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I. INTRODUCTION

The aim of the present review is to examine the present
state of the problem of the nature of the chemical bond in
inorganic crystals. Although the concept of the partial
covalence of such crystals has now become fairly wide-
spread!~3, the tendency to regard this “covalent compo-
nent” as a relatively small correction to the ionic state
predominates. One of the reasons for this situation is the
traditional belief that the classical ionic theory and its con-
cepts of multicharged ions are consistent with the majority
of thermochemical and crystal-chemical data, which are
thus regarded as “proof” of the validity of this theory.
More detailed analysis shows, however, that in all cases,
except alkali metal halides, thermochemical and crystal-~
chemical arguments are not convincing and in fact it is not
experimental data that are consistent with the ionic theory
but certain theoretical postulates in the thermochemistry
of crystal lattices and in crystal chemistry—branches of
science which have developed for half a century under the
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dominant influence of the ionic concept. Therefore such
agreement is not surprising, but, rather than being the
foundation of the ionic model, it is its consequence. The
relevant questions have been examined in sections II and
III of the present review.

On the other hand a fairly large amount of direct experi-
mental data on charge distribution in inorganic solids has
now accumulated. These experimental results show that
the only inorganic crystalline materials close to a purely
ionic state are probably alkali metal halides, for which the
ionic theory holds almost completely. In crystals of com=
pounds of “polyvalent” elements the effective charges do
not increase but are actually more likely to decrease with
increase in formal valence. Thus the effective ionic
cha.rg‘e,s in alkaline earth metal oxides and chalcogenides
(AIBV]) do not exceed unity in all probabilityt and in com=~
pounds of the type AIIIBV they are approximately 0.5. In

+ However, many workers continue to regard these
crystals as purely ionic*.
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compounds more complex than the binary compounds with
the composition AB the situation is somewhat more com-
plicated but even in crystals of this kind the effective ionic
charges are lowj. Experiments show that the anionic
charges never exceed about 1 e, while cationic charges may
be somewhat greater. Experimental data on the effective
charges are considered in section IV.

The review concludes with section V, where the question
of the possible physical cause limiting the effective charge
of the atom in a molecule or crystal is discussed. The
concluding paragraph deals with the problem of the quan-
tum-mechanical description of the partially covalent state
in solids. A fairly typical example, showing how an ap-
preciable departure from a purely ionic structure can lead
to a considerable change in the physical properties of the
solid, is also quoted there.

I. THERMOCHEMICAL DATA AND THE PROBLEM OF
MULTICHARGED IONS

The fundamental thermochemical concept in ionic theory
is the so called “lattice energy” (Table 1), i.e. the energy
which would be evolved in a hypothetical process involving
the mutual approach of ions (including multicharged ions)
from infinity to real atomic distances in the crystal. Two
properties are then used as the main evidence in favour of
the ionic model (Table 1): (1) the similarity of the “the-
oretical” and “experimental” lattice energies; (2) the
sharp increase in lattice energy on going from compounds
of “univalent” elements to compounds of “polyvalent” ele-
ments, in full agreement with the quadratic relation be-
tween the energy of electrostatic attraction and the charge.

Table 1. Theoretical (Ur) and experimental (Ug)
lattice energies in crystals*

Unp, keal | Ug, ke Q keal | E, s
T E ¢ g atom
Crystal mole”! | mole mole™!  [ical mole™

NaF 2475 2177 136 180
KF 193 5 1937 134 174
RbF 184 1857 131 170
CsF 1765 4737 127 164
NaCl 1858 1857 98 152
KCl 1685 1697 104 154
RbCl 1618 1627 103 152
MgO 942 0 9428 144 239
Ca0 865¢ 8538 152 257
Sr0 141 239
BaO 756 6 766 ¢ 133 235
Mgs | 807¢ 83 178
CaS 740¢ 115 220
SrS 696 ¢ 108 200

* The heats of formation (@) of the compounds and the
heats of sublimation of the metals taken from Ref. 8

and the dissociation energies of diatomic molecules
taken from the summarising table in Ref. 16 were used
to calculate the atomisation energy Egtom,. Here and
henceforth literature references are quoted immediately
after the numerical data.

i It is superfluous to emphasise that the concept of the
essentially covalent structure of inorganic crystals in no
way contradicts the generally known experimental facts,
for example, Faraday's laws of electrolysis. Further-
more, in solutions we are dealing not with atomic but with
solvated ions.
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However, simple analysis shows that for compounds of
“polyvalent” elements both these properties do not reflect
any experimental relations but are a consequence of the
definition of the concept of the “theoretical” lattice energy,
which is calculated precisely on the basis of the postulate
of the ionic nature of the bond.

1. Theoretical Lattice Energy

The theoretical lattice energy Ut is by definition a
purely computational quantity which can be formally calcu~
lated for any system of real or fictitious charges. Never-
theless the use of this concept in the theory of crystal lat-
tices already involves certain difficulties.

Even within the framework of the postulated ionic model
Ut cannot be calculated unambiguously, since in the ex-
pression for the theoretical lattice energy$

U‘r = (1)

R Urep.

the electrostatic bond mechanism defines only the first
term Uglecty = MZ%/R. The exact form of the second
term Urep is unknown (it is specified by the expression for
the potential Vrep, which takes into account the repulsion
between ions at distances smaller than the equilibrium
value). Usually any one of the model functions of the fol-~
lowing types is employed for the “repulsion” potential:

(@) Viep.=br™" Born and Lande?,

(6) Viep.=be™ Born and Mayer '°,

(¢) Viep.= &+ be ™ 4-cr®+dr® Ladd and Lee!!,
but none of these has a rigorous theoretical foundation and
therefore none has any advantages over the othersf. How-
ever, the use of different functions (and different parame-~
ters a, b, and ¢, ...) leads to appreciable discrepancies in
the corresponding values of U (Table 2). This discrep-
ancy amounts to only 1-2 kcal mole~ for alkali metal
halides, but increases by a factor of several tens for other
compounds.

()

Table 2. Theoretical lattice energy U of crystals ac-
cording to different calculations

Crystal Na,O K:O RbO MgO Ca0 BaO Zn0 GeO, Sn0, TiO,
Up, 6548 | 5805|5525 | 9420 | 8650 | 7560 | 080 16| 253438 | 23043 | 24291e
keat mole-H 600 17| 52917] 508 19| 907 * | 816 | 726> | 917 19| 321010 | 284510 | 29581

* From Ref. 32, Vol.I; according to Baughan's data!4.

§Here Z is the formal ionic charge, R the anion—cation
interatomic distance, and M the Madelung constant, which
is 1.64 for a ZnS type lattice and 1.75 for an NaCl type
lattice. Eqn. (1) is written in terms of atomic units.

T Sometimes it is suggested that Eqn. (b) follows from
quantum mechanics and therefore is more justified, than,
for example, Eqn. (a). In fact Eqn. (b) is a simplified
version of the formula obtained by Uns$ld'? and Briick!s
for the repulsion potential between a positive point charge
and a hydrogen-like atom and cannot be applied to real
crystals.
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The attempts to calculate U for the ionic model by the
more correct quantum-mechanical procedure also proved
to be comparatively successful only for alkali metal ha-
lides 20=2%, The results of the calculation® for MgO by the
same method?°~% uging Watson's functions # for O*~ ions
agree with elementary electrostatic calculations (Tables 1
and 2) only to a first approximation: U,‘Il) = 923 kcal mole™!

and the equilibrium lattice constant a® = 4.23 A. In cal-
culations based on a second approximation it was found
unexpectedly that the mutual repulsion of ions, which had
always been neglected, exceeds in fact by a factor of 2=3 (!)
the Born repulsion between anions and cations, so that the
more accurate calculation leads to much poorer results:
U%’ = 747 kcal mole~! and the lattice constant a® = 5.5 A

(against the experimental value a = 4.21 A)7.

2. Experimental Lattice Energy

In the discussion of experimental lattice energies, Ug
it is necessary to consider two cases which differ sharply
in their physical significance. For compounds of “univa-
lent” elements, Ug is determined with the aid of the Born-
Haber cycle from the equation

09:Q+S+§D+11—F1 (3)

where @ is the heat of formation of the compound AB, S the
heat of sublimation of the metal A, D the heat of dissocia-
tion of the molecule B,, I, the first ionisation potential of
the metal A atom, and F, the affinity of the non-metal B
atom for one electron. For compounds AIBVH, all the
quantities on the right-hand side of Eqn. (3) are susceptible
to direct experimental determination regardless of any
hypotheses concerning the nature of the bond between the
atoms in the crystal. Thus the heats @, S, and D and [,
are obtained by direct thermochemical and spectroscopic
measurements %, and the affinity for one electron F, can
be determined, for example, from data on light-induced
ejection of an electron?, Therefore in the case of alkali
metal halides Ug is a purely experimental quantity and the
agreement between Ut and Ug indeed means that the cor-
responding crystals can be regarded as constructed from
the ions Li*, Na*, ..., F-, C17, ...

The situation is quite different for compounds of “poly-
valent” elements for example the oxides and chalcogenides
of alkaline earth metals or transition metals: Mg, Ca, Ti,
V, etc. In this case the “experimental” lattice energy is
defined thus:

Up=Q+S+ D+l h—F—F, . (4)
At first sight this expression is constructed in the same

way as that for univalent elements. However, in fact
there is a profound difference between Eqns. (3) and (4).

t It is remarkable that when account was taken of the
repulsion between anions in the calculation of Peterson
et al. 23 for sodium chloride, poor agreement between the
values of Ut and UE was again obtained. Thus the cal-
culation tofirst—order approximation gave U,%) (NaCl) =

183 kcal mole~* and A® = 5.4 A, while the calculation to

second—order approximation (taking into account the re-
pulsion between C1~ ions) gave U‘,I? (NaCl) = 155 kcal mole™

and a® = 6.77 A.
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The quantity Ug, calculated from Eqn. (4) cannot be regarded
as the result of an experimental (if only in principle) Born—
Haber cycle, i.e. as a physical quantity susceptible to ex-
perimental measurements, since Eqn. (4) includes together
with experimentally measured quantities @, S, D, I,, I,,
and F, also a quantity of a significantly different type.

This quantity is the affinity of the atom for a second elec-
tron (F,), which cannot be found by any independent method.

3. Affinity of the Atom for Several Electrons

The reason why F, cannot be determined is due to the
fact that the affinity for a second electron would have to be
understood as the energy of the process

B e —B"+F, (5)

which in reality never takes placej. The experimental
data show that for free atoms such a process cannot in fact
occur since the binding energy of even one “superfluous”
electron in the singly charged ions O~, S-, etc. is low (see
section V, 1). On the other hand, there are no direct ex-
perimental data which would indicate the existence of
monatomic multicharged negative ions in molecules or
crystals (see section IV) and theoretical considerations
also cast doubt on their existence (see section V).

It is noteworthy that although the concept of affinity for
several electrons is usually associated with the thermo-
chemistry of crystal lattices, real thermochemical data by
themselves, without the previously adopted ionic concept,
do not require the introduction of such a concept at all.
The heats of formation and atomisation energies of alkali
metal halides and alkaline earth metal oxides and chalco-
genides are compared in Table 1. It is evident from this
table that the heats of formation of the chalcogenides are
close to the heats of formation of the halides and are in no
way comparable to the enormous “lattice energies” for
doubly charged ions§. Thus the only reason for the intro-
duction of the concept of affinity for several electrons was
the attempt to compensate the excessively large attraction
energy of multicharged ions in the ionic model, i.e. essen-
tially to adjust the experimental heats of formation to the
postulates of the ionic theory (very large negative values
must be attributed to the affinity for several electrons 32).

4. The Reason for the Agreement Between the “Experi-
mental” and “Theoretical” Lattice Energies

The vicious circle indicated above makes it impossible
to find U exp Py an experimental procedure even within the
framework of the ionic model. In order to escape from
this vicious circle, it is usually postulated in the ionic

i From the standpoint of quantum mechanics, extremely
unstable doubly charged ions with a lifetime of the order
of 1079 g are possible®. According to some data, such
ions (with a lifetime of about 10~* s) were recently ob-
served mass-spectrometrically3°, although in another
paper 3 doubt was cast on these results. At any rate the
presence of such unstable species in no way supports the
ionic theory, particularly since doubly charged ions F27,
C12-, and Br?~ with the same lifetime were observed to-
gether with 02~ in this investigation3°,

§ The difference between the atomisation energies is of
course greater. However, it too is insignificant com-
pared with the difference between the lattice energies.
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theory that crystals have a purely ionic structure, and that
in Eqn. (4) for any one compound adopted as a standard it
is possible to substitute Ut for UE. Then the corre-
sponding “affinity for two electrons”:

R+FB=Q+S+1p+n+n-0 (6)

is adopted as the “experimental” value and is substituted
in Born's cycle [formula (4)] for all other compounds.
However, it is readily seen that Ug is then given by the
equation

Up=Ur - Q=)+ (S =+ (h+ Lh—H—13) = )
=Ur+(Ur—U+Q—Q@)+S—=8)+ L+ L,— L—5) =U:+ AU |
where the sum of the quantities in brackets (AU) is small
compared with the first term Upf. Thus Eqgn. (7) shows
that the so called “experimental” lattice energy Ug repre-
sents essentially the same “theoretical” energy Ut after
it has been only slightly modified by experimental data.
Therefore neither the order of magnitude of Ug nor the
agreement between Ut and Ug reflect any experimental
facts and of course cannot be regarded as proof of the
ionic structure of the corresponding crystals.

Although Eqn. (7) makes it possible to explain in broad
outline both the order of magnitude of Ur and the approxi-
mate agreement between Ug and UT, it is frequently as-
serted that the “thermochemical” affinities for several
electrons obtained for different lattices are so close that
it is bound to imply the reality of multicharged ions.
Therefore we shall consider the question of this agreement
in detail (for oxygen as an example). In the first place,
as shown by Eqn. (6), the quantity F, + F, is not purely
experimental but depends on the value of Ur. Therefore,
even for the same compound, F, + F, may assume different
values depending on which formula is selected for the cal-
culation of Up.  For example, the values of F, + F, for
CaO calculated using the theoretical lattice energy®
Up(Ca0) = 865 kcal mole~ ¢ (the Ladd—Lee formula) and
the value !¢ Up(CaO) = 816 kcal mole™ (the Born-Meyer
formula) are respectively about —190 and about =140 kcal
mole~!, i.e. differ by 50 kcal mole~!. A similar discrep-
ancy is found when the same formula is used for different
compounds, even when these are of the same structural
type. Thus when the Born—~Lande formula is applied to
Ca0, we have Up = 852 kcal mole™ 5,32 and then F, + F, =
-177 kcal mole~!, while for VO we have U = 996 kcal
mole~! 15,32 and F, + F, = (—220)—(~240) kcal mole™ (the
heat of formation of VO has evidently not been established
exactly3). Consequently the “thermochemical” affinity
of oxygen for two electrons can vary within extremely wide
limits, from 140~150 kcal mole™ 17,32 to 220-240 kcal
mole™! and therefore one can speak of the constancy of this
affinity to within 10-15 kcal mole™ only in a very re-
stricted sense for a series of chemically and crystal-
chemically similar compounds and under the condition that
the same formula is used to calculate U.

However, in this case the constancy of the right-hand
side of Eqn. (6) is not surprising. It is accounted for
simply by the fact that in a series of such compounds the
potentials 7, and I, vary in parallel with 1/Rcation < 1/R
Ut, whereas the heats @ vary within comparatively narrow
limits (see, for example, Table 1).

T @—-Q° and S—S° are usually small (for alkaline earth
metal oxides each of these does not exceed about 10 kcal
mole™) and the quantities U —Ut and 7, +1 - 9 -1I3
usually have different signs and cancel out.
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5. “Thermochemical” and “Spectroscopic” Affinities for
Several Electrons

The agreement between the “thermochemical” affinity
for two electrons and the corresponding “spectroscopic”
value is sometimes quoted as yet another argument in
favour of the ionic theory. The “spectroscopic” value of
F, is understood as the quantity found by the extrapolation
of the spectroscopic values of the ionisation potentials and
affinities for one electron and hence independent of lattice
energy. However, such arguments, based on the “agree-
ment” between (Fy)thermochem 2nd (Fy)gpectr can also be
scarcely regarded as convincing. Indeed the “spectro-
scopic” value of F, as well as the “thermochemical” value

Table 3. Comparison of the theoretical and experimental
lattice energies for various crystals

2 | Up| U g = Ur, U, E. .

B |l | e 2. '1‘°_"‘1 il 2| kel | keal 2 :‘?"’1 o tom

mole’! mote | MO © mote™! | mote’! mote ©

Zn0 | 917 | 981 83 173 [ CusO| 656 79 40 262
Zns | 794 | 878 48 133 | CuS | 555 706 19 235
ZnSe | 753 | 864 34 114 | Ag,0| 619 730 7 205
CdO | 854 | 921 61 137 | AgS | 528 663 8 199
cds | 746 | 827 34 105 |AgSe| 518 658 3 189
HgO | 828 | 944 22 9% | TLO| 552 646 42 187
HgS | 726 | 869 | 13—14 82 |TLS | 491 557 24 160
HgSe| 692 | 860 5 85 [ ThSe| 470 554 18 153
snO | 815 | 883 63 138 | SiO, | 3280 | 3137 205 429
sns | 712 | 1765 19 144 | GeO,| 3210 | 3066 128 321
PbO | 777 | 852 52 158 [ snO, | 230118 | 292418 | 139 329
PbS | 686 | 754 22 122 | TiO, | 242918 | 2900 | 218 448
PbSe | 655 | 750 18 115 {MnO,| 31004 | 36704 | 124 311

* All the values of Ut and Ug, with the exception of those
given individual references, were taken from Yatsimirskii?!®,
The heats of formation @ of the compounds and the heats of
sublimation of the metals were taken from Ref. 8; the

heats of formation of silicon, germanium, and tin com-
pounds were taken from Benson %,

are not constant but depend on the method of extrapolation.
Thus extrapolation for the isoelectronic series from F-~ to
5% yields F, + F, = =155 kcal mole™* for the oxygen atom ¥;
Glockler's formula® J = az? + Bz + v yields F, =~ =191 kcal
mole~!, 3% while according to the data of Crossley and Coul-
son3', the “spectroscopic” affinity of oxygen for two elec-
trons is estimated as —-118.6 kcal mole™!. Since F, ranges
from 23.5 to 46 kcal mole™! according to different esti-
mates (see Ref. 32, Vol. II), it follows that (F,)gpectr varies
in the range 140-200 kcal mole™! and the agreement of this
value with (Fy)thermochem, Which varies in the range 140-
220 (240) kcal mole™! can be treated only as agreement with
respect to the order of magnitude.

Finally, one must bear in mind that ionisation potentials
and affinities for one electron correspond to bound states
of the electron in the atom which are physically completely
different from the free state corresponding to the hypothe-
tical multicharged ion. From this standpoint, the extra-
polation procedure itself for the determination of (Fa)gpectr
appears altogether fairly doubtful. On the other hand, if
one assumes, in accordance with the ionic theory, that the
structure of the energy levels of the atom in a compound
changes radically, the multicharged ion passing into a
bound state, then the use of the energy levels of the free
atom in the extrapolation does not appear very logical.
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6. Thermochemical Arguments Against the Ionic Theory

As shown in subsections 3 and 5 in section II (mainly for
alkaline earth metal oxides), thermochemical data can
never be treated as proof of the ionic theory. For other
compounds, the discrepancies between the thermochemical
data and the predictions of the ionic model become so
larget that they in fact turn into direct arguments against
this model.

The theoretical and experimental lattice energies of a
number of substances are compared in Table 3. The dis-
crepancy between Ut and Ug reaches in this case an
amount equal to the heat of formation of the compounds (or
the affinity of the anions for two electrons, if this is pre-
ferable) and sometimes actually exceeds it. Evidently, in
such a case one is dealing with a sharp discrepancy between
experiment and the ionic model.

III. IONIC RADII AND CRYSTAL CHEMISTRY

Classical crystal chemistry with its central concept of
ionic radius has always been regarded as closely related
to the ionic model; therefore crystal-chemical arguments
are usually advanced in favour of this model (see Ref. 41
for example). Three such arguments are most often dis-
cussed.

1. The possibility of employing ionic radii, including the
radii of multicharged ions, to represent interatomic dis-
tances. [If the iongs Mg?* and O®*~ do not exist, then why is
R(Mg*) + R(0?7) = R(MgO) ?].

2. The relative dimensions of anions, cations, and
neutral atoms. [The ionic radius of Mg?* in the MgO
structure is R(Mg?*) = 0.65 A and the atomic radius is
R(Mg) = 1.5 A; does this not demonstrate that all the va-
lence electrons have been removed from the magnesium
ion?].

3. The possibility of explaining the crystal structure on
the basis of the Magnus—Goldschmidt “stability limits”
[radius ratio rules (Ed. of Translation)]. (Geometry shows
that precisely six spheres with a radius of 1.40 A can be
accomodated around a sphere with a radius of 0.65 A. Does
this not confirm that magnesium and oxygen ions in the MgO
crystal are spheres with precisely this radius ?).

We shall discuss these arguments in succession.

1. Anion-Cation Distances

The generally adopted (“classical”) systems of ionic
radii*?~5° are well known and agree with one another to
within several hundredths of an ngstrom. One of these
(Pauling’s system) is quoted in the first column of Table 4.
In any of these systems the sum of the radii R(A™*) + R(B1")
is equal to the interatomic distance and in this sense they

t Provided, of course, that one considers real values
and is not satisfied with agreement between the fictitious
quantities U and Ug to within 15 or 20%! A typical
example of such an error is the calculation of the bonding
energies of the Mn?* and O?~ ions in the MnO crystal 3.
The Heitler—London method yields in this case Ut =
796 kcal mole™!, which is regarded as satisfactory because
of the good agreement with Ug = 923 kcal mole™*. In fact
the actual accuracy of the calculation is much lower, since
the “theoretical” and “experimental” heats of formation
differ by a factor of two.

g9

all indeed “explain” the experimental data. The problem
is, however, how unambiguously ionic radii may be ob-
tained from experimental interatomic distances. We are
restricting for the time being the discussion to anion-
cation distances; it is easy to show that none of the “clas-
sical” scales does in fact follow from experimental data,
since comparison of such interatomic distances can in
general yield no information about the actual dimensions of
the ions. The only experimental relation which follows
from a comparison of interatomic distances is the apxrox-

imate constancy of differences of the following type (A):
R (Ca0) — R (MgO) = 0.30,
R (CaS) — R (MgS) = 0.24, (8)
R (CaSe) — R (MgSe) = 0.23,

R (MgS) — R (MgO) = 0.50,
R (CaS) — R (Ca0) = 0.44, 9)
R (51S) — R(Sr0) = 0.37,

Table 4.

Various systems of ionic radii ()

Pauling’s i .
ionic radii Tonic radii

Slater’s ionic
radii
(Refs.4749) |(Refs.51 and 52)) from (Ref.53) -

1onic radii
found by
Pauling’s
rule [see
(In,5)1

Li* 0.60 | Li 1.45
Nat 0.95| Na 1.80
+ 1.33 | K 2.20
Rb* 148 | Rb 2.35
Cs* 1.69 | Cs 2.60
Be2t 0.31 | Be 1.05
Mgi+ 0.65 | Mg 1.50 | Mg+t 1.35 + .
Ca* 0.99|Ca 1.80 |[Ca* 1.65]Ca+t 1.55
Sr+ 143 | Sr 2.00 Srt 1.82 [ Sr+  1.62
Ba?+ 1.35|Ba 2.5 Bat 2.01 | Bat 1.81
F- 1.36 | F 0.50
Cl- 1.81 | Ci 1.00
Br- 1.95 | Br 1.15
- 2.6 | 1 1.40
oz 1.40 | O 0.60 O 0.75{0" 0.8
S2 1.84| S 100 | S~ 1.25(|s" 1.2
Se?”  1.98 | Se 1.45 | Se” 1.38] Se= 1.35
Te?” 2.21 | Te 41.40 | Te” 4.40 | Te~ 1.55

Eqns. (8) and (9) can perhaps be naturally interpreted as an
indication of the approximate constancy of the “dimensions”
of atoms—at least in a series of compounds similar in the
chemical and crystal-chemical sense. However, even
such an interpretation yields only the differences between
the corresponding radii (A):

R (Ca) — R (Mg) = 0.23 — 0.30,

(10)

and not the true “dimensions” of atoms or ionsf. The
position does not change when instead of similar compounds
one considers compounds belonging to different types (both
in the chemical and crystal-chemical sense). As in the
previous case, it is readily seen, that a comparison, for
example, of the equations (A)

R (Mg) + R (0) = 2.10 (in MgO),

R (Na) + R (0) = 2.41 (inNas0), (11)
R (Mg)+ R (F) = 1.98—2.05  (inMgFy),

R (Na)+ R(F)=2.31 (in NaF)

1 Eqns. (10) show, incidentally, that the very concept of
ionic radius is at best valid only to within 0.1 A. There-
fore there is hardly much point in specifying any system
of ionic radii with undue precision.
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yields nothing except the differences between the ionic
radii (4):
R(Na) — R (Mg) = 0.31,

R(O)— R (F) = 0.10, 12)
although in this case for anions and cations of different
valences.

The difficulty pointed out above is general, since any
comparison of interatomic anion—cation distances defines
the true dimensions of ions only to within an arbitrary con-
stant, which can be added simultaneously to all anionic
radii and subtracted from all cationic radii (or conversely).
Therefore it is not surprising that, together with the “clas-
sical” systems of ionic radii, there may exist also other
systems, which differ sharply from the former. One of
such “non-classical” systems was recently developed by
Slater 5!,52 on the basis of calculations of atomic wave
functions %,5% by the Hartree—Fock method and was tested
on more than 1200 interatomic distances. This scale re-
stores to a certain extent the system of Bragg radii®, pro-
posed before the beginning of the “ionic period” in crystal
chemistry, and differs from the “classical” scale in that
the radii of anions are reduced and those of the cations
increased by 0.85 A. It is remarkable that, although
Slater's radii apply not to ions but to neutral atoms, never-
theless with their aid the experimental interatomic dis-
tances are satisfactorily reproduced even for crystals such
as alkali metal halides.

Table 5. Experimental®? (in brackets)* interatomic
distances and the radii of singly charged ions in
AIIBVI crystals
—RAT)_
. . a2 | 2.01
RE-) B 1.35 | |s:l+| 2
Mg+ | Cat Srt Ba+
0.75 o- 2.10% [2.40%2.57*(2.76
(2.10) | (2.40)| (2.57 | (2.76)
1.25 s~ 2.60* | 2.90 | 3.07 | 3.26
(2.60) | (2.84)| (2.94)| (3.18)
1.38 Se- | 2.73* [3.03 | 3.20 | 3.39
(2.73) | (2.96)| (3.12)| (3.31)
1.40 Te- | 2.75* | 3.05 | 3.22 | 3.41
(2.75) | (3.17)] (3.24)| (3.50)
wurzite

* The upper number (without brackets) is the sum of
ionic radii R(A*) + R(B~).3® The values denoted by an
asterisk were used to calculate R(A*) and R(B~).

Another similar scale of ionic radii (corresponding to
singly charged ions of the “divalent” elements Mg*, Ca*,

, 07, ST, ...) was recently examined5 in connection with
the structure of the energy bands in crystals of compounds
of the type AIIB VI, These radii are listed in Table 5,
which shows that they too give a good representation of in-
teratomic distances, at least to within a reasonable accu-
racy of about 0.1 A (see the footnote on p. 99).

2. Ionic Radii and Anion—Anion Distances

It may prove that the true dimensions of ions can still be
derived from purely crystal-chemical data if, instead of
anion-cation distances, one uses anion—anion distances and
assumes that in certain structures anions can be in contact.
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Many years ago Lande postulated that such a case is rea-
lised in practice, for example in the structures of MgS and
MnS and MgSe and MnSe, for which the interatomic dis-
tances are as follows (A):

MgS 2.60
MgSe 273

MnS 259
MnSe 272 ,

The approximate equality of the interatomic distances in
the sulphides MgS and MnS and also in the selenides MgSe
and MnSe enables Lande to assume %' that the anions in these
compounds touch one another and ultimately he obtained the
following radii for the anions $%~ and Se?~: R(S%~) = 1.83 and
R(Se?") =1.93 A.

However, even this treatment is in all probability in-
correct, since the agreement between interatomic distances
does not by itself constitute evidence that the anions touch—
in any case anions with classical ionic radii. For exam-
ple, the interatomic distances in binary compounds of the
same structural type (NaCl) are5?§ (A):

Sm—0 249 Np—O 250
Pu—-0O 248 Pa—0 248
Ce—N 250 Gd—N  2.50
Np—N 245 Pu—N 2.45

and therefore agree with a precision which is not less than
in the previous case. At the same time the O-0 or N=N
distance in these structures is approximately 3.50 A, which
in no way agrees with the sum of the “clagsical” ionic
radii: 2R(0?7) = 2.80 A and2R(N3") =3 A. Furthermore,
together with such examples, it is not difficult to quote
examples of the agreement between distances in structures
with different anions and the same cations. For example,
the interatomic distances (A)52§ in certain binary com-
pounds of zirconium, tantalum, uranium, and plutonium
are

Zr—0 2.3t Zr—N  2.30
Ta—0 2.22 Ta—C 2.22
U—As 288 U—Se 288
Pu—N 245 Pu—C 246 ,

If these structures are examined from a purely crystal-
chemical standpoint as was done by Lande, it would be
logical to assume that the cations are in contact. How-
ever, one would then have to adopt for the ionic radii the
values R(Zr) = 1.63, R(Ta) = 1.56, R(U) = 2.03, and
R(Pu) =1.73 A, which are completely unacceptable from
the standpoint of the “classical” scales (these values lead
to the anionic radii R(O) =~ R(N) =~ 0.6-0.7 A, R(Se) =
0.85 A, etc).

3. “Dimensions” of Ions

The ambiguous nature of any scale of ionic radii leads
to the failure also of the second argument in favour of the
ionic model. In fact it does not at all follow from experi-
mental data that the “dimensions” of cations are much
smaller than the “dimensions” of neutral atoms, while
those of anions are much greater. Such a relation is typi-
cal only for “classical” scales. On the other hand, in
Slater's scale',%2 jonic radii are almost identical with
atomic radii, and in the scale of Levin et al. 53 they differ
only slightly from the atomic radii (Table 5). It is note-
worthy that the greater anionic radii compared with those

§ Taken from R.W. G. Wyckoff's compilation “Crystal
Structures”, First Edition, New York, 1948 and checked
by the authors against the Second Edition (New York,
1963).
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of neutral atoms, required by the classical scale, are not
confirmed by calculations of atomic wave functions 3,55,
On the contrary, for halide ions such calculations clearly
indicate that the dimensions of the atoms remain unaltered
when an electron is attached.

4. Limits of Stability

The Magnus—Goldschmidt limits of stability are usually
quoted as the third crystal-chemical argument in favour of
the ionic theory. For example, comparison of the O-O
distances in the series MgO-CaO-SrO-BaO,

MgO0 CaO SO BaO

Compound
3.64 3.90

0-0 distance, A 2.9 3.40

shows that all crystals cannot be represented by close-
packed spheres firmly in contact with one another. To
explain this fact, it is assumed in classical crystal chem-
istry that close packing of anions corresponds to the mini-
mum distance between oxygen atoms (in the MgO struc-
ture), which is 2.96 A, and larger distances can be
accounted for by the presence of gaps between the anions,
which, however, satisfy the familiar “stability limits” 58
for the R(cation)/R(anion) ratio (Table 6).

Table 6. Magnus—Goldschmidt “stability limits” for
various structures
number polyhedrol;l I RA/ RB
2 line 0—0.155
3 triangle 0.155—0.225
4 tetrahedron | 0.225—0.414
square 0.414—0.732
6 octahedron | 0.414—0.732
8 cube 0.732—1.000

It is readily seen, however, that these stability limits
also cannot be regarded as a confirmation of the validity
of the classical ionic radii for at least two reasons. The
first is simply that, in fact, the classical ionic radii fre-
quently do not satisfy the Magnug—Goldschmidt rules
(Table 7). The second reason consists in the preconcep-
tion (under the influence of the ionic theory) according to
which “large” ions are necessarily assumed to be anions
and “small” ions are taken to be the cations52. From the
purely geometrical standpoint, there is no reason to reject
the treatment of structures as close-packed cations (and
not anions)s2, for which the stability limits would hold, as
it were, “inversely”. It is significant, however, that
such a view has not merely a geometrical basis. If it is
assumed that the negative charge of an atom cannot exceed
unity [Sections (IV, 4) and (V, 2)], then we obtain ina
natural manner a scale of the radii of singly charged ions
of “divalent” elements, already mentioned in Section (III,
1). In this scale the structures of CaO, SrO, BaO, and
to a smaller extent MgO consist of close-packed large
metallic ions A*, the octahedral vacancies of which contain
the O~ anions, and the stability limits hold in many cases,
albeit for the inverse ratio R(anion)/R(cation) (Table 8).
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5. Other Methods for the Determination of Ionic Radii

Thus experimental data on interatomic distances do not
yield convincing arguments either for or against the ionic
theory, so that the classical scales of ionic radii must be
regarded not as a basis but as a consequence of the ionic
model. This conclusion applies also to other methods for
the determination of ionic radii based on attempts to sup-
plement or replace purely crystal-chemical data by other
considerations. Such attempts were made at one time by
Wasastjerne*?s*3 and Pauling*7™4°,

Table 7. Examples of the breakdown of the Magnus—
Goldschmidt rule

Coord. no., 2+ 2-
Compound Str'l;c;: ral coord. R (A. },IR (B. @

polyhedron |(Pauling’s radii), A

BeO wurtzite 4 0.22
tetrahedron

BeS zinc blende » 0.17

BeSe | ditto » 0.16

BeTe » » 0.14

6

MgSe NaCl octahedron 0.33

SrO NaCl » 0.81

BaO NaCl » 0.97

PaO NaCl » 0.77

up NaCl » 0.75

NpO NaCl » 0.78

PuO NaCl » 0.77

AmO NaCl » 0.77

Table 8. The ratios R(B~)/R(A*) for various crystals
Struc- Struc-
Crystal| tural s g&y FCrystal tural g gJ)/
type type
MgO |NaCl| 0.55 | FeO | NaCl| 0.53
Ca0 |NaCl| 0.45 | CaO | NaCl| 0.54
SrS | NaCl | 0.69 | NiO | NaCl| 0.5
BaS |NaCl| 0.60 | CdO | NaCl| 0.47
BaSe [NaCl | 0.69 | PaO | NaCl| 0.43
BaTe | NaCl 0.70 uo NaCl 0.44
TiO |NaCl| 0.55 | NpO| NaCl| 0.43
VO |NaCl| 0.58 | PuO | NaCl| 0.43
MoO |NaCl | 0.51 | AmO| NaCl| 0.43

1. Wasastjerne based his treatment on experimental
refractive indices and dielectric constants, assuming that
the polarisability of ions @ is proportional to their volume
V, as for the primitive model of the atom considered as an
1deally conducting sphere. Subdivision of the experimen-
tal distance (A—B) in the proportions Va, : Vap is possible
and yields a rough estimate of ionic radii; however, for
this purpose it is necessary to divide in some way the
overall polarisation of the crystal into increments corre-
sponding to the individual ions. Wasastjerne determined
the ionic radii assuming essentially that all polarised
electrons belong to anions, but it is readily seen that the
other hypothesis would lead to the opposite estimates.

2. Pauling's treatment*'™*®, based on the postulate that
in crystals the anions of the elements in Groups VII, VI,
and V and the cation of the elements in Groups I, II, and
III are isoelectronic, suffers from the same defect. Fur-
thermore Pauling was forced to construct this scale of
ionic radii in two stages. In the first stage he determined
the so called “univalent” ionic radii R,, assuming that the
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corresponding anions are isoelectronic with ions of Group
VII elements and that the ionic radius is inversely propor-
tional to the Slater charge of external electrons:

Cc
—Zgcreen (1 3)

R1=‘-

4

nucleus

However, the resulting interatomic distances differ appre-
ciably from the experimental values (by about 0.5 A).
Therefore in the second stage Pauling modified the “uni-
valent” ionic radii by introducing a correction for the hypo-
thetical contraction of the ions in the crystal.

It is interesting that Pau11n§ s equation (13) combined
with the hypothesis that A IV }/stals contain only the
singly charged ions (AI)* and (BV )~ yields satisfactory
values for the 1nteratomlc distances also without this modi-
fication (Table 9). Then the radii obtained for the ions
(AIl)* and (BVI)- are found to be fairly close to the values
obtained earlier [Section (III, 1), Tables 4 and 5].

Table 8. The ionic radii R(A*) and R(B~) and inter-
atomic distances in AIBVI crystals obtained by
Pauling's equation (13). The experimental inter-
atomic distances are given in brackets

R (A1)
1,25 | 185 | ne2 | 181
R@-) | gVl AT
Mg+ | Cat | S+ | Bat
0.88| o 2.13 | 2.43 | 2,50 | 2.69
(2.10)] (2.40)} (2.57)| (2.76)
1.20 S 2.4512.75) 2,84 | 3.01
(2.60)( (2.84)| (2.94)| (3.18)
1.35 1  Se- 2.70 | 2.90 | 2.97 | 3.16
(2.73)] (2.96)] (3.12) (3.12)
1.55 [ T 2.80 | 3.10 | 3.17 | 3.36
(2.75)} (3.17)] (3.24)| (3.50)

6. X-Ray Diffraction Data and the Ionic Model

The capacity of the atom to scatter X-rays (atomic
scattering factor f,) is roughly proportional to the number
of electrons and therefore should be different for the neu-
tral atom and the ion. Since the sublattices consisting of
atoms bearing different charges are displaced relative to
one another in the crystal structure, one may hope that the
degree of ionisation will influence the details of the diffrac-
tion pattern. Attempts to test in this way whether or not
the true charge distribution is consistent with the ionic
model were frequently undertaken (see, for example, the
literature review in Section IV in Urusov's thesis %°) and
one of the most typical of such attempts has been des-
cribed by Raccah and Arnott®. Using three different val-
ues 753 of the atomic [form (Ed of Translation)] factor for
the doubly charged ion O?~ and the atomic [form] factor for
the doubly charged ion Mg?*, Raccah and Arnott showed
that the divergence factorf in these three cases varies in
the range 1.721-0.681%. For the two latest values ®2s%3 of
the scattering factors of the O*~ ion, the R factor proved
to be 0.849 and 0.881%. The results constitute at first
sight convincing evidence in favour of the ionic model.

1 The relative difference between the experimental
and theoretical X-ray reflection intensities: R =
SUg = IT))/(ZIR).
lskl E T!) hkl E
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However, more detailed analysis shows that this conclusion
is incorrect. In the first place the calculation of the in-
tensities using the atomic factor for the singly charged
ion® O~ in the same study led to R = 1.326%, which falls
precisely between the values of the R factor for the doubly
charged ions (here one should also bear in mind that, while
using the scattering factor for the singly charged O~ ion,
the authors employed for magnesium the “doubly charged”
atomic factor, as before).

Furthermore, there is yet another general consideration
which makes any attempt to assess the degree of ionic
character on the basis of X-ray diffraction data extremely
risky. In any X-ray diffraction study the theoretical
atomic scattering f, curve is always multiplied by a “tem-
perature correction”

—- e— B (sinv/A)

F-temp- (14)
(which has a characteristic value for atoms of each kind)
taking into account the thermal vibrations of the atoms in
the lattice (see, for example, Porai-Koshits®). The
temperature corrections for each structure are found
separately by an experimental procedure, which is in fact
carried out precisely to ensure the minimum discrepancy
between the intensities Ig and IT. Since the atomic
scattering factor is also fairly satisfactorily represented
by the exponential function

fo (sin 8/A) = (.no. of electrons ) x e—Ateinv/d), (15)
the resulting atomic temperature factor
f = fo fremp. == ( no. of electrons ) X ¢—(A+B)sinv/3) (16)

may simulate the scattering factor for an ion of any charge
typef.

IV. EFFECTIVE CHARGES AND THE COVALENT NA-
TURE OF THE CHEMICAL BOND

We see that indirect (thermochemical and crystal-
chemical) data cannot be regarded as an argument in fa-
vour of the ionic model. However, there also exist at
present direct methods for the determination of effective
charges of atoms in molecules and crystals. The data
obtained with the aid of these methods in fact show that the
chemical bond in inorganic crystals is significantly cova-
lenti.

1. Dipole Moments of Diatomic Molecules

The simplest method for estimating the effective charge
lies in the measurement of the dipole moment. In a di-
atomic molecule A-B the effective charge (expressed as a

1 A discrepancy may be observed only in the region of
very low values of sin 6/x (see the plot in Freeman's
paper®e), particularly for amplitudes which are expressed
as the differences between the atomic factors for the ions
A and B. Such amplitudes are F;,, for the NaCl lattice
and F,y for the ZnS lattice. It is remarkable that an
accurate estimate of the intensity of the I,,, reflection for
MgO yields an ionic charge Z ~ 1.2-1.3.5°

i Of course, in the assessment of the reliability of
each effective charge obtained by a particular method, one
must bear in mind that the concept of the effective charge
of the atom in the molecule or crystal is itself to some
extent arbitrary and only the values which are reproducible
when obtained by different methods may be regarded as
reliable [see Section (IV, 5)].
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fraction of the electronic charge) can be defined by the
relation

Z=p/48R, {1

where the dipole moment p is measured in debyes and the
interatomic distance R in angstroms. The application of
Eqn. (17) to the dipole moments of alkali metal halide
molecules (in the gas phase) usually yields charges which
are fairly close to Z ~ 1. Recently the dipole moments
of the diatomic molecules SrO and BaO were determined
by microwave spectroscopy and were extrapolated to BeO
(Table 10)%7. Table 10 shows that the corresponding
effective charges do not exceed unity, whereas according
to the ionic model charges close to two would be expected
in this case.

2. Dielectric Properties of the Crystal Lattice and Ionic
Charges

The data in Table 10 do not permit the direct assess-
ment of the effective charges in crystals for which the
purely ionic state appears to be energetically the most
favourable, since the Madelung constant for crystals is
significantly greater than unity while the corresponding
value for a diatomic molecule is unity. It is interesting,
however, that the charges in Table 10 hardly change on
transition to the crystal state. One of the most widely
known methods for estimating effective charges in this
case is based on the investigation of the dielectric proper-
ties of the crystal lattice.

Table 10. The dipole moments u and effective atomic
charges Z for certain molecules
Molecule n (D) Z(e)
BeO 6.3 1.00
SrO 8.9 0.97
BaO 7.9 0.85

Szigetti®® showed, in terms of the rigid and non-over-
lapping ion approximation, that the difference between the
static (g;) and high-frequency (€.) dielectric constants is
related to the effective ionic charge Z by the equation

2

BO—B,Q=(8°C+2) , 4nz? (18)

3 oW,

where m is the reduced mass of the pair of ions A and B,
V the volume per AB formula unit, and w the frequency of
the optical branch of lattice vibrations, which can be found
by an independent method.

The effective charges “according to Szigetti’”’ -7 are
listed in Table 11, which shows fairly clearly the discrep-
ancy with the value based on the concepts of the ionic
theory.

The effective ionic charges can also be estimated using
elastic and piezoelectric properties of crystals. The
estimates obtained in this way, Zgeo =1, ZZnOo ~1, %
Zgzns = 0.68, 8 and Zcgg = 0.73% or =1 * confirm the
previous data.
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3. Spin-Orbit Splitting

A method for estimating effective charges, which is
significantly different from the preceding two, is based on
the study of the spin—orbit splitting of levels in the valence
band of crystals, which is reflected, for example, in a
characteristic subdivision of peaks corresponding to inter-
band transitions 85797,

Table 11. Effective charges* “according to Szigetti’88-80
Crystal | Charge Crystal Charge Crystal Charge Crystal Charge
LiF | 0.87¢s| Rbl | 0.89es PbF, | 0.877 BN 1447
NaF | 0.93s8 | CsCi | 0.840 BeO 1.4 2 BP 0.257%
NaCl | 0.74% | CsBr | 0.79¢e 1.768 P | 0.607

NaBr | 0.69% | TICI | 1.088 1.207°
Ca0 4.528 GaAs | 0.437
Nal | 0.7188 | CuCl | 1.10%8 1.187
SrO 1.16 8 InAs | 0.567
KCl | 0.80% [ CuBr | 0.9950 1.227
KBr | 0.76% | CaF, | 0.74¢ Zn0 1.067 | Alsb | 0.487
0.83 6 ZnS 0.96 8 Gasb | 0,307
0.827 0.857
SrF, | 0.656
0.8756¢
KI 0.6968 0.8570 cds 1.007 Insb | 0.3477%
BaF, | 0.700s
0.90 69
RbCI | 0.84% 0.86 70 ZnSe | 0.77 MgaSi | 0.6%0
CdF, 0.71971
RbBr | 0.82% 0.827 TiO, | 1.48e8 MgGe | 0.6%
MgaSn 0.6 80

* For compounds A,B and AB,, the effective charge corre-
sponds to the charge at the atom B.

From the standpoint of quantum mechanics, the effec-
tive charge of an atom corresponds to the probability p of
finding a valence electron at this atom. Spin—orbit
splitting is in fact a phenomenon in which the probability
of observing the electron at oppositely charged atoms of
the crystal is revealed in a fairly direct manner. As a
result of the interaction of the spin and orbital momenta,
the energy levels of the valence electrons in crystals
split®-%8, and each atom makes its own contribution to the
overall splitting, proportional to the probability of finding
a valence electron at the atom. The resulting splitting A
can thus be expressed in terms of the splittings for the
individual atoms, Ap and ABS§, in the following form ®8:

A= pa-Aa+ ps-Ap, pa+ps=1. 19)

All three splittings, A, Ap, and Ag, can be found by an
independent method, so that Eqn. (19) makes it possible to
determine from experimental data the required probabili-
ties pA and pp or, conversely, to compare the experimen-
tal splitting Ag with the corresponding theoretical value
AT calculated with the aid of Eqn. (19) for this or a pre-
viously specified effective charge.  The corresponding
data are presented in Table 12. Comparison of this table

§ We may note that the quantities 45 and Ap for atoms
in a crystal are not necessarily the same as the quantities
A9 and A} observed in the spectrum of the free atoms.

Such agreement occurs at the point L of the valence band
(for ZnS type crystals). Inthe centre of the I' band Ap o

3/24% and Ap = 3/2A%.
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with Table 11 shows that the charges “according to Szi-
getti”, which are of the order of unity for AIIBVI com-
pounds and of the order of 0.5 for AIIIBV compounds, give
rise to fully satisfactory agreement between the theoretical
and experimental values of spin—orbit splitting.

Table 12. Spin—orbital splitting in crystals*
Crystal AlAs | GaSb | InAs | InSb | ZnSe | ZnTe | CdSe | CdTe HgSe HgTe
Ag, eV 0.33|0.75|0.43 [ 0.98 | 0.35 | 0.57 | 0.28 | 0.55 0.30 0.75
arev | 033]0.76)| 041 |08 — | — | — | — - -
A®) - =1 = 0.29 [ 0.65|0.20{0.65| 0.29 | 0.65

* For the compounds AHIBV, the splitting A refers to the
centre of the zone and for the compounds AIIBH to point L.
The effective charges used in the calculation of AT for
AUIBV were taken from Gielisse”. The data for the com-
pounds AlAs-InSh were taken from Braunstein and Kane %
and those for the compounds ZnSe—~AgTe from Scouler and
Wright °°,

4. X-Ray Spectroscopic Method for the Determination of
the Effective Charge

The most direct and convincing evidence against the
ionic theory comes, however, from X-ray spectroscopic
data for molecules and crystals®-?3, X-Rays are gener-
ated in transitions of outer electrons to inner atomic levels
(X-ray emission spectra) and are absorbed in the reverse
transitions (absorption spectra). Since the excess charge
at the atom (positive or negative) leads to a displacement
of the atomic energy levels, the study of the dependence
of this displacement on the charge permits the experimen-
tal determination of the effective charges of ions in mole-
cules and crystals by comparing their X-ray spectra with
those of neutral atoms. The effective charges found by
the X-ray spectroscopic method are listed in Table 13,
three characteristic features of which are the most impor-
tant: (1) the “X-ray spectroscopic” effective charges are
usually in good agreement with the values estimated by
other methods; (2) these charges are close in magnitude
to the formal charges of the ionic theory mainly only for
compounds of univalent elements; (3) whereas the charges
of positive ions may reach fairly high values, those of
negative ions do not exceed unity.

The data in Tables 11-13 show that this last property
of effective charges is fairly general and is probably par-
ticularly important. Its importance is discussed below;
here we may note that thig feature is confirmed also by
more detailed X~-ray spectroscopic studies than the inves-
tigation of the displacement of the lines in the spectra. In
a number of recent studies methods were developed where-
by it is possible to assess the general structure of the
energy levels and the form of the wave functions of the
electrons in molecules and solids. A study of this kind
on TiO, for example, showed? that the structure of the
energy bands of this crystal is best interpreted on the basis
of calculations ?® using singly-charged Ti* and O~ ions.
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5. The Consistency of the Effective Charges and the Con-
cept of the Effective Charge

The data on the effective charges obtained with the aid
of the methods discussed above can be objected to on quite
natural grounds, associated with the following factors:

(1) the inaccuracy of the estimate of the effective charges
by each method; (2) the incomplete consistency of differ-
ent methods with one another; (3) the inadequacy of the
concept of the effective charge itself. We shall examine
these objections in order to obtain the answer to the ques~
tion to what extent the effective charges estimated by vari-
ous “direct” methods correspond to the “true” charges of
ions in crystals and consequently to what extent such data
really constitute evidence against the ionic theory.

Table 13. Effective charges Z found by the X-ray spectro-
scopic method*

Crystal z Crystal z Crystal VA Crystal z
NaF 0.58 MgS 1.05 MnS —0.86 GaSb | 0.33%
—1.2 —0.7%
NaCl 0.92 CaS —1.1 GeS —0.71 InSb 0
—0.7 25
NaBr 0.83 BaS —0.71 Si0, 1.97 AlO; | 1.53
1.77%
Nal 0.75 Zns ~0.86 SiS, 1.69 AlsSs | 1.26
—0.66 —0.81 —1.00
—0.3%
MgF, 1.30 cds —0.81 FeS, 44 —0.96 AlySes | 1.44
—1.5% marcasite
FeS, 499 :8:';1% CoSy —0.54 AlyTes | 1.44
MgCl, 1.50
MgBry | 1.38 FeS, ,s | —0.96 NiS, —1.1 MgC | 0.34
Na,S 0.75 CoS, 0o | —0.64 MnS, —0.15 LigSi  |—0.09:
—0.96 g
KaS —1.06 NiS —~0.(756“ SnS, —0.5 MgeSi |—0.89
—0.
Ag,S | —0.61 CuS —0.51 AIN 1.32
& 8 1179 || CagSi |—0.89
CugS | —0.64 TiS —0.61 AP 0.87
0.87% | MgsSn | 0.28
0 1.04 TiS, —~0.81 Alsb 0.57%
Me 0.5% 18

* The minus sign denotes throughout the charges of the
“electronegative” atom B (obtained from the displacement
of the Ko , doublet for this atom). All the charges,

apart from those with individual references, were taken
from Refs. 91 and 92.

1. The accuracy of each method may be checked by
comparing the charges determined by the same method for
different substances, in which the expected charges should
have approximately the same value. Comparison of the
charges determined, for example, by the method of Szi-
getti and by X-ray spectroscopic methods for the family of
alkali metal halides or alkaline earth metal chalcogenides
(Tables 11 and 13) shows that the results usually agree to
within about (0.1-0.3)e and therefore each method may be
regarded as “accurate’” within these limits. For the X-
ray spectroscopic method, there exists yet another check,
based on the possibility of an independent estimate of the
charge at each of the atoms A and B in the binary com-
pound AB. Experiment shows that both charges are usu-
ally found to be the same within the accuracy quoted above.
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2. The consistency of the effective charges is clearly
seen from a comparison of Tables 11~13 and also from
Table 14 (taken from Urusov5®), which lists about ten ef-
fective charges in ZnS obtained by a wide variety of meth-
ods. These tables show that the effective charges ob-
tained by different methods are as a rule consistent to
within the same limits, namely (0.1-0.3)e.

Table 14. Comparison of the effective charges in ZnS
obtained by different methods
Charge Method of estimation References
0.96 Szigetti’s method 68
0.85 infrared absorption spectra 74
0.68 of pi ic 82
0.51 correlation with thermal ionisation of impurities 99
0.8 measurement of hyperfine splitting constant in
ESR spectrum of impurity ions 100
0.86 X-Ray spectra 91, 92
0.66
0.56 measurement of refractions 101
0.5 difference between optical and thermal width of
the forbidden gap 102
0.7 study of magnetic susceptibility 103
Mean
0.7+0.2

3. We shall finally examine the question of the validity
of the concept of the effective charge itself, which is im-
portant for the understanding of the real significance of
various experimental estimates. There is no doubt that
the effective charge of an atom in a molecule or crystal is
not a physical quantity with a completely valid definition,
such as, for example, the mass of the atom or the charge
of its nucleus. In fact, effective charges are used for an
approximate representation of the real distribution of elec-
tron density. In various cases different approximations
may be necessary, since, generally speaking, different
“effective charges” correspond to different properties.
Therefore any experimental method for the estimation of
“effective charges” constitutes not only a method of mea-
surement but at the same time also a method for the defi-
nition of the concept of the effective charge itself (this ex-
plains the discrepancies between the effective charges
obtained by different methods). If the effective charges
obtained by different methods showed a fairly wide scatter
(from zero to the value of the formal valence), then the
very concept of a “unique” charge attributable to the atom
in the compound would of course lose significance.

However, experiment shows (see paragraph 2) that in
fact all these values agree with one another within reason-
able limits. Thus reference to the lack of validity of the
concept of the effective charge would be justified only if it
was possible to exclude altogether this concept from the
theoretical scheme of quantum chemistry and the theory of
the solid state (and this is scarcely possible at the present
time). At any rate, the inaccuracy of this concept cannot
serve as a basis for the return to the ionic theory, since
the assertion that the charge, say, at the S atom in ZnS is
nevertheless —2, already presupposes the use of some
definition of the effective charge, for example one of the
definitions which have been enumerated. However, ex-
periment shows that iz the same sense this charge can be
much more correctly treated as close to unity.
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V. THE PROBLEM OF MULTICHARGED NEGATIVE IONS
FROM THE STANDPOINT OF QUANTUM MECHANICS

The small charge of negative ions is a general property
of experimental effective charges, as already mentioned
above. When Table 13 is examined, it is difficult to avoid
the conclusion that it is precisely the impossibility of the
attachment to the atom of more than one excess electron
that constitutes the physical factor which “regulates” the
distribution of charge in molecules and crystals. This
conclusion is clearly illustrated in Table 15, which lists
the effective charges at the oxygen atom in compounds with
a wide variety of compositions and structures.

In this section an attempt is made to show that this con-
clusion not only follows from experimental data but prob-
ably is also a fairly natural consequence of simple theore-
tical considerations.

Table 15. Effective charges at the oxygen atom?® in
different compounds
Compound ng;tgi‘;e Compound Ecl;f::gtive
MgO 1.01 | Na,SiOs 1.14
Si0, 0.99 | MgSiOs 0.98
AlOs | 1.02 | AL(SO»s | 0.89
NagSOy | 1.09 || Mg(ClOg, | 0.75
NagPO; | 1.15 | AIlCIOys | 0.73
MgSO, | 0.88 | Mgy(PO), | 0.92
APO, | 0.94 | KAISi;Op | 1.01

1. Localisation of the Electron and the Bound States

Table 16 lists the experimental values of the first two
ionisation potentials and affinities for one electron for a
number of “electronegative” atoms. Evidently the elec-
tron affinities of all the atoms (except halogens) are
smaller approximately by a factor of ten than the ionisation
potential, i.e. the binding energy of even one excess elec-
tron is always insignificant.

We shall consider this finding from the standpoint of
quantum mechanics. The localisation of the electron at
the atom (i.e. the presence of a “bound” state in the system
electron—atomic residue is possible only when the potential
well corresponding to the potential acting on this electron
contains a “discrete spectrum” of energy levelsY.

It is known that in any field U(») < 0 which vanishes at
infinity, lim00 U(r) = 0, a discrete spectrum corresponds to

r—

negative energies, while a continuous spectrum corre-
sponds to positive energies 1%,

Thus Table 16 shows that the dissociation energy of an
outer electron depends significantly on the effective charge

9 The wave functions of a discrete spectrum decay at
infinity according to an exponential law, so that the prob-
ability of finding an electron outside the atom is very small.
On the other hand, the wave functions corresponding to a
“continuous spectrum” decay to infinity very slowly. For
example, in the case of a coulombic potential they have the
asymptotic form!® Y(9, ¢)(1/7)sin(kr - 7l/2) and de-
crease as 1/». Therefore in the state corresponding to
the continuous spectrum the electron can be in no way
localised at the atom.



106

and in the case of negative ions approaches the upper boun-
dary of the discrete spectrum. If it is assumed that the
effective charge can have fractional values (as is in fact
the case in a molecule or a crystal), then, on the basis of
the experimental dissociation energies for Z = -1, 0, 1,
2, ..., it is possible to plot an E~Z interpolation curve
showing the dependence of the energy of the outer electron
on the charge at the atom. Curves of this kind for carbon,
nitrogen, and oxygen are presented in Fig.1l. Evidently
in all cases the E-Z curve crosses from negative energy
values to positive values at Z ~ -1, i.e. the electron passes
to a state corresponding to a continuous spectrum.

Table 16. Ionisation potentials # and electron affinities
of various elements
Electron-volts
Element
1y 1y Fy
F 34.98 | 17.42 3.45108
cl 23.80 13.01 | 3.6410s
Br | 19.10 | 11.84 3.36108
1 19.40 | 10.45 3.06 106
0 35.146 | 13.614 | 1.4718
S 23.4 10.357 | 2.07107
Se 21.5 9.75 1.7 108
Te | 18.6 9.01 2.2 108
N 29.605 | 14.54 | —0.1 °
P 19.65 | 11.0 0.7 10
As 20.10 9.87 0.6 109

In this connection one may point to the lack of physical
significance of calculations of self-consistent wave func-
tions for ions such as 0?~, N2~ etc.%*'%!!! Indeed all
such calculations start a priori with wave functions having
an exponentially decaying radial component of the “Slater”
type:

(20)
(the parameters of this function are selected by a varia-

tional procedure), while functions of this type can be asso-
ciated only with discrete spectra.

R(r)  ac—

9. Localisation of the Electron in the Case of an Ion in the
Lattice

Although Fig.1 refers to isolated atoms and not to atoms
in the lattice, one may assume that the presence of the
lattice does not cause any significant change!!3, Fig.2
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presents a schematic curve for the potential U, of a given
atom B, (for example oxygen) and the Madelung potential
Uw acting on the electron assuming all the remaining lat-
tice ions to be replaced by point charges. It is evident
from Fig. 2 that in the region of B, the gradients of both
potentials have opposite directions so that the Madelung
potential of the lattice weakens rather than enhances the
binding of the electron to “its” atom.

This consideration can be made more general when
account is taken of the fact that in the relevant range of
effective charges, ZBo =~ —1, the U, potential becomes of

the short-range type and is simulated by a spherical poten-
tial well with a rectangular profile? (as for the short-
range potential of nuclear forces). It is well known that
the bound states (states corresponding to a discrete spec-
trum) in a well of this kind can exist only if the depth of the
well u, is sufficiently great!%:

nhe
Uy > e (21)
(a is the radius of the well).
The experimental fact that the energies of all the outer

electrons of all atoms become zero at Zg = -1 shows that

with this effective charge the depth of the well », becomes
insufficient to retain the particle. However, it is evident
that the Madelung potential Uyy (Fig. 2) cannot make the
well any deeper, since it reduces the level of its bottom at
least to the same extent as it reduces the potential barrier
between the atom B and the surrounding atoms A.

1t follows from Eqn. (21) that the presence or absence
of discrete spectrum levels in the spherical well is deter-
mined not only by its depth %, but also by its radius a.
Therefore one might think that the effect of neighbouring
atoms may increase not the depth but the width (radius) of
the potential well. Calculation shows, however, that this
effect is probably insignificant }12,113,

To make the treatment concrete, suppose that the radius
of the well @ = 2 a.u. =1 A, i.e. about half the interatomic
distance in typical oxides such as MgO. We shall now
examine the relation between the depth of the well u, and
the energy E of the lowest level in this well.

On solving the Schridinger equation

L L v +Ry =0, k=VIwW—TED, r<a
L2 (ry)— 9 =0, k=VZIE], r>a

rodr?

(22)
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for this potential, it can be shown!®™ that the energy of the
lowest level is defined as the root of the transcendental
equation

. 1

sinka = + T
(the roots with cot ka < 0 must be used'®)., The numerical
solution of Eqn. (23) with a = 2 a.u. yields the curve re-
lating |E| to u, (Fig. 3), which can be more conveniently
interpreted as the plot of the opposite function: u, = uy(IE]).
We shall now make the reasonable assumption that, for
each effective charge Zp, the outer electron of the atom B
is located at the lowest level E in the potential well due to
the atomic skeleton and the remaining electrons. Then
the dependence on Z of the quantity corresponding to the
binding energy |E| may be estimated from the plots in
Fig.1, and, on combining the plots in Figs.1 and 3, it is
easy to find also the relation u, = #,(Zg). The dependence
of the depth u, of the potential well on the effective charge
of the oxygen atom,

(23)

u(Z)=u,(|E), 1E|=f(2) (24)
is shown in Fig.4. The experimental data allow this
curve to be plotted only up to the point Z = —=1. However,

the probable extrapolation of this curve (dashed line) shows
that at Z ~ -1.2 the depth of the well %, becomes zero.
Therefore, even if one assumes that the effect of the lat~
tice can result in a decrease of the radius of the well, with
the charge Z =~ —1.2 the volume of the well nevertheless
becomes zero and inequality (21) will not hold.

It must be emphasised yet again that all the arguments
adduced above refer only to negative ions. From the
standpoint considered, positive ions, both in a free state
and in a chemical compound, can have any charge, although
excessively large positive charges are unlikely for other
reasons. [Section (V, 4)]. Therefore the presence of
singly charged ions, say, Ca*in CaO, does not contradict
chemical facts requiring the presence of the doubly charged
ion Ca?*, for example the well known isomorphism of
NaNO, and CaCQ,. If it is assumed that the Na atom in
NaNO, indeed exists in the form of the Na* ion with a radius
of 0.95 A (which is also not entirely evident), then the
similarity of the distances and the isomorphism of both
compounds may be attributed to the presence of the doubly
charged ions Ca?* and CO2~ in CaCOQ,. This leads, how-
ever, to an average negative charge at the oxygen atom
(about 0.5). This illustrates the obvious fact that poly-
atomic anions can have charges greater than unity: -2,

-3, -4 [for example in Fe(CN);~].
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3. Other Causes of the Decrease of Ionic Character

The effect involving the “displacement” of the electron
to a state corresponding to a continuous spectrum, men-
tioned above, thus constitutes the principal mechanism
restricting the anionic charge to IZanioni ~le. However,
from this point of view, |Z|= le must be regarded as only
the upper limit of the possible charge. In fact the real
charges in compounds can be still lower, due to energy
considerations. This conclusion is apparently confirmed
by experimental results (see Tables 11-13). In any of the
compounds quoted in these tables the charge at the halogen
atom may be unity. However, in no case does it actually
reach this value. A similar conclusion follows from
thermochemical and crystal-chemical arguments. Thus
comparison of theoretical and experimental lattice ener-
gies of alkaline earth and transition metal halides 32 indi-
cates a considerable departure from the ionic model.

4y, a.u.

Such departure from the purely ionic structure, with its
characteristic tendency towards close packing, is indicated
by much well known crystal-chemical data®*. Thus, for
example, BeF, has the open structure of cristobalite, while
BeCl, forms a chain structure. = CaBr, and CaCl, crystals
have a deformed rutile structure with two Ca~Cl1 distances,
namely 2.70 and 2.76 A, In the BaCl,, BaBr,, Bal,, PbCl,,
and PbBr, structures each metal atom is generally sur-
rounded by nine halogen atoms at the vertices and at the
centre of a trigonal prism, which in the case of SrBr, is
also deformed. Calcium and lead iodides crystalise with
the characteristic cadmium iodide layer structure. We
may mention, finally, certain facts which suggest that even
all;ali metal halides are not completely ionic (Tables 11 and
13).

4. Description of the Nature of the Chemical Bond in Par-
tially Covalent Crystals and the LCAO Method

We see that the crystals of inorganic compounds are to
a large extent covalent and therefore in conclusion we shall
consider the question of the description of the chemical
bond in such crystals. The general postulates will be set
out using as a typical example alkaline earth metal ox-
ides %8, which makes it possible to demonstrate also how
partial covalence can modify the physical properties of a
solid.

The very concept of the chemical bond presupposes a
definite approach to the theory of the electronic structure
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of the molecules or crystals. The principal feature of this
approach is that, within the framework of the theory of the
chemical bond, we attempt to relate the electronic struc-
ture of the entire system to (a) the electronic structure of
the constituent atoms of the system and (b) to the interac-
tion of these atoms with one another. In the quantum
chemistry of molecules principles (a) and (b) are expressed
in the molecular orbital method, where one-electron func-
tions of the entire molecule (molecular orbitals) are de-
rived from the wave functions of the individual atoms
(atomic orbitals). From the standpoint of the molecular
orbital method, the chemical bond in an individual mole-
cule of the MgO type is described, in the simplest variant,
with the aid of a two-centre molecular orbital of the type

P =91 + Py, (25)

@, = 2pyx orbital of O atom, ¢, = 3s orbital of Mg atom,
where the relative values of the coefficients ¢, and c, deter-
mine the ionic character of the molecule.

In a coordination crystal of the MgO type individual
molecules cannot be isolated. However, this is by no
means necessary, since the molecular orbital method is in
no way restricted to two-centre two-electron bonds. In
this case it is most logical to treat the entire crystal as a
giant “molecule” of N = 10* atoms and to use the corre-
sponding one-electron functions as the sum of the atomic
orbitals of all the atoms constituting the crystal. This
method, which is fully analogous to the LCAO-MO method
in molecular theory, is well known in the physics of the
solid state under the name ‘“the strong bond method”. Al-
though each one-electron function (the so called “Bloch
wave function”) in the crystal contains a number of atomic
orbitals of the order of 10%, the actual application of the
strong bond method is greatly simplified by the transla-
tional symmetry of the crystal lattice. As a result of the
presence of translational symmetry, all the atomic orbitals
¢, linked with one another by the translational motion of
the lattice R, enter into the one-electron function of the
crystal in the form of the combination

2., 2
a+cp=1

b=——Zre*Ro(r —R), (26)

VN
where the summation is carried out over all the lattice
gsites. If each atom of the crystal has only one atomic
orbital (and each unit cell contains only one atom), then
Eqn. (26) will be the “true” one-electron function of the
crystal (the eigenfunction of the effective one-electron
Hamiltonian).

In a more complex case each “kind” of translationally
non-equivalent atomic orbital has its own function of the
type of Eqn. (26) and the overall one-electron function con-
stitutes a linear combination of similar “basal” Bloch
functions. For a crystal of the MgO type such basal Bloch
functions are therefore the four functions formed from the
2px, 2py, and 2p, orbitals of the oxygen atom and the ns
functions of the metal atoms:

1= (1/VN) 2R exp (ikR) @1 (r — R),
o= (1/VN) ZR exp (ikR) @, (r — R),
s = (1/V N} ZRr exp (ikR) s (r — R),
Yy =(1/V'N) ZR exp (ikR) ¢, (r — R),
= 2Px, Q3= 2py, Q3 =20z, Py = NS
Each overall Bloch function for the entire crystal will then

constitute a linear combination of these four basal Bloch
orbitals with certain coefficients c,, c¢,, ¢3, and ¢,

27)

P = cPy + o + a3 + €4y, |Cl|z+|02|2+‘cs‘z+|cqi’= i '(28)
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Fully by analogy with the LCAO-MO method for the MgO
molecule, the coefficients c,, c,, ¢, and ¢, determine the
ionic character of the crystal. Thus with ¢, = 0, the
Bloch function (28) includes only the atomic functions of
the anions. This case, like the case with ¢, = 0 in Eqn.
(25), corresponds to a purely ionic state. With ¢, # 0, we
have different degrees of covalence as a function of the
relative value of the coefficient c,.

We shall now consider briefly how covalence affects the
physical (electrical) properties of the crystals, which de-
pend on the structure of its energy levels.

In order to find the energy levels for the diatomic MgO
molecules, it is necessary to set up the “secular” equation

<‘P1|H|%>—‘5
Coal Bl o

<‘P1”‘I|‘Pz> _
<‘Pllﬁl‘h>‘—'3

two roots of which, ¢, and €,, yield the required levels for
the ground and first excited states. Quite analogously, in
order to find the energy levels for the MgO crystal by the

strong bond method, it is necessary to solve the following
fourth-order “secular” equation:

Det| <o | A1 — 81 =0

with the basal Bloch functions (27). Since the latter depend
on the vector 2, each of the roots € = €j(k) also depends on
this “wave vector”. Ultimately we obtain 4 N different
energy levels, which split into four individual “bands” or
“zones”: € = €/(k), ..., € = g(k) (certain bands can of
course overlap). In the case of the MgO type crystal
under consideration the three bands with the smallest ener-
gy (partially overlapping) correspond to the 3 N occupied
energy levels and form the so called “valence bands” (alto-
gether in an MgO type crystal consisting of N formula units
there are 6 N valence electrons, which occupy 3 N levels
in pairs). The fourth band with € = ¢,(k) corresponds to
unfilled, excited states. This is the conduction band and
is separated from the valence bands by an energy “gap”,
called the forbidden gap. The width of the forbidden gap
Eg is the most important electrophysical characteristic of
the crystal and corresponds to the energy of the first opti-
cal transition in the molecule.

If the simplest possible approximation is used to calcu-
late the structure of the energy bands, i.e. the treatment
is restricted by (a) taking into account only the valence
atomic orbitals and (b) taking into account only the inter-
action between anions and cations, then Eg = 11, 9, 10,
and 8.5 eV is obtained respectively for the series MgO-
CaO-SrO-Ba0.5 These values are almost the same for
the entire series, which is clearly inconsistent with experi-
mental data, since in fact the width of the forbidden gap
narrows from 8-9 eV1!%1!4 {o about 4 eV!15 on going from
MgO to BaO. It can be shown that, by taking into account
the interactions between anions and the interaction of the
2s orbital of oxygen with the ns orbitals of the metal atoms,
one cannot alter the variation of Eg inthe series of oxides %3,
so that the observed narrowing of the forbidden gap appears
inexplicable at first sight. However, there is another
important factor, which has a very pronounced effect on
the width of the forbidden gap and which was not taken into
account in the above estimate, namely, comparison of the
metal—metal distances in oxides and in metals shows that
the distances in the oxides are much shorter than in the
pure metals. This fact by itself is not, of course, par-
ticularly important, since similar shortening is observed
also in other compounds, for example in alkali metal ha-
lides. In the latter case, however, such decrease of the
AI-AI distance does not at all suggest actual interaction
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between the metal atoms, which are present in the crystal
not in the form of neutral atoms but in the form of ions A*.
From the standpoint of the ionic theory, the oxides A Ilp

constitute a fully analogous example.

In all AIIO crystals

the quantity ZR(Azﬁ) is smaller than the metal-metal dis-

tance and therefore, from the standpoint of the ionic theory,
there is no real interaction between the A%} ions,

situation is different if it is assumed that ItL
contain only singly charged Ajj ions.

The
e AIlO crystals
With the aid of the

scale of singly charged ionic radii (see Table 5), it is easy

to show that the quantity ZR(A ) is smaller than the metal-
metal distance only for MgO and perhaps CaO. In SrO and

particularly BaO real metal-metal interaction is to be ex-
pected and it is not difficult to show that even a very low
value of the corresponding resonance integral leads to the
required sharp narrowing of the forbidden gap53.

Metal-metal interaction does not occur in purely ionic

crystals and therefore it is to be expected that in the iso-

electronic series of alkali metal halides NaF-KF-RbF-CsF

a significant decrease of E$ should not be observed. Ap-
1

parently experimental data

¢ confirm this conclusion.

REFERENCES

1. Ya.K.Syrkin, Uspekhi Khim., 31, 397 (1962) [Russ.
Chem. Rev., No. 4 (1962)].

2. H.Krebs, “Grundziige der Anorganischen Kristall-
chemie”, Stuttgart, 1968.

3. R.T.Sanderson, J.Chem.Educ., 44, 516 (1967).

4. F.A.Cotton and G. Wilkingson, “Advanced Inorganic
Chemistry”, New York, 1962.

5. A.F.Kapustingkii and K. B. Yatsimirskii, Zhur.
Obghch. Khim., 26, 941 (1956).

6. M.F.C.Ladd and W. H. Lee, Acta crystallogr., 13,
959 (1960).

7. D.F.C.Morris, Acta crystallogr., 9, 197 (1956).

8. F.D.Rossini, D.D. Wagman, W. H. Evans, S. Levine,
and L. Jaffe, “Selected Values of Chemical Thermo-
dynamic Properties”, U.S.Nat.Bur.Stand., Circ.
500, U.S.Gov't. Printing Office, Washington, 1952,
Part 1.

9. M. Born and A. Lande, Verh. Dtsh. Phys. Ges., 20,
210 (1918).

10. M. Born and J. E. Mayer, Ztschr. Phys., 75, 1 (1932).

11. M.F.C.Ladd and W. H. Lee, Trans. Faraday, Soc.,
54, 34 (1958).

12. A.Unsdld, Ztschr. Phys., 43, 563 (1927).

13. H.Briick, Ztschr. Phys., 51, 707 (1928).

14. E.C. Baughan, Trans. Fa.raday Soc., 55, 736 (1959)

15. M.F.C.Ladd and W. H, Lee, J.Inorg. Nucl Chem.,
23, 199 (1961).

16. H.B.Gray, “Electrons and Chemical Bonding”
(Translated into Russian), Izd.Mir., 1967.

17. D.F.C.Morris, Proc.Roy.Soc., A242, 116 (1957).

18. W.von Baur, Acta crystallogr., 14, 209 (1961).

19. K.B. Yatsimirskii, Zhur.Neorg. Khim., 6, 518 (1961)
[Russ. J. Inorg. Chem., No. 3 (1961)].

20. P.-O.L8wdin, “Theoretical Investigations into Some
Properties of Ionic Crystals”, Uppsala, 1948.

21, P.-O.Ldwdin, Adv. in Phys., 5, 1 (1956).

22. J.Vallin et al., Arkiv Fys., 34, 199 (1967) (NaF).

23. G. Petterson et al., Arkiv Fys., 34, 371 (1967) (NaCl).

24. J.L.Calais et al., Arkiv Fys., 34, 361 (1967).

25. R.E.Watson, Phys.Rev., 111, 1108 (1958).

26. T.L.Cottrell, “The Strengti of Chemical Bonds”

(Translated into Russian), Inostr. Lit.,
1956.

Moscow,

35.
31.
38.

39.
40.

41.

42.
43.
44.
45.
46.

41.

49.
50.
52.
53.

54.

56.
51.

58.
59.

60.

109

C.E. Moore, Atomic Energy Levels, Nat. Bur. Stan-
dards, Washington, 1949, 1952, 1958; Vols.1, 2,
and 3.

L. M. Branscomb in “Atomic and Molecular Pro-
cesses” (Edited by D. R. Bates) (Translated into
Russian), Izd. Mir., Moscow, 1964.

H.S. W, Massey, Negative Ions, C.U.P., London,
1950,

W. K. Stuckey and R. W. Kiser, Nature, 211, 963
(1966).

J. H. Fremlin, Nature, 212, 1453 (1966).

See, for example, M. F.C. Ladd and W, H. Lee,
“Progress in Solid State Chemistry”, Oxford, 1964,
Vol.I; 1965, Vol.IL

M. Kh. Karapet'yants and M. L. Karapet'yants,
“Tablitsy Nekotorykh Termodinamicheskikh Svoistv
Razlichnykh Veshchestv” (Tables of Certain Ther-
modynamic Properties of Various Substances),
Moscow 1961.

D. F.C. Morris and H. N, Schmeising, Nature, 181,
469 (1958).

Glockler, Phys.Rev., 46, 111 (1934).

E. C. Baughan, Trans. Faraday Soc., 57, 1863 (1961).
R. J.S.Crossley and C. A. Coulson, Proc. Phys. Soc.,
81, 211 (1963).

S. Nagai, J. Phys.Soc.,
457 (1967).

S. Benson, J.Chem.Educ., 42, 502 (1965).

K. Traore and J. Brenet, Compt. rend., 246, 1541
(1958).

W.S. Fyfe, “Geochemistry of Solids; an Introduction”,
New York, McGraw Hill, 1964 (Translated into
Russian), Izd. Mir., Moscow, 1967,

J. A. Wasastjerne, Soc.Sci. Fennica, Commentatienes
Phys. Math., 38, 1 (1923).
J.A.Wasastjerne, Ztschr, Phys.Chem.,
(1922).

V. M. Goldschmidt, Skr.Norske Vidensk. akad. Oslo,
1., Mat.-Naturc. k1., (1926).

2/. M.)Goldschmidt, Ztschr. Techn. Phys., 8 (7), 251
19217).

V. M. Goldschmidt, Trans. Faraday Soc., 25, 253
(1929).

L. Pauling, Proc. Roy.Soc., A114, 181 (1927).

L. Pauling and J. Sherman, Ztschr. Krist., 81, 1
(1932).

L. Pauling, “The Nature of the Chemical Bond”
(Translated into Russian), Inostr.Lit., Moscow, 1948.
W. H. Zachariasen, Ztschr.Krist., 80, 137 (1931).

J. C.Slater, J.Chem. Phys., 41, 3199 (1964).

J. C.Slater, “Quantum Theory of Molecules and
Solids”, Vol.2, McGraw Hill, New York, 1965.
A.A.Levin, Ya.K.Syrkin, M. E. Dyatkina, and N. V.
Chezhina, Zhur. Strukt. Khim., 9, 116 (1968).

J. T.Waber and D. T. Cromer, J.Chem. Phys., 42,
4116 (1965).

D. Liberman, J.T.Waber and D. T. Cromer, Phys,
Rev., 137, A27 (1965).

W. L. Bragg, Phyl. Mag., 40, 169 (1920).

See, for example, I. Kostov, “Crystallography”
(Translated into Russian), Izd.Mir., 1965,

See, for example, A.F, Wells, “Structural Inorganic
Chemistry”, Third Edition, Oxford, 1962.

V.S. Urusov, Candidate's Thesis, Institute of Geo-
chemistry and Analytical Chemistry of the USSR

Academy of Sciences, Moscow, 1965.

P.M. Raccah and R. J. Arnott, Phys.Rev., 153, 1028
(1967). .

Japan, 20, 1366 (1965); 22,

101, 193



110

61. -

R. W. James and G. W. Brindley, Ztschr.Krist., 78,

. 470.(1931).

62.
63.
64.
65.

66.
61.

80.
81.
82.
83.
84.
85.

86.

81.

88.

89.

90.

T.Suzuki, Acta crystallogr., 13, 279 (1960).

M. Tokonami, Acta crystallogr., 19, 486 (1965).

J. Berghuis et al., Acta crystallogr., 8, 478 (1955).
M. A. Porai-Koshits, “Prakticheskii Kurs Rentgeno-
strukturnogo Analiza” (A Practical Course of X-Ray
Diffraction Analysis), Izd. Moskov. Gos. Univ.,
Moscow, 1960, Vol. 2.

A.J.Freeman, Acta Crystallogr., 12, 261 (1959).

M. Kaufman, L.Wharton and W. Klemperer, J. Chem.

Phys., 43, 943 (1965).

B.Szigetti, Trans. Faraday Soc., 45, 155 (1949);
Proc. Roy.Soc., 204, 51 (1951).

J.D. Axe, Phys.Rev., 139, A1215 (1965).

D. R. Bosomvorth, Phys.Rev., 157, 709 (1967).

J. D. Axe et al., Phys.Rev., 139, A1211 (1965).

E. Loh, Phys.Rev., 166, 672 (1968).

R. J. Collins and D. A. Kleinman, J. Phys.Chem.
Solids, 11, 190 (1959).

R. Marshall and S. Mitra, Phys.Rev., 134, A1019
(1964).

S. Mitra, Phys.Rev., 132, 986 (1963).

P. J. Gielisse, Phys.Rev., 155, 1039 (1967).

G. Picus et al., J. Phys. Chem. Solids, 8, 282 (1959).
W. G. Spitzer and H. Y. Fan, Phys.Rev., 99, 1893
(1955).

J. L. Jacobson and E. R. Nixon, J. Phys. Chem. Solids,
29, 967 (1968).

L. C. Davis et al., J. Phys.Chem.Solids, 28, 439
(19617).

F.Keffer and A. M. Portis, J. Chem. Phys., 27, 675
(1957).

B.D.Saksena, Phys.Rev., 81, 1012 (1951).
F.Keffer, J.Chem. Phys., 33, 1267 (1960).

M. A. Nusimovici and J. L. Birman, Phys. Rev., 156,
925 (1967).

J. Tautz, “Optical Properties of Semiconductors”
(Translated into Russian), Izd.Mir., Moscow, 19617.
C.Kittel, “Quantum Theory of Solids”, New York,
Wiley, 1963 (Translated into Russian), Izd.Nauka,
Moscow, 1967.

0. Madelung, “Physics of III-V Compounds”, New
York, Wiley, 1964 (Translated into Russian), Izd.
Mir., Moscow, 1967.

C. Hilsum and A. C. Rose-Innes, “Semiconduction
III-V Compounds”, New York, Pergamon, 1961,
(Translated into Russian), Izd. Mir., Moscow, 1963.
R. Braunstein and E. O. Kane, J. Phys.Chem. Solids,
23, 1423 (1962).

W. J.Scouler and G. B. Wright, Phys. Rev., 133,
A136 (1964).

91.

92.
93.

94,
95.
96.
91.
98.
99.
100.
101.
102.
103.

104.

105.

106.
107.

108.
109.

110.

111,
112.

113.
114.

115.

116.

Russian Chemical Reviews, 38 (2), 1969

R. L. Barinskii and V. I. Nefedov, “Rentgenospektral’~
noe Opredelenie Zaryada Atomov v Molekulakh”
(X-Ray Spectroscopic Determination of Atomic
Charges in Molecules), Izd. Nauka, Moscow, 1966.
R. L. Barinskii, Zhur, Strukt. Khim., 8, 897 (19617).
Symposium, “Rontgenspektren und chemische
Bindung”, Leipzig, 1966.

A.T.Shubaev, Candidate's Thesis, Rostov State
University, 1964.

T.Sato et al., Bull. Chem. Soc., Japan, 40, 298
(19617).

E. P, Domashevskaya and Ya. A. Ugai, Symposium

93 [misprint in Russian original (Ed. of Translation)]
V.1 Chirkov and E. E. Voinshtein, Dokl. Akad. Nauk
SSSR, 165, 1354 (1965).

V.Ern and C. Switendick, Phys.Rev., 137, A1927
(1965).

H.D. Vasileff, Phys. Rev., 97, 896 (1955).

J. L. Birman, Phys. Rev., 109, 810 (1958).

B. Lakatos, Acta chim, scient. Hungaria, 39, 53
(1963).

M. V. Fok, Fiz.Tverd. Tela, 5, 1489 (1963); Chem.
J. Phys., B13, 99 (1966).

H. Mikhail and F.I. Agami, J. Phys. Chem. Solids,

27, 909 (1966).

L. D, Landau and E. M. Lifshits, “Kvantovaya Mekha-
nika” (Quantum Mechanics), Moscow, Fizmatgiz,
1964 [New York, Pergamon, 1958].

R.S.Berry and C. W, Riemann, J.Chem. Phys., 38,
1540 (1963).

L. M. Branscomb, Nature, 182, 248 (1958).

L. M. Branscomb and S. J. Smith, J.Chem. Phys., 25,
598 (1956).

H. O. Pritchard, Chem. Revs., 52, 529 (1953).

A. P, Ginsburg and J. M. Miller, J.Inorg. Nucl. Chem.,
7, 351 (1958).

See, for example, E. Clementi and A. V. McLean,
Phys. Rev., 133, A419 (1964).

J. Yamashita, Phys.Rev., 111, 733 (1958).

A. A, Levin, Candidate's Thesis, Institute of General
and Inorganic Chemistry, Moscow, 19617.

M. L. Cohen et al., Phys.Rev., 155, 992 (1967).
E.Stevenson and J. R. Hensley, Bull, Amer. Phys.
Soc., Ser.II, 3, 46 (1958).

R. L. Sproull, in “American Institute of Physics
Handbook”. (Edited by D. F.Gray), New York, 1957.
J.E.Eby, K.T. Teegarden and D. B, Dutton, Phys.
Rev., 116, 1099 (1959).

Kurnakov Institute of General and
Inorganic Chemistry, USSR
Academy of Sciences, Moscow



