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PREFACE

The remark has been made that we have known little about
solids because their properties depend upon the arrangement
of the molecules and that to make headway we must learn the
laws of arrangement. The determination, since 1912, of the
crystal structures of literally hundreds of compounds has finally
led, within the last ten years, to the discovery of the important
principles governing the arrangement of atoms in crystals.
Systematic crystal chemistry is being evolved.

Crystal chemistry is the study of (1) the laws governing the
arrangement of atoms in solids and (2) the influence of the
arrangement and electronic structure of the atoms upon the phys-
ical and chemical properties of the solid.

Because the principles of crystal chemistry involve significant
revisions of some of the basic concepts of chemistry, they must,
eventually, take their places in the equipment of every chemist
and in the elements of chemical instruction.

It seems unnecessary to observe that the generalizations of
crystal chemistry should be furnished the student at the begin-
ning of his chemical training, provided that they can be pre-
sented in a simple but accurate form. With this conviction, the
author started, some six years ago at the University of Illinois, to
devote two weeks of the introductory course in general chemistry
to the presentation of these fundamental ideas. It appeared
that the students not only were able to understand and apply the
principles and appreciate their usefulness, but that student
interest in chemistry in general was heightened. The very
incompleteness of the subject seems to stimulate the imagination
of those students who are really interested. The broad,
general concepts of crystal chemistry are now well founded, but
8 more detailed treatment reveals ideas still in the making, sub-
Ject to constant revision.

Although there have been many reviews published on the
various phases of the structure and properties of solids, no

v
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publication has been available which presents a general picture
of the subject in simple form, useful as a text or as a point of
departure for a more thorough study of the field. This book is
intended to fill that need with the hope that, incidentally, the
incorporation of the ideas of crystal chemistry into the usual
courses in inorganic chemistry may serve to revitalize the teach-
ing of the latter subject.

Opinions will naturally differ concerning the point in the
chemistry curriculum at which the subject can most profitably be
introduced, and an attempt has been made to arrange the book to
meet this situation. The first chapter presents briefly the
broad, basic concepts of crystal chemistry and is intended,
together with judicious selections from the chapter -on the
structure of the elements, for use in the introductory course
in chemistry. The fundamentals outlined in the Introduction
are developed in greater detail in later chapters and the book as
a whole is suitable for use in advanced courses. The last two
chapters concerning the structure of fibers may be read by the
beginner or the advanced student quite apart from the rest of
the book. The fibrous structure is of particular technical inter-
est because it is found in such a large variety of natural and
synthetic products and exerts a significant influence on their
properties.

This book is intended to be complete insofar as the general
conceptions are concerned, but much detail has necessarily been
omitted. To the relatively few people specializing in this field
it may offer little that is new, save perhaps a useful assembling of
a great deal of interesting material heretofore scattered far and
wide. The bibliography is not exhaustive, but reference has
been made to many papers which offer good points of departure
for those who wish to explore the subject in greater detail.

The author’s main purpose, however, is to present the broader
aspects of this relatively new branch of chemistry in as simple a
fashion as is consistent with accuracy, trusting that chemists in
general will find this point of view useful in the rationalization
of a great many chemical and physical facts concerning solids.

Many people have given generously of their time to criticize
various parts of the manuscript. Among these are Mr. J. B.
Calkin; Drs. R. B. Corey, 8. B. Hendricks, M. L. Huggins,
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E. R. Jette, Linus Pauling, L. W. Pickett, Otto Reinmuth, H. A.
Smith, and W. H. Zachariasen. The author is particularly
grateful to Dr. Ralph Hultgren and Dr. B. E. Warren, with
whom much. of the subject matter has been discussed at some
length. The continued interest shown by Dr. G. L. Clark in
the progress of the book is keenly appreciated. It is understood,
of course, that, while many of their suggestions have been very
helpful, these men are in no sense responsible for the contents
of this book. That responsibility lies entirely with the author.

Parts of Chapters I, V, VI, and XII have appeared in the
Journal of Chemical Education and permission for their reproduc-
tion is gratefully acknowledged.

CHARLES W. STILLWELL.

FraMINGHAM, Mass.,
March, 1938.
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CRYSTAL CHEMISTRY

CHAPTER I
INTRODUCTION

The essential difference between the liquid and solid states,
according to our present conception, is a difference in the relative
mobilities of the molecules. In liquids the molecules are more
active and are free to move around considerably. In solids the
molecules possess less energy, and their attraction for each other
holds them in apparently rigid positions in which the motion of
each is relatively restricted.

The study of the formation of crystals and the conditions
controlling their growth has shown that their outward form or
habit may be modified by these conditions. For the present,
however, we must pass over this very interesting part of the
story and limit ourselves to the study of the properties of crystals
already formed.

A well-formed erystal is relatively rare in nature, and unless
special precautions are taken, it is difficult to prepare one of any
great size in the laboratory. As a result, crystals were formerly
considered as rather mysterious exceptions to the more common
forms of solids. Albert Diirer, the sixteenth century artist, in
an etching called ‘Melancholia,” displays prominently a large
crystal to depict one of the unfathomable mysteries of nature.
In the latter sixteenth century the microscope was invented, and
then came the realization that crystals were much more common
than had been supposed; in fact, it was observed that most of
the minerals found in nature and the precipitates formed in the
laboratory are actually crystalline, but too minute for the regu-
larity of form to be observed with the naked eye.

About 150 years ago the science of crystallography—the study

of the outward form of crystals—was founded with the publica-
1



2 CRYSTAL CHEMISTRY

tion of Haily’s *“Essai d’une theoric sur la structure des cristaux.”
The crystallographer learned to classify the many crystalline
substances according to their outward form, particularly by the
angles formed between faces of the crystals. This was first done
for calcite by Huygens and reported in his “Treatise on Optics”
in 1690. )

Considering its limitations, crystallography made remarkable
progress. As a result of the observation of outward form, the
careful measurement of interfacial angles and the study of the
cleavage properties of crystals, all erystals were found to belong
to one of six great groups or systems, described briefly as follows:*

1. The Cubic System.—Three axes at right angles to each other
and equalinlength. a =b=c;a=08=+v=90deg. Examples:
NaCl, Ca0O, Ni(NHj3)¢Cl,, Cu, diamond.

2. The Tetragonal System.—Three axes at right angles to each
other, two of these equal in length. a = b = ¢;

a=8=1v =90 deg.

Examples: Sn0,, K.PtCl,, BeSO,44H-0, Sn.
3. The Orthorhombic System.—Three axes at right angles to
each other, all different in length. a # b # ¢;

a =8 =7 =90 deg.

Examples: HgCl,, K.S0,, 1. ]

4. The Monoclinic System.—Three axes, one perpendicular to
the plane of the other two, which may make any angle with ecach
other. The axes are unequal in length. a # b # ¢; b L a and
c¢. Examples: KCIO;, K;Fe(CN)g, CaS0,-2H,0, S.

5. The Triclinic System.—Three axes making any angles with
each other and of unequal lengths. a # b # c;

a # B # vy # 90 deg.

Examples: CuSO4+5H.0, Al;Si0;5, K.S,0s.
6. The Hexagonal System.—Two axes in one plane, making
angles of 120 deg. with each other and equal in length. The
! For a more detailed discussion of crystallography, sece any good book

on mineralogy; or R. W. G. Wyckoff’s “ The Structure of Crystals,” 2d ed.,
Chap. II, Reinhold Publishing Corporation, New York, 1930.
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third axis is perpendicular to this plane and of different length.
a=bs##c; a=8=090 deg.,, v =120 deg. Examples: SiO,
(quartz), Agl, NalO,3H.0, Zn. :

The Hexagonal System, Rhombohedral Division.—Three axes of
equal length and making equal angles with each other, but not
right angles. a=b=c¢; a=8=1v 90 deg. Examples:
Al;03, CaCOyj (calcite), As, Sb, Bi.

A casual glance at the examples listed for the several systems
indicates the utter futility of an attempt to relate the crystal
system, in which a substance occurs, to its chemical properties.
In the cubic system are found representatives of elements, oxides,
salts, and complex compounds. Elements are to be found in five
of the six systems. As was to be expected, no significant progress
was made in correlating crystalline form and the chemical nature
of solids.

As the science developed, attention was turned from the out-
ward form to a consideration of the inner structure of crystals,
and people speculated upon the various symmetrical arrange-
ments of points in space. We now know that there are 32 classes
of symmetry geometrically possible. This was first discovered
in 1830, but its importance was not realized until many years
later. There was no way of obtaining experimental evidence
of the internal structure of crystals because molecules are too
small to be seen even with the most powerful microscope. To
be visible, an object must be large enough to cast a shadow which
may be seen or to scatter light which falls upon it.

The purely imaginary picture of the interior of a crystal, built
up of discrete building blocks of atoms or molecules, became so
realistic that Barlow,! in 1897, assuming the atoms to be spheres,
postulated a number of hypothetical arrangements of such spheres
in space as determined by their relative sizes. Sollas, in 1898,
proposed a method to determine the sizes of atoms in crystals and
attempted to show a definite relation between the relative sizes
of these building stones and the type of crystal which was formed.?
Sollas’s discussions were faulty in detail, and his method of
determining the volumes of atoms was inadequate, although the
best available at the time, but some of his general conceptions

1 Barrow, W., Sci. Proc. Roy. Dublin Soc., 8, 527 (1893-1898).
2 Sorras, W. J., Proc. Roy. Soc. (London), 68, 270, 286 (1898).
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show remarkable insight and have recently been substantiated.!
The feeling that the volumes of atoms have an important bearing
on the formation of crystals persisted in the writings of Barlow
and Pope? and Barker,® but again, although their deductions
were ingenious, they were hampered by the lack of a reliable
method of determining the sizes of the atoms in crystals.

It was in 1912 that von Laue and associates demonstrated that
X rays, discovered by Roentgen in 1896, might be useful to
investigate the inner structure of crystals* and opened the way
for the real development of the study of solids. For the first
time, investigators had at hand a method for peering beneath
the surface of a crystal and studying more than its outward
form. There was the possibility of fixing the position of each
atom or molecule, each building stone in the crystal, and of
measuring the size of these building stones with a fair degree of
accuracy.

The details of the X-ray analysis of crystals are rather involved,
but the fundamental principles are comparatively simple and
easy to understand.® If a beam of X rays is passed through a
crystal, the successive planes of atoms act like reflectors for the
rays. In order to detect the “reflected’ ray, it is necessary that
all the rays ‘‘reflected” from the several planes in a given set
reinforce each other. This can occur only when n\ = 2d sin 6
(see Fig. 1), where 8 is the angle of incidence, \ is the wave length
of the X rays, d is the distance between successive planes of
atoms, and =n is a whole number.® If a photographic plate is

1 His proposals, for example, that atoms and ions differ in size and that
ionic radii are not constant but vary according to their environment (see
Chap. II).

2 BarLow, W., and W. J. Porg, J. Chem. Soc., 89, 1727 (1906); 93, 1528
(1908).

3 BARKER, T. V., J. Chem. Soc., 101, 2490 (1912).

4 FriepricH, W., P. KN1pPING, and M. vonN Lavug, Ann. Physik, 41, 971
(1912).

8 For the most elementary and entirely adequate treatment, see W. L.
Bragg, ‘“‘Introduction to Crystal Analysis,” G. Bell & Sons, Ltd., London,
'1928. Bee also, G. L. Clark, “Applied X-rays,” 2d ed., McGraw-Hill
Book Company, Inc., New York, 1932; Wyckoff, R. W. G., *“The Structure
of Crystals,” 2d ed., Reinhold Publishing Corporation, New York, 1930.

¢ This is known as the Bragg equation. Von Laue interpreted the spots
on his diffraction pattern by treating each point in the crystal as a diffraction
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fixed at P (Fig. 1), there will be a darkening at A by the part of
the incident beam which passes unscattered through the crystal
and a darkening at B by the scattered or reflected beam. Obvi-
ously, if the distance from the crystal to the photographic plate
is known, the distance AB is measured, and monochromatic
X rays of known wave length X are used, then the angle 8 may be
calculated, and the distance d between the planes of atoms in
the erystal may be determined.

Incident rays

a
(b)

F16. 1.—(a) General procedure in the use of the Bragg equation, n\ = 2d sin 6,
in the determination of interplanar spacings in crystals. () A few of the
possible sets of planes in a two-dimensional lattice.

When points are arranged regularly in space, it is possible to
imagine planes through these points in many different directions.
Everyone who has had occasion to pass a field of corn, regularly
planted, has observed that, from a single vantage point, rows
seem to radiate in many directions as illustrated in Fig. 2. In a
three-dimensional lattice, like a crystal, the same sort of thing
occurs, but here we are interested in sets of parallel planes instead
of parallel lines. When the distances between many sets of

center. W. L. Bragg suggested [Proc. Cambridge Phil. Soc., 17, 43 (1913)]
that the process is geometrically equivalent to a reflection of rays in a series
of atomic planes parallel to a crystal face. This suggestion has simplified
the interpretation of diffraction patterns considerably and has been invalu-
able for that reason.
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intersecting planes have been calculated, the position of each
atom in the crystal becomes known. Their positions may be
defined in terms of a three-dimensional system, known as the
‘““crystal lattice,” the framework which defines the pattern upon
which the crystal is built. The smallest unit of this lattice which
illustrates all of its characteristic geometrical properties is known
as the ‘““unit cell.” This unit, repeated successively throughout
space, builds the erystal. Crystals of a given substance may

F1a. 2.—Sets of parallel lines in a/:mint pattern extending in the directions
indicated by the arrows.
grow to enormous dimensions by the regular addition of these
identical building units, and so the effect of all crystals of the
same substance on X rays is the same, be they the size of a shoe
box or invisible to the naked eye.! The term ‘length of axis”
which was used in defining the six crystal systems now takes on
a more definite meaning. It refers to the relative distances
between the building stones along the three axes of the crystal.
If, for example, the building stones are placed the same distance
apart along all three axes, as they are in the cubie crystals, then
the axes are said to be equal in length. The crystal structure
and the size of the unit cell of a substance are characteristic prop-

1 Crystals of cross section less than 10-¢ cm. are too small to produce
sharp diffraction patterns.
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erties by means of which that substance may be distinguished
from others.

Since 1912 our knowledge of the structure of crystals has grown
at a tremendous rate, until today literally thousands of different
crystalline substances have been studied more or less completely.
Contrary to the earliest conception of a crystal as an exceptional
form of solid matter, we now know that there are very few solids
indeed which are not crystalline. Before 1912 it was customary
to call “amorphous’’ all those precipitates which did not appear
to be crystalline when examined with the microscope. The more
sensitive X rays detected a regular arrangement of particles in
most of these precipitates. We now list among the crystalline
or partly crystalline substances most inorganic and organic sub-
stances, including many things not commonly thought of as
crystals, such as wood, cotton, wool, silk, rubber, shells, bone,
wax, and others. These will be described in detail in later chap-
ters. The important noncrystalline or vitreous solids are the
glasses, a group of oxides and certain salts of these oxides, and
many of the resinous solids. These substances are more properly
classified as supercooled liquids. Without a doubt, the most
interesting aspect of all that has been learned about solids these
twenty years is the remarkable orderliness of nature, the precision
and regularity with which nature builds most solid matter.
Lately it has been proposcd that even in the vitreous or glassy
“solids”’ there is a certain consistency of structure, an orderliness
which causes them to solidify in their apparently disorderly way.!
Thus, as our understanding of solids develops, the consistency
of nature, even in the face of apparent inconsistencies, is a source
of never failing fascination.

As was to be expected, the rapid accumulation of crystal struc-
ture data stimulated attempts to find some relation between the
structure of crystals and their chemical composition and other
chemical and physical properties. The true scientist is never
satisfied merely to amass data. Facts are a means to an end, and
he seeks to classify these data and, from his classification, to
evolve a useful gencralization on the basis of which additional
facts may be predicted. In this case the very nature of solid

1 ZAcHARIASEN, W. H., Phys. Rev., 89, 185 (1931); WarreN, B. E,, Z.
Krist., 86, 349 (1933) (in English); and see Chap. VIII.
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matter was at stake. Inquisitive people were asking: What
relation is there between the structure of crystals and their
chemical nature? If NaCland KCl are isomorphous, why should
CsCl have a different structure? What determines the crystal
structure of a given element or compound? What kind of forces
hold the building units together in a crystal? Does the fact
that AICl; melts at 190°C. (at 2% atm.), while NaCl melts at
805°C., have anything to do with their crystal structures? How
are the properties of crystals related to their structures?

With the structures of hundreds of crystalline solids at hand,
the complexity of the data was baffling. The idea still persisted,
however, that the atomic or ionic sizes have an important bearing
on the question, and many investigators gave their attention to
this matter. Foremost among these was Grimm who, in a series
of papers starting in 1921,! pointed out many remarkable relations
between the sizes and properties of ions, some of which will be
considered in detail later. It was not until 1926-1927, 14 years
after the first X-ray crystal-structure analysis, that generaliza-
tions were finally found which suggest why solids erystallize in so
many different forms, what factors determine the particular
form in which a solid will erystallize, and how the properties of
solids are related to their structures. These ‘““laws of arrange-
ment’’ were proposed independently by Goldschmidt in Oslo?
and by Pauling in this country.® The appearance of these
proposals marks the beginning of what may be termed * crystal
chemistry.” This youngest branch of chemistry, only ten years
old and in many respects still in its infancy, is the subject of the
succeeding chapters.

The newness of crystal chemistry, its very incompleteness,
adds greatly to its interest. We shall see that there are differ-
ences of opinion in regard to some of the features, differences
which cannot be definitely settled with the facts now at hand,
and must be kept in mind in the light of facts still to be dis-

1 Summarized by H. G. Grimm, ‘“Handbuch der Physik,” vol. XXIV,
p. 463, Julius Springer, Berlin, 1927.

? GoLpscumipt, V. M., Skrifter Norske Videnskaps-Akad. Oslo, no. 2
(1926); no. 8 (1926); Ber., 80, 1263 (1927); Trans. Faraday Soc., 26, 253
(1929).

3 PavLiNg, Linus, J. Am. Chem. Soc., 49, 765 (1927).
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covered. In developing the generalizations of crystal chemistry,
we shall expect them to serve two useful purposes: They should
spare us the necessity of remembering a large number of isolated
facts, and with their aid we should be able to predict facts not
yet known.

IONIC CRYSTALS

It is wise to approach crystal chemistry by the simplest route.
Consider compounds of the type AX. It is known that such

o) o
O
BN ZnS
| = -
v
D— D
0 o
N
‘D &
Fes NaCl cscl

F1a. 3.—Typical crystalline structures of compounds of the general type AX.
[From V. M. Goldschmidt, Trans. Faraday Soc., 25, 254(1929).]

compounds may crystallize in many different forms, six typical
examples of which are shown in the unit cells pictured in Fig. 3.!
Some of these are rather complicated, but those of sodium
chloride and cesium chloride are easy to visualize and may be
studied with profit. It will be seen that in the sodium chloride
crystal there are six chlorine atoms nearest to the sodium at the
center of the cube, and these lie in the centers of the faces of the

! The arrangement of atoms or ions in crystals may be shown in a number
of ways. Three methods in common use have been utilized in this book so
that they may become familiar. In Fig. 3 the positions of the centers of
the ions are indicated, without regard for relative sizes. In Fig. 5 the ions
are drawn to scale to show how they are packed into the available space.
Figure 11 illustrates the use of projections of the ynit cell in a single plane,
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cube. In the cesium chloride structure, there are eight chlorine
atoms at the corners of the cube which are nearest to the cesium
at the center. Actual crystals, of course, are built up of many
unit cells added to this one in three dimensions. The one cell
serves to illustrate the plan of the entire crystal.

It is evident that no particular chlorine atom belongs to the
sodium (or cesium) at the center of the cube, and, therefore,
NaCl (or CsCl) molecules, as such, do not exist in the crystal.
In fact, these crystals are typical of a large group of so-called
ionic crystals, in which the particles of which the crystals are
built are ions rather than atoms or molecules. The ions are
held together by the attraction of opposite electrical charges.
Later we shall consider crystals in which forces holding the
particles together differ from these ionic forces, and we shall
find that the properties of such erystals also differ from those
of ionic crystals.

1t is still possible to think of the erystal as a whole as a giant
molecule. It should be noted that in spite of appearances to
the contrary, the number of sodium ions in a unit cell is the same
as the number of chloride ions, thereby satisfying the relation
NaCl. This may be calculated by imagining other unit cells
attached to the pictured one. Then ions at the corners arc
shared by seven other unit cells and are only one-eighth in the
pictured one; ions at edges are shared by three other unit cells
and are one-fourth in the pictured one; ions in faces are one-half
in the pictured cell. Only the sodium ion at the center belongs
wholly to the single unit cell.

One of the best ways to learn why AX compounds crystallize
in different forms is to study a series of similar compounds in
which a change in structure occurs and to find the factors upon
which the structural change seems to depend. Suppose we con-
sider the series LiBr, NaBr, KBr, RbBr, CsBr. The first four
of these have the NaCl structure, the last, the CsCl structure.
These bromides are chemically similar, and their differences
must therefore be physical. The most obvious point of difference
among them in each case is the variation in the size of the
respective cations:!

! Until recently, the building blocks in a crystal were pictured as more or
less rigid spheres and the term ‘‘ionic radius” had a very real meaning.
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Li+ Nat K+t Rbt Cs*
0.68 0.98 1.33 1.48 1.67 A

Now let us recall that a NaBr crystal is formed from fused
NaBr, or a solution of NaBr, when the ions come comparatively
close together and form an orderly array in space. Assuming
that the ions are spherical, what single condition will most
strongly influence the number of bromide ions which may sur-
round and touch a single sodium ion? Obviously, it is the
relative sizes of the two ions. If we let the bromide X and the
sodium A ions be represented by balls 4 and 2 in., respectively,
in diameter, we shall see that six bromide balls can approach and
touch the sodium but that more than six cannot touch. In order
to get more than six touching, we must either increase the size of
A or decrease the size of X, i.e., we must increase the ratio
R4s:Rx. It may be calculated geometrically that when the
value of R4: Rx is greater than 0.73, eight balls may surround and
touch the inner one, while if R4:Rx is less than 0.73, only six
balls can surround the inner ball. This same procedure may be
carried further and it will be found that as the central ball A
becomes still smaller with respect to X, the number of balls X
which can surround and touch A is reduced from six to four.
This occurs when the ratio R4: Rx goes below 0.41. If Ry:Ry is
less than 0.22, only 3X can surround and touch A. These
geometric relations are summarized in Table 1. It should be
emphasized that thesc numerical limits have been derived

But wave mechanics has changed our conception of an atom or ion. Cer-
tainly it is no longer a sphere with a definite size and constant radius in the
usual sense. Its size now depends upon the method used to investigate it
and upon the environment in which it finds itself. We may still use the
term ““ionic (or atomic) radius’’ provided the circumstances of its dct.ermina-
tion are defined. In a given crystal, the distance between the centers of
neighboring atoms or ions is an unambiguous value, and the atomic or
ionic crystal radii about which we shall speak are those which, when added
together, should equal the interatomic or interionic distances in crystals.

A table of ionic and atomic radii is given in the Appendix. To avoid
confusion, it may be well to emphasize that in diagrams like those of Figs.
3 and 4, no account is taken of relative lonic sizes; only the positions of the
centers of the ions are indicated. In Figs. 5 and 6, however, the relative
ionic sizes are shown,
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geometrically, entirely divorced from any chemical consideration,
and apply to the packing of perfect spheres.

TABLE 1.—THE ARRANGEMENT OF SPHERES X ABOUT A SPHERE A

No. of X Arrangement of spheres X Ra:Rx
2 Opposite each other Up to 0.15
3 Corners of equilateral triangle 0.15-0.22
4 Tetrahedral corners 0.22-0.41
6 Octahedral corners 0.41-0.73
4 Square corners 0.41-0.73
8 Cube corners . 0.73 and above

Let us calculate the R4: Ry ratio for the series of alkali bro-
mides. The values are given in Table 2

TaBLE 2.—Ra: Rx VALUES FOR THE ALKALI BROMIDES

NaCl structure CeCl
structure
Compound.....................| LiBr NaBr‘ KBr | RbBr CsBr
— | —
Radiusof A................... 0.68 | 0.98 | 1.33 | 1.48 1.67
Ra:Rx..oooooo oo 0.40 | 0.50 0‘68 0.75 0.84
i .

It is evident that we may have found the explanation of the
difference in structure of these chemically similar substances.
As A increases in size, the change in structure from one in
which the cation A is surrounded by six bromide ions to one in
which it is surrounded by eight bromide ions occurs at just
about the point required for the packing of spheres. This
suggests very strongly that the relative sizes of the two different
ions which must be packed together will determine the type of
arrangement of these ions in the crystal lattice.

The number of nearest neighbors surrounding any atom or ion
in a crystal is known as the cqgordination number (C.N.) of that
atom or ion. It is helpful to classify the AX crystal types on
the basis of their coordination numbers, as shown in Table 3.



INTRODUCTION 13

TABLE 3.—Co00RDINATION TYPES FOR AX CRYSTALS

C.N. Type*
1 Single molecules, molecular lattices
2 Double molecules, molecular chains
3 Boron nitride
4 Zn8, Zn0O
6 NaCl, FeS (NiAs type)
8 CsCl
* See Fig. 3.

Having proposed the idea that the arrangement of atoms A4
and X in crystals is affected by their relative sizes, let us check

Ti0, Rutile CaF;

Fia. 4.—Typical crystalline structures of compounds of the general type 4Xa.
[From V. M. Goldschmidt, Trans. Faraday Soc., 25, 255(1929).]

our theory for some typical compounds of the type AX:. Four
common types of crystal lattice for AX, compounds are shown in
Fig. 4. Again, the most important single characteristic of these
lattices is the coordination number. For A X, compounds there
will be two coordination numbers, for there are twice as many
ions (or atoms) X as there are ions (or atoms) A. The classifica-
tion of A X, lattices on the basis of coordination numbers is given
in Table 4.
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TaBLE 4.—CoORDINATION TyYPES OF AX,; CRYSTALS

C.N. Type*
2and 1 Single molecules. Molecular lattices. CO,
4 and 2 Cristobalite, Si0,
6 and 3 Rutile (Ti0,). CdlI,, layer latticet
8 and 4 Fluorite, CaF,
* See Fig. 4.
t See Fig. 5.

In Table 5 are the R4: Rx values for a series of A X, compounds,
the difluorides. The experimental determination of the erystal
structures of all these has shown that they may be divided as
indicated. Thus it is evident that the same relationship holds
as that for AX compounds, viz., that the structure changes
from one of C.N. 8 to one of C.N.6 when R,: Rx falls below 0.73.

TABLE 5.—STRUCTURE OF DIFLUORIDES A8 A ['UNCcTION OF Ra:Rx

Rutile structure, C.N. 6-3 | Fluorite structure, C.N. 8-4

Mgr,} Nlel ol ZnFd MaFy| CdF CaFy Sl | PbFa| BaFs
Ra 078!078082;083'090097098127’ 32| 1.43
Ra:Rx 0.59 0.59] 0.62 0‘63‘ 0.68] 0.73) 0.73/ 0.95 1.00| 1.08

We shall state tentatively, then, what may be called for con-
venience the radius ratio rule: The structure of an ionic erystal
depends upon the relative sizes of its building stones.

This idea was originally suggested by Barlow and by Sollas
before 1900, and it is extremely interesting to read their papers
in the light of our present knowledge. But there was no good
way to determine ionic sizes in those days, and it remained for
Goldschmidt and Pauling, utilizing recent values for the ionic
radii, to put the rule on a sound, experimentally verified basis.

THE INFLUENCE OF THE ELECTRON-PAIR BOND AND OF
POLARIZATION

Were we to proceed with the belief that the structures of all
compounds are consistent with the radius ratio rule we should be
quickly disillusioned, and this is not surprising. It must be
remembered that the radius ratio rule is based on the assumption
that we are dealing with ions which are spherical and bound
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together by ionic or electrostatic forces. For most ions this is
not strictly true, and for a great many it is far from the truth.
If a relatively small positive ion is brought near a large negative
ion, there is a tendency for the more concentrated positive charge
of the small ion to attract the diffuse negative charge of the
larger ion, and the latter becomes distorted. The distorted ion
is said to be polarized, the small positive ion is said to be strongly
polarizing or to show a polarizing effect, and the whole phenom-
enon is known as ‘‘polarization.” TUntil very recently it has
been convenient to ‘“explain’ certain facts of crystal chemistry
on the basis of polarization. There is a growing conviction,
however, that in most cases polarization or actual distortion of
the ions, while it may always occur to some extent, is a minor
factor and that the influence of a different kind of binding force—
the clectron-pair or covalent bond—must be reckoned with.

The electron-pair bond was conceived by G. N. Lewis! as
early as 1916 as the binding force between electronegative atoms,
such as F,, arising when two such atoms complete their octets by
sharing a pair of electrons. Not until the advent of the quantum
mechanics was the electron-pair bond given a reasonable physical
meaning. Then it was suggested that when two atoms come
very close together, an additional attracting force becomes oper-
ative. Each may contribute one clectron to a shared pair, and
both tend to jump back and forth between the two atomie nuclei
giving rise to a ‘“resonance’ energy of considerable magnitude
which constitutes a large part of the energy of the bond. To form
an electron-pair bond, the clectrons must satisfy certain require-
ments. They must be spinning in opposite directions, and they
must be unpaired in their own atoms. An unpaired electron
is one for which there is no other that is identical in the first
three quantum numbers and different only in direction of spin.?
The nature of the resonance energy is not unique but depends
upon the electrostatic forces between the electrons.

A clear conception of this so-called “resonance phenomenon”
is of great value in understanding various manifestations of the

'Lewis, G. N., J. Am. Chem. Soc., 38, 762 (1916); Novus, W. A., Chem.
Rev., 17, 1 (1935), has written a very intcresting review of the electronic
theories of valence.

3 For a further discussion of the nature of the covalent bond, see Chap. V.



16 CRYSTAL CHEMISTRY

electron-pair bond in solids. When the two electrons of a
Cl

pair bonding electronegative atoms, like Cl:Cl or Cl:C:Cl
Cl

exchange places simultaneously, a bond results which is as nearly
covalent as can ever be realized. But, if the two electrons do
not jump simultaneously—as, perhaps, in Ag : Cl—then for that
part of the time when both electrons are on one atom, ions
(either Agt, Cl— or Ag—, Cl*) and an ionic bond exist. The bond
over a period of time, then, is neither covalent nor ionic, but a
mixture of these two, and the properties of the compound will
show characteristics of both. Indeed, this conception of the
coexistence of an ionic and a covalent binding between ions or
atoms is one of the most interesting contributions of the quantum
mechanics. It is convenient to represent this ionic-covalent
bond thus, Ag : Cl, as compared with the pure covalent bond,
Ag : C], and the ionic bond, Ag :Cl.

It i not surprising that those peculiarities of crystals not
strictly ionic, peculiarities explained by picturing distorted or
polarized ions, may be accounted for as satisfactorily and with
greater justification by recognizing the influence of the covalent
bond. Factors influencing the formation of the covalent bond
will be considered in greater detail later; suffice it to say that
those atoms with high ionization potentials (those which ionize
with greatest difficulty) tend to form covalent rather than ionic
bonds; while those clectronegative atoms with the lower electron
affinities (those showing least attraction for electrons) tend to
form covalent bonds rather than ionic. Comparing the factors
influencing polarization with those influencing bond type, one
may observe

1. For a series of ions with the same charge, the smaller the
ionic radius, the greater the polarizing cffect of the ion and the
higher the ionization potential. Thus, of the alkali metals,
Li+ has the greatest polarizing effect and the greatest tendency
to form a covalent bond.

2. For two ions of the same size, one with 18 electrons in the
outer shell exhibits a greater polarizing effect and has a higher
ionization potential than an 8-shell ion. For example, Ca**
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(0.98 A) and Cd++ (0.99 A) have the same ionic radii, but Ca++
is an 8-shell ion while Cd** is an 18-shell ion. The Cd*++ is more
strongly polarizing; it is also more apt to form a covalent bond.

3. The larger the negative ion, the more casily may it be polar-
ized and the lower is its electron affinity. Thus, of the halogens,
the iodide ion is most easily polarized and most likely to form a
covalent bond.

From these generalizations it follows that, as a rule, the alkalies
and alkaline earth ions do not polarize strongly and favor ionic
bonds; and of the common anions, F~ and O= are not strongly
polarized and generally form ionic bonds. We shall find, there-
fore, that compounds containing these ions are least apt to
violate the radius ratio rule. For the other ‘‘ions,”” the increasing
influence of the covalent bond becomes very important because
it accounts in the main for many of the exceptions to that rule.
Polarization, too, doubtless exists in varying degrees between
most atoms and ions, but in general its effect is secondary and will
be so considered throughout our discussion. The radius ratio
rule, then, applies strictly only to ionie erystals.

Effect of the Covalent Bond and Polarization in AX Structures.—
The distance between the nuclei of two atoms A and X, joined by
a covalent bond, is generally less than the distance between the
nuclei of the ions of the same elements. Thus when ions X
of a definite size are packed around ions A, if the bond is partly
covalent, it will tend to draw ions X abnormally close to it, and
for that reason, there will not be room for so many ions X around
A as there would be if they all stayed at their normal distances.
There is, then, a decreasing distance between the ions which
may, if the influence of the covalent bond is marked, actually

TaBLE 6.—EFrEcT oF THE CovALENT BoNp oN IxTsRIONIC DISTANCES

i

! . Interionic
Crystal i Ra, A Ly, A distance, A
CaO 0.98 1.40 2.40
CdoO 0.99 1.40 2.35
|
CaS \ 0.98 1.84 2.84
Cds l 0.99 1.84 2.51
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produce a decrease in coordination number. These effects are
illustrated in Tables 6 and 7.

The normal radii of Cat* and Cd++ are about the same. Inthe
two oxides the interionic distances are about the same, although
there is a slight but real decrease in CdO; the bonds are essen-
tially ionic in both. The sulfide ion, being much larger, favors,
with Cd++, the covalent bond, and there is a marked decrease
in the interionic distance. In this case a change in structure
is also produced as shown in Table 7. In this table are compared
the structure types for the oxides, sulfides, selenides, and tellu-
rides of calcium and cadmium. It is evident that the R.i:Rx
ratio alone does not explain the facts, since the values are iden-
tical but the structures differ. Furthermore, since the values are
all above 0.41, the compounds should all be expected to have the
NaCl structure. But, unlike the ionic bond, the covalent bond
has definite directional properties and, in the case of eadmium
and most other 18-shell cations, the four bonds are directed to the
corners of a tetrahedron, thus favoring the ZnS structure (see

Fig. 3).

TaBLE 7.—TuE ErreEcT OF THE COVALENT BOND ON THE STRUCTURE OF
AX CoMPOUNDS

o- S- Se~ Te~
Ca** NaCl NaCl NaCl NaCl | Lattice type
0.70 0.53 0.50 0.45 Ra:Rx
Cd++ NaCl ZnS ZnS ZnS Lattice type
0.70 0.53 0.50 0.45 Ra:Rx

Because most atoms are not apt to tolerate more than eight
electrons in the outer shell, and hence only four electron-pair
bonds, the covalent bond appears to be conducive to crystalliza-
tion in arrangements (like ZnS) characterized by a coordination
number of four or less. It follows, then, that when the coordina-
tion number in a crystal increases to six (as in the NaCl struc-
ture) or more, the bonds are usually ionic. This relation of bond
type to coordination number holds in a large majority of cases
but is not without exception. There are a few crystals with the
NaCl structure in which the bonds are probably largely covalent,
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and there are some crystals with C.N. 4 in which the bonds are
essentially ionic.!

Since in a crystal with covalent bonds there is no transfer of
electrons, the building units must be pictured as atoms rather
than ions. Interesting data which tend to support the conclusion
that we are dealing with atoms held by covalent bonds rather than
with ions held by ionic bonds are shown in Table 8.

TaBLE 8.—A CompPARISON OF IoNic aAND HomoproLarR CrystaLs oF AX

ComPOUNDS
. . Tonic radii .

C d Atomic | A-X distance A-X distance
0mpound | ymbers experimental 4 x sum of radii
ZnS Type
Agl 47-53 2.811 0.93 2.09 3.02
CdTe 48-52 2.799 0.92 2.00 2.92
InSb 49-51 2.793 0.87 2.32 3.19
SnSn 50-50 2.790 0.67 2.77 3.44
CuBr 29-35 2.460 0.91 1.85 2.76
ZnSe 30-34 2.452 0.78 1.80 2.58

GaAs 31-33 2.435

GeGe 32-32 2.430 0.50 2.56 3.06
NaCl Type

NaCl 11-17 2.814 0.98 1.81 2.79

MgS 12-16 2.595 0.78 1.84 2.62

NaBr 11-35 2.981 0.98 1.95 2.93

MgSe | 12-34 2.726 0.78 1.91 2.69

The ZnS structure is very common for compounds of AX in
which element A stands as many units of atomic number ahead
of a fourth group element as element X stands behind the same
fourth group element. Such a series is shown in this table.
The sum of the sonic radii are compared with the A-X distances
determined experimentally. The ionic radii given are 5 per cent
less than the values in the Appendix, since the latter are for
C.N. 6 (see Table 18, page 49).

1 For further details, see Chap. V.
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The data of Table 8 are suggestive for two reasons. First,
it is evident that if one assumes the building stones to be ions,
the sums of the ionic radii which should give the distances
between A and X do not agree satisfactorily with these distances
determined experimentally in the crystals of the ZnS type. This
in itself suggests that these crystals are not ionic, particularly
as there is good agreement between calculated and observed
values in the NaCl type crystals which are known to be ionic.
The most interesting feature of the structures of the ZnS type
is that the interatomic distances for each entire series remain
practically constant, while in the similar series with the NaCl
structure, the distance between ions decreases with increasing
valence; which is to be expected since the forces drawing the
ions together are greater.

It seems that for the ZnS structure, however, the dimensions are
determined by the total number of electrons present, and it does
not matter how these electrons are distributed between the atoms;
the two atoms share the electrons in common. These crystals
represent an intermediate type between the ionic and the covalent
bond but with the covalent bond usually predominating. Fur-
ther interesting properties of atomic crystals are to be considered
later.

Values for atomic radii to be used in crystals of this sort are
given in the Appendix.

In the discussion of the last few paragraphs a conception of
fundamental importance has been implied and must be clearly
stated at this point. "The radius ratio is not always the most
important factor in determining crystal structure. The type of
bond is probably of greater importance. Certain atoms favor
the formation of covalent bonds, and the crystal structure is
influenced particularly by this bond type. When the ionic bond
is favored, however, then relative ionic sizes become of great
importance in determining which of several possible ionic crystal
structures will be formed. Inasmuch as we are chiefly interested
in ionic crystals in this elementary discussion, the matter of
ionic sizes has been emphasized.

Effect of the Covalent Bond and Polarization on AX; Structures.
A partial departure from the ionic bond has a somewhat different
effect on A X, lattices although it is a result of the same influences.



INTRODUCTION 21

A single illustration must suffice. Cadmium fluoride has the
structure of fluorite (see Fig. 4). We should expect cadmium
hydroxide to have the same structure, since the hydroxyl ion of
radius 1.35 A has been substituted for the fluoride ion of radius
1.33 A. It happens that hydroxyl, being an unsymmetrical
group, may be very easily polarized, and the structure of Cd(OH),
is not that of fluorite but is a very different type, the CdI,
structure, shown in Fig. 5. Examination of this structure
shows that while any ion of cadmium is surrounded symmetrically

Q-

Direction of cleavage

F1a. 5.—The cadmium iodide structure, showing the packing of ions. A layer
lattice. (Reproduced, by permission, from the Encyclopaedia Britannica.)

by six iodide ions, any iodide ion has contact with three ions of
cadmium on one side. Thus the substitution of the easily
polarized hydroxyl ion for F- affects not only the ionic distances
and the symmetry, but also produces a structure with lower
coordination numbers, just as it may do with AX compounds.
Sometimes the coordination number is not affected. For
example, the radius ratio for CdI; is 0.44. One would predict a
structure characterized by C.N.6 and 3; and this is confirmed
by the experimental results. In this case the influences of
polarization and covalent bonding have reduced the distances
between ions and changed their arrangement.
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Well-defined layers are produced in the cadmium iodide
crystals, and it is known as a “layer lattice,” a typical lattice for
AX, compounds which contain easily polarized anions, and in
which the tendency to form a covalent bond is strong. We may
look upon each layer as a giant molecule, the atoms of which are
held together by an intermediate type of bond which may:be
predominantly homopolar. Crystals of this sort cleave very
easily between layers, evidence that the layers are held together
by forces weaker than those within a layer. Many hydroxides,
such as Ni(OH);, Mn(OH)., Fe(OH),, and Co(OH), which form
flaky gelatinous precipitates have this structure.

The Covalent Bond in Radicals.—It is interesting to consider
the nature of radicals (e.g., SO,~, NO;~, PO,=%, etc.) in the light
of the foregoing discussion. Three conditions are to be noted:
(1) The central atom in these radicals has a very high ionization
potential and is relatively small. It is therefore difficult to
ionize. (2) Combining clements in the center or on the right
of the periodic table tend to form electron-pair bonds, and the
closer they are, the greater is this tendency. (3) The resonance
energies of the electron-pair bond for the small elements to the
right of the center of the first row are high. Thus, it is reasonable
to picture the intraradical bond as an essentially covalent bond
which may, however, have an ionic term, generally of secondary
importance.

Because of the relatively strong bonds holding its elements
together, a radical is a stable group, able to act as a unit in
chemical reactions.

THE STRUCTURES OF TERNARY IONIC COMPOUNDS AS TYPES
ABX;, A.BX,, ETC.

Strong radicals preserve their identity in crystals. Thus,
in the calcite form of calcium carbonate, shown in Fig. 6, we do
not find ions of calecium, carbon, and oxygen placed more or less
equivalently through the lattice. TRe lattice positions are
occupied by Catt and CO;~. The CaCOj; lattice is not very
different from that of NaCl or CaQO. If we were to stand the
CaO lattice on one corner and then push down on it, it would
flatten out somewhat (become rhombohedral) to make room for
the disk-shaped CO;~ which are to be substituted for the spherical
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0=, and we should then have the calcite lattice. It is a typical
jonic lattice, differing only from the NaCl type in that one of the
ions is a radical.

~ One would like to apply the radius ratio rule to the prediction
of coordination numbers in radicals, but it is difficult to know
the best numerical values to use for the radii. In the COs~
group, for example, the C-O distance is much less than the
sum of ionic radii, and it is known that carbon and oxygen are
not present as ions. The use of atomic radii is of no help, for
on this basis R¢:Ro = 0.77/0.60 > 1.0, and it would be geo-
metrically possible for eight or more oxygens to surround each
carbon. The number of electron-pair bonds which any atom

COJ‘ “ron

Carbon
°

F1g. 6.—The calcite structure, showing the relative sizes of ions. (Reproduced

by permassion, from the Encyclopaedia Britannica.)
may form is limited by the maximum allowable number of elec-
trons in the outer shell. For the radical-forming elements of the
first short period (B, C, N, O), this is eight, and the coordination
number of these atoms, therefore, cannot exceed four. But in
considering the packing of oxygens about a small central atom
like carbon, it must not be forgotten that the ‘“effective radius,”
the extension in space of each oxygen in the direction in which it
is not bonded to the central carbon, is considerably greater than
half the internuclear C-O distance. There is a mutual repulsion
of the oxygen atoms which must not be overlooked and which
may reduce the stability of the radical. This mutual repulsion,
then, may limit the number of oxygens which can be linked to
the central atom and perhaps accounts for the existence of the
COs~ radical rather than a CO, group.
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A bothersome subject in elementary chemistry, so confusing
that it is usually passed over hastily, is the question of the ortho
and meta salts of the same acid-forming element. Thus, we
speak of sodium orthophosphate, NasPO, and sodium meta-
phosphate, NaPOs;, both well known. Why then do we have
only one nitrate, NaNOj, and no sodium orthonitrate NasNO,?
One reasonable answer has been suggested. In packing oxygens
around a small nitrogen central atom, their mutual repulsion is so
large that more than three are unstable. But phosphorus is
larger and four surrounding oxygens need not approach each
other so closely. Therefore, a stable PO, group is likely.

To carry the picture one step farther, thioarsenates, NasAsS,,
are well known, although not particularly stable, but thio-
phosphates are unknown. Now, the sulfur atom is larger than
oxygen, and this probably explains why phosphorus cannot
coordinate four sulfurs; but when the size of the central atom
increases to that of arsenic, four sulfurs can be held, to form a
stable group.

COMPLEX COMPOUNDS

Water, ammonia, and other molecules with permanent dipoles
may be attracted and distorted by the strong electric field of an
ion forming hydrates and ammoniates, complexes of the Werner
type. Such a bond has been termed the ‘“ion-dipole bond.”
Because of their stronger field, the 18-shell ions are more apt to
form stable complexes, the bonds being partly covalent. The
complex ion acts as a unit in a crystal just as do the radicals we
havebeendiscussing. For example, NiCl..6NH; or Ni(NH3)4Cl,,
is isomorphous with CaF,. The Ni(NH;)s*+ groups occupy
positions in the lattice corresponding with those occupied
by the Catt in CaF,. Prussian Blue, FeFe(CN), probably the
first complex compound with which the student of chemistry
becomes familiar, has the NaCl structure. The lattice positions
are filled by Fe cations and Fe(CN); anions.! In a later chapter
we shall consider the structure and properties of these complex
crystals.

1 KgaGln, J. F., and F. D. MiLes, Nature, 137, 577 (1936).
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THE FIRST LAW OF CRYSTAL CHEMISTRY

Having considered the typical effects of polarization on crystal
structure, let us modify the radius ratio rule, which was adopted
only tentatively, and state what may be called the “first law of
crystal chemistry’’: The structure of a crystal is determined by
the relative numbers, the relative sizes and the polarization
properties of its building stones, and by the type of bonds holding
them together. The building stones may be atoms, ions, or
radicals.

The following effects of polarization and the covalent bond on
structure have been observed: For AX compounds, the interionic
distances are reduced and the crystal structure may be changed
to one of lower coordination number. For 4 X, compounds, the
interionic distances are reduced, the structure may be changed to
one of lower coordination number, and a layer lattice is usually
formed. The covalent bond is involved in the formation of
radicals, both the familiar acid radicals and the radicals of the
complex Werner compounds.

THE PROPERTIES OF IONIC AND ATOMIC (HOMOPOLAR)
CRYSTALS

We have seen how the arrangement of the building stones in
crystals and the kinds of forces holding them together may be
influenced. To the practical minded, crystal chemistry would
appear much more useful if it revealed some relationship between
the structure of crystals and their physical and chemical prop-
erties. Crystal chemistry does have a valuable contribution
to make in this direction, and it is possible to formulate generali-
zations which minimize the necessity for memorizing the proper-
ties of solids and which permit the prediction of these properties.

Physical Properties. Isomorphism.—It is to be expected
that chemically similar substances such as BaCOQs, SrCOs;, and
CaCOj; should have the same crystal structure; but for 150 years
crystallographers have wondered about the numerous substances,
very different chemically (e.g., KNOs and CaCOs, or BaSO, and
KMnO,) which also show similar crystal form. Substances
which erystallize in similar forms are said to be isomorphous.
From the first law it may be seen that if two compounds are to
form similar crystals, they must have (1) the same type formulas;
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(2) building stones, not necessarily 6f the same size, but at least
of the same relative sizes; and (3) atoms or ions with somewhat
the same polarization properties and joined by the same kinds of
bonds. It therefore becomes evident why two substances as
different as BaSO, and KMnQ, should be isomorphous. There
are the same rclative numbers of atoms in each formula (note
that the valences need not be the same). The radii of the “ions”’
are as follows:

Ba+t1.43,8* 0.34,0"1.40
K+* 1.33, Mn*70.3 ,0-1.40

The natures of corresponding bonds are the same in both; thus
Ba-0O and K-O bonds are essentially ionic, while S-O and Mn-O
are covalent.

There are also many chemically similar compounds which are
not isomorphous, and these have been difficult to explain. For
example, many calcium and magnesium salts are not isomorphous,
although very similar in chemical behavior. When it is noted,
however, that the radius of Catt is 0.98, while that of Mg+t is
0.78, it seems quite natural that the substitution of one for. the
other without producing a change in structure is improbable.

In the case of the binary compounds, rather definite radius
ratio limits have been established which, considered together with
the influences of polarization and bond type, permit the predic-
tion of crystal structure with reasonable accuracy. When we
come to consider the problem of isomorphism among more com-
plex compounds, however, the question arises as to just how
much variation in ionic sizes can be tolerated before a change
in structure is to be expected. To this query no definite answer
can be given. Usually, if the ionic sizes differ by less than 10 to
15 per cent, it may be predicted with reasonable certainty that
the compounds in question are isomorphous, providing the other
known requirements are satisfied. For variations greater than
this, preditions can be made only on a comparative basis. Con-
sidering the series MgCOQj3, SrCOs, and BaCOs, for example, it can
be said that SrCO; (Sr*++, 1.27 A) is more likely to be isomorphous
with MgCO,; (Mgtt, 0.78 A) than is BaCO; (Batt, 1.43 A),
but it could not be predicted with certainty that either one is
necessarily isomorphous with MgCOs.
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Polymorphism.---When the same compound may form two or
more different type crystals, it is said to be polymorphic. We
have seen that crystals may be changed from one form to another
by changing the size of the building stones which make up the
crystal. There are certain critical values of the ratios of these
sizes at which the crystal form tends to change. In general, the
polymorphic substances are those in which the R, :Rx values are
near one of these critical values. It is then possible for condi-
tions other than ionic sizes (e.g., temperature or pressure) to
affect the crystallization. Thus RbCl (R4:Rx = 0.82) crystal-
lizes like NaCl at ordinary pressures but like CsCl at high pres-
sures. Consider also the two series of salts in Table 9. Only
KNO; and CaCOQj; are polymorphic. The sizes of the ions in all
the others give R4: Rx ratios too far from the critical value to per-
mit any alteration to be brought about by secondary influences.

TABLE 9.—POLYMORPHISM

LiNO;
N&NO; MgCO;
KNO; CaCO; Calcite type
KNO; CaCO; Aragonite type
SrCO;
BaCOa

The Strength of Ionic Crystals.—The size of the building stones’
and the nature of the bonds determine the structure of a crystal.
The amount of electrical force holding the ions together deter-
mines its strength, as measured by hardness, melting point,
solubility, heat of hydration, and many other properties.

The magnitude of the elecirostatic force between ions is deter-
mined by the valence of the ions and the distance between them
in the crystal lattice; the farther apart the particles lie, the
weaker is the force attracting them toward each other. Table 10
illustrates the effect of interionic distance upon the strength of
ionic crystals. The hardness is compared with this distance for
the oxides, sulfides, selenides, and tellurides of magnesium and
the alkaline earths, and the melting points of the oxides are also
shown. It is evident that as the distance between the building
stones increases, the crystals become weaker.

.
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TaBLe 10.—THE INFLUENCE OF INTERIONIC DISTANCES ON THE STRENGTH
oF IonNic CrysTaLs*

Mg++ Ca++ Sr++ Ba++
o~ 2.10 2.40 2.57 2.77 | Distance, A
6.5 4.5 3.5 3.3 Hardness, Moh’s
2800 2570 | 2430 | 1933 | Melting point, °C.
S= 2.59 2.84 3.00 3.18 | Distance, A
4.5-5.0 4.0 3.3 3.0 Hardness, Moh’s
Se-= 2.74 2.96 3.12 3.31 | Distance, A
3.5 3.2 2.9 2.7 Hardness, Moh'’s
Te~ 3.17 3.32 3.49 | Distance, A
2.9 2.8 2.6 Hardness, Moh'’s

* Distances and hardness from V. M. Goldschmidt, Trans. Faraday Soc., 8, 253 (1929).

When the interionic distances remain constant but the valences
increase, thereby increasing the forces holding the building stones
together, the strength of the crystals increases, as may be seen
from the comparison of hardness, melting point, solubility, and
compressibility of the series of compounds shown in Table 11.

TaABLE 11.—THE INFLUENCE OF THE Si1ZE OF THE ELECTROSTATIC CHARGE
ON THE STRENGTH OF AN IoNic CRyYsTAL

NaF MgO SeN* TiC*

Distance, A.................. 2.31 2.10 2.23 2.23
Hardness, Moh’s............. 3.2 6.5 7-8 8-9
Melting point, °C............. 992 2800 3180
Solubility, g./100 cc. cold. . . ... 4.0 0.00062 Insol. Insol.
Compressibility...............| High Low

* These'two are probably not ionic crystals, although they have the NaCl structure.

The Strength of Atomic Crystals.—Diamond is an atomic crystal,
one in which the carbon atoms are held together by shared elec-
tron pairs. It is one of the strongest substances known, as
measured by hardness (10 on Moh’s scale), refractivity, melting
point, and other properties. Silica is another typical atomic
crystal, and its strength is well known.
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Those crystals, however, in which the bond is part ionic and
part covalent seem to be characteristically weak. Consider the
group of compounds compared in Table 12. Both the magnitude
of the electrostatic charges and the distance between ions remain
the same but the coordination number changes.

TaBLe 12.—THE INFLUENCE OF AN INTERMEDIATE BonND TYPE ON THE
STRENGTH OF AX CRYSTALS

Agl | NaCl| Cul | LiCl | ZnS | CaO

CN. ... 4 6 4 6 4 6
A-X distance................ 2.81 | 2.81 1262|257 |2.35]2.40
Hardness, Moh's........... .. 1.5 |25 [ 2.4 |3.0 4.0 | 4.5
Melting point, °C............ 526 | 805 1049 | 2570

The weakness of the ZnS structure may be associated with a
loosening of the bond. Other interesting properties character-
istic of this loosened bond are discussed in Chap. VI.

Acids and Bases.—Recalling the nature of radicals already
described, we may make an interesting and useful generalization
in regard to one criterion for acid-forming and base-forming ele-
ments. Those elements whose ions are large, say with radii
greater than about 0.70 A, and whose ionization potentials are
therefore low tend to play the role of cations; they are basic in
character. The small ions, with radius less than 0.55 A will,
as we have seen, tend to form covalent bonds with the negative
ions, building acid radicals. It is evident, then, why an element
gets less metallic and more acidic as its valence increases. The
decrease in size and increase in charge as the valence of a potential
ion of a given element increases are accompanied by an increase in
ionization potential, favoring the formation of a covalent bond
with the electronegative element present. Thus, while the
Cr+3 is formed rather easily and may therefore act as cation in
Cry(S0,);, the potential required to form the Cr*® is almost
prohibitive. In the higher valence therefore, chromium forms
electron-pair bonds and the stable CrO,~ group. Of course, it is
now obvious that those ions which are intermediate in size are
the amphoteric ions, their behavior as acid or basic ions being
determined largely by tbe size and charge of the ions with which
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they must compete. For example, when Al*? (0.57 A) and S+¢
compete for oxide ions, the S+¢ having the higher ionization
potential will form an acid radical. But if Al*® competes with
Nat+, the former may attract the oxygens, and sodium aluminate
is formed. The Al-O bond in the aluminate is doubtless more
ionic than the S-O bond in sulfate, and the aluminate radical is
not particularly stable.

MOLECULAR CRYSTALS

A few inorganic substances form crystals in which the molecule
retains its identity as a building unit. Carbon dioxide (Fig. 4) is
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Fi1a. 7.—The Snl4 unit cube, shown in two parts. The iodine atoms (black
dots) are arranged tetrahedrally around tin atoms (ringed dots). This is a
molecular structure. (Reproduced from Wyckoff, ‘‘The Structure of Crystals,”
by permission of the Reinhold Publishing Corporation, New York.)

an example of a molecular crystal. Snl, (Fig. 7) is another very
common one.

Most organic substances form molecular crystals. Sugar,
for example, forms as beautiful, transparent crystals as does
sodium chloride, but the building stones are molecules of sucrose.
This means that large organic molecules form crystals with very
large unit cells. The molecules are, of course, neutral, and the
carbon atoms being effectively scrcened by negative atoms, only
weak molecular or van der Waals’ forces are available to hold
the building stones together in the crystal.

SUMMARY

The important features of this introduction to crystal chem-
istry are:
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1. The structure of a crystal is determined by the relative num-
bers, the relative sizes and the polarization properties of its build-
ing stones, and by the nature of the bonds between them. The
building stones may be atoms, ions, radicals, or molecules.

2. Ionic crystals are built of ions, either elements or radicals,
held together by forces essentially ionic; while the forces within
ion radicals are more nearly covalent. Homopolar or covalent
crystals are built of atoms, held by electron-pair or covalent
bonds. Binary crystals with C.N. 8 and 6 are generally ionic;
those with C.N. 4 are apt to be homopolar or intermediate in
type, the bond being predominantly covalent.

In complex compounds neutral molecules may be coordinated
to a positive or negative group by ion-dipole or by covalent bonds.

Molecular crystals are built of neutral molecules and the
bonds are weak van der Waals’ forces.

3. The strength of crystals, as evidenced by melting points,
hardness, solubility, and other properties depends upon the
magnitude of the forces within them. Molecular crystals are
weak as compared with ionic and homopolar crystals.

The attempt has been made, not to present a complete picture
of crystal chemistry, but rather to offer a few suggestive sketches
of what may be expected as we move forward. The discussion
has been limited to the broad concepts which govern the structure
and properties of those types of compounds with which we are
most familiar. In subsequent chapters these same concepts will
be applied to a discussion of the structure and properties of
metals and alloys and the metallic state, without which even an
elementary treatment of the subject is incomplete, and to the
less familiar and more complex compounds.

Admittedly, we have, until now, presented the generalizations
of erystal chemistry in ideal surroundings and have used hand-
picked data to illustrate them. One who hopes to find them
applicable in every case will be somewhat disappointed. We
shall find data which appear to be inconsistent with the general
concepts. We shall discover, however, that when additional
influences are taken into account, influences which limit or modify
these general ideas, many of these data are entirely logical. On
the whole, we shall find that apparent inconsistencies which
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cannot, as yet, be reconciled with our principles, are submerged
by an overwhelming majority of data which are in accord with
these principles.

In brief, the aim in the construction of this first outline has been
to lay a foundation which shows signs of permanence. As we
proceed from this point we shall not hesitate to add detail con-
cerning which there may be considerable disagreement at the
present time and which may have to be altered as new facts come
to light. Regardless of the detailed character of the superstruc-
ture, we may build with every reasonable assurance that the
broad foundation upon which it is built will not give way
beneath it.



CHAPTER 11
THE SIZES OF ATOMS AND IONS

Since it is already evident that the approach to the arrange-
ment of atoms or ions in solids depends in large measure upon
their relative sizes, it is only proper that before proceeding farther
the various methods for determining atomic and ionic radii be
considered. It is well to know the degree of accuracy of the data
upon which so much depends. b

Until recently the building blocks in crystals were pictured
as more or less rigid spheres or billiard balls, and the terms
‘“‘jonic radius”’ and ‘“‘atomic radius’”’ had very real meanings.
But wave mechanics has changed the general conception of an
atom or ion. Certainly it is no longer a sphere with a definite
and constant radius in the usual sense. Its size now depends
upon the method used to tnvestigate it and upon the environment in
which it finds ttself. The factors which influence the size of an ion
or atom will be discussed in the following pages. It is still permis-
sible to use the term ‘‘ionic or atomic radius,” provided the cir-
cumstances of its determination are defined. In a given crystal,
the distance between the centers of neighboring atoms or ions is
an unambiguous value from which the radii of the atoms or ions
may be derived. That is, the radii are those values which, when
added together, should equal the interatomic or interionic dis-
tances in crystals. Thus, the distance Na-Cl (2.814) in the
sodium chloride crystal should be the sum of the radii of Nat
(0.98) and CI— (1 + 81).

Sollas was one of the first to realize the importance of the size
of the units in crystal building. “In the study of molecular
volumes we hold the key which is destined to unlock the secret of
crystal structure so long concealed.”’! His picture of a crystal
was essentially the same as the view held today. He conceived
of a sodium chloride crystal as being made from spheres packed

! SoLuas, W. J., Proc. Roy. Soc. (London), 26, 286 (1899).
3
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in a cubic structure and touching each other. To him, however,

the building units were sodium chloride molecules. He pointed

out that if the molecules were to be close packed in a cubic

arrangement, they must lie alternately end to end, as in Fig. 8.

That is, he realized that the sodium and chloride ions must be of

different sizes. The radii of the atoms were determined by

applying Kopp’s ideas concerning molecular volumes. Further-

more, Sollas observed that ‘it is quite certain that . . . the

volume of sodium and other alkali metals is very different in
the free state and in combination.”’!

Some of the radii Sollas determined

are shown in Table 14. In view of

the fact that his work preceded by

fifteen years the first experimental con-

firmation of his picture of a crystal as

built of touching spheres, the relation-

ships between atomic volumes and

structure which he worked out are

Fio. 8.—The  packing of truly remarkable. He suggested, for
NaCl molecules in a NaCl example, that there “does not seem to
§?1f§§'{n o visualized by he any sound reason why. the volume

of an element should remain absolutely
constant and independent of an element with which it is
associated.” Twenty-five years later, after a host of investi-
gators had been publishing ionic radii, it was still necessary for
Wyckoff to amass a convincing array of crystallographic data to
drive home this very point.2

In 1920 came a veritable avalanche of reports on the sizes of
atoms and ions. W. L. Bragg, 3 regarding a crystal as an assem-
blage of tightly packed spheres, calculated the radii of these
spheres by an empirical treatment of X-ray diffraction data.
His method has been generally adopted since then and may be
profitably considered in some detail.

For example, if the interionic distances for the alkali halides are
tabulated as in Table 13, it is scen that the replacement of
fluoride by chloride always increases the interatomic distance by

1 Ibid., p. 274.

2 Wyckorr, R. W. G., Proc. Natl. Acad. Sci., 9, 33 (1923).
3 Braga, W. L., Phil. Mag., 40, 169 (1920).
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“approximately 0.50 A, indicating, of course, that the radius of the
chloride ion is about 0.50 A greater than the radius of the fluoride
ion. Likewise bromide is about 0.15 A greater than chloride and

TaBLE 13.—INTERIONIC DISTANCES IN THE CRYSTALLINE ALKALI HALIDES*

Halides Ii a Na A K A Rb A Cs
F 2.01 0.30 | 2.31 0.35 | 2.66 0.16 | 2.82 0.19 | 3.01
A 0.56 0.50 0.48 0.45 0.56
Cl 2.57 0.24 | 2.81 0.33 | 3.14 0.13 | 3.27 0.30 | 3.57
A 0.18 0.16 0.15 0.15 0.14
Br 2.750.22 | 2.970.32 | 3.29 0.13 | 3.42 0.29 | 3.71
A 0.27 0.26 0.24 0.24 0.24

I 3.02 0.21 |3.230.31 3.530.13}3.660.29 | 3.

* The table is from V. M. Goldschmidt, Skrifter Norske Videnskaps-Akad. Oslo, no. 2, p. 16,
1926. Bragg used the same sort of table, but the interatomic distances in the lithium and
cesium halides had not all been determined at that time.
iodide about 0.25 A greater than bromide. In a similar manner
the relative radii of all the alkali ions may be estimated. To
get the absolute values for the radii of all the halogen and alkali
ions, therefore, it is only necessary to know the absolute value of
any one of them and the others may be determined from the
relative values as deduced from the comparison.

Obviously, this substitutional method used in a series of
crystals of known structure permits the calculation of the entire
list of atomic radii, but the correctness of the values depends
entirely upon, (1) the accuracy of the original absolute value
which is chosen as a starting point, and (2) the constancy of the
ionic radius of each element throughout the series of substitutions.
Unfortunately the absolute value chosen by Bragg as the starting
point was later shown to be in error, and the possibility of appreci-
able variations in ionic radii was not recognized. Although this
first attempt did not lead to correct values for the ionic radii,
the method of comparison was a very important contribution.
The actual values obtained were easily corrected when a suitable
starting point was found, as will be shown later.

Meanwhile, in 1920, several methods were employed in the
attempt to determine the absolute radii of the alkalies and halo-
gens. Lorenz! has summarized these and discussed them criti-

1 LoreNz, RicHARD, Z. Physik, 6, 271 (1921).
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cally. At about this time, Lande! obtained the absolute radius
of an ion for a starting point by a rather ingenious method. He
reasoned that there must be so large a difference in diameter
between the Lit and I- that when the two are packed in the
NaCl structure, as they are in Lil, the I~ will touch each other
and the comparatively small Li* will rattle around in the inter-
stices. The face diagonal of the unit cell, then, will equal twice
the diameter of an iodide ien, and the radius of the iodide ion
was found by Lande to be 2.05 A. From this, by the compara-
tive method of Table 13, he was able to determine the radii
of all the alkali and halogen ions, except lithium. Comparisons
given in Table 14 make it plain that Lande’s radii came closer to
the values accepted today than most of the others determined at
that time.

In this country the question of ionic radii was attacked by
Davey? and by Wyckoff.* The latter, using Bragg’s empirical
method of comparing radii showed conclusively that atoms do not
have constant radii in all types of crystals, although, within a
given crystal type, the radii do remain essentially constant.

As a matter of historical interest a few of the radii calculated
by these earlier investigators are compared in Table 14 with the
most recent values available.

TaBLE 14.—SomE Ionic Rapit or Historicatu INTEREST

Li* | Nat+| K* Rb‘+| Cs*é ¥- i Cl- | Br= | I- ‘ Observer
_ e e ‘
0.94 1.14{ 142 .| ... ...
0.87 0.97 1‘20; 1.31) 1.48 .. ..

'

1.40 1.60 Sollas 1898
o Heyvdweiller*

|

1. 13| .56 1.73|

0. 621 .08| 1.24] 1.50] Wyckoff

0.68] 0.98) 1.33] 1.48) 1.67, 1.33 1.81 1 96/ 2.19| Zachariasen 1031

| | ..

0.57,0.79 0.91 ... S A "Fajans and Herz-
T

1.10/ 1.45 1.65' 1.60 1.20 1.65 1.80, 2.05, Lande}

1.77) 2.07] . .l 3067‘ 1.05) ....0 ....!| Bragg

1.25 1.56 1. 73 1. 98| 1.98| Davey
!

* HEYDWEILLER, A., Z. Physik, 1, 393 (1920).

1 Fasans, K., and K. F. HerzreLp, Z. Physik, 3, 322 (1920).

3 LANDE, A., Z. Physik, 1, 194 (1920).

'LANDE, A., Z. Physik, 1, 191 (1920).

*Davey, W. P., Phys. Rev., 17, 402 (1921); 18, 102 (1921).
3 Wyckorr, R. W. G, Proc. Nall. Acad. Sci., 9, 33 (1923).
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It is no wonder that systematic crystal chemistry could make so
little real progress when the factor upon which it depends so
strongly—the size of the building stones—remained in such
uncertainty.

Recent Methods for the Estimation of the Most Reliable Ionic
and Atomic Radii.—In 1922 Wasastjerna! calculated a number of
ionic radii from their molecular refraction on the basis of the
Lorenz-Lorentz relation and obtained values which have since
been shown independently to be correct.

Then Goldschmidt? using the absolute values determined by
Wasastjerna for fluoride and oxide ions (F— = 1.33, O~ = 1.32)
worked out a most complete set of ionic and atomic radii by the
substitutional method first employed by Bragg. Goldschmidt
and his students had been working for many years in an effort
to discover the laws governing the structure of crystals and had
amassed a wealth of data which, added to the data so com-
pletely summarized by Wyckoff,* afforded them an ideal oppor-
tunity to work out the ionic radii by this empirical method.
Starting with the univalent ions, they set up a table of the alkali
halides (reproduced in Table 13) and, having the true radius for
fluoride, were able to determine accurate radii for all the other
ions represented. From this point on it was necessary to pro-
ceed with caution, comparing only those crystals which were known
to be ionic. They recognized, for example, that ionic radii could
not be calculated from crystals of the zine sulfide type, since there
was reason to believe that these erystals are built of atoms rather
than ions. To this very careful selection of known tonic crystals
for the calculation of Zonic radii is due the remarkable accuracy
and usefulness of the results obtained. Crystals whose building
stones arc particles in the same condition, e.g., ions, are known as
commensurable crystals; but ionic erystals are said to be incom-
mensurable with atomic crystals. Crystals of most of the ele-
ments are spoken of as being commensurable with crystals of the

! WASASTIERNA, J. A., Soc. Sci. Fennica, Commentationes Phys.-Math., 1,
art. 38 (1923); Z. physik. Chem., 101, 193 (1922).

2 GoupscumipT, V. M., Skrifter Norske Videnskaps-Akad. Oslo, no. 2,
(1926), no. 8, (1927); Ber., 60, 1263 (1927); Trans. Faraday Soc., 26, 253
(1929).

3 WyckorF, R. W. G., “The Structure of Crystals,” 2d ed., Reinhold
Publishing Corporation, New York. 1930.
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zinc sulfide type, meaning that both are built from particles
which are more nearly atomic than ionic. It follows, then, that
when the radius of an element is determined experimentally from
any given crystal type, this value may be used (to a first approxi-
mation) in all other crystal types commensurable with the crystal
used as the source of the value, but it cannot be used in crystals
incommensurable with the original type. For example, the
radius of Cd, determined from the Zonic CdO crystal, is inappli-
cable to Cd in the atomic CdS crystal. Goldschmidt was the
first to recognize the significance of this principle, and he applied
it consistently. Of the silver halides only AgF is truly com-
mensurable with the alkali halides. The true ionic radius of
silver, therefore, can be obtained empirically only from this
halide. The radius of Cut could not be determined definitely
because no ionic erystals of this ion had been analyzed.

From the univalent ions Goldschmidt proceeded to the divalent.
Table 15, similar to that for the alkali halides, was set up to
compare the interionic distances in the divalent oxides, sulfides,
selenides, and tellurides and, starting with the absolute value for
oxygen (1.33 A), the radii of these ions listed in Table 15 were
determined.!

TasLE 15.—INTERIONIC DI1sTANCES IN CERTAIN ALKALINE EARTH

CoMPOUNDS
|

Mg A Ca | A Sr A Ba
(0] 2.10 0.28 2.38 0.21 2.59 0.16 2.75
A 0.44 0.42 0.34 0.42
S 2.54 0.26 2.80 0.13 2.93 0.24 3.17
A 0.18 0.16 0.19 0.14
Se 2.72 0.24 2.96 0.16 3.12 0.19 3.31

A 0.12

Te ‘ Approx. 3.05 3.24

Again, only those substances with ionic structures could be
safely included. For this reason, Goldschmidt was unable to
determine radii for Cutt, Snt+, and Get* since no ionic crystals
of compounds of these ions had been investigated.

! Goupscuminr, V. M., Skrifter Norske Videnskaps-Akad. Oslo, no. 2,
p. 20, 1926.
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With the trivalent elements the task became increasingly
difficult because in almost every instance there is grave doubt as
to the ionic character of crystals of these elements. In some
cases the radii of the ions could be estimated by interpolation, as
in the case of Se*® and Y+3. By interpolating in the series

K+ Catt Sc*3 Titt and Rb+ Sr++ Y+3 Zr+4
1.331.06 ....0.64 1.491.27 ... 0.87

the values Sct®* = 0.83 A and Y+ = 1.06 A were predicted.
Soon after, the structures for Se:03 and Y,03 were determined, and
theradii of these ions in the erystals were found to be Sct3 = 0.84-8
and Y = 1.02-6 A, very reassuring confirmations of the pre-
dicted radii. The radii for the rare earths were found by inter-
polating between known limits by a method suggested by Grimm.!

The ionic radii determined by Goldschmidt are recorded in
Table 122 in the Appendix.

At about the time of the publication of these values of Gold-
schmidt, appeared a table of ionic radii calculated independently
by Pauling on the basis of wave mechanics.? The numerical
values obtained are in remarkable agreement with the empirical
data of Goldschmidt, and have placed the crystal chemistry of
ionic erystals on a firm foundation, that of reliable and reasonably
accurate ionic radii. While the details of Pauling’s calculations
are beyond the scope of this book, there are many useful concep-
tions brought out which should be reviewed briefly.

In the first place, the wave mechanies changes our mental
picture of an atom. We can no longer think of rigid spheres,
nor indeed of units of any shape having finite dimensions. As
Pauling says,

The hydrogen atom consists of a nucleus embedded in a ball of nega-
tive electricity—the electron distributed through space. This may be
considered as an actual stationary distribution of the individual electron
throughout space, following Schrodinger; or as a time average of all the
positions assumed by a point electron. The atom is spherically sym-
metrical. The electron density is greatest at the nucleus and decreases
exponentially as r, the distance from the nucleus, increases. It remains
finite, however, for all finite values of 7, so that the atom extends to

! GrimM, H. G., and H. WoLFF, Z. physik. Chem., 119, 254 (1926).
2 PauLiNg, LiNus, J. Am. Chem. Soc., 49, 765 (1927).
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infinity; the greater part of the atom, however, is near the nucleus—
within 1 or 2 A.

This same general description applies to atoms other than
hydrogen in which there are a number of electrons outside of the
nucleus. Naturally, when the number of electrons around the
nucleus increases, as it does for elements of higher atomic number,
this sphere of influence extends farther from the nucleus and the
effective size of the atom is greater. It is helpful, then, to be
reminded of the electronic structure of the elements, as listed in
Table 124, in the Appendix.

Following the general line of reasoning employed for the hydro-
gen atom a model for a many-electron atom can be developed.
It is really the electrons in the outermost shell which have the
greatest influence upon the size of the atom or ion. The distance
from the nucleus of these outer electrons will depend upon the
strength with which they are attracted toward the nucleus. The
stronger the attraction of the nucleus for the outer clectrons,
the nearer will they approach this nucleus and the smaller will
be the sphere of influence of the atom or ion. There are two
factors which determine the strength of the attraction of the
nucleus for the outer electrons. One, of course, is the nuclear
charge. But before the attractive force of this charge reaches
the outermost electrons, it must penctrate a region of negative
charge, the inner electrons. These will absorb much of the posi-
tive charge, and the effective nuclear charge which finally emerges
to attract the outer electrons will be less, the greater the density
of the electrons it must penetrate. This influence of the inner
electrons upon the positive charge Ze, where Z is the atomic
number and e is the charge of an electron, is known as the screen-
ing effect S, and the effective nuclear charge is given by the
expression (Z — 8,)e.

In Fig. 9, is shown the electron distribution for the sodium and
chloride ions as a function of the radius (r). Although the old
picture of electrons moving in regular orbits has been entirely
abandoned, we may see in the maxima of these curves the sem-
blance of the electron shells, familiar in the old conception.
The chloride ion, for example, becomes a nucleus embedded in a
small ball of electricity consisting of the K electrons and a trace
of L and M electrons, surrounding which are two concentric
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shells containing essentially the eight L and the eight M electrons.
The shells are more or less sharply demarcated. The shape
of the curves in Fig. 9 illustrates very clearly how the inner
electrons, K and L are drawn in toward the nucleus by the
increasing charge (Na = 11, Cl = 17). Also, it may be observed
that the screening effect of the K and L electrons cuts down the
effective nuclear charge considerably so that the M electrons in
the Cl- are relatively diffuse. Pauling has derived a set of
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F1a. 9.—The electron distribution, D = 4wr?, as a function of », for the Na*
and Cl~. (Pauling, J. Am. Chem. Soc., 49, 768 (1927).]

screening constants to be used in calculating the effective size
of ions.!

For similar many-electron ions the electron distribution is
similar, but the equivalent radii are inversely proportional to the
corresponding nuclear charges. To illustrate, the electron dis-
tribution and radii of Cl—, A, and K+ are as follows:

Electron distribution
(aiztx‘n) Nugclear charge Radius, A
K L M
Cl- 17 2 2-6 2-6 1.81
A 18 2 2-6 2-6 1.54
K+ 19 2 2-6 2-6 1.33

! PAULING, LINUB, Proc. Roy. Soc. (London), A 114, 181 (1927).
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Potassium, for example, having the strongest nuclear charge,
tends to pull the M electrons (see Table 124 in the Appendix)
closest to its nucleus, while in chloride, the outer electrons are
subjected to a much weaker pull toward the nucleus. The
influence of these electrons, thercfore, extends farther from the
nucleus. Applying this principle, and with the aid of suitable
sereening constants, ionic radii may be obtained.

Even with this theoretical method of determining ionic radii a
starting point must be selected, based on experimental data.
Pauling selected the interionic distances for normal! crystals
of the sodium chloride structure, wz., Na* — F- = 231,
K+ —Cl-=314, Rbt — Br- =343, Cst—-1"=385 A
(obtained by subtracting 3.0 per cent from the experimental dis-
tance in the crystal with the CsCl structure. See page 49). The
value for Lit, 0.60 A, obtained from the expenmental data for
Li;0, was also assumed.

Starting with the interionic distances as listed above, and with
the use of the proper screening constants, dividing these distances
between the two ions concerned, the radii for all the alkali and
halogen ions may be obtained. The radii for other ions with
similar structures are calculated in the same manner—by assum-
ing them inversely proportional to the effective nuclear charge.
This gives the so-called “‘univalent radii”’ of the ions. They are
not to be used in actual interionic distances in crystals but are a
measure of the relative extension in space-of ions of a given
electronic structure. Pauling’s univalent radii are listed in
Table 123, in the Appendix.

In estimating the size of an ion in a crystal, its relation to its
neighbors must also be considered. It had heen assumed by
earlier investigators that the repulsive force between ions, the
force which prevents two ions of opposite charge from coming
closer together than they do, is the result of deformation. On
the basis of the wave mechanics, however, repulsion is assumed
to result simply from the interpenetration of the two ions. When
the attractive force of the oppositely charged ions and the repul-

! A normal crystal is one in which contact (strong repulsion) occurs only
between adjacent anions and cations and in which there is only so much
deformation as that shown by the alkali halides. These are the characteris-
tic ionic crystals selected by Goldschmidt.
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sive force of the two positive nuclei reach equilibrium, the dis-
tance between the ions is defined. These so-called “repulsion
exponents’’ n for each of the rare gases, which may also be used
for ions of corresponding configuration, may be derived from
experimental measurements of the compressibility of crystals and
have been worked out by Born! and by Herzfeld? as listed in
Table 16.

TaBLE 16.—REPULSION EXPONENTS

Crystal n(Born) | n(Herzfeld) n Rare gas ion n
NaCl 7.84 9.1 8 He 5
NaBr 8.61 9.5 8.5 Ne 7
Nal 8.45 9.5 Ar, Cu* 9
KF 7.9 8.0 Kr, Ag* 10
KCl 8.86 9.7 9.0 Xe, Aut 11
KBr 9.78 10.0 9.5
KI 9.31 10.5 10.5
RbBr 10.0 10.0
RbI 11.0 11.0

For the rare gases and ions of like configuration, Pauling uses
values of n as listed in the last column, which are approximate
averages of the proper values taken from the other data. If
these last column values are averaged, the values in column four
result, and their agreement with the experimental values justifies
the values used for the rare gases. There are no data available
to check the values adopted for the 18-shell ions. Pauling notes
that, although there are ten M3,M3; electrons in the outer shell
of Cu* and only six M2, M, in ions with the argon configuration,
the density per electron is smaller in the outer portion of the
M 32 M 35 group than near the center and so the comparative sizes
which have been adopted are probably justified.

The actual ionic radii in ';, crystal may be obtained from the

expression R, = Ri(z212;) »=1" where R, = actual ionic radius,

R, = univalent radius (for use in normal NaCl type crystals
1 BorN, Max, Eng. math. Wiss. (V) 26, p. 735.

* Herzrewp, K. F., “Handbuch der Physik,” vol. XXII, p. 454, Julius
Springer, Berlin, 1926,
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only), n = repulsion exponent and 2, and 2, are the valences of
cation and anion, respectively.

Pauling recognizes the fact that ‘“since every atom extends to
an unlimited distance.it is evident that no single characteristic
size can be assigned to it. Instead the apparent atomic radius
will depend upon the physical properties concerned and will differ
for different properties.”” Pauling’s crystal radii are shown in
Table 122 in the Appendix, and, since they have been calculated
for normal crystals of the NaCl type, they are comparable to
Goldschmidt’s values.

Recently Zachariasen!® has proposed a set of empirical ionic
radii for ions with the noble gas configuration which are claimed
to be more accurate than those of Goldschmidt. TUnivalent
radii are used as a basis for the estimation of the actual radii in
any particular crystal. In this way corrections are made for the
influence of the environment or coordination effect of an ion upon
its radius in a specific case, and there is no claim that a standard
radius can be assigned to a given ion for use in all cases. The
most important factors included in the coordination effect are:
coordination number, valence or coulomb force, radius ratio.
These are discussed in a little more detail in the next section.

Zachariasen’s univalent radii, derived empirically from suitably
corrected interionic distances are compared in Table 123 in the
Appendix, with the univalent radii of Pauling derived theo-
retically. It is interesting to observe that the two show the best
agreement for the small valences. The lack of agreement for the
larger valences may result from the fact that the bond is not
entirely ionic in these cases, as has been assumed in the deriva-
tions. The same difficulty encountered by Goldschmidt occurs
in a slightly different form. Goldschmidt found a scarcity of
trivalent ionic compounds from which to determine his empirical
ionic radii; Zachariasen, having calculated true ionic radii for
trivalent ions, questions the advisability of applying them to
actual trivalent crystals. From the univalent radii in Table 123
the radius for each ion having a C.N. 6 in binary compounds
AX may be calculated with the aid of formulas on page 50.
These values will be most nearly comparable to the general values

3 ZacHARIASEN, W. H., Z. Krist.. 80. 137 (1931).
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of Goldschmidt and Pauling and are given in Table 122 in the
Appendix.

Table 122 thus includes three sets of ionic radii, all three
intended for use in ionic crystals characterized by the C.N. 6.
Goldschmidt’s are determined empirically from the experimental
interionic distances; Pauling’s derived theoretically from wave
mechanics, using certain well-known experimental values as a
starting point; Zachariasen’s derived from experimental inter-
ionic distances which have first been corrected for known coordi-
nation effects. A comparison of these three sets affords some
idea of the degree of accuracy with. which ionic radii are known.
It is quite evident that, as has been implied throughout our dis-
cussion, radii of the univalent ions are most accurately known,
and the values become more uncertain as the valence of the ions
increases. This trend suggests that, as the valence increases, the
tendency to form the ionic bond between the building stones in a
crystal decreases.

To clarify further our mental picture of the radius of an ion,
certain relationships may be observed between the electronic
structure of an atom or ion, as listed in Table 124 in the
Appendix, and its radius. Since, the outermost electrons of an
atom or ion finally establish its radius or the distance from the
nucleus to which its sphere of influence extends, it follows that:

1. The positive ion of an clement is always smaller than the
neutral atom of the same element, since the positive ion has lost
the outermost electrons of the atom. To illustrate:

Potassium Atom, K Potassium Ion, K+
Electronic structure............ 2-8-8-1 2-8-8
Radius, A..................... 231 1.33

2. The negative ion of an element is always larger than the
neutral atom of the same element, since electrons have been added
to the valence shell. To illustrate

Chlorine Atom, Cl Chloride Ion,Cl—
Electronic structure............... 2-87 2-8-8
Radius, A....................... 0.97 1.81

3. For an element which may exist in several valence states, the
higher the positive valence, or the lower the negative valence,
the smaller will be the radius of the ion. Thus:
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Element.. ... R Pb Pb++ Pb+¢
Electronic structure..... 2-8-18-32-18-4 | 2-8-18-32-18-2 | 2-8-18-32-18
Radius, A.............. 1.74 1.32 0.84
Element................ Tet4 Te Te~
Electronic structure.. ... 2-8-18-18-2 2-8-18-18-6 2-8-18-18-8
Radius. A.............. 0.89 1.33 2.03

4. When the number of ele¢trons in the outer shell remains the
same in a series of ions, but the atomic number (and therefore the
nuclear charge) changes, then, as we have seen from Pauling’s
theoretical treatment, the radius or sphere of influence of the ions
decreases with increasing atomic number. For example:

Element.............. K+ Ca*t | Sc*3 Tit4 Vs Crt¢
Nuclear charge........ 19 20 21 22 23 24

Electronic structure....| 2-8-8 | 2-8-8 | 2-88 | 2-8-8 | 2-8-8 | 2-88
Jonic radius, A......... 1.33 0.98} 0.78 0.62 0.59 | 0.52

However, the relation is not quite so obvious when it is carried
a little further. Consider the following:

Element............cooooo. ... S- Ccl- | " A K+ | Cat*t

Atomic number............... 16 17 18 19 20

Electronic structure............|] 2-8-8 | 2-8-8 | 2-8-8 | 2-8-8 | 2-8-8

Radius (Goldschmidt).......... 1.74 1.81 1.91 1.33 0.98
(Pauling)................... (1.85)

As in the series K*, Cat*, Sct*3, Tit, V+5 S+6 all have
the same electronic structure, and the nuclear charge decreases
from Catt to 8=. The ionic radius might be expected to increase
from Ca** to 8=, but it increases only to argon and then decreases.
It would appear that S, with a smaller nuclear charge, should be
larger than Cl-. As a matter of fact, the calculated value for the
radius of 8- is, according to both Pauling and Zachariasen, larger
than that for the Cl-. Why is Cl~ found to be larger than 8= in
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actual crystals? When the S= occurs in a crystal lattice of the
NaCl type, surrounded by divalent positive ions, the attraction
of positive for negative is greater than the attraction of positive
for negative when the ions are only univalent, and the divalent
ions are drawn closer together by this stronger electrostatic pull.
In the crystals KCI and CaS, for example, the building stones
have the same electronic structures but in CaS these ions are
drawn together by a stronger force than are the ions in KCl
The effect upon the interionic distances is shown in Table 17.

TaBLE 17.—EFrreEcT OF ELECTROSTATIC CHARGE UPON INTERIONIC

DisraNCES
I Atomic Electronic [Electrostatic Crvstal Inteﬂt;nic
on number structure | attraction rysta distance, A
K+ 19 2-8-8 1 KCl 3.14
Cl- 17 2-8-8 1
Catt 20 2-8-8 2 CaS 2.84
S= 16 2-8-8 2

The influence of valence on ionic radii is developed further in
the next section. It follows now that even though the atomic
number of argon is higher than that of Cl—, the experimental
radius of argon should be greater. In crystalline argon the build-
ing stones are neutral atoms; there is no electrostatic attractive
force operating between them; rather, the outer electrons of
neighboring atoms actually tend to repel each other and keep the
atoms abnormally far apart in the lattice.

The Lanthanide Contraction.—In the series of rare earths, the
outer electronic structure of the ions remains the same, while their
atomic numbers (nuclear charges) increase progressively from
La (at. no. 57) to Lu (at. no. 71). A progressive decrease in the
ionic radii may be anticipated and does occur, but the situation
is not quite the same as that described above for the series
K+ . .. Crt% The rare earth series differs in that all of these
elements have the same valence, and for each increase in nuclear
charge, there must be added one electron outside the nucleus.
As may be seen in Table 124 in the Appendix, it is the fourth
quantum shell which gains the electron. This additional inner
electron exerts a screening effect upon the added nuclear charge
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and prevents the full force of the larger nuclear charge from con-
tracting so strongly the outermost electrons which determine the
effective radius of the ion. The radii of the rare earth ions, there-
fore, although they decrease systematically, with increasing
atomic number, do not differ greatly. This accounts in a large
part for the very similar chemical behavior of this group.

Furthermore, the radii of the elements just following the rare
earths are affected by the lanthanide contraction. Under normal
conditions, in going down in any given group of the periodic
table, the radius of the ions increases and we find

Rb* = 1.48A Srt+ = 1.15A Y+ = 0.93A
Cst = 1.67A Batt = 1.31A La*® = 1.06A

But this is not so for elements which follow the rare earth ele-
ments, such as

Mott = 0.68A and Rutt = 0.65A
W+ = 0.68A Ostt = 0.67A

One may safely predict that the radii of Ch*® and Ta*®, were they
known, should be approximately the same, as should those of
Zr+* and Hf*. As is well known, the pairs Mo-W, Cb-Ta, and
Zr-Hf are very closely related chemically.

Variations in Ionic Radii.—In the course of his extensive com-
parisons of crystal structure data and the derivation therefrom
of a set of ionic and atomic radii, Goldschmidt soon found! that
ionic radii which he derived from the interionic distances in
crystals with the NaCl structure (C.N. 6) did not fit when applied
to crystals with the ZnS structure (C.N. 4). These two types
he called ‘“‘incommensurable.” Thus the ionic or atomic size of
an element depends upon whether it occurs in an atomic ZnS
structure or an ionic NaCl structure.

Aside from the influence of the type of bond, the most impor-
tant factors affecting the size of an ion (or atom) are (1) the
coordination number, (2) the valency of the coordinated ions and
(3) the radius ratio of the central ion and its coordinated ions.?

1 GoLpscumint, V. M., Skrifter Norske Videnskaps-Akad. Oslo, no. 2
(1926).
3 ZACHARIASEN, W. H., Z. Krist., 80, 137 (1931).
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Coordination Number and Ionic or Atomic Size.—There is
ample empirical evidence indicating that as the coordination
number of an atom or ion decreases its radius also decreases.

Having already established the fact that a change from an ionic
to an atomic crystal causes a decrease in the interionic (atomic)
distance, Goldschmidt attempted to compare only crystals which
he had reason to believe were ionic, in order to find the effect of
coordination number alone on the interionic distance. As a
result of many detailed comparisons of interionic distances, listed
in his original papers, he was able to summarize the relation
between coordination number and interionic or interatomic dis-
tances as shown in Table 18.

TABLE 18.—INFLUENCE OF (‘OORDINATION NUMBER oN loNic AND AToMic

Rabu
Transition from _!‘ Transition to i Contraction,

T 7| percent

Type C.N. l Type C.N.
CsCl 8 | NaCl 6 3
NaCl 6 ZnS 4 5
CaF, 84 | TiO: 6-3 3
NaCl 6 1Cal, 8-4 3
NaCl 6 | TiO. 6-3 5
Metal 12 | Metal 8 3
C-O* 4 ! C-O(in CO3™) 3 9
C-0(inCO3™) 3 | C-O(in CO») 2 16

* Sum of tetrahedral radii = 0.77 + 0.60.

Zachariasen has recently demonstrated! mathematically the
contraction of the interionic (atomic) distance with decreasing
coordination number. Using the proper equations, he finds that
the interionic distances vary with the coordination number as
illustrated in Table 19. The values given are relative; C.N. 6 is
taken as unity. It is evident that there is a marked change in
interionic distance with coordination number, which must be
taken into account to deduce accurate interionic distances for
application in a given case. For those crystals in which contact

! Ibid.
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between anions occurs, the table will not be accurate. Such
cases, however, are taken care of by the radius ratio correction.

Correction for Valency.—The ionic radii of Goldschmidt and
Pauling in Table 122, in the Appendix, while adjusted for use in
crystals characterized by a C.N. 6, are not corrected for the influ-
ence upon an ion of the valencies of neighboring ions. The radius
of an alkali or other univalent cation is larger when its neighbors
are univalent than when they are divalent. The correction for
valency may be made with the equation

Rll = Rtlzgﬂ_’\l/z_lz—z (1)
TABLE 19.—VARIATION OF INTERIONIC DISTANCE WITH COORDINATION
NuMBER
n 5 6 7 8 9 10 11 12

C.N.12{ 1.160 | 1.126 | 1.104 | 1.088 | 1.077 | 1.068 | 1.061 | 1.056

9 1.087 [ 1.069 | 1.057 | 1.048 | 1.043 | 1.038 | 1.034 | 1.031

8 1.067 | 1.053 | 1.044 | 1.038 | 1.033 | 1.029 | 1.026 | 1.024

6/ 1.000 { 1.000 | 1.000 | 1.000 | 1.000 | 1.000 { 1.000 | 1.000

4/ 0.920 | 0.936 | 0.946 | 0.954 | 0.959 | 0.963 | 0.967 | 0.970

3| 0.862 | 0.889 | 0.906 | 0.919 | 0.928 | 0.936 | 0.942 | 0.947

2, 0.793 | 0.834 | 0.857 | 0.877 | 0.890 | 0.902 | 0.911 | 0.919

TABLE 20.— - . 212, A8 FUNCTION OF z,2; AND n*
n 5 6 7 8 9 10 11 12

2122 =

2/ 1.180 | 1.149 | 1.122 | 1.104 ; 1.091 | 1.080 | 1.073 | 1.065

3 1.316 | 1.246 | 1.201 | 1.170 { 1.147 | 1.130 | 1.116 | 1.105

4/ 1.414 | 1.320 } 1.259 | 1.219 | 1.190 | 1.166 | 1.151 | 1.134

5 1.496 | 1.380 | 1.308 | 1.259 | 1.223 | 1.196 | 1.175 | 1.158

6] 1.565 | 1.431 | 1.348 | 1.2902 | 1.251 | 1.220 | 1.196 | 1.177

7] 1.627 | 1.476 | 1.383 | 1.320 | 1.275 | 1.241 | 1.215 | 1.194

8 1.682 | 1.516 | 1.414 | 1.346 | 1.297 | 1.260 | 1.231 | 1.208

9 1.732 | 1.552 | 1.443 | 1.369 | 1.317 | 1.276 | 1.246 | 1.221

10} 1.778 | 1.585 | 1.468 | 1.390 | 1.333 | 1.292 | 1.259 | 1.234

12{ 1.861 | 1.644 | 1.513 | 1.426 | 1.364 | 1.318 | 1.282 | 1.253

14/ 1.934 | 1.695 | 1.552 | 1.458 | 1.391 | 1.341 | 1.302 | 1.271

15( 1.968 | 1.719 { 1.570 | 1.472 | 1.403 | 1.351 | 1.311 | 1.279

16{ 2.000 | 1.742 | 1.585 | 1.486 | 1.416 | 1.360 | 1.320 | 1.286

® Zacpamiasew, W. H,, Z. Krist., 80, 137 (1931).



THE SIZES OF ATOMS AND 10N§ 51
derived from the expression for the crystal energy of a binary
ionic compound. Ry is the interionic distance between two
univalent ions; values for "%/z:z; as functions of n and 2,2, are
given in Table 20. Then, to determine the Ca-S distance, for
example, we substitute for Ry;, 2.20 + 1.17 (the univalent radii
of Cat* and 8=, respectively). Since Ca*+ and S= are both of the
argon configuration, n = 9; 212, = 2 X 2 = 4; and from Table
20 "_\l/ 2122 = 1.19. *Substituting these values in equation (1), we
get R.. = 337/1.19 = 2.8, as compared with the observed
value 2.84 A for CaS.

Correction for Radius Ratio.—This effect has been treated in
detail by Pauling! in connection

. . . . 116
with the alkali halides. Figure Lia by
10 shows the effect of the |‘|2 \
. . . . . -~ A}
radius ratio upon the interionic I 1 \\
distances for sodium chloride * Il08 '\
type crystals. We may recall 3 1 |\ }
that, assuming perfect spheres, § l'o . \
the coordination numbershould { | \
hange from six to cight when S ' N
cnange 1 o g N 100 L\ - g
the radius ratio R4:Rx in- 4
creases above 0.73. Now, it is 0.2 03 04 05 06 01 08 09 10 11 12
Radius ratio p

the abnormal repulsion of the
ions which makes necessary
the radius ratio correction. If
with the radius ratio greater
than 0.73 the sodium chloride
type persists, there will be less

Fic. 10.—Correction factor F(p), giv-
ing the dependency of interionic dis-
tances in NaCl-type crystals on the
radius ratio p (solid line). The broken
line shows the form of this function for
solid spheres. [Pauling, J. Am. Chem.
Soc., 50, 1038 (1928).]

than the normal repulsion since ions X are in abnormally loose
packing around A—there being only 6X when there could be 8X.
Therefore, the correction factor is negative, and the interionic dis-
tance is less than it would be if there were no radius ratio effect.
As the radius ratio decreases, the anions become more crowded
around the cation and mutual repulsion of the anions, added to the
normal anion-cation repulsion, enters in. This mutual repulsion
of the anions, of course, prevents the anions from coming as close
to the cation as they otherwise would, and the anion-cation
distance becomes greater than if there were no radius ratio effect.
! PavLiNg, Linus. J. Am. Chem. Soc., 50, 1036 (1928).
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The correction factor therefore increases positively as the radius
ratio decreases. It is evident from the curve that the correction
becomes significant only when there is strong anion-anion
repulsion, particularly when the NaCl type persists below the
radius ratio (0.41), at which it should change to the ZnS structure.
In Lil, for example, (R4:Rx = 0468/2.20 = 0.31) which has the
NaCl structure, the Li-I distance determined experimentally is
3.03 A, while the calculated sum of the radiiis only 2.85 A. This
abnormally large distance in the crystal is due to the mutual
contact and the resulting repulsion of the iodide ions.

In connection with the radius ratio effect, a word should be said
regarding the effect of deformation upon interionic distances.
The lack of additivity of these distances in the alkali halides was
originally attributed to deformation.! As was pointed out in
Chap. I, however, the alkalies are not to be thought of as strongly
polarizing ions. The variations in the interionic distances in this
series of salts may, as has just been shown, be adequately
accounted for from the standpoint of the radius ratio, and there
is no need to assume that the ions are deformed. On the other
hand, when the cation is a small, highly charged, 18-electron
shell ion (Cu*, Ag*, etc.) we find a much greater change in the
interionic distances which may be attributed to polarization
of the anion or to covalent binding.

Atomic Radii.—In the consideration of erystals of the elements
or of compounds in which the bond is covalent or homopolar,
we must deal with atomic radii rather than ionic radii.

Two sources of data have been employed for the determination
of atomic radii: (1) the lattice dimensions of elements and (2) the
lattice dimensions of covalent crystals, of which the ZnS type is
most familiar. The first method is relatively simple. Most of
the elements have simple structures and definite atomic radii
may easily be derived from them. In many cases, however, as
will be seen in the next chapter, metallic structures are such that
the atoms occupy positions in the lattice at different distances
from each other. In such instances, unless all the interatomic
distances are recorded, the shortest distance of approach of
neighboring atoms is usually given as the diameter of the metallic
atom.

1t Fasans, K., and H. G. Grimy, Z. Physik, 3, 299 (1920).
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The first sets of atomic radii for use in crystals containing
homopolar or electron-pair bonds were published in 1923.!
_ The radii were obtained by the familiar substitutional method
used first by Bragg, assuming 1.05 A as the absolute radius for
sulfur. As in the determination of ionic radii by this method,
its success depends upon the careful selection of commensurable
crystals. Huggins chose only crystals of the ZnS type for com-
parison, and the radii he obtained are remarkably close to the
corresponding radii of the elements now accepted.

It is interesting to note the close agreement between radii
derived from the lattice dimensions of elements and of covalent
compounds. A few values are shown in Table 21.2

TaBLE 21.—AToMmIic Rapii DERIVED FROM LATTICE DIMENSIONS OF THE
ELEMENTS AND OF HoMoPeLAR COMPOUNDS

Element Atomic radius Atomic radius Compound
from the element | from compound
e |
Se 1.16 1.14 BeSe
Te 1.44 . 1.32 BeTe
Be 1.11 ' 1.07 - BeO
cd 1.49 1 1.48 cds
Zn 1.33 1.31 ZnS

The latest revised list of atomic radii is given in Table 122 in
the Appendix.

In contrast to the ionic bond, the length of which is influenced
by several factors, the covalent or homopolar bond seecms to be
characteristically constant. This may be very impressively illus-
trated for the wide variety of compounds of carbon (see Table 108,
Chap. XI).

Recently the whole matter of covalent radii and interatomic
distances in covalent crystals has been treated by Pauling and
Huggins.® For the many interesting details, reference may be
made to their paper. Only the more important points can be
outlined here.

' Huaains, M. L., Phys. Rev., 21, 379 (1923); 28, 1086 (1926).
* Taken from Tables 122 and 125 in the Appendix.
3 PavLiNg, Linus, and M. L. HuGains, Z. Krist., 87, 205 (1934).
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A discussion based on quantum mechanics has suggested that
the formation of various types of covalent bonds is possible.}
These differ in number and distribution in space. They may be
tetrahedral, octahedral, square, or trigonal prismatic bonds; or
normal valence bonds in nonmetallic atoms. Sets of covalent
radii, to be used in compounds containing the several types of
covalent bond, have béen obtained from the observed interatomic
distances in crystals. Just as ionic radii may be applied to all
crystals in which the bond is predominantly ionic, so these
covalent radii are to be used not only in crystals containing pure
covalent bonds, but also in crystals in which the bonds are more
nearly covalent than ionic or metallic.

A set of standard tetrahedral radii is given in Table 125, in the
Appendix. These have been determined by the substitutional
method of Bragg, starting with the known radii of C, Si, Ge, Sn,
and Pb and using for the radius of sulfur half the S-S distance in
pyrite, and they are substantially the same as Huggins’ list pub-
lishedin 1926. The observed interatomic distances in tetrahedral
crystals of the ZnS and ZnO types agree with the distances calcu-
lated from this set, with the exception of the distances in BeO,
AIN, and SiC. In the case of BeO, at least, the bonds are proba-

TABLE 22.—CoOMPARISON OF TETRAHEDRAL Rapit Sums wiTH ()BSERVED
DisTaNcEs8 IN CRYSTALS OTHER THAN THOSE OF THE ZNS AND ZNO

Tyres

Crystal Bond d cale., A d obsd., A
FeS; s8-8 2.08 2.09
MnS, S-S 2.08 2.12
CoS, S-S 2.08 2.05
NiS, S-S 2.08 2.09
FeAs, As-As 2.36 2.46
FeSb. Sb-Sb 2.72 2.44
CoAs; As-As 2.36 2.46
N(CH,)Cl C-N 1.47 1.38-1.48
N(CH:).BI‘ C-N 1.47 1.49
N(CH,)ld . C-N 1.47 x 1.51
B:H. B-B 1.78 i 1.82
CaH, Cc-C 1.54 : 1.55
K804 8-8 2.08 2.06

1 PAULING, LiNvus, J. Am. Chem. Soc., 68, 131/ (1231).
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bly more ionic than covalent. In addition to their existence in
the well-known ZnS and ZnO crystals, these tetrahedral radii are
applicable to the crystals shown in Table 22.!

Normal Valence Radit for Nonmetallic Atoms.—In normal
valence compounds, each atom forms covalent bonds to the
number given by its negative valence. Two halogen atoms, each
with a negative valence of one are joined by a single electron-pair
bond, the octets of the two atoms being completed in this way.
An oxygen atom, of negative valence two, may form two electron-
pair bonds. Elements of the fifth group may form three such
_bonds, while carbon and the other fourth group elements form
four. Radii for atoms in this type of compound are listed in
Table 126 in the Appendix. In assigning these values the radii
for the halogens were assumed to be one-half the spectral values
for the separation of the atoms in the diatomic molecules. For
carbon, silicon, germanium, tin, and lead the tetrahedral values
were assigned. Since the radii of fluorine and chlorine correspond

TasLE 23.—CoMPARISON OF RAD1US SUuMS FOR NONMETALLIC ATOMS WITH
OBSERVED DISTANCES*

From bad spectra In crystals
d d d d
Molecule Bond | cale., iobsd.,| Crystal | Bond | cale., | obsd.,
A A A A
IC1 I-Cl | 2.3 /231 | I, I-1 2.66 2.70
HF H-F 0.93 1 0.92 | Se Se-Se | 2.34 2.32
HI H-1 1.62 | 1.62 | Te Te-Te! 2.74 12.88
H.O0 H-O |0.95|0.97 | As As-As| 2.42 12.51
NH, N-H {0.99 | 0.98 | Sb Sb-Sb| 2.82 :2.87-2.62
CH,F C-F 1.41 | 1.43 | Bi Bi-Bi | 3.02 |3.11
H.CO C=0}1.28 | 1.25 ] Sil, . Si-I | 2.50 [2.46
N, N=N|1.10 | 1.10 | Gels Ge-1 | 2.55 |2.57
CN C=N|1.16 | 1.17 | Snl, Sn-I | 2.73 |2.63
HCN C=N| 1.16 | 1.16 | CHI; C-1 2.10 {2.06
C.H; C=C|1.22|1.21 | AsOs As-O | 1.87 |2.01
Sb.Os Sb-0 | 2.07 2.22
CeHi:N¢ |C-N | 1.47 1.44

* Pauling and Huggins, Z. Krist., 87, 207 (1934).

! PauLiNg and HuaGins, Z. Krist., 87, 222 (1934).
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to the tetrahedral radii for these atoms, the tetrahedral radii for
nitrogen, oxygen, phosphorus and sulfur have also been adopted.
But the normal radii for bromine and iodine were found to differ
from their tetrahedral radii, and the normal radii of arsenic,
selenium, antimony, tellurium, and bismuth have been assumed
to differ from their tetrahedral radii by corresponding amounts.

That these normal valence radii agree with observed inter-
atomic distances in molecules and crystals of this type may be
seen from the selected data in Table 23.

Octahedral radii from pyrite type crystals, listed in Table 127,
in the Appendix, were calculated empirically from the observed
values in these crystals. The standard octahedral radii are
applicable in many crystals other than the pyrite type, a few of
which are listed in Table 24. In these crystals the metal atom

TABLE 24.—COMPARISON OF OBSERVED INTERATOMIC IDDISTANCES WITH
TETRAHEDRAL AND OCTAHEDRAL Rapius Sums*

Crystal Bond d cale., A d obsd., A
FeS, Fe'.8 2.27 2.27
CoS. Co'-8 2.36 2.37
CoAsS Co-As 2.40 2.40

Co''-8 2.26 2.28
RuTe; Ru''-Te 2.65 2.64
PdSb, Pd'-sb 2.67 2.67
AuSb, Au'v-8b 2.77 - 2.76
Pb,PdBr; Pa"V-Br 2.45 2.52
(NH,)eSnCl, Sn'v-Cl 2.48 2.46
K,SeBr, Se'V-Br 2.54 2.54
PtSe, Pt'V-Se 2.48 2.49
Col, Co'-1 2.65 2.83
Cu.Hgl, Hg-1 2.81 2.77

Cu-I 2.68 2.56
Hgl, Hg-1° 2.81 2.77
CusSbS; Sh-S 2.45 2.45

* A partial list from Pauling and Huggins, Z. Krist., 87, 207 (1934).

is attached to six nonmetal atoms, each of which may form one to
four bonds with other atoms. The calculated interatomic dis-
tance is the sum of the octahedral radius of the metal plus the
normal valence radius of the nonmetal.
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Square Radii—In K,PdCl,, (NH,).PdCl,, K;PtCl,, PdO, PtS,
and probably CuO and (Ni, Fe)S, the metal atom is surrounded
by four nonmetallic atoms at the corners of a square. These
square radii are summarized in Table 127 in the Appendix.

Trigonal Prism Radii—In MoS, and WS, the metal atom is
surrounded by six sulfur atoms at the corners of a trigonal
prism. The metal radii for this configuration are listed in
Table 127.

That the covalent radius of an atom varies greatly with the
number of bonds, viz., with its coorfination number, is clearly
shown in the case of silver. The tetrahedral radius (C.N. = 4)
is 1.53 A. In Ag,0 (C.N. = 2) the radius of the silver atom is
1.39 A; while the distance obtained from band spectra of the
molecule Ag (C.N. = 1) is 1.12 A.

The Radius of Hydrogen.—Hydrogen, being so light, does not
diffract X rays, and its position in crystals cannot be directly
determined. It is an interesting problem, therefore, to establish
its size or sphere of influence under different conditions. No
doubt this sphere depends upon its environment and its state of
ionization.

Knowledge of the size of hydrogen is particularly important in
the study of organic erystals. A recent attempt has been made
to define the ‘“‘atomic domain” of hydrogen in such crystals
through a stereochemical approach.?

In crystalline hydrogen (hexagonal close-packed and assuming
rotating molecules), the radius of the hydrogen atom is about
1.5 A,? this large figure being due, no doubt, to electron repulsion.
The H*, on the other hand, is little more than a point, and, when
it combines with a negative ion, it virtually buries itself in the
electron cloud of the latter. Thus the OH~ is about the same
size (1.50 A) as the O~ (1.35 A), although the addition of H* to O~
produces an unsymmetrical and easily distorted ion. The effec-
tive crystal radius of H- may be obtained from the interionic
distances in the alkali halides. It has been found to vary from
1.26 A in LiH to 1.54 A in CsH when the Goldschmidt radii for
the alkali metals are assumed.* In NH,* (approximately 1.50 A),

! Mack, Epwarp, JR., J. Am. Chem. Soc., 54, 2141 (1932).

2 Jbud.

3ZintL, E., and A, HARDER, Z. physik. Chem., B28, 478 (1935).
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of course, the effective radius of H- must be much less. Vegard!
has estimated from crystal structure data that in crystalline H,8
and H:Se the radius of the hydrogen atom must be about 0.70 A.
The effective radius of hydrogen in the molecule H, is 0.375 A.
From the hydrogen halides, the value 0.29 A may be obtained.

The Hydrogen Bond.—There is rather convincing evidence that
hydrogen may hold two other atoms together. Hydrogen func-
tioning in this manner is termed a ‘““coordinated hydrogen’ or a
“hydrogen bond”’ and was first proposed by Huggins? and Latimer
and Rodebush.® Its occurfence has recently been reviewed by
Rodebush.t The length of the bond was first determined by
West as it occurs in KH,PO,® and has since been studied in
NH.,HF, formic acid,” and NaHCOQO;® The H-F bond in
F-H-F is about 1.184 A in length, while the H-O bond in O-H-O
averages about 1.275 A.

Although the hydrogen bond was postulated scveral years ago
to account for abnormal physical properties,® it is doubtful
whether such abnoermalities should be taken as positive evidence
of the bond. The absence of the hydroxyl absorption band in the
infrared has also been propesed as a method of identification,®but
Sherman!! questions the infallibility of this criterion. He defines
the hydrogen bond as one, the energy of which is derived from
the resonance energy of quantum mechanics, the electron of a
hydrogen atom being part of the resonating system. Thus the
molecule containing hydrogen bonds will be more stable than
indicated by the conventional formula, and the increase in

1VEGARD, L., Z. Krist., T7, 23 (1931).

? Huaains, M. L., Undergraduate Thesis, University of California, 1919.

3LaTiMeER, W. M., and W. H. RopeBusH, J. Am. Chem. Soc., 42, 1419
(1920).

¢ RopesusH, W. H., Chem. Rev., 19, 59 (1936).

5§ Wesr, J., Z. Krist., T4, 306 (1930).

¢ PavLinNg, Linus, Z. Krist., 86, 380 (1933).

7 PavuLINGg, Linus, and L. O. Brockway, Proc. Natl. Acad. Sci., 20, 336
(1934) (electron diffraction).

8 ZAcHARIASEN, W. H., J. Chem. Physics, 1, 634 (1933).

? SipGwick, N. V., “The Electronic Theory of Valence,” Oxford Univer-
sity Press, New York, 1929.

1o HiLERT, G. E., O. R. WuULF, 8. B. HENDRICKS, and U. LippEL, J. Am.
Chem. Soc., 68, 548 (1936).

11 SHERMAN, ALBERT, J. Phys. Chem., 41, 117 (1937).
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stability is the energy of the hydrogen bond. The bond can
therefore be detected through thermochemical data.

The hydrogen bond has been said to be largely ionic in nature,!
although from a recent study of the heat of association of formic
acid, it has been concluded? that the wave function for the bond
should include a nonpolar as well as a polar term, the three states
being X-H+X-, X-HX, XH-X.

Hydrogen bonds may play a significant role in the association
of water and other solvent molecules in the liquid state. It is
probable that they are operative in crystalline ice? and in many
crystals containing combined water. So-called “bound water”
may be attached to gelatin and similar substances through hydro-
gen bonds. They are also thought to occur rather frequently in
organic compounds.*

The Hydroxyl Bond.—In basic and amphoteric hydroxides it
has been observed that the distance between oxygens attached to
different cations decreases with increasing cation charge, viz.,
with decreasing alkalinity. This shorter distance between
oxygens is assumed to indicate attraction petween the hydroxyl
groups.® This attraction was first termed a double hydrogen
bond® because each of the groups joined contained hydrogen, but
it is now designated as the hydroxyl bond. Its occurrence is
suspected in many organic compounds, as well as in the hydroxides
and other compounds containing water. It is said to occur in
ice.” :

1 PavuLING, LiNus, J. Am. Chem. Soc., 63, 1367 (1931).

3 GILLETTE, R. H., and ALBERT, SHERMAN, J. Am. Chem. Soc., 68, 1135
(1936). B

3 PavniNg, Linus, J. Am. Chem. Soc., 87, 2680 (1935).

4 HiLserr, G. E., O. R. Wuvr, S. B. HeEnbricks, and U. Lippgw, J. Am.
Chem. Soc., 68, 548 (1936).

8 BERNAL, J. D., Proc. Roy. Soc. (London), A 1561, 384 (1935).

¢ BErNAL, J. D., Annual Repts. (London), 80, 401 (1933).

" BERNAL, J. D., and R. H. FOwWLER, J. Chem. Physics, 1, 515 (1933).



CHAPTER III

THE STRUCTURES AND PROPERTIES OF THE
ELEMENTS: THE METALLIC STATE

We are in the habit of thinking of three states of matter—
gaseous, liquid, and solid. The solid state may be conveniently
subdivided into the crystalline, glassy, and amorphous states.
It seems almost necessary to break down the crystalline state
into the nonmetallic and the metallic states. To even the casual
observer the properties of metals differ so markedly from those
of other crystalline solids that there must evidently be some
fundamental difference in the way in which the atoms are put
together. The nature of metals has evaded description until
very recently, but we now have a rather clear picture of their
structure and its significance, even though it is by no means com-
plete in detail.

The characteristics of metallic elements may be most clearly
understood by approaching their structures from those of the
nonmetallic elements. In Table 25 the elements are grouped into
four classes, according to their crystal structures.

The elements in Class IV may be recognized at once as the
typical nonmetallic elements. The crystal structures of the
solidified rare gases have been found to be face-centered cubic,!
each point on the crystal lattice being occupied by a single,
neutral atom of the element, the outermost electron shell of which
already possesses its full quota of eight clectrons. There is,
therefore, very little attraction between the atoms, and the crystal
is characteristically weak. The addition of a small amount of

1 Unless otherwise stated all references to crystal structures of elements or
compounds are from R. W. G. Wyckoff ‘“The Structure of Crystals,” 2d ed.,
Reinhold Publishing Corporation, New York, 1931, and the supplement,
1934. This is a most complete, simple classification of crystal structure
data up to 1935 and is an invaluable asset as a reference in connection with
the study of crystal chemistry,

60
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energy causes it to break down; the rare gases, therefore, have
very low melting points.

The other elements in Class IV probably form molecular
crystals in which the lattice positions are occupied by molecules,
as in solid nitrogen and oxygen.! It is interesting that the
molecule of nitrogen which we have always written as N, is a
reality in the solid form. Since the forces attracting neutral
molecules are relatively weak, we find all of the crystals of Class
IV with significantly low melting points.

-

(@) (®)

Fi1G. 11.—(a) The atomic arrangement for iodine. A projection drawing upon
its b face. Fractions indicate the distance of each atom below the plane of the
paper. (b) The probable packing of iodine atoms in solid iodine. (From R.
W. G. Wyckoff, ** The Structure of Crystals,”’ by permission of the Retnhold Pub-
lishing Corporation, New York.)

Class I1I is perhaps the most interesting group in that it begins
a remarkably systematic transition from the molecular lattices
of Class IV to the metallic crystals of Class I. Let us consider
four typical examples: iodine, selenium (or tellurium), arsenic
(antimony and bismuth are isomorphous with arsenic), and
diamond (carbon, silicon, germanium, and gray tin are iso-
morphous). These four transitional structures are shown in
Figs. 11 to 14.

It is evident that iodine is a molecular crystal; each lattice
point is occupied by an I, molecule, the forces holding the mole-
cules together are weak, and the crystals, as we know them, are

! VEGARD, L., Z. Physik, 98, 1 (1935).
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Larrice Tyeres oF THE ELEMENTS

Key to Table 25
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Sym-

bol Lattice type Elements
Structures Completely Determined
Al | Cubic, face-centered | Ag, Al, Au, Ar, -Ca, 8-Ce, 8-Co, Cu, v-Fe,
Ir, Kr, g-La, Ne, -Ni, Pb, Pd, Pt, g-Rh,
Sr, Th, 8-T1, X
A2 | Cubic, body-centered | Ba, a-Cr, Cs, Cb, «-Fe, K, Li, Mo, Na, Rb,
Ta, 8-U, V, 8-W, g-Zr
A3 | Hexagon, close-packed| Be, y-Ca, Cd, a-Ce, a-Co, g-Cr, o«-Er, Hf,
a-La, Mg, a-Nd, o-Ni, Os, «-Pr, Re, a-Ru,
Ti, «Tl, Y, Zn, o-Zr
A4 | Diamond, cubic C (diamond), Ge, Si, gray Sn
A5 | Tetragonal, body-cen-
tered Sn (white)
A6 | Tetragonal, face-cen-
tered In, y-Mn
A7 | Rhombohedral, body-
centered As (metallic), Sb, Bi
A8 | Hexagonal Se (hex.), Te, Po
A9 | Hexagonal C (graphite)
A10 | Rhombohedral Hg
A1l | Rhombic Ga
A12 | Cubic, body-centered | a-Mn, v-Cr
A13 | Cubic 8-Mn
Al4 | Rhombic I, Brs
A15 | Cubic a-W
A16 | Rhombic, face-cen-
tered P (black, metallic)
A17 | Rhombic a-S
Structures Incompletely Known or Uncertain
C Cubic a-Nz, v-O2
H | Hexagonal? B
H | Hexagonal H; (Para), 8-N.
R Rhombic -0,
C, | Cubic P (white)
Cy | Cubic a-Rh
Rh | Rhombohedral B-O¢
M | Monoclinic S (fibers), a-Se, p-Se
M, | Monoclinic a-U
H, | Hexagonal 8-Be




64 CRYSTAL CHEMISTRY

very weak. They are flaky, are very brittle, and can easily be
vaporized at a relatively low temperature. What of the forces
holding the two atoms together in the molecule—the intra-
molecular forces? Apparently they are stronger, because when
the crystal is broken down, it breaks up into molecules, not into
single atoms. Consider the electronic structure of the iodine
atom; it is 2-8-18-18-7 (see Table 124, the Appendix); there are

(a) (b)

F16. 12.—(a) The atomic arrangement in selenium. The first three atoms in
a spiral chain are marked X. The chain spirals down into the paper. (b) The
relation of the selenium arrangement to that in a simple cubic lattice. (From
Ewald, P. P., and C. Hermann, ‘* Strukturbericht,”” by permission of Akademische
Verlagsgesellschaft, Leipzig.)

seven valence electrons. This means that two atoms can com-
plete their octets by each sharing one electron with the other,

according to the following scheme : I :1:. Thebond holding the

atoms is thus a homopolar bond and is much stronger than the
molecular attraction throughout the rest of the crystal.

In the case of selenium, the atom has only six valence electrons
in the outer shell. The only way a selenium atom can complete
its octet by sharing with other selenium atoms is to share one
electron with each of two neighbors. This will lead to an
endless chain of selenium atoms, arranged as follows:

The links in the chain are homopolar bonds, and an entire chain
may be looked upon as a single giant molecule The forces
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between chains may be molecular under certain conditions,
or they may be metallic. The crystals are relatively weak,
but they have some properties of the metallic bond, soon
to be described. For example, under the influence of light,
selenium becomes a very good conductor of electricity. The
element also has a metallic appearance. It is impossible to state’
arbitrarily, therefore, the nature of the forces between chains in
the selenium crystal. That these chains are no myth may be
seen in Fig. 12a.” The atoms marked X show one chain which,
from the point of observation, seems to spiral almost directly into
the paper.

In rhombic sulfur! the 83 molecules exist as separate entities.
Like selenium, the atoms form chains, but they are eight-

(a) (®)

Fi1a. 13.—(a) The atomic arrangement in arsenic. (b) The relation of the
arsenic arrangement to that in a simple cubic lattice. (From Ewald, P. P., and
C. Hermann, ‘‘ Strukturbericht,” by permission of Akademische Verlagsgesellschaft,
Leipzig.)

membered chains, the ends of which have been brought together
to form an enclosed ring. Each S atom thus has two near
neighbors.

The arsenic atom has only five valence electrons and each atom
must therefore share one electron with each of three neighbors
to complete its octet. The angles between bonds tend to be
between 90 and 109.5 deg., nearer 90 deg., and this may be realized
by the formation of a layer structure. Each arsenic atom holds
three neighbors by covalent bonds, and these form an endless

! WargeN, B. E,, and J. T. BurweLL, J. Chem. Physics, 8, 6-8 (1933).
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layer, a giant molecule. Between the layers are weaker forces
which may be molecular or metallic—or a combination of both—
because arsenic crystals show characteristics of both. They are
weak, as evidenced by the ease with which arsenic sublimes; they
also exhibit the familiar metallic luster. The coordination num-
ber is six; there are three near neighbors, held by covalent bonds,
and three more distant neighbors held by the weaker forces. As
with selenium, the arsenic crystal is a distorted NaCl structure,
and the nature of the distortion may be observed in Fig. 13.!
Imagine a sodium chloride crystal that stands on one corner with
the cube diagonal vertical, then squash it downward. This
changes it from a cube to a rhombohedron. Now imagine every
other horizontal layer of atoms drawn toward the layer above it,
under the urge of the atoms to acquire three neighbors to complete
their octets. The atoms are not drawn all the way to the layer
above, but remain slightly below, forming a puckered layer as
may be seen in the figure. In crystalline bismuth, although it is
rhombohedral like arsenic and antimony, the bismuth atoms
are not so far from the normal positions they would occupy in
the sodium chloride lattice.

Black phosphorus is crystalline, the atomic arrangement being
a double layer structure, somewhat similar to arsenic but ortho-
rhombie. It is a more closely packed structure than is arsenic?
and is stable at high pressures because of this close packing.

It should be noted that all of the elements so far discussed exist
in allotropic forms. An amorphous form is particularly charac-
teristic of all these, whereas we never find the truly metallic
elements in the amorphous condition. The amorphous form is
usually unstable at room temperature. The familiar amorphous
sulfur is prepared by every freshman when he pours molten sulfur
into cold water. Incidentally, this form of sulfur has been
reported to have a pseudocrystalline structure when stretched—
a structure very much like stretched rubber? and this is suggestive

1 The NaCl structure has no physical reality; there is no tendency to form
this structure.

? HourereN, R., N. 8. GisricH, and B. E. WaARREN, J. Chem. Physics,
3, 351 (1935).

3 TrRiLLAT, J. J., and J. FORESTEER, Compt. rend., 192, 559 (19031). Also
see Chap. XII, of this book.
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of chain molecules. In many cases the amorphous modification
of these elements may be electrodeposited. Strangely enough,
arsenic may be deposited in the amorphous form under ordinary
conditions and antimony under more limited conditions, but
bismuth deposits are crystalline under these same conditions.!
A second form of bismuth, stable at 25,000 kg. per 8q. ecm., has
recently been observed.?

F1gc. 14.—(a) The at(:n)aic arrangement in diamond. (b()b’)l‘he layer structure of
graphite.

We come finally to the diamond crystal. Carbon has only
four electrons in the valence shell and each atom must, therefore,
share with four neighbors to complete its octet. These four
neighbors, to be grouped symmetrically around the central atom,
must lie either in a plane at the corners of a square or they must
lie at the corners of a tetrahedron of which the atom surrounded
by the four is the center. The directional characteristics of the
covalent bond favor the tetrahedral arrangement and this is the
one found in the diamond (see Fig. 14). Since four homopolar
bonds are now available for each atom, they can extend in three
dimensions. All the atoms in the crystal are bound by homo-
polar forces, there are no weak binding forces, and the entire
crystal, regardless of its size, may be thought of as one huge
molecule. The well-known properties of diamond are in keeping
with such a picture. It is the hardest known substance; its

melting point is one of the highest (above 3000°C.); it is a non-
conductor of electricity.

1SriLLwenn, C. W., and L. F. Auprikry, J. Am. Chem. Soc., b4, 472
(1932).
2 BRipgMAN, P. W, Phys. Rev., 45, 844 (1934).



68 CRYSTAL CHEMISTRY

In the preceding pages we have followed the transition of the
crystalline elements from the weak molecular lattice to the
molecular chain lattice, strong within the chain but weak between
chains; thence to the molecular layer lattice, strong forces within
the layer but weak forces between layers; and finally to the
diamond, held by homopolar or electron-pair forces throughout,
and one of the strongest substances known. We have described
what may be summarized as the ‘“8-N rule’’! which has been
stated as follows: When an atom has N valence electrons, it can
hold 8-N neighbors by sharing electrons. It would seem that

we are no nearer the metallic
state than when we started,
/ indeed diamond bears less
. resemblance to the metals than
many of the other elements
that have been mentioned.
Let us skip over Class II for
the moment and examine the
characteristics of the Class I
elements. We recognize these
elements at once as the true
metals, from the standpoint of
Hexagonal Cubic Close - both their chemical and engi-

Close- Packing Packing neering properties. With the

Fi1g. 15.—Spheres in closest packing, .

C.N. 12. The atomic arrangement in exception of mangancse all of
many metals. the elements in this group are

found to have one of three
very simple crystalline structures. They are close-packed
hexagonal (C.N. 12), face-centered (close-packed) cubic (C.N.
12) or body-centered cubic (C.N. 8). The close-packed struc-
tures are illustrated in Fig. 15. The truly metallic structures,
then, are characterized by high coordination numbers, 8 or
12. It is obviously impossible for the atoms to be held together
by sharing one electron with each of 8-N neighbors, for there are
not enough electrons available. Here we have the underlying
condition which characterizes the metallic bond. There are not
enough electrons available for sharing; an ionic bond is impossible

! Hume-Roruery, WiLniam, Phil. Mag., (7), 9, 65 (1930).
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because all the atoms are positive and so the metallic linkage
occurs. This is a new type of bond in which an electron can
serve for more than one atom. We may use the following analogy
to illustrate the situation that has arisen: Consider a machinery
manufacturer who has four servicemen in his employ and finds
himself, in the midst of a depression, with only four customers
who use his machine. It is a simple matter to keep in touch with
these four customers. One man may act as a continuous
go-between from the plant to each customer. But suppose, with
a revival of business, the number of customers is increased to
twelve. If the number of servicemen is not to be increased, it
becomes necessary for each one to circulate, visiting at least three
customers. He can no longer devote his time entirely to one.
This is exactly what the valence electrons must do when the
number of neighbors in the crystal grows too large. In order to
retain some sort of hold on all these neighbors they must divide
their time between them. These “roving” electrons, then,
constitute what is known as the “metallic bond.” It is supposed
that the metal atoms lose their valence electrons and become
positively charged ions, while the detached! electrons are free to
move around to some extent. The metallic state, then, we
visualize as a state in which positive ions are held together by a
sort of gas of negative electricity—an electron gas. The proper-
ties of the metals are better understood from this picture, as will
be shown later.

Before we forget the case of the machinery servicemen it is
interesting to observe another factor in the situation. When
the number of customers increases, the manufacturer can keep
in touch with all of them by having his representatives circulate,
but he cannot keep so efficient contact with any one of the twelve
as he could with cach of the original four. Likewise, with the
increasing number of neighbors when we pass from the crystal of
diamond (C.N. 4) to one of the metals (C.N. 8 or 12), the result-
ing metallic bond is not apt to be so strong as the homopolar bond
where cach electron devotes itself to one neighbor exclusively.

! According to present theory, they are not completely independent of
the ion and therefore not unqualifiedly detached, but considerably more
mobile than if they bore their normal relation to the atom.
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We should expect the melting points of carbon, silicon, and
germanium to be higher than those of the metals, and to a certain
degree this is true.

The metallic bond is probably, in essence, a modified or weak-
ened homopolar bond. Fundamentally it involves a sharing of
electrons. In the true homopolar bond a pair of electrons is
shared by two atoms; in the metallic bond more or less mobile
electrons are shared by more than two atoms.

One may wonder to what extent a true homopolar bond may
be detected in the presence of a metallic bond. We have postu-
lated, for example, that in the selenium erystal both types are
present. 'Two means of detection have been used. First, assum-
ing there are homopolar bonds in a given crystal, the conductivity
should increase with an increase in temperature, since the elec-
trons are loosened somewhat. For the metallic bond, however,
an increase in temperature increases the resistance due to the
increased amplitude of vibration of the eleetrons, already com-
paratively mobile. The presence of homopolar bonds, therefore,
is accompanied by the occurrence of a minimum resistance as the
temperature is raised. The fourth and sixth group elements
exhibit a minimum resistance, while the results for the fifth group
are not at all conclusive. The magnetic propertics of a substance
also serve to betray the presence of homopolar bonds. Some
metals are diamagnetic because they contain diamagnetic atoms.
Homopolar substances, however, are apt to be strongly dia-
magnetic and their diamagnetism decreases as the temperature
increases and vanishes at the melting point, showing that it is a
property of the forces in the erystal and not of the element itself.
This is particularly true of bismuth and antimony.

The free electron or electron gas theory of the metallic state
is not particularly new. In 1900, Drude' assumed that metals
contain a number of free clectrons, the motion of which is that
of an ideal gas, as described in the kinetic theory: When an elec-
tric force is applied these electrons are assumed to move in one
direction and carry the current. Lorentz? developed the theory
further, and it was subsequently modified by Richardson, Thomp-

1 Drupor, P., Ann. Physik, 1, 566 (1900); 8, 369 (1900).
3 LoreNTz, H. A., “Theory of Electrons,” G. E. Stechert and Co., New
York, 1923. :
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gon, Jeans, Wilson, Bohr, and others. The electron gas theory
of metals is applicable to the specific heat phenomena only if it
be assumed arbitrarily that most of the electrons are bound to
atoms and only a small percentage are free to carry the electric
current.! '

The more recent theories, exemplified by that of Pauli and
Sommerfeld, are based on the quantum mechanics. The energy
yvalues for the electrons in a crystal are not continuous as in the
classical Lorentz theory, but occur at discrete levels. Applica-
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Fi1a. 16.—(a) Schematic representation of the behavior of the atomic energy
levels as an alkali metal lattice is contracted. At the equilibrium distance A the
spectrum is continuous. (b) Semiquantitative representation of the zone scheme
of diamond, varying with lattice spacing. [From Settz, F., and R. P. Johnson,
J. Applied Phys., 8, 84 (1937).]

tion of the Pauli exclusion principle limits the number of electrons.
which can exist in each such energy band. Paramagnetism
was first successfully explained by this theory, which was later
extended to include other metallic properties. Although it offers
a-satisfactory interpretation of most of the properties of metals, it
did not give an adequate explanation of the fundamental differ-
ence between a conductor and a nonconductor.

The newer zone theory of solids does offer a wave mechanical
description of the electron distribution in metals and noncon-
ductors which accounts for their characteristic differences. It
differs essentially from the Pauli-Sommerfeld theory in that it
eonsiders (1) the wave nature of the electron and (2) periodic
potential distribution in the solid lattice. Briefly, certain energy
ranges in a crystal are forbidden to the valence electrons, leaving

1 SLATER, J. C., Recent wave mechanical calculations confirm this assurp-
tion, Phys. Rev., 88, 57 (1936).
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gaps in the energy spectrum in which no electrons can be found.
If the zones in which electrons are allowed overlap affording &
continuum of electrons, the latter behave much like free electrons
and the substance is metallic; if electron zones are discontinuous,
leaving regions in which no electrons can occur, then the sub-
stance is a nonconductor. The schematic application of this
theory is shown in Fig. 16. TFigure 16a is the energy spectrum
of a typical alkali metal with overlapping zones; and Fig. 16b
shows the energy zones for diamond.

For a more detailed discussion of the development of the theory
of metals, the reader is referred to Hume-Rothery,! Mott and
+ Jones,> Seitz and Johnson,® and
Slater.*

It is to be noted that, according to
the zone theory, the electrons are free
to move—sometimes in restricted
zones—in nonconductors as well asin
metals and that, in contrast to the
older viewpoints, particular valence
electrons are not bound to particular
atoms. Rather, in nonconductors
any particular electron is apt to be

F1a. 17.—8ch ic pict f . . .
the ‘gist,ibuggne';“‘gﬁs?;fv;“f;n"d found in a rather definite orbit but

{legt}tive [;’harget; inEaImetall(iic about any one of the atomic nuclei.
attice. rom J. . Lennard- e PRI et X .
Jones, Proc. Roy. Soc. (Londowy, Y hile 1t is not strictly permissible

A120, 734 (1928) by permisgion to adopt a definite physical picture

of the Royal Society.] in connection with the newer physical

theories, a diagram which comes very near to expressing the most
recent conception of the metallic state is shown in Fig. 17. The
atomic nuclei are shown by crosses. The dotted lines represent
lines of equal potential. As the distance from the nucleus
increases, a critical point is reached which is shown by a continu-

! Home-RoTHERY, WiLLiaM, ‘“‘The Metallic State,” Oxford, Clarendon
Press, New York, pp. 164-200, 1931.

2 Mort, N. F.,, and H. Jones, “Theory of the Properties of Metals and
Alloys,” Oxford University Press, New York, 1936.

3 8e1rz, FREDERICK, and R. P. JounsoN, J. Applied Phys., 8, 84 (1937).

4 8LATER, J. C., Rev. Mod. Phys., 8, 208 (1934).

The last reference is a brief, fairly elementary summary of the zone
theory.
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ous line. These are closed curves representing equal electron
densities in the regions which contain no nuclei, but it is evident
that the electron density in these regions is less than that in the
regions containing nuclei. The electrons in these regions between
the atomic nuclei are the ones shared by all the atoms. One
observes here a suggestion of the electron lattice proposed by
Lindemann, but it differs from his conception in that the elec-
tron lattice is not necessarily static, even at the absolute zero.
This picture differs from the older electron gas theories in that the
shared electrons, while free to move to some extent, are definitely
restricted in their movements.

Class II is an interesting group from the standpoint of the
structure types of its members. They are actually more metallic
than nonmetallic and might be classed as abnormal metallic
structures. For the fourth group elements, the influence of the
covalent bond determines the erystal structure. In passing
toward the first group, the covalent bond can no longer be formed;
and for building units essentially spherical, with no directional
bonds, the stable configuration is a close-packed arrangement.
One may fairly visualize the struggle going on among the atoms
as they attempt, upon leaving Class I1I, to ‘“shake themselves
down” into the geometrically stable close packing of Class L.
Above all, this requires a crowding up, so that each atom may
acquire more neighbors. Consider gallium, a very abnormal
crystal which has defied exact analysis for many years. The
crystal has now been definitely determined as orthorhombic.!
Each atom has seven neighbors, one distant 2.45 A and two each
at 2.70, 2.75, and 2.79 A. There is first, the persistence of mole-
cules of Ga. (the atoms 2.45 A apart) in the solid erystal, in which
respect the substance is nonmetallic and more like the Class 111
elements. The forces between these Ga, molecules must be
relatively weak, as evidenced by the low melting point of gallium
(37°C.). The actual orthorhombic cell results when an ideal
tetragonal arrangement of the atoms is compressed only slightly;
and in the tetragonal form, each atom has five nearest neigh-
bors. There is apparent, then, a tendency to follow the 8-N
rule. Finally, the gallium structure has a distorted close pack-.

tLaves, F., Naturwisscnschaften, 20, 472 (1932). But see also A. J.
Bradley, Z. Krist., 91, 302 (1935).
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ing, a metallic tendency, and evidence of the transitional nature
of the element.

Zinc has a distorted close-packed hexagonal structure. For
hexagonal close packing of spheres the axial ratio (c/a) = 1.63,
while in zinc the axial ratio is 1.87. It has been suggested that,
owing to their two valence electrons, zinc atoms are spheroidal®
and would therefore close pack with the ¢ axis longer than for
close-packed spheres. At any rate, because of this elongated ¢
axis, zinc is not so characteristically metallic as the Class I ele-
ments. Furthermore, instead of 12 equidistant neighbors, each
zinc has 6 close neighbors and 6 carried slightly farther away by
the elongated c¢ axis.

Indium is face-centered tetragonal, but the axial ratio is only
1.06. It is therefore very nearly face-centered cubic.

Mercury is rhombohedral, a distorted face-centered cube.

Lead and aluminum are face-centered cubic, but there is some
indication that the atoms are farther apart than they should be
if close packed. This abnormality is discussed later.

Several of the elements on the border line of the metallic state
are polymorphous, crystallizing in nonmetallic and metallic forms.
Gray tin, stable below 19°C., is isomorphous with diamond, anda
the atoms are bound by homopolar forces. It shows no resem-
blance to the metals whatsoever. The more commonly known
white tin, on the other hand, stable above 19°C., properly belongs
in Class II. It is tetragonal, C.N. = 6, and possesses familiar
metallic properties. Evidently a particular element cannot be
classed arbitrarily as metallic or nonmetallic.

Carbon crystallizes as diamond and as graphite. Their struc-
tures are shown in Fig. 14. While in diamond all the atoms are
held by strong, homopolar forces to form a nonmetallic crystal;in
graphite, each carbon atom has lost one of its near neighbors and
has but three neighbors in its own layer. Each atom, therefore,
has one electron in excess of those needed for the homopolar
bonds, and this is involved in some way in holding the adjacent
layers together. Recently Pauling has suggested that all four
electrons exert most of their influence within the layers rather
than between them.? The flaky nature of graphite, and the

1 WESTGREN, ARNE, and A. AumiN, Z. physik. Chem., B B, 14 (1929).

2 PauLING, LiNus, J. Am. Chem. Soc., 67, 2706 (1935); see also Chap. XI
of this book.



STRUCTURES AND PROPERTIES OF ELEMENTS 75

large distance between layers, indicate that the force between
layers is relatively weak—weaker than would be expected, were
one electron from each carbon atom available for the bond. In
contrast to diamond, which is an extremely poor conductor,
graphite is a good conductor of electricity. According to the
zone theory this may be interpreted as follows: Referring to
Fig. 16b, it appears that the zones have come together and then,
at the minimum interatomic distance in diamond have separated
again. However, at a larger interatomic distance the zones are
more nearly continuous, and the average interatomic distance
in graphite is larger (1.42 A in layers, 3.40 A between layers).

Resembling in this respect the other Class II1 elements, carbon
has long been known in an ““amorphous’” form.! Recent studies
have proved beyond doubt, however, that amorphous carbon is
actually crystalline. Carbon black is composed of a continuous
series of particles varying from single layers of graphite to graph-
ite crystals several layers thick.?

Many so-called ““intermetallic compounds” are distinctly non-
metallic in some respects even though they are composed of two
metallic elements. On the other hand, so-called ‘“synthetic
metals’ have been prepared from nonmetallic constituents.?

Authorities are fairly well agreed upon the structural classifica-
tion of the elements which has been given. When we delve
further into the details of the metallic state, however, and
attempt to systematize the various differences which occur
within Class I itself, difficulties arise which, as yet, have not
been surmounted. In Table 25 are given the crystal structures
of the elements as they occur in the periodic table. Questions
at once present themselves: What determines the structure of an
element? All of the alkalies, for example, are body-centered
cubic. May this be characteristic of their unique atomic struc-
ture in which there is only one valence electron? Hardly so,
for the same body-centered cubic structure is common in the
fifth and sixth groups. The alkaline earths are face-centered
cubic, and so are the eighth group transition metals. The

1 HormaNN, U., E. GroLr, and W. LEMcKE, Z. angew. Chem., 44, 841
(1931); Hormann, U., and W. LEMCKE, Z. anorg. allgem. Chem., 208, 194
(1932); Miwa, Mritsuwo, Science Repts. Téhoku Imp. Univ., 28, 242 (1934).

3 WaRReN, B. E., J. Chem. Phystcs, 2, 551 (1934).

3 See, for example, Kraus, C. A., J. Am. Chem. Soc., 29, 1557 (1907);
86, 1732 (1913).
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third and fourth group metals are predominantly hexagonal, and
this structure recurs to some extent in the seventh and eighth
groups. There is, as shown in Table 25, a suggestion of a rotation
of structure types, from C.N. 8 to 12 to 8 to 12 in going across a
long period.

A recent quantum mechanical treatment of the metallic state
appears to throw some light on the questions which have just
been raised:! In the true metals, the energy of the valence elec-
trons is practically independent of the lattice structure. The
electron charge is strongly isotropic, resulting in essentially
spherical units which tend to assemble in simple, close-packed
structures. It is suggested that for the alkalies, the wave func-
tions of the inner shells overlap very little, hence the binding
energy is that of valence electrons in a field of ions, plus a small
van der Waals’ attraction. The urge for the closest packing is
absent and a structure with C.N. = 8 is formed.

Although, for the divalent and trivalent metals the force may
still be largely that of valence electrons in a field of ions, it is a
much stronger force; closer packed structures are to be expected
and are found.

In the progression from left to right in long periods there is a
change of structure type at about the point where, according to
Hume-Rothery, the transition from an 8- to an 18-electron shell
begins.? In passing from titanium to vanadium, zirconium to
columbium, or hafnium to tantalum, the structure type reverts
from that of C.N. 12 to one of C.N. 8. At this point, the nuclear
charge has been increased without producing quite the propor-
tional decrease in atomic diameter and without increasing the
number of valence electrons which determine, in large measure,
the binding force. The added electron is identified with the
inner shell and is not lost when the metal ionizes. The struc-
tural change appears to be related to the addition of the first of
the electrons to the d shell. Recently Dehlinger?® has suggested
independently that structural changes may be correlated with
the building up of the d shell.

1 Mort, N. F., and H. JonEs, “Theory of the Propertics of Metals and
Alloys,”” Oxford University Press, New York, 1936.

28ee p. 80.

3 DEHLINGER, U., Z. Physik, 96, 620 (1935).
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Mott and Jones point out that as more d electrons are added,
the cores (closed d shells) finally overlap, repulsive forces come
into play and close packing of what may be pictured as hard
spheres results. The repulsive forces become sufficiently influ-
ential to cause a change to closc-packed structures before the
d shells are completely filled, as is illustrated in the following
series:

Ele- | At. Structure Ele- | At. Structure Ele- | At. Structure

ment | no. ment | no. ment | no.
\Y% 23 b.c.c. Ch | 42 b.c.c. Ta | 73 b.c.c.
Cr 24 b.c.c. Mo | 43 b.c.c. w 74 b.c.c.
Mn | 25 cubic Ru | 44 h.c.p. Re | 75 h.c.p.
Fe 26 | b.c.c-f.cc. Rh | 45 f.cc. Os |76 h.c.p.
Co | 27 h.c.p. Pd | 46 f.c.c. Ir 77 f.cc.
Ni 28 f.cc. Ag | 47 f.ce. Pt 78 f.ce.
Cu |29 f.cc. 1 Au | 79 f.cc.

Dehlinger! has proposed that the properties of the metals
depend not only upon the interaction hetween the free electrons
in the lattice, but also upon the interaction between the remaining
ionic cores, which influence, in the transition elements, may
become very strong.

The ideal structure for the metals is, as we have seen, a close-
packed one (C.N. 12). It is interesting to note that the elements
vanadium, columbium, chromium, tantalum, molybdenum, and
tungsten, which crystallize as body-centered cubes (C.N. 8), can
be made to crystallize with a C.N. 12 by the addition of carbon
or nitrogen.? The metal atoms in the interstitial compounds are
close packed, the carbon and nitrogen atoms being located in
the interstices.

We are apparently on the threshold of the development of a
theoretical metal chemistry which should prove remarkably inter-
esting.

ATOMIC RADII IN THE METALLIC STATE

The atomic radii of the metals are listed in Table 122, in the
Appendix. The radius of an eclement is perhaps its most dis-

! DERLINGER, U., Z. Elektrochem., 88, 148 (1932).
?See p. 141,
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tinguishing property, and Hume-Rothery! has found a very
interesting relationship among these radii, which adds to our
picture of the metallic state.

A metal has been defined as positive ions surrounded by elec-
trons which are relatively free to move. Apparently only a few
electrons are free to move at any instant, so that, on the average,
the metal atom is more like a neutral atom than like an ion, as
evidenced also by its effective radius.

Further information of the state of ionization in a metallic
crystal is to be gained if we compare the interatomic distances
determined experimentally, with the atomic structures shown in
Table 124, in the Appendix. If Z is the atomic number and n
is the quantum number of the outermost group of electrons in the
ion, 7.e., the outermost complete electron shell, then, for a given
value of 7, the size of the atom should decrease continuously as Z
increases, if all valence electrons are detached. Thus, in the
series, Na, Mg, Al, Si, the electronic structure of the ion is 2-8 in
all (n = 2, see Table 124), but, owing to the increasing nuclear
charge, the electrons are drawn closer to the nucleus and the
radii decrease in the order Na, Mg, Al, Si. When 7 increases,
.e., when another complete shell of electrons is added, the atomic
radius will increase in spite of the contracting influence of an
increase in atomic number. Hume-Rothery found that the
following expression defines this qualitative relationship between
Z, n, and the atomic radius d: g = ({—}Z—)x This relationship
he calls the law of subgroups. If it Abe true, and we then plot
log d/n against log Z, a straight line should be formed by the
elements in any one subgroup. Some of the experimental results
are shown in Fig. 18. It is evident that the atomic radii within
a given group fulfill this relationship; it is also true that the
elements in a given period (e.g., Li, Be, C; or K, Ca, Ti, V, Cr)
are related in the same way and the relations are connected with
the screening effects of the different shells. The slopes of the
lines are indicated and increase regularly as 1:1, 1:2, 1:3. The
skip to 1:5 occurs when an 18 group of electrons is being built
up in the third period. _

VHuMe-RoTHERY, WiLLIAM, Phil. Mag., (7) 10, 217 (1930); * The Metallic
State,” Oxford, Clarendon Press, New York, p. 311, 1931.
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This simple relationship between atomic size and atomic struc-
ture in metals makes two important contributions to our picture
of the metallic state. (1) The straight-line relation for lithium,
beryllium, carbon or for sodium, magnesium, silicon suggests
that there is no fundamental difference between the truly metallic
bond of lithium or sodium and the covalent or homopolar bond
of carbon or silicon. We have had other indications of this fact.
So also in the series carbon, silicon, titanium, zirconium, and
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F16. 18.—The relation of atomic number to atomic radius in the metallic
state. log d/n vs. log Z. [From W. Hume-Rothery, Phil. Mag., 10, 217 (1930),
by permission of the Philosophical Magazine.]

hafnium, the atomic radii all lie on the same straight line and
there is no suggestion from this source, at any rate, that a transi-
tion from a nonmetallic to a metallic element has occurred. (2)
From the relation of atomic radius to atomic structure, we are
able to learn something of the state of ionization of the atoms as
they occur in the metallic state. Because carbon and silicon
are admittedly tetravalent, and because titanium, zirconium, and
hafnium lie on the same straight line, it may be inferred that
these last three are also tetravalent.

It is, of course, a familiar fact that the completion of the long
periods in the periodic table is accompanied by a transition in
which, to the temporarily stable 8-electron shells, are added more
electrons, to the number of 18. In the first long period, for
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example, we know that this process starts with scandium and
is ' not completed until the 18-electron shell is filled in nickel.
Abnormal variations in atomic radii indicate that this transition
period occurs with the ions in the metallic state as it does with the
metallic ions when they are studied in combination with negative
jons. The interesting question is whether it occurs in the same
manner in metallic iong as it does in ionic compounds.

Some light has been thrown on this point. When the log Z
(atomic number) is plotted against log d, where d = the diameter
of the atom in the metal, determined experimentally, the curves
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F1a. 19.—The relation of atomic number to atomic radius in the metallic state.
[Adapted from W. Hume-Rothery, Phil. Mag., (7) 11, 649 (1931).]

shown in Fig. 19 are obtained. Perhaps the most interesting
feature of this figure is the relationship of d and Z for potassium,
calcium, (scandium), titanium, and vanadium. Hume-Rothery
proposes that, inasmuch as the step from potassium to calcium
involves the addition of an electron to the outer shell, the subse-
quent steps, calcium to titanium to vanadium may involve a
similar addition, rather than the addition of an electron to the M
subgroup as in the free atoms. With chromium the slope of the
curve changes and it is suggested that this may evidence the
addition of an electron to the M; subgroup, the electronic strue-
ture of chromium as it exists in the solid state being 2-8-9-5.
Now, there are two crystalline modifications of chromium known
and the experimental values for the atomic radii in both forms
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have been plotted in Fig. 19. The electronic structure, 2-8-9-5,
is that of a chromium. Since the position of 8 chromium on the
diagram appears to be two steps away from titanium, and since
each step on a curve with this slope has been taken to signify the
addition of one electron to the M; subgroup, the electronic
structure for 8 chromium may be designated as 2-8-10-4.

Following this line of reasoning, the electronic structures for
the four different-sized manganese atoms were postulated,! thus
reconciling interatomic distances with degrees of ionization for
this group of metals. The same interpretation may be applied
to the fourth period metals.?

While this interpretation is simple and straightforward, it is
not the only possible one to fit the fact of changing slope.? From
the point of view of the newer electronic theories, the break
might correspond, not with the beginning of the transition
process, but with the point at which the 4s electron bands and
the 3d bands overlap, as regards energy. Furthermore, the
assignment of the degree of ionization to these metals must be
taken with considerable caution, for the quantum mechanical
treatment suggests that in the solid crystal there is no reason
why there must be a whole number of 4s electrons per atom of a
transition element.*

It would seem that allotropy might be expected among the
transition metals, since atoms of these may exist in several sizes;
and, of course, experience demonstrates that this expectation is
realized. Although it has no direct bearing on our subject, it
is of interest to know that of those metals which are allotropic a

! ¢-Mn is a body-centered cubic structure containing four kinds of manga-
nese atoms designated X, A, D,, D., characterized by different atomic
diameters (BrabLEY, A. J., and J. THEwLIs; Proc. Roy. Soc. (London),
A 116, 456 (1927).

B-Mn is a complex cubic structure with 20 atoms in the unit cell and the
closest distance of approach is 2.365 A. It is an alloy isomorphous with
Ag:Al and may be considered an alloy of two kinds of manganese atoms.
(PresToN, G. D., Phil. Mag., (7) b, 1207 (1928); FAGERBERG, S. and A.
WESTGREN, Metallwirtschaft, 14, 265 (1935).

v-Mn is tetragonal face centered; closest distance of approach, 2.57 A,

? Hume-RorHERY, W., Phil. Mag., (7) 11, 649 (1931).

3 A possibility suggested by Hume-Rothery, private communication.

4 See MortT, N. F., and H. JoNEs, ““The Theory of the Properties of Metals
and Alloys,” pp. 189-194, 222, Oxford University Press, New York, 1936.
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metastable phase can usually be prepared by electrodeposition.
This is true of ¥ manganese,! y chromium,? cobalt,® and anti-
mony* among others. It should follow that if allotropic forms
of elements other than the transition elements are known, they
should involve merely a different arrangement of atoms, not a
difference in the size of the atoms. This is consistent with a
recent X-ray analysis of a high temperature form of calcium.
In the usual face-centered cubic form the radius of calcium is
1.97 A. In the high temperature, body-centered cubic form,®
the calcium radius is 1.92 A, a contraction accounted for by the
decrease in coordination number from 12 to 8.

We may follow the comparison of interatomic distances farther
into the Class II metals with considerable interest. In copper,
silver, and gold the transition process is complete, and there are
18 electrons in the outermost complete shell of the atom. We
should therefore expect the interatomic distances to decrease in
passing from copper to gallium, for example, inasmuch as the
nuclear charge will be increasing, and (assuming normal ioniza-
tion and the removal of all the valence electrons) the electronic
structures of the ions will remain the same. The same should be
true of the series silver to tin, and gold to lead. Consider the
actual interatomic distances listed in Table 26. Why, for exam-

TaBLE 26.—INTERATOMIC DIsTANCES IN CERTAIN B-SUBGROUP ELEMENTS

Inter- Inter- . Inter-

Element atomic Element atomic Element atomic

’ distance distance distance
Copper...... 2.55 Silver.........[2.88 Gold........ 2.87
Zine........ 2.67,2.92{ Cadmium. . ... 2.96, 3.28{ Mercury....| 2.99
Gallium. .. .. 2.56 Indium....... 3.24, 3.33) Thallium....| 3.40
Germanium..2.44 Tin: white.....|3.07,3.16) Lead........ 3.48

grey........[2.80

1 PERssON, E., and E. OuMaN, Nature, 124, 333 (1929).

2 Sasakl, K., and G. Sekiro, Trans. Electrochem. Soc., 69, 437 (1931).

3 KERSTEN, H Physics, 2, 204 (1932).

¢ STILLWELL, C W., and L. F. Avupriera: J. Am. Chem. Soc., B4, 472
21932), ConeN, EBNBT, and C. C. CorFriN, Z. physik. Chem., A 149, 417
1930)

% Grav, L., Metallwirtschaft, 13, 649 (1933); Physik. Z., 86, 551 (1934).
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ple, are the interatomic distances in cadmium, indium, and white
tin greater than in silver, rather than less?

It is quite evident that, if size is any indication of the state of
ionization of an atom in the solid metal, then we must look for
some sort of abnormal ionigation of these atoms. Referri