolinolates are used for analytical purposes.
Tropone (T) gives an 8-coordinate anion of indium in Na[InT,].

3- 3-
0]
M I M N\
O/ O/C\ 0/ 74 \N _—
3 3 —_ 3
9-1D (0-11D) 9-1V)

35 . P. Eyman et al., Inorg. Chem., 1968, 7, 1028, 1047; J. K. Gilbert and J. D. Smith,
J. Chem. Soc., A, 1968, 233; J. W. Wilson and I. S. Worrall, J. Chem. Soc., A., 1968,
316, 2389.

36 B. M. Cohen, A. R. Cullingworth and 8. D. Smith, J. Chem. Soc., A, 1969, 2193.

371, R. Beattie, T. Gilson and G. A. Ozin, J. Chem. Soc., 4, 1968, 1092; I. R. Beattie,
G. A. Ozin and H. E. Blayden, J. Chem. Soc., A, 1969, 2535.

38 Gee, e.g., R. A. Walton, Inorg. Chem., 1968, 7, 640; J. Chem. Soc., 4, 1969, 61; G.
Beran et al., Chem. Comm., 1970, 222; R. Restivo and G. J. Palenik, Chem. Comm.,
1969, 807.



272 CHEMISTRY OF NONTRANSITION ELEMENTS

The four elements form alkoxides, which we can regard as complexes
since they are all polymeric even in solution in inert solvents. Only those of
aluminum, particularly the isopropoxide, which is widely used in organic
chemistry as a reducing agent for aldehydes and ketones,*® are of impor-
tance. They can be made by the reactions

Al+3ROH —tkMecun_, pg) A1+3H,

catalyst, warm

AICI;+3RONa  ——> (RO);Al+3Nacl

The alkoxides hydrolyze vigorously in water. The tert-butoxide is a cyclic
dimer (9-V) in solvents, whereas the isopropoxide is tetrameric (9-VI) at
ordinary temperatures but trimeric at elevated temperatures. Terminal and
bridging alkoxyl groups can be distinguished by nmr spectra. Other alkoxides
can exist also as dimers and trimers.

i
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R o
Al—O0O
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R R R
| l l R/O\ ]/O\| »O—R
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Gallium*® and thallium*! form nitrato complexes by the reaction of
y

N;O; with NO3[GaCl,]™ or TINOj;, respectively. The gallium ion in
NO #[Ga(NO,),]” appears to have unidentate NO; groups, by contrast with
[Fe(NO;),]™ which has bidentate groups and is 8-coordinate, although the
radius of Ga' (0.62) is only slightly smaller than that of Fe!!! 0.64 A).

9.9, Complex Hydrides*?

The binary hydrides of Al and Ga have been discussed on page 183. There
is, in addition, an extensive complex chemistry that can be regarded as aris-
ing from the Lewis acid behavior of MH, (even if the simple molecules are
too unstable to be isolated) by formation of adducts either with donor mole-
cules such as NR;, PR3, SR, or with anions, viz.

GaH; +NMe; - Me;NGaH,
AlHz; +H~ — [AIH,]-

3% For mechanism of the Meerwein-Pondorfi-Verley reaction see V. J. Shiner, Jr., and
D. Whittaker, J. Amer. Chem. Soc., 1969, 90, 394,

40 D, Bowler and N. Logan, Chem. Comm., 1971, 582.

41 D, W. Amos, Chem. Comm., 1970, 19.

42 H., Nbth and E. Wiberg, Fortsch. Chem. Forsch., 1967, 8, 321; S. Cuccinella, A. Mazzei
and W. Marconi, Inorg. Chim. Acta Rev., 1970, 4, 51 (comprchensive reviews of hydrides
and hydride complexes).
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In such compounds there are close analogies to borane derivatives (page 237).
The reaction of AlHj; with alcohols,
AlH,+nROH — (RO),AIH;_,+nH,

is a useful preparative method for mixed alkoxo hydrido species.*?

Hydride Anions. The alkali-metal salts of AIH, and GaHj are similar
to those of BH;. The thermal and chemical stabilities vary according to
the ability of the MH; group to act as an acceptor as in the above equa-
tion, the order being B> Al > Ga. Thus LiGaH, decomposes slowly even
at 25° to LiH, Ga and H, and is a milder reducing agent than LiAlH,.
Similarly, although BHZ is stable in water, the Al and Ga salts are rapidly
and often explosively hydrolyzed by water:

4H,0+MHj; — 4H, +M(OH); +OH~

Lithium aluminum hydride is an important reducing agent in both
organic and inorganic chemistry. It is a non-volatile, crystalline solid,
white when pure but usually gray. It is stable below ~120° and is soluble
in diethyl ether and other ethers such as THF and various glymes. It accom-
plishes many otherwise tedious or difficult reductions, e.g., —COOH to
—CH,0OH, some reactions are shown in Fig. 9-4.

The crystal structure** of LiAlH, shows the presence of tetrahedral AIH;
ions, with the average Al—H distance equal to 1.35 A. The Li* ions each
have four near (1.88-2.00 A) and a fifth more remote (2.16 A) hydrogen
neighbor.

Both Al and Ga salts can be prepared by the reaction

4LiH + MCl; 222> LiMH,+3LiCl

MH
LifatricH=cH,). ] VX
(X=Cl,0Me,efc.}
C M Li[ AIH(OR), ] +3H,
ROH
RNH .
. > . bipy in THF
LifatnmRy, | LiAIH, Al(bipy),
RCH =CH,,
NH ,PH,
[me, Jrci~ Li[AlcH,~CH R, |
Li[Aelt E:PHZ) )
Me NAIH,

Fig. 9-4. Some reactions of lithium aluminum hydride.

43 {1, Noth and H. Suchy, Z. anorg. Chem., 1968, 358, 44.
44 N, Sklar and B. Post, Inorg. Chem., 1967, 6, 669.
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However, for AIH the Li, Na and K salts are more conveniently obtained
by direct interaction, e.g.,

THF
Na+Al+2H, 15573500 s NaAlH,

The salt is obtained by precipitation with toluene and can be efficiently
converted into the lithium salt:

NaAlH, + LiC1-2225 NaCl(s) + LiAlH,

Although LiAlH, is stable in ethers, amine solvents can “abstract” AlH;
to give the amine hydrides discussed below, e.g.,

3LiAIH,+4MesN — Li;AlH, +2AIH;(NMe;),

The suggestion has been made that LiAIH, is a covalently bonded species
in solution and can undergo reactions of this sort by attack on the Li atom.
NaAlH,, which is clearly ionic, does not react in the same way but will give
amine solvates, e.g., with tetramethylethylenediamine (NaTMED)AIH, .**

In addition to AIHZ, the octahedral kexahydrido ion, AIHE", is known.

Although salts were first made by the reactions
2NaH +NaAlH, —Heitlnbhepane, nyo Ajpp,
2LiH+LiAIH, -B3Alweatalyst pg Ay
they are best prepared by direct interaction of the metals and hydrogen
under pressure.*® The commercial benzene-soluble reducing agent “Red-Al”
is Na[AIH(OMe),OFEt].

Donor Adducts. These are again similar to borane adducts, the stability
order being B> Al> Ga and also similar to adducts of the halides and
alkyls where the stability order is halides > alkyls > hydrides. The most
studied adducts are the trialkylamine alanes (alane = AIH;). Trimethylamine

gives both 1:1 and 1:2 adducts but the latter are stable only in the presence
of an excess of amine:

Me;NAICI; + 3LiH 2225 Me NAIH, +3LiCl
MesHN*Cl~ + LiAIH, 2&3> Me;NAIH; + LiCl+H,
3LiAlH, + AICl; + 4N Me, —> 4Me;NAIH, + 3LiCl

MesNAIH; + MesN = (Me3N),AlH,
The monoamine is a white, volatile, crystalline solid (m.p. 75°), readily
hydrolyzed by water, which slowly decomposes to (AlH;),. It is monomeric
and tetrahedral. The bisamine is trigonal-bipyramidal with axial N atoms
and linear N—A]—N. Tetrahydrofuran also gives 1:1 and 1:2 adducts, but
diethyl ether, presumably for steric reasons, gives only the 1:1 compound,
though a mixed THF-Et,O adduct exists.

Aminoalanes, particularly those containing secondary amines, can be
obtained by direct interaction of Al, the amine and hydrogen at 120° under
pressure.*” These compounds are used as reducing agents in organic syn-
theses and as polymerization catalysts, They have the general formula

45 ], A. Dilts and E. C. Ashby, Inorg. Chem., 1970, 9, 855,
48 E. C. Ashby and B. D. James, Inorg. Chem., 1969, 8, 2468.
47 R, A. Kovar and E. C. Ashby, Inorg. Chem., 1971, 10, 893.
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JHAI(NR,),1,, where n may be 1, 2 or 3. T
bridging N atoms.

A number of polymers with Al—N backbones have been made, e.g., by
the reaction of R;NAIH; with ethylamine or acetonitrile.

There are similar monoamine gallanes where the Ga—H stretch at
~ 1850 cm ™!, compared to ~ 1770 for the alane, suggests a stronger M—H
bond, and indeed the gallanes are less sensitive to hydrolysis. The
(Me;N),GaH; compound is unstable above —60°. Preparation of the gal-

lanes illustrates a useful principle regarding the use of a weak donor as

solvent:
MesNGaH; + BF; —ae2i> Me,SGaH; + Me;NBF;
strong—weak  strong weak—weak strong—strong

Because the weak-weak, strong-strong combination is favored over two
weak-strong adducts, the net effect is to displace the strong donor, Me;N,
by the weaker one, Me,S.

Note that the important complex AI(BH,); has been discussed previously
(page 250).

9-10. Organometallic Compounds*®

Those of aluminum are by far the most important and best known. They
may be prepared by the classical reaction of aluminum with the appropriate
organomercury compound:

2A1+3R,Hg — 2R;Al (or [R;3Al]) +3Hg

or by reaction of Grignard reagents with AlCly:
RMgCl+ AlICI; = RAICI,, RRAICL R3Al

More direct methods suitable for large-scale use are now available. These
procedures stemmed from studies which showed that aluminum hydride or
LiAlH, reacts with olefins to give alkyls or alkyl anions—a reaction specific
for B and Al hydrides:

AlH; +3CHzp — AUCHu01)3

LiAlIH, +4C,H,, — LiAI(C,Hzp41)4]
Although (AlH;), cannot be made by direct interaction of Al and H,,
nevertheless in the presence of aluminum alkyl the following reaction to
give the dialkyl hydride can occur:
Al+4%H,+2AIR; - 3AIR,H

This hydride will then react with olefins:
AIR,H+C,H,,— AIR(CoHzp4 1)

48 Houben-Weyl, Methoden der Organischen Chemic, Vol. XIIl/4, Metalloorganische
Verbindung der Al, Ga, In, Tl; G. Thiele Verlag, Stuttgart, 1970; R. Koster and
P. Benger, Adv. Inorg. Chem. Radiochem., 1965, 7, 263 (organoaluminum compounds);
A.N. Nesmeyanov and R. A. Sokolik, The Organocompounds of B, Al, Ga, In and Tl,
North Holland, 1967; J. J. Eisch, Organometallic Chem. Rev., 1968, 4, 331, 336 (surveys
of Ga, In and TI); A. G. Lee, Quart. Rev., 1970, 24, 310 (thallium compounds);
H. Reinheckel, K. Haage and D. Jahnke, Organometallic Chem. Rev., A, 1969, 4, 47
(organoaluminum compounds in organic reactions).
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Thus the direct interaction of Al, H, and olefin can be used to give either the
dialkyl hydrides or the trialkyls.

It may be noted in connection with the direct synthesis of NaAlH,
mentioned above that, if ethylene (or other olefin) is present and AIEt, is
used as catalyst, the direct interaction gives Na[AlH,_,Et].

Other technically important compounds are the “sesquichlorides” such
as Me;Al,Cl; or Et;Al,Cl;. These compounds can be made by direct inter-
action of Al or Mg-Al alloy with the alkyl chloride. This reaction fails for
propyl and higher alkyls since the alkyl halides decompose in presence of the
alkyl-aluminum halides to give HCI, alkenes, etc.

The lower aluminum alkyls are reactive liquids, inflaming in air and explo-
sively sensitive to water. All other derivatives are similarly sensitive to air
and moisture though not all are spontaneously flammable. The lower alkyls
are dimerized (Section 10-7), and the alkyl halides are also dimeric but with
halogen bridges. The fluorides are somewhat different in that for [Me,AlF],
and [Et,AlF], (and for Me,GaF) ring polymers with single Al—F—Al
bridges are formed.*® Further, the reaction of Al,Et, with KF in toluene
gives K[Et;AIFAIEt;] where the AI—F—Al bond is linear, possibly on
account of pr— drn bonding. It may be noted that aluminum fluorides of the
type AlF,X;_,(X=Cl, BrorI;n=1 or2) are also aggregated, presumably
via Al—F—Al bridges, in tetrahydrofuran.5°

At —75° the proton nuclear resonance spectrum of Al (CH;)¢ exhibits
separate resonances for the terminal and bridging methyl groups but, on
warming, these begin to coalesce and at room temperature only one sharp
peak is observed. This indicates that the bridging and terminal methyl

—groups can exchange places across-a relatively-low-energy-barrier. Thismay——

occur by partial or complete dissociation of the dimer,5%

The alkyls are Lewis acids, combining with donors such as amines,
phosphines, ethers, and thioethers to give tetrahedral, four-coordinate
species. Thus Me;NAIMe; in the gas phase has C5, symmetry with staggered
methyl groups.®! With tetramethylhydrazine and (CH,),NCH,N(CH,),,
5-coordinate species that appear to be of the kind shown in (9-V1I) are

\/

9-VII)

obtained, although at room temperature exchange processes cause all

methyl groups and all ethyl groups to appear equivalent in the proton nuclear

resonance spectrum. With (CH,),NCH,CH,N(CH,), a complex is formed

49 J. Weidlein and V. Krieg, J. Organometallic Chem., 1968, 11, 9; H. Schmidbauer ¢t al.,
Chem. Ber., 1968, 101, 2268.

0 E. E. Clagg and D. L. Schmidt, Inorg. Nuclear Chem. Letters, 1969, 31, 2329.

302 D, S. Matteson, Inorg. Chem., 1971, 10, 1555,
%: G. A. Anderson, F. R. Forgaard and A. Haaland, Chem. Comm., 1971, 480.
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which has an AIR; group bound to each nitrogen atom. Aluminum aikyi
38 Iy & vis
also combine with lithium alkyls:
(CoHs)sAl+ LiC,Hs 12222288 TiAN(C,Hs)s

X-ray study has shown that LiAl(C,Hs), is built up of chains of alternating
tetrahedral Al(C,Hs)3 and Li* in such a way that each lithium atom is tetra-
hedrally surrounded by four a-carbon atoms, close enough to indicate weak
Li—C bonds, and vibrational spectra suggest that LiAlMe, is similar.??

When primary or secondary amines or phosphines are used, the 1:1
complexes can eliminate one or two hydrocarbon molecules to give bridged
species such as (9-VIII) or (9-IX), the latter being comparable to the
hydrocarbon cubane.

\
N/ A //AI
/N\ Al——N ‘
R,Al AIR, ) Al N

\ .

N N 7 AI/ AN
/\ e N\
(9-VIID) (9-1X)

Triethylaluminum, the sesquichloride (C,Hs);Al,Cly and alkyl hydrides
are used together with transition-metal halides or alkoxides or organo-
metallic complexes as catalysts (e.g., Ziegler catalysts) for the polymeriza-
tion of ethylene, propene and a variety of other unsaturated compounds,
as discussed in Chapter 24. They are also used widely as reducing and alkyl-
ating agents for transition-metal complexes.

The trialkyls of Ga, In and Tl resemble those of aluminum but they have
been less extensively investigated and are increasingly less stable. One signal
point of difference is the lack of dimerization of the alkyls of B, Ga, In and
Tl at ordinary temperatures, with the exception of the unusual polymeriza-
tion of crystalline Me;In and Me;Tl (see page 306).

The In and Tl phenyls also exhibit weak intermolecular interaction
probably involving donation of electrons from a phenyl ring to a vacant p
orbital of the metal in another molecule,”?

A number of dialkyl compounds of Ga, In, and Tl are well characterized
and are stable even in aqueous solutions. Thus interaction of Me,GaCl and
ammonia gives [Me,Ga(NH;),]"Cl™, while partial hydrolysis of Me;Ga-
Et,O gives crystals of the OH-bridged tetramer [Me,GaOH],, which is solu-
ble in acids to give the cation [Me,Ga(H,0),]* and in bases to give
[Me,Ga(OH),]™.>* Thallium gives very stable ionic derivatives of the type
R,TIX (X = halogens, SO~, CN7, NO3, etc.), which resemble compounds
R,Hg in being unaffected by air and water. The ion (CH,),T1* in aqueous
solution and in salts is linear, like R,Hg and the ions Me,Pb%* and

52 . Yamamoto and C. A. Wilkie, Inorg. Chem., 1971, 10, 1129.
53 J. I, Malone and W. S. McDonald, J. Chem. Soc., A, 1970, 3362.
54 R, S. Tobias, M. J. Sprague and G. E. Glass, Inorg. Chem., 1968, 7, 1714.
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Me,Sn?* ;%% the reason for the difference in structure of Me,Ga* and
Me,T1* is not obvious.

In crystals of thallium salts, as in dimethyltin salts (Section 11-11), the
anions nfay act as bridges. Thus the sulfinate (Me,TISO,Me), is dimeric3®
with sulfinate bridges. Additional coordination can certainly occur and a
complex [Me, Tl py]CIO, has been isolated. The [Me,T1 py]* ion appears
to be T-shaped on the basis of spectroscopic measurements. Bis(pentafluoro-
phenyl)thallium halides give what appear to be 5-coordinate adducts such
as (C4F5), TICI(bipy).

LOWER VALENT COMPOUNDS

Since the elements have the outer electron configurations ns?np, it is natural
to consider whether monovalent ions might be capable of existence. It may be
recalled that there is no evidence for B'under chemically important conditions.

9-11. Aluminum and Gallium

There is no evidence that compounds containing Al! exist at ordinary
temperatures. Anodic oxidation of aluminum at high current densities
evidently produces lower-valent aluminum ions, either Al or AI" or both,
but they are ephemeral. There is no doubt that gaseous Al! halide molecules
exist at high temperatures, and their spectroscopic properties are well known.
In the chloride system the equilibrium

AlCl5(g) + 2Al(s) = 3AICHg)

—  ~—hasbeen" thoroughly studied and its use in purifying aluminum has been
proposed. The reaction proceeds to the right at high temperatures, but
reverses readily at low temperatures. Similarly, it has been shown that gaseous
Al,0 and AlO molecules exist above 1000°, but no solid oxide containing
lower-valent aluminum has been shown definitely to exist under ordinary
conditions although Al,O and other M 2O species can be trapped in inert-gas
matrices at low temperatures.”” A red solution obtained by photolyzing
Al(C¢Hs); in toluene may contain AI'C4H,.57®

A zerovalent complex, Al(bipy),, is formed by reduction of AICl, with
Li bipyridyl in THF; it is exceedingly air-sensitive, green, and paramagnetic
(1 =2.32 B.M.). See, however, Section 22-14.

Gallium(1) compounds have been prepared in the gas phase at high tem-
peratures by reactions such as

Ga;05(s) +4Ga(l) ~2°%> 3Ga,0(g)
Ga(l) +8i0,(s) == i (in Ga)+2Ga,0(g)
GaCla(g) <22 GaCl(g) +Cl,
5% R. S. Tobias, Organometallic Chem. Rev., 1966, 1, 93.

56 A. G. Lee, J. Chem. Soc., A, 1970, 467.

57D, M. Makowiechi, D. A. Lynch, Jr. and K. D. Carlson, J. Phys. Chem., 1971, 178,
1963.

70 7. 3. Eisch and J. L. Considine, J. dmer. Chem. Soc., 1968, 90, 6257,
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While GaCl has not been isolaied pure, Ga,C and Ga,S can be, although
the latter solid is non-stoichiometric.

“Divalent” chalconides GaS, GaSe, and GaTe can be made by direct
interaction ; they do not contain Ga**, however, which would lead to para-
magnetism, but have Ga-Ga units in a layer lattice, each gallium atom being
tetrahedrally surrounded by three S and one Ga. The best-known compounds
are the “dihalides” GaX,; these are known to have the salt-like structure
Ga[Ga"X,]; the Ga! ion can also be obtained in other salts such as
GalAICl,]. Fused GaCl, is a typical conducting molten salt. These halides
are prepared by the reaction

2Ga+4GaXs — 3Ga[GaXal.

Salts of the type [GaL,][GaCl,] have been obtained with S, Se and As
donors.

Anodic dissolution of gallium in 6/ HCI or HBr at 0° followed by addition
of Me,NX precipitates white crystalline compounds that are stable and
diamagnetic. These compounds have the composition [Me/N],[Ga,X].
Their vibrational spectra indicate that the anions have an ethane-like
structure; the Ga—Ga stretching frequencies appear as intense, polarized
Raman bands at 162and 233cm™* for Ga,Brg~ and Ga,CI2~, respectively.®®

The presence of low-valent gallium, probably Gal, species in aqueous
solution has been proposed frequently. For example, some delayed reducing
ability of gallium dissolved in HCI has been observed, and gallium is one of
the few reductants for perchloric acid, which may be due to the reactions

Ga+H* — Ga*+3H,
4Ga* +8H* +ClOz — 4Ga’* +Cl™ +4H,0
The potential for Ga'-Ga'"" in basic solution has been estimated:
Ga(OH); +2e=Gal+40H-  E < —1.24V

9-12, Indium

Indium(i) can be obtained in low concentration in aqueous solution by
using an indium metal anode in 0.01M perchloric acid.®® It is rapidly
oxidized by both H* ion and by air, as can be seen from the potential

In®t+2e=In* E°=—0425V

and is also unstable to disproportionation:
In'+2In°® = 3In! log K= —8.4.

Solutions of In! in acetonitrile are considerably more stable;%° thus the
situation is comparable to that for the copper(l) ion in the same two solvents
(Section 25-H-2). There is no direct evidence for In' but it is believed to be
a transitory intermediate in reductions, e.g., of Fe3* by In*.

There are a number of solid indium halides, including monohalides and
58 C. A. Evans and M. J. Taylor, Chem. Comm., 1969, 1201.

59 R, S. Taylor and A. G. Sykes, J. Chem. Soc., A, 1969, 2419; 1971, 1628.
60 1, B. Headridge and D. Pletcher, Inorg. Nuclear Chem. Letters, 1967, 3, 475.
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InF,. The best known is the chloride system obtained by dissolving indium
in fused InCl;.%! InCl, appears to be like GaCl, and to be In*InCly,
whereas In,Cl, is Iny[In""'Clg]; others are In,Cl, and In,Cl,. Molten In,Cl,
is red and some sort of metal cluster is likely (cf, Bi*, Chapter 13).

9-13. Thallium(1)

With thallium, the unipositive state is quite stable. In aqueous solution it is
distinctly more stable than TI™!:

T3+ +2e =TI+ °=+125V[E,= +0.77, IM HCl; + 1.26, 1M HCIO,]

The thallous jon is not very sensitive to PH, although the thallic ion is
extensively hydrolyzed to TIOH2* and the colloidal oxide even at pH 1-2.5;
the redox potential is hence very dependent on PH as well as on presence of
complexing anions. Thus, as indicated by the above potentials, the presence
of CI” stabilizes TI** more (by formation of complexes) than T1* and the
potential is thereby lowered.,

The colorless thallous ion has a radius of 1.54 A, which can be compared
with those of K*, Rb* and Ag* (1.44, 1.58 and 1.27 A). In its chemistry
this ion resembles either the alkali or argentous ions; thus it may replace K *
in certain enzymes and has potential use as a probe for potassium.®? In
crystalline salts, the TI* jon is usually 6- or 8-coordinate. The yellow hydrox-
ide is thermally unstable, giving the black oxide, T1,0, at about 100°. The
latter and the hydroxide are readily soluble in water to give strongly basic
solutions that absorb carbon dioxide from the air; TIOH is a weaker base
B -—than KOH;-however. Many-thallous salts"have solubilities somewhat lower
than those of the corresponding alkali salts, but otherwise are similar to and
quite often isomorphous with them. Examples of such salts are the cyanide,
nitrate, carbonate, sulfate, phosphates, perchlorate and alums. Thallous
solutions are exceedingly poisonous®® and in traces cause loss of hair.

Thallous sulfate, nitrate and acetate are moderately soluble in water,
but—except for the very soluble TIF—the halides are sparingly soluble.®*
The chromate and the black sulfide, T1,S, which can be precipitated by
hydrogen sulfide from weakly acid solutions, are also insoluble. Thallous
chloride also resembles silver chloride in being photosensitive, darkening
on exposure to light. Incorporation of T1! halides into alkali halides gives rise
to new absorption and emission bands due to formation of complexes of the
type that exist also in solutions, most notably TIX7 and TIX3~; such
thallium-activated alkali halide crystals are used as phosphors, e.g., for

613, H. R, Clarke and R, E. Hester, Inorg. Chem., 1969, 8, 1113,

52 J. P, Manners, K. G. Moralleec and R. J. P, Williams, J. Inorg. Nuclear Chem., 1971,
33, 2085.

3 A, Christie, The Pale Horse, Collins, London, 1961,
%4 See A. D’Aprano and R, M. Fuoss, J. Amer. Chein, Soc., 1969, 90, 279; M. F. C. Ladd
and W, H. Lee, Trans. Faraday Soc., 1970, 66, 2767.
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scintillation radiation deiectors.
unlike silver chloride.

With the exception of those with halide, oxygen and sulfur ligands, T
gives rather few complexes. The dithiocarbamates, TI(S,CNR,), made from
aqueous T1,S0, and the sodium dithiocarbamates, are useful reagents for
the synthesis of other metal dithiocarbamates from the chlorides in organic
solvents, since the Tl dithiocarbamate is soluble while TICl is precipitated
on reaction. The structure of the n-propyl complex shows that it is polymeric
with [TIS,CNPr,], dimeric units linked by TI—S bonds.®®

The two isotopes, 2°3Tl and 2°°T1 (70.48%), both have nuclear spin, and
nmr signals are readily detected for thallium solutions or for solids. In
solution both T1' and TI' resonances are markedly dependent on concentra-
tion and on the nature of anions present; such data have shown that thallous
perchlorate is highly dissociated, but salts of weaker acids and TIOH have
been shown to form ion pairs in solution.

Electron-exchange reactions in the TI'-TI"" system have been intensively
studied and appear to be two-electron transfer processes; various TI™M com-
plexes participate under appropriate conditions.

The only known TI' organo compound is the polymeric TICsH,
precipitated on addition of aqueous TIOH to cyclopentadiene; InCsH; is
similar. In the gas phase these compounds consist of discrete molecules
having five-fold symmetry. The metal atoms lie over the centers of the rings
and are apparently bound by forces mainly of covalent nature. TIC H,
is a very useful reagent for the synthesis of other metal cyclopentadienyl
compounds (Chapter 23).

When oxygen, nitrogen and sulfur bound to organic groups is also bound
to TI!, the TI—X bond appears to be more covalent than the bond to

Fig. 9-5. Structure of tetrameric thallium methoxide.

65 D. Coucouvanis, Progr. Inorg. Chem., 1970, 11, 234
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alkali-metal ions in similar compounds.®® Thallium compounds tend to be
polymeric rather than ionic. Thus the acetylacetonate is a linear polymer
with 4-coordinate T1. The alkoxides, which are obtained by the reaction

4T1+4C,H;0H — (TIOC,Hy), +2H,

are liquids with the exception of the crystalline methoxide. All are tetramers
and the methoxide has a distorted cube structure (Fig. 9-5) with the TI and
O atoms at corners of regular tetrahedra of different size, so that oxygen is
4-coordinate. Vibrational studies indicate that there are weak direct TI.--T1
interactions in these molecules.®?

%6 A. G. Lee, J. Chem. Soc., A., 1971, 2007.
$7V. A. Maroni and T. G. Spiro, Inorg. Chem., 1968, 7, 193,
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Carbon

GENERAL REMARKS

There are more known compounds of carbon than of any other element
except hydrogen, most of them best regarded as organic chemicals.

The electronic structure of the carbon atom in its ground state is 15?2s*2p?,
with the two 2p electrons unpaired, following Hund’s rule. In order to
account for the normal four-covalence of carbon, we must consider that it
is promoted to a valence state based on the configuration 2s2p,2p,2p,. Theion
C** does not arise in any normal chemical process; the C*~ ion may possibly
exist in some carbides. In general, however, carbon forms covalent bonds,

Some cations, anions and radicals of moderate stability can occur, and
there is abundant evidence from the study of organic reaction mechanisms
for transient species of these types.

Carbonium ions* are of the type R*R?R*C™. The triphenylmethyl cation,
one of the earliest known, owes its stability primarily to the fact that the
positive charge is highly delocalized, as indicated by canonical structures of
the type 10-I(a—d). It behaves in some respects like other large univalent
cations (Cs*, R,N*, R,As™, etc.) and forms insoluble salts with large anions

ClaHs ClaHs + (I:sHs Cl:sHs

e O = O Oy =
| I

CeH; CeH; CeH; Y CH;

(10-Ia) (10-Ib) (10-Ic) (10-1d)

such as BF;, GaCl; . There is good evidence that the cation has a propeller-
like arrangement for the phenyl groups which are bound to the central atom
by coplanar sp® trigonal bonds.

Carbanions? are of the type R'R*R*C™ and generally have no permanent

1 G. A. Olah and P. von R. Schleyer, eds., Carbonium Ions, Vols. I and I, Wiley, 1968,
1969; D. Bethnell and V. Gold, Carbonium Ions, Academic Press, 1967.

2 D, J. Cram, Fundamentals of Carbanion Chemistry, Academic Press, 1965; M. Szwarc,
Carbanions, Living Polymers and Electron Transfer Processes, Wiley-Interscience,
1968; U. Schollkopf, Angew. Chem. Internat. Edn., 1970,9 763.
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existence, except in cases where the negative charge can be effectively delo-
calized. The triphenylmethyl carbanion (10-11) is a good example, as is also
the cyclopentadienyl anjon (10-III). In fact, since the negative charge in the
latter case is equally delocalized on all the carbon atoms, the anion is a
regular planar pentagon and the n-electron density distribution can be well
represented by (10-IV).

C|:6H5 ClsHs _ C¢H; CH,
Co — —@:C — @:(Ij «— @:(lj etc.
(|36H5 (|26H5 (|36H5 - ésﬂs
(10-1Ia) (10-1Ib) (10-11¢) (10-11d)
H H H
HCPON, o HE SN
| CH<~—> || CH<+—— | CH etc.
HG o HC. ./ HC\ ./
H H H
(10I11-a) (10-111b) (10-1II¢c) (10-1V)

Some stable carbanions,?® isolable in crystalline salts, are (10-Va, b, ¢);
these all have a planar set of bonds to the central carbon atom.

(@ R = —CN
C- (b) R = —C(CN),
R/ \R © R=-NO,

(10-v)

There are also a number of radicals that are fairly long-lived, such as the

triphenylmethyl radical. Here again the stability is due mainly to delocali-
zation—in this case of the odd electron—in a set of structures like those of
(CeHs);C™ with the odd electron in place of the electron pair.

Methyl radicals and substituted methyl radicals are often important reac-
tion intermediates. Present indications are that CHj; is planar, while CF,,
CCl; and CBry are pyramidal.4

Divalent Carbon Compounds. There are a number of :CRR’ species, gen-
erally called carbenes, which play a role in many reactions even though they
are short-lived.> A general means of generating carbenes is by photolysis of
diazoalkanes; this is done in the presence of the substrate with which the
carbene is intended to react, such as an olefin:

&
hy ) o 2L« /\
R,CN, —*— N, + R,C: -2C=¢<, >C-C<
Carbenes so generated are, however, very energetic and their reactions are

3 P. Anderson, B. Klewe and E. Thom, Acta Chem. Scand., 1967, 21, 1530; D. A, Bekoe,
P. K. Gantzel and K. N. Trueblood, Acta Cryst., 1967, 22, 657.

4 J. H. Current and J. K. Burdett, J. Phys. Chem., 1969, 73, 3505,

5 T. L. Gilchrist and C. W. Rees, Carbenes, Nitrenes and Arynes, Thomas Nelson and
Sons, 1969; W. Kirmse, Carbene Chemistry, 2nd cd., Academic Press, 1971.
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often, indiscriminate. Other methods of generating carbenes are therefore
used for practical synthetic purposes but, in many if not all of these, truly
free carbenes may never be formed. Thus carbenes, especially halocarbenes,
may be conveniently generated from organomercury compounds,’ ther-

mally or by action of sodium iodide, e.g.,
v

win, ©
PhHgCF, + Nal + >C=C< 2o (I:>CF2 + PhHgl + NaF
A

The structures and ground states of carbenes are difficult to establish with
certainty. Experimental data and calculations indicate that most carbenes
have bent structures with two unpaired electrons, with the exceptions of
dihalocarbenes and those with O, N or S attached to the divalent carbon.
These exceptional compounds probably have no unpaired electrons.

It may be noted that SiF, and other Group IV MX, compounds (Chap-
ter 11) can be considered to have carbene-like behavior.

Carbene complexes of transition metals are discussed in Chapter 23.

Catenation. A key feature of carbon chemistry is the formation of chains
or rings of C atoms, not only with single but also with multiple bonds
(10-VI, VII, VIII). Clearly an element must have a valence at least two and
must form strong bonds with itself to do this. Sulfur and silicon are the ele-
ments next most inclined to catenation but are far inferior to carbon in this

respect.
R—(C=C—)R R—(C=C—)R ©

(10-VD) (10-VID) (10-VIID)

The unusual stability of catenated carbon compounds, compared with
those of Si and S, can be appreciated by considering the bond-energy data
shown in Table 10-1. Thus the simple thermal stability of C—C—C..- chains

TABLE 10-1
Some Bond Energies Involving Carbon, Silicon and Sulfur

Bond Energy (kJmol™%) Bond Energy (kJmol™1)
Cc—C 356 C—O 336
Si—Si 226 Si—O 368

S—S 226 S—O ~330

is high because of the intrinsic strength of C—C bonds. The relative stabili-
ties toward oxidation follow from the fact that C—C and C—O bonds are of
comparable stability, whereas for Si, and probably also for S, the bond to
oxygen is considerably stronger. Thus, given the necessary activation energy,
compounds with a number of Si—Si links are converted very exothermically
into compounds with Si—O bonds.

6 D. Seyferth et al., J. Amer. Chem. Soc., 1969, 91, 6536; J. Organometal. Chem., 1971,
33, Cl.
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THE ELEMENTS

Naturally occurring carbon has the isotopic composition *2C 98.89%,
13C 1.11%. Only *C has nuclear spin (S = 1), which provides a useful means
of probing the structure and bonding in carbon compounds. The nmr
measurements are considerably more difficult than are those for 'H, partly
because '*C generally relaxes slowly so that only low power levels may be
used and partly because the abundance is low unless '3C-enriched samples
are used.

The radioisotope '*C (8™, 5570 y), which is widely used as a tracer, is made
by thermal neutron irradiation of lithium or aluminum nitride, '*N(n, p)**C.
It is available not only as CO, or carbonates but also in numerous labeled
organic compounds. Its formation in the atmosphere and absorption of CO,
by living organisms provide the basis of radiocarbon dating.

10-1. Allotropy of Carbon: Diamond; Graphite

The two best-known forms of carbon, diamond and graphite, differ in their
physical and chemical properties because of differences in the arrangement
and bonding of the atoms. Diamond is denser than graphite (diamond
3.51 gem™3; graphite 2.22 gem™3), but graphite is the more stable, by
2.9kJImol™! at 300°K and 1 atm pressure. From the densities it follows
that in order to transform graphite into diamond, pressure must be applied,
and from the known thermodynamic properties of the two allotropes it can
be estimated that they would be in equilibrium at 300°K under a pressure of
~ 15,000 atm. Of course, equilibrium is attained extremely slowly at this

~——temperature;~and it is this which allows the diamond structure to persist

under ordinary conditions.

The energy required to vaporize graphite to a monoatomic gas is an impor-
tant quantity, since it enters into the estimation of the energies of all bonds
involving carbon. It is not easy to measure directly because, even at very high
temperatures, the vapor contains appreciable fractions of C,, C;, etc. Spec-
troscopic studies established that the value had to be either ~ 520, ~ 574, or
716.9 kI mol™*, depending on the actual nature of the process measured
spectroscopically. The composition of vapors has been determined mass-
spectrographically with sufficient accuracy to show that the low values are
unacceptable, hence it is now certain that the exact value js 716.9 k) mol~*!
at 300°K. In using older tables of bond energies, attention should be paid
to what value was used for the heat of sublimation of graphite.

Diamond.” The diamond is one of the hardest solids known. This and the
higher density are explicable in terms of the structure, which has been dis-
cussed in Section 2-4 and is shown in Fig. 2-8 (page 64).

Diamonds can be produced from graphite only by the action of high
pressure. Furthermore, in order to get an appreciable rate of conversion,

7 S. Tolansky, History and Uses of Diamond, Methuen, 1962.
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Fig. 10-1. Carbon phase diagram. Shaded area is the most favorable for catalyzed

graphite-diamond conversion. [Adapted from F. P. Bundy, J. Chem. Phys., 1963, 38,
618, 631.]

high temperatures are necessary. Naturally occurring diamonds must have
been formed when such conditions were provided by geological processes.
Since at least 1880 recognition of these requirements has led many workers
to attempt the production of synthetic diamonds. Until 1955 all such attempts
ended in failure, inadequately proved claims, and even in a bogus report of
success. Modern knowledge of the thermodynamics of the process indicates
that none of the conditions of temperature and pressure reported could have
been sufficient for success.

The present knowledge, some of it tentative, of the phase diagram for
carbon is summarized in Fig. 10-1. Although graphite can be directly con-
verted into diamond at temperatures of ca. 3000°K and pressures above
125 kbar, in order to obtain useful rates of conversion, a transition-metal
catalyst such as Cr, Fe or Pt is used. It appears that a thin film of molten
metal forms on the graphite, dissolving some and reprecipitating it as dia-
mond, which is less soluble. Diamonds up to 0.1 carat of high industrial
quality can be routinely produced at competitive prices. Some gem quality
diamonds have also been made but the cost, so far, has been prohibitive of
commercial development. Under certain conditions of temperature and pres-
sure a hexagonal form of diamond (the normal is cubic) with a density of
3.33 can be formed;® this form evidently occurs in some meteorites, but its
thermodynamic stability is not known.

8 F. P, Bundy and J. S. Kasper, J. Chem. Phys., 1967, 46, 3437.
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The chemical reactivity of diamond is much lower than that of carbon in
the form of macrocrystalline graphite or the various amorphous forms.
Diamond can be made to burn in air by heating it to 600-800°C.,

Graphite. Graphite has a layer structure as indicated in Fig. 10-2. The
separation of the layers is 3.35 A, which is about equal to the sum of van
der Waals radii and indicates that the forces between layers should be
relatively slight. Thus the observed softness and particularly the lubricity
of graphite can be attributed to the easy slippage of these layers over one
another. It will be noted that within each layer each carbon atom is sur-
rounded by only three others. After forming one ¢ bond with each neighbor,
each carbon atom would still have one electron and these are paired up into
a system of 7 bonds (10-IX). Resonance with othef structures having differ-
ent but equivalent arrangements of the double bonds makes all C—C
distances equal at 1.415 A. This is a little longer than the C—C distance in
benzene, where the bond order is 1.5, and agrees with the assumption that
the bond order in graphite is ~1.33,

Actually two modifications of graphite exist, differing in the ordering of
“the Jayers. In no case do all the carbon atoms of one layer lie directly over
those in the next layer, but, in the structure shown in Fig. 10-2, carbon atoms
in every other layer are superposed. This type of stacking, which may be
designated (ABAB...), is apparently the most stable and exists in the com-
monly occurring hexagonal form of graphite. There is also a rhombic form,

14154

Fig. 10-2. The normal structure of graphite.
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frequently present in naturally occurring graphite, in which the stacking order
is (ABCABC.. .); that is, every third layer is superposed. It seems that local
areas of rhombic structure can be formed by mechanical deformation of
hexagonal crystals and can be removed by heat treatment.

The many forms of so-called amorphous carbon, such as charcoals, soot,
and lampblack, are all actually microcrystalline forms of graphite. In some
soots the microcrystals are so small that they contain only a few unit cells of
the graphite structure. The physical properties of such materials are mainly
determined by the nature and magnitude of their surface areas. The finely
divided forms, which present relatively vast surfaces with only partially
saturated attractive forces, readily absorb large amounts of gases and solutes
from solution.® Active carbons impregnated with palladium, platinum,
or other metal salts are widely used as industrial catalysts.

An important aspect of graphite technology is the production of very
strong fibers by pyrolysis, at 1500°C or above, of orientated organic polymer
fibers, ¢.g., those of polyacrylonitrile, polyacrylate esters, or cellulose. When
incorporated into plastics the reinforced materials are light and of great
strength. Other forms of graphite such as foams, foils, or whiskers can also
be made.'®

10-2. Lamellar Compounds of Graphite'*

The very loose, layered structure of graphite makes it possible for many
molecules and ions to penetrate between the layers, forming interstitial or
lamellar compounds. There are two basic types: those in which the graphite,
which has good electrical conductivity, becomes non-conducting and those in
which high electrical conductivity remains and is enhanced. Only two sub-
stances of the first type are known, namely, graphite oxide and graphite
fiuoride. Graphite oxide is obtained by treating graphite with strong aqueous
oxidizing agents such as fuming nitric acid or potassium permanganate.
Its composition is not entirely fixed and reproducible, but approximates to
C,0 with a little hydrogen always present; the layer separation increases
to 6-7 A and it is believed that the oxygen atoms are present in C—0—C
bridges across meta-positions, and in keto and enol groups, the latter being
fairly acidic; the graphite layers thus lose their unsaturated character and
buckle.

Graphite fluoride, also called poly (carbon monofluoride), is obtained by
direct fluorination®? of graphite at a temperature of ~600°. When lower
temperatures are used, grey or black materials deficient in fluorine are
9 M. Smisek and S. Cerny, Active Carbon, Elsevier, 1970.

10 L. R. Creight, H. W. Rauch and W. H. Sutton, Ceramic and Graphite Fibers and

Whisker, Academic Press, 1965; O. Vohler et al., Angew. Chem. Internat. Edn., 1970,

9, 414; J.E. Bailey and A.J. Clarke, Chem. in Britain, 1970, 484,

11 R, C. Croft, Quart. Rev., 1960, 14, 1; W. Rudorff, Angew. Chem. Intern. Edn., 1963, 2,

67; Adv. Inorg. Chem. Radiochem., 1959, 1, 224; G. R. Hennig, Progr. Inorg. Chem.,

1959, 1,125; Y. N. Novitov and M. E. Vol’pin, Uspekhi Khim., 1971, 40, 1568.
12§, L. Wood et al., J. Phys. Chem., 1969, 73, 3139.
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obtained, but under proper conditions white, stoichiometric (CF), can be
reproducibly obtained. Actually, with the usual small particles of graphite
(102—10* A), the formation of CF 2 groups at the edges of layers leads to a
stoichiometry around CF, ,,. The layer spacing is ~8 A and the layers are
most likely buckled. (CF), has lubricating properties like those of graphite,
but it is superior in resisting oxidation by air up to at least 700°,

In the electrically conducting lamellar compounds, various atoms, mole-
cules, and ions are inserted or intercalated between the carbon sheets. A large
number of the compounds are formed spontaneously when graphite and the
reactant are brought into contact. Thus the heavier alkali-metals K, Rb and
Cs, the halogens Cl, and Br,, and a great variety of halides, oxides and
sulfides of metals, for example, FeCl,, UCl,, FeS, and MoO;, form
lamellar compounds spontaneously. A smaller group of compounds is formed
by electrolysis of the reactant using a graphite anode, for example, with
sulfuric acid. The manner in which the invading reactant species increase
the conductivity of the graphite is not definitely settled, but apparently they

do so by either adding electrons to, or removing electrons from, the
conduction levels of graphite itself,

CARBIDES

The term carbide'® is applied to those compounds in which carbon is
combined with elements of lower or about equal electronegativity. Thus
compounds with oxygen, sulfur, phosphorus, nitrogen, halogens, etc., are not
considered in this category, and by convention neither are those with hydro-
_gen. The reasonableness of this division will-become-apparent below. There -

are usually considered to be three types of carbide: (1) the salt-like car-
bides, formed chiefly by the elements of Groups I, II and III; (2) the inter-
stitial carbides formed by most transition metals, especially those in Groups
IV, V and VI, and (2a) a borderline type formed by a few of the transition
metals with small atomic radii; and (3) covalent carbides, SiC and B,C.

The general preparative methods for carbides of all three types include:
(@) direct union of the elements at high temperature (2200° and above);
() heating a compound of the metal, particularly the oxide, with carbon; and
(¢) heating the metal in the vapor of a suitable hydrocarbon, Carbides of Cu,
Ag, Au, Zn and Cd, also commonly called acetylides, are prepared by pass-
ing acetylene into solutions of the metal salts; with Cu, Ag and Au, ammon-
iacal solutions of salts of the unipositive ions are used to obtain Cu,C,,
Ag,C, and Au,C, (uncertain), whereas, for Zn and Cd, the acetylides ZnC,
and CdC, are obtained by passing acetylene into petroleum solutions of
dialkyl compounds. The Cu and Ag acetylides are explosive, being sensitive
to both heat and mechanical shock.

1. Salt-like carbides. The most electropositive metals form carbides
having physical and chemical properties indicating that they are essentially
** 'W. A. Frad, 4dv. Inorg. Chem. Radiochem., 1968, 11, 153 (a general review),
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jonic. They form colorless, transparent crystals and are decomposed by water
and/or dilute acids at ordinary temperatures. The liberated anions are also
immediately hydrolyzed, and hydrocarbons are thus evolved. There are ionic
carbides containing C*~ and C}~ ions and one which, it has been inferred,
contains C3~ ions.

Carbides containing C*~ ions evolve methane on hydrolysis and can be
called methanides. Be,C and Al,C; are of this type. Thus the hydrolysis of
the latter may be written

Al,C;+12H,0 — 4AI(OH); +3CH,

The structure of Be,C is rather simple, being the antifluorite structure (see
Fig. 2-3, page 51). The structure of Al,C, is complicated ; the details need not
concern us except insofar as it is found that the carbon atoms occur singly.

There are a great many carbides that contain C3~ ions, or anions that can
be so written to a first approximation. For the M} C, compounds, where Mm!
may be one of the alkali metals or one of the coinage metals, and for the
MUC, compounds where M may be an alkaline-earth metal, Zn or Cd, and
for MU(C,), compounds in which M™ is Al, La, Pr or Tb, this description
is probably a very good approximation. In these cases, the postulation of
C2- ions requires that the metal jons be in their normal oxidation states.
In those instances where accurate structural parameters are known, the
C—C distances lie in the range 1.19-1.24 A. The compounds react with
water and the C2~ ions are hydrolyzed to give acetylene only, e.g.,

Ca?*C%-+2H,0 — HCCH+ Ca(OH),

There are, however, a number of carbides that have the same structures as
those discussed above, meaning that the carbon atoms occur in discrete
pairs, but that cannot be satisfactorily described as C3~ compounds. These
include YC,, TbC,, YbC,, LuC,, UC,, Ce,C;, Pr,C; and Tb,C;. For
all the MC, compounds in this list, neutron-scattering experiments show
that (@) the metal atoms are essentially trivalent and (b) the C—C distances
are 1.28-1.30 A for the lanthanide compounds and 1.34 A for UC,. These
facts and other details of the structures are consistent with the view that the
metal atoms lose not only the electrons necessary to produce C3~ ions
(which would make them M2* jons) but also a third electron, mainly to the
antibonding orbitals of the C3~ groups, thus lengthening the C—C bonds
(cf. C—C=1.19 A in CaC,). There are actually other, more delocalized,
interactions among the cations and anions in these compounds since they
have metallic properties. The M,C; compounds have the metals in their tri-
valent states, C—C distances of 1.24-1.28 A and also direct metal-metal
interactions. These carbides, which cannot be represented simply as aggre-
gates of C3~ ions and metal atoms in their normal oxidation states, are
hydrolyzed by water to give only 50-70% of HCCH, while C,H,, CH, and
H, are also produced. There is no detailed understanding of these hydrolytic
processes.

Most of the MC, acetylides have the CaC, structure in which the [C—C]*~
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(a) (b)
Fig. 10-3. The CaC; (a) and ThC, (b) structures (the latter is somewhat simplified here).

ions lie lengthwise in the same direction along the cell axes, thus causing a
distortion from cubic symmetry to tetragonal symmetry with one axis longer
than the other two. In thorium carbide, the C3™ ions are lying flat in parallel
planes in such a way that two axes are equally lengthened with respect to the
third. These structures are shown in Fig. 10-3. Li,C, has a structure similar
to that of CaC,.

2. Interstitial carbides.** 1In interstitial carbides, carbon atoms occupy
the octahedral holes in close-packed arrays of metal atoms. The charac-
teristics of interstitial carbides, namely, very high melting points (3000~
4800°), great hardness (7-10, mostly 9-10, on Mohs’ scale), and metallic
electrical conductivity, are thus easily explainable. The electron band struc-
ture and other characteristic properties of the pure metal are not funda-
mentally altered by insertion of the carbon atoms into some of the interstices
of the metal lattice; at the same time, the carbon atoms further stabilize the

" lattice, thus increasing hardness and raising the melting point. The ability

of the carbon atoms to enter the interstices without appreciably distorting
the metal structure requires that the interstices, and hence the metal atoms,
be relatively large, and it can be estimated that a metal atom radius of ~1.3A
or greater is required. An example of a carbon atom in an isolated octa-
hedron of metal atoms is afforded by RugC(CO), 4(mesitylene).'* The carbon-
to-metal bonding must be formulated in terms of MO’s.

The metals Cr, Mn, Fe, Co and Ni have radij somewhat smaller than
1.3 A and therefore they do not form typical interstitial carbides. Instead,
the metal lattices are appreciably distorted and the carbon atoms interact
directly with one another. The structures can be roughly described as having
carbon chains (with C—C distances ~1.65 A) running through very distorted
metal lattices. The carbides Cr,C, and M;C (M = Mn, Fe, Co or Ni) are
rather easily hydrolyzed by water and dilute acids, to give a variety of hydro-
carbons (even liquid and solid ones and, in the case of Fe;C, free carbon) and
hydrogen. They are thus transitional between the typical ionic and interstitial
carbides.

14 1. K. Storms, The Refractory Carbides, Academic Press, 1967.
15 R. Mason and W. R. Robinson, Chem. Conm., 1968, 468.
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3. Covalent caroiaes. Although other carbides, for example, Be,C, are

es, for example, Be,C, are
at least partially covalent, the two elements which approach carbon closely
in size and electronegativity, namely, Si and B, give completely covalent
compounds. Silicon carbide, SiC, technically known as carborundum, is an
extremely hard, infusible, and chemically stable material made by reducing
Si0, with carbon in an electric furnace. It occurs in three structural modifi-
cations, in all of which there are infinite three-dimensional arrays of Si and
C atoms, each tetrahedrally surrounded by four of the other kind. Inter-
estingly, no evidence has ever been obtained for a germanium carbide of
this or any other type.

Boron carbide, B,C, is also an extremely hard, infusible, and inert sub-
stance, made by reduction of B,O3 with carbon in an electric furnace, and
has a very unusual structure. The carbon atoms occur in linear chains of
three, and the boron atoms in icosahedral groups of twelve (as in crystalline
boron itself). These two units are then packed together in a sodium chloride-
like array. There are, of course, covalent bonds between carbon atoms and
boron atoms as well as between boron atoms in different icosahedra.

SIMPLE MOLECULAR COMPOUNDS

Some of the more important inorganic carbon compounds and their
properties are listed in Table 10-2.

10-3. Carbon Halides

Carbon tetrafluoride is an extraordinarily stable compound. 1t is the end
product in the fluorination of any carbon-containing compound. A useful
laboratory preparation, for example, involves the fluorination of silicon
carbide. The SiF, also formed is removed easily by passing the mixture
through 20% NaOH solution. The CF, is unaffected, whereas the SiF, is
immediately hydrolyzed; the difference is due to the fact that, in CF,, carbon
is coordinately saturated whereas silicon in SiF, has 3d orbitals available for
coordination of OH ™ ions in the first step of the hydrolysis reaction.

Carbon tetrachloride is a common solvent; it is fairly readily photochem-
ically decomposed and also quite often readily transfers chloride ion to
various substrates, CCl, radicals often being formed simultaneously at high
temperatures (300-500°). It is often used to convert oxides into chlorides.
Although it is thermodynamically unstable with respect to hydrolysis, the
absence of acceptor orbitals on carbon makes attack very difficult.

Carbon tetrabromide is a pale yellow solid at room temperature. It is
insoluble in water and other polar solvents but soluble in some non-polar
solvents such as benzene.

Carbon tetraiodide is a bright-red crystalline material possessing an odor
like that of iodine. Both heat and light cause decomposition to iodine and
tetraiodoethylene. The tetraiodide is insoluble in water and alcohol, though
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TABLE 10-2
Some Simple Compounds of Carbon

Compound M.p. (°C) B.p. (°O) Remarks

CF, —185 —128 Very stable

CCl, —-23 76 Moderately stable

CBr, 93 190 Decomposes slightly on boiling

Cl, 171 — Decomposes before boiling; can be
sublimed under low pressure

COF, —114 —83 Easily decomposed by H,0

COcCl, —118 8 “Phosgene”; highly toxic

COBr, — 65 Fumes in air; COBr, + H,0—CO, +2HBr

CO(NH,), 132 — Isomerized by heat to NH,*NCO-

CcO —205 —190 Odorless and toxic

CO, —57 -79

(5.2 atm)

C;0, — 7 Evil-smelling gas

COS —138 - 50 Flammable; slowly decomposed by H,O

CS, - 109 46 Flammable and toxic

(CN), -28 —21 Very toxic; colorless; water-soluble

HCN —13.4 25.6 Very toxic; high dielectric constant (116 at

20°) for the associated liquid

attacked by both at elevated temperatures, and soluble in benzene, It may be
prepared by the reaction:

CCla+4C,HI -2, €1, +4C,H,Cl
The increasing instability, both thermal and photochemical, of the carbon

tetrahalides with increasing weight of the halogen correlates with a steady
decrease in the C—X bond energies:

C—F 485; C—CI.327; C—Br285 ; C—I213 XJmot—!

The carbonyl halides, COX, (X =F, Cl and Br), are all hydrolytically
unstable substances. Mixed carbonyl halides such as COCIBr are also known.
The compound CO(NH,), is urea. In the molecular structures of both urea
and COCl, the C—O bond length is somewhat longer than the expected
value for a C=0 double bond, whereas the N—C and CI—C distances are
somewhat shorter than expected for single bonds. These facts lead to the
conclusion that these molecules may be viewed as resonance hybrids (10-X).

X X X
. N e .
/C=Q <> \'C—-Q: <> \/\C——Q:
X X x”
(10-X)

10-4. Carbon Oxides

There arc five stable oxides of carbon: CO, CO,, C,;0,, C;s0, and
C;,0,. The last is the anhydride of mellitic acid (10-XI) and will not be
discussed, nor will unstable oxides such as C,0, C,0,'% and CO,.17

16 R. F. Peterson and R. L. Wolfgang, Chem. Comm., 1968, 1201.
17 K. V. Krishnamurthy, J. Chen. Educ., 1967, 44, 594,
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Carbon monoxide'® is formed when carbon is burned with a deficiency of
oxygen. At all temperatures, the following equilibrium exists, but it is not
rapidly attained at ordinary temperatures:

2CO(g) = C(s)+CO2(g)
The reaction C+H,0 = CO+H,

is important commercially, the equimolar mixture of CO and H, being called
water gas. A convenient laboratory preparation of CO is by the action of
concentrated sulfuric acid on formic acid:

HCOOH —22, CO

Although CO is an exceedingly weak Lewis base, one of its most important
properties is the ability to act as a donor ligand toward transition metals,
giving metal carbonyls. For example, nickel metal reacts with CO to form
Ni(CO),, and iron reacts under more forcing conditions to give Fe(CO)s;
many other carbonyl complexes are also known. The ability of CO to form
bonds to transition-metal atoms is discussed in detail in Chapter 22, and
catalytic reactions whereby CO is incorporated into organic compounds are
discussed in Chapters 23 and 24.

CO reacts with alkali metals in liquid ammonia to give the so-called
alkali-metal “carbonyls”; these white solids contain the [OCCOJ*~ ion.

Carbon dioxide is obtained by combustion of carbon in the presence of an
excess of oxygen or by treating carbonates with dilute acids. Its important
properties should already be familiar. It undergoes a number of “insertion”
reactions (Section 24-A-3) similar to those of CS, noted below, and a few
complexes with transition metals are known.

Carbon suboxide, C30,, an evil-smelling gas, is a relatively uncommon
substance that is formed by dehydrating malonic acid with P,O5 in a vacuum
at 140-150°. The C,0, molecule is probably linear with bond distances
C—C 1.30 A (theoretical for C=C 1.33) and C—O0, 1.20 A (theoretical for
C=0 1.22). Linearity of the molecule and the observed bond lengths may be
attributed to resonance among the canonical structures (10-XII). Although
indefinitely stable at —78°, C50, polymerizes at room temperature and

0 C e CeC—0 <3 O=C—C=C—0 ¢» 6—C=C—C=0
(10-X11)

18 Carbon Monoxide: A Bibliography with Abstracts, PHS No. 1503, U.S. Govt. Printing
Office, Washington D.C., 1966.



296 CHEMISTRY OF NONTRANSITION ELEMENTS

above to give yellow to violet materials. Photolysis of C;0, gives C,0, which
will react with various molecules, e.g.,

C20+CH,=CH,; — CH,=—C=CH, +CO

The existence of a higher oxide, C50,, is uncertain. Note that if resonance
of the above type is an important stabilizing factor, then oxides of the type
C,0, would be expected only for # odd, so that C50, would be theoretically
possible, whereas C,0, and C,0,, which are unknown, would not.

There also exist aromatic anions such as C,03~, Cs02~ and Cs0%7, all
having planar carbon rings.!®

Carbonic Acids. Carbon monoxide is formally the anhydride of formic
acid, but its solubility in water and bases is slight. When heated with alkalis,
however, it reacts to give the corresponding formate. C;0, is the anhydride
of malonic acid. It combines very vigorously with water to produce the acid
and with ammonia and amines to produce malondiamides.

C30,+2H,0 — HOOCCH,COOH
C;0,+2NHR,; — R,NCOCH,CONR,

Carbon dioxide is the anhydride of the most important simple acid of carbon,
“carbonic acid.”?° For many purposes, the following acid dissociation
constants are given for aqueous “carbonic acid”:
[H*][HCO3)
[H,CO;]

[H*][CO3-] _ 11

=4.16x10"7

__The equilibrium ,quotienijnJ;heJirstfequationfabeveﬂ'smeﬁeally ‘correct:
It assumes that all CO, dissolved and undissociated is present as H,CO,,
which is not true. In actual fact, the greater part of the dissolved CO, is
only loosely hydrated, so that the correct first dissociation constant, using
the “true” activity of H,CO,, has a value of about 2 x 1074, a value more
nearly in agreement with expectation for an acid with the structure (HO),CO.

The rate at which CO, comes into equilibrium with H,CO; and its dissoc-
iation products when passed into water is measurably slow, and this indeed
is what has made possible an analytical distinction between H,CO; and the
loosely hydrated CO,(aq). This slowness is of great importance physiolog-
ically and in biological, analytical and industrial chemistry.

The slow reaction can easily be demonstrated by addition of a saturated
aqueous solution of CO, on the one hand and of dilute acetic acid on the
other to solutions of dilute NaOH containing phenolphthalein indicator. The
acetic acid neutralization is instantaneous whereas with the CO; neutrali-
zation it takes several seconds for the color to fade.

19 G. Maahs and P. Hegenberg, Angew. Chem. Internat. Edn., 1966, 5, 888; R. T. Bailey,
Chem. Comm., 1970, 322,

20 D. M. Kern, J. Chem. Educ., 1960, 37, 14; M. J. Welch et al., J. Phys. Chem., 1969, 73,
3551.
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The neutralization of CO, occurs by two paths. For pH <8 the principal
mechanism is direct hydration of CO,:
CO,+H,0 = H,CO; (slow) (10-1)
H,CO;+OH~ = HCO3; +H,0 (instantaneous)

The rate law is pseudo-first order,

—d(COL)/dt = kco,(CO2); kco, = 0.03 sec™!
At pH> 10, the predominant reaction is direct reaction of CO, and OH™:
CO,+O0OH~ = HCO3 (slow) (10-2)
HCO3 +OH~ = CO3~ +H;0 (instantaneous)

where the rate law is
—d(CO,)/dt = kon(OH~XCO2); kon~ = 8500 sec™! (mol/)~1!
This can be interpreted, of course, merely as the base catalysis of (10-1).
In the pH range 8-10 both mechanisms are important. For each hydration
reaction (10-1, 10-2) there is a corresponding dehydration reaction:
H,COs = Hy0+CO;  Kugcos = kcoy X K = 20 sec™?
HCO; — CO,+OH~ kucos = kon- X KK, /K, =2x10"* sec™!

Hence for the equilibrium
H,CO,; = CO.+H,0 (10-3)
K = (CO,)/(H,CO3) = kiu,coalkco, = ca. 600
It follows from (10-3) that the true ionization constant of H,CO3, K, is
greater than the apparent constant as noted above.

An etherate of H,COj, is obtained by interaction of HCl with Na,CO; at
low temperatures in dimethyl ether. The resultant white crystalline solid,
m.p. —47°, which decomposes at about 5°, is probably OC(OH), - O(CHs,), .

Carbamic acid, O0=C(OH)NH,, can be regarded as derived from carbonic
acid by substitution of —NH, for —OH. This is only one example of the
existence of compounds that are related in this way; —NH; and —OH are
isoelectronic and virtually isosteric and frequently give rise to isostructural
compounds. If the second OH in carbonic acid is replaced by NH,, we have
urea. Carbamic acid is not known in the free state, but many salts are known,
all of which, however, are unstable to water, because of hydrolysis:

H,NCO; +H,0 — NH} +C03%-

10-5. Compounds with C—N Bonds; Cyanides and Related Compounds

An important area of “inorganic” carbon chemistry is that of compounds
with C—N bonds. The most important species are the cyanide, cyanate, and
thiocyanate ions and their derivatives. We can regard many of these com-
pounds as being pseudo-halogens or pseudo-halides, but the analogies,
although reasonably apt for cyanogen, (CN),, are not especially valid in
other cases.

1. Cyanogen®* This flammable gas (Table 10-2) is stable despite the
21 T, K, Brotherton and J. W. Lynn, Chem. Rev., 1959, 59, 841; H. E. Williams, Cyanogen

Compounds, 2nd edn., Arnold, 1948 (describes most CN compounds including cyanides);

G. J. Jantz, Cyanogen and Cyanogen-like Compounds as Dienophiles in 1,4-Cyclo-
addition Reactions, J. Hamer, ed., Academic Press, 1967.
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fact that it is unusudlly endothermic (AHfSy = 297 kJ mol™1), It can be
obtained by direct oxidation of HCN in the gas phase by air over a silver
catalyst, by Cl, over activated carbon or silica, or by NO, over calcium
oxide-glass; the last reaction allows the NO produced to be recycled:

2HCN+NO; - (CN), +NO+H,0
Cyanogen can also be obtained from the cyanide ion by aqueous oxidation
using Cu®* (cf. the Cu?* —I~ reaction):

Cu?*+2CN-~ — CuCN +4#(CN),

or acidified peroxodisulfate. A better procedure for dry (CN), employs the

reaction: Hg(CN), + HgCl, — Hg,Cl, +(CN),.

This reaction also gives some paracyanogen, (CN),. Although pure (CN), is
stable, the impure gas may polymerize at 300-500°. The solid polymer reverts
to (CN), at 800-850° but decomposes above this temperature. The structure
of (CN), has been inferred from infrared spectroscopy to be (10-XIII).
Cyanogen is slowly hydrolyzed by water, in part giving (11-XIV), which
indicates that the order of atoms must be NCCN. This is fully confirmed
by structural studies, which show the molecule to be symmetrical and linear
NG NAZTIN /N
\f # <(3l: g > HN—C—C—NH,
SNTSNTTINTTSNT

(10-XTIT) (10-X1IV)

with C—C =1.37A and C—N =1.13 A. The C—C distance is only slightly
shorter than that expected (1.40) for a single bond between two carbon atoms.

using sp hybrid orbitals. The single canonical form :N=C—C=N: there-
fore provides a reasonably good description of the electronic structure.
Cyanogen dissociates into CN radicals, and, like RX and X, compounds, it
can oxidatively (Section 24-A-2) add to lower-valent metal atoms giving
dicyano complexes??, e.g.,

(Ph;P)4Pd+(CN), — (Ph3P),Pd(CN), +2Ph,P

A further resemblance to the halogens is the disproportionation in basic

solution: (CN); +20H- — CN- +0CN- +H,0

Thermodynamically this reaction can occur in acid solution but is rapid only
in base. Cyanogen has a large number of reactions, some of which are shown
in Fig. 10-4. A stoichiometric mixture of O, and (CN), burns producing
one of the hottest flames (ca. 5050 °K) known from a chemical reaction.

2. Hydrogen cyanide. HCN, like the hydrogen halides, is a covalent,
molecular substance, but capable of dissociation in aqueous solution. It is an
extremely poisonous (though less so than H,S), colorless gas and is evolved
when cyanides are treated with acids. It condenses at 25.6° to a liquid with
a very high dielectric constant (107 at 25°), Here, as in similar cases, such as

22 B, J. Argento et al., Chem. Comm., 1969, 1427,
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F,C—CF,°
2y ik s
N=N Il ol
NCCNH, o, HoNC—CNH,
thiocyanoform- dithio-oxamide
AgF, H,S amide (I:})
~110° Hll\ll lfl\JH
RNHC—CHNR
RNH dialkyloxamidines
H
CoHgOH, KCN R NH )
CH,CH,0CCN (CN), R NC—CN
athyl cyanoformimidate wmky[cycnoformcmidine
N, H,(aq)
24
HN HN NH
2 NH,OH(eq) o
H,NNHC — CNHNH,
Hj_ N\ oxaldiimidic acid dihydrazide
3\
N CCN HON NOH
e’ '
HN—C—C—NH,

§-cyanotetrazole  gyqidihydroxamide

Fig. 10-4. Some reactions of cyanogen. 2Other products may also be obtained by
fluorination, e.g., CF;N=NCF3;.

water, the high dielectric constant is due to association of intrinsically very
polar molecules by hydrogen bonding. Liquid HCN is unstable?? and can
polymerize violently in the absence of stabilizers: in aqueous solutions poly-
merization is induced by ultraviolet light.

Hydrogen cyanide is thought to have been one of the small molecules in
the earth’s primeval atmosphere and to have been an important source or
intermediate in the formation of biologically important chemicals.?* Among
the many polymerized products of HCN are: the trimer, aminomalono-
nitrile, HC(NH,)(CN), ; the tetramer, diaminomalononitrile; and polymers
of high molecular weight. Further, under pressure with traces of water and
ammonia, HCN pentamerizes to adenine, while HCN can also act as a con-
densing agent for amino acids to give polypeptides.

In aqueous solution, HCN is a very weak acid, pK,s. = 9.21, and solutions
of soluble cyanides are extensively hydrolyzed.

Hydrogen cyanide is made industrially from CH, and NH; by catalytic
oxidation in a highly exothermic (475 kJ mol™1) reaction (10-4):

2CH, +30,+2NH; -S&5t, )HCN +6H,0 (10-4)

>800°
It was once widely used to make acrylonitrile by reaction with acetylene
in presence of an aqueous cuprous chloride-ammonium chloride catalyst,
but this process is obsolescent and is being displaced by ammoxidation of
propene with bismuth molybdate catalysts:
CH;CH=—CH, +NHj + 3/20, —2%> CH,=CHCN +3H,0
(70% +HCN + CH;CN)

23 For thermodynamic properties see J. J. Christensen, H. D. Johnson and R. M. Izzatt,
J. Chem. Soc., A, 1970, 454.

24 g W. Fox et al., Chem. Eng. News, 1970, June 22, p. 80; J. H. Boyer and H. Dabek,
Chem. Comm., 1970, 1204; M. Calvin, Chemical Evolution, Clarendon Press, 1969.
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Hydrogen cyanide may, however, be added directly to alkenes; e.g.,
butadiene gives adiponitrile (for Nylon) in the presence of palladium or
zerovalent nickel phosphite catalysts?® which operate by oxidative-addition
and transfer reactions (Chapter 24).

3. Cyanides. Sodium cyanide is manufactured by fusion of calcium
cyanamide with carbon and sodium carbonate:

CaCN; +C+Na,CO; — CaCO;+2NaCN

The cyanide is leached with water. The calcium cyanamide is made in a rather
impure form contamined with CaO, CaC,, C, etc., by the interaction:
: CaC; +N, 21100 CaNCN+C
The linear cyanamide ion is isostructural and isoelectronic with CO,. Cyan-
amide itself, H,NCN, can be made by dehydrosulfurization of thiourea with
HgO or by acidification of CaNCN. The commercial product is the dimer,
H,NC(=NH)NHCN, which also contains much of the tautomer containing
the substituted carbodiimide group, H,N—C(=NH)—N=C=NH. Organo-
carbodiimides are important synthetic reagents and CH;N=C=NCH, is
stable enough to be isolated.26
Sodium cyanide can also be obtained by the reaction

NaNH, +C -209=500%, N3N+ H,

In crystalline alkali cyanides at normal temperatures, the CN~ ion is
freely rotating and is thus effectively spherical with a radius of 1.92 A. Hence,
for example, NaCN has the same structure as NaCl.

There are numerous salts of CN~ and those of Ag', Hg' and Pb" are very
insoluble. Mercuric cyanide, Hg(CN),, is made by treating HgSO, with

"NaCN and extracting the Hg(CN), with ethanol; it is moderately soluble in
water and is un-ionized. The cyanide ion is of great importance as a ligand
and large numbers of cyano complexes?” are known of transition metals, Zn,
Cd, Hg, etc.; some, like Ag(CN); and Au(CN);, are of technical impor-
tance and cyano complexes are also employed analytically. The complexes
sometimes resemble halogeno complexes, e.g., Hg(CN)7~ and HgCl2™, but
other types exist; they are discussed further in Section 22-13. One respect in
which CN shows no close resemblance to halogen is in the relative scarcity of
covalent compounds of non-metals; this may be due to lack of efforts to
prepare them rather than to inherent lack of stability.

The electrochemical oxidation of CN~ in aqueous solution gives (CN),,
but in CH,CN as solvent cyanation of aromatic compounds may be
achieved.?®

4. Cyanogen halides.** Compounds of CN with the halogens (called
halogen cyanides or cyanogen halides) are well known. FCN, prepared by

25 E. 8. Brown and E. A. Rick, Chem. Comm., 1969, 112,
26 G. Rapi and G. Sbrana, Chem. Conun., 1968, 128,
27 M. H. Ford-Smith, The Chemistry of Complex Cyanides, H. M. Stationery Office,

London, 1964; B. M. Chadwick and A. G, Sharpe, Adv. Inorg. Chem. Radiochem.,
1966, 8, 84.

28 S, Andreades and E. W. Zachnow, J. Amer. Chem. Soc., 1969, 91, 4181.
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cracking cyanuric fiuoride (from fiuorination of Cyanuric chloride}, is stable

for weeks as a gas (b.p. —46°) but polymerizes as a liquid at 25° and can be
exploded. CICN and BrCN are prepared by treating aqueous solutions of
CN- with chlorine or bromine, while ICN is obtained by treating a dry
cyanide, usually Hg(CN),, with iodine. CICN, BrCN and ICN are all rather
volatile compounds that behave like the halogens and other halogenoids.
The molecules are linear. Like HCN, the halogen cyanides tend to poly-
merize forming the cyanuric halides (10-XV). The amide (10-XVI), melamine,
can be obtained by polymerization of cyanamide.

X< ?4N\?/X H,oN~ C&N\C/NHl
| | |
N§?/N N§(F/P5
X NH,
(10-XV) (10-XVI)

Compounds between CN and other halogenoid radicals are known, such
as NCN, formed by the reaction
BrCN+NaN; = NaBr+NCN;

5. Cyanate and its analogous S, Se and Te ions. The linear cyanate ion,

OCN", is obtained by mild oxidation of aqueous CN7, e.g.:

PbO(s) + KCN(aq) — Pb(s) + KOCN(aq)

The free acid, K= 1.2x 10™*, decomposes in solution to NH;, H,O and
CO,. There is little evidence for (OCN), but covalent compounds such as
P(NCO); and some metal complexes are known. The compounds are usually
prepared from halides by interaction with AgNCO in benzene or NH,OCN
in acetonitrile or liquid SO,. In such compounds or complexes, either
the O or N atoms of OCN can be bound to other atoms and this possibility
exists also for SCN. In general most non-metallic elements seem to be
N-bonded.

Thiocyanates are obtained by fusing alkali cyanides with sulfur; the reac-
tion of S with KCN is rapid and quantitative, and S in benzene or acetone
can be titrated with KCN in 2-propanol with Bromothymol Blue as
indicator. Thiocyanogen is obtained by oxidation of aqueous SCN™ with

MnO,: (SCN),+2¢ = 2SCN-  E® = +0.77V

but since it is rapidly decomposed by water it is best made by action of Br,
on AgSCN in an inert solvent. In the free state, (SCN), rapidly and irrever-
sibly polymerizes to brick-red polythiocyanogen, but it is most stable in
CCl, or CH;COOH solution, where it exists as NCSSCN.*°

The SCN~ ion is a good ligand and the numerous thiocyanate com-
plexes, which may be either S- or N-bonded, are usually stoichiometrically
analogous to halide complexes. Similar complexes of SeCN™ are known.
Non-metallic thiocyanates are usually S-bonded.
29 B. S. Thyagarajan, The Chemistry of Cyanogen Halides, Intrascience Research Foun-

dation, Santa Monica, Calif., 1968.
30 C, E. Vanderzee and A. S. Quist, Inorg. Chem., 1966, 5, 1238.
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10-6. Compounds with C—S bonds

Carbon disulfide. This well-known solvent is prepared on a large scale by
direct interaction of C and S at high temperatures. A similar yellow liquid
CSe, is made by action of CH,Cl, on molten Se; it has a worse smell than
CS, but, unlike it, is non-flammable. The selenide slowly polymerizes spon-
taneously, but CS, does so only under high pressures, to give then a black
solid of structure (10-XVII).3!

S S S
\C|/ \(ﬁ/ \(,:/ AN

S S S
(10-XVID)

In addition to its high flammability in air, CS, is a very reactive molecule
and has an extensive chemistry, much of it organic in nature. It is used to
prepare carbon tetrachloride industrially:

CS;+3Cl; — CCl,+8,Cl,

Carbon disulfide is one of the small molecules that readily undergo the

“insertion reaction” (Section 24-A-3) where the ——S——%— group is inserted

between Sn—N, Co—Co, or other bonds. Thus with titanium dialkylamides,
dithiocarbamates are obtained:
Ti(NR,)s +4CS, — Ti(S,CNR,),
The CS, molecule can also serve as a ligand, 32 being either bound as a
donor through sulfur or added oxidatively (Section 24-A-2) to give a three-

memberedring-as-in (10-XVHD2*Such ring complexes ate believed to be
intermediates in the formation of thiocarbonyls (Section 22-9), e.g., trans-
RKhCI(CS) (PPh,), .3 S

o

RN
Ph,P C

(10-X VIII)

Ph,P

Important reactions of CS, involve nucleophilic attacks on carbon by the
ions SH™ and OR ™ and by primary or secondary amines, which lead respec-
tively to thiocarbonates, xanthates and dithiocarbamates, e.g.:

SCS+ :SH™ — S,CSH~—%, cgz2-
SCS+:0CH3 — CH;0CS3;
SCS+:NHR,~2"» R,NCS;

Thiocarbonates.>®  Thiocarbonates are readily formed by the action of

31 A.J. Brown and E. Whalley, Inorg. Chem., 1968, 7, 1254.

32 D, Commeruc, I. Douek and G. Wilkinson, J. Chem. Soc., A4, 1970, 1771.

33 R. Mason and A. I. M. Rae, J. Chem. Sog., A4, 1970, 1767.

34 M. Yagupsky and G. Wilkinson, J. Chem. Soc., A, 1968, 2813,

35 M. Driiger and G. Gattow, Angew. Chem. Internat. Edn., 1968, 7, 868 (chalcogeno car-
bonic acids and their salts).
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SH~ on CS, in alkaline soiution (cf. reaction above), and numerous yellow
salts containing the planar ion are known. Heating CS2~ with S affords
orange tetrathiocarbonates, which have the structure [S;C—S—S]*". The
free acids can be obtained from both these ions as red oils, stable at low
temperatures.

There is an extensive chemistry of transition-metal complexes®® with
CSs3-, COS82, CS,(SR)7, CS,(OR) ™, as well as with the dithiocarbamates
discussed below.

Dithiocarbamates; thiuram disulfides.>*™>7 Dithiocarbamates are nor-
mally prepared as alkali-metal salts by action of primary or secondary amines
on CS, in presence of, say, NaOH. The Zn, Mn and Fe dithiocarbamates
are extensively used as agricultural fungicides, and Zn salts as accelerators
in the vulcanization of rubber.3® Alkali-metal dithiocarbamates are usually
hydrated and are dissociated in aqueous solution. When anhydrous, they are
soluble in organic solvents in which they are ass ociated.3®*

Dithiocarbamates form a wide range of complexes with transition metals,
and compounds of other metals such as Sn and of non-metals such as Te are
also known. The CS; group in dithiocarbamates as well as in xanthates,
thioxanthates, and thiocarbonates is usually chelated as in (10-XIX), but a
few cases of monodentate dithiocarbamates are known.3®

AN X = NHR or NR,,
M. c—X OR or SR,
N S/ O, Sor S—S
(10-XIX)

On oxidation of aqueous solutions by H,0,, Cl, or S,0%, thiuram disul-
fides, of which the tetramethyl is the commonest, are obtained:

I,+2Me,NCS; — M%Nﬁ—S——S—CNMeZ +2I-

Thiuram disulfides, which are strong oxidants, are also used as polymeriza-
tion initiators (for, when heated, they give radicals) and as vulcanization
accelerators. Also tetraethylthiuram disulfide is “Antabuse,” the agent for
rendering the body allergic to ethanol.

The dithiocarbamates of certain metals, notably Zn", Cd", Cu' and Ag',
may be polymeric. The silver species are hexameric and provide a good exam-

36 (a) See, e.g., J. P. Fackler and W. Seidel, Inorg. Chem., 1969, 8, 1631; D. Coucouvanis,
S.J. Lippard and J. A. Zubieta, J. Amer. Chem. Soc., 1970, 92, 334; (b) D. Coucouvanis,
Progr. Inorg. Chem., 1970, 11, 234 (complexes of dithioacids and dithiolates; extensive
review); R. Eisenberg, Progr. Inorg. Chem., 1970, 12, 329 (structures of dithiocarbamate,
xanthate and related complexes).

37 G. D. Thorn and R. A. Ludwig, The Dithiocarbamates and Related Compounds, Elsevier,
1962.

38 See, e.g., Monsanto Rubber Chemicals Handbook, 1968.

38s A, Uhlin, Acta Chem. Scand., 1971, 25, 393,

39 C, O'Connor, J. D. Gilbert and G. Wilkinson, J. Chem. Soc., A4, 1969, 84; R. Davis
et al., J. Chem. Soc., 4, 1971, 994,
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ple of metal polyhedra where the metal atoms are bridged by ligands without
any metal—metal bonding,3%*

ORGANOMETALLIC COMPOUNDS

10-7. General Survey of Types

Organometallic compounds are those in which the carbon atoms of organic
groups are bound to metal atoms. Thus we do not include in this category
compounds in which carbon-containing components are bound to a metal
through some other atom such as oxygen, nitrogen, or sulfur. For example,
(C3H,0),Ti is not considered to be an organometallic compound, whereas
CsHsTi(OC3H,); is, because in the latter there is one direct linkage of the
metal to carbon. Although organic groups can be bound through carbon, in
one way or another, to virtually all the elements in the Periodic Table,
excluding the noble gases, the term organometallic is usually rather loosely
defined and organo compounds of decidedly non-metallic elements such as
B, P and Si are often included in the category. Specific compounds are
discussed in the Sections on the chemistry of the individual elements since
the organo derivatives are usually just as characteristic of any element as
are, say, its halides or oxides. However, it is pertinent to make a few general
comments here on the various types of compound.

1. Ionic compounds of electropositive metals. The organometallic com-
pounds of highly electropositive metals are usually ionic in nature. Thus
the alkali-metal derivatives (page 201), with the exception of those of lithium
which “are fairly covalent in nature, are insoluble in hydrocarbon solvents
and are very reactive toward air, water, etc. The alkaline-earth metals Ca,
Sr and Ba give poorly characterized compounds that are even more reactive
and unstable than the alkali salts. The stability and reactivity of ionic com-
pounds are determined in part by the stability of the carbanion. Compounds
containing unstable anions (e.g., C.H3,+ 1) are generally highly reactive and
often unstable and difficult to isolate; however, where reasonably stable
carbanions exist, the metal derivatives are more stable though still quite
reactive [e.g., (CgH;);C™Na* and (CsHy),Ca2"].

2. o-Bonded compounds. Organo compounds in which the organic resi-
due is bound to a metal by a normal two-electron covalent bond (albeit
in some cases with appreciable ionic character) are formed by most metals
of lower electropositivity and, of course, by non-metallic elements. The
normal valence rules apply in these cases, and partial substitution of
halides, hydroxides, etc., by organic groups is possible, as in (CH,),SnCl,
(CH;)SnCl;, etc. In most of these compounds, bonding is predominantly
covalent and the chemistry is organic-like, although there are many differ-
ences in detail due to factors such as use of higher d orbitals or donor behay-

3% P, Jennische and R. Hesse, 4cta Chem. Scand., 1971, 25, 423,
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jor as in R,Si, R3P, RS, etc, incomplete valence shells, or coordinative
unsaturation as in R3B or R,Zn, and effects of electronegativity differences
between M—C and C—C bonds.

While the existence of stable M—C bonds has long been regarded as a
normal part of the chemistry of the non-transition metals and metalloids,
compounds containing transition metal-to-carbon ¢ bonds have only in
recent years been made in substantial numbers. The reasons for the relative
rarity of such compounds are still a subject for investigation, but several
points seem clear. First, an important pathway for decomposition of M—R
bonds is by a shift of a f-hydrogen atom, followed by olefin elimination,

VIZ.: H
CH.

l
M—CH,—CHRR’— M«| — MH+CH,;=CRR’
Ser/

CR
Thus, molecules designed to impede or render impossible such a process may
be relatively stable. The most obvious approach is to use R groups in which
there are no f§ hydrogen atoms. When R is (CH;);SiCH, , thermally stable
compounds, e.g., VOR;, CrRy, Mo,R¢, can be made,*° whereas similar
compounds with ordinary alkyl groups are stable only at very low temper-
atures. On the basis of the above mechanism of decomposition it would also
be expected that M—CH; and M—aryl bonds would be relatively favorable
and it is, indeed, true that methyl and aryl compounds are generally more
stable than those with, e.g., M—C,;H; bonds (see Sect. 23-6).

The intrinsic strength of M—C bonds is doubtless subject to some
variations with the nature of the R group and the nature of the other ligands
on the metal atom. It was observed about 1956 that metal atoms bearing
CO, R,P or h*-CsHs, and related strongly interacting ligands (see Chap-
ters 22 and 23) usually form compounds that have M—C bonds of superior
stability. It is entirely possible, however, that the stability is due, not to any
enhancement of M—C bond strength, but to the effect of such ligands in
blocking the initial hydrogen-transfer. In the case of perfluoroalkyl groups,
comparison of CFsMn(CO)s and CF;1  C—F force constants, does seem to
indicate a genuine enhancement of M—C bond strength,*! attributable to
a 7 interaction superimposed on the o bond, although the absence of B-
hydrogen atoms may also contribute to stability.

3. Non-classically bonded compounds. There are many compounds in
which metal-to-carbon bonding cannot be explained as either ionic or co-
valent in the simple sense of a 2c-2¢ M—C bond orbonds. The largest and most
important class of these “non-classical” molecules comprises those formed
primarily by the transition elements in which unsaturated groups are
attached to metal atoms by interaction of the w electrons with metal orbitals.
These include simple metal—alkene complexes of the types (10-XX) and
(10-XXI) as well as those in which cyclopentadienyl and benzene rings are

40 G, Yagupsky, W. Mowat, A. Shortland and G. Wilkinson, Chem. Comm., 1970, 1369.
41 F. A. Cotton and R. M. Wing, J. Organometallic Chem., 1967, 9, 511.
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bound to metals, viz., (10-XXII) and (10-XXIII). The chemistry and bonding
in such compounds form the subject of Chapter 23.

M M
< AR o D
M M
10-XX) (10-XX1) (10-XXI1y (10-XX11I)

Another, smaller class of non-classical compounds is made up of those
with bridging alkyl groups. The elements B, Al, Ga, In and Tl all form fairly
stable but reactive trialkyls and triaryls, those of B, Ga, In and TI being
monomeric in the vapor and in solution. (CH,),In and (CH;);TI form
tetramers in their crystals,*? but the association is weak and of uncertain
nature and does not persist in other conditions. The aluminum compounds
are unique in Group III in forming several reasonably stable dimers. Thus
trimethylaluminum is a dimer in benzene solution and, partly, even in the
vapor phase. AlEt; and AlPr] are also dimeric in benzene solution, but are
almost completely dissociated in the vapor phase. AlPri is a monomer in
benzene. The molecules Al,(CH,),(C4Hs), and Al (C4¢H;)g are also known,
as well as the polymeric [Be(CH,),],. The structures*®** of four of thesc

Al [A|(C6H5)3]2 or

1

CHy or CgHg [Al(CH3),CeHs],
Fig. 10-5. The structures of [Be(CH3),], and several dimeric AIR 3 molecules.

42 G. M. Sheldrick and W. S. Sheldrick, J. Chem. Soc., A, 1970, 28.
43 B. G. Vranka and E. L. Amma, J. Amer. Chem. Soc., 1967, 89, 3121,
44 J. F. Malone and W. S. McDonald, Chem. Comm., 1967, 444; 1970, 280.
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{a) (b)

Fig. 10-6. Schematic indication of orbital overlaps in Al—C—Al bridge bonding. (a) For
a methyl bridge. (b) Possible z# component in phenyl bridging.

substances are shown in Fig. 10-5. In all cases the bridging carbon atoms are
equidistant from the metal atoms; in short, the Al—C—AIl—C groups have
D,, symmetry.

The bridging is accomplished by means of Al—C—Al 3c¢-2e bonds
(page 109) where each Al atom supplies an s—p hybrid orbital and so also
does the carbon atom. The situation then is as depicted in Fig. 10-6a. In
the case of Al,(CH,), this view of the bonding has been strongly supported
by a low-temperature structure determination.*® In the case of the bridging
phenyl groups, which lie perpendicular to the AICAIC planes, the larger
Al—C—Al angles and slight inequalities in the C—C distances about the
rings have been taken** to mean that the pn orbital of the bridging carbon
atom may also play some role in the bridge bonding, as indicated by the
overlap depicted in Fig. 10-6b.

The curious fact that none of the alkyls of the Group III elements except
those of aluminum are dimerized (except perhaps GaEt; and trivinylgallium
which appear to be dimers in solution) has not yet been satisfactorily ex-
plained. It has been proposed that for the larger metals, the small M—C—M
angles required to secure good overlap would introduce large repulsions
between the bulky metal atoms, but this cannot explain why B(CH;); does
not dimerize, especially since hydrogen bridging is quite important in the
boranes.

An important feature of coordinatively unsaturated alkyls, such as those
just noted or those of Mg, Zn, etc., is the moderately rapid exchange of alkyl
groups.*® The exchanges can be readily studied by nmr methods and it appears
that bridged transition states, or intermediates of the type (10-XXIV) and
the like, provide the means for exchange. T he rates of exchange reactions are

45 3, C. Huffman and W. E. Streib, Chem. Comm., 1971, 911.
46 J. P, Oliver, Adv. Organometallic Chem., 1970, 8, 167 (extensive review).
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H,
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(10-XXIV)

usually slowed by the presence of donor ligands and, if the donor is suffi-
ciently strong to block the coordination sites, the exchange is stopped.
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11
The Group IV Elements: Si, Ge, Sn, Pb

GENERAL REMARKS

11-1. Group Trends

There is no more striking example of an enormous discontinuity in general
properties between the first and the second row elements followed by a
relatively smooth change toward more metallic character thereafter than in
this group. Little of the chemistry of silicon can be inferred from that of
carbon. Carbon is strictly non-metallic; silicon is essentially non-metallic;
germanium is a metalloid; tin and especially lead are metallic. Some proper-
ties of the elements are given in Table 11-1.

TABLE 11-1
Some Properties of the Group IV Elements*

. Ionizations potentials (eV) Electro- Covalent

Element Eﬁf}g&?? I(‘fcp) ?g) nega-  radius®
1st 2nd 3rd 4th tivities® A)
C [He]2s22p? ~3550° 4827 11.264 24.376 47.864 64.476  2.5-2.6 0.77
Si [Ne]3s23p? 1410 2355 8.149 16.34 33.46 45.13 1.8-1.9 1.17
Ge . [Ar]3d'%45%4p? 937 2830  7.809 15.86 34.07 455 1.8-1.9 1.22
Sn [Kr]4d*°5525p2 231.9 2260 7.332 14.63  30.6 39.6 1.8-1.9 1.40¢
Pb [Xe)df145d1%6s26p> 327.5 1744 7.415 1503 32.0 42.3 1.8 1.44¢

* For further detail see E. A. V. Ebsworth.!

a Y. O. Pritchard and H. A. Skinner, Chem. Rev., 1955, 55, 745; see also A. J. Smith,
W. Adcock and W. Kitching, J. Amer. Chem. Soc., 1970, 92, 6140.

® Tetrahedral, i.e. sp? radii.

¢ Diamond.

¢ Covalent radius of Sn", 1.63 A.

e Tonic radius of Pb2+, 1.21; of Pb**+, 0.775 A.

Catenation. While not as extensive as in carbon chemistry, catenation is
an important feature of Group 1V chemistry in certain types of compound.
Extensive chains occur in Si and Ge hydrides (up to SigH;4 and GeoH,y),
1 B. A. V. Ebsworth in The Organometallic Compounds of Group 1V Elements, A. G.

MacDiarmid, ed., Vol. 1, Part 1, Dekker, 1968.
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in Si halides (only Ge,Cl; is known), and in certain organo compounds.
For Sn and Pb, catenation occurs only in organo compounds. In lead alloys
such as Na,Pb, and Na,Pb, there appear to be cluster anions, and the Pb}~
ion has been suggested as having a structure similar to Bi3* in “bismuth
monochloride” (Section 13-5).

On the whole, however, there is a decrease in the tendency to catenation
in the order C» Si>Ge~ Sn> Pb. This general, if not entirely smooth,
decrease in the tendency to catenation may be ascribed partly to diminishing
strength of the C—C, Si—Si, Ge—Ge, Sn—Sn and Pb—Pb bonds
(Table 11-2).

TABLE 11-2
Approximate Average Bond Energies

Energy of bond (kJ mol~1) with:

Group 1V

element Self H I F ¢C  Br I o
C 356 416 485 37 285 213 336
Si 210-250 323 250-335 582 391 310 234  3es
Ge 190-210 290 255 465 356 276 213
Sn 105-145 252 193 M4 272 187

¢ Data derived mainly from MX,-type compounds which are unstable or non-existent
when M = Pb. Pb—C in PbEt, = 128.8 kJ mol~1; see C. F. Shaw and A. L. Allred, Orga-
nometallic Chem. Rev., A, 1970, 5, 96.

Bond Strengths. The strengths of single covalent bonds between GroupIV
atoms and other atoms (Table 11-2) generally decrease in going down the
-Group.-In some cases-there-is—an-initial-rise -from-C ‘to-Si-followed- bya—
decrease. These energies do not, of course, reflect the ease of heterolysis of
bonds which is the usual way in chemical reactions; thus, for example, in
spite of the high Si—Cl or Si—F bond energies, compounds containing these
bonds are highly reactive. Since the charge separation in a bond is a critical
factor, the bond ionicities must also be considered when interpreting the
reactivities toward nucleophilic reagents. Thus Si—Cl bonds are much more
reactive than Si—C bonds because, though stronger, they are more polar,
Si’*—CI°~, rendering the silicon more susceptible to attack by a nucleophile
such as OH ™.
Two other points may be noted: (a) there is a steady decrease in M—C and
M-—H bond energies; ()) M—H bonds are stronger than M—C bonds.
Electroncgativities. The electronegativities of the Group 1V elements have
been a contentious matter, Although C is generally agreed to be the most
electronegative element, certain evidence, some of it suspect, has been inter-
preted as indicating that Ge is more clectronegative than Si or Sn. It is to be
remembered that electronegativity is a very qualitative matter and it seems
most reasonable to accept a slight progressive decrease Si— Pb.
It can be noted that Zn and hydrochloric acid reduce only germanium
halides to the hydrides, which suggests a higher electronegativity for Ge
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than for Si or Sn. Also, dilute aqueous NaOH does not affect GeH, or SnH,,,
while SiH, is rapidly hydrolyzed by water containing a trace of OH ™, which
is consistent with, though not necessarily indicative of, the Ge—H or Sn—H
bonds either being non-polar or having the positive charge on hydrogen.
Finally, germanium halides are hydrolyzed in water only slowly and revers-
ibly. i

" The Divalent State. The term “lower valence” indicates the use of fewer
than four electrons in bonding. Thus, although the oxidation state of carbon
in CO is usually formally taken to be 2, this is only a formalism and carbon
uses more than two valence electrons in bonding. True divalence is found in
carbenes (page 284) and in a few SiX, compounds discussed below; the high
reactivity of carbenes may result from the greater accessibility of the sp?
hybridized lone pair in the smaller carbon atom. The stable divalent com-
pounds of the other elements can be regarded as carbene-like in the sense
that they are bent with a lone pair and undergo the general type of carbene
reactions to give two new bonds to the element, i.e.,

0 = X

However the divalent state becomes increasingly stable down the Group and
is dominant for Pb.

Inspection of Table 11-1 clearly shows that this trend cannot be explained
exclusively in terms of ionization potentials, since these are essentially the
same for all of the elements Si-Pb; the “inert pair” concept is not particularly
instructive either, especially since the non-bonding electrons are known not
to be inert in a stereochemical sense (see below).

Other factors which undoubtedly govern the relative stabilities of the
oxidation states are promotion energies and bond strengths for covalent
compounds and lattice energies for ionic compounds. Taking first the former,
it is rather easy to see why the divalent state becomes stable if we remember
that the M—X bond energies generally decrease in the order Si—X, Ge—X,
Sn—X, Pb—X(?). For methane the factor that stabilizes CH, relative to
CH,+H,, despite the much higher promotional energy required in forming
CH,, is the great strength of the C—H bonds and the fact that two more of
these are formed in CH, than in CH,. Thus if we have a series of reactions
MX,+X,=MX, in which the M—X bond energies are decreasing, it is
obviously possible that this energy may eventually become too small to
compensate for the M — M" promotion energy and the MX, compound
becomes the more stable. The progression is illustrated by ease of addition of
chlorine to the dichlorides:

GeCl, +Cl, » GeCl, (very rapid at 25°)

SnCl; +Cl, — SnCly (slow at 25°)
PbCl; +Cl; — PbCl, (only under forcing conditions)

Note that even PbCl, decomposes except at low temperatures, while PbBr,
and Pbl, do not exist, probably owing to the reducing power of Br~ and I".
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For ionic compounds matters are not so simple but, since the Sizes of the
(real or hypothetical) ions, M?* and M**, increase down the =roup, it is
possible that lattice energy differences no longer favor the M4+ Comp,oun d
relative to the M2 * compound in view of the considerable energy ©Xpenditure

required for the process M2+ — M4+ -+2¢

Of course, there are few compounds of the types MX, or MX4 that are
entirely covalent or ionic (almost certainly no ionic MX, COMP oynds), so
that the above arguments are oversimplifications, but they indica t¢ roug.;hly
the factors involved. For solutions no simple argument can be Siven. since
Sn** and Pb** probably have no real existence. ’

Multiple Bonding. Si, Ge, Sn and Pb do not form pn multiple honds
under any circumstances. Thus numerous types of carbon compoungd, such as
alkenes, alkynes, ketones, nitriles, etc., have no analogs. AlthoUgh stoi-
chiometric similarities may occur, e.g., CO,, SiO,, (CH;),CO, (CH,),si0
there is no structural or chemical relationship? and reactions that might havé
been expected to yield a carbon-like product do not; e.g., dehydration of
silanols R,Si(OH), produces R,Si(OH)—O—SiR,(OH) and (stiO) '

However, there is considerable evidence that in certain bongg ton Si
notably from O and N, there is some double-bond character inVOIVing a’V
orbital overlap, i.e. dn-pr bonding. It is important to note, however. that
this does not necessarily lead to conjugation in the sense usual for cz;rbon
multiple bond systems.? Thus nmr contact shifts for the tetrahedraj tropone
iminates of Si, Ge and Sn (11-I) show negligible conjugation with the
n-system of the ring.® Observations of the following types provide evidence
for drn-pn bonding.

(a) Trisilylamine; (H;Si); N, differs from (H,C)sNin being planarss ziher
than pyramidal and in being a very weak Lewis base. Other Compounds
‘such as (H,;Si),NH* and (11-II) are also planar; H;SiNCS has , linear

R R

| l Me,Si
N N
M e s N—SiMe,
S N/ \N | l
| lk Me3Sl_N\S'
R lMe3
11D (11-1D

Si—N—C—S group whereas in HyCNCS the C—N—C group ig bent as
expected. These observations can be explained by supposing that nitrogen
forms dative © bonds to the silicon atoms. In the planar state of N(SiH )s

the non-bonding electrons of nitrogen would occupy the 2p, Orbital, ifBWe,
assume that the N—Si bonds are formed using sp.p, trigonal hybrid o pitals
of nitrogen. Silicon has empty 3d orbitals, which are of low enough energy to

2 H. Bock, H. Alt and H. Seidl, J. Amer. Chem. Soc., 1969, 91, 355; 1970, 92, 1569
D. R. Eaton and W. R. McClellan, Inorg. Chem., 1967, 6, 2134. '
B. Beagley and A. R. Conrad, Trans. Faraday Soc., 1970, 66, 2740.

D. W. H. Rankin et al., J. Chem. Soc., A, 1969, 1224,

3
3a
4
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N .
avn ) O\ 1D
[/ N/ N
Si + N — Si N
Empty 3d orbital Filled 2, orbital Overlap

of Si of N
Fig. 11-1. Formation of dr-pn bond between Si and N in trisilylamine.

’\\-j + N/ 187 %
+

be able to interact appreciably with the nitrogen 2p, orbital. Thus, the
N_-Si 7 bonding is due to the kind of overlap indicated in Fig. 11-1. It is the
additional bond strength to be gained by this pr-dn bonding that causes
the NSi, skeleton to take up a planar configuration, whereas with N(CH3)3,
where the carbon has no low-energy d orbitals, the ¢ bonding alone deter-
mines the configuration, which is pyramidal as expected.

It is of interest that, contrary to earlier reports, (H,Si),P is pyramidal,®
which may be taken as indicating that dn-pn bonding between Si and at
least this second-row element is small.

(b) Siloxane, (H3S1),0 is a much weaker base than (H;C),0 and here, as
in many other compounds with Si—O—Si groups, the bond angle is about
150°.

(¢) Silanols, such as (CH,);SiOH, are stronger acids than the carbon
analogs and form stronger hydrogen bonds; for Ph;MOH the acidities are
in the order C= Si> Sn. The hydrogen bonding can be ascribed to Si—O =
bonding involving one of the two unshared pairs of the silanol oxygen and
the 3d orbital of Si to give a situation somewhat similar electronically to

" that of the nitrogen atom in an imine R,C=NH. The fact that one unshared
pair still remains on the oxygen is consistent with the fact that the base
character of the silanol is not much lowered in spite of its stronger acidity,
compared with the analogous alcohol; the base order is C = Si<Ge<Sn.

A similar situation arises with the acid strength of R;MCOOH, where the
order is Si > Ge>C; in this case the drn-pn bonding probably acts to sta-
bilize the anion.® The order of n-bonding, C<Si>Ge > Sn>Pb is obtained
from hydrogen-bonding and nmr studies on amines.®® Thus N[Si(CH)s]s
is virtually non-basic, the germanium compound is about as basic as a ter-
tiary amine, and the tin compound is more basic than any organic amine.
The same order” is found in RMX; when X = alkyl, but when X = halogen
it is C<Si<Ge<Sn.

Stereochemistry®
The stereochemistries of Group IV compounds are given in Table 11-3.

s B. Beagley, A. G. Robiette and G. M. Sheldrick, J. Chem. Soc., A, 1968, 3002, 3006.

6a Q. W. Steward et al., J. Chem. Soc. A., 1968, 3119.

6v T Mack and C. H. Yoder, Inorg. Chem., 1969, 8, 3119.

7 G. M. Whitesides ez al., J. Organometallic Chem., 1970, 22, 365.

8 B. J. Aylett, Progr. Stereochem., 1969, 4, 213; see also Organometallic Compounds of
Group IV Elements, A. G. McDiarmid, ed., Vol. 1, Part 1, Dekker, 1969,
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TABLE 11-3
Valence and Stereochemistry of Group IV Elements

Coordination

Valence® number Geometry? Examples
Si° 6 Octahedral Si(bipy)s
Si, Ge", Sn", Pb™ 2 y-Trigonal SiF2(g), SnCly(g), Pb(CsHs),,
(angular) GeF,
3 y-Tetrahedral SnCl;*2H,0, SnCl3,
(pyramidal) SnCl,(s)
4 w-tbp Pb" in Pby0,, GeF,
5 w-Octahedral SnO (blue-black form)
6 Octahedral PbS(NaCl type),
Gel,(Cal, type)
7 Complex [SC(NH,),],PbCl
6,7 w-Pentagonal Sn"[Sn(edta)H,0]* H,0
bipyramid
+complex
y-8-coord.¢
Sit, Ge'Y, Sn'v, PV 4 Tetrahedral Si0, (silicates, Si0,), SiS,,
SiCls, PbMe,, GeH,
5 thp Me;SnClpy, SnCls , SiF;,
RSiF;, Me;SnF (copolymer)
5 ? [SiPh;bipy] *
6 Octahedral SiFZ-, [Siacacs]*, SnClZ-,
GeQ,, SnO, (rutile str.),
PbCl¢-, ¢is-SnCl,(OPCl,),,
SnF,, trans-GeCl,py,,
Pb' in Pb30,, Sn(S,CNEt,),
[M(C,04)3)2~, M = Si, Ge
or Sn
8 Dodecahedral Sn(NO3),;
? Pb(O0OCMe),

@ Sn"™ species may be intermediates in the reduction of Cu by Sn! in HCI solution
(T. L. Nunes, Inorg. Chem., 1970, 9, 1325).

by indicates that a coordination position is occupied by a lone pair.

¢ F. P. van Remoortere et al., Inorg. Chem., 1971, 10, 1511.

IV-Oxidation State. Silicon is normally, though not exclusively, tetra-
hedral and the other elements are commonly so; the expected optical isomers
such as those of SiMePhEt(C4H,COOH) or GeHMePh(a-naphthyl) can be
resolved. In view of the possibility of valence-shell expansion by utilization
of the outer  orbitals, coordination numbers of 5 and 6 are quite common,
Pentacoordination is mainly confined to: (@) the ions MX5 stabilized in
lattices by large cations; (b) compounds, especially of Si, with various oxygen
and nitrogen chelates;* (¢) adducts with organic bases such as MX,L,
R3MXL, etc.; and (d) for tin, polymeric compounds of the type R;SnX where
X acts as a bridge group. Although octahedral coordination is well known
for all four elements, comparatively few silicon compounds have had their
structure determined by X-ray methods.%®

% C, L. Frye, J. Amer. Chem. Soc., 1970, 92, 1205,
°® For references sce J. J. Flynn and F. P, Boer, J. Amer. Chem. Soc., 1969, 91, 5756.
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For the ions and adducts, it cannot be predicted whether a complex will
involve 5- or 6-coordination since that depends upon delicate energy balances.

II-Oxidation State. For Snl, and to a lesser extent for Ge!' and PbY, it
has been shown that the pair of electrons that is unused in bonding has
important effects on the stereochemistry.*®

Thus in the blue-black form of SnO, each Sn atom is surrounded by five
oxygen atoms at approximately the vertices of an octahedron, the sixth ver-
tex being presumably occupied by the lone pair. This is called a y-octahedral
arrangement. In SnCl,, SnS, SnSe (orthorhombic form), SnCl,-2H,0,
K,SnCl, H,0 and SnSO,, there are -tetrahedral groupings, that is, atoms
at 3 corners of a tetrahedron and a lone-pair of electrons at the fourth.
Thus SnCl,-2H,0 has a pyramidal SnCl,OH, molecule, the second H,O
not being coordinated (it is readily lost at 80°), while K,SnCl,-H,0 consists
of tp-tetrahedral SnCl; ions and CI™ jons. The y-tetrahedral SnF3 ion is
also known, and the Sn,F3 ion consists of two SnF5 ions sharing a fluorine
atom. Other Sn"! compounds such as SnCl, or SnS similarly involve 3-coor-
dination but with a bridge group between the metal atoms.

An important consequence is that solvated SnCl, or the SnCl3 ion can act
as a donor ligand towards transition metals (see page 330); although other
Group 1V compounds should behave similarly, little proof has so far been
obtained except for GeCly and (CsHs),Sn.

For lead, there is evidence for lone pairs in the structure of PbS and a
polymeric dithioate complex (see below).

It may be noted finally that tin has an isotope, *'°Sn, suitable for
Mossbauer spectral studies (Section 25-E) and that Sn'' and Sn!'Y compounds
can be readily distinguished.!!

THE ELEMENTS

11-2. Occurrence, Isolation and Properties

Silicon is second only to oxygen in weight percentage of the earth’s crust
(~28%) and is found in an enormous diversity of silicate minerals. Ger-
manium, tin, and lead are relatively rare elements (~ 10~ 3 weight percent),
but they are well known because of their technical importance and the rela-
tive ease with which tin and lead are obtained from natural sources.

Silicon is obtained in the ordinary commercial form by reduction of SiO,
with carbon or CaC, inan electric furnace. Similarly, germanium is prepared
by reduction of the dioxide with carbon or hydrogen. Silicon and germanium
are used as semiconductors, especially in transistors. For this purpose exceed-
ingly high purity is essential, and special methods are required to obtain
usable materials. For silicon, methods vary in detail but the following general
procedure is followed.

10 R. E. Rundle and D. H. Olsen, Jnorg. Chem., 1964, 3, 596.
11y, . Zuckerman, Adp. Organometallic Chem., 1970, 9, 21.
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1. Ordinary, “chemically” pure Si is converted, by direct reaction, into a
silicon halide or into SiHCl,. This is then purified (of B, As, etc.) by frac-
tional distillation in quartz vessels.

2. The SiX, or SiHCl, is then reconverted into elemental silicon by reduc-
tion with hydrogen in a hot tube or on a hot wire, when X is CI or Br,

SiX,+2H, — Si+4HX

or by direct thermal decomposition on a hot wire when X is 1. Very pure
Si can also be obtained by thermal decomposition of silane, SiH, .

3. Pure silicon is then made “super-pure” (impurities <10~° atom per-
cent) by zone refining. In this process a rod of metal is heated near one end
so that a cross-sectional wafer of molten silicon is produced. Since impurities
are more soluble in the melt than they are in the solid they concentrate in
the melt, and the melted zone is then caused to move slowly along the rod by
moving the heat source. This carries impurities to the end. The process may
be repeated. The impure end is then removed,

Super-pure germanium is made in a similar way. Germanium chloride is
fractionally distilled and then hydrolyzed to GeO,, when is then reduced
with hydrogen. The resulting metal is zone melted.

Tin and lead are obtained from their ores in various ways, commonly by
reduction of their oxides with carbon. Further purification is usually effected
by dissolving the metalsin acid and depositing the pure metals electrolytically.

Silicon is ordinarily rather unreactive. It is attacked by halogens giving
tetrahalides, and by alkalis giving solutions of silicates. It is not attacked
by acids except hydrofluoric; presumably the stability of SiFZ~ provides
the driving force here. A highly reactive form of silicon has been_prepar

by the reaction 3CaSi, +2SbCly — 6Si+2Sb+3CaCl,

Silicon so prepared reacts with water to give Si0, and hydrogen. It has
been suggested that it is a graphite-like allotrope, but proof is as yet lacking,
and its reactivity may be due to a state of extreme subdivision as in certain
reactive forms of amorphous carbon.

Germanium is somewhat more reactive than silicon and dissolves in con-
centrated sulfuric and nitric acids. Tin and lead dissolve in several acids and
are rapidly attacked by halogens. They are slowly attacked by cold alkali,
rapidly by hot, to form stannates and plumbites. Lead often appears to be
much more noble and unreactive than would be indicated by its standard
potential of —0.13 V. This low reactivity can be attributed to a high over-
voltage for hydrogen and also in some cases to insoluble surface coatings.
Thus lead is not dissolved by dilute sulfuric and concentrated hydrochloric
acids.

11-3. Allotropic Forms

Silicon and germanium are normally isostructural with djamond. By use
of very high pressures, denser forms with distorted tetrahedra have been
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produced. The graphite structurc is peculiar to carbon, which is understand-
able since such a structure requires the formation of pn-pr bonds.
Tin has two crystalline modifications, with the equilibria
2-Sn =8> p-Sn =222 Sn(D)
“grey” “white”
«-Tin, or grey tin (density at 20° = 5.75), has the diamond structure. The
metallic form, B or white Sn (density at 20° = 7.31) has a distorted close-
packed lattice. The approach to ideal close packing accounts for the consider-
ably greater density of the p-metal compared with the diamond form.
The most metallic of the Group IV elements, lead, exists only in a ccp,
metallic form. This is a reflection both of its preference for divalence rather
than tetravalence and of the relatively low stability of the Pb—Pb bond.

COMPOUNDS OF GROUP 1V ELEMENTS

11-4. Hydrides'?
These hydrides are listed in Table 11-4; all are colorless.

TABLE 11-4
Hydrides and Halides of Group IV Elements
Hydrides Fluorides and Chlorides®
MH, Other? MF. MCl, Other
SiH., Si,He—SigH14° SiF, SiCl, Si,Clg—SisClis
b.p.— 112° b.p.—145° b.p. —86° b.p.—57.6° b.p.—145°
Si,Fg—>Sij6Faa
b.p.—18.5°
GeHa Ge,Heg—GeoHz0° GeFa GeClg Ge,Clg
b.p.—88°  b.p.—29° m.p. —37°  b.p.83° m.p. 40°
SnHy Sn,Hg SnF. SnCl,
b.p.—52.5° subl. 704° b.p. 114.1°
PbH, PbF.4 PbCl,
d. 105°

a All MX, compounds except PbBr, and Pbl, are known, as well as mixed halides
of Si, e.g., SiFsl, SiFClL,Br but not SiFCIBrl. The halogenodisilanes Si;Bre and Si,lg

are also known.
b For mixed Si-Ge hydrides see K. M. Mackay, S. T. Hosfield and S. R. Stobert,

J. Chem. Soc., A, 1969, 2937.
¢ Species and their isomers are separable by gl.c., see, e.g., K. M. Mackay and K.
J. Sutton, J. Chem. Soc., 4, 1968, 231.

Silanes. Monosilane, SiH,, is best prepared13 on a small scale by heating
Si0, and LiAlH, at 150-170°. On a larger scale the reduction of SiO, or
12 B, J. Aylett, Adv. Inorg. Chem. Radiochem., 1968, 11, 249; J. E. Drake and C. Riddle,

Quart. Rev., 1970, 24, 263 (extensive reviews of hydrides and their derivatives).
13 J. M. Bellama and A. G. McDiarmid, Inorg. Chem., 1968, 7, 2070.
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alkali silicates is possible by means of an NaCl-AICl, eutectic (m.p. 120°)
containing Al metal with hydrogen at 400 atm and 175°. The original Stock
procedure (cf. boranes, page 237) of acid hydrolysis of magnesium silicide
(prepared by direct interaction of Mg and Si or Si0,) gives a mixture of
silanes. Chlorosilanes may also be reduced by LiAIH,.

Only SiH, and Si,Hy are indefinitely stable at 25°; the higher silanes
decompose giving hydrogen and mono- and di-silane, possibly indicating
SiH, as an intermediate.!32

The hydridic reactivity of the Si—H bond in silanes and substituted silanes
is similar and may be attributed to charge separation Si®*—H?~ which results
from the greater electronegativity of H than of Si. Silanes are spontaneously
flammable in air, e.g.,

SisHyo+ 420, — 4Si0, +5H,0

Although silanes are stable to water and dilute mineral acids, rapid hydrol-

ysis occurs with bases:

Si;He + (4+2m)H,0 — 28i0,* nH,0 +7H,

The silanes are strong reducing agents. With halogens they react explosively
at 25°, but controlled replacement of H by Cl or Br may be effected in pre-
sence of AIX; to give halogenosilanes such as SiH,CI.

Monogermane together with Ge,H, and Ge;Hj can be made by heating
GeO, and LiAIH,*? or by addition of NaBH, to GeO, in acid solution.
Higher germanes are made by electric discharge in GeH,,. Germanes are less
flammable than silanes, although still rapidly oxidized in air, and the higher
germanes increasingly so. The germanes are resistant to hydrolysis, and
GeH, is unaffected by even 30% NaOH

Stannane, SnH,, is best obtained by interaction of SnCl, and LiAlH, in
ether at —30°. It decomposes rapidly when heated and even at 0° where it
gives f-tin.'* Whilst it is stable to dilute acids and bases, 2.5M NaOH causes
decomposition to Sn and a little stannate. SnH, is easily oxidized and can be
used to reduce organic compounds,!s e.g., CsHsCHO to C,H;CH,OH, and
CsHsNO, to CgHsNH, . With concentrated acids at low temperatures, the
solvated stannonium ion!>* is formed by the reaction

SnHy+H* - SnHj +H,

Plumbane, PbH,,, is formed in traces only when Mg-Pb alloys are hydrol-
yzed by acid or when lead salts are reduced cathodically.

All the elements form organo hydrides R,MH,_,, and even Pb derivatives
are stable; they are readily made by reduction of the corresponding chlorides
with LiAlH,. There are also a number of compounds of transition metals
with silyl groups, e.g., H;SiCo(CO),.

Perhaps the most important reaction of compounds with an Si—H bond,

13 M. Bowrey and J. H. Purncll, J. Amer. Chen. Soc., 1970, 92, 2595.

4 R. H. Herber and G. 1. Paris, lnorg. Chem., 1966, 5, 769,

5 G. H. Reifenberg and W. J. Considine, J. Amer. Chem. Soc., 1969, 91, 2401.
158 3, R. Webster and W. L. Jolly, Inorg. Chem., 1971, 10, 877.
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such as Ci;SiH or Me;Sit, and one that is of commercial imyj
Speier, or hydrosilation, reaction of alkenes, e.g.:
RCH=—CH, -+ HSiCl; — RCH,CH,SiCl;
Normally chloroplatinic acid is used as a catalyst. The mechanism of reaction
is discussed in Section 24-B-4.
The unusual reducing properties of SiHCl; are discussed below.

11-5. Halides

The more important halides are given in Table 11-4.

Fluorides. These compounds, which are of limited utility, are obtained by
fluorination of the other halides or by direct interaction; GeF, is best
made by heating BaGeFs. Si and Ge tetrafluorides are hydrolyzed by an
excess of water to the hydrous oxides; the main product from SiF, and H,0O
in the gas phase s F,Si0SiF; 16 T an excess of aqueous HF, the hexafiuoro
anions, MF2~, are formed. SnF, is polymeric, with Sn octahedrally coordina-
ted by four bridging and two non-bridging F atoms. PbF, is made by action
of F, on PbF,;a supposed preparation by the-action of HF on Pb(OOCMe),
in CHCl, at 0° gives the much more reactive Pb(OOCMe),F,.""

Silicon chlorides. SiCl, is made by chlorination of Si at red heat. Si,Clg
can be obtained by interaction of SiCl, and Si at high temperatures or, along
with SiCl, and higher chlorides, by chlorination of a silicide such as that of
calcium. The higher members, which have highly branched structures, can
also be obtained by amine-catalyzed reactions'® such as

58i,Clg — SisCly4+4SiCly
38i5Clg — SisCly2+2Si.Cls
The products are separated by fractional distillation.

All the chlorides are immediately and completely hydrolyzed by water, but
careful hydrolysis of SiCl, gives Cl1,Si0SiCl; and (Cl,Si0),SiCl,.

Hexachlorodisilane, Si,Clg, is a useful reducing agent!® for compounds
with oxygen bound to S, N or P; under mild conditions, at 25° in CHCl,
chlorooxosilanes are produced. It is particularly useful for converting optic-
ally active phosphine oxides, RIR2R3PO into the corresponding phosphine.
Since the reduction is accompanied by configurational inversion, the inter-

mediacy of a highly nucleophilic SiCly ion (cf. PCl,) has been proposed:
/-\

Si,Cl + 0=P<z — CI,SIOPEZE + Si~Cly

~ . . . - .
=P+ C1,SiOSiCly <— ;\—P*slcl3 + ~0siCl

The postulation of SiCly can also accommodate the equally useful, clean,
selective reductions by trichlorosilane (b.p. 33°) and also the formation of

16 §_ 1. Margrave, K. G. Sharp and P. W. Wilson, J. Amer. Chem. Soc., 1970, 92, 1530.

17 |. Bornstein and L. Skarlos, J. Amer. Chem. Soc., 1968, 90, 5044.

18 G, Urry et al., J. Inorg. Nuclear Chem., 1964, 26, 409; Accounts Chem. Res., 1970,9, 33;
D. Kummer and H. Koster, Angew. Chem. Internat. Edn., 1969, 8, 879.

19 K. Nauman et al., J. Amer. Chem. Soc., 1969, 91, 7012, 7023, 7027.
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C=C and Si—C bonds by reaction of SiHCl; with CCl,, RX, RCOC], and
other halogen compounds in presence of amines.2° In these cases the
hypothetical SiCl; could be generated by the reaction

HSiCl; +R3N &= R;NH* +SiCl;

followed by ;- +CIsC—CCl; — SiCl, +CI~ +ClL,C—CCl,
SiCls +RX — [R™ +XSiCl;] — RSiCl, +X-

There is some precedent for the postulation of the SiCI3 ion since trisub-
stituted organosilanes, R,SiH, react with bases to give silyl ions R,Si.

Chloride Oxides. A variety of chlorooxosilanes, both linear and cyclic,
is known. Thus controlled hydrolysis of SiCl, with moist ether, or interaction
of Cl, and O, on hot silicon, gives C13SiO(SiOC12),,SiC13, where n=1-—4.

Germanium Tetrachloride. This differs from SiCl, in that only partial
hydrolysis occurs in aqueous 6-937 HCI and there are equilibria involving
species of the type [Ge(OH),Cls_,)?~; from concentrated HCI solutions of
GeO, the tetrachloride can be distilled and separated.

Tin and Lead Tetrachlorides. These are also hydrolyzed completely only
in water and in presence of an excess of acid form chloroanions, as discussed
below.

11-6. Oxygen Compounds of Silicon2!

Silica. Pure SiO, occurs in only two forms, guartz and cristobalite. The
silicon is always tetrahedrally bound to four Ooxygen atoms but the bonds
have considerable jonic character. In cristobalite the Si atoms are placed as
are the C atoms in diamond, with the O atoms midway. between-each-pair—

In quartz, there are helices so that enantiomorphic crystals occur and these
may be easily recognized and separated mechanically.

The interconversion of quartz and cristobalite on heating requires breaking
and re-forming of bonds, and the activation energy is high. However, the
rates of conversion are profoundly affected by the presence of impurities, or
by the introduction of alkali-metal oxides or other “mineralizers.” Studies of
the system have shown that what was believed to be another form of quartz,
tridymite, is a solid solution of mineralizer and silica, 22

Slow cooling of molten silica or heating any form of solid silica to the
softening temperature gives an amorphous material which is glassy in
appearance and is indeed a glass in the general sense, that is, a material with
no long-range order but rather a disordered array of polymeric chains, sheets
or three-dimensional units.

Dense forms of SiO,, called coesite and stishovite, were first made under

20 R. A. Benkeser, Accounts Chem. Res., 1971, 4, 94,

2! W. Eitel, ed., Silicate Science, Vols. 1-V, Academic Press; W, A, Deer, R. A. Howic
and J. Zussman, Rock Forming Minerals, Vols. I-V, Longmans; N. V. Belov, Crysral
Chemistry of Large Cation Silicates, Consultants Burcau, 1963; A. A. Hodgson, Fibrous
Silicates, Royal Inst. Chem. (London), Lecture Series No, 4, 1964,

22 See R. Wollast, Proc. 8th Conf. Silicate Industry, Akadémiai Kiadd, Budapest, 1966.
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drastic conditions (250-1300° at 35-120 k atm), but they were subsequently
identified in meteor craters where the impact conditions were presumably
similar; stishovite has the rutile structure. Both are chemically more inert
than normal SiO, to which they revert on heating.

Silica is relatively unreactive towards Cl,, H,, acids and most metals at
ordinary or slightly elevated temperatures, but it is attacked by fluorine,
aqueous HF, alkali hydroxides, fused carbonates, etc.

Silicates. When alkali metal carbonates are fused with silica (~1300°),
CO, is driven off and a complex mixture of alkali silicates is obtained. When
the mixtures are rich in alkali, the products are soluble in water, but with low
alkali contents they become quite insoluble. Presumably the latter contain
very large, polymeric anions. Aqueous sodium silicate solutions appear to
contain the ion [SiO,(OH),}* ™ according to Raman spectra?® but, depending
on the pH and concentration, tetrameric and other polymerized species are
also present.?*

Most of our understanding of silicate structures comes from studies of
the many naturally occurring (and some synthetic) silicates of heavier metals.
The basic unit of structure is the SiO, tetrahedron. These tetrahedra occur
singly, or by sharing oxygen atoms, in small groups, in small cyclic groups,
in infinite chains or in infinite sheets.

Simple Orthosilicates. A few silicates are known in which there are
simple, discrete SiO%-, orthosilicate, anions. In such compounds the asso-
ciated cations are coordinated by the oxygen atoms, and various structures
are found depending on the coordination number of the cation. In phenacite,
Be,Si0,, and willemite, Zn,Si0,, the cations are surrounded by a tetra-
hedrally arranged set of four oxygen atoms. There are a number of com-
pounds of the type M,8i0,, where M2* is Mg2*, Fe**,Mn?™, or some other
cation with a preferred coordination number of six, in which the SiOf~
anions are so arranged as to provide interstices with six oxygen atoms at the
apices of an octahedron in which the cations are found. In zircon, ZrSiO,,
the Zr** ion is eight-coordinate although not all Zr—O distances are equal.
It may be noted that, although the M—O bonds are probably more ionic
than the Si—O bonds, there is doubtless some covalent character to them,
and these substances should not be regarded as literally ionic in the sense
[M2*],[Si04] but rather as somewhere between this extreme and the
opposite one of giant molecules. There are also other silicates containing
discrete SiO, tetrahedra. _

Other Discrete, Non-cyclic Silicate Anions. The simplest of the condensed
silicate anions—that is, those formed by combining two or more SiO,
tetrahedra by sharing of oxygen atoms—is the pyrosilicate ion, Si,0$~. This
jon occurs in thortveitite (Sc,8i,07), hemimorphite (Zn,(OH),Si,0,) and
in at least three other minerals. It is interesting that the Si—O—Si angle
varies from 131 to 180° in these substances.

23 W, P. Griffith, J. Chem. Soc., A, 1969, 1372.
24 J, Aveston, J. Chem. Soc., 1965, 4444.
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Fig. 11-2. Examples of cyclic silicate anions.

Cyclic Silicate Anions. Only two such cyclic ions are known, namely,
Siz08” and SigO1%~, the structures of which are shown schematically in
Fig. 11-2. It should be clear that the general formula for any such ion must be
$i,03;”. The ion Si;0§~ occurs in benitoite, BaTiSi;0q, and probably in
Ca,BaSi;0,. The ion SigO}3~ occurs in beryl, Be;AlLSig0O,,.

Infinite Chain Anions. These are of two main types, the pyroxenes, which
contain single-strand chains of composition (Si037), (Fig. 11-3) and the
amphiboles which contain double-strand, cross-linked chains or bands of
composition (Si,0¢7),. Note that the general formula of the anion in a
pyroxene is the same as in a silicate with a cyclic anjon, Silicates with this
general stoichiometry are often, especially in older literature, called “meta-
silicates.” There is actually neither metasilicic acid nor any discrete meta-
silicate_anion. With the mpiign,of,the,fewﬁnet—asilicates”fwit'h*cych'c** .

anions, such compounds contain infinite chain anions.

Q
Fig. 11-3. A linear chain silicate anion.

Examples of pyroxenes are enstatite, MgSiO;, diopside, CaMg(SiO,),,
and spodumene, LiAl(SiO,),, the last being an important lithium ore, In
the lithium compound there is one unipositive and one tripositive cation
instead of two dipositive cations. Indeed the three compounds cited jllustrate
very well the important principle that, within rather wide limits, the specific
cations or even their charges are unimportant so long as the total positive charge
is sufficient to produce electroneutrality. This may be easily understood in
terms of the structure of the pyroxenes in which the (8i0,), chains lie parallel
and are held together by the cations which lie between them. Obviously the
exact identity of the individual cations is of minor importance in such a
structure.

A typical amphibole is tremolite, Ca,;Mgs(Si, 04,),(0H),. Although it
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)

would not seem to be absolutel boles apparently always
contain some hydroxyl groups attached to the cations. Aside from this,
however, they are structurally similar to the pyroxenes, in that the (Si,0%7),
bands lie parallel and are held together by the metal ions lying between them.
Like the pyroxenes and for the same reason, they are subject to some vari-
ability in the particular cations incorporated.

Because of the strength of the (Si03), and (Si4O; 1), chains in the pyroxenes
and amphiboles, and also because of the relative weakness and lack of strong
directional properties in the essentially electrostatic forces between them via
the metal ions, we might expect such substances to cleave most readily in
directions parallel to the chains. This is in fact the case, dramatically so in the
various asbestos minerals, which are all amphiboles.

Infinite Sheet Anions. When SiO, tetrahedra are linked into infinite
two-dimensional networks as shown in Fig. 11-4, the empirical formula for
the anion is (Si,0%27),. Many silicates have such sheet structures with the
sheets bound together by the cations which lie between them. Such substances
might thus be expected to cleave readily into thin sheets, and this expectation
is confirmed in the micas which are silicates of this type.

R
o

ecessary, aimpii

Fig. 11-4. Sheet silicate anion structure idealized. [For a real example see A. K. Pant
Acta Cryst., B, 1968, 24, 1077.]

Framework Minerals. The next logical extension in the above progression
from simple SiO§~ ions to larger and more complex structures would be to
three-dimensional structures in which every oxygen is shared between two
tetrahedra. The empirical formula for such a substance would be simply
(Si0,),; that is, we should have silica. However, if, in such a three-dimen-
sional framework structure, some silicon atoms are replaced by aluminum
atoms, the framework must be negatively charged and there must be other
cations uniformly distributed through it. Aluminosilicates of this type are
the feldspars, zeolites and ultramarines which (excepting the last) are among
the most widespread, diverse, and usefulsilicate minerals in nature. Moreover,
many synthetic zeolites have been made in the laboratory, and several are
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Fig. 11-5. The arrangement of AlQ, and 810, tetrahedra which gives the cubo-octahedral
cavity in some zeolites and felspathoids. e represents Si or Al

manufactured industrially for use as ion-exchangers and “molecular sieves.”
The feldspars are the major constituents of igneous rocks and include such
minerals as orthoclase, KAISi, O, which may be written K[(A1O,)(Si0,),]
to indicate that one-fourth of the oxygen tetrahedra are occupied by Al
atoms, and anorthite, CaAl,Si,Og or Ca[(AlO,),(Si0,),], in which half of
the tetrahedra are AlOQ, and half SiO,. The ultramarines are silicates that
are blue; in addition to cations sufficient to balance the negative charge of
the [(SiAD)O,] framework these substances contain additional cations and
. anionssuchasCl™, SOZl,fa—ndsulﬁderion,fproba'bly S, which is believed to
account for the color. The framework of the ultramarines is rather open,
permitting fairly ready exchange of both cations and anions.
Among the most important framework silicates are the zeolites.?1» 25 Their
chief characteristic is the openness of the [(ALSD)O,], framework (Figs. 11-5
and 11-6), which makes possible their uses as ion-exchangers and selective

Fig. 11-6.  Cavitics of different dimensions in
(a) chabazite, Ca5A1128i24O72~40H20,

(b) gmelinite, (N112Ca)4Alasi15045-241{20, and
(c) crionite, Cu4,5AIDSi27O72-27H20.

23 R. M. Barrer in Non-Stoichiometric Compounds, L. Mandelcorn, ed., Academic Press,
1964; D. W. Breck, J. Chem. Educ., 1964, 41, 678 (molecular sieves).
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bants. Some of the many natural zeolites have been synthesized, and
numerous synthetic ones are known. The composition is always of the type
Mx,n[(AlOz)x(SiOz)y]'zHZO where 7 is the charge of the metal cation, M"",
which is usually Na*, K* or Ca?*, and the z is the number of moles of
water of hydration, which is highly variable.

7Zeolites as ion-exchange materials have been largely displaced by synthetic
cationic and anionic exchange resins, but their use as selective absorbants
for gases or liquids—"molecular sieves”—is extensive. They are also widely
used as catalysts or catalyst-support materials for a variety of heterogeneous
reactions.2® The zeolites used for all these purposes are mainly synthetic.
Thus slow crystallization under precisely controlled conditions of a sodium
aluminosilicate gel of proper composition, gives the crystalline compound
Na, 2[(AIOZ)M(SiOZ)1 ,127-H,0. In this hydrated form it can be used as a
cation-exchanger in basic solution. To obtain the “molecular sieve,” the
water of hydration is removed by heating in a vacuum to 350°, The crystalline
substance is of cubic symmetry. The AlO, and SiO, tetrahedra are linked
together so as to form a ring of eight oxygen atoms on each face of the unit
cube and an irregular ring of six oxygen atoms across each corner. In the
center of the unit cell is a large cavity about 11.4 A in diameter which is
connected to six identical cavities in adjacent unit cells by the eight-mem-
bered rings which have inner diameters of about 4.2 A. In addition, the large
cavity is connected to eight smaller cavities, about 6.6 A in diameter, by the
six-membered rings, which provide openings about 2.0 A in diameter. In the
hydrated form all the cavities contain water molecules. In the anhydrous state
the same cavities may be occupied by other molecules brought into contact
with the zeolite, providing such molecules are able to squeeze through the
apertures connecting cavities. Molecules within the cavities then tend to be
held there by attractive forces of electrostatic and van der Waals types.
Thus the zeolite will be able to absorb and strongly retain molecules just small
enough to enter the cavities. It will not absorb at all those too big to enter,
and it will absorb weakly very small molecules or atoms which can enter but
also leave easily. For example, the zeolite under discussion will absorb
straight-chain hydrocarbons but not branched-chain or aromatic ones.

Just as high pressures convert SiO, in one of its forms containing SiOy
tetrahedra into stishovite which contains SiOg octahedra, so some silicates,
e.g., the feldspar KAISi;Og, at 120 kbar and 900° can be transformed into a
form containing SiOg octahedra, and these are then metastable at normal
temperature and pressure.

A hydrated calcium silicate sulfate carbonate has a discrete Si(OH)Z ™ ion
as part of its structure.”’

26 3 Turkevitch in Catalyst Reviews, Vol. 1, Dekker, 1968; P. B. Venuto and P. S. Landis,
Adp. in Catalysis, Academic Press, 1968; Vol. 18, J. A. Rabo and M. L. Poutsma, Adv.
Chem. Series, No. 102, 1971, pp. 284 et seq. (catalytic cracking on zeolites).

27 R. A, Edge and H. F. W. Taylor, Nature, 1969, 224, 364.
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11-7. Oxygen Compounds of Germanium, Tin and Lead

Oxides and Hydroxides. The oxides GeO,, Sn0, and PbO, are all well-
characterized compounds. GeO, resembles SiO, in that it exists in two
forms; the stable high-temperature form has a cristobalite lattice and the
other a rutile lattice; the radius ratio is close to that at which the change
from tetrahedral to octahedral coordination should occur theoretically.
SnO, exists in three different modifications of which the rutile form (in the
mineral cassiterite) is most common; PbO, shows only the rutile structure.
The basicity of the dioxides appears to increase from Si to Pb. Si0, is purely
acidic, GeO, is less so and in concentrated HCI gives GeCl,, while SnO, is
amphoteric, though when made at high temperatures or by dissolving Sn in
hot concentrated HNO, it is, like PbO,, remarkably inert to chemical attack.

There is little evidence that there are true hydroxides, M(OH),, and the
products obtained by hydrolysis of hydrides, halides, alkoxides, etc. are best
regarded as hydrous oxides. Thus the addition of OH - to Sp!V solutions gives
a white gelatinous precipitate which when heated is dehydrated through
various intermediates and at 600° gives Sn0,,28

Oxo Anions. The germanates, stannates and plumbates have been less
well studied than silicates. Both metagermanates, M, GeOQ,, and orthoger-
manates (for example, Mg, GeO,) have been obtained in crystalline form and
have been shown to have structures analogous to the corresponding meta-
and ortho-silicates. Thus SrGeO, contains a cyclic Ge;08~ ion. Germanates
containing the Ge(OH)2™~ ion are also known. In dilute aqueous solutions
the major germanate ions appear to be [GeO(OH),]", [GeO,(OH),]*~ and
{{Ge(OH),]J5(OH);}*~. Fusion of SnO, or PbO, with K, 0 gives K,MO,,
‘which-has chains of edge-shared MO, square pyramids.?® Crystalline alkali-
metal stannates and plumbates can be obtained as trihydrates, for instance,
K,5n0;-3H,0. Such materials contain the octahedral anions Sn(OH)2~ and
Pb(OH)Z~.

11-8. Complexes of Group IV Elements

Most of the complexes of these elements in the IV oxidation state contain
halide ions or donor ligands that are O, N,SorpP compounds.

Anionic Species. Silicon forms only fluoro anions, normally, SiF2-,
whose high stability constant accounts for the incomplete hydrolysis of SiF,

1n water: 28iF,+2H,0 — SiO, +SiF2- +2H* + 2HF

The ion is usually made by attack of HF on hydrous silica and is stable even
in basic solution. While the salts that crystallize are normally those of the
SiFZ~ ion, the pentafluorosilicate ion can be stabilized under selected condi-
tions and with cations of the correct size,

This ion was first noted in a salt obtained in a remarkable reaction where

28 E. W. Giesekke, H. S. Gutowsky, P. Kirkov and H, A, Laitenen, Inorg. Chem., 1967,
6, 1294.
29 B. M. Gatehouse and D. J. Lloyd, Chem. Comm., 1969, 727.
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tetrafivoroethylene, C,F,, and PtHCI(PEt 3); {Section 26-H-2) were heated
in a silica vessel in the expectation of forming Pt(C,F,H)CI(PEt;),. The
actual product®® was [(Et3P)2PtC1(CO)]+SiF§. The SiF; salts are more
conveniently obtained by direct reactions, e.g. 3132

Si0, + HF(aq) + RN *Cl ~22%%5 [R N]SiFs
SiF,+[R,N]F <2298y IR, NISiFs
Nmr data3? for the ion and also for similar species RSiF; and R,SiFy
indicate thp structures, but above —60° exchange processes are occurring.

Germanium, tin and lead also form hexafluoro anions; for example,
dissolution of GeO, in aqueous HF followed by the addition of KF at 0°
gives crystals of K,GeFs. The Ge and Sn anions are hydrolyzed by bases,
but the Pb salts are hydrolyzed even by water. A great variety of tin species,
SnFg_,X2~ have been studied by nmr spectroscopy, and the equilibrium
constants have been estimated,*? e.g.,

SnF2- +H,0 = SnFs(OH,)~ +EF~ K =2.3x10"¢

SnF¢~+OH™ = SnFs(OH)?~ +F~ K = 17.7x10°
Anhydrous hexafluorostannates can be made by dry fluorination of the
stannates, MySnO;-3H,0.%*

The hexachloro ions of Ge and Sn are normally made by the action of
HCIL or M'Cl on MCl,. The thermally unstable yellow salts of PbCl%™ are
obtained by action of HCI and Cl, on PbCl,.%* Under certain conditions,
pentachloro complexes of Ge and Sn may be stabilized, e.g., by the use of
(C4H3);C™ as the cation or by the interaction of MCl, and (C4Hg),N*CI~
in SOCI, solution.>®

Other anionic species include the ions [Sn(NO;)¢]*~ and also thiostannate,
written SnS%~ but of uncertain structure, obtained by dissolving SnS; in
alkali or ammonium sulfide solution. The most extensive series are the
oxalates [Mox;]?~ (where M = Si, Ge or Sn) and other carboxylates.?”

Cationic Species. There are comparatively few cationic complexes, the
most important being the octahedral p-diketonates and tropolonates (T) of
Si and Ge such as [Ge acacs]™ and SiT3. So-called “siliconium” ions®8 can
also be formed by reactions such as

+

Ph. T
Ph,SiX + bipy <Hfis ~Si—N + X~
Ph? by

30 [, C. Clark, P. W. R. Corfield, K. R. Dixon and J. A. Ibers, J. Amer. Chem. Soc.,
1967, 89, 3360.

31 [, C. Clark, K. R. Dixon and J. G. Nicolson, Inorg. Chem., 1969, 8, 450; J. J. Harris
and B. Rudnor, J. Amer. Chem. Soc., 1968, 7, 515.

32 . Klanberg and E. L. Muetterties, Inorg. Chem., 1968, 7, 155.

33p. A. W. Dean and D. F. Evans, J. Chem. Soc., A, 1968, 1154

34 p, J. Moehs and H. M. Haendler, Inorg. Chem., 1968, 7, 2115.

35 R. D. Whealy and D. R. Lee, Inorg. Chim. Acta, 1967, 1, 397.

36 1. R. Beattie et al., J. Chem. Soc., 4, 1967, 712; K. M. Harmon et al., Inorg. Chem.,
1969, 8,1054; J. A. Creighton and J. H. S. Green, J. Chem. Soc., A, 1968, 808.

37 p. A. W. Dean, D. F. Evans and R. F. Phillips, J. Chem. Soc., A, 1969, 363.

38 See, e.g., T. Tanaka et al., Inorg. Chim. Acta, 1969, 3, 187.
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Neutral Species. Thereisa variety of these, of which the tin complexes®?®
SnCl,(p-diket), are good examples. Tin dithiocarbamates such as
SnCl,(S,CNEt,), and Sn(S,CNEt,), are also known;*? in the latter the tin
is presumably 8-coordinate.

Adducts. The tetrahalides all show Lewis acid behavior, and SnCl, is a
good Friedel-Crafts catalyst. The acid strengths for SnX, are known to be
SnCl, > SnBr, >Snl,.

The adducts may be 1:1 or 1:2, but unless an X-ray study has been made
or other evidence is unequivocal it is not always certain whether the adducts
are neutral and 5- or 6-coordinate, ie., MX,-L,, or whether they are salts,
e.g., [MX,L,]X,. Among the best defined adducts are the pyridine adducts
MCl,py, of Si, Ge and Sn, which are molecular and have trans-pyridine
groups.*!

11-9. Other Compounds

Alkoxides, Carboxylates and Oxo Salts. All four elements of this Group
form alkoxides, but those of silicon, e.8., Si(OC,Hj),, are the most impor-
tant; the surface of glass or silica can also be alkoxylated. Alkoxides are
normally obtained by the standard method:

MCIl,+4ROH +4 amine — M(OR), + 4 amine* HCI

Silicon alkoxides are hydrolyzed by water, eventually to hydrous silica, but
polymeric hydroxo alkoxo intermediates occur,42 Of the carboxylates, lead
tetraacetate is the most important as it is used in organic chemistry as a
strong but selective oxidizing agent. Itfisﬁmade——bydisselving?b304*ini10ﬁ’

glacial acetic acid or by electrolytic oxidation of Pb" in carboxylic acids, In
 oxidations the attacking species is generally considered to be Pb(OOCMe)7,

which is isoelectronic with the similar oxidant, TI(OOCMe),, but this is not
always so and some oxidations are known to be free radical in nature.*® The
trifluoroacetate is a white solid, which will oxidize even heptane to give
ROOCCF; species whence the alcohol ROH is obtained by hydrolysis;
benzene similarly gives phenol.*4

Oxo Salts. These are few. Tin(1v) sulfate, Sn(SO,), -2H,0, can be crys-
tallized from solutions obtained by oxidation of Sn!! sulfate; it is extensively
hydrolyzed in water.

Tin(1v) nitrate is obtained as a colorless volatile solid by interaction of
N,O; and SnCl,; it contains bidentate NOj groups giving dodecahedral
coordination.** The compound reacts with organic matter.

39 J. W. Faller and A. Davison, Inorg. Chem., 1967, 6, 182.

40 F. Bonati, G. Minghetti and S. Cenini, Inorg. Chim. Acta, 1968, 2, 375,

411, R. Beattic et al., J. Chem. Soc., 4, 1969, 482; 1968, 2772.

42 M. F. Bechtold, R. D. Vest and L. Plambeck, Jr., J. dmer. Chem. Soc., 1968, 90, 4590.
3 See, e.g., R. J. Ouellette ef al., J. Amer. Chem, Soc., 1969, 91, 97,

44 R, E. Partch, J. Awmer. Chem. Soc., 1967, 89, 3662.

4% C. D. Garner, D. Sutton and S. C. Wallwork, J. Chem. Soc., A4, 1967, 1949,
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Sulfides. Lead disulfide is not known, but for the other elements direct
interaction of the elements gives MS,. The silicon and germanium com-
pounds are colorless crystals hydrolyzed by water. The structures of SiS, and
GeS, are chains of tetrahedral MS, linked by the sulfur atoms (Section
15-9), SnS, has a Cal, lattice, each Sn atom having six sulfur neighbors.

Silicon—Nitrogen Compounds.*® There is a very extensive chemistry of
compounds with nitrogen bound to silicon. The amide, Si(NH,), is made by
action of NH; on SiCl,; on being heated, it gives an imide and finally the
nitride SizNy.

Most of the chemistry of Si, Ge and Sn with nitrogen is in the area of
organo compounds.

11-10. The Divalent State

Silicon.*”"*® Divalent Si species are thermodynamically unstable under
normal conditions. However, SiX, species have been identified in high-tem-
perature reactions and have been trapped by rapid chilling to liquid-nitro-
gen temperature. The best studied compound is SiF,, but SiO, SiS, SiH,,
SiCl, and some other species are known.

At ca. 1100° and low pressures SiF, and Si react to give SiF, inca. 99.5%

yield: SiF,+Si & 2SiF,

The compound is stable for a few minutes at 10~* cm pressure. It is dia-
magnetic and the molecule is angular with a bond angle of 101° both in the
vapor and in the condensed phase. The reddish-brown solid gives an esr
spectrum and presumably contains also -SiF,(SiF,),SiF, - radicals. When
warmed it becomes white, cracking to give fluorosilanes up to Si;¢Fj,4.

In the gas phase, SiF, reacts with oxygen but is otherwise not very
reactive, but allowing the solid to warm in presence of various compounds,
e.g., CF,I, H,S, GeH,, affords compounds such as SiF,HSH.*® The
corresponding chloride exists for only milliseconds at 10™* cm pressure since
it readily reacts with an excess of SiCl,. By reaction with other halides, e.g.,
BCl,, mixed compounds such as Cl,SiBCl, can be prepared.®®

Germanium. The germanium dihalides are quite stable entities. GeF,, a
white crystalline solid (m.p. 111°) is formed by action of anhydrous HF on
Ge in a bomb at 200° or by reaction of Ge and GeF, above 100°. It is a
fluorine-bridged polymer, the Ge atom having a distorted trigonal-bipyramid

46 {J. Wannagut, Adv. Inorg. Chem. Radiochem., 1964, 6, 225.

47§, L. Margrave and P. W. Wilson, Accounts Chern. Res., 1971, 4, 145; W. H. Atwell and
D. R. Weyenberg, Angew. Chem. Internat. Edn., 1969, 8, 469 (extensive review of so-
called “silylenes” as analogs of carbenes).

48 7. 1. Margrave et al., J. Amer. Chem. Soc., 1970, 92, 1530; Inorg. Chim. Acta, 1969, 3
601; Inorg. Nuclear Chem. Lett., 1971, 17, 103. T

49 K. G. Sharp, J. L. Margrave and P. W. Wilson, Inorg. Chem., 1969, 8, 2655; J. Inorg.
Nuclear Chem., 1970, 32, 1817.

50 p. L. Timms, Inorg. Chem., 1968, 7, 387; R. W. Kirk and P. L. Timms, J. Amer. Chem.
Soc., 1969, 91, 6315.
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arrangement of four atoms and an equatorial lone pair.5! The compound re-
acts exothermically with solutions of alkali-metal fluorides to give the hydrol-
ytically stable ion GeFj ; in fluoride solutions the jon is oxidized by air, and
in strong acid solutions by H*, to give GeF2-. GeF, vapors®? contain
oligomers (GeF,), where n = 1-3.

The other germanium dihalides are less stable and less well studied, but
salts of the ion GeCly are well known.3® The sulfide, GeS, and a yellow
amphoteric hydroxide, “Ge(OH),,” are known; the latter is precipitated by
base from Ge'¥ solutions in H,SO, that have been reduced by zinc.

Tin.>*  The most important compounds are SnF, and SnCl,, which are
obtained by heating Sn with gaseous HF or HCI. The fluoride, which is
sparingly soluble in water, is commonly used as the source of F~ ion in
protective toothpastes.>> Water hydrolyzes SnCl, to a basic chloride, but
from dilute acid solutions SnCl,-2H,0 can be crystallized. Both halides
dissolve in solutions containing an excess of halide ion, thus:

SnF,+F~ = SnFj K & 1
SnClL+Cl~ = SnCi; pK ~ 2

In aqueous fluoride solutions SnF5 is the major species, but the ions SnF*
and Sn,F3 can be detected. However, salts of the Sn,F3 ion can be isolated
from melts or from solution.>® Adducts of SnF, with fluoride acceptors such
as SbF; appear to be ionic, with the cation, SnF*, joined to the anion,
SbFg, by a fluorine bridge.%62

The halides readily dissolve in donor solvents such as acetone, pyridine,
or DMSO, and pyramidal adducts, SnX,L, are formed.5” The lone pair in
SnCL,L or SnCI3 can be utilized and numerous transition-metal complexes
with tin(i) chloride as ligand are known;>® Mossbauer studies suggest that
such species are best regarded as Sn' complexes, however.® The oxidation
on complex formation is more clearly illustrated by the “carbene-like”
reactions of SnCl, with metal—metal bonds, where an “insertion reaction”
(Section 24-A-3) occurs, e.g.,

[#°-C5sH 5(CO),Fel, +Sn"'Cl, — *-CsH 5(CO)2Fe-Sn"’Clz—Fc(CO)zlzs-C5H5

The very air-sensitive stannous ion, Sn%*, occurs in acid perchlorate
solutions, which may be obtained by the reaction

Cw(ClOy,); +8n/Hg = Cu-+Sn2+ +2ClO3

51 J. Trotter, M. Akhtar and N. Bartlett, J. Chem. Soc., A, 1966, 30.

52 ). L. Margrave, Inorg. Chem., 1968, 7, 608.

53 P. S. Poskozim and A. L. Stone, J. Inorg. Nuclear Chem., 1970, 32, 1391.

54 J. D. Donaldson, Progr. Inorg. Chem., 1967, 8, 287 (an extensive review),

55 W. E. Cooley, J. Chen. Educ., 1970, 47, 177.

36 3. D. Donaldson et al., J. Chem. Soc. A, 1967, 1821; 1969, 2696.

5607, Birchall, P. A. W. Dean and R. J. Gillespie, J. Chem. Soc., A, 1971, 1777.

571, D. Donaldson, D. G. Nicholson and B. J. Senior, J. Chem. Soc., A, 1968, 2928;
R. J. H. Clark, L. Marcsca and P. J. Smith, J. Chem. Soc., A, 1970, 2687.

58 ). F. Young, Adv. Inorg. Chem, Radiochem., 1968, 11, 92.

59 D. E. Fenton and I. J. Zuckerman, Inorg, Chem., 1969, 8, 1771.
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P+ with SnOH™ and [Sn,(OH),}** as minor
contributors:
3Sn2* +4H,0 2 [Sny(OH)2+ +4HY  log K = —6.77

The trimeric, probably cyclic, ion appears to provide the nucleus of several
basic tin(1) salts obtained from aqueous solutions at fairly low pH. Thus the
nitrate appears to be Sny(OH),(NO3), and the sulfate, Sn;(OH),0580,.5°
All Sn!" solutions are readily oxidized by oxygen and, unless stringently
protected from air, normally contain some Sn'Y. The chloride solutions are
often used as mild reducing agents:

SnCI2-+2¢ = SnClz +3Cl1-  E°® = ca. 0.0 V (1M HCI, 4 M CI7)

The addition of aqueous ammonia to Sn' solutions gives the white hydrous
oxide which, when heated in suspension at 60-70° in 2M NH,OH is dehydr-
ated to black SnO, or at 90-100° in presence of hypophosphite to a red
modification.®* The hydroxide is amphoteric and dissolves in alkali hydrox-
ide to give solutions of stannites, which may contain the ion [Sn(OH)¢]*".
These solutions are quite strong reducing agents; on storage they deposit
SnO and at 70-100° disproportionate slowly to p-tin and Sn™.

Various other Sn" compounds are known, including carboxylates
and complex carboxylate anions,®2 phosphites,®® thiocyanates®* and
Sn(Cl0,),-3H,0.%°

Lead. Lead has a well-defined cationic chemistry. There are several crys-
talline salts but with the exception of Pb(NO,), and Pb(OCOCH3),-2H,0
(which ionizes incompletely in water) most lead salts are sparingly soluble
(PbF,, PbCl,) or insoluble (PbSO,, PbCrO,, ctc.) in water. The halides,
unlike the tin(m) halides, are always anhydrous and have complex
crystal structures with distorted close-packed halogen lattices. In water,
species such as PbX™ are formed and, on addition of an excess of halogen
acid, PbX{*~2~; with the fluoride, only PbF* occurs, but with CI~ several
complex ions are formed.

The plumbous ion is partially hydrolyzed in water. In perchlorate solu-
tions the first equilibrium appears to be

Pb2++H,0 = PbOH* +H* logK~ —79

but at higher degrees of hydrolysis and at high concentrations polymerized
species with 3, 4 or 6 Pb atoms are formed. Crystalline salts containing poly-
meric anions can be obtained by dissolving PbO in perchloric acid and adding
an appropriate quantity of base. X-ray investigation of the structure of the
Pby species,®® [PbgO(OH)l* " (ClO;)4. H,O, reveals three tetrahedra of Pb

60 C. G. Davies and J. D. Donaldson, J. Chem. Soc., A, 1967, 1790; 1968, 946.

61 W. Kwestro and P. H. G. M. Vroman, J. Inorg. Nuclear Chem., 1967, 29, 2187.

62 §. D. Donaldson and A. Jelen, J. Chem. Soc., 4, 1968, 1448, 2244.

63 C. G. Davies, J. D. Donaldson and W. B. Simpson, J. Chem. Soc., A, 1969, 417.

64 B. R. Chamberlaine and W. Moser, J. Chem. Soc., A, 1969, 354.

65 C. G. Davies and J. D. Donaldson, J. Inorg. Nuclear Chem., 1968, 30, 2635.

66 T, G. Spiro, D. H. Templeton and A. Zalkin, Inorg. Chem., 1969, 8, 856; T. G. Spiro
et al., Inorg. Chem., 1969, 8, 2524.
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Fig. 11-7. 'The three face-sharing tetrahedra of Pb atoms in the PbgO(OH)¢* cluster.

atoms which share faces. The middie tetrahedron has an O atom near the
center (Fig. 11-7) while the OH groups lie on the faces of the two end tetra-
hedra. Addition of more base gives the hydrous oxide, which dissolves in an
excess of base to give the plumbate ion. If aqueous ammonia is added to a
lead acetate solution, a white precipitate of a basic acetate is formed which on
suspension in warm aqueous ammonia and subsequent drying gives very pure
lead oxide, the most stable form of which is the tetragonal red form.57-68

The oxide Pb;0, (red lead), which is made by heating PbO or PbO, in air
behaves chemically as a mixture of PbO and PbO,, but the crystal contains
Pb™VOy octahedra linked in chains by sharing of opposite edges, the chains
being linked by Pb" atoms each bound to three oxygen atoms.®8

Lead(1) also forms numerous complexes which are mostly octahedral,
although a phosphorodithioate, Pb[S,P(iso-C;H,0),],, is polymeric with
six Pb—S bonds and a stereochemically active lone pair,*®

11-11. Organo Compounds of Group IV Elements’°

There is an exceedingly extensive chemistry of the Group IV elements
bound to carbon, and some of the compounds, notably silicon—oxygen
polymers and alkyl-tin and -lead compounds, are of commercial impor-
tance; germanium compounds appear to be of little utility.

Essentially all the compounds are of the MY type. In the divalent state the
only well established compounds are the cyclopentadienyls (4°-C;H;),Sn and
(°-CsH5),Pb; alkyls or aryls of formula R,Sn are either transitory or non-
existent, and the stable substances of this stoichiometry are linear or cyclic

67 W. Kwestro, J. de Jonge and P. H. G. M. Vroman, J. Inorg. Nuclear Chem., 1967, 29,
39; M. Neuberger: “Lead oxide” Data sheet D5-155 May 1967, Electronic Propertics
Information Center, Hughes Aircraft Co., Culver City, California.

8 B. Dickens, J. Inorg. Nuclear Chem., 1965, 27, 1495,

%9 S. L. Lawton and G. T. Kokotailo, Nature, 1969, 221, 550.

70 G. E. Coates, M. L. H. Green and K. Wade, Organometallic Compounds, Vol, 1,
Methuen, 1967 (an cxcellent account of Ge and Pb chemistry); A. G. MacDiarmid, cd.,
Organometallic Compounds of Group IV Elements, Dckker, Vol. 1, Part 1 (nature of bond
to C; Si—QC); Part 11 (Ge, Sn, Pb to C bonds) (additional volumes are in preparation);
R. Weiss, Organometallic Compounds, Vol. 11, 2nd edn., Ge, Sn, Pb, Springer, 1967; sce
also Further Reading, page 337.
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polymers of tetravalent tin. The cyclopentadienyls are made by action of
CsH;Na on the chlorides; they are air-sensitive and have a structure in the
gas phase similar to that of ferrocene (Section 23-2) but with the metal-to-
ring axes at an angle consistent with the presence of a lone pair. The donor
properties are shown by the formation of (CsHs),SnBF;.7!

For all four elements the compounds can generally be designated
R,_,MX,, where R is alkyl or aryl and X can vary widely, being H, Cl, O,
COR’, OR’, NRj, SR/, Mn(CO)s, W(CO);(h°-CsHs), etc. The elements can
also be incorporated into heterocyclic rings of various types.

For a given class of compound those with C—Si and C—Ge bonds have
higher thermal stability and lower reactivity than those with bonds to Sn and
Pb. In catenated compounds similarly, Si—Si and Ge—Ge bonds are more
stable and less reactive than Sn—Sn and Pb—Pb bonds; for example Si,Meg
is very stable, but Pb,Meq blackens in air and decomposes rapidly in CCl,
although it is fairly stable in benzene.”?

The bonds to carbon are usually made via interaction of Li, Hg, or Al alkyls
or RMgX and the Group IV halide, but there are many special synthetic
methods, some of which will be noted below.

Silicon.”® The organo compounds of Si and Ge are very similar in their
properties, although Ge compounds’* have been less extensively studied. We
discuss only Si compounds.

Silicon—carbon bond dissociation energies are less than those of C—C
bonds but are still quite high, in the region 250-335 kT mol™*. The tetra-
alkyls and -aryls are hence thermally quite stable; Si(CgHs),, for example,
boils unchanged at 530°.

The chemical reactivity of Si—C bonds is generally greater than that of
C—C bonds because (a) the greater polarity of the bond, Si*T—C?~, allows
easier nucleophilic attack on Si and electrophilic attack on C than for C—C
compounds, and (b) displacement reactions at silicon are facilitated by its
ability to form 5-coordinate transition states by utilization of & orbitals.

The mechanism of reactions of silicon compounds has been extensively
studied and is complicated.”® Detailed discussion is beyond the scope of this
book; a few illustrations will suffice. The displacement reactions of optically
active methyl-1-naphthylphenylsilane usually proceed with inversion of
configuration. For R;3SiX in general, if the incoming nucleophile Y is more
basic than X and X is a leaving group for which the conjugate acid has a
pK < ~6, then the displacement is by an associative pathway with inversion

71 p, G. Harrison and J. J. Zuckerman, J. Amer. Chem. Soc., 1970, 92, 2577.

72 R, J. H. Clark et al., J. Amer. Chem. Soc., 1969, 91, 1334,

73 C. Eaborn, Organosilicon Compounds, Butterworth, 1960 (an excellent text); V. Bazant,
V. Chvalovsky and J. Rathowsky, Organosilicon Compounds, Academic Press, 1965
(comprehensive reference volumes).

74 M. Lesbre, P. Mazerolles and J. Satgg, The Organic Compounds of Germanium, Wiley,
1971.

75 See L. H. Sommer, Stereochemistry, Mechanism and Silicon, McGraw Hill, 1965, and
subsequent papers mainly in J. Amer. Chem. Soc., e.g., 1967, 89, 868; 1969, 91, 4729,
7040, 7045, 7067.
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regardless of the nature of the solvent. Such a path may lead through a
5-coordinate transition state with long axial bonds to X and Y, which would
then allow inversion:

X
R, RU R3\
R*—Si—X X> RzAW =X, R §ioy
RS/ i RI/

Y

Free radicals are less important in silicon than in carbon chemistry,”® and
it is only recently that esr detection of a silicon radical in solution has been
made (although radicals have been isolated in matrixes) by the hydrogen
abstraction reaction with z-butoxy and other radicals generated photoche-

mically, e.g., R3SiH+Me;CO - — R;Si+ + Me,COH

A comparison of the rates of reactions such as
2-XCsHa-MR3 +H,0 — RsMOH + C4H, X

in aqueous-methanolic HCIO, gives the order Si(1) < Ge(36) < Sn(3 x 109 <
<Pb(2 x 10%), which suggests that, with increasing size, there is increased
availability of outer orbitals, which allows more rapid initial solvent coor-
dination to give the 5-coordinate transition state.

Alkyl- and Aryl-silicon Halides.”” These compounds are of special impor-
tance because of their hydrolytic reactions. They may be obtained by normal
Grignard procedures from SiCl,, or, in the case of the methyl derivatives,
by the Rochow process in which methyl chloride is passed over a heated,
copper-activated silicon:

CH3(%l—-i—Si(Cu)‘»{GHg),;SiGlt,;

The halides are liquids that are readily hydrolyzed by water, ysually in an
inert solvent. In certain cases, the silanol intermediates R3SiOH, R,Si(OH),,
and RSi(OH); can be isolated, but the diols and triols usually condense under
the hydrolysis conditions to siloxanes which have Si—O—Si bonds. The
exact nature of the products depends on the hydrolysis conditions and
linear, cyclic, and complex cross-linked polymers of varying molecular
weights can be obtained. They are often referred to as silicones; the commer-
cial polymers usually have R = CHj;, but other groups may be incorporated
for special purposes.”’®

Controlled hydrolysis of the alkyl halides in suitable ratios can give pro-
ducts of particular physical characteristics. The polymers may be liquids,
rubbers, or solids, which have in general high thermal stability, high dielectric
strength and resistance to oxidation and chemical attack.

Examples of simple siloxanes are Ph;SiOSiPh; and the cyclic trimer or

76 P. J. Krusic and J. K. Kochi, J. Amer. Chem. Soc., 1969, 91, 6161; 1. M. T. Davidson,
Quart. Rev., 1971, 25, 111.

77 R.J. H. Voorhocve, Qrganohalosilanes: Precursors to Silicones, Elsevier, 1967,

"8 W. Noll et al., Chemistry and Technology of Silicones, Academic Press, 1968.
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Tin.'1'7® Where the compounds of tin differ from those of Si and Ge
they do so mainly because of a greater tendency of Sn'Y to show coordination
numbers higher than four and because of ionization to give cationic species.

Trialkyltin compounds of the type R,;SnX of which the best studied are
the CH, compounds with X = ClO,, F, NO;, etc., are of interest in that they
are always associated in the solid by anion bridging (11-III and IV); the coor-
dination of the tin atom is close to tbp with planar Sn(Me); groups. When X
is RCOO the compounds may in addition be monomeric with unidentate or
bidentate carboxylate groups.®°

00
e Mo Y e X
_Sn——O/ \0—/51{'—' \/S{/ \\/Sr{/ T~
Me Me Me Me Me Me Me Me
(11-11T) 11-IV)

The R;SnX (and also R,;PbX) compounds also form 1:1 and 1:2 adducts
with Lewis bases and these also generally appear to contain 5-coordinate Sn,
with the alkyl groups in axial positions. In water the perchlorate and some
other compounds ionize to give cationic species, €.8., [Me;Sn(H,0),]".

Dialkyltin compounds, R ,SnX, , have behavior similar to that of the trialkyl
compounds. Thus the fluoride Me,SnF, is again polymeric, with bridging F
atoms, but Sn is octahedral and the Me—Sn—Me group is linear. However,
the chloride and bromide have low melting points (90° and 74°) and are essen-
tially molecular compounds, but there is weak interaction between neigh-
boring molecules via halogen bridges.??

The halides also give conducting solutions in water and the aquo ion has
the linear C—Sn—C group characteristic of the dialkyl species (cf. the linear
species 