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The elements

Name Symbol Atomic Molar mass Name Symbol Atomic Molar mass
number (g mol™7) number (g mol™7)
Actinium Ac 89 227 Meitnerium Mt 109 268
Aluminium (aluminum) Al 13 26.98 Mendelevium Md 101 258
Americium Am 95 243 Mercury Hg 80 200.59
Antimony Sbh 51 121.76 Molybdenun Mo 42 95.94
Argon Ar 18 39.95 Neodymium Nd 60 144.24
Arsenic As 33 74.92 Neon Ne 10 20.18
Astatine At 85 210 Neptunium Np 93 237
Barium Ba 56 137.33 Nickel Ni 28 58.69
Berkelium Bk 97 247 Niobium Nb 41 92.91
Beryllium Be 4 9.01 Nitrogen N 7 14.01
Bismuth Bi 83 208.98 Nobelium No 102 259
Bohrium Bh 107 264 Osmium Os 76 190.23
Boron B 5 10.81 Oxygen 0] 8 16.00
Bromine Br 35 79.90 Palladium Pd 46 106.42
Cadmium Cd 48 112.41 Phosphorus P 15 30.97
Caesium (cesium) Cs 55 132.91 Platinum Pt 78 195.08
Calcium Ca 20 40.08 Plutonium Pu 94 244
Californium Cf 98 251 Polonium Po 84 209
Carbon C 6 12.01 Potassium K 19 39.10
Cerium Ce 58 140.12 Praseodymium Pr 59 140.91
Chlorine cl 17 35.45 Promethium Pm 61 145
Chromium Cr 24 52.00 Protactinium Pa 91 231.04
Cobalt Co 27 58.93 Radium Ra 88 226
Copernicum ? 112 ? Radon Rn 86 222
Copper Cu 29 63.55 Rhenium Re 75 186.21
Curium Cm 96 247 Rhodium Rh 45 102.91
Darmstadtium Ds 110 271 Roentgenium Rg m 272
Dubnium Db 105 262 Rubidium Rb 37 85.47
Dysprosium Dy 66 162.50 Ruthenium Ru 44 101.07
Einsteinium Es 99 252 Rutherfordium Rf 104 261
Erbium Er 68 167.27 Samarium Sm 62 150.36
Europium Eu 63 151.96 Scandium Sc 21 44.96
Fermium Fm 100 257 Seaborgium Sg 106 266
Fluorine F 9 19.00 Selenium Se 34 78.96
Francium Fr 87 223 Silicon Si 14 28.09
Gadolinium Gd 64 157.25 Silver Ag 47 107.87
Gallium Ga 31 69.72 Sodium Na 11 22.99
Germanium Ge 32 72.64 Strontium Sr 38 87.62
Gold Au 79 196.97 Sulfur S 16 32.06
Hafnium Hf 72 178.49 Tantalum Ta 73 180.95
Hassium Hs 108 269 Technetium Tc 43 98
Helium He 2 4.00 Tellurium Te 52 127.60
Holmium Ho 67 164.93 Terbium Tb 65 158.93
Hydrogen H 1 1.008 Thallium Tl 81 204.38
Indium In 49 114.82 Thorium Th 90 232.04
lodine | 53 126.90 Thulium Tm 69 168.93
Iridium Ir 77 192.22 Tin Sn 50 118.71
Iron Fe 26 55.84 Titanium Ti 22 47.87
Krypton Kr 36 83.80 Tungsten W 74 183.84
Lanthanum La 57 138.91 Uranium U 92 238.03
Lawrencium Lr 103 262 Vanadium Vv 23 50.94
Lead Pb 82 207.2 Xenon Xe 54 131.29
Lithium Li 3 6.94 Ytterbium Yb 70 173.04
Lutetium Lu 71 174.97 Yttrium Y 39 88.91
Magnesium Mg 12 24.31 Zinc Zn 30 65.41
Manganese Mn 25 54.94 Zirconium Zr 40 91.22
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Preface

Our aim in the fifth edition of Shriver and Atkins’ Inorganic Chemistry is to provide a
comprehensive and contemporary introduction to the diverse and fascinating discipline of
inorganic chemistry. Inorganic chemistry deals with the properties of all of the elements
in the periodic table. These elements range from highly reactive metals, such as sodium,
to noble metals, such as gold. The nonmetals include solids, liquids, and gases, and range
from the aggressive oxidizing agent fluorine to unreactive gases such as helium. Although
this variety and diversity are features of any study of inorganic chemistry, there are under-
lying patterns and trends which enrich and enhance our understanding of the discipline.
These trends in reactivity, structure, and properties of the elements and their compounds
provide an insight into the landscape of the periodic table and provide a foundation on
which to build understanding.

Inorganic compounds vary from ionic solids, which can be described by simple ap-
plications of classical electrostatics, to covalent compounds and metals, which are best
described by models that have their origin in quantum mechanics. We can rationalize and
interpret the properties of most inorganic compounds by using qualitative models that
are based on quantum mechanics, such as atomic orbitals and their use to form molecular
orbitals. The text builds on similar qualitative bonding models that should already be fa-
miliar from introductory chemistry courses. Although qualitative models of bonding and
reactivity clarify and systematize the subject, inorganic chemistry is essentially an experi-
mental subject. New areas of inorganic chemistry are constantly being explored and new
and often unusual inorganic compounds are constantly being synthesized and identified.
These new inorganic syntheses continue to enrich the field with compounds that give us
new perspectives on structure, bonding, and reactivity.

Inorganic chemistry has considerable impact on our everyday lives and on other sci-
entific disciplines. The chemical industry is strongly dependent on it. Inorganic chemistry
is essential to the formulation and improvement of modern materials such as catalysts,
semiconductors, optical devices, superconductors, and advanced ceramic materials. The
environmental and biological impact of inorganic chemistry is also huge. Current topics
in industrial, biological, and environmental chemistry are mentioned throughout the book
and are developed more thoroughly in later chapters.

In this new edition we have refined the presentation, organization, and visual represen-
tation. All of the book has been revised, much has been rewritten and there is some com-
pletely new material. We have written with the student in mind, and we have added new
pedagogical features and have enhanced others.

The topics in Part 1, Foundations, have been revised to make them more accessible
to the reader with more qualitative explanation accompanying the more mathematical
treatments.

Part 2, The elements and their compounds, has been reorganized. The section starts with
a new chapter which draws together periodic trends and cross references forward to the
descriptive chapters. The remaining chapters start with hydrogen and proceed across the
periodic table from the s-block metals, across the p block, and finishing with the d- and
f-block elements. Most of these chapters have been reorganized into two sections: Essen-
tials describes the essential chemistry of the elements and the Detail provides a more thor-
ough account. The chemical properties of each group of elements and their compounds are
enriched with descriptions of current applications. The patterns and trends that emerge are
rationalized by drawing on the principles introduced in Part 1.

Part 3, Frontiers, takes the reader to the edge of knowledge in several areas of current
research. These chapters explore specialized subjects that are of importance to industry,
materials, and biology, and include catalysis, nanomaterials, and bioinorganic chemistry.

All the illustrations and the marginal structures—nearly 1500 in all—have been re-
drawn and are presented in full colour. We have used colour systematically rather than just
for decoration, and have ensured that it serves a pedagogical purpose.



Preface

We are confident that this text will serve the undergraduate chemist well. It provides the
theoretical building blocks with which to build knowledge and understanding of inorganic
chemistry. It should help to rationalize the sometimes bewildering diversity of descriptive
chemistry. It also takes the student to the forefront of the discipline and should therefore
complement many courses taken in the later stages of a programme.

Peter Atkins

Tina Overton
Jonathan Rourke
Mark Weller
Fraser Armstrong
Mike Hagerman

March 2009
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About the book

Inorganic chemistry is an extensive subject that at first sight can seem daunting. We have
made every effort to help by organizing the information in this textbook systematically,
and by including numerous features that are designed to make learning inorganic chemis-
try more effective and more enjoyable. Whether you work through the book chronologic-
ally or dip in at an appropriate point in your studies, this text will engage you and help you
to develop a deeper understanding of the subject. We have also provided further electronic
resources in the accompanying Book Companion Site. The following paragraphs explain

the features of the text and website in more detail.

Organizing the information

Key points

The key points act as a summary of the main take-home
message(s) of the section that follows. They will alert you to
the principal ideas being introduced.

Context boxes

The numerous context boxes illustrate the diversity of inor-
ganic chemistry and its applications to advanced materials,
industrial processes, environmental chemistry, and everyday
life, and are set out distinctly from the text itself.

Further reading

Each chapter lists sources where more information can be
found. We have tried to ensure that these sources are easily
available and have indicated the type of information each one
provided.

Resource section

At the back of the book is a collection of resources, including
an extensive data section and information relating to group
theory and spectroscopy.

2.1 The octet rule

Key point: Atoms share electron pairs until they have acquired an octet of valence electrons.

Lewis found that he could account for the existence of a wide range of molecules by pro-
posing the octet rule:

BOX 11.1 Lithium batteries

The very negative standard potential and low molar mass of lithium make  the redox reaction in a similar way to the cobalt. The latest generation of
it an ideal anode material for batteries. These batteries have high specific electric cars uses lithium battery technology rather than lead-acid cells.

energy (energy production divided by the mass of the battery) because  Another popular lithium battery uses thionyl chloride, SOCL, This system

lithium metal and compounds containing lithium are relatively light in
comparison with some other materials used in batteries, such as lead and
zinc. Lithium batteries are common, but there are many types based on
different lithium compounds and reactions.

“The lithium rechargeable battery, used in portable computers and phones,
mainly uses Liy_CoO, (x < 1) as the cathode with a lithium,/graphite anode,

produces a light, high+oltage cell with a stable energy output. The overall
reaction in the battery is

2Li(s) + 350CI(1) — LiCl(s) + S(s) + SO,(1)

The battery requires no additional solvent as both SOCI, and SO, are
liquids at the intemal battery pressure. This battery is not rechargeable as

FURTHER READING

P. Atkins and J. de Paula, Physical chemistry. Oxford University Press  P. Atkins and R. Friedman, Molecular quantum mechanics. Oxford
and W.H. Freeman & Co (2010). An account of the generation and ~ University Press (2005).
use of character tables without too much mathematical background.

For more rigorous introductions, see: J.S. Ogden, Introduction to
molecular symmetry. Oxford University Press (2001).

Resource section 1
Selected ionic radii

lonic radii are given (in picometres, pm) for the most common oxidation states and
coordination geometries. The coordination number is given in parentheses. All d-block
species are low-spin unless labelled with', in which case values for high-spin are quoted.
Most data are taken from R.D. Shannon, Acta Cryst., 1976, A32, 751, where values for
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x.

Problem solving

EXAMPLE 6.1 Identifying symmetry elements

Identify the symmetry elements in the eclipsed and staggered conformations of an ethane molecule.

Answer We need to identify the rotations, reflections, and inversions that leave the molecule apparently
unchanged. Don't forget that the identity is a symmetry operation. By inspection of the molecular models,

we see that the eclipsed conformation of a CH,CH, molecule (1) has the elements £, C,, C,, o,, o, and S..
The staggered conformation (2) has the elements £, C,, o, /, and S.

Lo Gy

Self-test 6.1 Sketch the S, axis of an NH; ion. How many of these axes does the ion possess?

EXERCISES

6.1 Draw sketches to identify the following symmetry clements: (a)

a C,axis and a o, planc in the NH, molecule, (b) a C, axis and a o,
planc in the square-planar [PCl, | ion.

6.2 Which of the following molecules and ions has (a) a centre of
inversion, (b) an S, axis: (i) CO,, (ii) C,H,, (iii) BF, (iv) SO;?

6.3 Determine the symmetry clements and assign the point group of
(a) NH,Cl, (b) CO¥, (c) SiF,, (d) HCN, (e) SiFCIBrI, (f) BF,

6.4 How many plancs of symmetry does a benzene molecule possess?
What chloro-substituted benzene of formula C,H,Cl,_, has exactly
four planes of symmetry?

6.5 Determine the symmetry clements of objects with the same shape
as the boundary surface of (a) an s orbital, (b) a p orbital, (c)a d,,
orbital, (d) a d.,, orbial.

6.6 (a) Determine the symmetry group of an SO ion. (b) What is
the maximum degeneracy of a molecular orbital in this ion? (c) If
the sulfur orbitals arc 3s and 3p, which of them can contribute to
molecular orbitals of this maximum degeneracy?

6.7 (a) Determine the point group of the PF, molecule. (Use VSEPR, if
necessary, to assign geometry.) (b) What is the maximum degeneracy
of its molecular orbitals? (c) Which P3p orbitals contribute to a
molecular orbital of this degeneracy?

220,213, and 83 cm™. Detailed analysis of the 369 and 295 cm™!
bands show them to arise from totally symmetric modes. Show that
the Raman spectrum is consistent with a trigonal-bipyamidal geometry.
6.9 How many vibrational modes does an SO, molecule have (a) in
the plane of the nuclei, (b) perpendicular to the molecular plane?
6.10 What are the symmetry specics of the vibrations of (a) SF,, (b)
BF, that are both IR and Raman active?
6.1 What are the symmetry species of the vibrational modes of a C,,
molecule that are neither IR nor Raman active?
6.12 The [AuCl,]" ion has D, symmetry. Determine the

T of all 3N displac and reduce it o obtain the
symmetry species of the irreducible representations.

6.13 How could IR and Raman spectroscopy be used to distinguish
between: (a) planar and pyramidal forms of P, (b) planar and
90°-twisted forms of B,F, (D, and D, respectively).

6.14 (a) Take the four hydrogen Is orbitals of CH, and determine how
they transform under T,. (b) Confirm that it is possible to reduce this
representation to A, + T,. (c) With which atomic orbitals on C would
it be possible to form MOs with Hls SALCs of symmetry A, + T,?
6.15 Consider CH, . Use the projection operator method to construct
the SALCs of A, + T, symmetry that derive from the four H1s orbitals.

PROBLEMS

6.1 Consider a molecule IF,0, (with I as the central atom). How many
isomers are possible? Assign point group designations to each isomer.
6.2 (a) Determine the point group of the most symmetric planar
conformation of B(OH), and the most symmetric nonplanar

conformation of B(OH),. Assume that the B—O—H bond angles are
109.5° in all conformations. (b) Sketch a conformation of B(OH),
that is chiral, once again keeping all three B—O—H bond angles
equal to 109.5°.

Examples and Selftests

We have provided numerous Worked examples throughout the
text. Each one illustrates an important aspect of the topic under
discussion or provides practice with calculations and problems.

Each Example is followed by a Self-test, where the answer
is provided as a check that the method has been mastered.
Think of Self-tests as in-chapter exercises designed to help
you monitor your progress.

Exercises

There are many brief Exercises at the end of each chapter.
Answers are found in the Answers section and fully worked
answers are available in the separate Solutions manual. The
Exercises can be used to check your understanding and gain
experience and practice in tasks such as balancing equations,
predicting and drawing structures, and manipulating data.

Problems

The Problems are more demanding in content and style than the
Exercises and are often based on a research paper or other addi-
tional source of information. Problems generally require a discur-
sive response and there may not be a single correct answer. They
may be used as essay type questions or for classroom discussion.

New Molecular Modelling Problems
Over the past two decades computational chemistry has
evolved from a highly specialized tool, available to relatively
few researchers, into a powerful and practical alternative to
experimentation, accessible to all chemists. The driving force
behind this evolution is the remarkable progress in computer
technology. Calculations that previously required hours or days
on giant mainframe computers may now be completed in a frac-
tion of time on a personal computer. It is natural and necessary
that computational chemistry finds its way into the undergradu-
ate chemistry curriculum. This requires a hands-on approach,
just as teaching experimental chemistry requires a laboratory.
With this edition we have the addition of new molecular
modelling problems for almost every chapter, which can be
found on the text’s companion web site. The problems were
written to be performed using the popular Spartan Student™
software. With purchase of this text, students can purchase
Wavefunction’s Spartan Student™ at a significant discount
from www.wavefun.com/cart/spartaned.html using the code
WHFICHEM. While the problems are written to be per-
formed using Spartan Student™ they can be completed using
any electronic structure program that allows Hartree-Fock,
density functional, and MP2 calculations.


www.wavefun.com/cart/spartaned.html

About the Book Companion Site

The Book Companion Site which accompanies this book provides teaching and learning
resources to augment the printed book. It is free of charge, and provides additional mater-
ial for download, much of which can be incorporated into a virtual learning environment.

You can access the Book Companion Site by visiting
www.whfreeman.com/ichemS5e

Please note that instructor resources are available only to registered adopters of the text-
book. To register, simply visit www.whfreeman.com/ichem5e and follow the appropriate
links. You will be given the opportunity to select your own username and password, which
will be activated once your adoption has been verified.

Student resources are openly available to all, without registration.

Instructor resources

Artwork

An instructor may wish to use the figures from this text in a lecture. Almost all the figures
are available in PowerPoint® format and can be used for lectures without charge (but not
for commercial purposes without specific permission).

Tables of data

All the tables of data that appear in the chapter text are available and may be used under
the same conditions as the figures.

New Molecular Modelling Problems

With this edition we have the addition of new molecular modelling problems for almost
every chapter, which can be found on the text’s companion web site. The problems were
written to be performed using the popular Spartan Student™ software. With purchase of this
text, students can purchase Wavefunction’s Spartan Student™ at a significant discount from
www.wavefun.com/cart/spartaned.html using the code WHFICHEM. While the problems
are written to be performed using Spartan Student™ they can be completed using any elec-
tronic structure program that allows Hartree-Fock, density functional, and MP2 calculations.

Student resources

3D rotatable molecular structures

Nearly all the numbered molecular structures featured in the book are available in a
three-dimensional, viewable, rotatable form along with many of the crystal structures
and bioinorganic molecules. These have been produced in collaboration with Dr Karl
Harrison, University of Oxford.

Group theory tables
Comprehensive group theory tables are available for downloading.

Videos of chemical reactions

Video clips showing demonstrations of inorganic chemistry reactions are available for
viewing.



www.whfreeman.com/ichem5e
www.whfreeman.com/ichem5e
www.wavefun.com/cart/spartaned.html

Solutions manual

As with the previous edition, Michael Hagerman, Christopher Schnabel, and Kandalam
Ramanujachary have produced the solutions manual to accompany this book. A Solu-
tion Manual (978-142-925255-3) provides completed solutions to most end of chapter
Exercises and Self-tests.

Spartan Student discount
With purchase of this text, students can purchase Wavefunction’s Spartan Student™ at a
significant discountat www.wavefun.com/cart/spartaned.html using the code WHFICHEM.

Answers to Self-tests and Exercises

Please visit the Book Companion Site at www.whfreeman.com/ichemSe/ to download a
PDF document containing answers to the end-of-chapter exercises in this book.


www.wavefun.com/cart/spartaned.html
www.whfreeman.com/ichem5e/
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PART 1

Foundations

The eight chapters in this part of the book lay the foundations of inorganic chemistry. The first
three chapters develop an understanding of the structures of atoms, molecules, and solids.
Chapter 1 introduces the structure of atoms in terms of quantum theory and describes important
periodic trends in their properties. Chapter 2 develops molecular structure in terms of increasingly
sophisticated models of covalent bonding. Chapter 3 describes ionic bonding and the structures
and properties of a range of typical ionic solids. The next two chapters focus on two major types
of reactions. Chapter 4 introduces the definitions of acids and bases, and uses their properties
to systematize many inorganic reactions. Chapter 5 describes oxidation and reduction, and dem-
onstrates how electrochemical data can be used to predict and explain the outcomes of redox
reactions. Chapter 6 shows how a systematic consideration of the symmetry of molecules can
be used to discuss the bonding and structure of molecules and help interpret the techniques
described in Chapter 8. Chapter 7 describes the coordination compounds of the elements. We
discuss bonding, structure, and reactions of complexes, and see how symmetry considerations
can provide useful insight into this important class of compounds. Chapter 8 provides a toolbox
for inorganic chemistry: it describes a wide range of the instrumental techniques that are used to
identify and determine the structures of compounds.
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Atomic structure

This chapter lays the foundations for the explanation of the trends in the physical and chemical
properties of all inorganic compounds. To understand the behaviour of molecules and solids we
need to understand atoms: our study of inorganic chemistry must therefore begin with a review
of their structures and properties. We begin with discussion of the origin of matter in the solar
system and then consider the development of our understanding of atomic structure and the be-
haviour of electrons in atoms. We introduce quantum theory qualitatively and use the results to
rationalize properties such as atomic radii, ionization energy, electron affinity, and electronegativ-
ity. An understanding of these properties allows us to begin to rationalize the diverse chemical
properties of the more than 110 elements known today.

The observation that the universe is expanding has led to the current view that about 15 billion
years ago the currently visible universe was concentrated into a point-like region that exploded
in an event called the Big Bang. With initial temperatures immediately after the Big Bang of
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, and the universe acquired
the potential for complex chemistry and the existence of life.

Table 1.1 summarizes the properties of the only subatomic particles that we need to con-
sider in chemistry. All the known elements—by 2008, 112 had been confirmed and several
more are candidates for confirmation—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

Table 1.1 Subatomic particles of relevance to chemistry

Practice Symbol Mass/m * Mass number ~ Charge/et  Spin
Electron e~ 5486 X 1074 0 =1 1
Proton p 1.0073 1 aF 1
Neutron n 1.0087 1 0 1
Photon Y 0 0 0 1
Neutrino v c.0 0 0 1
Positron e’ 5486 X 10 * 0 + 1 1
a particle a [ 4He** nucleus ] 4 +2 0
{3 particle [e~ ejected from nucleus] 0 =1 1
v photon Y [electromagnetic radiation from nucleus] 0 0 1

* Masses are expressed relative to the atomic mass constant, m, = 1.6605 X 10~ kg.
t The elementary charge is e = 1.602 X 107 C.
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1 Atomic structure

number, A, which is the total number of protons and neutrons in the nucleus. The mass
number 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 consisting of a sin-
gle proton. Far 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 for-
mal designation of deuterium is H, 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 ?H.

The origin of the elements

About two hours 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

10 0 s
Ca Fe
H Rﬂ TZ jg Earth's crust
o) 6/? W ﬂ Sr Ba
IS
g X Pb )
% . l R
[2]
8 M O Ar M
E  |He Ne
83 -2 Kr )2 M
- e
Rn
-6
10 30 50 70 90

Atomic number, Z

H»/OI

R Sun
Nf 0
2, MNQ -
2 |||
L
o 3 c -}
b M i

U L WP e

As

10 30 50 70 90
Atomic number, Z

Figure 1.1 The abundances of the elements in the Earth's crust and the Sun. Elements with odd Z are less
stable than their neighbours with even Z.



remain overwhelmingly the most abundant elements in the universe. However, nuclear re-
actions have formed a wide assortment of other elements and have immeasurably enriched
the variety of matter in the universe, and thus given rise to the whole area of chemistry.

1.1 The nucleosynthesis of light elements

Key points: The light elements were formed by nuclear reactions in stars formed from primeval hydro-
gen and helium; total mass number and overall charge are conserved in nuclear reactions; a large bind-
ing energy signifies a stable nucleus.

The earliest stars resulted from the gravitational condensation of clouds of H and He at-
oms. The compression of these clouds under the influence of gravity gave rise to high tem-
peratures 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 « particle (a *He nucleus with two
protons and two neutrons) fuses with a carbon-12 nucleus to give an oxygen-16 nucleus
and a y-ray photon (vy) is

12 4 16
CHio— %O+

This reaction releases 7.2 MeV of energy.! Nuclear reactions are very much more ener-
getic than normal chemical reactions because the strong force is much stronger than the
electromagnetic force that binds electrons to nuclei. Whereas a typical chemical reaction
might release about 10° k] mol™!, a nuclear reaction typically releases a million times more
energy, about 10° k] mol™'. In this nuclear equation, the nuclide, a nucleus of specific
atomic number Z and mass number A, is designated 2E , where E is the chemical symbol
of the element. Note that, in a balanced nuclear equation, the sum of the mass numbers of
the reactants is equal to the sum of the mass numbers of the products (12 + 4 = 16). The
atomic numbers sum similarly (6 + 2 = 8) provided an electron, e~, when it appears as a
B particle, is denoted (e and a positron, e*, is denoted %e. A positron is a positively charged
version of an electron: it has zero mass number (but not zero mass) 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 = n+e" +v.A
neutrino, v (nu), is electrically neutral and has a very small (possibly zero) mass.

Elements up to Z = 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 com-
plicated fusion cycle catalysed by C nuclei. (The stars that formed in the earliest stages of
the evolution of the cosmos lacked C nuclei and used noncatalysed H-burning reactions.)
Some of the most important nuclear reactions in the cycle are

Proton (p) capture by carbon-12: 2C+ip = BN+y
Positron decay accompanied by neutrino (v) emission: N — DC+e* +v
Proton capture by carbon-13: BC+ip = “N+y
Proton capture by nitrogen-14: UN+lp = 30+y
Positron decay, accompanied by neutrino emission: 5O = UN+e +v

1 . 15 1 12 4
Proton capture by nitrogen-135: N+ip = 2C+3a

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 = Jat+2e +2v+3y

! An electronvolt (1 eV) is the energy required to move an electron through a potential difference of 1 V.
It follows that 1 eV = 1.602 X 107" J, which is equivalent to 96.48 k] mol™'; 1 MeV = 10° eV.

The origin of the elements
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Figure 1.2 Nuclear binding energies. The
greater the binding energy, the more stable
is the nucleus. Note the alternation in
stability shown in the inset.

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 provide the energy required to bring about 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% kg m~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 a particles goes on to react with more a particles to produce the more stable
carbon nuclide * C:

8 4 12
Bet+ia — C+y

Thus, the helium-burning stage of stellar evolution does not result in the formation of
Be as a stable end product; for similar reasons, low concentrations of Li and B are also
formed. 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 accom-
panied by proton emission:

14 1 14 1
IN+ n - 2C+p

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 these elements
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 neu-
trons because, according to Einstein’s theory of relativity, mass and energy are related
by E = mc?, where c is the speed of light. Therefore, if the mass of a nucleus differs from
the total mass of its components by Am = m - m then its binding energy is

nucleons nucleus?

E, , = (Am)c*. The binding energy of *°Fe, for example, is the difference in energy between
the °Fe nucleus and 26 protons and 30 neutrons. A positive binding energy corresponds to
a nucleus that has a lower, more favourable, energy (and lower mass) than its constituent
nucleons (Box 1.1).

Figure 1.2 shows the binding energy per nucleon, E,, /A (obtained by dividing the total
binding energy by the number of nucleons), for all the elements. Iron and nickel occur at
the maximum of the curve, showing that their nucleons are bound more strongly than
in any other nuclide. Harder to see from the graph is an alternation of binding energies
as the atomic number varies from even to odd, with even-Z nuclides slightly more stable
than their odd-Z neighbours. There is a corresponding alternation in cosmic abundances,
with nuclides of even atomic number being marginally more abundant than those of odd
atomic number. This stability of even-Z nuclides is attributed to the lowering of energy by
pairing nucleons in the nucleus.

1.2 The nucleosynthesis of heavy elements

Key point: Heavier nuclides are formed by processes that include neutron capture and subsequent
B decay.

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

23 4 26 1
1oNa—i— ja o Mg+ on
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BOX 1.1 Nuclear fusion and nuclear fission

If two nuclei with mass numbers lower than 56 merge to produce a new
nucleus with a larger nuclear binding energy, the excess energy is released.
This process is called fusion. For example, two neon-20 nuclei may fuse to
give a calcium-40 nucleus:

22Ne — %Ca
The value of £, /A for Ne is approximately 8.0 MeV. Therefore, the total
binding energy of the species on the lefthand side of the equation is 2 X
20 X 8.0 MeV = 320 MeV. The value of £, , /A for Ca is close to 8.6 MeV
and so the total energy of the species on the righthand side is 40 X 8.6
MeV = 344 MeV. The difference in the binding energies of the products
and reactants is therefore 24 MeV.

For nuclei with A > 56, binding energy can be released when they split
into lighter products with higher values of £ . /A. This process is called
fission. For example, uranium-236 can undergo fission into (among many
other modes) xenon-140 and strontium-93 nuclei:

U > Xe+E Srekn

The values of £ /A for 2°U, °Xe, and *Sr nuclei are 7.6, 8.4, and 8.7 MeV,
respectively. Therefore, the energy released in this reaction is (140 X 8.4) +
(93 X 8.7) — (236 X 7.6) MeV = 191.5 MeV for the fission of each 2**U nucleus.

Fission can also be induced by bombarding heavy elements with
neutrons:

RU+ o — fissionproducts + neutrons

The kinetic energy of fission products from 23°U is about 165 MeV, that of
the neutrons is about 5 MeV, and the -y-rays produced have an energy of
about 7 MeV. The fission products are themselves radioactive and decay
by B- y- and Xradiation, releasing about 23 MeV. In a nuclear fission
reactor the neutrons that are not consumed by fission are captured with
the release of about 10 MeV. The energy produced is reduced by about 10
MeV, which escapes from the reactor as radiation, and about 1 MeV which
remains as undecayed fission products in the spent fuel. Therefore, the total
energy produced for one fission event is about 200 MeV, or 32 pJ. It follows
that about T W of reactor heat (where T W = 1 J s7') corresponds to about
3.1 X 10 fission events per second. A nuclear reactor producing 3 GW has
an electrical output of approximately T GW and corresponds to the fission
of 3 kg of 23°U per day.

The use of nuclear power is controversial in large part on account of
the risks associated with the highly radioactive, long-lived spent fuel. The
declining stocks of fossil fuels, however, make nuclear power very attractive
as it is estimated that stocks of uranium could last for about 100 years. The
cost of uranium ores is currently very low and one small pellet of uranium
oxide generates as much energy as three barrels of oil or 1 tonne of coal.
The use of nuclear power would also drastically reduce the rate of emission
of greenhouse gases. The environmental drawback with nuclear power is
the storage and disposal of radioactive waste and the public's continued
nervousness about possible nuclear accidents and misuse in pursuit of
political ambitions.

Under conditions of intense neutron flux, as in a supernova (one type of stellar explosion),
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 B particle (a high-velocity electron, e”). Because B decay leaves the mass number
of the nuclide unchanged but increases its atomic number by 1 (the nuclear charge increases
by 1 unit when an electron is ejected), a new element is formed. An example is

Neutron capture:

Followed by B decay accompanied by neutrino emission:

98 1 99
sMo+ n = “Mo+y

99 99 -
Mo — Y Tet+e +v

The daughter nuclide, the product of a nuclear reaction ( J; Tc , an isotope of technetium,
in this example), can absorb another neutron, and the process can continue, gradually

building up the heavier elements (Box 1.2).

BOX 1.2 Technetium—the first synthetic element

A synthetic element is one that does not occur naturally on Earth but
that can be artificially generated by nuclear reactions. The first synthetic
element was technetium (Tc, Z = 43), named from the Greek word for
‘artificial’. Its discovery—more precisely, its preparation—filled a gap in the
periodic table and its properties matched those predicted by Mendeleev.
The longestlived isotope of technetium (**Tc) has a halfife of 4.2 million
years so any produced when the Earth was formed has long since decayed.
Technetium is produced in red giant stars.

The most widely used isotope of technetium is **™Tc, where the ‘m'’
indicates a metastable isotope. Technetium-99m emits high-energy y-rays
but has a relatively short halflife of 6.01 hours. These properties make
the isotope particularly attractive for use in vivo as the y-ray energy is
sufficient for it to be detected outside the body and its half-life means

that most of it will have decayed within 24 hours. Consequently, **™Tc is
widely used in nuclear medicine, for example in radiopharmaceuticals for
imaging and functional studies of the brain, bones, blood, lungs, liver,
heart, thyroid gland, and kidneys. Technetium-99m is generated through
nuclear fission in nuclear power plants but a more useful laboratory
source of the isotope is a technetium generator, which uses the decay
of **Mo to **™Tc. The halflife of ®*Mo is 66 hours, which makes it more
convenient for transport and storage than *°Tc itself. Most commercial
generators are based on **Mo in the form of the molybdate ion, MoO 2-,
adsorbed on Al,0.. The ®Mo0;~ ion decays to the pertechnetate ion,
99mcO,”, which is less tightly bound to the alumina. Sterile saline solution
is washed through a column of the immobilized **Mo and the *™Tc
solution is collected.
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Figure 1.3 The spectrum of atomic
hydrogen and its analysis into series.

EXAMPLE 1.1 Balancing equations for nuclear reactions

Synthesis of heavy elements occurs in the neutron-capture reactions believed to take place in the interior of
cool ‘red giant' stars. One such reaction is the conversion of $ Zn to $?Ga by neutron capture to form $Zn,

which then undergoes B decay. Write balanced nuclear equations for this process.

Answer We use the fact that the sum of the mass numbers and the sum of the atomic numbers on each
side of the equation must be the same. Neutron capture increases the mass number of a nuclide by 1 but
leaves the atomic number (and hence the identity of the element) unchanged:

%Zn+in > S7Zn+ry
The excess energy is carried away as a photon. The loss of an electron from the nucleus by B decay 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

69 69 -
win — SGate

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

Self-test 1.1 Write the balanced nuclear equation for neutron capture by Br.

The structures 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 hydrogen-like or 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 intro-
duce to build up an approximate description of the structures of many-electron atoms (or
polyelectron atoms), which are atoms with more than one electron.

1.3 Spectroscopic information

Key points: Spectroscopic observations on hydrogen atoms suggest that an electron can occupy only
certain energy levels and that the emission of discrete frequencies of electromagnetic radiation occurs
when an electron makes a transition between these levels.

Electromagnetic radiation is emitted when an electric discharge is passed through hydro-
gen gas. When passed through a prism or diffraction grating, this radiation is found to
consist of a series of components: one in the ultraviolet region, one in the visible region,
and several in the infrared region of the electromagnetic spectrum (Fig. 1.3; Box 1.3).
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BOX 1.3 Sodium street lamps

The emission of light when atoms are excited is put to good use in lighting
streets in many parts of the world. The widely used yellow street lamps are
based on the emission of light from excited sodium atoms.

Low pressure sodium (LPS) lamps consist of a glass tube coated with
indium tin oxide (ITO), a solid solution of In,0, with typically 10 per cent
by mass SnO,. The indium tin oxide reflects the infrared radiation and
transmits the visible light. Two inner glass tubes hold solid sodium and
a small amount of neon and argon, the same mixture as found in neon

lights. When the lamp is turned on, the neon and argon emit a red glow
and heat the sodium metal. The sodium rapidly starts to vaporize and
the electrical discharge excites the atoms and they re-emit the energy
as yellow light from the transition 3p — 3s. One advantage of sodium
lamps over other types of street lighting is that their light output does not
diminish with age. They do, however, use more energy towards the end of
their life, which may make them less attractive from environmental and
economic perspectives.

The nineteenth-century spectroscopist Johann Rydberg found that all the wavelengths

(A, lambda) can be described by the expression

1 1 1
=Rl —_-
A [nz nzj

1 2

(1.1)

where R is the Rydberg constant, an empirical constant with the value 1.097 X 107 m~'. The
n are integers, with n, = 1,2,...andn, = n + 1,1, + 2,....The series with , = 1 is called
the Lyman series and lies in the ultraviolet. The series with 7, = 2 lies in the visible region
and is called the Balmer series. The infrared series include the Paschen series (n, = 3) and the

Brackett series (n, = 4).

The structure of the spectrum is explained if it is supposed that the emission of radiation
takes place when an electron makes a transition from a state of energy —hcR/n,? to a state of
energy —hcR/n* and that the difference, which is equal to hcR(1/n,* — 1/n,?),is carried away as
a photon of energy hc/A. By equating these two energies, and cancelling hc, we obtain eqn 1.1.

The question these observations raise is why the energy of the electron in the atom is
limited to the values —hcR/n* and why R has the value observed. An initial attempt to
explain these features was made by Niels Bohr in 1913 using an early form of quantum
theory in which he supposed that the electron could exist in only certain circular orbits.
Although he obtained the correct value of R, his model was later shown to be untenable
as it conflicted with the version of quantum theory developed by Erwin Schrodinger and

Werner Heisenberg in 1926.

1.4 Some principles of quantum mechanics

Key points: Electrons can behave as particles or as waves; solution of the Schrédinger equation gives
wavefunctions, which describe the location and properties of electrons in atoms. The probability of find-
ing an electron at a given location is proportional to the square of the wavefunction. Wavefunctions
generally have regions of positive and negative amplitude, and may undergo constructive or destruc-

tive interference with one another.

In 1924, Louis de Broglie suggested that because electromagnetic radiation could be con-
sidered to consist of particles called photons yet at the same time exhibit wave-like prop-
erties, such as interference and diffraction, then the same might be true of electrons. This
dual nature is called wave—particle duality. An immediate consequence of duality is that
it is impossible to know the linear momentum (the product of mass and velocity) and the
location of an electron (and any particle) simultaneously. This restriction is the content of
Heisenberg’s uncertainty principle, that the product of the uncertainty in momentum and
the uncertainty in position cannot be less than a quantity of the order of Planck’s constant

(specifically, 1%, where &7 = h/2n).

Schroédinger formulated an equation that took account of wave—particle duality and ac-
counted for the motion of electrons in atoms. To do so, he introduced the wavefunction,
i (psi), a mathematical function of the position coordinates x, y, and z which describes the
behaviour of an electron. The Schrodinger equation, of which the wavefunction is a solu-

tion, for an electron free to move in one dimension is

Kinetic energy

contribution Potential energy ~ Total energy

f—ﬁ’z?dl contribution contribution
- + Vx)g(x) = Eg(x)

2m_ dx?

(1.2)
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where m_is the mass of an electron, V is the potential energy of the electron, and E is its
total energy. The Schrodinger equation is a second-order differential equation that can
be solved exactly for a number of simple systems (such as a hydrogen atom) and can be
solved numerically for many more complex systems (such as many-electron atoms and
molecules). However, we shall need only qualitative aspects of its solutions. The generali-
zation of eqn 1.2 to three dimensions is straightforward, but we do not need its explicit
form.

One crucial feature of eqn 1.2 and its analogues in three dimensions is that physi-
cally acceptable solutions exist only for certain values of E. Therefore, the quantiza-
tion of energy, the fact that an electron can possess only certain discrete energies in an
atom, follows naturally from the Schrodinger equation, in addition to the imposition
of certain requirements (‘boundary conditions’) that restrict the number of acceptable
solutions.

A wavefunction contains all the dynamical information possible about the electron, in-
cluding where it is and what it is doing. Specifically, the probability of finding an electron
at a given location is proportional to the square of the wavefunction at that point, ¢>. Ac-
cording to this interpretation, there is a high probability of finding the electron where /?
is large, and the electron will not be found where ¢/ is zero (Fig. 1.4). The quantity ¢/ is
called the probability density of the electron. It is a ‘density’ in the sense that the product
of ¢ and the infinitesimal volume element d7 = dxdydz (where 7 is tau) is proportional
to the probability of finding the electron in that volume. The probability is equal to *dr
if the wavefunction is ‘normalized’. A normalized wavefunction is one that is scaled so that
the total probability of finding the electron somewhere is 1.

Like other waves, wavefunctions in general have regions of positive and negative am-
plitude, or sign. The sign of the wavefunction is of crucial importance when two wave-
functions spread into the same region of space and interact. 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. 1.5a). It
means that, where the two wavefunctions spread into the same region of space, such as
occurs when two atoms are close together, there may be a significantly enhanced probabil-
ity of finding the electrons in that region. Conversely, a positive region of one wavefunc-
tion may be cancelled by a negative region of the second wavefunction (Fig. 1.5b). This
destructive interference between wavefunctions reduces the probability that an electron
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 help keep track of the relative signs
of different regions of a wavefunction in illustrations, we label regions of opposite sign
with dark and light shading (sometimes white in the place of light shading).

1.5 Atomic orbitals

The wavefunction of an electron in an atom is called an atomic orbital. Chemists use
hydrogenic atomic orbitals to develop models that are central to the interpretation of in-
organic chemistry, and we shall spend some time describing their shapes and significance.

(a) Hydrogenic energy levels

Key points: The energy of the bound electron is determined by n, the principal quantum number; in
addition, / specifies the magnitude of the orbital angular momentum and m, specifies the orientation of
that angular momentum.

Each of the wavefunctions obtained by solving the Schrodinger equation for a hydrogenic
atom is uniquely labelled by a set of three integers called quantum numbers. These quan-
tum numbers are designated 7, [, and m2;: 7 is called the principal quantum number, /is the
orbital angular momentum quantum number (formerly the ‘azimuthal quantum number’),
and m, is called the magnetic quantum number. Each quantum number specifies a physical
property of the electron: 7 specifies the energy, / labels the magnitude of the orbital angular
momentum, and 7, labels the orientation of that angular momentum. The value of 7 also
indicates the size of the orbital, with high 7, high-energy orbitals more diffuse than low
n compact, tightly bound, low-energy orbitals. The value of / also indicates the angular
shape of the orbital, with the number of lobes increasing as [ increases. The value of 772, also
indicates the orientation of these lobes.
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The allowed energies are specified by the principal quantum number, #. For a hydro-
genic atom of atomic number Z, they are given by

2
@:—hf? (1.3)
withn =1,2,3,...and
m e*
R=—=:= 1.4
8h’ce} (14)

(The fundamental constants in this expression are given inside the back cover.) The calcu-
lated numerical value of R is 1.097 X 107 m™!, in excellent agreement with the empirical
value determined spectroscopically. For future reference, the value of hcR corresponds to
13.6 eV. The zero of energy (at n = o) corresponds to the electron and nucleus being wide-
ly separated and stationary. Positive values of the energy correspond to unbound states
of the electron in which it may travel with any velocity and hence possess any energy.
The energies given by eqn 1.3 are all negative, signifying that the energy of the electron
in a bound state is lower than a widely separated stationary electron and nucleus. Finally,
because the energy is proportional to 1/7%, the energy levels converge as the energy increases
(becomes less negative, Fig. 1.6).

The value of [ specifies the magnitude of the orbital angular momentum through
{I(I + 1)}'25, with [ = 0, 1, 2,.... We can think of [ as indicating the rate at which
the electron circulates around the nucleus. As we shall see shortly, the third quantum
number 72, specifies the orientation of this momentum, for instance whether the circu-
lation is clockwise or anticlockwise.

(b) Shells, subshells, and orbitals

Key points: All orbitals with a given value of n belong to the same shell, all orbitals of a given shell
with the same value of / belong to the same subshell, and individual orbitals are distinguished by the
value of m,

In a hydrogenic atom, all orbitals with the same value of 7 have the same energy and 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 # and hence with the same energy and
approximately the same radial extent. Shells with 7 = 1,2, 3 ... are commonly referred to
as K, L, M, ... shells.

The orbitals belonging to each shell are classified into subshells distinguished by a quan-
tum number [. For a given value of 7, the quantum number / can have the values / = 0,
1,..., n — 1, giving n different values in all. For example, the shell with » = 1 consists
of just one subshell with [ = 0, the shell with 7 = 2 consists of two subshells, one with
| = 0 and the other with [ = 1, the shell with #z = 3 consists of three subshells, with values of
[ of 0,1, and 2. It is common practice to refer to each subshell by a letter:

Value of / 0 1 2 3 4
Subshell designation s p d f g

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, 72, which can have the 2/ + 1 integer
values from +/ down to —/. This quantum number specifies the component of orbital an-
gular momentum around an arbitrary axis (commonly designated z) passing through the
nucleus. So, for example, a d subshell of an atom (I = 2) consists of five individual atomic
orbitals that are distinguished by the values m, = +2, +1,0, =1, —=2.

A note on good practice Write the sign of m, even when it is positive. Thus, we write m, = +2, not m, = 2.

The practical conclusion for chemistry from these remarks is that there is only one orbit-
al in an s subshell (/ = 0), the one with 72, = 0: this orbital is called an s orbital. There are
three orbitals in a p subshell (/ = 1), with quantum numbers 72, = +1, 0, —1; they are called
p orbitals. The five orbitals of a d subshell (I = 2) are called d orbitals, and so on (Fig. 1.7).
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Figure 1.6 The quantized energy levels of
an Hatom (Z= 1) and an He" ion (Z = 2).
The energy levels of a hydrogenic atom are
proportional to Z2.
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Figure 1.7 The classification of orbitals into
subshells (same value of /) and shells (same
value of n).
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Figure 1.8 Spherical polar coordinates: »
is the radius, 0 (theta) the colatitude, and
¢ (phi) the azimuth.

EXAMPLE 1.2 Identifying orbitals from quantum numbers

Which set of orbitals is defined by n = 4 and / = 1?7 How many orbitals are there in this set?

Answer We need to remember that the principal quantum number n identifies the shell and that the orbital
quantum number / identifies the subshell. The subshell with / = 1 consists of p orbitals. The allowed values
of m =1 1—1,..., —Igive the number of orbitals of that type. In this case, m, = +1, 0, and —1. There
are therefore three 4p orbitals.

Self-test 1.2 Which set of orbitals is defined by the quantum numbers n = 3 and / = 2? How many orbitals
are there in this set?

(c) Electron spin

Key points: The intrinsic spin angular momentum of an electron is defined by the two quantum num-
bers s and m_. Four quantum numbers are needed to define the state of an electron in a hydrogenic
atom.

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. These additional quantum numbers relate to the intrinsic angular
momentum of an electron, its spin. This evocative name suggests that an electron can be
regarded 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
quantum mechanical property and this analogy must be viewed with great caution.

Spin is described by two quantum numbers, s and #2_. The former is the analogue of / for
orbital motion but it is restricted to the single, unchangeable value s = 3. The magnitude
of the spin angular momentum is given by the expression {s(s + 1)}"?%, so for an electron
this magnitude is fixed at %\/375 for any electron. The second quantum number, the spin
magnetic quantum number, 72, may take only two values, +1 (anticlockwise spin, imag-
ined from above) and —1 (clockwise spin). The two states are often represented by the
two arrows T (‘spin-up’, m_=+7%) and ! (‘spin-down’, m_=—1%) or by the Greek letters
a and B, 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 #, [, m, and m_(the fifth quantum
number, s, is fixed at 1).

(d) Nodes

Key point: Regions where wavefunctions pass through zero are called nodes.

Inorganic chemists generally find it adequate to use visual representations of atomic or-
bitals rather than mathematical expressions. However, we need to be aware of the math-
ematical expressions that underlie these representations.

Because the potential energy of an electron in the field of a nucleus is spherically sym-
metric (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

Variation with radius ~ Variation with angle
—_— —_—

Uy = R,(r) X Y, (6,4) (1.5)
This expression expresses the simple idea that a hydrogenic orbital can be written as the
product of a function R(r) of the radius and a function Y(6,¢) of the angular coordinates.
The positions where either component of the wavefunction passes through zero are called
nodes. Consequently, there are two types of nodes. Radial nodes occur where the radial
component of the wavefunction passes through zero and angular nodes occur where the
angular component of the wavefunction passes through zero. The numbers of both types
of node increase with increasing energy and are related to the quantum numbers 7 and .



The structures of hydrogenic atoms

(e) The radial variation of atomic orbitals

Key point: An s orbital has nonzero amplitude at the nucleus; all other orbitals (those with / > 0) van-

ish at the nucleus.

Figures 1.9 and 1.10 show the radial variation of some atomic orbitals. A 1s orbital, the
wavefunction with » = 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 and this distance increases as 7 increases. Some orbitals
oscillate through zero close to the nucleus and thus have one or more radial nodes before
beginning their final exponential decay. As the principal quantum number of an electron
increases, it is found further away from the nucleus and its energy increases.

An orbital with quantum numbers 7 and / in general has 7 — [ — 1 radial nodes. This os-
cillation is evident in the 2s orbital, the orbital with » = 2,/ = 0, and m, = 0, which 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 [ = 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. For any
series of the same type of orbital, the first occurrence has no radial nodes, the second has
one radial node, and so on.

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 chemistry.

EXAMPLE 1.3 Predicting numbers of radial nodes

How many radial nodes do 3p, 3d, and 4f orbitals have?

Answer We need to make use of the fact that the number of radial nodes is given by the expression
n—I/— 1anduse it to find the values of n and /. The 3p orbitals have n = 3 and / = 1 and the number of
radial nodes will be n — | — 1 = 1. The 3d orbitals have n = 3 and / = 2. Therefore, the number of radial
nodes will n — / — 1 = 0. The 4f orbitals have n = 4 and / = 3 and the number of radial nodes will be
n — [ — 1= 0.The 3d and 4f orbitals are the first occurrence of the d and f orbitals so this also indicates
that they will have no radial nodes.

Self-test 1.3 How many radial nodes does a 5s orbital have?

() The radial distribution function

Key point: A radial distribution function gives the probability that an electron will be found at a given
distance from the nucleus, regardless of the direction.

The Coulombic (electrostatic) force that binds the electron is centred 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 7 and thickness dr is the integral of /*dr over all angles. This result is written P(r)
dr, where P(r) is called the radial distribution function. In general,

P(r) = 7 R(r)? (1.6)

(For s orbitals, this expression is the same as P = 4nri)?.) If we know the value of P at
some radius 7, 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 distri-
bution function for an orbital in a shell of principal quantum number 7 has 7 — 1 peaks,
the outermost peak being the highest.

Because the wavefunction of a 1s orbital decreases exponentially with distance from
the nucleus and the factor 72 in eqn 1.6 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 most probable distance decreases as the
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Figure 1.9 The radial wavefunctions of
the Ts, 2s, and 3s hydrogenic orbitals. Note
that the number of radial nodes is 0, 1, and
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Figure 1.11 The radial distribution function
of a hydrogenic 1s orbital. The product of
41tr? (which increases as r increases) and

2 (which decreases exponentially) passes
through a maximum atr = a,/Z.
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Figure 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.

Figure 1.13 The spherical boundary surface
of an s orbital.

nuclear charge increases (because the electron is attracted more strongly to the nucleus),
and specifically

A (1.7)

where a, is the Bohr radius, a, = & /*/mm e, a quantity that appeared in Bohr’s formula-
tion of his model of the atom; its numerical value is 52.9 pm. The most probable distance
increases as 7 increases because the higher the energy, the more likely it is that the electron
will be found far from the nucleus.

EXAMPLE 1.4 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 By examining Fig. 1.12 we can see that the radial distribution function of a 2p orbital approaches
zero near the nucleus faster than a 2s electron does. 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 1.4 Which orbital, 3p or 3d, gives an electron a greater probability of being found close to the
nucleus?

(g) The angular variation of atomic orbitals

Key points: The boundary surface of an orbital indicates the region of space within which the electron
is most likely to be found; orbitals with the quantum number / have / nodal planes.

The angular wavefunction expresses the variation of angle around the nucleus and this de-
scribes the orbital’s angular shape. 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 or-
bital is spherically symmetrical. The orbital is normally represented by a spherical surface
with the nucleus at its centre. The surface is called the boundary surface of the orbital, and
defines the region of space within which there is a high (typically 90 per cent) probability
of finding the electron. The planes on which the angular wavefunction passes through zero
are called angular nodes or nodal planes. 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.

In general, an orbital with the quantum number / has / nodal planes. An s orbital, with
[ = 0, has no nodal planes and the boundary surface of the orbital is spherical (Fig. 1.13).

All orbitals with / > 0 have amplitudes that vary with angle. In the most common graphi-
cal representation, the boundary surfaces of the three p orbitals of a given shell are identi-
cal apart from the fact that their axes lie parallel to each of the three different Cartesian
axes centred on the nucleus, and each one possesses a nodal plane passing through the
nucleus (Fig. 1.14). This representation is the origin of the labels p_, P, and p,, which are

4

x |
Px Py P,

Figure 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.



alternatives to the use of 7, to label the individual orbitals. Each p orbital, with / = 1, has a
single nodal plane.

The boundary surfaces and labels we use for the d and f orbitals are shown in Figs 1.15
and 1.16, respectively. The d , orbital looks different from the remaining d orbitals. There
are in fact six possible combinations of double dumb-bell shaped orbitals around three
axes: three with lobes between the axes, as in dxy, dyz, and d_, and three with lobes along
the axis. One of these orbitals is d,, . The d , orbital can be thought of as the superposi-
tion of two contributions, one with lobes along the z- and x-axes and the other with lobes
along the z- and y-axes. Note that a d orbital with (/ = 2) has two nodal planes that inter-
sect at the nucleus; a typical f orbital (I = 3) has three nodal planes.

Many-electron atoms

As we have remarked, 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 Schrodinger 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 com-
plicated functions; however, it is straightforward to perform numerical computations by
using widely available software to obtain precise energies and probability densities. This
software can also generate graphical representations of the resulting orbitals that can as-
sist in the interpretation of the properties of the atom. 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. When we say that an electron ‘occupies’ an
atomic orbital, we mean that it is described by the corresponding wavefunction.

Many-electron atoms

Figure 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.

Figure 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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Figure 1.17 The electron at the r radius
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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Figure 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.

1.6 Penetration and shielding

Key points: The ground-state electron configuration is a specification of the orbital occupation of an
atom in its lowest energy state. The exclusion principle forbids more than two electrons to occupy a
single orbital. The nuclear charge experienced by an electron is reduced by shielding by other electrons.
Trends in effective nuclear charge can be used to rationalize the trends in many properties. As a result
of the combined effects of penetration and shielding, the order of energy levels in a shell of a many-
electron atomiss<p<d<f.

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. However, the orbital will be more compact because, as the nuclear charge of
helium is greater than that of hydrogen, the electrons are drawn in towards 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 the ground state. For helium,
with two electrons in the 1s orbital, the ground-state configuration is denoted 1s* (read
‘one s two’).

As soon as we come to the next atom in the periodic table, lithium (Z = 3), we en-
counter several major new features. The configuration 1s° is forbidden by a fundamental
feature of nature known as the Pauli exclusion principle:

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 T and the other |; the pair is denoted
Tl. Another way of expressing the principle is to note that, because an electron in an atom
is described by four variable quantum numbers, 7, [, 7, and 7, 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.

Because the configuration 1s? is forbidden by the Pauli exclusion principle, the third
electron must occupy an orbital of the next higher shell, the shell with 7z = 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 calculations show that this is not the
case in a many-electron atom.

In the orbital approximation we treat the repulsion between electrons in an approxi-
mate manner by supposing that the electronic charge is distributed spherically around the
nucleus. Then each electron moves in the attractive field of the nucleus and experiences an
average repulsive charge from the other electrons. 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 centre of the distribution (Fig. 1.17). This negative charge
reduces the actual charge of the nucleus, Ze, to Z e, where Z . (more precisely, Z .e) is
called the effective nuclear charge. This effective nuclear charge depends on the values of 7
and / of the electron of interest because electrons in different shells and subshells approach
the nucleus to different extents. The reduction of the true nuclear charge to the effect-
ive nuclear charge by the other electrons is called shielding. The effective nuclear charge
is sometimes expressed in terms of the true nuclear charge and an empirical shielding
constant, o, by writing Z . = Z — ¢. The shielding constant can be determined by fitting
hydrogenic orbitals to those computed numerically.

The closer to the nucleus that an electron can approach, the closer is the value of Z  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 can be found inside the 1s shell and experience the full nuclear charge (Fig. 1.18).
The presence of an electron inside shells of other electrons is called penetration. A 2p electron
does not penetrate so effectively through the core, the filled inner shells of electrons, because its
wavefunction goes to zero at the nucleus. As a consequence, it is more fully shielded from the
nucleus by the core electrons. We can conclude that a 2s electron has a lower energy (is bound
more tightly) than a 2p electron, and therefore that the 2s orbital will be occupied before the
2p orbitals, giving a ground-state electron configuration for Li of 1s?2s. This configuration is
commonly denoted [He]2s', where [He] denotes the atom’s helium-like 1s? core.



Table 1.2 Effective nuclear charge, Z

H He
V4 1 2
1s 1.00 1.69
Li Be B © N (0] F Ne
V4 3 4 5 6 7 8 9 10
1s 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 cl Ar
Z 11 12 13 14 15 16 17 18
1s 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 2.51 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

The pattern of energies in lithium, with 2s lower than 2p, and in general ns lower than
np, is a general feature of many-electron atoms. This pattern can be seen from Table 1.2,
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 cancelled 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 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 ef-
fects are quite subtle, and the order of the orbitals depends strongly on the numbers of
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Figure 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
onwards). This is the diagram that justifies
the building-up principle, with up to two
electrons being allowed to occupy each
orbital.

Figure 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 series of elements begins.
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electrons present in the atom and may change on ionization. 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 atoms lie close to but lower than the 4s orbitals. In atoms from Ga
(Z = 31) onwards, the 3d orbitals lie well below the 4s orbital in energy, and the outer-
most electrons are unambiguously those of the 4s and 4p subshells.

1.7 The building-up principle

The ground-state electron configurations of many-electron atoms are determined experi-
mentally by spectroscopy and are summarized in Resource section 2. To account for them,
we need to consider both the effects of penetration and shielding on the energies of the
orbitals and the role of the Pauli exclusion principle. The building-up principle (which
is also known as 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 theoretical framework for
understanding the structure and implications of the periodic table.

(a) Ground-state electron configurations

Key points: The order of occupation of atomic orbitals follows the order 1s, 2s, 2p, 3s, 3p, 4s, 3d,
4p, . ... Degenerate orbitals are occupied singly before being doubly occupied; certain modifications of
the order of occupation occur for d and f orbitals.

According to the building-up principle, orbitals of neutral atoms are treated as being oc-
cupied in the order determined in part by the principal quantum number and in part by
penetration and shielding:

Order of occupation: 1s 2s 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 accom-
modate up to ten electrons. The ground-state configurations of the first five elements are
therefore expected to be

H He Li Be B
1s! 1s? 1s?2s! 1s%2s? 1s2s2p!

This order agrees with experiment. When more than one orbital of the same energy is
available for occupation, such as when the 2p orbitals begin to be filled in B and C, we
adopt Hund’s rule:

When more than one orbital has the same energy, electrons occupy separate orbitals and

do so with parallel spins (TT).

The occupation of separate orbitals of the same value of / (such as a p,_ orbital and a p,
orbital) can be understood in terms of the weaker repulsive interactions that exist between
electrons occupying different regions of space (electrons in different orbitals) than between
those occupying the same region of space (electrons in the same orbital). The requirement
of parallel spins for electrons that do occupy different orbitals is a consequence of a quan-
tum mechanical effect called spin correlation, the tendency for two electrons with parallel
spins to stay apart from one another and hence to repel each other less. One consequence
of this effect is that half-filled shells of electrons with parallel spins are particularly stable.
For example, the ground state of the chromium atom is 4s'3d° rather than 4s?3d*. Further
examples of the effect of spin correlation will be seen later in this chapter.

It is arbitrary which of the p orbitals of a subshell is occupied first because they are
degenerate, but it is common to adopt the alphabetical order p, p, p_. It then follows
from the building-up principle that the ground-state configuration of C is 1s*2s’2p 2p|
or, more simply, 1s?2s?2p?. If we recognize the helium-like core (1s?), an even briefer no-
tation is [He|2s?2p?, and we can think of the electronic valence 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 N O F Ne
[He]2s?2p? [He]2s?2p®  [He]2s?2p*  [He]2s22p®  [He]2s22p®
The 2s22p® configuration of neon is another example of a closed shell, a shell with its full

complement of electrons. The configuration 1s22s22p® is denoted [Ne| when it occurs as
a core.

EXAMPLE 1.5 Accounting for trends in effective nuclear charge

The increase in Z . between C and N is 0.69 whereas the increase between N and O is only 0.62. Suggest
a reason why the increase in Z . for a 2p electron is smaller between N and O than between C and N given
the configurations of the atoms listed above.

Answer We need to identify the general trend and then think about an additional effect that might
modify it. In this case, we expect to see an increase in effective nuclear charge across a period. However,
on going from C to N, the additional electron occupies an empty 2p orbital whereas on going from N to
0, the additional electron must occupy a 2p orbital that is already occupied by one electron. It therefore
experiences stronger electron-electron repulsion, and the increase in Z . is not as great.

Self-test 1.5 Account for the larger increase in effective nuclear charge for a 2p electron on going from B
to C compared with a 2s electron on going from Li to Be.

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 com-
pletely filled 1s22s?2p® core. Now a similar sequence of filling subshells begins again, with
the 3s and 3p orbitals complete at argon, with configuration [Ne]3s23p®, which can be
denoted [Ar]. Because the 3d orbitals are so much higher in energy, this configuration is ef-
fectively 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 [Ar]4s?, which is
the analogue of Mg. However, in the next element, Sc, the added electron occupies a 3d
orbital, and filling of the d orbitals begins.

(b) Exceptions

The energy levels in Figs 1.19 and 1.20 are for individual atomic orbitals and do not fully
take into account repulsion between electrons. For elements with an incompletely filled
d subshell, the determination of actual ground states by spectroscopy and calculation shows
that it is advantageous to occupy orbitals predicted to be higher in energy (the 4s orbitals).
The explanation for this order 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 orbitals were occupied. It is essential when assessing the total energy of the electrons
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 these
atoms are mostly of the form 3d"4s?, with the 4s orbitals fully occupied despite individual
3d orbitals being lower in energy.

An additional feature, another consequence of spin correlation, is that in some cases
a lower total energy may be obtained by forming a half-filled or filled d subshell, even
though that may mean moving an s electron into the d subshell. Therefore, as a half-filled
d shell is approached the ground-state configuration is likely to be d’s' and not d*s? (as for
Cr). As a full d subshell is approached the configuration is likely to be d'%s! rather than d’s?
(as for Cu) or d'%° rather than d®? (as for Pd). A similar effect occurs where f orbitals are
being occupied, and a d electron may be moved into the f subshell so as to achieve an f” or
an ' configuration, with a net lowering of energy. For instance, the ground-state electron
configuration of Gd is [Xe]4f75d'6s? and not [Xe]4f%6s.

For cations and complexes of the d-block elements the removal of electrons reduces the
complicating effects of electron—electron repulsions and the 3d orbital energies fall well
below that of the 4s orbitals. Consequently, all d-block cations and complexes have d”
configurations and no electrons in the outermost s orbitals. For example, the configura-
tion of Fe is [Ar]3d®4s* whereas that of [Fe(CO),] is [Ar]3d® and Fe** is [Ar]3d°®. For the

Many-electron atoms
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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 19), we shall see
the great significance of the configurations of the d-metal ions, for the subtle modulations
of their energies provide the basis for the explanations of important properties of their
compounds.

EXAMPLE 1.6 Deriving an electron configuration

Predict the ground-state electron configurations of (a) Ti and (b) Ti**.

Answer We need to use the building-up principle and Hund's rule to populate atomic orbitals with electrons.
(a) For the neutral atom, for which Z = 22, we must add 22 electrons in the order specified above, with
no more than two electrons in any one orbital. This procedure results in the configuration [Ar]4s23d?, with
the two 3d electrons in different orbitals with parallel spins. However, because the 3d orbitals lie below
the 4s orbitals for elements beyond Ca, it is appropriate to reverse the order in which they are written. The
configuration is therefore reported as [Ar]3d*4s?. (b) The cation has 19 electrons. We should fill the orbitals
in the order specified above remembering, however, that the cation will have a d” configuration and no
electrons in the s orbital. The configuration of Ti** is therefore [Ar]3d'.

Self-test 1.6 Predict the ground-state electron configurations of Ni and Ni?*.

1.8 The classification of the elements

Key points: The elements are broadly divided into metals, nonmetals, and metalloids according to
their physical and chemical properties; the organization of elements into the form resembling the mod-
ern periodic table is accredited to Mendeleev.

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 sol-
ids 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, nonvolatile solids (for example sodium chloride).

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

3. When metals combine (or simply mix together) they produce alloys that have most of
the physical characteristics of metals (for example brass from copper and zinc).

Some elements have properties that make it difficult to classify them as metals or nonmet-
als. These elements are called metalloids. Examples of metalloids are silicon, germanium,
arsenic, and tellurium.

A note on good practice You will sometimes see metalloids referred to as ‘semi-metals’. This name
is best avoided because a semi-metal has a well defined and quite distinct meaning in physics (see
Section 3.19).

(a) The periodic table

A more detailed classification of the elements is the one devised by Dmitri 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 fact that C, Si, Ge, and Sn all form
hydrides of the general formula EH, suggests that they belong to the same group. That N,
P, As, and Sb all form hydrides with the general formula EH, suggests that they belong to
a different group. 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.
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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 molar mass. Figure 1.21 shows a
classic example, where the molar volume of the element (its volume per mole of atoms) at
1 bar and 298 K is plotted against atomic number.

Mendeleev provided a spectacular demonstration of the usefulness of the periodic table
by predicting the general chemical properties, such as the numbers of bonds they form, of
unknown elements corresponding to gaps in his original periodic table. (He also predicted
elements that we now know cannot exist and denied the presence of elements that we now
know do exist, but that is overshadowed by his positive achievement and has been quietly
forgotten.) 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 (disila-
ethenes) do indeed exist, but it was not until 1981 that chemists succeeded in isolating one.
The periodic trends in the properties of the elements are explored further in Chapter 9.

(b) The format of the periodic table

Key points: The blocks of the periodic table reflect the identity of the orbitals that are occupied last in
the building-up process. The period number is the principal quantum number of the valence shell. The
group number is related to the number of valence electrons.

The layout of the periodic table reflects the electronic structure of the atoms of the ele-
ments (Fig. 1.22). We can now see, for instance, that a block of the table indicates the type
of subshell currently being occupied according to the building-up principle. Each period,
or row, of the table corresponds to the completion of the s and p subshells of a given shell.
The period number is the value of the principal quantum number 7 of the shell which ac-
cording to the building-up principle is currently being occupied in the main groups of the
table. For example, Period 2 corresponds to the # = 2 shell and the filling of the 2s and
2p subshells.

The group numbers, G, are closely related to the number of electrons in the valence
shell, the outermost shell of the atom. In the ‘1-18” numbering system recommended by

[UPAC:
Block: s p d

Number of electrons in valence shell: G G-10 G

Many-electron atoms

Figure 1.21 The periodic variation of molar
volume with atomic number.
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For the purpose of this expression, the ‘valence shell’ of a d-block element consists of the #s
and (nz — 1)d orbitals, so a Sc atom has three valence electrons (two 4s and one 3d electron).
The number of valence electrons for the p-block element Se (Group 16) is 16 — 10 = 6,
which corresponds to the configuration s*p*.

EXAMPLE 1.7 Placing elements within the periodic table.

State to which period, group, and block of the periodic table the element with the electron configuration
1522522p%3s23p* belongs. Identify the element.

Answer We need to remember that the period number is given by the principal quantum number, n, that
the group number can be found from the number of valence electrons, and that the identity of the block
is given by the type of orbital last occupied according to the building-up principle. The valence electrons
have n = 3, therefore the element is in Period 3 of the periodic table. The six valence electrons identify the
element as a member of Group 16. The electron added last is a p electron, so the element is in the p block.
The element is sulfur.

Self-test 1.7 State to which period, group, and block of the periodic table the element with the electron
configuration 1s22s22p®3s23p®4s? belongs. Identify the element.

1.9 Atomic properties

Certain characteristic properties of atoms, particularly their radii and the energies associ-
ated with the removal and addition of electrons, show regular periodic variations with
atomic number. These atomic properties are of considerable importance for understanding
the chemical properties of the elements and are discussed further in Chapter 9. A knowl-
edge of these trends enables chemists to rationalize observations and predict likely chemi-
cal and structural behaviour without having to refer to tabulated data for each element.

(a) Atomic and ionic radii

Key points: Atomic radii increase down a group and, within the s and p blocks, decrease from left to right
across a period. The lanthanide contraction results in a decrease in atomic radius for elements following the
f block. All monatomic anions are larger than their parent atoms and all monatomic cations are smaller.



One of the most useful atomic characteristics of an element is the size of its atoms and
ions. As we shall see in later chapters, geometrical considerations are central to explaining
the structures of many solids and individual molecules. In addition, the average distance
of electrons from the nucleus of an atom correlates with the energy needed to remove it in
the process of forming a cation.

An atom does not have a precise radius because far from the nucleus the electron density
falls off only exponentially (but sharply). However, we can expect atoms with numerous
electrons to be larger, in some sense, than atoms that have only a few electrons. Such con-
siderations 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 centres of nearest-neighbour atoms in the solid (Fig. 1.23a, but see Sec-
tion 3.7 for a refinement of this definition). The covalent radius of a nonmetallic element is
similarly defined as half the internuclear distance between neighbouring atoms of the same
element in a molecule (Fig. 1.23b). We shall refer to metallic and covalent radii jointly as
atomic radii (Table 1.3). The periodic trends in metallic and covalent radii can be seen from
the data in the table and are illustrated in Fig. 1.24. As will be familiar from introductory
chemistry, atoms may be linked by single, double, and triple bonds, with multiple bonds
shorter than single bonds between the same two elements. The ionic radius (Fig. 1.23¢) of an
element is related to the distance between the centres of neighbouring cations and anions in
an ionic compound. An arbitrary decision has to be taken on how to apportion the cation—
anion distance between the two ions. There have been many suggestions: in one common
scheme, the radius of the O? ion is taken to be 140 pm (Table 1.4; see Section 3.7 for a re-
finement of this definition). For example, the ionic radius of Mg?* is obtained by subtracting
140 pm from the internuclear distance between adjacent Mg?* and O~ ions in solid MgO.

The data in Table 1.3 show that atomic radii increase down a group, and that they de-
crease from left to right across a 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. The atoms within the group
have a greater number of completed shells of electrons in successive periods and hence
their radii increase down the group. 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 results in progressively more compact atoms. 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. 1.24 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 greater numbers of electrons. For example, the atomic radii of Mo
(Z = 42) and W (Z = 74) are 140 and 141 pm, respectively, despite the latter having many
more electrons. The reduction of radius below that expected on the basis of a simple ex-
trapolation down the group is called the lanthanide contraction. The name points to the

Table 1.3 Atomic radii, r/pm*

Li Be B C N O F

157 112 88 77 74 73 71
Na Mg Al Si P s
191 160 143 118 110 104 99

K Ca Sc Ti \' Ct Mn Fe Co Ni Cu Zn Ga Ge As Se Br
235 197 164 147 135 129 137 126 125 125 128 137 140 122 122 117 114
Rb  Sr Y Zr Nb Mo Tc Ru Rh Pd Ag Cd In Sn Sb Te |
250 215 182 160 147 140 135 134 134 137 144 152 150 140 141 135 133

* The values refer to coordination number 12 for metallic radii (see Section 3.2).

Many-electron atoms
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Figure 1.23 A representation of
(a) metallic radius, (b) covalent radius,
and (c) ionic radius.
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Figure 1.24 The variation of atomic
radii through the periodic table. Note

the contraction of radii following the
lanthanoids in Period 6. Metallic radii
have been used for the metallic elements
and covalent radii have been used for the
nonmetallic elements.
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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 lanthanoids, in which the 4f orbitals are
being occupied. These orbitals have poor shielding properties and so the valence electrons
experience more attraction from the nuclear charge than might be expected. The repulsions
between electrons being added on crossing the f block fail to compensate for the increasing
nuclear charge, so Z  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. A similar
contraction is found in the elements that follow the d block for the same reasons. For ex-
ample, although there is a substantial increase in atomic radius between C and Si (77 and 118
pm, respectively), the atomic radius of Ge (122 pm) is only slightly greater than that of Al

Relativistic effects, especially the increase in mass as particles approach the speed of
light, have an important role to play on the elements in and following Period 6 but are
rather subtle. Electrons in s and p orbitals, which approach closely to the highly charged
nucleus and experience strong accelerations, contract whereas electrons in the less pen-
etrating d and f orbitals expand. One consequence of the latter expansion is that d and f
electrons become less effective at shielding other electrons, and the outermost s electrons
contract further. For light elements, relativistic effects can be neglected but for the heavier
elements with high atomic numbers they become significant and can result in an approxi-
mately 20 per cent reduction in the size of the atom.

Another general feature apparent from Table 1.4 is that all monatomic anions are larger
than their parent atoms and all monatomic cations are smaller than their parent atoms (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 when an additional electron is added
to form an anion. There is also an associated decrease in the value of Z .. The smaller ra-
dius of a cation compared with its parent atom is a consequence not only of the reduction
in electron—electron repulsions that follow electron loss but also of the fact that cation
formation typically results in the loss of the valence electrons and an increase in Z . That
loss often leaves behind only the much more compact closed shells of electrons. Once these
gross differences are taken into account, the variation in ionic radii through the periodic
table mirrors that of the atoms.

Although small variations in atomic radii may seem of little importance, in fact atomic
radius plays a central role in the chemical properties of the elements. Small changes can
have profound consequences, as we shall see in Chapter 9.

(b) lonization energy

Key points: First ionization energies are lowest at the lower left of the periodic table (near caesium)
and greatest near the upper right (near helium). Successive ionizations of a species require higher
energies.

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

Ag) —» A*(g)+e(g) I=E(A*,g)—E(Ag) (1.8)



Table 1.4 lonic radii, r/pm’

Li+ Be?" B3+ N3 0+ F-

59(4) 27(4) 11(4) 146 135(2) 128(2)

76(6) 138(4) 131(4)
140(6) 133(6)
142(8)

Na* Mg?* A+ p3- 52 -

99(4) 49(4) 39(4) 212 184(6) 181(6)

102(6) 72(6) 53(6)

132(8) 103(8)

K* Ca’* Ga** As*~ Se?” Br-

138(6) 100(6) 62(6) 222 198(6) 196(6)

151(8) 112(8)

159(10) 123(10)

160(12) 134(12)

Rb* Sr2t In3* Sn** Sn** Te?™ I~

148(6) 118(6) 80(6) 83(6) 69(6) 221(6) 220(6)

160(8) 125(8) 92(8) 93(8)

173(12) 144(12)

Cs* Ba?* T3+

167(6) 135(6) 89(6)

174(8) 142(8) TI*

188(12) 175(12) 150(6)

* Numbers in parentheses are the coordination number of the ion. For more values, see Resource section 1.

The first ionization energy, I, is the energy required to remove the least tightly bound
electron from the neutral atom, the second ionization energy, I, is the energy required to
remove the least tightly bound electron from the resulting cation, and so on. Ionization
energies are conveniently expressed in electronvolts (eV), but are easily converted into
kilojoules per mole by using 1 eV = 96.485 k] mol~'. The ionization energy of the H atom
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 appropriate to use the ionization
enthalpy, the standard enthalpy of the process in eqn 1.8, typically at 298 K. The molar
ionization enthalpy is larger by 3 RT than the ionization energy. This difference stems
from the change from T = 0 (assumed implicitly for I) 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 of gaseous ions plus electrons. However, because RT is only 2.5 k] mol™" (cor-
responding to 0.026 eV) at room temperature and ionization energies are of the order of
102—10° k] mol™! (1—10 eV), the difference between ionization energy and enthalpy can
often be ignored.

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 sys-
tematically through the periodic table (Table 1.5), being smallest at the lower left (near Cs)
and greatest near the upper right (near He). The variation follows the pattern of effective
nuclear charge, and (as Z_, itself shows) there are some subtle modulations arising from
the effect of electron—electron repulsions within the same subshell. A useful approximation
is that for an electron from a shell with principal quantum number 7

Z2

T« n—czf‘

Tonization energies also correlate strongly with atomic radii, and elements that have small
atomic radii generally have high ionization energies. The explanation of the correlation is

Many-electron atoms
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Table 1.5 First, second, and third (and some fourth) ionization energies of the elements, 1/(kJ mol™")

H He
1312 2373
5259
Li Be B @ N (0} F Ne
513 899 801 1086 1402 1314 1681 2080
7297 1757 2426 2352 2855 3386 3375 3952
11809 14844 3660 4619 4577 5300 6050 6122
25018
Na Mg Al Si P S cl Ar
495 737 577 786 101 1000 1251 1520
4562 1476 1816 1577 1903 2251 2296 2665
6911 7732 2744 3231 2911 3361 3826 3928
11574
K Ca Ga Ge As Se Br Kr
419 589 579 762 947 941 1139 1351
3051 1145 1979 1537 1798 2044 2103 3314
4410 4910 2963 3302 2734 2974 3500 3565
Rb Sr In Sn Sh Te | Xe
403 549 558 708 834 869 1008 1170
2632 1064 1821 1412 1794 1795 1846 2045
3900 4210 2704 2943 2443 2698 3197 3097
Cs Ba Tl Pb Bi Po At Rn
375 502 590 716 704 812 926 1036
2420 965 1971 1450 1610 1800 1600
3400 3619 2878 3080 2466 2700 2900

that in a small atom an electron is close to the nucleus and experiences a strong Coulombic
attraction, making it difficult to remove. Therefore, as the atomic radius increases down
a group, the ionization energy decreases and the decrease in radius across a period is ac-
companied by a gradual increase in ionization energy.

Some deviation from this general trend 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 occupied a 2s orbital. As a result, the value
of I, decreases from Be to B. The decrease between N and O has a slightly different expla-
nation. The configurations of the two atoms are

N[He]ZsZZpLZP;Zpi @) [He]ZSZZpin;Zpi

We see that, in an O atom, two electrons are present in a single 2p orbital. 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 having
a 2s?2p3 configuration: as we have seen, a half-filled subshell has a relatively low energy
(Fig. 1.25). Additionally, the half-filled shell of p orbitals of nitrogen is a particularly stable
configuration.

When considering F and Ne on the right of Period 2, the last electrons enter orbitals
that are already half full, and continue the trend from O towards higher ionization energy.
The higher values of the ionization energies of these two elements reflect the high value of
Z .. The value of I, falls back sharply from Ne to Na as the outermost electron occupies
the next shell with an increased principal quantum number and is therefore further from
the nucleus.
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EXAMPLE 1.8 Accounting for a variation in ionization energy

Account for the decrease in first ionization energy between phosphorus and sulfur.
Answer We approach this question by considering the ground-state configurations of the two atoms:
P [Ne]3s?3p,3p,3p, S |[Ne]3s?3p:3p}3p}

As in the analogous case of N and O, in the ground state of S, two electrons are present in a single 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
halfilled subshell of S* also contributes to the lowering of energy of the ion and hence to the smaller
ionization energy.

Self-test 1.8 Account for the decrease in first ionization energy between fluorine and chlorine.

Another important pattern is that successive ionizations of an element require increas-
ingly higher energies (Fig. 1.26). Thus, the second ionization energy of an element E (the
energy needed to remove an electron from the cation E*) is higher than its first ionization
energy, and its third ionization energy (the energy needed to remove an electron from E2*)
is higher still. The explanation is that the higher the positive charge of a species, the greater
the electrostatic attraction experienced by the electron being removed. Moreover, when an
electron is removed, Z , increases and the atom contracts. It is then even more difficult to
remove an electron from this smaller, more compact, cation. The difference in ionization
energy is greatly magnified when the electron is removed from a closed shell of the atom
(as is the case for the second ionization energy of Li 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 Li, for instance, is 513 k] mol~?, but its second
ionization energy is 7297 k] mol~!, more than ten times greater.

The pattern of successive ionization energies down a group is far from simple. Figure
1.26 shows the first, second, and third ionization energies of the members of Group 13.
Although they lie in the expected order I, <1, < I, there is no 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.

(c) Electron affinity
Key point: Electron affinities are highest for elements near fluorine in the periodic table.

The electron-gain enthalpy, A_ H , is the change in standard molar enthalpy when a gase-
ous atom gains an electron:

Alg)+e(g) * A (g)

Many-electron atoms

Figure 1.25 The periodic variation of first
ionization energies.
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ionization energies of the elements of
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EXAMPLE 1.9 Accounting for values of successive energies of ionization

Rationalize the following values for successive ionization energies of boron, where A_ H(N) is the Nth
enthalpy of ionization:

N 1 2 3 4 5

A H(N)/ (k) mol~") 807 2433 3666 25033 32834

Answer When considering trends in ionization energy, a sensible starting point is the electron configurations
of the atoms. The electron configuration of B is 1s22s22p'. The first ionization energy corresponds to
removal of the electron in the 2p orbital. This electron is shielded from nuclear charge by the core and the
full 2s orbital. The second value corresponds to removal of a 2s electron from the B* cation. This electron
is more difficult to remove on account of the increased effective nuclear charge. The effective nuclear
charge increases further on removal of this electron, resulting in an increase between A H(2) and A, H(3).
There is a large increase between A H(3) and A H(4) because the 1s shell lies at very low energy as it
experiences almost the full nuclear charge and also has n = 1. The final electron to be removed experiences
no shielding of nuclear charge so A H(5) is very high, and is given by hcRZ* with Z = 5, corresponding to

(13.6 eV) X 25 = 340 eV (32.8 MJ mol ).

Self-test 1.9 Study the values listed below of the first five ionization energies of an element and deduce
to which group of the periodic table the element belongs. Give your reasoning.

N 1 2 3 4 5
A _H(N)/(kJ mol~) 1093 2359 4627 6229 37838

ion’

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 1.6), which
is the difference in energy between the gaseous atoms and the gaseous ions at T = 0.

E =E(A,g)—E(A",g) (1.9)

Although the precise relation is A_ H* = —E —3RT, the contribution $RT is commonly
ignored. A positive electron affinity indicates that the ion A~ has a lower, more negative
energy than the neutral atom, A. 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.

The electron affinity of an element is largely determined by the energy of the lowest
unfilled (or half-filled) orbital of the ground-state atom. This orbital is one of the two fron-
tier orbitals of an atom, the other one being the highest filled atomic orbital. The frontier
orbitals are the sites of many of the changes in electron distributions when bonds form,

Table 1.6 First electron affinities of the main-group elements, £ /(kJ mol~")*

H He
72 —48
Li Be B c© N (0] F Ne
60 <0 27 122 -8 141 328 —116
—780
Na Mg Al Si P S cl Ar
53 <0 43 134 72 200 349 —96
—492
K Ca Ga Ge As Se Br Kr
48 2 29 116 78 195 325 —96
Rb Sr In Sn Sb Te | Xe
47 5 29 116 103 190 295 =77

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




EXAMPLE 1.10 Accounting for the variation in electron affinity

Account for the large decrease in electron affinity between Li and Be despite the increase in nuclear
charge.

Answer When considering trends in electron affinities, as in the case of ionization energies, a sensible
starting point is the electron configurations of the atoms. The electron configurations of Li and Be are
[He]2s" and [He]2s?, respectively. The additional electron enters the 2s orbital of Li but it enters the 2p
orbital of Be, and hence is much less tightly bound. In fact, the nuclear charge is so well shielded in Be
that electron gain is endothermic.

Self-test 1.10 Account for the decrease in electron affinity between C and N.

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 towards the top right of the periodic
table, as we have already explained. Therefore, elements close to fluorine (specifically O
and Cl, but not the noble gases) can be expected to have the highest electron affinities as
their Z  is large and it is possible to add electrons to the valence shell. Nitrogen has very
low electron affinity because there is a high electron repulsion when the incoming electron
enters an orbital that is already half full.

A note on good practice Be alert to the fact that some people use the terms ‘electron affinity’ and
‘electron-gain enthalpy’ interchangeably. In such cases, a positive electron affinity could indicate that
A~ has a higher energy than A.

(d) Electronegativity

Key points: The electronegativity of an element is the power of an atom of the element to attract elec-
trons when it is part of a compound; there is a general increase in electronegativity across a period and
a general decrease down a group.

The electronegativity, y (chi), of an element is the power of an atom of the element to at-
tract 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).
Electronegativity is a very useful concept in chemistry and has numerous applications,
which include a rationalization of bond energies and the types of reactions that substances
undergo and the prediction of the polarities of bonds and molecules (Chapter 2).

Periodic trends in electronegativity can be related to the size of the atoms and electron
configuration. If an atom is small and has an almost closed shell of electrons, then it is
more likely to attract an electron to itself than a large atom with few valence electrons.
Consequently, the electronegativities of the elements typically increase left to right across
a period and decrease down a group.

Quantitative measures of electronegativity have been defined in many different ways.
Linus Pauling’s original formulation (which results in the values denoted y, in Table 1.7)
draws on concepts relating to the energetics of bond formation, which will be dealt with
in Chapter 2.2 A definition more in the spirit of this chapter, in the sense that it is based on
the properties of individual 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, y,,, as the average value of the ionization energy and the electron affinity
of the element (both expressed in electronvolts):

Xy =3(I+E) (1.10)

2 Pauling values of electronegativity are used throughout the following chapters.

Many-electron atoms
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Figure 1.27 The periodic variation of
Pauling electronegativities.

Table 1.7 Pauling x,, Mulliken, y,, and Allred—Rochow, y, ., electronegativities

H He
2.20 55
3.06

2.20

Li Be B C N (0] F Ne
0.98 1.57 2.04 2.55 3.04 344 3.98

1.28 1.99 1.83 2.67 3.08 322 443 4.60
0.97 1.47 2.01 2.50 3.07 3.50 4.10 5.10
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
1.01 1.23 1.47 1.74 2.06 244 2.83 3.30
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
0.91 1.04 1.82 2.02 2.20 248 2.74 3.10
Rb Sr In Sn Sb Te I 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
0.89 0.99 1.49 1.72 1.82 2.01 2.21 2.40
Cs Ba Tl Pb Bi

0.79 0.89 2.04 2.33 2.02

0.70 0.90 1.80 1.90 1.90

0.86 0.97 144 1.55 1.67

The hidden complication in the apparently simple definition of the Mulliken electron-
egativity 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 y,, are mixtures of values for various actual spectroscop-
ically observable states of the atom. We need not go into the calculation, but the resulting
values given in Table 1.7 may be compared with the Pauling values (Fig. 1.27). The two
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scales give similar values and show the same trends. One reasonably reliable conversion
between the two is

X, =1.35x> —1.37 (1.11)

Because the elements near F (other than the noble gases) have high ionization energies and
appreciable electron affinities, these elements have the highest Mulliken electronegativities.
Because Xy depends on atomic energy levels—and in particular on the location of the high-
est filled and lowest empty orbitals—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
atom experiences an effective nuclear charge Z . The Coulombic potential at the surface of
such an atom is proportional to Z . /r, and the electric field there is proportional to Z ,/*. In the
Allred—Rochow definition of electronegativity, y, , is assumed to be proportional to this field,
with 7 taken to be the covalent radius of the atom:

35.90Z

eff

=0.744 +
o (r / pm)?

(1.12)
The numerical constants have been chosen to give values comparable to Pauling elec-
tronegativities. According to the Allred—Rochow definition, elements with high electro-
negativity are those with high effective nuclear charge and the small covalent radius: such
elements lie close to F. The Allred-Rochow values parallel closely those of the Pauling
electronegativities and are useful for discussing the electron distributions in compounds.

() Polarizability

Key points: A polarizable atom or ion is one with orbitals that lie close in energy; large, heavy atoms
and ions tend to be highly polarizable.

The polarizability, o, of an atom is its ability to be distorted by an electric field (such as that
of a neighbouring 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 (Fig. 1.28). Closely separated frontier orbitals are typically
found for large, heavy atoms and ions, such as the atoms and ions of the heavier alkali met-
als 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 and ions are least polarizable. Species that effectively distort the electron dis-
tribution of a neighbouring atom or anion are described as having polarizing ability.

We shall see the consequences of polarizability when considering the nature of bonding
in Section 2.2, but it is appropriate to anticipate here that extensive polarization leads to
covalency. Fajan’s rules summarize the factors that affect polarization:

e Small, highly charged cations have polarizing ability.
e Large, highly charged anions are easily polarized.

e Cations that do not have a noble-gas electron configuration are easily polarized.

The last rule is particularly important for the d-block elements.

EXAMPLE 1.11 Identifying polarizable species

Which would be the more polarizable, an F~ ion or an I~ ion?

Answer We can make use of the fact that polarizable anions are typically large and highly charged. An
F~ ion is small and singly charged. An I~ ion has the same charge but is large. Therefore, an I~ ion is likely
to be the more polarizable.

Self-test 1.11 Which would be more polarizing, Na* or Cs*?
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Figure 1.28 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). (a) Low
electronegativity and polarizability; (b) high
electronegativity and polarizability.



