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The Elements

Element Symbol Atomic Molar mass/ Element Symbol Atomic Molar mass/
number (g mol 1) number (g mol 1)
Actinium Ac 89 227.03 Mercury Hg 80 200.59
Aluminum Al 13 26.98 Molybdenum Mo 42 95.94
Americium Am 95 241.06 Neodymium Nd 60 144 .24
Antimony Sb 51 121.75 Neon Ne 10 20.18
Argon Ar 18 39.95 Neptunium Np 93 237.05
Arsenic As 33 74.92 Nickel Ni 28 58.71
Astatine At 85 210 Niobium Nb 41 92.91
Barium Ba 56 137.34 Nitrogen N 7 14.01
Berkelium Bk 97 249.08 Nobelium No 102 255
Beryllium Be 4 9.01 Osmium 0Os 76 190.2
Bismuth Bi 83 208.98 Oxygen 0 8 16.00
Bohrium Bh 107 - Palladium Pd 46 106.4
Boron B 5 10.81 Phosphorus p 15 30.97
Bromine Br 35 79.91 Platinum Pt 78 195.09
Cadmium Cd 48 112.40 Plutonium Pu 94 239.05
Calcium Ca 20 40.08 Polonium Po 84 210
Californium Cf 98 251.08 Potassium K 19 39.10
Carbon C 6 12.01 Praseodymium Pr 39 140.91
Cerium Ce 58 140.12 Promethium Pm 61 146.92
Cesium Cs 55 132.91 Protactinium Pa 91 231.04
Chlorine Cl 17 35.45 Radium Ra 88 226.03
Chromium Cr 24 52.01 Radon Rn 86 222
Cobalt Co 27 58.93 Rhenium Re 75 186.2
Copper Cu 29 63.54 Rhodium Rh 45 102.91
Curium Cm 96 247.07 Rubidium Rb 37 85.47
Dubnium Db 105 — Ruthenium Ru 44 101.07
Dysprosium Dy 66 162.50 Rutherfordium Rf 104 -
Einsteinium Es 99 254.09 Samarium Sm 62 150.35
Erbium Er 68 167.26 Scandium Sc 21 44.96
Europium Eu 63 151.96 Seaborgium Sg 106 -
Fermium Fm 100 257.10 Selenium Se 34 78.96
Fluorine F 9 19.00 Silicon Si 14 28.09
Francium Fr 87 223 Silver Ag 47 107.87
Gadolinium Gd 64 157.25 Sodium Na 11 22.99
Gallium Ga 31 69.72 Strontium Sr 38 87.62
Germanium Ge 89 72.59 Sulfur S 16 32.06
Gold Au 79 196.97 Tantalum la 73 180.95
Hafnium Hf 72 178.49 Technetium Te 43 98.91
Hassium Hs 108 - Tellurium Te 52 127.60
Helium He 2 4.00 Terbium Tob 65 158.92
Holmium Ho 67 164.93 Thallium Tl 81 204.37
Hydrogen H 1 1.008 Thorium Th 90 232.04
Indium In 49 114.82 Thulium Tm 69 168.93
lodine | 53 126.90 Tin Sn 50 118.69
Iridium Ir 77 192.2 Titanium Ti 22 47.90
Iron Fe 26 55.85 Tungsten W 74 183.85
Krypton Kr 36 83.80 Uranium U 92 238.03
Lanthanum La 57 138.91 Vanadium Y 23 50.94
Lawrencium Lr 103 257 Xenon Xe 54 131.30
Lead Pb 82 207.19 Ytterbium Yb 70 173.04
Lithium Li 3 6.94 Yttrium Y 39 88.91
Lutetium Lu 71 174.97 Zinc Zn 30 65.37
Magnesium Mg 12 2431 Zirconium lr 40 91.22
Manganese Mn 25 54.94
Meitnerium Mt 109 —
Mendelevium Md 101 258.10
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Preface

As with previous editions, our aim is to introduce the thriving discipline of
inorganic chemistry. Inorganic chemistry deals with the properties of over a
hundred elements. These elements range from highly reactive metals, such
as sodium, to noble metals, such as gold. They include the nonmetals, which
range from the aggressive oxidizing agent fluorine to unreactive gases such
as helium. This variety is one of the great attractions of the subject. To
provide mastery and appreciation of the broad sweep of the subject, the
text focuses on trends in reactivity, structure, and properties of the
elements and their compounds in relation to their position in the periodic
table. These general periodic trends provide a foundation for an initial
understanding.

Inorganic compounds vary from ionic solids, which can be described by
simple applications of classical electrostatics, to covalent compounds and
metals, which are best described by models that have their origin in
quantum mechanics. For the rationalization and interpretation of most
inorganic properties we use qualitative models that are based on quantum
mechanics, such as the properties of atomic orbitals and their use to form
molecular orbitals. Similar bonding models should already be familiar from
introductory chemistry courses. Theory has contributed greatly to our
understanding of inorganic chemistry, and qualitative models of bonding
and reactivity clarify and systematize the subject. Nevertheless, inorganic
chemistry, like organic chemistry and biochemistry, is essentially an
experimental subject. The ultimate authority consists of observations and
measurements, such as the identities of products of a reaction, structures,
thermodynamic properties, spectroscopic signatures, and measurements of
reaction rates. Large areas of inorganic chemistry remain unexplored, so
new and often unusual inorganic compounds are constantly being
synthesized. The exploratory inorganic syntheses continue to enrich the
field with compounds that give us new perspectives on structure, bonding,
and reactivity.

In addition to its intellectual attractions, inorganic chemistry has
considerable practical impact and touches on all other branches of science.
The chemical industry is strongly dependent on inorganic chemistry.
Inorganic chemistry is essential to the formulation and improvement of
modern materials such as catalysts, semiconductors, light guides, nonlinear
optical devices, superconductors, and advanced ceramic materials. The
environmental impact of inorganic chemistry is also huge. In this
connection, the extensive role of metal ions in plants and animals led to
the thriving area of bioinorganic chemistry. These current topics are
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mentioned throughout the book and developed more thoroughly in later chapters.

In preparing this new edition, we have refined the presentation, logical organization, and
visual representation. In fact, much of the book has been rewritten, hundreds of illustrations
have been redrawn, and we have reorganized the text. We have written with the student in
mind, and have added new pedagogical features and have enhanced others.

The brief introductions to the chapters set the scene for the material that follows. We are all
too well aware that the process of reading a text can quickly become a passive undertaking,
without significant comprehension or retention. To turn this into a more active learning
experience, we provide brief summaries—which we think of as ‘bottom lines'—at the end of
most subsections throughout the text. These summaries are designed to engage the reader in
actively thinking about the material and to facilitate review of the material. They do not
pretend to be complete; their aim is simply to be helpful.

There are more Exercises at the end of each chapter. These Exercises are intended to
consolidate the understanding of the material; we provide brief answers at the end of the
book. The Exercises are worked out in detail and thoroughly explained in S.H. Strauss's
accompanying Guide to solutions for inorganic chemistry. Students who used the previous
editions of Strauss's Guide were enthusiastic about its clear and helpful perspective. Because
we believe that the Guide greatly enriches the text by showing how the principles we describe
are applied in practice, we have inserted a small marginal icon to indicate where the Guide
elaborates a particular point (other than explaining an approach to an Exercise). The Problems
at the ends of chapters are intended to be more searching, and many require reference to
current literature.

The topics in Part 1, Fundamentals, have been rearranged and largely rewritten to
provide better flow of thought and improved clarity. Part 2, Systematic chemistry of the
elements, now starts with hydrogen and then progresses through the periodic table. To
avoid interrupting this flow, the chapter on main-group organometallic compounds has
been moved to Part 3. The combination of descriptive material and principles in the first
two parts of the book provides a solid foundation in inorganic chemistry. Each of the
descriptive chapters in Part 2 presents chemistry within the framework of the principles
covered in Part 1. This type of rationalization is necessary to bring the mass of observations
into a coherent context.

In Part 3, Advanced topics, we present background material on the achievements in many
areas of current research, including a more detailed treatment of electronic spectra and
discussions of rates and mechanisms of reactions, organometallic chemistry, catalysis, solid
state chemistry, and bioinorganic chemistry. These chapters have been extensively revised to
make them more accessible and to provide information on recent advances. The chapter on
bioinorganic chemistry, which has been largely rewritten, now more closely mirrors the topics
of current bioinorganic research.

The text is supported by a CD-ROM that has been compiled under the direction of Karl
Harrison, University of Oxford. Almost all the numbered molecular structures will be found in
a three-dimensional viewable, rotatable form on this CD-ROM together with many of the
basic types of crystal structures. We consider it enormously important to develop a sense of
the three-dimensional character of inorganic compounds, and know that the information on
the CD-ROM will be of great value in this regard. Also on the CD-ROM will be found almost all
the illustrations from the text in full color and in formats suitable for downloading into
presentation software. We hope our colleagues will make full use of these images in their
lectures.

Further support is available on our two websites, www.oup.co.ukfoest.textbooksfichem3e
and www.whfreeman.com/chemistry. For more detailed information than we have space to
provide in the text itself, we refer readers to a number of compendia. Two outstanding sources
are Chemistry of the elements, by N.N. Greenwood and A. Earnshaw (Butterworth-
Heinemann, Oxford, 1997), and Advanced inorganic chemistry, by FA. Cotton and G.

—




PREFACE

Witkinson (Wiley, New York, 1988). The Encyclopedia of inorganic chemistry, edited by R.B.
King (Wiley, New York, 1994), is an excellent source for further information, as are
Comprehensive organometallic chemistry, edited by G. Wilkinson, F.G.A. Stone, and EW. Abel
(Elsevier, Oxford, 1987 and 1995); and Comprehensive coordination chemistry, edited by
G. Wilkinson, R.D. Gillard, and J. McCleverty {Pergamon Press, Oxford, 1987). Inorganic
industrial processes are summarized in Industrial inorganic chemistry, by W. Buchner,
R. Schiiebs, G. Winter, and KH. Buchel (VCH, Deerfield Beach, 1989). Two multi-volume
compendia of industrial chemistry are Kirk-Othmer encyclopedia of chemical technology
(Wiley-Interscience, 1991 et seq.), and Ullmann’s encyclopedia of industrial chemistry (VCH,
Deerfield Beach, 1985 et seq.).

We have taken particular care to ensure that the text is free of errors. This is difficult in a
rapidly changing field, where today's knowledge is soon replaced by tomorrow's. We
acknowledge below all those colleagues who so unstintingly gave their time and expertise to a
careful reading of a variety of draft chapters, and would like to thank all those readers—too
numerous to mention here by name—who, with great good will, wrote unsolicited letters to us
full of helpful advice.

Cooper Langford is not an author of this edition, but his contribution to the first two
editions has a lasting impact on the book's content and style. Yet again, we wish to thank our
publishers for the understanding and assistance they have provided at all stages of the
intricate and time-consuming task of producing a book of such structural complexity as this.
We owe a considerable debt to their patience, wisdom, and understanding.

Evanston D.FS.
Oxford P.WA.
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Part 1

Foundations

The seven chapters of this part of the text lay the foundations of
inorganic chemistry. The first four chapters develop an understanding of
the structures of atoms, molecules, and solids in terms of quantum
theory. Because all models of bonding are based on atomic properties,
atomic structure is described in Chapter 1. The following chapter
develops a description of the simplest bonding model, ionic bonding,
in terms of the structures and properties of ionic solids. Chapter 3
likewise develops a description of the properties of the covalent bond by
presenting molecular structure in terms of increasingly sophisticated
theories. Chapter 4 shows how intuitive ideas on symmetry can be made
into precise arguments, and then used to discuss the bonding, physical
properties, and vibrations of molecules.

The next two chapters introduce two fundamental reaction types.
Chapter 5 describes the reactions of acids and bases in which the
reaction takes place by the transfer of a proton or by the sharing of
electron pairs. We see that many reactions can be expressed as one type
or the other, and the introduction of these reaction types helps to
systematize inorganic chemistry. Chapter 6 introduces another major
class of chemical reactions, those proceeding by oxidation and reduc-
tion, and shows how electrochemical data can be used to systematize a
large class of reactions.

Chapter 7 brings these principles together, by treating the coordina-
tion compounds formed by the d-block metals. Here we see the role of
symmetry in determining the electronic structures of molecules, and
meet some elementary ideas about how reactions take place.
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Atomic structure

This chapter introduces our current understanding of the origin and
nature of the matter in our solar system. It then discusses the atomic
properties of the elements and summarizes how atomic structure is
rationalized in terms of the behavior of electrons in atoms. We review
trends in atomic parameters such as radius and the spacing of energy
levels, and rationalize these trends in terms of the results from quantum
theory. The concepts of quantum theory are introduced qualitatively,
with emphasis on pictorial representations rather than mathematical
rigor. Some of the atomic parameters encountered in earlier courses,
such as atomic and ionic radii, ionization enerqgy, electron affinity, and
electronegativity, will be reviewed. In later chapters we shall see how
useful these parameters are for organizing observed trends in the
physical and chemical properties and the structures of inorganic
compounds.

The observation that the universe is expanding has led to the current view
that about 15 billion years ago it was concentrated into a point-like region
which exploded in an event called the Big Bang. With initial temperatures
immediately after the Big Bang thought to be about 10 K, the
fundamental particles produced in the explosion had too much kinetic
energy to bind together in the forms we know today. However, the universe
cooled as it expanded, the particles moved more slowly, and they soon
began to adhere together under the influence of a variety of forces. In
particular, the strong force, a short-range but powerful attractive force
between nucleons (protons and neutrons), bound these particles together
into nuclei. As the temperature fell still further, the electromagnetic force,
a relatively weak but long-range force between electric charges, bound
electrons to nuclei to form atoms.

The properties of the only subatomic particles that we need to consider in
chemistry are summarized in Table 1.1. The 110 or so known elements that
are formed from these subatomic particles are distinguished by their
atomic number, Z, the number of protons in the nucleus of an atom of the
element. Many elements have a number of isotopes, which are atoms with
the same atomic number but different atomic masses. These isotopes are
distinguished by the mass number, A, the total number of protons and
neutrons in the nucleus; A is also sometimes termed more appropriately the
‘nucleon number'. Hydrogen, for instance, has three isotopes. In each case,
Z = 1, indicating that the nucleus contains one proton. The most abundant
isotope has A = 1, denoted "H: its nucleus consists of a lone proton. Far



ATOMIC STRUCTURE

Table 1.1 Subatomic particles of relevance to chemistry

Particle Symbol Mass/u* Mass Charge/et Spin
number
Electron € 5.486 10 0 -1 3
Proton p 1.0073 I +1 3
Neutron n 1.0087 1 0 !
Photon y 0 0 0 1
Neutrino v ¢ 0 0 0 i
Positron et 5.486 x 10 * 0 +1 %
% particle o [}He?* nucleus] 4 +2 0
[} particle S [e~ ejected from nucleus) 0 -1 i
7 photon ¥y [electromagnetic radiation 0 0 1

from nucleus]

*Masses are expressed in atomic mass units, u, with 1 u = 1.6605 x 10727 kg.
+The elementary charge e is 1.602x 10 1° C.

less abundant (only 1 atom in 6000) is deuterium, with A = 2. This mass number indicates
that, in addition to a proton, the nucleus contains one neutron. The formal designation of
deuterium is 2H, but it is commonly denoted D. The third, short-lived, radioactive isotope of
hydrogen is tritium (*H, or T). Its nucleus consists of one proton and two neutrons. In certain
cases it is helpful to display the atomic number of the element as a left suffix; so the three
isotopes of hydrogen would then be denoted H, 2H, and 3H.

The origin of the elements

If current views are correct, by about 2 h after the start of the universe the temperature had
fallen so much that most of the matter was in the form of H atoms (89 per cent) and He
atoms (11 per cent). In one sense, not much has happened since then for, as Fig. 1.1 shows,
hydrogen and helium remain the most abundant elements in the universe. However, nuclear
reactions have formed a wide assortment of other elements and have immeasurably enriched
the variety of matter in the universe.

H

He

-
N > (o2} 0 o

log (relative abundance)

o

|
N
c

1 1 |

1
10 20 30 40 50 60 70 80 90
Atomic number

1.1 The abundances of the elements in the universe. Elements with odd Z are less stable
than their neighbors with even Z. The abundances refer to the number of atoms of each
element relative to Si taken as 10°.
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1.1 Nucleosynthesis of the light elements

The earliest stars resulted from the gravitational condensation of clouds of H and He atoms.
The compression of these clouds under the influence of gravity gave rise to high temperatures
and densities within them, and fusion reactions began as nuclei merged together. The earliest
nuclear reactions are closely related to those now being studied in connection with the
development of controlled nuclear fusion.

Energy is released when light nuclei fuse together to give elements of higher atomic
number. For example, the nuclear reaction in which an o particle (a *He nucleus, consisting of
two protons and two neutrons) fuses with a carbon-12 nucleus to give an oxygen-16 nucleus
and a y-ray photon () is

120 4 4 16
sC+aoa — g0+

This reaction releases 7.2 MeV.' Nuclear reactions are very much more energetic than
normal chemical reactions because the strong force is much stronger than the
electromagnetic force that binds electrons to atoms. Whereas a typical chemical reaction
might release about 10* kI mol~!, a nuclear reaction typically releases a million times more
energy, about 10° kImol~!. In this nuclear equation, the nuclide, a nucleus of specific
atomic number Z and mass number A, is designated 4E, where E is the chemical symbol of
the element. Note that, in a balanced nuclear equation, the mass numbers of the reactants
sum to the same value as the mass numbers of the products (12 4+ 4 = 16). The atomic
numbers sum likewise (6 4+ 2 = 8) provided an electron, e™, when it appears as a f§ particle, is
denoted e and a positron, ™, is denoted Ye. A positron is a positively charged version of an
electron: it has zero mass number and a single positive charge. When it is emitted, the mass
number of the nuclide is unchanged but the atomic number decreases by 1 because the
nucleus has lost one positive charge. Its emission is equivalent to the conversion of a proton in
the nucleus into a neutron: }p —— Jn+ e’ + v. A neutrino, v, is electrically neutral and
has a very small (possibly zero) mass.

Elements of atomic number up to 26 were formed inside stars. Such elements are the
products of the nuclear fusion reactions referred to as 'nuclear burning’. The burning
reactions, which should not be confused with chemical combustion, involved H and He nuclei
and a complicated fusion cycle catalyzed by C nuclei. (The stars that formed in the earliest
stages of the evolution of the cosmos lacked C nuclei and used non-catalyzed H-burning
reactions.) Some of the most important nuclear reactions in the cycle are

Proton (p) capture by carbon-12: 2C+1p —— UN+y
Positron decay accompanied

by neutrino (1) emission: BN —— BC+et +v
Proton capture by carbon-13: BC+p—— "IN+7y
Proton capture by nitrogen-14: UN+1p — 30+
Positron decay, accompanied

by neutrino emission: 150 —— SN+et +v
Proton capture by nitrogen-15: BN+ 1p —— "2C+ 3

The net result of this sequence of nuclear reactions is the conversion of four protons (four
"H nuclei) into an « particle (a *He nucleus):

4)p — ja+2e" +20+ 3y

1 V. It follows that 1 eV = 1.602 x 10 ' J, which is equivalent to 96.48 kJmol !;
1 MeV = 10° eV.
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The reactions in the sequence are rapid at temperatures between 5 and 10 MK (where
1 MK = 10° K). Here we have another contrast between chemical and nuclear reactions,
because chemical reactions take place at temperatures a hundred-thousand times lower.
Moderately energetic collisions between species can result in chemical change, but only highly
vigorous collisions can overcome the barrier to activation typical of most nuclear processes.

Heavier elements are produced in significant quantities when hydrogen burning is complete
and the collapse of the star's core raises the density there to 10* kgm ™3 (about 10° times the
density of water) and the temperature to 100 MK. Under these extreme conditions, helium
burning becomes viable. The low abundance of beryllium in the present-day universe is
consistent with the observation that §Be formed by collisions between « particles goes on to
react with more o particles to produce the more stable carbon nuclide, '2C:

®Be 4 52 —— '2C+7y

Thus, the helium-burning stage of stellar evolution does not result in the formation of
beryllium as a stable end product; for similar reasons, it also results in low concentrations of
lithium and boron. The nuclear reactions leading to these three elements are still uncertain,
but they may result from the fragmentation of C, N, and O nuclei by collisions with high-
energy particles.

Elements can also be produced by nuclear reactions such as neutron (n} capture
accompanied by proton emission:

N4 on —— 5C+ip

This reaction still continues in our atmosphere as a result of the impact of cosmic rays and
contributes to the steady-state concentration of radioactive carbon-14 on Earth.

The high abundance of iron and nickel in the universe is consistent with their having the
most stable of all nuclei. This stability is expressed in terms of the binding energy, which
represents the difference in energy between the nucleus itself and the same numbers of
individual protons and neutrons. This binding energy is often presented in terms of a
difference in mass between the nucleus and its individual protons and neutrons, for,
according to Einstein's theory of relativity, mass and energy are related by E = me?, where ¢
is the speed of light. Therefore, if the mass of a nucleus differs from the total mass of its
components by Am = m — Mceas then its binding energy is

nucleons
Eping = (Am)c? (1)

A positive binding energy corresponds to a nucleus that has a lower, more favorable, energy
(and lower mass} than its constituent nucleons. The binding energy of *Fe, for example, is the
difference in energy between the “°fe nucleus and 26 protons and 30 neutrons.

Figure 1.2 shows the binding energy (expressed as an energy per nucleon by dividing the
total binding energy by the number of nucleons) for all the elements, and we see that iron
(and nicket) occur at the maximum of the curve, showing that their nucleons are bound more
strongly than in any other nuclide. More difficult to discern from the curve is the alternation
of binding energies as the atomic number varies from even to odd; there is a corresponding
alternation in cosmic abundances, with nuclides of even atomic number being marginally
more abundant than those of odd atomic number.

Nuclear mass number and averall charge are canserved in nuclear reactians; a large
binding energy signifies a stable nucleus. The lighter elements were farmed by nuclear
reactians in stars formed fram primeval hydragen and helium.

1.2 The nucleosynthesis of heavy elements

Because nuclei close to iron are the most stable, heavier elements are produced by a variety of
energy-consuming processes. These processes include the capture of free neutrons, which are
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not present in the earliest stages of stellar evolution but are produced later in reactions such
as

foNe + 30 —— §5Mg + gn

Under conditions of intense neutron flux, as in a supernova (the explosion of a star), a given
nucleus may capture a succession of neutrons and become a progressively heavier isotope.
However, there comes a point at which the nucleus will eject an electron from the nucleus as
a 8 particle (a high-velocity electron, e~ ). Because f§ decay leaves the mass number of the
nuclide unchanged but increases its atomic humber by 1 (the nuclear charge increases by 1
unit when an electron is ejected), a new element is formed. An examble is

Neutron capture: BMo + jn —— $Mo +y
Followed by 8 decay accompanied
by neutrino emission: IMo —— PTc+e +v

The daughter nuclide, the product of a nuclear reaction (33Tc, an isotope of technetium, in
this example), can absorb another neutron, and the process can continue, gradually building
up the heavier elements.

Heovier nuclides are formed by processes that include neutran capture and subsequent
f decay.

Example 1.1 Balancing equations for nuclear reactions

Synthesis of heavy elements occurs in neutron capture reactions believed to take place in the
interior of cool 'red giant' stars. One such reaction is the conversion of §5Zn to §iGa by
neutron capture to form $3Zn, which then undergoes f8 decay. Write balanced nuclear
equations for this process.

Answer Neutron capture increases the mass number of a nuclide by 1 but leaves the atomic
number (and hence the identity of the element) unchanged:
882n +on —— SIn+y

The excess energy is carried away as a photon. f decay, the loss of an electron from the
nucleus, leaves the mass number unchanged but increases the atomic number by 1. Because
zinc has atomic number 30, the daughter nuclide has Z = 31, corresponding to gallium.
Therefore, the nuclear reaction is

OIn —— $Ga+e”

In fact, a neutrino is also emitted, but this cannot be inferred from the data as a neutrino is
effectively massless and electrically neutral.

1.3 The classification of the elements

Some substances that we now recognize as chemical elements have been known since
antiquity: they include carbon, sulfur, iron, copper, silver, gold, and mercury. The alchemists
and their immediate successors, the early chemists, had added about another 18 elements by
1800. By that time, the precursor of the modern concept of an element had been formulated
as a substance that consists of only one type of atom. (Now, of course, by ‘type' of atom we
mean an atom with a particular atomic number) By 1800 a variety of experimental
techniques were available for converting oxides and other compounds into elements. These
techniques were considerably enhanced by the introduction of electrolysis. The list of
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elements grew rapidly in the later nineteenth century. This growth was in part a result of the
development of atomic spectroscopy, in which thermally excited atoms of a particular
element are observed to emit electromagnetic radiation with a unique pattern of frequencies.
These spectroscopic observations made it much easier to detect previously unknown elements.

(a) Patterns and periodicity

A useful broad division of elements is into metals and nonmetals. Metallic elements (such as
iron and copper) are typically lustrous, malleable, ductile, electrically conducting solids at
about room temperature. Nonmetals are often gases (oxygen), liquids (bromine), or solids that
do not conduct electricity appreciably (sulfur). The chemical implications of this classification
should already be clear from introductory chemistry:

1 Metallic elements combine with nonmetallic elements to give compounds that are
typically hard, non-volatile solids (for example, sodium chloride).

2 When combined with each other, the nonmetals often form volatile molecular
compounds (such as phosphorus trichloride).

3 When metals combine (or simply mix together) they produce alloys that have most of
the physical characteristics of metals.

A more detailed classification of the elements is the one devised by D.I. Mendeleev in 1869;
this scheme is familiar to every chemist as the periodic table. Mendeleev arranged the known
elements in order of increasing atomic weight (molar mass). This arrangement resulted in
families of elements with similar chemical properties, which he arranged into the groups of
the periodic table. For example, the following formulas for the compounds of some elements
with hydrogen suggest that the elements belong to two different groups:

CH, NH,
SiH, PH,
GeH, AsH,
SnH, SbH,

Other compounds of these elements show family similarities, as in the formulas CF, and SiF,
in the first group, and NF, and PF, in the second.

Mendeleev concentrated on the chemical properties of the elements. At about the same
time Lothar Meyer in Germany was investigating their physical properties, and found that
similar values repeated periodically with increasing atomic weight. A classic example is shown
in Fig. 1.3, where the molar volume of the element (its volume per mole of atoms) in its
normal form is plotted against atomic number.

Mendeleev provided a spectacular demonstration of the usefulness of the periodic table by
correctly predicting the general chemical properties, such as the numbers of bonds they
form, of unknown elements corresponding to gaps in his original periodic table. The same
process of inference from periodic trends is still used by inorganic chemists to rationalize trends
in the physical and chemical properties of compounds and to suggest the synthesis
of previously unknown compounds. For instance, by recognizing that carbon and silicon are
in the same family, the existence of alkenes (R,C=CR,) suggests that R,Si=SiR, ought to
exist too. Compounds with silicon-silicon double bonds (disilaethenes) do indeed exist, but it
wasnot until 1981 that inorganic chemists succeeded in isolating a stable member of the family.

The elements are braadly divided into metols ond nonmetols accarding to their physical

and chemical praperties; the organizatian of elements into the farm resembling the
madern periodic toble is occredited to Mendeleev.

(b) The modern periodic table

The general structure of the modern periodic table will be familiar from previous chemistry
courses (Fig. 1.4), and the following is a review. The elements are listed in order of atomic
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number, not atomic weight, for the atomic number tells us the number of electrons in the
atom and is therefore a more fundamental quantity. The horizontal rows of the table are
called periods and the vertical columns are called groups.” We often use the group number
to designate the general position of an element as in 'gallium is in Group 13'; alternatively, the
lightest element in the group is used to designate the group, as in ‘gallium is a member of the
boron group'. The members of the same group as a given element are called the congeners of
that element. Thus, sodium and potassium are congeners of lithium.

The periodic table is divided into four blocks which are labeled as in Fig. 1.4. The members
of the s- and p-blocks are collectively called the main-group elements, and the d-block

VI
(| v v viviis
] 2 H[ ] 131415 16 17[ |1
BB —— Main elements (s, p) —— D)
= °E’ Transition metals
>5 3456 7 89101112 3
2 43
5 2
&)
6 o
N d block > blodk 7
——
s block Lanthanides
Actinides
fblock

1.4 The general structure of the periodic table. The tinted areas denote the main-group
elements. Compare this template with the complete table inside the front cover for the
identities of the elements that belong to each block.

2 The numbering system used for groups in Fig. 1.4 follows the IUPAC recommendation (IUPAC is the
International Union of Pure and Applied Chemistry, which recommends ncmenclature, symbols, units,
and sign conventions). The volume that outlines the conventions for the periodic table and inorganic
substances is Nomencloture of inorganic chemistry, Blackwell Scientific, Oxford (1990), and is known
colloguially as the ‘Red Book' on account of its distinctive red cover.
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elements (often with the exception of Group 12, zinc, cadmium, and mercury) are also
referred to collectively as the transition elements. The f-block elements are divided into the
lighter series (atomic numbers 57-71) called the lanthanides and the heavier series (atomic
numbers 89-103) called the actinides. The representative elements are the members of the
first three periods of the main group elements (from hydrogen to argon).

The numbering system of the groups is still in contention. In the illustration we show both
the traditional numbering of the main groups (with the roman numerals from | to VIIl) and the
current [UPAC recommendations, in which the groups of the s-, d-, and p-blocks are
numbered from 1 through 18. The groups of the f-block are not numbered because there
is little similarity between the lanthanides and the corresponding actinides in the period
below.

The periodic toble is divided into periods ond groups, the groups belong to four mojor
blocks, the moin-group elements ore those in the s- and p-blocks.

The structure of hydrogenic atoms

The organization of the periodic table is a direct consequence of periodic variations in the
electronic structure of atoms. Initially, we consider hydrogenic atoms, which have only one
electron and so are free of the complicating effects of electron-electron repulsions.
Hydrogenic atoms include ions such as He* and C** (found in stellar interiors) as well as the
hydrogen atom itself. Then we use the concepts these atoms introduce to build up an
approximate description of the structures of many-electron atoms, which are atoms with
more than one electron.’

1.4 Some principles of quantum mechanics

Because the electronic structures of atoms must be expressed in terms of quantum
mechanics, we need to review some of the concepts and terminology of this description of
matter. A fundamental concept of quantum mechanics is that matter has wave-like
properties. This attribute is normally not evident for macroscopic objects but it dominates the
nature of subatomic particles such as the electron.

An electron is described by a wavefunction, i, which is a mathematical function of the
position coordinates x, v, and z and of the time ¢. We interpret the wavefunction by using the
Born interpretation, according to which the probability of finding the particle in an
infinitesimal region of space is proportional to the square * of the wavefunction.* According
to this interpretation, there is a high chance of finding the particle where W2 is large, and the
particle will not be found where * is zero (Fig. 1.5). The quantity ¥ is called the probability
density of the particle. It is a density in the sense that the product of i and the infinitesimal
volume element dz = dxdyd: is proportional to the probability of finding the electron in that
volume efement. The probability is equal to y2dr if the wavefunction is normalized in the
sense that

jfermy @)

where the integration is over all the space accessible to the electron. This expression simply
states that the total probability of finding the electron somewhere must be 1. Any
wavefunction can be made to fulfil this condition by multiplication by a normalization

IUPAC favors the name ‘polyelectron atoms'.

If the wavefunction is complex, in the sense of having real and imaginary parts, the probability is
proportional to the square modulus, ", where " is the complex conjugate of . For simplicity, we
shall usually assume that y 1s real and write all formulas accordingly
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constant, N, a numerical constant which ensures that the integral in eqn 2 is indeed
equal to 1.

The important implication of the Born interpretation is that, with its emphasis on the
probability of finding particles in various regions rather than precise predictions of their
locations, quantum mechanics does away with the classical concept of an orbit.

Like other waves, wavefunctions in general have regions of positive and negative
amplitude. However, this sign has no direct physical significance. When we want to interpret a
wavefunction, we should focus on its magnitude, not whether it happens to be positive or
negative. The sign of the wavefunction, however, is of crucial importance when two
wavefunctions spread into the same region of space, for then a positive region of one
wavefunction may add to a positive region of the other wavefunction to give a region of
enhanced amplitude. This enhancement is called constructive interference (Fig. 1.6a). It
means that, where the two wavefunctions spread into the same region of space, such as
occurs when two atoms are close enough to form a bond, there may be a significantly
enhanced probability of finding the particles in that region. Conversely, a positive region of
one wavefunction may be canceled by a negative region of the second wavefunction
(Fig. 1.6b). This destructive interference between wavefunctions will greatly lessen the
probability that a particle will be found in that region. As we shall see, the interference of
wavefunctions is of great importance in the explanation of chemical bonding. To keep track
of the relative signs of different regions of a wavefunction in illustrations we shall label
regions of opposite sign with dark and light shading (sometimes white in the place of light
shading).

The wavefunction for a particle is found by solving the Schrodinger equation, a partial
differential equation proposed by Erwin Schridinger in 1926. When this equation is solved for
a free particle it is found that there is no restriction on the energy, so it can exist with all
possible energies. In contrast, when the equation is solved for a particle that is confined to a
small region of space or is bound to an attractive center (like an electron in an atom), it is
found that acceptable solutions can be obtained only for certain energies. We speak of the
energy as being quantized, meaning that it is confined to discrete values. Later we shall see
that certain other properties (for instance, angular momentum) are also quantized. This
quantization of physical observables is of the most profound importance in chemistry for it
endows atoms and molecules with stability and governs the bonds they can form.

The probability of finding an electran at a given lacotion is proportionol to the squore of
the wovefunction there. Wovefunctions generally have regians aof pasitive ond negative
amplitude, ond may undergo constructive or destructive interference with ane anather.
The energy of a baund ar canfined particle is quontized.

1.5 Atomic orbitals

The wavefunctions of an electron in a hydrogenic atom are called atemic orbitals.
Hydrogenic atomic orbitals are central to a large part of the interpretation of inorganic
chemistry, and we shall spend some time describing their shapes and significance.

(a) Hydrogenic energy levels

The wavefunctions obtained by solving the Schridinger equation for hydrogenic atoms are
specified by giving the values of three numbers called quantum numbers. These quantum
numbers are designated n, /, and m;: n is called the principal quantum number, / is the
orbital angular momentum quantum number (or ‘azimuthal quantum number’), and m, is
called the magnetic quantum number. Each quantum number labels a quantized physical
property of the electron: n labels the quantized energy, / labels the quantized orbital angular
momentum, and m; labels the quantized orientation of the angular momentum.

11

(a)

/ Resultant

Wave 1

AN

Wave 2
N

(b)
Wave 1 Resultant Wave 2

~N I

1.6 Wavefunctions interfere where they
spread into the same region of space.

(a) If they have the same sign in a region,
they interfere constructively and the total
wavefunction has an enhanced amplitude
in the region. (b) If the wavefunctions
have opposite signs, then they interfere
destructively, and the resulting
superposition has a reduced amplitude.
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1.7 The quantized energy levels of an

H atom (Z = 1) and an He" ion (Z = 2).

The energy levels of a hydrogenic atom
are proportional to Z°.

ATOMIC STRUCTURE

The aliowed energies are determined solely by the principal quantum number, n, and for a
hydrogenic atom of atomic number Z are given by

heZ> A
-—

5
~

n=1,2, ... (3)

The zero of energy corresponds to the electron and nucleus widely separated and stationary,
the energies given by this expression are all negative, signifying that the atom has a lower
energy than a widely separated stationary electron and nucleus. The constant 4 is a collection
of fundamental constants called the Rydberg constant:®

4
. mee

T8kl
8h'ceg

(4)

its numerical value is 1.097 x 10° cm~!, corresponding to 13.6 eV. The 1/n? dependence of
the energy leads to a rapid convergence of energy leveis at high (less negative) energies
(Fig. 1.7). The zero of energy, which occurs when n = o, corresponds to an infinite
separation of a stationary nucleus and electron, and therefore to ionization of the atom.
Above this zero of energy, the electron is unbound and may travel with any velocity and hence
pOSSess any energy.
The wovefunction of on electron in o hydrogenic otom is defined by the three quontum
numbers n, I, ond m;. The energy of the bound electron is determined by the principol
quontum number olone ond is given by the expression in egn 3: note the voriotion of the
energy with Z* ond 1 /n”.

(b) Shells, subshells, and orbitals

In a hydrogenic atom, all orbitals with the same value of »n correspond to the same energy and
hence are said to be degenerate. The principal quantum number therefore defines a series of
shells of the atom, or sets of orbitals with the same value of n and hence (in a hydrogenic
atom) with the same energy.

The orbitals belonging to each shell are classified into subshells distinguished by a
quantum number /. This quantum number determines the magnitude of the orbital angular
momentum of the electron around the nucleus through the formula {/(/ + 1)}1/2)‘1, where
h = h/2n. For a given principal quantum number n, the quantum number / can have the
values [ =0,1, ..., n—1, giving n different values in all. Thus, the shell with n =2
consists of two subshells of orbitals, one with I = 0 and the other with I = 1; the former
corresponds to zero orbital angular momentum around the nucleus and the latter to 2'/%4. It
is common to refer to each subshell by a letter:

it follows that there is only one subshell (an s subshell) in the shell with n = 1, two subshells
in the shell with n = 2 (the s and p subshells), three in the shell with n = 3 (the s, p, and d
subshells), four when n = 4 (the s, p, d, and f subshells), and so on. The orbital angular
momentum of an electron in one of these subshells increases along the series from s to f. For
most purposes in chemistry we need consider only s, p, d, and f subshells.

A subshell with quantum number / consists of 2/ + 1 individual orbitals. These orbitals are
distinguished by the magnetic quantum number, nz;, which can take the 2/ 4 1 values
m=11-1,1-2,..., —1. The quantum number ni; specifies the component of orbital

angular momentum on an arbitrary axis (commonly designated z) passing through the

® The fundamental constants in this expression are giver inside the back cover.
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nucleus, and limits its values to mh. In classical terms, n; denotes the orientation of the orbit
occupied by the electron, with m; = 4+ corresponding to counterclockwise rotation in the
xy-plane (viewed from above), m;, = —I corresponding to clockwise rotation in the same
plane, and m; = 0 corresponding to a more ‘polar’ orbit. Thus, a d subshell of an atom consists
of five individual atomic orbitals that are distinguished by the values
my=+2,+1.0,—-1,-2.

The practical conclusion for chemistry from these remarks is that there is only one orbital in
an s subshell (/ = 0), the one with m, = O: this orbital is called an s orbital. There are three
orbitals in a p subshell (I = 1), with quantum numbers m, = +1,0, —1; they are called p
orbitals. The five orbitals of a d subshell (/ = 2) are called d orbitals, and so on.

Orbitals belang ta subshells that in turn belang ta shells; all arbitals of the same shell

have the same value af n, thase belonging ta a given subshell alsa have the same value
af I and are distinquished by the value af m;.

(c) Electron spin

In addition to the three quantum numbers required to specify the spatial distribution of an
electron in a hydrogenic atom, two more quantum numbers are needed to define the state
of an electron completely. These additional quantum numbers relate to the intrinsic angular
momentum of an electron, its spin. This evocative name suggests that an electron can be
considered as having an angular momentum arising from a spinning motion, rather like
the daily rotation of a planet as it travels in its annual orbit around the sun. However, spin
is a purely quantum mechanical property and differs considerably from its classical
namesake.

Spin is described by two quantum numbers, s and m_. The former is the analog of / for
orbital motion, but it is restricted to the single, unchangeable value of % The magnitude of the
spin angular momentum is given by the expression {s(s + 1)}]/211, so for an electron this
magnitude is fixed at 43'/24 for any electron. The second quantum number, the spin
magnetic quantum number, m,, may take only two values, +§ (counterclockwise spin,
imagined from above) and —% (clockwise spin). These quantum numbers specify the
orientation of the spin with respect to a chosen axis, and the component of spin angular
momentum around an axis is limited to the values + %h. Classically, we can picture these two
spin states as the rotation of an electron on its axis either clockwise or counterclockwise. The
two states are often represented by the two arrows 1 (‘'spin-up', m, = + %) and | (‘'spin-down’,
mg = —%) or by the Greek letters o and 3, respectively.

Because the spin state of an electron must be specified if the state of the atom is to be
specified fully, it is common to say that the state of an electron in a hydrogenic atom is
characterized by four quantum numbers, namely n, /, n;, and m (the fifth quantum number,
s, is fixed at §).

The intrinsic spin angular mamentum of an electron is defined by the two quantum
numbers s and my, the latter can have ane aof two values. Faur quantum numbers are
needed to define the state of an electran in a hydragenic atam.

(d) The radial shapes of hydrogenic orbitals

The expressions for some of the hydrogenic orbitals are shown in Table 1.2. Because the
Coulomb potential of the nucleus is spherically symmetric (it is proportional to Z/r and
independent of orientation relative to the nucleus), the orbitals are best expressed in terms of
the spherical polar coordinates defined in Fig. 1.8. In these coordinates, the orbitals all have
the form

l//nhn, = Rnl(r)yhn,((_)v (/)) (5)

This formula and the entries in the table may look somewhat complicated, but they express
the simple idea that a hydrogenic orbital can be written as the product of a function R of the

13

Table 1.2 Hydrogenic orbitals

(a) Radial wavefunctions
Ry (r) = f(r)(Z/ay)*?e /2
where « is the Bohr radius (0.53 A) and

= 2Zr/na,
n I f(r)
1 0 2
20 (1/2/2)(2 - p)
2 1 (1/2\/6);)
300 (1/9/3)(6 — 6p + p*)
3001 (1/96)(4 —p)p
3002 (1/94/30)p°

(b) Angular wavefunctions
Yy, (0.6) = (1/4m)'%y(0,)

m;

¥(0,9)

RN = — O |~
IStz
—

1
312 ¢os )
T(3/2)sineti?
(5/4)1/:(3 cos’ 0 — 1)
F(15/4)' cosOsinfetié
(15/8)"/2 sin? 0 e +2i¢

1.8 Spherical polar coordinates: r is the
radius, 0 (theta) the colatitude, and ¢
(phi) the azimuth.
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1.9 The radial wavefunctions of the s,
2s, and 3s hydrogenic orbitals. Note that
the number of radial nodes is 0, 1, and 2,
respectively. Each orbital has a nonzero
amplitude at the nucleus (at » = 0); the
amplitudes have been adjusted to match
atr =0.

1.10 The radial wavefunctions of the 2p
and 3p hydrogenic orbitals. Note that the
number of radial nodes is 0 and 1,
respectively. Each orbital has zero
amplitude at the nucleus (at » = 0).

ATOMIC STRUCTURE

radius and a function Y of the angular coordinates. The radial wavefunction, R, determines
the variation of the orbital with distance from the nucleus. The angular wavefunction,
Y, expresses the orbital's angular shape. Most of the time we shall use pictorial
representations and not the expressions themselves. The locations where the radial
wavefunction passes through zero are called radial nodes.® The planes on which the anqular
wavefunction passes through zero are called angular nodes or nodal planes. We shall see
examples shortly.

The variations of the wavefunction with radius are shown in Fig. 1.9 and Fig. 1.10. A Is
orbital, the wavefunction with n = 1,1 =0, and m; = 0, decays exponentially with distance
from the nucleus and never passes through zero. All orbitals decay exponentially at
sufficiently great distances from the nucleus, but some orbitals oscillate through zero close to
the nucleus, and thus have one or more radial nodes before beginning their final exponential
decay. An orbital with quantum numbers n and / in general has n — [/ — | radial nodes
independent of the value of my,. This oscillation is evident in the 2s orbital, the orbital with
n=2,1=0,and m;, =0, whicn passes through zero once and hence has one radial node. A
3s orbital passes through zero twice and so has two radial nodes. A 2p orbital (one of the
three orbitals with n = 2 and I = 1) has no radial nodes because its radial wavefunction does
not pass through zero anywhere. However, a 2p orbital, like all orbitals other than s orbitals, is
zero at the nucleus.” Although an electron in an s orbital may be found at the nucleus, an
electron in any other type of orbital will not be found there. We shall soon see that this
apparently minor detail, which is a consequence of the absence of orbital angular momentum
when [ = 0, is one of the key concepts for understanding the periodic table.

1s
Ve Néfe 3s
\
Ne——7""<_ 7
Nodes 2s

2p

3p

Node

© All orbitals approach zero exponentially at large distances from the nucleus but, as they do not pass

through zero at infinity, these zeros are not nodes.

7" The zero at the nucleus is not a radial node because the radial wavefunction does not pass through
zero. The wavefunction looks as though it is poised to pass through zero at » = 0; however, only non-
negative values of the radius are physically significant.
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An s arbital has a nanzera amplitude at the nucleus, all ather orbitals (thase with [>0)
vanish at the nucleus.

(e) The radial distribution function

The Coulombic force that binds the electron is centered on the nucleus, so it is often of
interest to know the probability of finding an electron at a given distance from the nucleus
regardless of its direction. This information enables us to judge how tightly the electron is
bound. The total probability of finding the electron in a spherical shell of radius r and
thickness dr is the integrat of l//zd'[ over all angles. This result is often written Pdr and, for a
spherical wavefunction (one that is independent of angle),?

P = 4nr?y? (6)

The function P is called the radial distribution function. If we know the value of P at some
radius r (which we can find once we know 1), then we can state the probability of finding the
electron somewhere in a shell of thickness dr at that radius simply by multiplying P by dr. In
general, a radial distribution function for an orbital in a shell of principal quantum number n
has n — [ peaks, the outermost peak being the highest.

Because a ls orbital decreases exponentially with distance from the nucleus, and r>
increases, the radial distribution function of a 1s orbital goes through a maximum (Fig. 1.11).
Therefore, there is a distance at which the electron is most likely to be found. In general, this
distance decreases as the nuclear charge increases (because the electron is attracted more
strongly to the nucleus). This most probable distance increases as n increases because, the
higher the energy, the more likely it is that the electron will be found far from the nucleus. The
most probable distance of an electron from the nucleus in the lowest energy state of a
hydrogenic atom is at the point where P goes through a maximum. for a Ls electron in a
hydrogenic atom of atomic number Z this maximum occurs at

o

Tmax = 7 (7)

We see that the most probable distance of a ls electron decreases as the atomic number
increases.

' A radial distribution function gives the prabability that an electran will be found at a
' given distance from the nucleus, regardliess af the directian.

Example 1.2 Interpreting radial distribution functions

Figure 1.12 shows the radial distribution functions for 2s and 2p hydrogenic orbitals. Which
orbital gives the electron a greater probability of close approach to the nucleus?

Answer The radial distribution function of a 2p orbital approaches zero near the nucleus
faster than that of a 2s electron. This difference is a consequence of the fact that a 2p orbital
has zero amplitude at the nucleus on account of its orbital angular momentum. Thus, the 2s
electron has a greater probability of close approach to the nucleus.

Self-test 1.2 Which orbital, 3p or 3d, gives an electron a greater probability of being
found close to the nucleus?

radial wavefunction for the orbital.

15

dariy?

1
aglZ r

1.11 The radial distribution function of a
hydrogenic 1s orbital. The product of 4mr?
(which increases as r increases) and i/°
(which decreases exponentially) passes
through a maximum at r = q,/Z.
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1.12 The radial distribution functions of
hydrogenic orbitals. Although the 2p
orbital is on average closer to the
nucleus (note where its maximum lies),
the 2s orbital has a high probability of
being close to the nucleus on account of
the inner maximum.
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1.13 The spherical boundary surface of
an s orbital.

p;

1.14 The boundary surfaces of p orbitals.
Each orbital has one nodal plane running
through the nucleus. For example, the
nodal plane of the p. orbital is the xy-
plane. The lightly shaded lobe has a
positive amplitude; the more darkly
shaded one is negative.

ATOMIC STRUCTURE

(f) The angular shapes of atomic orbitals

An s orbital has the same amplitude at a given distance from the nucleus whatever the
angular coordinates of the point of interest: that is, an s orbital is spherically symmetrical.
The orbital is normally represented by a spherical surface with the nucleus at its center. The
surface is called the boundary surface of the orbital, and defines the region of space within
which there is a high (typically 75 per cent) probability of finding the electron. The boundary

surface of any ns orbital is spherical (Fig. 1.13).

@

d,
o
T
/ dzx

; d

Xy

T

1.15 One representation of the boundary
surfaces of the d orbitals. Four of the
orbitals have two perpendicular nodal
planes that intersect in a line passing
through the nucleus. In the d.. orbital,
the nodal surface forms two cones that
meet at the nucleus.

4 f523-3zr2 4 f5

xz2-xr?

1.16 One representation of the boundary
surfaces of the f orbitals. Other
representations (with different shapes) are
also sometimes encountered.
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All orbitals with />0 have amplitudes that vary with the angle. In the most common
graphical representation, the boundary surfaces of the three p orbitals of a given shell are
identical apart from the fact that their axes lie parallel to each of the three different cartesian
axes centered on the nucleus, and each one possesses an angular node passing through the
nucleus (Fig. 1.14). This representation is the origin of the labels p,, p,, and p., which are
alternatives to the m; values as labels for individual orbitals.” '

As in Fig. 1.14, we depict the positive and negative amplitudes of the wavefunction by
different shading: positive amplitude will be shown by light gray or white and negative by
dark gray. Each p orbital has a single nodal plane. A p. orbital, for instance, is proportional to
cos 0 (see Table 1.2), so its wavefunction vanishes everywhere on the plane corresponding to
0 = 90° (the xy-plane). An electron will not be found anywhere on a nodal plane. A nodal
plane cuts through the nucleus and separates the regions of positive and negative sign of the
wavefunction.

The boundary surfaces and labels we use for the d and f orbitals are shown in Fig. 1.15 and
Fig. 1.16, respectively. Note that a typical d orbital has two nodal planes which intersect at
the nucleus, and a typical f orbital has three nodal planes.

The baundary surface of an arbital indicated the regian within which the electron is mast
- likely ta be found; orbitals with the quantum number | have I nadal planes.

Many-electron atoms

As remarked at the start of the chapter, a 'many-electron atom' is an atom with more than
one electron, so even He, with two electrons, is technically a many-electron atom. The exact
solution of the Schridinger equation for an atom with N electrons would be a function of the
3N coordinates of all the electrons. There is no hope of finding exact formulas for such
complicated functions; however, as computing power has increased it has become possible to
perform numerical computations that provide ever more precise energies and probability
densities. The price of numerical precision, though, is the loss of the ability to visualize the
solutions. For most of inorganic chemistry we rely on the orbital approximation, in which
each electron occupies an atomic orbital that resembles those found in hydrogenic atoms.™

1.6 Penetration and shielding

It is quite easy to account for the electronic structure of the helium atom in its ground state,
its state of lowest energy. According to the orbital approximation, we suppose that both
electrons occupy an atomic orbital that has the same spherical shape as a hydrogenic 1s
orbital, but with a more compact radial form: because the nuclear charge of helium is greater
than in hydrogen, the electrons are drawn in toward the nucleus more closely than is the one
electron of an H atom. The ground-state configuration of an atom is a statement of the
orbitals its electrons occupy in its ground state. For helium, with two electrons in the 1s
orbital, the ground-state configuration is denoted 1s*.

As soon as we come to the next atom in the periodic table, lithium (Z = 3), we encounter
several major new features. The ground-state configuration is not 1s*. This configuration is
forbidden by a fundamental feature of nature known as the Pauli exclusion principle:

e No more than two electrons may occupy a single orbital and, if two do occupy a
single orbital, then their spins must be paired.

By 'paired’ we mean that one electron spin must be 1 and the other |; the pair is denoted /.

Another way of expressing the principle is to note that, because an electron in an atom is

? Specifically, the Px Py, and p. orbitals are linear combinations of the orbitals labeled by m: p. is
identical to py, p, is (p_, — p.1)/2"% and p, isi(p_y +p.y)/2'2

19 When we say that an electron 'occupies’ an atomic orbital, we mean that it is described by the
corresponding wavefunction.

17
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Charge does

not contribute

Charge
contributes

1.17 The electron indicated by the dot at
the radius r experiences a repulsion from
the total charge within the sphere of
radius r; charge outside that radius has
no net effect
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1.18 The penetration of a 2s electron
through the inner core is greater than
that of a 2p electron because the latter
vanishes at the nucleus. Therefore, the 2s
electrons are less shielded than the 2p
electrons.
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described by four variable quantum numbers, no two electrons can have the same four
quantum numbers. The Pauli principle was introduced originally to account for the absence
of certain transitions in the spectrum of atomic helium.

The proposed ground-state configuration of He, 152, is feasible (with the two electrons
paired). However, the configuration of Li cannot be 1s* for that would require all three
electrons to occupy the same orbital, which is forbidden. Therefore, the third electron must
occupy an orbital of the next higher shell, the shell with n = 2. The question that now arises is
whether the third electron occupies a 2s orbital or one of the three 2p orbitals. To answer this
question, we need to examine the energies of the two subshells and the effect of the other
electrons in the atom. Although 2s and 2p orbitals have the same energy in a hydrogenic
atom, spectroscopic data and detailed calculations show that that is not the case in a many-
electron atom.

In the orbital approximation we treat the repulsion between electrons in an approximate
manner by supposing that the electronic charge is spherically distributed around the nucleus.
Then each electron moves in the attractive field of the nucleus plus this average repulsive
charge distribution. According to classical electrostatics, the field that arises from a spherical
distribution of charge is equivalent to the field generated by a single point charge at the
center of the distribution. The magnitude of the point charge is equal to the total charge
within a sphere with a radius equal to the distance of the location of interest to the center of
the distribution (Fig. 1.17). In this approximation, an electron is assumed to experience an
effective nuclear charge,'' Z, e, determined by the total electronic charge with a sphere of
radius equal to the mean distance of the electron from the nucleus. This effective nuclear
charge depends on the values of n and / of the electron of interest, because electrons in
different shells and subshells have different radial distribution functions. The reduction of the
true nuclear charge to the effective nuclear charge is called shielding. The effective nuclear
charge is sometimes expressed in terms of the true nuclear charge, Ze, and an empirical
shielding parameter, ¢, by writing Z. = Z — o.

The closer to the nucleus that an electron can penetrate in an atom, the closer the value of
Zg to Z itself, because the electron is repelled less by the other electrons present in the atom.
With this point in mind, consider a 2s electron in the Li atom. There is a nonzero probability
that the 2s electron penetrates, that is, has a nonzero probability of being found inside, the
1s shell and experiences the full nuclear charge. A 2p electron does not penetrate through the
core so effectively because it has a nodal plane through the nucleus; therefore, it is more fully
shielded from the nucleus by the electrons of the core (Fig. 1.18). We can conclude that a 2s
electron has a lower energy (is bound more tightly) than a 2p electron, and therefore that the
ground-state electron configuration of Li is 1s*2s'. The ground-state electron configuration
of Li is commonly denoted [He]2s', where [He] denotes the atom's helium-like 1s* core.

The pattern of energies in lithium, with 2s lower than 2p, is a general feature of many-
electron atoms. This pattern can be seen from Table 1.3, which gives the values of Z for a
number of valence-shell atomic orbitals in the ground-state electron configuration of atoms.
The typical trend in effective nuclear charge is an increase across a period, for in most
cases the increase in nuclear charge in successive groups is not canceled by the additional
electron. The values in the table also confirm that an s electron in the outermost shell of the
atom is generally less shielded than a p electron of that shell. So, for example, Z ¢ = 5.13 for
a 2s electron in an F atom, whereas for a 2p electron Z.;; = 5.10, a lower value. Similarly, the
effective nuclear charge is larger for an electron in an np orbital than for one in an nd orbital.

As a result of penetration and shielding, the order of energies in many-electron atoms is

typically
ns<np <nd<nf

" In common usage, Zg; itself is termed the ‘effective nuclear charge’.
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Table 1.3 Effective nuclear charges, Z.g

H He

VA 1 2

ls 1.00 1.69
Li Be B C N 0 F Ne

Z 3 4 5 6 7 8 9 10

ls 2.69 3.68 4.68 5.67 6.66 7.66 8.65 9.64

2s 1.28 1.91 2.58 3.22 3.85 4.49 5.13 5.76

2p 242 3.14 3.83 4.45 5.10 5.76
Na Mg Al Si P S a Ar

% 11 12 13 14 15 16 17 18

ls 10.63 11.61 12.59 13.57 14.56 15.54 16.52 17.51
2s 6.57 7.39 8.21 9.02 9.82 10.63 11.43 12.23
2p 6.80 7.83 8.96 9.94 10.96 11.98 12.99 14.01
3s 251 3.31 4.12 4.90 5.64 6.37 7.07 7.76
3p 4.07 4.29 4.89 5.48 6.12 6.76

Source: E. Clementi and D.L. Raimondi, Atomic screening constants from SCF functions, IBM Research Note
NJ-27 (1963).

because, in a given shell, s orbitals are the most penetrating and f orbitals are the least
penetrating. The overall effect of penetration and shielding is depicted in the energy-level
diagram for a neutral atom shown in Fig. 1.19.

Figure 1.20 summarizes the energies of the orbitals through the periodic table. The effects
are quite subtle, and the order of the orbitals depends strongly on the numbers of electrons

25 50 75 100

1.20 A more detailed portrayal of the energy levels of many-electron atoms in the
periodic table. The inset shows a magnified view of the order near Z = 20, where the 3d
elements begin.
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4d Af

4s £ Z<21
—Z=21

Energy —»

1s

1.19 A schematic diagram of the energy
levels of a many-electron atom with

Z <21 (as far as calcium). There is a
change in order for Z > 21 (from
scandium onward). This is the diagram
that justifies the building-up principle
(Section 1.7), with up to two electrons
being allowed to occupy each orbital.
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present in the atom. For example, the effects of penetration are very pronounced for 4s
electrons in K and Ca, and in these atoms the 4s orbitals lie lower in energy than the 3d
orbitals. However, from Sc through Zn, the 3d orbitals in the neutral atom lie close to but
lower than the 4s orbitals. In atoms from Ga (Z = 31) onward, the 3d orbitals lie well below
the 4s orbital in energy, and the outermost electrons are unambiguously those of the 4s and
4p subshells.

Once we know the effective nuclear charge we can write approximate forms of the atomic
orbitals and begin to make estimates of their extent and other properties. This was first done
by J.C. Slater, who devised a set of rules for estimating the value of Z for an electron in any
atom, and using the value to write down an approximate wavefunction for any atomic orbital.
Slater's rules have been superseded by more accurate calculated values (those given in
Table 1.3). Some points to note from the values in the table are that across each period Z.
for the outermost electrons increases in line with the atomic number. However, Z g for an
electron in an s orbital is greater than that for the corresponding p orbital of the same atom.
An additional point is that Z for the outermost electrons of Period 3 elements are only
slightly greater than those of Period 2 elements even though the nuclear charge itself is
considerably greater.

Far o given principol quontum number, electrons approach the nucleus less closely os [

increases ond, as o result of the combined effects af penetration and shielding, the order
af energy levels in a many-electran atom is s<p<d<f.

1.7 The building-up principle

The ground-state electron configurations of many-electron atoms are determined
experimentally by spectroscopy and are summarized in Appendix 1. To account for them,
we need to take into account both the effects of penetration and shielding on the energies of
the orbitals and the role of the Pauli principle. The building-up principle (which is also called
by its German name, the Aufbau principle, and is described below) is a procedure that leads to
plausible ground-state configurations. It is not infallible, but it is an excellent starting point
for the discussion. Moreover, as we shall see, it provides a thearetical framework for
understanding the structure and implications of the periodic table.

(a) Ground-state electron configurations
In the building-up principle, orbitals of the neutral atoms are treated as being occupied in the
order determined in part by the principal quantum number and in part by penetration and
shielding:

Order of occupation: 1s 2s 2p 3s 3p 4s 3d 4p - - -

Each orbital can accommodate up to two electrons. Thus, the three orbitals in a p subshell can
accommodate a total of six electrons and the five orbitals in a d subshell can accommodate up
to ten electrons. The ground-state configurations of the first five elements are therefore
expected to be

H He Li Be 8
1s! ol 15%2s! 15%2s? 1s22s%22p!

This order agrees with experiment. When more than one orbital is available for occupation—

such as when the 2p orbitals begin to be filled in B and C—we adopt Hund's rule:

e When more than one orbital has the same energy, electrons occupy separate orbitals
and do so with parallel spins (17).
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The occupation of separate orbitals (such as a p, orbital and a p,, orbital) can be understood in
terms of the weaker repulsive interactions between electrons that occupy different regions of
space (electrons in different orbitals) than between those that occupy the same region of
space (the electrons occupy the same orbital). The requirement of parallel spins for electrons
that do occupy different orbitals is a consequence of a quantum mechanical effect called spin
correlation, the tendency of two electrons with parallel spins to stay apart from one another
and hence to repel each other less.

It follows from the building-up principle that the ground-state configuration of C is
1s22572p12p} (it is arbitrary which of the p orbitals is occupied first because they are
degenerate: it is common to adopt the alphabetical order p., p,, p.J or, more briefly,
1522522p2. If we recognize the helium-like core (1s2), an even briefer notation is [He]2s22p?,
and we can think of the electronic structure of the atom as consisting of two paired 2s
electrons and two parallel 2p electrons surrounding a closed helium-like core. The electron
configurations of the remaining elements in the period are similarly

C [He]2s*2p* N [He]2s*2p® O [He]2s?2p* F [He]2s*2p°  Ne [He]2s*2p®

The 25%2p° configuration of neon is another example of a closed shell, a shell with its full
complement of electrons. The configuration 1522s*2p° is denoted [Ne] when it occurs as a
core.

Example 1.3 Accounting for trends in effective nuclear charge

Refer to Table 1.3. Suggest a reason why the increase in Z.; for a 2p electron is smaller
between N and O than between C and N given that the configurations of the three atoms are
C: [He]2s22p?, N: [He]2s%2p3, and O: [He]2s?2p*.

Answer On going from C to N, the additional electron occupies an empty 2p orbital. On
going from N to O, the additional electron must occupy a 2p orbital that is already occupied
by one electron. It therefore experiences a stronger repulsion and the increase in nuclear
charge is more completely canceied than between C and N.

The ground-state configuration of Na is obtained by adding one more electron to a neon-
like core, and is [Ne]3s!, showing that it consists of a single electron outside a core. Now a
similar sequence begins again, with the 3s and 3p orbitals complete at argon, with
configuration [Ne]3s23p®, denoted [Ar]. Because the 3d orbitals are so much higher in energy,
this configuration is effectively closed. Moreover, the 4s orbital is next in line for occupation,
so the configuration of K'is analogous to that of Na, with a single electron outside a noble-gas
core: specifically, it is [Ar]4s!. The next electron, for Ca, also enters the 4s orbital, giving
[Arl4s2, the analog of Mg. However, it is observed that the next element, scandium,

. accommodates the added electron into a 3d orbital, and the d-block of the periodic table

begins.

In the d-block, the d orbitals of the atoms are in the process of being occupied (according
to the formal rules of the building-up principle). However, the energy levels in Figs 1.19 and
1.20 are for individual atomic orbitals and do not fully take into account interelectronic
repulsions. For most of the d-block, the spectroscopic determination of ground states (and
detailed computation) shows that it is advantageous to occupy higher energy orbitals (the 4s
orbitals). The explanation is that the occupation of orbitals of higher energy can result in a
reduction in the repulsions between electrons that would occur if the lower-energy 3d
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orbitals were occupied. It is essential to consider all contributions to the energy of a
configuration, not merely the one-electron orbital energies.” Spectroscopic data show that
the ground-state configurations of d-block atoms are of the form 3d"4s?, with the 4s orbitals
fully occupied despite individual 3d orbitals being lower in energy.

An additional feature is that, in some cases, a lower total energy may be obtained by
forming a half-filled or filled  subshell even though that may mean moving an s electron into
the d subshell. Therefore, close to the center of the d-block the ground-state configuration is
likely to be @*s' and not d*s* (as for Cr). Close to the right of the d block the configuration is
likely to be d'%s' rather than d”s” (as for Cu). A similar effect occurs in the f-block, where f
orbitals are being occupied, and a d electron may be moved into the f subshell so as to achieve
an f7 or an f'* configuration, with a net lowering of energy. For instance, the ground-state
electron configuration of Gd is [Xeldf75d"' 65> and not [Xe]4f®5d%6s2.

The complication of the orbital energy not being a reliable guide to the total energy
disappears when the 3d orbital energies fall well below that of the 4s orbitals, for then the
competition is less subtle. The same is true of the cations of the d-block elements, where the
removal of electrons reduces the complicating effects of electron-electron repulsions: all
d-block cations have d” configurations; the Fe?* ion, for instance, has a d® configuration
outside an argon-like closed shell. For the purposes of chemistry, the electron configurations
of the d-block ions are more important than those of the neutral atoms. In later chapters
(starting in Chapter 7), we shall see the great significance of the configurations of the
d-metal ions, for the subtle modulations of their energies is the basis of important properties
of their compounds.

for a given volue of n, the occupotion of otomic orbitols follows the order ns, np,

(n — 1)d, (n — 2)f. Degenerote orbitols ore occupied singly before being doubly occupied.
Certoin modificotions of the order of occupation occur for d and f orbitals.

Give the ground-state electron configurations of the Ti atom and the Ti** ion.

Answer for the atom, we add Z = 22 electrons in the order specified above, with no more
than two electrons in any one orbital. This results in the configuration Ti
1522522p°3523p%4s?3d?, or [Arlds*3d>, with the two 3d electrons in different orbitals
with parallel spins. However, because the 3d orbitals lie below the 4s orbitals once we are past
Ca, it is appropriate to reverse the order in which they are written. The configuration is
therefore reported as [Ar]3d?4s%. The configuration of the cation is obtained formally by
removing first the s electrons and then as many d electrons as required. We must remove
three electrons in all, two s electrons and one d electron. The configuration of Ti** is therefore
[Ar)3d".

(b) The format of the periodic table

The modern form of the periodic table reflects the underlying electronic structure of the

elements. We can now see, for instance, that the blocks of the table indicate the type of

subshell currently being occupied according to the building-up principle. Each period of the

table corresponds to the completion of the s and p subshells of a given shell. The period

"2 For a further discussion of this point, see LG Vanquickenboine, K. Pierloot, and D. Devoghel, J. Chem.
Educ. 71, 469-71 (1994).
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number is the value of the principal quantum number n of the shell currently being occupied
in the main groups of the table.

The group numbers are closely related to the number of electrons in the valence shell, the
outermost shell of the atom. However, the precise relation depends on the group number
G and the numbering system adopted. In the "1-18' numbering system recommended by
[UPAC:

Block Number of electrons
in valence shell

s,d G
G- 10

For the purpose of this expression, the 'valence shell' of a d-block element consists of the ns
and (n — 1)d orbitals, so a scandium atom has three valence electrons (two 4s and one 3d
electron). The number of valence electrons for the p-block element selenium (Group 16) is
16 — 10 = 6. Alternatively, in the roman numeral system, the group number is equal to the
number of s and p valence electrons for the s- and p-blocks. Thus, selenium belongs to Group
VI; hence it has six valence (s and p) electrons. Thallium belongs to Group I, so it has three
valence s and p electrons.

The blocks of the periadic table reflect the identity of the orbitals that are accupied last in

the building-up pracess. The periad number is the principal quantum number of the

valence shell. The group number is related, as set out abave, ta the number af valence
electrans.

1.8 Atomic parameters

Certain characteristic properties of atoms, particularly their sizes and the energies associated
with the removal and addition of electrons, show periodic variations with atomic number.
These atomic properties are of considerable importance for accounting for the chemical
properties of the elements. A knowledge of the variation enables chemists to rationalize
observations and predict likely chemical and structural behavior without resort to tabulated
data for each element.

(a) Atomic and ionic radii

One of the most useful atomic properties of an element is the size of its atoms and
ions. As we shall see in later chapters, geometrical considerations are central to the structures
of many solids and individual molecules, and the distance of electrons from an atom's
nucleus correlates well with the energy needed to remove them in the process of ion
formation.

The quantum theory of the atom does not result in precise atomic or ionic radii because at
large distances the wavefunction of the electrons falls off exponentially with increasing
distance from the nucleus. However, despite this lack of a precise radius, we can expect atoms
with numerous electrons to be larger, in some sense, than atoms that have only a few
electrons. Such considerations have led chemists to propose a variety of definitions of atomic
radius on the basis of empirical considerations.

The metallic radius of a metallic element is defined as half the experimentally determined
distance between the nuclei of nearest-neighbor atoms in the solid ((1), but see Section 2.7
for a refinement of this definition). The covalent radius of a nonmetallic element is similarly
defined as half the internuclear separation of neighboring atoms of the same element in a
molecule (2). Multiple bonds are shorter than single bonds. The periodic trends in metallic and

1 Metallic radius

]

2 Covalent radius
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Table 1.4 Atomic radii (in angstroms)*

Li Be B C N O F
1.57 1.12 0.88 0.77 0.74 0.66 0.64
Na Mg Al Si P S
1.91 1.60 1.43 1.18 1.10 1.04 0.99

K C Sc Ti V. C Mn Fe Co Ni Cu Zn Ga Ge As Se Br
235197 1.64 1.47 1.35 1.29 1.37 1.26 1.25 1.25 1.28 1.37 1.53 1.22 1.21 1.17 1.14

Rb Sr Y Zr Nb Mo Tc Ru Rh Pd Ag Cd In Sn Sb Te |
2.50 2.15 1.82 1.60 1.47 1.40 1.35 1.34 1.34 1.37 1.44 1.52 1.67 1.58 1.41 1.37 1.33

Cs Ba Lu Hf Ta W Re Os Ir Pt Au Hg TI Pb Bi
272224 1.721.59 147 1.41 1.37 1.35 1.36 1.39 1.44 1.55 1.71 1.75 1.82
*The values refer to coordination number 12 (see Section 2.7). 1 A = 100 pm.

Source: AF. Wells, Structural inorganic chemistry, 5th edn. Clarendon Press, Oxford (1984).
Metallic radii are given for metals, single-bond covalent radii for the rest.

covalent radii can be discerned in Table 1.4 and are illustrated in Fig. 1.21. We shall refer to
metallic and covalent radii jointly as atomic radii."” The ionic radius of an element is related
to the distance between the nuclei of neighboring cations and anions (3). An arbitrary
decision had to be taken on how to apportion the cation-anion distance between these two
ions. In one common scheme, the radius of the 0%~ fon is taken to be 1.40 A (see Section 2.10
for a refinement of this definition). For example, the ionic radius of Mg?* is obtained by
subtracting 1.40 A from the internuclear separation of neighboring Mg2* and 0% ions in
solid MgQ. Some ionic radii are listed in Table 1.5.

The data in Table 1.4 show that otomic rodii increase down a group, and within the s- and
p-blocks they decreose from left to right ocross o period. These trends are readily interpreted
in terms of the electronic structure of the atoms. On descending a group, the valence
electrons are found in orbitals of successively higher principal quantum number and hence
larger mean radius. Across a period, the valence electrons enter orbitals of the same shell;
however, the increase in effective nuclear charge across the period draws in the electrons and

0 1 1 1 1 J
0 20 40 60 80 100

z

1.21 The variation of atomic radii through the periodic tabie. Note the contraction of
radii following the lanthanides in Period 6. Metallic radii have been used for the metallic
elements and covalent radii have been used for the nonmetallic elements.

3 Atoms may be linked by single, double, and triple bonds, and different bond orders result in different
covalent radii. The covalent radii in Fig. 1.21 refer to single bonds between atoms.

LA A3
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Table 1.5 lonic radii (in angstroms)”

Lit Be?t B+ N* 0? F

0.59(4) 0.27(4) 0.12(4) 171 1.35(2)  1.28(2)

0.76(6) 1.38(4)  1.31(4)
1.40(6)  1.33(6)
1.42(8)

Na*t Mg?* AP+ P s?- cl-

0.99(4) 0.49(4) 0.39(4) 2,12 1.84(6)  1.67(6)

1.02(6)  0.72(6)  0.53(6)
1.16(8)  0.89(8)

K* Ca?t Ga*! As? Se? Br
1.38(6) 1.00(6) 0.62(6) 222 1.98(6)  1.96(6)
1.51(8) 1.12(8)
1.59(10)  1.28(10)
1.60(12)  1.35(12)

Rbt Sr2t I3+ Sn?* Sn*t Te? |
149(6)  1.16(6)  0.79(6) 0.74(6) 221(6)  20.6(6)
L60(8)  1.25(8)  0.92(8)  0.93(8)

173(12)  1.44(12)

Csig Ba®? T+

1.67(6) 1.49(6) 0.88(6)

1.74(8) 1.56(8)

1.88(12) 1.75(12)

*Numbers in parentheses are the coordination number of the ion. 1 A =100 pm.

Saurce: R.D. Shannon, Acta Crystallogr. A32, 751 {1976). The radius of the six-coordinate NH; ion is
approximately 1.46 A

results in progressively more compact atoms (Table 1.4 and Fig. 1.21). The general increase in
radius down a group and decrease across a period should be remembered as they correlate
well with trends in many chemical properties.

Period 6 shows an interesting and important modification to these otherwise general
trends. We see from Fig. 1.21 that the metallic radii in the third row of the d-block are very
similar to those in the second row, and not significantly larger as might be expected given
their considerably larger numbers of electrons. For example, the radii of molybdenum
(Z = 42) and tungsten (Z = 74) are 1.40 A and 1.41 A, respectively, despite the latter
having 32 more electrons. The reduction of radius below that expected on the basis of a
simple extrapolation down the group is called the lanthanide contraction . The name points
to the origin of the effect. The elements in the third row of the d-block (Period 6) are preceded
by the elements of the first row of the f-block, the lanthanides, in which the 4f orbitals are
being occupied. These orbitals have poor shielding properties.'* The repulsions between
electrons being added on crossing the f-block fail to compensate for the increasing nuclear
charge, so Z.g; increases from left to right across a period. The dominating effect of the latter
is to draw in all the electrons, and hence to result in a more compact atom.

Asimilar contraction is found in the elements that follow the d-block. For example, although
there isa substantial increase in atomic radius between boron and aluminum (from 0.88 A for B
to 1.43 A for Al), the atomic radius of gallium (1.53 A)is only slightly greater than that of
aluminum. As for the lanthanide contraction, this effect can be traced to the poor shielding
characteristics of the d electrons of the elements earlier in the period. Although small variations

' A careful analysis {see D.R. Lloyd, J. Chem. Educ. 53, 502 (1986)) supports the view that the poor
shielding abilities of / electrons stem from their radial distribution, not, as is sometimes expressed, from
their highly angular shapes
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in atomic radii may seem of little importance, in fact atomic radius plays a central role in the
chemical properties of the elements, and small changes can have profound consequences.

A general feature apparent from Table 1.5 is that all anions are larger than their parent
atams and all catians are smaller (in some cases, markedly so). The increase in radius of an
atom on anion formation is a result of the greater electron-electron repulsions that occur in
an anion compared to those in the neutral atom. The smaller radius of a cation compared with
its parent atom is a consequence not only of the reduction in electron-electron repulsions
that follows electron loss, but also of the fact that cation formation typically results in the loss
of the valence electrons. That loss often leaves behind only the much more compact core of
the atom. Once these gross differences are taken into account, the variation in ionic radii
through the periodic table mirrors that of the atoms.

Atomic rodii increose down o group and, within the s- ond p-blocks, decreose from left to
right ocross o period. The lonthonide controction is o decreose in atomic rodius for

elements following the f-block. All onions ore larger thon their parent otoms and all
cations ore smaller.

(b) lonization energy

The ease with which an electron can be removed from an atom is measured by its ionization
energy, /, the minimum energy needed to remove an electron from a gas-phase atom:

A(g) —— AT(g)+e (9) T=E(A".9)—E(A9) (8)

The first ionization energy, /,, is the ionization energy of the least tightly bound electron of
the neutral atom, the second ionization energy, /,, is the ionization energy of the resulting
cation, and so on.

lonization energies are conveniently expressed in electronvolts (eV), where 1 eV is the
energy acquired by an electron when it falls through a potential difference of 1 V. Because
this energy is equal to ex (1 V), it is easy to deduce that 1 eV is equivalent to
96.485 kJmol '

The ionization energy of the Hatom is 13.6 ¢V, so to remove an electron from an H atom is
equivalent to dragging the electron through a potential difference of 13.6 V. In
thermodynamic calculations it is often more convenient to use the ionization enthalpy,
the standard enthalpy of the process in egn 8, typically at 298 K. The molar ionization
enthalpy is larger by %RT than the ionization energy.'® However, because RT is only
2.5 kJmol ! (corresponding to 0.026 eV) at room temperature and ionization energies are
of the order of 10>-10° kimol ™' (1-10 eV), the difference between ionization energy and
enthalpy can often be ignored. In this book we express ionization energies in electronvolts and
ionization enthalpies in kilojoules per mole.

To a large extent, the first ionization energy of an element is determined by the energy of
the highest occupied orbital of its ground-state atom.'® First ionization energies vary
systematically through the periodic table (Table 1.6 and Fig. 1.22), being smallest at the lower
left (near cesium) and greatest near the upper right (near helium). The variation follows the
pattern of effective nuclear charge already mentioned in connection with the building-up
principle, and (as Z g itself shows) there are some subtle modulations arising from the effect

"> This difference stems from the change in temperature (at constant pressure) from 7 = 0 (assumed
implicitly for ) to the temperature T (typically 298 K) to which the enthalpy value refers, and the

replacement of 1 mol of gas particles by 2 mol at the latter temperature.

'® This approximation is valid if the electrons remaining after ionization do not adjust their spatial

distributions significantly. For the ionization of He, for example, the ionization energy is the difference
in energy between He and He™ and, as the electron in He® is much more tightly bound than it is in
He, the ionization energy cannot be ascribed solely to the one-electron orbital energy of the neutral
atom.
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Table 1.6 First and second (and some higher) ionization energies of the elements (in
electronvolts®)

H He
13.60 24.59
54.51
Li Be B C N 0 F Ne
5.32 9.32 8.30 11.26 14.53 13.62 17.42 21.56
75.63 18.21 25.15 24.38 29.60 35.11 34.97 40.96
122.4 153.85 37.93 47.88 47.44 54.93 62.70 63.45
259.30
Na Mg Al Si P S a Ar
5.14 7.64 5.98 8.15 10.48 10.36 12.97 15.76
47.28 15.03 18.83 16.34 19.72 23.33 23.80 27.62
71.63 80.14 28.44 33.49 30.18 34.83 39.65 40.71
119.96
K Ca Ga Ge As Se Br Kr
4.34 6.11 6.00 7.90 9.81 9.75 11.81 14.00
31.62 11.87 20.51 15.93 18.63 21.18 21.80 24.35
45.71 50.89 30.71 34.22 28.34 30.82 36.27 36.95
Rb Sr In Sn Sb Te | Xe
4.18 5.69 5.79 7.34 8.64 9.01 10.45 12.13
27.28 11.03 18.87 14.63 18.59 18.60 19.13 21.20
40.42 43.63 28.02 30.50 25.32 27.96 33.16 32.10
Cs Ba Tl Pb Bi Po At Rn
3.89 5.21 6.11 742 7.29 8.42 9.64 10.74
25.08 10.00 2043 15.03 16.69 18.66 16.58
35.24 37.51 29.83 31.94 25.56 27.98 30.06
Ra
5.28
10.15
34.20

*To convert to kJ mol~!, multiply by 96.485. See Appendix 1 for a longer list.
Source: C.E. Moore, Atomic energy levels, NBS Circular 467 (1949-58).

of electron-electron repulsions within the same subshell. lonization energies also correlate
strongly with atomic radii, for elements that have small atomic radii generally have high
ionization energies. The explanation of the correlation is that in a small atom an electron is
close to the nucleus and experiences a strong Coulombic attraction.

301
He

1.22 The variation of first ionization energies through the periodic table.
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1.23 The energy changes accompanying
the ionization of an oxygen atom. Two
factors contribute to the decrease
between nitrogen and oxygen. One is the
repulsion between the two electrons in a
2p orbital in the neutral atom. The other
is the relatively low energy of the half-
filled 2p subshell of the ionized atom.

_____________
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1.24 The first, second, and third
ionization energies of the elements of
Group 13/I1l. Successive ionization
energies increase, but there is no clear
pattern of ionization energies down the

group.
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Some differences in ionization energy can be explained quite readily. An example is the
observation that the first ionization energy of boron is smaller than that of beryllium despite
the former's higher nuclear charge. This anomaly is readily explained by noting that, on going
to boron, the outermost electron occupies a 2p orbital and hence is less strongly bound than if
it had entered a 2s orbital. As a result, the value of /, falls back to a lower value. The decrease
between nitrogen and oxygen has a slightly different explanation. The configurations of the
two atoms are

N [He]2s*2pi2p)2p! 0 [He]2s*2p32p)2p!

We see that, in an O atom, two electrons are present in a single 2p orbital. They are so close
together that they repel each other strongly, and this strong repulsion offsets the greater
nuclear charge. Another contribution to the difference is the lower energy of the O ion on
account of its 25?2p* configuration: as we have seen, a half-filled subshell has a relatively low
energy (Fig. 1.23).

Example 1.5 Accounting for a variation in ionization energy
Account for the decrease in first ionization energy between phosphorus and sulfur.

Answer The ground-state configurations of the two atoms are
P [Ne[3s*3pi3pi3pl S [Ne|3s73p3p)i3p!

As in the analogous case of N and O, in the ground-state configuration of S, two electrons are
present in a 3p orbital. They are so close together that they repel each other strongly, and this
increased repulsion offsets the effect of the greater nuclear charge of S compared with P. As
in the difference between N and O, the half-filled subshell of ST also contributes to the
lowering of energy of the ion and hence to the smaller ionization energy.

chlorine.

When building fluorine and neon, the last electrons enter orbitals that are already half full,
and continue the trend in ionization energy from oxygen. The higher values of the ionization
energies of these two elements reflect the high value of Z.g. The value of /; falls back sharply
from neon to sodium as the outermost electron occupies the next shell with an increased
principal quantum number and hence further from the nucleus.

Another pattern in the ionization energies of the elements of considerable importance in
inorganic chemistry is that successive ionizations of a species require higher energies. Thus,
the second ionization energy of an element (the energy needed to remove an electron from
the cation E'} is higher than its first ionization energy, and its third ionization energy is
higher still. The explanation is that, the higher the positive charge of a species, the greater the
energy needed to remove an electron from the species. The difference in ionization energy is
greatly magnified when the electron is removed from an inner shell of the atom (as is the case
for the second ionization energy of lithium and any of its congeners) because the electron
must then be extracted from a compact orbital in which it interacts strongly with the nucleus.
The first ionization energy of lithium, for instance, is 5.3 eV, but its second ionization energy
is 75.6 eV, more than ten times greater.

The pattern of successive ionization energies down a group is far from simple. Figure 1.24
shows the first, second, and third ionization energies of the boron group (Group 13/Ill).
Although they lie in the expected order I, </, <[5, the shape of each curve does not suggest
any simple trend. The lesson to be drawn is that, whenever an argument hangs on trends in
small differences in ionization energies, it is always best to refer to actual numerical values
rather than to guess a likely outcome.
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First ionizotion energies vary systemoticolly through the periodic toble (Table 1.6 ond
Fig. 1.22), being smollest ot the lower left (neor cesium) ond greotest near the upper right
(neor helium). Successive jonizotions of a species require higher energies.

(c) Electron affinity

The electron-gain enthalpy, AegHe, is the standard enthalpy change per mole of atoms
when a gas-phase atom gains an electron:

A(g) +e (9) — A (9) A H®

Electron gain may be either exothermic or endothermic. Although the electron-gain enthalpy
is the thermodynamically appropriate term, much of inorganic chemistry is discussed in terms
of a closely related property, the electron affinity, E,, of an element (Table 1.7), which is the
energy difference

E, = E(A,9) —E(A™,9) 9)

At T = 0, the electron affinity is the negative of the electron-gain enthalpy.'”” A positive
electron affinity indicates that the ion A~ has a lower, more negative, and hence more
favorable, energy than the neutral atom A'® As for ionization energies and enthalpies, we
shall quote electron affinities in electronvolts and electron-gain enthalpies in kilojoules per
mole.

The electron affinity of an element is determined in large part by the energy of the lowest
unfilled (or half-filled) orbital of the ground-state atom. This orbital is the second of the two
frontier orbitals of an atom, its partner being the highest filled atomic orbital. The frontier
orbitals are the site of many of the changes in electron distributions when bonds form, and we
shall see more of their importance as the text progresses. An element has a high electron
affinity if the additional electron can enter a shell where it experiences a strong effective
nuclear charge. This is the case for elements toward the top right of the periodic table, as we
have already explained. Therefore, elements close to fluorine (specifically oxygen, nitrogen,

Table 1.7 Electron affinities of the main-group elements (in electronvolts®)

H He
0.754 -0.5
Li Be B C N 0 F Ne
0.618 <0 0.277 1.263 —0.07 1.461 3.399 —1.2
—8.75
Na Mg Al Si P S Cl Ar
0.548 <0 0.441 1.385 0.747 2.077 3.617 —1.0
—5.51
K Ca Ga Ge As Se Br Kr
0.502 +0.02 0.30 1.2 0.81 2.021 3.365 —-1.0
Rb Sr In Sn Sb Te | Xe
0.486 +0.05 0.3 1.2 1.07 1.971 3.059 —0.8

*To convert to kJ mol~!, multiply by 96.485.

The first values refer to the formation of the ion X~ from the neutral atom X; the second value to the
formation of X2~ from X .

Saurce: H. Hotop and W.C. Lineberger, J. Phys. Chem. Ref. Data 14, 731 (1985).

"7 Specifically, A, ® = —E, — 3RT. The contribution $RT is commonly ignored.

'8 Be alert to the fact that some people identify electron affinities with electron-gain enthalpies, so,
somewhat irrationally, a positive electron affinity then indicates that A~ has a higher, less favorable,
energy than A.
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and chlorine but not the noble gases) can be expected to have the highest electron affinities.
The second electron-gain enthalpy, the enthalpy change for the attachment of a second
electron to an initially neutral atom, is invariably positive because the electron repulsion
outweighs the nuclear attraction.

Electron affinities are highest for elements near fluorine in the periodic table.

Example 1.6 Accounting for the variation in electron affinity

Account for the large decrease in electron affinity between lithium and beryllium despite the
increase in nuclear charge.

Answer The electron configurations of the two atoms are [He]2s' and [He]2s?. The additional
electron enters the 2s orbital of lithium, but it must enter the 2p orbital of beryllium, and
hence is much less tightly bound. In fact, the nuclear charge is so well shielded in beryllium
that electron gain is endothermic.

Self-test 1.6 Account for the decrease in electron affinity between carbon and
nitrogen.

(d) Electronegativity
The electronegativity, 7 (chi), of an element is the power of an atom of the element to
attract electrons to itself when it is part of a compound. If an atom has a strong tendency to
acquire electrons, it is said to be highly electronegative (like the elements close to fluorine). If
it has a tendency to lose electrons (like the alkali metals), it is said to be electropositive.
Electronegativities have numerous applications, and will be used in arguments throughout
this text: they include a description of bond energies, the predictions of polarities of bonds
and molecules, and the rationalization of the types of reactions that substances undergo.
The electronegativity of an element has been defined in many different ways and its precise
interpretation is still the subject of debate.' Similarly, there have been a variety of attempts
to formulate a quantitative scale of electronegativity. Linus Pauling’s original formulation
(which results in the values called yp in Table 1.8 and illustrated in Fig. 1.25) draws on
concepts relating to the energetics of bond formation which will be dealt with in Chapter 3. A
definition more in the spirit of this chapter in the sense that it is based on the properties of
atoms was proposed by Robert Mulliken. He observed that, if an atom has a high ionization
energy, I, and a high electron affinity, E,, then it will be likely to acquire rather than lose
electrons when it is part of a compound, and hence be classified as highly electronegative.
Conversely, if its ionization energy and electron affinity are both low, then the atom will tend
to lose electrons rather than gain them, and hence be classified as electropositive. These
observations motivate the definition of the Mulliken electronegativity, yy, as the average
value of the ionization energy and the electron affinity of the element:

If both I and E, are high, then the electronegativity is high; if both are low, then the
electronegativity is low.

The complication in the definition of the Mulliken electronegativity is that the ionization
energy and electron affinity in the definition relate to the valence state, the electron
configuration the atom is supposed to have when it is part of a molecule. Hence, some
calculation is required because the ionization energy and electron affinity to be used in
calculating iy, are mixtures of values for various actual states of the atom. We need not go

Chem. Res. 23, 23 (1990)
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Table 1.8 Pauling {italics), yp, and Mulliken electronegativities, yy

H He
2.20

3.06 5.5
Li Be B C N 0 F Ne
0.98 157 2.04 2.55 3.04 3.44 3.98

1.28 1.99 1.83 2.67 3.08 322 4.43 4.60
Na Mg Al Si P S Cl Ar
0.93 1.31 1.61 1.90 2.19 2.58 3.16

1.21 1.63 1.37 2.03 2.39 2.65 3.54 3.36
K Ca Ga Ge As Se Br Kr
0.82 1.00 1.81 2.01 2.18 2.55 2.96 3.0
1.03 1.30 1.34 1.95 2.26 2.51 3.24 2.98
Rb Sr In Sn Sb Te | Xe
0.82 0.95 1.78 1.96 2.05 2.10 2.66 2.6
0.99 1.21 1.30 1.83 2.06 2.34 2.88 2.59
Cs Ba Tl Pb Bi

0.79 0.89 2.04 2.33 2.02

Source: Pauling values: AL Allred, J. Inorg. Nucl. Chem. 17, 215 (1961); L.C. Allen and J.E. Huheey, ibid. 42,
1523 (1980); Mulliken values: L.C. Allen, J. Am. Chem. Soc. 111, 9003 (1989). The Mulliken values have been
scaled to the range of the Pauling values.

into the calculation, but the resulting values given in Table 1.8 may be compared with the
Pauling values. The two scales are approximately in line. One reasonably reliable conversion
between the two is

=135 — 137 (11)

Because the elements near fluorine are the ones with both high ionization energies and
appreciable electron affinities, these elements have the highest Mulliken electronegativities.
Because iy, depends on atomic energy levels—and in particular on the location of the frontier
orbitals (Fig. 1.26)—the electronegativity of an element is high if the two frontier orbitals of
its atoms are low in energy.

Various alternative ‘atomic’ definitions of electronegativity have been proposed. A widely
used scale, suggested by A.L. Allred and E. Rochow, is based on the view that electronegativity
is determined by the electric field at the surface of an atom. As we have seen, an electron in an

- He
| Ne

a5
[O—

Li

1.25 The variation of Pauling electronegativity through the periodic table.
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A lonization limit
| [Il|E, I |E
= i~
o B Am
w yey B .+
o low o high
(a) (b)

1.26 The interpretation of the
electronegativity and polarizability of an
element in terms of the energies of the
frontier orbitals (the highest filled and
lowest unfilled atomic orbitals). The
electronegativity is high when the frontier
orbitals lie low in energy. The
polarizability is high when the frontier
orbitals are close together. (a) Low y,

low a; (b) higher y, higher o.
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atom experiences an effective nuclear charge Z . The Coulombic potential at the surface of
such an atom is proportional to Zg /r, and the electric field there is proportional to Zgg /r2. In
the Altred-Rochow definition of electronegativity, g is assumed to be proportional to this
field, with r taken to be the covalent radius of the atom:

0.35907,;
(A ¥

The numerical constants have been chosen so that values comparable to Pauling
electronegativities are obtained. According to the Allred-Rochow definition, elements with
high electronegativity are those with high effective nuclear charge and the small covalent
radius: these elements lie close to fluorine. The Allred-Rochow values parallel closely those of
the Pauling electronegativities and are useful for discussing the electron distributions in
compounds.

Iag = 0.744 +

The electronegativity of an element is the power of on otom of the element to ottroct
electrons when it is part af a compound; accarding to the Mulliken definitian, the
electronegotivity of an element is the mean af the ionizatian energy and electron offinity
ond hence the meon energy of the frantier arbitols af the otom.

(e) Polarizability

The polarizability, , of an atom is its ability to be distorted by an electric field {such as that of
a neighboring ion).?> An atom or ion (most commonly, an anion) is highly polarizable if its
electron distribution can be distorted readily, which is the case if unfilled atomic orbitals lie
close to the highest-energy filled orbitals. That is, the polarizability is likely to be high if the
separation of the frontier orbitals is small and the polarizability will be low if the separation of
the frontier orbitals is large (see Fig. 1.26). Closely separated frontier orbitals are typically
found for large, heavy atoms and ions, such as the atoms and ions of the heavier alkali metals
and the heavier halogens, so these atoms and ions are the most polarizable. Small, light
atoms, such as the atoms and ions near fluorine, typically have widely spaced energy levels, so
these atoms an ions are least polarizable.

A polorizable atam ar ian is one with frontier orbitals that lie close in energy; large,
heavy atams ond ians tend to be highly polarizable.

%9 The polarizability is related to the empirical quantity called hardness; see Section 5.12.




EXERCISES

Further reading

P.A. Cox, The elements: their origin, abundance, and distribution.
Oxford University Press (1989). A concise and readable
account.

G.P. Wulfsberg, Periodic table trends in the properties of the
elements. In Encyclopedia of inorganic chemistry (ed. R.B. King),
Vol. 6, pp. 3079-91. Wiley, New York (1994).

R.J. Puddephatt and P.K. Monaghan, The periodic table of the
elements. Oxford University Press (1986). An elementary survey of
the structure of the periodic table and the trends in properties of
elements.

Exercises

1.1 Write balanced equations for the following nuclear reactions (show
emission of excess energy as a photon of electromagnetic radiation, 7):
(a) "N + *He to produce '70; (b) "°C +p to produce "N; () "N +n to
produce *H and '’C. (The last reaction produces a steady state
concentration of radioactive *H in the upper atmosphere.)

1.2 One possible source of neutrons for the neutron-capture processes
mentioned in the text is the reaction of *’Ne with o particles to produce
Mg and neutrons. Write the balanced equation for the nuclear
reaction.

1.3 Without consulting reference material, draw the form of the
periodic table with the numbers of the groups and the periods and
identify the s-, p-, and d-blocks. Identify as many elements as you can.
(As you progress through your study of inorganic chemistry, you should
learn the positions of all the s-, p-, and d-block elements and associate
their positions in the periodic table with their chemical properties.)

1.4 What is the ratio of the energy of a ground-state He™ ion to that of
a Be'* ion?

1.5 The ionization energy of H is 13.6 eV. What is the difference in
energy between the n = 1 and n = 6 levels?

1.6 What is the relation of the possible angular momentum quantum
numbers to the principal quantum number?

1.7 How many orbitals are there in a shell of principal quantum number
n? (Hint: begin with n =1, 2, and 3 and see if you can recognize the
pattern.)

1.8 Using sketches of 2s and 2p orbitals, distinguish between (a) the
radial wavefunction, (b) the radial distribution function, and (c) the
angular wavefunction.
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P.W. Atkins, Physical chemistry. Oxford University Press and W.H.
Freeman & Co, New York {(1998). Chapters 11 and 12 give an
introduction to the principles of atomic structure.

P.W. Atkins, Quanta: a handbook of concepts. Oxford University
Press (1991). A collection of nonmathematical accounts of the
concepts of quantum chemistry arranged like an encyclopedia.

J. Emsley, The elements. Oxford University Press (1998). A very
useful collection of data and information in a handy format.

D.M.P. Mingos, Essential trends in inorganic chemistry. Oxford
University Press (1998). An overview of structure and bonding
trends throughout the periodic table.

1.9 Compare the first ionization energy of calcium with that of zinc.
Explain the difference in terms of the balance between shielding with
increasing numbers of d electrons and the effect of increasing nuclear
charge.

1.10 Compare the first ionization energies of strontium, barium, and
radium. Relate the irreqularity to the lanthanide contraction.

1.11 The second ionization energies of some Period 4 elements are

Ca Se Ti \ Cr Mn
11.87 12.80 13.58 14.65 16.50 15.64 eV

Identify the orbital from which ionization occurs and account for the
trend in values.

1.12 Give the ground-state electron configurations of (a) C, (b) F,
() Ca, (d) Ga’*, () Bi, (f) Pb**.

1.13 Give the ground-state clectron configurations of (a) Sc, (b) V**,
(c) Mn”*, (d) Cr**, (e) Co", (f) Cr®*, (g) Cu, and (h) Gd**.

1.14 Give the ground-state electron configurations of (a) W, (b) Rh**,
(c) Eu*, (d) Eu?™, (e) VO, (f) Mo*.

1.15 Account for the trends, element by element, across Period 3 in
(a) ionization energy, (b) electron affinity, and (c) electronegativity.

1.16 Account for the fact that the two Group 5 elements niobium
(Period 5) and tantalum (Period 6) have the same metallic radii.

1.17 Discuss the trend in electronegativities across Period 2 from
lithium to fluorine. Can you account for the difference in details from
the trend in ionization energy?

1.18 Identify the frontier orbitals of a Be atom.

1.19 Compare the broad trends in ionization energy, atomic radius, and
electonegativity. Account for the parallels.
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Problems

1.1 Show that an atom with the configuration ns’np® is spherically
symmetrical. Is the same true of an atom with the configuration
ns’npt?

1.2 According to the Born interpretation, the probability of finding an
electron in a volume element dt is proportional to " ydr. {a) What is
the most probable location of an electron in an H atom in its ground
state? (b) What is its most probable distance from the nucleus, and why
is this different? (¢) What is the most probable distance of a 2s electron
from the nucleus?

1.3 The ionization energies of rubidium and silver are respectively
4.18 ¢V and 7.58 e¢V. Calculate the ionization energies of an H atom
with its electron in the same orbitals as in these two atoms and account
for the differences in values.

1.4 When 58.4 nm radiation from a helium discharge lamp is directed
on a sample of krypton, electrons are ejected with a velocity of
1.59 x 10° m s~'. The same radiation ejects electrons from rubidium
atoms with a velocity of 2.45x 10° m s'. What are the ionization
energies (in eV) of the two elements?

1.5 Survey the early and modern proposals for the construction of the
periodic table. You should consider attempts to arrange the elements on
helices and cones as well as the more practical two-dimensional surfaces.
What, in your judgement, are the advantages and disadvantages of the
various arrangements?

1.6 The decision about which elements should be identified as belonging
to the f-block has been a matter of some controversy. A view has been

ATOMIC STRUCTURE

expressed by W.B. Jensen {J. Chem. Educ. 59, 634 (1982)). Summarize the
controversy and Jensen's arguments.

1.7 The natural abundances of adjacent elements in the periodic table
usually differ by a factor of ten or more. Explain this phenomenon.
+5 ")n

1.8 Balance the following nuclear reaction: %¢Cm + ?C—

1.9 Explain how you would determine, using data you would look up in
tables, whether the nuclear reaction in Problem 1.8 corresponds to a
release of energy or not.

1.10 Consider the process of shielding in atoms, using Be as an example.
What is being shielded? What is it shielded from? What is doing the
shielding?

1.11 In general, ionization energies increase across a period from left to
right. Explain why the second ionization energy of chromium is higher,
not lower, than that of manganese.

1.12 Draw pictures of the two d orbitals in the xy-plane as flat
projections in the plane of the paper. Label each drawing with the
appropriate mathematical function, and include a labeled pair of
cartesian coordinate axes. Label the orbital lobes correctly with + and
— signs.

1.13 At various times the following two proposals have been advanced
for the elements to be included in Group 3: {a} Sc, Y, La, Ac; (b} Sc, Y, Lu,
Lr. Because ionic radii strongly influence the chemical properties of the
metallic elements, it might be thought that ionic radii could be employed
as one criterion for the periodic arrangement of the elements. Using this
criterion describe which of these sequences is preferred.
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The structures of
simple solids

This chapter surveys the potterns adopted by otoms ond ions in simple
solids ond explores the reosons why one orrongement may be preferred
to onother. We begin with the simplest model, in which otoms ore
represented by spheres ond the structure of the solid is the outcome of
stocking the spheres together densely. This close-pocked orrongement
provides o good description of many metols and o useful starting point
for the discussion of alloys and ionic solids. We then see thot the
structures of mony solids con be expressed in terms of a few commonly
occurring structural types. This clossificotion greotly simplifies the tosk
of remembering structures of solids. Furthermore, some structurol types
ore more likely when the bonding in the solid has portiolly covolent
chorocter ond some of the trends in structurol type therefore correlote
with the positions of the constituent otoms in the periodic toble. The
finol part of the chopter describes some of the porometers thot ore used
to rotionolize the trends in structure. These arguments olso systemotize
the discussion of the thermol stobilities ond solubilities of ionic solids.

The most elementary kind of chemical bonding is metallic bonding in
which the atoms of a single element lose one or more electrons to a
common sea. The strength of the bonding stems from the attraction
between these electrons and the cations left behind. The familiar properties
of metais stem from the nature of the bonding: metals are malleable and
ductile because the electrons can adjust rapidly to relocation of the cations,
and they are lustrous because the electrons can respond almost freely to an
incident wave of electromagnetic radiation and reflect it. Because metallic
bonding depends on electron loss to a common sea, it is characteristic of
elements with low ionization energies, those on the left of the periodic
table, through the d-block, and into part of the p-block close to the d-
block.

Not much more complex than metallic bonding is ionic bonding, in
which ions of different elements are held together in rigid, symmetrical
arrays as a result of the attraction between their opposite charges. lonic
bonding also depends on electron loss, so it is found typically in compounds
of metals with electronegative elements. However, there are plenty of
exceptions: not all compounds of metals are ionic and some compounds of
nonmetals {such as ammonium nitrate) are ionic.
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2.1 A two-dimensional solid and two
choices of unit cell. The entire crystal is
reproduced by translational displacements
of either unit cell, but (a} is generally
preferred because it displays the
maximum symmetry of the structure,
whereas (b) does not.

1 Close packing

THE STRUCTURES OF SIMPLE SOLIDS

The packing of spheres

The most significant feature of metals and ionic compounds is the arrangement adopted by
the atoms and ions that make up a crystal, and initially we concentrate on this aspect. The
arrangement of atoms or ions in simple structures can often be represented by different
arrangements of hard spheres. The spheres used to describe metallic solids represent neutral
atoms because each cation is still surrounded by its full complement of electrons. The spheres
used to describe ionic solids represent the cations and anions because there has been an
actual transfer of electrons from one type of atom to the other.

2.1 Unit cells and the description of crystal structure

A crystal of an element or compound can be regarded as constructed from regularly repeating
asymmetric units, which may be atoms, molecules, or ions. The space lattice is the pattern
formed by the points that represent the locations of these structural elements. More formally,
the space lattice is a three-dimensional, infinite array of points, each of which is surrounded
in an identical way by its neighboring points, and which defines the basic structure of the
crystal. In some cases an asymmetric unit may be centered on the lattice point, but that is not
necessary. The crystal structure itself is obtained by associating an identical asymmetric unit
with each lattice point. A unit cell of the crystal is an imaginary parallel-sided region from
which the entire crystal can be built up by purely translational displacements (Fig. 2.1)." There
is a wide range of choices in the selection of a unit cell, as the two-dimensional example in the
illustration shows, but it is generally preferable to choose the smallest cell that exhibits the
greatest symmetry. Thus, the unit cell in Fig. 2.1a is preferred to that shown in Fig. 2.1b. A
primitive unit cell has a lattice point at each vertex and nowhere else.

Many metallic and ionic solids can be regarded as constructed from entities such as atoms
and ions that may be represented as hard spheres. If there are no directional covalent bonds,
electrically neutral spheres are free to pack together as closely as geometry allows and hence
adopt a close-packed structure in which there is the least waste of space. In close-packed
structures of identical atoms each sphere has 12 neighbors, the greatest number that
geometry allows, and the spheres occupy all but 26 per cent of the available space. When
directional bonding is important, the resulting structures are no longer close-packed and the
coordination number (CN.) of an atom is less than 12. The attractions and repulsions
between the charged spheres used to represent ions also have a profound effect on the
packing pattern, but nevertheless we shall see that close-packed structures are often a good
starting point for the discussion of these solids too.

A unit cell is a subdivision of a crystal thot, when stacked together without rotation or
reflection, reproduces the crystal. The structure of solids may be described in terms of the
stacking of hord spheres representing the otoms or ions. In o close-pocked structure, there
is least woste of space.

2.2 The close packing of spheres

We can picture the formation of close-packed structures of identical spheres by laying close-
packed two-dimensional layers on top of each other. The first layer is started by placing a
sphere in the indentation between two touching spheres, so making a triangle (1). The layer is
then formed by continuing this process of laying spheres together in the indentations
between those already in place. A complete close-packed layer consists of spheres in contact,

" Three-dimensional structures are often difficult to visualize on a two-dimensional page, but crystal
models help to clarify the arrangements. Animation also clarifies three-dimensional structures. An
excellent source of animated structures is the CD-ROM Solid State Resources, JCE: Software, University

of Wisconsin, Department of Chemistry, 1101 University Ave,, Madison, WI 53706-1396.




HOLES IN CLOSE-PACKED STRUCTURES

with each sphere having six nearest neighbors in the plane (Fig. 2.2). This arrangement is
shown by the dark gray spheres in the illustration.

The second layer (mid gray) is formed by placing spheres in the dips of the first layer. The
third layer (light gray) can be laid in either of two ways and hence can give rise to either of
two polytypes, or structures that are the same in two dimensions (in this case, in the planes)
but different in the third. The coordination number is 12 for each polytype.”

In one polytype, the spheres of the third layer lie directly above the spheres of the first. This
ABAB . . . pattern of layers, where A denotes layers that have spheres directly above each
other and likewise for B, gives a structure with a hexagonal unit cell, and hence is said to be
hexagonally close-packed (hep, Fig. 2.3a). In the second polytype, the spheres of the third
layer are placed above the gaps in the first layer. The second layer covers half the holes in the
first layer and the third layer lies above the remaining holes. This arrangement results in an
ABCABC . . . pattern, where C denotes layers that have spheres directly above each other
but above the spheres of neither the A nor the B layers. This pattern corresponds to a
structure with a cubic unit cell (Fig. 2.3b). Hence it is cubic close-packed (ccp) or, more
specifically, face-centered cubic (fcc; the origin of this name will become clear later).

The close-pocking of identicol spheres con result in o voriety of polytypes, of which
hexogonol ond cubic close-pocked structures ore the most common.

(b)

2.2 The formation of two close-packed 2.3 (a) The hexagonal (hcp) unit of the
polytypes. (a) The third layer reproduces ABAB . . . close-packed solid and (b) the
the first, giving an ABA structure. (b) The cubic (fee) unit of the ABCABC . ..
third layer lies above the gaps in the first polytype. The tints of the spheres

layer, giving an ABC structure. The
different shadings identify the different
layers of identical spheres.

2.3 Holes in close-packed structures
The feature of a close-packed structure modeled by a collection of hard spheres that enables

us to extend the concept to describe structures more complicated than elemental metals is
2 later we shall see that many different polytypes can be formed; those described here are two very
important special cases.

correspond to the layers shown in Fig. 2.2
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2.4 The locations of octahedral holes

relative to the atoms in an fcc structure.

The holes take names from the relative
positions of lattice points around them.

2 Octahedral hole

5 Tetrahedral hole

THE STRUCTURES OF SIMPLE SOLIDS

the existence of two types of hole, or unoccupied space. The unoccupied space in a close-
packed structure amounts to 26 per cent of the total volume of a sample.* This figure is
obtained by considering a ccp unit cell composed of spheres of radius r. The side of such a cell
is 8'/2r, s0 its volume is 8%y, There are the equivalent of four complete spheres inside the
unit cell, so the total volume they occupy is 4(%7:)‘3). The occupied fraction is therefore
16m/8%/23, or 0.740. The type and distribution of holes are important because many
structures, including those of some alloys and many ionic compounds, can be regarded as
formed from an expanded close-packed arrangement in which additional atoms or ions
occupy all or some of the holes.

An octahedral hole lies between two oppositely directed planar triangles of spheres in
adjoining layers (2). If there are N atoms in the close-packed structure, there are N octahedral
holes. The distribution of these holes in an fcc arrangement is shown in Fig. 2.4. This
illustration also shows that the hole has local octahedral symmetry in the sense that it is
surrounded by six nearest-neighbor spheres with their centers at the corners of an
octahedron. If each hard sphere has radius r, then we show in the example below that each
octahedral hole can accommodate another hard sphere with a radius no larger than 0.414r.

Calculate the maximum radius of a sphere that may be accommodated in an octahedral hole
in a close-packed solid composed of spheres of radius r.

Answer The structure of a hole, with the top spheres removed, is shown in (3). If the radius of
a sphere is r and that of the hole is ry, it follows from the Pythagorean theorem that

(r+n) + (r 40" = (2r)7
and therefore that

(r+r) =27 or  r+n=2"
That is,

m= 022 1)r=0414r

A tetrahedral hole, T (5), is formed by a planar triangle of touching spheres capped by a
single sphere lying in the dip they form. There are two types of tetrahedral hole in any close-
packed solid: in one the apex of the tetrahedron is directed up (T) and in the other the apex
points down (T’). There are N tetrahedral holes of each type and 2N tetrahedral holes in all. In
a close-packed structure of spheres of radius r, a tetrahedral hole can accommodate another

as abruptly as the hard-sphere mode! suggests.

— — -
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STRUCTURES THAT ARE NOT CLOSE-PACKED

hard sphere of radius no greater than 0.225r (see Self-test 2.1). The location of tetrahedral
holes in an fec lattice is shown in Fig. 2.5; it can be seen from the illustration that each hole
has four nearest-neighbor spheres arranged at the corners of a tetrahedron. Larger spheres
may be accommodated in the holes if the close-packing of the parent structure is relaxed.
The structures of mony solids con be discussed in terms of neorly close-pocked structures
in which tetrahedrol or octohedral holes ore occupied by other otoms. An octohedral hole

can occommodote spheres of rodius 0.414r ond eoch type of tetrohedrol hole con
occommodote o sphere of radius 0.225r.

The structures of metals

X-ray diffraction studies (Box 2.1} reveal that many metallic elements have close-packed
structures, indicating that their atoms have only a weak tendency toward directed covalency
(Table 2.1). One consequence of this close packing is that metals often have high densities,
because most mass is packed into the smallest volume. Indeed, the elements deep in the d-
block, near iridium and osmium, include the densest solids known under normal conditions of
temperature and pressure. A feature of almost all hep metals is that they are distorted
from pure hard-sphere packing: in most cases the interlayer spacing is slightly less than
expected.

Table 2.1 The crystal structures adepted by some metallic elements at 25°C and 1 bar

Crystal structure Elements

Hexagonal close-packed (hcp) Be, Cd, Co, Mg, Ti, Zn

Cubic close-packed (fcc) Ag, Al, Au, Ca, Cu, Ni, Pb, Pt
Body-centered cubic (bee) Ba, Cr, Fe, W, alkali metals
Primitive cubic (cubic-P) Po

2.4 Polytypism

Which common close-packed polytype—hcp or fcc—a metal adopts depends on the details of
the electronic structure of the element, the extent of interaction between second-nearest
neighbors, and the residual effects of some directional character in their bonds. Indeed, a
close-packed structure need not be either of the common ABAB ... or ABCABC . ..
polytypes. An infinite range of polytypes can in fact occur, for the close-packed layers may
stack in a more complex manner.

Cobalt is an example of more complex polytypism. Above 500°C, cobalt is fcc, but it
undergoes a transition when cooled. The structure that results is a randomly stacked set
(ABACBABABC . . ) of close-packed layers. In some samples of cobalt (and of SiC too), the
polytypism is not random, for the sequence of planes repeats after several hundred layers. Itis
difficult to account for this behavior in terms of valence forces. The long-range repeat may be
a consequence of a spiral growth of the crystal that requires several hundred turns before a
stacking pattern is repeated.

Complex polytypism is sometimes observed for close-pocked structures.

2.5 Structures that are not close-packed

Not all metals are close-packed, and some other packing patterns use space nearly as
efficiently. Even metals that are close-packed may undergo a phase transition to a less closely
packed structure when they are heated and their atoms undergo large-amplitude vibrations.
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2.5 The locations of tetrahedral holes
relative to the atoms in an fcc structure.
There are two types of hole corresponding
to tetrahedra in different orientations.
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Box 2.1 X-ray diffraction

X-ray diffraction is the most widely used and least ambiguous
method for the precise determination of the positions of atoms in
molecules and solids. X-ray structure determinations play a much
more prominent role in inorganic chemistry than in organic
chemistry because inorganic molecules and solids are structurally
more diverse. Thus structural inferences from spectroscopic data
frequently suffice for organic molecules, but spectroscopy is less
successful for the unambiguous characterization of new inorganic
compounds. Additionally, the bonding in inorganic molecules is
more varied than in organic molecules, so inorganic chemists
depend on bond distance and bond angle information to infer the
nature of bonds.

A typical X-ray diffractometer (Fig. B2.1) consists of an X-ray
source with a fixed wavelength, a mount for a single crystal of the
compound being investigated, and an X-ray detector. The positions
of the detector and the crystal, which is typically as small as

Incident beam

B2.1 A schematic diagram of an X-ray diffractometer.

0.2 mm on a side, are controlled by a computer. For certain
orientations of the crystal relative to the X-ray beam the crystal
diffracts the X-rays at a fixed angle and the intensity is measured
when the detector is placed in the direction of this diffracted beam.
Under computer control, the detector is scanned through each
reflection while the intensities are recorded and stored. It is
common to collect data on the intensities and positions of over
1000 reflections, and to obtain more than ten observed reflections
for each structural parameter to be determined (positions of atoms
and a range of locations associated with their thermal motion). A
trial structure is chosen, either by means of a 'direct methods'
program or by hints from the diffraction data together with a
knowledge of physically reasonable arrangements of atoms. This
structural model is refined by systematic shifts in the atom positions
until satisfactory agreement between observed and calculated X-ray
diffraction intensities is obtained.

The pictorial display of an X-ray structure often has the
appearance of Fig. B2.2. This type of computer-generated drawing
is called an ORTEP diagram (an acronym for Oak Ridge Thermal
Ellipsoid Program). The ORTEP diagram depicts the bond distances
and bond angles of the molecule in the solid. In addition, the atoms
are displayed as ellipsoids that indicate the direction and amplitude
of their thermal motion. Since the restoring force for bond angle
bending is generally less than for bond stretching, the ellipsoids are
generally elongated in directions perpendicular to the bonds, as
clearly shown by the N atoms of the CN™ ligands in the illustration.

Further reading
G.H. Stout and LH. Jensen, X-ray structure determination: a
practical guide. Wiley, New York (1989).

A. Domenico and 1. Hargitai (ed.), Accurate molecular structures:
their determination and importance. Oxford University Press (1992).

Beam trap

Detector

B2.2 An ORTEP diagram of [Re(CN),]* in K4[Re(CN),}-2H,0.




POLYMORPHISM OF METALS

One common structure is the body-centered cubic (cubic-l or bee) structure in which
there is a sphere at the center of a cube with spheres at each corner (Fig. 2.6). Metals with this
structure have a coordination number of 8. Although a bee structure is less closely packed
than the ccp and hep structures (for which the coordination number is 12), the difference is
not very great because the central atom has six second-nearest neighbors only 15 per cent
further away. This arrangement leaves 32 per cent of the space unfilled compared with 26 per
cent in the close-packed structures.

The least common metallic structure is the primitive cubic (cubic-P) structure (Fig. 2.7), in
which spheres are located at the corners of a cube. The coordination number of a cubic-P
structure is only 6. One form of polonium (-Po) is the only example of this structure among
the elements under normal conditions. Solid mercury, however, has a closely related structure:
it is obtained from the simple cubic arrangement by stretching the cube along one of its body
diagonals. Although bismuth normally has a layer structure, it converts to a cubic-P structure
under pressure, and then to a bee structure at higher pressures.

Metals that have structures more complex than those described so far can sometimes be
regarded as slightly distorted versions of simple structures. Zinc and cadmium, for instance,
have almost hep structures, but the planes of close-packed atoms are separated by a slightly
greater distance than in pure hep. This difference suggests stronger bonding between the
atoms in the plane: the bonding draws these atoms together and, in doing so, squeezes out
the atoms of the neighboring layers.

A common non-close-packed structure is body-centered cubic; a primitive cubic structure

is occasionally observed. Metals that have structures more complex than those described
so far can sometimes be regarded as slightly distorted versions of simple structures.

f v
¥
(a) - (a)
(b) (b)
2.6 (a) A body-centered cubic (bec) unit 2.7 (a) A primitive cubic unit cell and (b)
cell and (b) its lattice-point its lattice-point representation.

representation.

2.6 Polymorphism of metals

The low directionality of the bonds that metal atoms may form accounts for the wide
occurrence of polymorphism, the ability to adopt different crystal forms, under different
conditions of pressure and temperature. Iron, for example, shows several solid-solid phase
transitions as it is heated and the atoms adopt new packing arrangements. It is often but not
universally found that the most closely packed phases are thermodynamically favored at low
temperatures and the less closely packed structures are favored at high temperatures.
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2.8 The structure of «-tin. Note its
relation to the fec unit cell in Fig. 2.5,
with an additional Sn atom in half the
tetrahedral holes. This structure is also
that of diamond, silicon, and germanium.

Table 2.2 The variation of radius with

coordination number

Coordination Relative
number radius
12 1

8 0.97

6 0.96

4 0.88

THE STRUCTURES OF SIMPLE SOLIDS

The polymorphs of metals are generally (but not always systematically) labeled =, 8,7, . ..
with increasing temperature. Some metals revert to a low-temperature form at higher
temperatures. lron, for example, is polymorphic: «-Fe, which is bee, occurs up to 906 °C, y-Fe,
which is fee, occurs up to 1401 °C, and then z-Fe occurs again up to the melting point at
1530°C. fi-Fe, which is hep, is formed at high pressures. A substance typically adopts a denser
arrangement at high pressures because the Gibbs energy of a phase with a low molar volume
(high density) increases more slowly with pressure than that of the phase with a high molar
volume.* Therefore, at sufficiently high pressures the Gibbs energy of the denser phase will lie
below that of the less dense phase, and the transition to the dense phase becomes
spontaneous.

The room-temperature polymorph of tin is white tin (-Sn): it undergoes a transition to
gray tin (2-Sn) below 14.2°C, but the conversion occurs at an appreciable rate only after
prolonged exposure to a much lower temperature. Gray tin has a diamond-like structure
(Fig. 2.8). The structure of white tin is unusual in that each atom has four nearest neighbors
that are more distant than in gray tin, as would be expected for the high-temperature form.
However, white tin is the appreciably denser polymorph (7.31 gem™ compared with
5.75 gem ? for gray tin). The explanation is that in white tin the second-nearest neighbors
are closer than in gray tin, so overall the solid is more compact. A further point of interest,
which shows that crystal structure can influence chemical properties through its influence on
kinetics, is that, when tin dissolves in concentrated hydrochloric acid, white tin forms tin(Il)
chloride whereas gray tin forms tin(IV) chloride.

The bec structure is common at high temperatures for metals that are close-packed at low
temperatures because the increased amplitude of atomic vibrations in the hotter solid
demands a less close-packed structure. For many metals (among them calcium, titanium, and
manganese), the transition temperature is above room temperature. For others (among them
lithium and sodium), the transition temperature is below room temperature. It is also found
empirically that a bee structure is favored by a small number of valence electrons per orbital.
This observation suggests that a dense electron sea is needed to draw cations together into
the close-packed arrangement and that the alkali metals do not have enough valence
electrons for such close packing to be achieved.

Polymorphism is o common consequence of the low directionolity of metollic bonding. A
bee structure is common ot high temperotures for metols thot ore close-pocked ot low
temperotures becouse the increosed omplitude of otomic vibrotions in the hotter solid
demond a less close-pocked structure.

2.7 Atomic radii of metals

An informal definition of the atomic radius of a metallic element was given in Section 1.8 as
half the distance between the centers of neighboring atoms in the solid. However, it is found
that this distance generally increases with the coordination number of the lattice. For
example, the same atom in lattices with different coordination numbers may appear to have
different radii, and an atom of an element with coordination number 12 appears bigger than
one with coordination number 8. In an extensive study of internuclear separations in a wide
variety of polymorphic elements and alloys, V. Goldschmidt found that the average relative
radii are as shown in Table 2.2.

It is desirable to put all elements on the same footing when comparing trends in their
characteristics—that is, when comparing the intrinsic properties of their atoms rather than
the properties that stem from their environment. Therefore, it is common to adjust the
empirical internuclear separation to the value that would be expected if the element were in
fact close-packed (with coordination number 12}. Thus, the empirical atomic radius of Na is

4

Gibbs energy, G,,, is more responsive to pressure if the molar volume, ¥, is large.
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1.85 /O% but that is for a structure in which the coordination number is 8. To adjust to 12-
coordination we multiply this radius by 1/0.97 = 1.03 and obtain 1.91 A as the radius that
an Na atom would have if it were in a close-packed structure.

Goldschmidt radii of the elements were in fact the ones listed in Table 1.5 as 'metallic radii’
and used in the discussion of the periodicity of atomic radius (Section 1.8). The essential
features of that discussion to bear in mind now are as follows:

e Atomic radii generally increase down a group.

e Atomic radii generally decrease from left to right across a period.

As remarked in Section 1.8, atomic radii reveal the presence of the lanthanide contraction in
Period 6, with atomic radii of the elements that follow the lanthanides found to be smaller
than simple extrapolation from earlier periods would suggest. As remarked there, this
contraction can be traced to the poor shielding effect of f electrons. A similar contraction
occurs across each row of the d-block.

The Galdschmidt carrection converts atomic radii ta the value they wauld have in a clase-
packed structure. Atamic radii generally increase dawn a graup and decrease fram left ta
right acrass a period.

2.8 Alloys

An alloy is a blend of metals prepared by mixing the molten components and then cooling the
mixture. Alloys may be homogeneous solid solutions, in which the atoms of one metal are
distributed randomly among the atoms of the other, or they may be compounds with a
definite composition and internal structure.

Solid solutions are sometimes classified as either substitutional or interstitial. A
substitutional solid solution is a solid solution in which atoms of the solute metal
occupy some of the locations of the solvent metal atoms (Fig. 2.9a). An interstitial solid
solution is a solid solution in which the solute atoms occupy the interstices (the holes)
between the solvent atoms (Fig. 2.9b). However, this distinction is not particularly
fundamental, because interstitial atoms often lie in a definite array (Fig. 2.9¢), and hence
can be regarded as a substitutional version of another structure. A better viewpoint is that a
solid solution is a new structure, and that its relation to the host structure may be largely
coincidental. Some of the classic examples of alloys are brass (up to 40 per cent zinc in
copper), bronze (a metal other than zinc or nickel in copper; casting bronze, for instance, is 10
per cent tin and 5 per cent lead), and stainless steel (over 12 per cent chromium in iron).

(a) Substitutional solid solutions
Substitutional solid solutions are generally formed if three criteria are fulfilled:

1 The atomic radii of the elements are within about 15 per cent of each other.

2 The crystal structures of the two pure metals are the same, for this indicates that the
directional forces between the two types of atom are compatible with each other.

3 The electropositive characters of the two components are similar, for otherwise
compound formation would be more likely.

Thus, although sodium and potassium are chemically similar and have bce structures, the
atomic radius of sodium (1.91 A) is 19 per cent smaller than that of potassium (2.35 A), and
the two metals do not form a solid solution. On the other hand, copper and nickel, two
neighbors late in the d-block, have similar electropositive character, similar crystal structures
(both fec), and similar atomic radii (Ni 1.25 A Cu 1.28 A, only 2.3 per cent different), and
form a continuous series of solid solutions, ranging from pure nickel to pure copper. Zinc,
copper's other neighbor in Period 4, has a similar atomic radius (1.37 A7 per cent larger), but
it is hep, not fee. In this instance, zinc and copper are partially miscible and form solid
solutions over only a limited concentration range.
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2.9 (a) Substitutional and (b) interstitial
alloys. (c) In some cases an interstitial
alloy may be regarded as a substitutional
alloy derived from another lattice.
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Substitutionol solid solutions moy be formed if the criterio set out obove ore fulfilled.

(b) Interstitial solid solutions of nonmetals

Interstitial solid solutions are formed by solute nonmetals (such as boron and carbon) that
have atoms small enough to inhabit the interstices in the solvent structure. The small atoms
enter the host solid with preservation of the crystal structure of the original metal; there is
either a simple whole-number ratio of metal and interstitial atoms (as in Fe,C), or the small
atoms are distributed randomly in the available holes in the metal. The former substances are
true compounds and the latter are solid solutions.

Considerations of size can help to decide whether the formation of a solid solution is likely.
Thus, the largest solute atom that can enter a close-packed solid without distorting the
structure appreciably is one that just fits an octahedral hole, which as we have seen has radius
0.414r (if the structure is modeled in terms of hard spheres). On geometrical grounds and
with no reconstruction of the crystal structure, to accommodate hard-sphere H, B, C, or N
atoms, the atomic radii of the host metal atoms must be no less than 0.89 A, 2.13 A, 1.86 A,
or2.19 /'i, respectively. The observation that the Period 4 metals close to nickel (which have
atomic radii close to 1.3 A) form an extensive series of interstitial solid solutions with boron,
carbon, and nitrogen must indicate that specific bonding occurs between the host and the
interstitial atom. Hence, as electronegativity considerations should lead us to expect, these
substances are best regarded as examples of compounds of the nonmetals, and they are
treated as such in Part 2.

Interstitiol solid solutions moy be formed by solute nonmetols with otoms smoll enough
to inhobit the interstices in the porent structure.

(c) Intermetallic compounds

In contrast to the interstitial solid solutions of metals and nonmetals, where geometrical
considerations are consistent with intuition, there is a class of solid solutions formed between
two metals that are better regarded as actual compounds despite the similarity of the
electronegativities of the metals. For instance, when some liquid mixtures of metals are
cooled, they form phases with definite structures that are often unrelated to the parent
structure. These phases are called intermetallic compounds. They include f-brass (CuZn)
and compounds of composition MgZn,, Cu,Au, and NasZn,,. Chemical formulas such as these
show the limiting compositions at the boundaries of phase diagrams and are not necessarily
applicable to a specific sample of the compound.

An intermetollic compound is o compound formed between metols.

lonic solids

lonic solids, such as sodium chloride and potassium nitrate, are often recognized by their
brittleness for, instead of there being an adaptable, mobile electron sea, the electrons available
from cation formation are pinned down to form a neighboring anion. They also commonly
have moderately high melting points and many are soluble in polar solvents, particularly
water. However, there are exceptions: calcium fluoride, CaF,, for example, is a high-melting
ionic solid, but it is insoluble in water. Ammonium nitrate, NH,NO,, is ionic, but melts at
170°C (and is treacherously unstable). The existence of anomalies like MgO and NH,NO,
points to the need for a more fundamental definition of an "ionic solid".

An indication that a solid is ionic is provided by X-ray diffraction, for the coordination
number of an ionic lattice is generally low: this low value is consistent with the low densities
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of ionic solids. However, although coordination number helps to distinguish metallic bonding
from ionic, it does not distinguish between ionic and covalent bonding: covalent solids also
have low coordination numbers {diamond, for example, has coordination number 4), and so
we need a more fundamental criterion.

The classification of a solid as ionic is based on comparison of its properties with those of
the ionic model, which treats the solid as an assembly of oppositely charged spheres that
interact primarily by Coulombic forces (together with repulsions between the complete shells
of the ions in contact). If the thermodynamic properties of the solid calculated on this model
agree with experiment, then the solid may be ionic. However, it should be noted that many
examples of coincidental agreement with the ionic model are known, so numerical agreement
alone does not imply ionic bonding.

As we did for metals, we start by describing some common ionic structures in terms of the
packing of hard spheres, but in this case the spheres have different sizes and opposite charges.
After that, we shall see how to rationalize the structures in terms of the energetics of crystal
formation. The structures we shall describe were obtained using X-ray diffraction and were
among the first inorganic solids to be examined in this way.

The ionic model treots a solid os on ossembly of oppositely chorged spheres that interact
primorily by Coulombic forces. If the thermodynomic properties of the solid calculoted on
this model ogree with experiment, then the solid may be ionic.

2.9 Characteristic structures of ionic solids

The ionic structures described in this section are prototypes of a wide range of solids. For
instance, although the rock-salt structure takes its name from a mineral form of NaCl, it is
characteristic of numerous other solids (Table 2.3). Many of the structures we describe can be
regarded as derived from arrays in which the anions (sometimes the cations) stack together in
fee or hep patterns and the counterions (the ions of opposite charge) occupy the octahedral or
tetrahedral holes in the lattice. Throughout the following discussion, it will be helpful to refer
back to Figs 2.4 and 2.5 to see how the structure being described is related to the hole
patterns shown there. The close-packed layer usually needs to expand in order to
accommodate the counterions, but this expansion is often a minor perturbation of the
anion arrangement. Hence, the close-packed structure is often a good starting point for the
discussion of ionic structures.

Table 2.3 Compounds with particular crystal structures

Crystal structure Example*
Antifluorite K,0, K5, Li,0, Na,0, Na,Se, Na,S
Cesium chloride CsCl, CaS, TISb, CsCN, CuZn
Fluorite CaF,, UO,, BaCl,, HgF,, Pb0,,
Nickel arsenide NiAs, NiS, FeS, PtSn, CoS
Perovskite CaTi0Q;, BaTiO,, SrTiO;
Rock salt NaCl, LiCl, KBr, Rbl, AgCl, AgBr, Mg0, Ca0, Ti0, Fe0,
NiO, SnAs, UC, ScN
Rutile TiO,, Mn0,, Sn0,, WO,, MgF,, NiF,
Sphalerite ZnS, CuCl, CdS, HgS, GaP, InAs
(zinc blende)
Wurtzite ZnS, ZnO, BeO, MnS, Agl,T AIN, SiC, NH,F

“The substance in bold type is the one that gives its name to the structure.
Silver iodide is also found with a sphalerite structure, which is metastable.

(@) The rock-salt structure

The rock-salt structure is based on an fcc array of bulky anions in which the cations occupy
all the octahedral holes (Fig. 2.10). Alternatively, it can be viewed as a structure in which the

2.10 The rock-salt structure. Note its
relation to the fcc structure in Fig. 2.4
with an anion in each octahedral hole.
Alternatively, regard the fcc lattice as the
location of anions, in which case the
cations occupy the octahedral holes.
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2.11 The cesium-chloride structure. Note
that the corner ions, which are shared by
eight cells, are surrounded by eight
nearest-neighbor atoms. The cation
occupies a cubic hole.

2.12 The sphalerite (zinc-blende}
structure. Note its relation to the fec
structure in Fig. 2.5, with half the
tetrahedral holes occupied by Zn?" ions.

THE STRUCTURES OF SIMPLE SOLIDS

anions occupy all the octahedral holes in an fcc array of cations. It can be seen from the
diagram that each ion is surrounded by an octahedron of six counterions. The coordination
number of each type of ion is therefore 6, and the structure is said to have (6,6)-
coordination. In this notation, the first number in parentheses is the coordination number of
the cation, and the second number is the coordination number of the anion.

To visualize the local environment of an ion in the rock-salt structure, we should note that
the six nearest neighbors of the central ion of the cell shown in Fig. 2.10 lie at the centers of
the faces of the cell and form an octahedron around the central ion. All six neighbors have a
charge that is opposite to that of the central ion. The 12 second-nearest neighbors of the
central ion, those next further away, are at the centers of the edges of the cell, and all have
the same charge as the central ion. The eight third-nearest neighbors are at the corners of the
unit cell, and have a charge opposite to that of the central ion.

When assessing the number of ions of each type in a unit cell we must take into account
that any ions that are not fully inside the cell are shared by neighboring cells:

1 An ion in the body of a cell belongs entirely to that cell and counts as 1.

2 An ion on a face is shared by two cells and contributes % to the cell in question.

3 An ion on an edge is shared by four cells and hence contributes %

4 Anion at a vertexis shared by eight cells that share the vertex, and so contributes %

In the unit cell shown in Fig. 2.10, there are the equivalent of four Na* ions and four Cl~ ions.
Hence, each unit cell contains four NaCl formula units.

The rack-salt structure cansists af an fce array af anians in which the catians accupy all
the actahedral hales {ar vice versa).

(b) The cesium-chloride structure

Much less common than the rock-salt structure is the cesium-chloride structure (Fig. 2.11),
which is possessed by CsCl, CsBr, and Csl as well as some other compounds formed of ions of
similar radii to these, including NH,Cl (see Table 2.3). The cesium-chloride structure has a
cubic unit cell with each vertex occupied by an anion and a cation occupying the 'cubic hole’
at the cell center (or vice versa). The coordination number of both types of ion is 8. Their radii
are so similar that this energetically highly favorable (8,8) form of packing is feasible, with
numerous counterions adjacent to a given ion.

The cesium-chlaride structure has a cubic unit cell with each vertex accupied by an anian
and a catian at the cell center [ar vice versa).

(c) The sphalerite structure

The sphalerite structure (Fig. 2.12), which is also known as the zinc-blende structure takes
its name from a mineral form of ZnS. It is based on an expanded fcc anion lattice, but now the
cations occupy one type of tetrahedral hole. Each ion is surrounded by four neighbors, so the
structure has (4, 4)-coordination.

The sphalerite structure cansists af an expanded fce anian lattice with catians accupying
ane type af tetrahedral hale.

How many ions are there in the unit cell shown in the sphalerite structure shown in
Fig. 2.127

Answer An ion in the body of the cell belongs entirely to that cell and counts as 1. An ion on
the face is shared by two adjacent unit cells and counts % Anion on an edge is shared by four
cells and so counts 1. An ion at a vertex is shared by eight cells and so counts % In the
sphalerite structure, the count is
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Location (share) Number Number Contribution
of cations of anions

Body (1) 4 0 4

Face (3) 0 6 3

Edge (3) 0 0 0

Vertex (1) 0 8 1

Total: 4 4 8

Note that there are four cations and four anions in the unit cell. This ratio is consistent with
the chemical formula ZnS.

(d) The fluorite and antifluorite structures
The fluorite structure takes its name from its exemplar fluorite (CaF,). In it, the Ca?" cations
lie in an expanded fcc array and the F~ anions occupy the two types of tetrahedral hole
(Fig. 2.13).% The antifluorite structure is the inverse of the fluorite structure in the sense that
the locations of cations and anions are reversed. The latter structure is shown by some alkali
metal oxides, including K,0. In it, the cations (which are twice as numerous as the anions)
occupy both types of tetrahedral hole of the fec array.®

In the fluorite structure, the anions in their tetrahedral holes have four nearest neighbors.
The cation site is surrounded by a cubic array of eight anions. From an alternative viewpoint,
the anions form a primitive cubic lattice and the cations occupy half the cubic holes in this
lattice. Note the relation of this structure to the cesium-chloride structure, in which all the
cubic holes are occupied. From either viewpoint, the lattice has (8, 4)-coordination, which is
consistent with there being twice as many anions as cations The coordination in the
antifluorite structure is the opposite, namely (8, 4).

In the fluorite structure, cotions occupy holf the cubic holes of o primitive cubic orroy of

onions. Alternotively, the anions occupy both types of tetrohedrol hole in on exponded fcc

lottice of cotions. In the ontifluorite structure, the roles of the cotions ond onions ore
reversed.

() The wurtzite structure

The wurtzite structure (Fig. 2.14) takes its name from another polymorph of zinc sulfide. It
differs from the sphalerite structure in being derived from an expanded hexagonally close-
packed anion array rather than a face-centered cubic array, but as in sphalerite the cations
occupy one type of tetrahedral hole. This wurtzite structure, which has (4, 4)-coordination, is
possessed by Zn0O, Agl, and one polymorph of SiC as well as several other compounds
(Table 2.3). The local symmetries of the cations and anions are identical toward their nearest
neighbors in wurtzite and sphalerite but differ at the second-nearest neighbors.

The wurtzite structure is derived from on exponded hexogonolly close-pocked anion arroy
with cations occupying one type of tetrohedrol hole.

(f) The nickel-arsenide structure

The nickel-arsenide structure (NiAs, Fig. 2.15) is also based on an expanded, distorted hep
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