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Atoms and Bonding

• What is an atomic term symbol?
• How are ionic radii determined?
• What are energy bands?

1.1 The Electron Structure
of Atoms

An atom is made up of a small massive nucleus,
in which almost all of the mass resides, sur-
rounded by an electron cloud. Each element is
differentiated from all others by the amount of
positive charge on the nucleus, called the pro-
ton number or atomic number, Z. In a neutral
atom, the nuclear charge is exactly balanced
by Z electrons in the outer electron cloud, each
of which carries one unit of negative charge.
Variants of atoms that have slightly more or
less electrons than are required for charge
neutrality are called ions; those that have lost
electrons have an overall positive charge and
are called cations, while those that have gained
electrons have an overall negative charge and
are called anions. Many of the physical and
chemical properties of solids described in later
chapters are controlled by the outer electron
structure of the component atoms.

1.1.1 Hydrogen

Hydrogen is the simplest atom and consists of
a nucleus consisting of a single proton carrying
one unit of positive charge together with a
single bound electron carrying one unit of

negative charge. The quantum mechanics of
the hydrogen atom allows the probability of the
location of the electron and its energy, defined
in terms of wavefunctions, to be completely
specified. The region of space defining the most
probable location of the electron is termed an
orbital. The wavefunctions are described by
three quantum numbers: n, the principal quan-
tum number; l, the orbital angular momentum
quantum number; and ml, the magnetic quan-
tum number. The principal quantum number,
n, defines the energy of the electron. It can
take integral values 1, 2, 3, … to infinity. The
energy of the electron is lowest for n = 1 and
this represents the most stable or ground state
of the hydrogen atom. The next lowest energy
is given by n = 2, then by n = 3, and so on.

The energy of each state is given by the
formula:

E = −A∕n2

where A is a constant equal to 2.179× 10−18 J
(13.6 eV)1 and E is the energy of the level with
principal quantum number n. The negative
sign in the equation indicates that the energy
of the electron is chosen as zero when n is
infinite, that is to say, when the electron is no
longer bound to the nucleus.

There is only one wavefunction and orbital
associated with the lowest energy, n = 1, state.
The states of higher energy each have n2

different wavefunctions, corresponding to n2

1 The unit of energy electron volt, eV, is frequently
used for atomic processes. 1 eV = 1.602× 10−19 J.
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4 1 Atoms and Bonding

different orbitals, all of which have the same
energy. There are four different wavefunctions
and orbitals corresponding to n= 2, nine differ-
ent wavefunctions and orbitals for n = 3, and
so on. These are differentiated from each other
by different values of the quantum numbers
l and ml, as explained in the following text.
Wavefunctions with the same energy are said
to be degenerate.

It is often convenient to represent the energy
associated with each value of the principal
quantum number, n, as a series of steps or
energy levels (Figure 1.1). When an electron
gains energy, it jumps from an energy level
with a lower value of n to a level with a higher
value of n. When an electron loses energy, it
drops from an energy level with a higher value
of n to an energy level with a lower value. The
discrete packets of energy given out or taken up
in this way are photons of electromagnetic radi-
ation. The energy of a photon needed to excite
an electron from energy E1, corresponding to
an energy level n1 to energy E2, corresponding
to an energy level n2 is given by:

E = E1 − E2 = −2.179

× 10−18[1∕n1
2 − 1∕n2

2] J

= −13.6 [ 1∕n1
2 − 1∕n2

2] eV
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n= 3 (3s, 3p, 3d)
n= 4 (4s, 4p, 4d, 4f)
n= ∞

Figure 1.1 Electron energy levels of the H atom.

The energy of the photon emitted when the
electron falls back from E2 to E1 is the same as
that required for the excitation. The frequency
𝜈 (or the equivalent wavelength, 𝜆) of the pho-
tons that are either emitted or absorbed during
these energy changes is given by the equation:

E = E1 − E2 = h𝜈 = h c∕𝜆

where h is the Planck constant. (Note that this
equation applies to the transition between any
two energy levels on any atom, not just between
energy levels on hydrogen.) The energy needed
to free the electron completely from the pro-
ton, which is called the ionisation energy of the
hydrogen atom, is given by putting n1 = 1 and
n2 = ∞ in the equation. The ionisation energy
is 13.6 eV (2.179× 10−18 J).

In the case of a single electron attracted to
a nucleus of charge +Ze, the energy levels are
given by:

E = −AZ2∕n2

This shows that the energy levels are much
lower in energy than in hydrogen, and that the
ionisation energy of such atoms is considerably
higher.

1.1.2 Many Electron Atoms

The simplest description of an atom with a
nuclear charge of +Z surrounded by Z elec-
trons, called the orbital approximation, sup-
poses that a single electron moves in a potential
due to the nucleus and the average field of all
the other electrons present in the atom, that
is, it mirrors the hydrogen atom. The electron
experiences an effective nuclear charge, Zeff,
which is considered to be located as a point
charge at the nucleus of the atom. The energy
levels of all of the orbitals drop sharply as Zeff
increases. When one reaches lithium, Z = 3,
the 1s orbital energy has already decreased so
much that it forms a chemically unreactive
shell. This is translated into the concept of an
atom as consisting of unreactive core electrons,
surrounded by a small number of outermost
valence electrons, which are of chemical and
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1.1 The Electron Structure of Atoms 5

physical significance. Moreover, the change of
energy as Z increases justifies the approxima-
tion that the valence electrons of all atoms are
at similar energies.

The orbitals are specified by two interdepen-
dent quantum numbers, l and ml, where:

l takes values of 0, 1, 2, …, (n− 1)
ml takes values of 0,±1,±2, …,±l

Each set of quantum numbers defines the
state of the system. For a value of n = 1, there
is only one state, corresponding to n = 1, l = 0,
and ml = 0. For n = 2, l can take values of 0 and
1, and ml can then take values of 0, associated
with l = 0, and −1, 0, and +1, associated with
l = 1. For n = 3, l can take values of 0, 1, and
2, and ml then can take values of 0, associated
with l = 0, −1, 0, and +1, associated with l = 1
and −2, −1, 0, +1, +2, associated with l = 2.
The same procedure applies to higher values of

n. The various orbitals are given letter symbols.
Orbitals with l = 0 are called s orbitals, those
with l = 1 are called p orbitals, those with l = 2
are called d orbitals, those with l = 3 are called
f orbitals, and those with l = 4 are called g
orbitals (Table 1.1).

The set of orbitals derived from a single value
of the principal quantum number form a shell.
The lowest energy shell is called the K shell,
and corresponds to n = 1. The other shells
are labelled alphabetically (Table 1.1). There
is only one s orbital in any shell, labelled 1s,
2s, and so on. There are three p orbitals in all
shells from n = 2 upwards, collectively called
3p, 4p, and so on. There are five d orbitals in the
shells from n = 3 upwards, collectively called
3d, 4d, 5d, and so on. There are seven f orbitals
in the shells from n = 4 upwards, collectively
called 4f, 5f, and so on. There are 9g orbitals
added in the shells from n = 5 upwards and

Table 1.1 Orbitals of hydrogen-like atoms.

n l ml Orbital Number of electrons Shell Capacity

1 0 0 1s (1) 2 K 2
2 0 0 2s (1) 2 L 8

1 0, ±1 2p (3) 6
3 0 0 3s (1) 2 M 18

1 0, ±1 3p (3) 6
2 0, ±1, ±2 3d (5) 10

4 0 0 4s (1) 2 N 32
1 0, ±1 4p (3) 6
2 0, ±1, ±2 4d (5) 10
3 0, ±1, ±2, ±3 4f (7) 14

5 0 0 5s (1) 2 O 50
1 0, ±1 5p (3) 6
2 0, ±1, ±2 5d (5) 10
3 0, ±1, ±2, ±3 5f (7) 14
4 0, ±1, ±2, ±3, ±4 5g (9) 18

6 0 0 6s (1) 2 P 72
1 0, ±1 6p (3) 6
2 0, ±1, ±2 6d (5) 10
3 0, ±1, ±2, ±3 6f (7) 14
4 0, ±1, ±2, ±3, ±4 6g (9) 18
5 0, ±1, ±2, ±3, ±4, ±5 6h (11) 22
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22 h orbitals added in the shells from n = 6
upwards.

The extension of the various orbitals
increases as the effective nuclear charge
increases. This corresponds to the idea that
heavy atoms are larger than light atoms. In
addition, a different effective nuclear charge is
experienced by electrons in differing orbitals.
This has the effect of separating the energy
of the ns, np, nd, nf, and ng orbitals that are
identical in hydrogen. It is found that for any
value of n, the s orbitals have lowest energy,
the three p orbitals have equal and slightly
higher energy, the five d orbitals have equal
and slightly higher energy again, and the seven
f orbitals have equal and slightly higher energy
again (Figure 1.2). However, the energy differ-
ences between the higher energy orbitals are
very small and the energy of orbitals in differ-
ent shells overlap so that the nd orbitals falls
below that of the (n+ 1)p orbitals (3d below
4p, 4d below 5p, and 5d below 6p) and the nf
orbitals falls below that of the (n+ 2)p orbitals
(4f below 6p and 5f below 7p). The outer elec-
tron configuration of the elements is given in
Appendix A, the Periodic Table. Note that in
the case of the heavier elements the outer elec-
tron configurations are not as clearly defined

as those of the lighter elements, and in these
cases, especially with some of the lanthanoids
and Period 7 elements, the quoted electron
configuration must be treated with caution.

1.1.3 Orbital Shapes

The shapes of the electron orbitals, or more
properly, the probability of encountering an
electron in a certain small volume of space
surrounding the nucleus, is of importance as
it controls many of the properties exhibited in
solids, such as the colour and magnetic prop-
erties of the 3d transition metal compounds.
The probability of encountering an electron in
an s orbital does not depend upon direction
but does vary with distance from the nucleus
(Figure 1.3). For hydrogen, this probability
peaks at a radial distance of 0.052 92 nm for
a 1s orbital; equal to the distance calculated
by Bohr as the minimum allowed radius of an
orbiting ‘planetary’ electron around a proton,
and is called the Bohr radius. As the electron
is promoted to the 2s, 3s, and 4s orbitals, the
maximum probability peaks further and fur-
ther from the nucleus. Generally, s orbitals
are drawn as spherical boundary surfaces that
enclose an arbitrary volume in which there is

E
ne

rg
y

0

1

2

3
4

1s

2s
2p

3p 3d3s

4s 4p 4d 4f

n
∞

Figure 1.2 Schematic energy
level diagram for a light,
hydrogen-like atom.
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Figure 1.3 The probability of finding an s electron at a distance r from the nucleus: (a) 1s; (b) 2s; (c) 3s.

a high probability, say, 95%, that the electron
will be found (Figure 1.3a,b).

All other wavefunctions are specified by
three quantum numbers and can be divided
into two parts, a radial part, with similar prob-
ability shapes to those shown in Figure 1.3,
multiplied by an angular part. The maximum
probability of finding the electron depends
on both the radial and angular parts of the
wavefunction and the resulting boundary
surfaces have complex shapes. For many pur-
poses, however, it is sufficient to describe only
the angular part of the wavefunction.

The boundary surfaces of the angular parts
of the three p orbitals are approximately
dumbbell shaped, each consisting of two lobes.
These lie along three mutually perpendicular
directions, which it is natural to equate to x-,
y-, and z-axes (Figure 1.4). The correspond-
ing orbitals are labelled npx, npy, and npz,
for example, 2px, 2py, and 2pz. Note that the
electron occupies both lobes of the p orbital.
The probability of encountering a p electron

on the perpendicular plane that separates the
two halves of the dumbbell is zero, and this
plane is called a nodal plane. The sign of the
wavefunction is of importance when orbitals
overlap to form bonds. The two lobes of each
p orbital are labelled as + and −, and the sign
changes as a nodal plane is crossed. The radial
probability of encountering an electron in a
p orbital is zero at the nucleus, and increases
with distance from the nucleus. The maximum
probability is further from the nucleus for an
electron in a 3p orbital than a 2p orbital, and so
on, so that 3p orbitals have a greater extension
in space than 2p orbitals.

Of the five d orbitals, three of which have
lobes lying between pairs of axes, dxy, between
the x- and y-axes, dxz, between the x- and
z-axes, and dyz, between the y- and z-axes.
The other two orbitals have lobes along the
axes, dx2−y2 pointing along x- and y-, and dz2

pointing along the z-axis (Figure 1.5). Except
for the dz2 orbital, two perpendicular planar
nodal planes separate the lobes and intersect
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Figure 1.4 The boundary
surfaces of the p orbitals:
(a) px ; (b) py ; (c) pz .

at the nucleus. In the dz2 orbital, the nodes are
conical surfaces.

1.1.4 Electron Spin and Electron
Configuration

In order to account for other atomic properties,
especially optical and magnetic properties, the
electrons are allocated a fourth quantum num-
ber called the spin quantum number, s. The
spin quantum number has a value of 1/2. The
spin of an electron on an atom can adopt one
of two different directions, represented by a
quantum number, ms, which takes values of
+ 1/2 or −1/2. These two spin directions are
frequently represented by ↑, spin up, or 𝛼, and
↓, spin down, or 𝛽.

The electron configuration of an atom is the
description of the number of electrons in each
orbital, based upon the orbital approximation.
This is usually given for the lowest energy
possible, called the ground state. To obtain
the electron configuration of an atom, the
electrons are fed into the orbitals, starting
with the lowest energy orbital, 1s, and then
continuing to the higher energy orbitals so as
fill them up systematically from the bottom
up. This is called the aufbau (or building up)

principle. Each orbital can hold a maximum
of two electrons, which must have opposite
values of ms, +1/2 and −1/2. Two electrons in a
single orbital are said to be spin paired. Thus,
the s orbitals can hold 2 electrons, the three
p orbitals can hold a total of 6 electrons, the
five d orbitals can hold a total of 10 electrons,
and the seven f orbitals a total of 14 electrons.
When electrons are allocated to the p, d, and
f orbitals, the lowest energy situation is that
in which the electrons go into an unoccupied
orbital if possible. This situation is expressed in
Hund’s First Rule: when electrons have a choice
of several orbitals of equal energy, the lowest
energy, or ground state, configuration corre-
sponds to the occupation of separate orbitals
with parallel spins rather than fewer orbitals
with paired spins. For the heavier atoms the
electron configuration does not always follow
a strictly repetitive sequence, as the difference
in energy between the various configurations
is often miniscule. In particular, half-filled d
and f orbitals are favoured when possible.

This simple approach is able to account for
the overall variation in properties of the ele-
ments across the Periodic Table (Appendix A).
The alkali metals, typified by Na, all have an
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Figure 1.5 The boundary
surfaces of the d orbitals:
(a) dxy ; (b) dxz; (c) dyz; (d) dx2−y2 ;
(e) dz2 .
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outer electron configuration of ns1, the alkaline
earth elements, typified by Mg, a configuration
of ns2, the transition metals, typically Fe, have
partly filled nd orbitals, the lanthanoids, partly
filled 4f orbitals, and the inert gases such as Ne
have a completely filled shell configurations.

1.1.5 Atomic Energy Levels

The spectra of atoms are a record of transitions
that the outer electrons make between the
available electron energy levels. The frequency
𝜈 (or the equivalent wavelength, 𝜆) of the
spectral line is related to the energy separation
of the two energy levels, ΔE, by:

ΔE = h𝜈 = h c∕𝜆

where h is the Planck constant and c is the
velocity of a plane light wave in a vacuum.
The electron energy level scheme described
earlier (Figure 1.2) applies to a one electron
‘hydrogen-like’ atom that has a single electron
moving under the combined electrostatic field
of the nucleus and all of the other electrons.
While this is useful chemically, it is unable to
account for the spectrum of an atom or pro-
vide any information on the possible energy
levels appropriate to the electron configura-
tion. There are a number of ways of obtaining
these many-electron energy levels of an atom,
which are described by many electron quan-
tum numbers. The approach most frequently
encountered, called the Russell–Saunders
coupling, makes the approximation that the
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electrostatic repulsion between electrons is the
most important energy term. To obtain revised
atomic configurations, all of the individual s
values of the electrons are summed to yield
a total spin angular momentum quantum
number S. Similarly, all of the individual l
values for the electrons present are summed
to give a total orbital angular momentum
quantum number L. (Note that one-electron
quantum numbers are written in lower case
while many electron quantum numbers are
written in upper case.) The value of S is not
used directly, but is replaced by the spin mul-
tiplicity, 2S + 1. Similarly, the total angular
momentum quantum number L, is replaced
by a letter symbol similar to that used for
the single electron quantum number l. The
correspondence is

L 0 1 2 3 4 5 6
Letter S P D F G H I

After L = 3, F, the sequence of letters is
alphabetic, omitting J. Be aware that the sym-
bol S has two interpretations, as the value of
L (S Roman) and as the value of total spin
(S italic). The compatible combinations of S
and L are written in the form 2S+ 1L, called
a term symbol, which represents the energy
level, called a term in spectroscopic parlance.
States with a multiplicity of 1 are called sin-
glet states, states with a multiplicity of 2 are
called doublet states, with multiplicity of three,
triplets, with multiplicity 4, quartets, and so on.
Hence, 1S is called singlet S, and 3P is called
triplet P.

To give an example, for a 3d2 transition
metal cation such as Ti2+ or V3+ (which
has a single energy level in Figure 1.2), the
allowed Russell–Saunders terms are 3F, 3P,
1G, 1D, and 1S. Although the derivation of
terms is straightforward (see Appendix B), it
is difficult to calculate the energies of these
states. The lowest energy, ground state term,
is, however, readily found using Hund’s first
and second rules: the term with the lowest
energy has the highest multiplicity and for

terms with the same multiplicity the term with
the highest value of L is lowest in energy. The
lowest energy term for a 3d2 ion is thus 3F
(Figure 1.6).

The term symbol does not account for the
total complexity of an atomic spectrum and
additional factors must be taken into account.
The most important of these is the interaction
between the electron orbital angular momen-
tum and the electron spin angular momentum
(spin–orbit coupling or j–j coupling). To include
this, a new quantum number, J, is needed,
given by combining L and S values (Appendix
B). The new quantum number is incorporated
as a subscript to the term, now written 2S+ 1LJ
and this is no longer called a term, but a level.
Each value of J represents a different energy
level. It is found that a singlet term always gives
one level, a doublet, two, a triplet three, and so
on. Thus, ground state term 3P is composed of
three levels 3P0, 3P, and 3P2 (Figure 1.6). The
magnitude of the energy difference between
these levels depends upon the strength of the
interaction between L and S. In order to find
which of these states is the lowest energy, use
can be made of Hund’s third rule: the level
with the lowest energy is that with the lowest
J value if the valence shell is up to half full
and that with the highest J value if the valence
shell is more than half full.

Additionally, the spectrum of an atom in
a magnetic field has more lines present than
the same atom in the absence of the magnetic
field, a feature called the Zeeman effect. In
a magnetic field, each of the 2S+ 1LJ levels
splits into (2J + 1) separated energy levels. The
spacing between the levels is given by gJ𝜇BB,
where gJ is the Landé g-value,

gJ = 1 + {[J(J + 1) − L(L + 1)

+ S(S + 1)]}∕[2J(J + 1)]

𝜇B is a fundamental physical constant, the
Bohr magneton, and B is the magnetic induc-
tion (Figure 1.6). A similar change, called the
Stark effect, arises in the presence of a strong
electric field.

An alternative approach to the Russell–
Saunders coupling is to assume that the
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Figure 1.6 The evolution of the
electron energy levels of an atom with
a 3d2 configuration.
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interaction between the orbital angular
momentum and the spin angular momen-
tum, i.e. the spin–orbit coupling, is the most
important. In this case, the s and l quantum
numbers for an individual electron are added
to give a total angular momentum number j
for a single electron. These values of j are then
added to give the total angular momentum
quantum number J, for the whole atom. The
technique of adding j values to obtain energy
levels is called the j–j coupling.

Note that in a heavy atom it might be prefer-
able to go from the electron configuration to
levels derived by j–j coupling and then add
on a smaller effect due to electron–electron
repulsion (Russell–Saunders coupling) before
finally including the magnetic field splitting.
In real atoms, the energy levels determined
experimentally are often best described by an

intermediate model between the two extremes
of Russell–Saunders and j–j coupling.

1.2 Ionic Bonding

1.2.1 Ionic Size and Bonding

Ions are charged species that form when the
number of electrons surrounding a nucleus
varies slightly from that required for electric
neutrality. Metallic elements, which have few
electrons outside a closed noble gas core, tend
to lose electrons and form positively charged
cations; the charge written as a superscript.
Non-metals tend to gain electrons and form
negatively charged anions; the charge written
as a superscript. Groups of atoms can also
form anions, for example, carbonate, CO3

2−,
and nitrate, NO3

−. Ions are called monovalent
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if they carry a charge of ±1, divalent if they
carry a charge of ±2, trivalent if they carry
a charge of ±3, and so on. This does not
depend upon the number of atoms in an ion.
Thus, both Sr2+ and CO3

2− are regarded as
divalent ions.

Positive and negative ions attract each
other electrostatically to form an ionic bond.
Electrostatic interactions are long range and
non-directional and these features typify ionic
bonding. Ionic bonding has the advantage
that it readily accounts for the formula of a
solid. This follows directly from the idea that
cations and anions have integer charges and
ionic compounds are neutral overall. Thus, a
cation with a charge +a can combine with an
anion of charge −a to give neutral compounds
MX. When the cations and anions have dif-
ferent charges, they combine in numbers to
render the compound electrically neutral; for
example, Al3+ and O2− combine to give neutral
Al2O3, while Sr2+ and Ti4+ combine with O2−

to give neutral perovskite, SrTiO3.
The concept of allocating a fixed size to each

ion is an attractive one and has been exten-
sively utilised. Ionic radii are generally derived

from X-ray crystallographic structure deter-
minations, which give a precise knowledge
of the distances between the ions. To derive
ionic radii, it is assumed that the individual
ions are spherical and in contact. The radius of
one commonly occurring ion, such as O2−, is
taken as a standard. Other consistent radii can
then be derived by subtracting the standard
radius from measured inter-ionic distances
(Figure 1.7).

The fact that the ionic radius depends upon
the standard ion by which the radii were
determined has led to a number of different
tables of ionic radii. Although these are all
internally self-consistent, radii from different
sources should not be mixed. Additionally,
cation radii are sensitive to the immediate sur-
roundings. A cation surrounded by six oxygen
ions in octahedral coordination has a different
radius when surrounded by four oxygen ions
in tetrahedral coordination or six sulfur ions
in octahedral coordination. Ideally, tables of
cationic radii should apply to a specific anion
and coordination geometry.

The principal size characteristics of ions are
the following:
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Figure 1.7 Ionic radii, nm. Cation radii apply to ions octahedrally coordinated to O2− unless marked (t),
tetrahedral coordination. (For high spin configuration, see Section 10.2.2.)
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(i) Cations are usually smaller than anions.
The reason for this is that removal of
electrons to form cations leads to a con-
traction of the electron orbitals due to
the relative increase in nuclear charge
while addition of electrons to form anions
leads to an expansion of the charge clouds
due to a relative decrease in the nuclear
charge.

(ii) The radius of an ion increases with atomic
number.

(iii) Cation radius decreases rapidly with
increase of positive charge for a series
of isoelectronic ions such as Na+, Mg2+,
and Al3+, all of which have the electronic
configuration [Ne].

(iv) Anion radius is largely unaffected by an
increase in negative charge. For example,
F− is similar in size to O2− and Cl− is sim-
ilar in size to S2−.

(v) Successive valence increases decrease
cation radius. For example, Fe3+ is smaller
than Fe2+.

(vi) The radius of transition metal cations, and
to a lesser extent lanthanoid and actinoid
cations, depends upon whether the elec-
tron spins on the cation are paired, giving
a low spin state, or largely unpaired, giv-
ing a high spin state.

While the majority of the ions of elements
can be considered to be spherical, cations
with a lone pair of electrons in the outer
orbitals, In+, Tl+, Sn2+, Pb2+, Sb3+, and Bi3+

are definitely not so. Similarly, ions, such as
CO3

2−, NO3
−, are not spherical, although at

high temperatures, rotation often makes them
appear so.

1.2.2 Lattice Energies

An advantage of the ionic bonding model is
that ionic interaction energies can be fairly
easily assessed. The electrostatic potential
energy (often called the Coulomb interaction or
Coulomb potential) between a pair of oppositely
charged monovalent ions Ee is given by:

Ee = (+e)(−e)∕4π 𝜀0r = −e2∕4π 𝜀0r

where the point charges on the interacting
species are ±e, and the distance separating
the charges is r. A negative overall energy
implies stability. The electrostatic energy of
an ionic crystal, called the Madelung energy,
has a form identical to this multiplied by a
constant that arises from the geometry of the
structure, a term representing the charges on
the ions and a term giving the number of ions
present.

Ee = [−e2∕4π𝜀0r] × [geometry]

× [ionic charges] × [amount]

For a crystal composed of ions of charge
±Ze:

Ee = NA[−e2∕4π𝜀0r] [𝛼] [Z2]

where NA is Avogadro’s constant and r is the
equilibrium distance between neighbouring
oppositely charged ions in the crystal. The term
reflecting the geometry of the structure, 𝛼, is
called the Madelung constant. The Madelung
constant for each structure is different and
is determined by summing all of the ionic
interactions over the whole of the structure.

When the formula of the compound is
MmXn, the charges on the cations and anions
differ and as a result two alternative Madelung
constants, usually designated A or M, may
be quoted. They differ from each other in the
molecular unit chosen for evaluation, MmXn
or MXn/m, and whether the ionic charges are
included in the constant. In such cases it is
simplest to separate out the charge contri-
bution and stoichiometry to give a reduced
Madelung constant, which is a purely geomet-
ric term. The reduced Madelung constant of a
compound MmXn is defined by:

Ee = −NA
e2

4π𝜀0r
𝛼(ZMZX)

m + n
2

where, to maintain charge neutrality, mZM =
nZX. Surprisingly, the reduced Madelung
constant is very similar for a wide range of
structures, equal to 1.68± 0.08 (Table 1.2).
This means that the approximate electro-
static energy of any crystal structure can be
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Table 1.2 Reduced Madelung constants, 𝛼.

Structure Formula Example 𝜶

Halite M+X− NaCl 1.748
Caesium chloride M+X− CsCl 1.763
Sphalerite M2+X2− ZnS 1.638
Wurtzite M2+X2− ZnO 1.641
Fluorite M2+X−

2 CaF2 1.680
Rutile M4+X2−

2 TiO2 1.605
β-Quartz M4+X2−

2 SiO2 1.480
Corundum M3+

2 X2−
3 Al2O3 1.669

estimated as long as the chemical formula is
available. To convert between literature values
of the Madelung constant A or M, and the
reduced Madelung constant 𝛼, for a compound
of formula MmXn, use:

𝛼ZMZX(m + n)∕2 = A

𝛼(m + n)∕2 = M

In general, the electrostatic attraction
between cations and anions will increase as
they approach until, at some interionic dis-
tance, the electron clouds of the ions begin to
overlap, leading to repulsion. Ultimately the
two opposing energies will balance and the
ions will adopt an equilibrium separation.
The repulsive potential energy, Er, can be
formulated in a number of ways, typically:

Er = B∕rn

where B and n are empirical constants.
The potential energy, U, per mole of an ionic

crystal may be represented as the sum of the
electrostatic and repulsive energy terms:

U = Ee + Er = [−NA𝛼Z2e2∕4π𝜀0r]

+ NAB∕rn

per mole. The energy is a function of the dis-
tance between the ions, r, and at equilibrium
this energy must pass through a minimum
(Figure 1.8). Thus, we can write:

dU∕dr = [NA𝛼Z2e2∕4π𝜀0r2]

− nNAB∕rn+1 = 0

Repulsive energy Er

P
o

te
n

ti
a

l 
e

n
e

rg
y
 U

U = Ee + Er

Attractive energy Ee

0

UL

Ionic separation rr0

Figure 1.8 The total potential energy between two
monovalent ions as a function of the ionic
separation. The lattice energy UL corresponds to
the minimum, at an interatomic separation r0.

This allows the constant B to be eliminated,
to give:

UL = [−NA𝛼Z2e2∕4π𝜀0r0][1 − 1∕n]

where UL is the lattice energy and r0 is the equi-
librium value of the interionic separation.

Using:

Er = +NAB exp (−r∕r∗)

where B and r* are constants that are structure
sensitive and eliminating the constant B, as ear-
lier, gives the Born–Mayer equation for the lat-
tice energy:

UL = [NA𝛼Z2e2∕4π𝜀0r0][1 − (r∗∕r0)]

1.2.3 Atomistic Simulation

The analysis in Section 1.2.2 forms the basis for
the computer evaluation of crystal structure
information using the technique of atomistic
simulation. In this technique interactions
between pairs of atoms, written as pair poten-
tials, are derived using experimental data or
theoretical calculations. These can be listed as
Coulombic (electrostatic) and non-Coulombic
(mainly repulsive). Coulombic forces are of the
form:

Ee = (qiqj)∕4π𝜀0rij
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where qi and qj are the charges on the ions
and rij is the separation of the ions. The
non-Coulombic potential, which is attractive
at large interatomic spacing and repulsive at
short interatomic spacing, is frequently given
by one of three equations:

(a) The Lennard-Jones potential:
V LJ =Ar−12 −Br−6

where A and B are empirical constants and
r is the interatomic distance. This equation
is found to fit the behaviour of rare gas and
molecular interactions well.

(b) The Morse potential:
V M =D {1− exp[−𝛽(r− re)]}2

where D, 𝛽, and re are empirical constants.
This form works well for covalently bonded
solids (Section 1.3).

(c) The Buckingham potential:
V B = B exp(−r/𝜌)−C/r6

which is of most value for ionic and
semi-ionic solids. In this equation B, C,
and 𝜌 are empirical parameters, which
vary from one ion pair to another.

Many ions are polarizable and this must
be taken into account if reasonable answers
are to be obtained. It is estimated by using
the shell model, in which the polarizability is
imagined to deform the electron cloud sur-
rounding an atom as if the electron cloud were
a shell attached to the nucleus by a spring. The
simplest form for the polarizability 𝛼 is:

𝛼 = Y 2∕k

where Y is the charge on the (massless) shell
and k is the empirically determined spring con-
stant. The potential energy stored in the spring
is given by:

Ep =
1
2

k δr2

or, if this approximation is not sufficiently
accurate, by:

Ep =
1
2

k2 δr2 +
( 1

24

)
k4 δr4

where δr is the amount by which the spring
between the shell and the core is stretched.

Computer routines sum all of these inter-
actions over as many atoms as is reasonable

and use techniques that effectively allow the
finite answer to be extended to a crystal of
any size. Pair potentials are somewhat limited
and these are gradually being replaced, where
the computational requirements allow it, with
many-body potentials. These are more sophisti-
cated than pair potentials and are able to more
faithfully model processes at an atomic level.

There are two broad genres of computation.
In static lattice simulations the atoms in the
crystal, positioned at r1, r2, r3, and so on. A first
approximation energy is derived and further
iterations are then made by changing the ionic
positions until a minimum energy is reached.
The final set of atomic coordinates give the
crystal structure and unit cell dimensions of the
atom array, which are then easily compared to
those obtained via X-ray diffraction. By apply-
ing virtual forces or electric fields to the opti-
mal structure other properties, such as crystal
stability under high pressure, elastic constants
and dielectric behaviour can be assessed.
By removing or adding ions the energy of
formation of point defects can be determined.

The other broad area of atomistic simulation
concerns dynamic properties. Here the atoms
are given a position and a velocity. Successive
configurations of the structure are allowed to
evolve with time, either the atomic trajectories
following Newton’s laws of motion (molecular
or lattice dynamics) or else determined using
probability theory (Monte Carlo methods).
Using these approaches, defect formation
and migration, diffusion, the annealing of
materials, fracture, grain growth and sinter-
ing, nanoscale materials, and damage from
radiation emitted by radioactive atoms can be
simulated. Molecular dynamics simulations
have been used, for example, to study the enor-
mously complex problem of protein folding.

1.3 Covalent Bonding

1.3.1 Bond Geometry

Ionic bonding is unable to explain the prop-
erties of most molecules, particularly organic
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molecules, which have definite shapes.
Methane, CH4, has the central carbon atom
surrounded by hydrogen atoms to form a tetra-
hedral molecule; benzene C6H6, consists of
six carbon atoms linked in a hexagonal ring,
with one H atom linked to each C atom. The
links between the atoms in such molecules
are described as covalent bonds. A covalent
bond is formed by the overlap of partly-filled
orbitals. The direction of the bond will be such
as to make the overlap as great as possible
and the strongest bonds are formed when the
overlapping of the orbitals is at a maximum.

The simplest covalent bond is, perhaps, the
single bond between two hydrogen atoms that
make up the hydrogen (H2) molecule. An
isolated hydrogen atom has a single electron
in a spherical 1s orbital. As distance between
two H atoms is reduced, two different kinds of
interaction are possible, depending on whether
the spins of the electrons in the s orbitals of
the two atoms are parallel or opposed. If the
spins are opposed, covalent bonding occurs
and the nuclei are pulled together. It is found
that the electron density, which was orig-
inally spherically distributed around each
atom is now concentrated between the nuclei
(Figure 1.9a,b). If the spins of the two elec-
trons are parallel, the electron clouds repel
and bonding does not occur, even if the atoms
approach closely (Figure 1.9c,d). The resulting

orbitals that encompass both atoms are called
molecular orbitals.

Any partly filled orbitals can overlap to form
bonds in this way. A bond formed by two s
orbitals, two end-on p orbitals, or by a single s
and a single p orbital has rotational symmetry
about the bond axis (Figure 1.10a,b) and is
termed σ bond. Two p orbitals, linked side-
ways, cause an increase of the electron density
on either side of a nodal plane on which the
two nuclei are situated. Such bonds are termed
π bonds (Figure 1.10c,d). It is important to
note that the designation of a bond as σ or π
does not depend on the type of orbital forming
the bond, only the geometry of overlap of the
orbitals.

Although covalent bonds due to simple
orbital overlap accounts for a large number
of molecular structures, it does not explain
the geometry of many other simple molecules
such as methane, CH4, ammonia, NH3, and
water, H2O. In these cases, the simple atomic
orbitals are rearranged in such a way that
they can make stronger bonds (with greater
overlap) than the unaltered orbitals. This can
be illustrated by the tetrahedral geometry of
many bonds in organic compounds. The outer
electron configuration of carbon is 2s2 2p2. If
one electron is promoted from the filled 2s2

orbital into the empty p orbital, the four singly
occupied orbitals rearrange into sp3-hybrid
orbitals. The resulting four orbitals point

(a)

(c)

(b)

(d)

HH

H

H

HH

H

H

Figure 1.9 Covalent bond formation: (a) two
H atoms with opposed electron spins form
an H2 molecule (b); (c) two H atoms with
parallel electron spins do not bond (d).
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Figure 1.10 Covalent
bonding: (a) σ
bonding via overlap
of s and p orbitals;
(b) σ bonding via
overlap of two p
orbitals;
(c) sideways on
approach of two p
orbitals leading to
(d) π bond
formation.

(a) (b)

s ppp

(c) (d)

p p

Nodal

plane

towards the corners of a tetrahedron, at angles
of 109.5∘ to each other (Figure 1.11). These
orbitals have an overlapping power of twice
the overlapping power of s orbitals so that the
bonds are extremely strong. The C—C bond
energy in diamond, the hardest of all solids, is
245 kJ mol−1.

It is a general rule of hybrid bond formation
that the same number of hybrid orbitals form
and can be used for bonding as the number
of atomic orbitals used in the initial combina-
tion. Thus, one s and one p orbital yield two

sp-hybrid orbitals resulting in linear molecules.
One s orbital and two p orbitals yield three
new sp2-hybrid orbitals for bond formation.
For maximum overlap these orbitals point as
far away from each other as possible, forming
bonds at angles of 120∘ yielding triangular
molecules. This type of bonding is commonly
encountered in borosilicate glasses, where the
boron atoms are linked to three oxygen atoms
at the corners of an equilateral triangle. The
geometry of some hybrid orbitals is given in
Table 1.3.

(a)

2py

2pz over 2s

2px

sp3

sp3

sp3

sp3

2.0

(b) (c)

Figure 1.11 (a) The 2s and 2p orbitals on C; (b) four sp3 hybrid orbitals; (c) tetrahedral geometry of the sp3

orbitals.
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Table 1.3 The geometry of some hybrid orbitals.

Orbital
configuration

Coordination
number Geometry Example

sp 2 Linear HgCl2

sp2 3 Trigonal BCl3

sp3 4 Tetrahedral CH4

dsp3 5 Trigonal
bipyramidal

PCl5

d2sp3 6 Octahedral SF6

One of the characteristic features of covalent
compounds is the presence of multiple bonds
between atoms. Single bonds, described earlier,
are alwaysσ bonds. Multiple bonds result when
atoms link via σ and π bonds at the same time.
A double bond between two atoms then con-
sists of σ and one π bond, while a triple bond
consists of one σ and two π bonds.

1.3.2 Bond Energies

As atoms come together to form a covalent
molecule, the atomic orbitals interact and
spread over all of the nuclei to give molecular
orbitals that extend over the whole molecule.
Each pair of atomic orbitals gives rise to two
molecular orbitals, one of which has a higher
energy than the original pair and one with a
lower energy than the original pair. The molec-
ular orbital of lower energy than the parent
atomic orbitals has the greatest concentration
of electron density between the nuclei, and

is a bonding orbital. The molecular orbital of
higher energy than the parent atomic orbitals,
the antibonding orbital, has the electron den-
sity concentrated in the region outside of the
line joining the nuclei. If they have cylindri-
cal symmetry, they are called σ orbitals, the
lower energy orbital is labelled σ and upper
antibonding one labelled σ*. If the molecular
orbitals are derived from sideways on overlap
of p orbitals, they lack this symmetry and are
called π orbitals, the lower bonding orbital
labelled π and the upper antibonding orbital
labelled π*. The available electrons are fed into
the molecular orbitals, using the Pauli princi-
ple and Hund’s rules (the aufbau principle), to
arrive at a molecular electron configuration.
For a stable molecule to form, the total energy
of the electrons in the molecular orbitals that
are occupied must be less than the energy total
when the electrons occupy separate atomic
orbitals.

The principle can be illustrated by describ-
ing the ground state electron configuration
and bond energy for homonuclear diatomic
molecules. For H2 the two 1s orbitals of the
isolated atoms combine to give two molecular
orbitals, σ1s (bonding) and, σ*1s (antibonding)
(Figure 1.12). Both electrons will occupy the
bonding, σ, orbital provided that they have
opposed spins. This will be the lowest energy
configuration, or ground state, of the pair, and
a covalently bonded hydrogen molecule, H2,
will form. The bond energy will be 2Ebond.

1s

H atom

H molecule

H atom

σ1s (bonding)

σ*1s (antibonding)

1s

Ebond

Figure 1.12 The formation of
molecular orbitals in an H2
molecule.
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When two helium atoms interact, there are
four electrons to be placed in the orbitals and
so both the σ1s and σ*1s orbitals will be filled.
The effect of the filled antibonding orbital com-
pletely negates the effect of the filled bonding
orbital. No energy is gained by the system and
so He2 does not form.

To derive the electron configurations of
the other homonuclear X2 molecules, formed
from the elements of the second period, Li2 to
Ne2, exactly the same procedure is followed.
The interaction of the 2s outer orbitals will
form σ2s and σ*2s orbitals. End-on overlap

of the p orbitals produces σ2px and σ*2px
orbitals. The sideways on overlap of a pair of
p orbitals forms one π2py bonding orbital, one
π2pz bonding orbital, one π*2py antibonding
orbital, and one π*2pz antibonding orbital. The
difference in energy between the σ2px and π2p
orbitals is small and gradually changes along
the series, so that the σ2px orbital drops below
the π2p orbitals for the last three molecules,
O2, F2, and (hypothetical) Ne2 (Figure 1.13).
The molecular configurations of the homonu-
clear diatomic molecules can now be obtained
(Table 1.4).

*2s

*1s *1s

1s

(a) (b)

1s

2s 2s

*2s

2p

*2p

*2px

2px

*2px

2px
2p

*2p

Figure 1.13 Schematic molecular orbital energy level diagram for homonuclear diatomic molecules; (a) H2
to N2; (b) O2 to Ne2.
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Table 1.4 The electron configurations of some homonuclear diatomic molecules.

Molecule Ground state configuration
Bond
length (nm)

Bond energy
(kJ mol−1)

Li2 [He2] (σ2s)2 0.267 101
Be2 [He2](σ2s)2(σ*2s)2 — —
B2 [Be2](π2p)2 0.159 289
C2 [Be2](π2p)4 0.124 599
N2 [Be2](π2p)4(σ2px)2 0.110 941
O2 [Be2](π2p)4(σ2px)2 (π*2p)2 0.121 494
F2 [Be2](π2p)4(σ2px)2 (π*2p)4 0.142 154
Ne2 [Be2](π2p)4(σ2px)2(π*2p)4(σ*2px)2 — —

[He] is shorthand for (σ1s)2(σ*1s)2.
[Be2] is shorthand for (σ1s)2(σ*1s)2 (σ2s)2(σ2s*)2.

When a molecular orbital is formed between
atoms of two different elements, A and X,
then the energy levels of the initial atomic
orbitals will differ, as will their extensions in
space. The difference between the atoms can
be thought of in terms of electronegativity,
which is a measure of the power to attract elec-
trons during chemical bonding. Atoms with a
low electronegativity are called electropositive
elements. Atoms with a high electronegativity
are called electronegative elements. Despite
differences in electronegativity, the molecular
orbital diagram remains similar (Figure 1.14).
The bonding energy Eb is now computed with
respect to the average energy of the isolated A
and X atoms, 1/2(EA +EX). In the case where
element A is more metallic (electropositive)

in character than element X, it is found that
the X atom contributes most to the bonding
molecular orbital and the atom A more to
the antibonding molecular orbital. The bond-
ing molecular orbitals are then often said to
be X-like in character and the antibonding
orbitals A-like in character.

When the two nuclei are different, the sym-
metrical build-up of electron density found
for identical atoms will become distorted
and the electron density will pile up in the
region of the non-metal atom and be depleted
towards the metal atom. A covalent bond in
which the electron pair is distributed unevenly
is sometimes called a polar covalent bond.
The bond will have one end that carries a
small positive charge, written δ+, and the

mota XmotaA

Bonding orbital “X-like”

Antbonding orbital “A-like”

Ebond

EA

Ex

Figure 1.14 Molecular orbitals
formed by a more metallic
atom A and a less metallic
atom X.
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other end with a small negative charge, δ−.
The charge separation gives rise to an inter-
nal electric dipole and such molecules are
called polar molecules. For example, water is
a polar molecule as the two O—H bonds form
dipoles pointing from the oxygen towards the
hydrogen atoms. However, not all molecules
containing several internal dipoles show an
overall dipole moment as, depending upon the
molecular symmetry, they may sum to zero.
These internal electric dipoles result in many
important properties of molecules and molec-
ular solids, including piezo- and ferroelectric
behaviour (Section 9.2).

1.4 Metallic Bonding

In both ionic and covalent bonding, all elec-
trons are immobile. The characteristic of
metals and semiconductors is that at least the
outer electrons are mobile and able to move
freely through the solid under an applied
voltage. As well as this, metallic bonds must
act between both identical and different metal-
lic atoms, as is revealed by the formation
of numerous alloy structures as well as the
structures of the elements. The bonds act
between many atoms, as metal atoms in crys-
tals often have 8 or 12 neighbours. The bonds
are maintained in the liquid state, as liquid
metals retain the distinguishing properties of
crystalline metals.

The present-day understanding of metals
and metallic bonding has arisen from the

combination of two different approaches. In
the first of these, electrons travel more or less
freely through the structure, akin to gas atoms
in a volume, and are not really associated
with any particular atom, giving rise to the
free-electron gas theory. A second approach,
more chemical in nature, considers metallic
bonds as a delocalisation of covalent bonds
throughout the solid. The application of these
ideas, called band theory, successfully explains
the detailed physical properties of metals.

1.4.1 Molecular Orbitals and Energy
Bands

The molecular orbital model of chemical bond-
ing indicates that when two atoms approach,
the outer atomic orbitals on each atom interact
to form a pair of molecular orbitals, one of
lower energy, the bonding orbital, and one
of higher energy, the antibonding orbital.
As further atoms are added to the pair, each
new atomic orbital is transformed into a new
molecular orbital. Calculation shows that the
separation between the higher energy (anti-
bonding) and lower energy (bonding) orbitals
rapidly becomes constant as the number of
atoms in the solid increases, and the new
molecular orbitals fit into the energy space
between them. When a large number of atoms
are present, so many orbitals are incorporated
that the energy space is essentially spanned
by a continuum, and energy bands have been
created (Figure 1.15). The upper part of the
band will correspond to antibonding orbitals

Figure 1.15 The
schematic
development of
energy bands from
delocalised molecular
orbitals. Isolated

atom:
one sharp
level

1Number
of atoms

2 3 4 5 10

Antibonding
character

Bonding
character

Solid:
energy
band
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and is said to have an antibonding character.
The lower part of the band will correspond to
bonding orbitals and have a bonding character.

Although broadening of sharp atomic
orbitals into energy bands will happen to
each of the atomic orbitals on metallic atoms
as they come together to form a crystal, the
energy spread in an energy band is related
to the extension of each orbital. The filled
core electron orbitals are compact and are
shielded from strong interactions with orbitals
on other atoms by the valence electron orbitals.
No significant overlap of these orbitals with
orbitals on other atoms is possible. Thus, core
electron orbitals hardly broaden and form
very narrow energy bands little different from
the energy levels a free atom. On the other
hand, spreading of the energy bands associated
with the outer orbitals is significant, more
so for the heavier elements, simply because
of their larger size and consequently greater
interaction. Because of this, the outer orbitals
on most of the heavier elements in the periodic
table are transformed into rather wide bands
in the solid state. Moreover, outer s and p
bands are so broad that they usually overlap
(Figure 1.16). Any d and f orbitals present are
always shielded beneath outer s and p orbitals.
They only interact weakly with orbitals on
other atoms and form narrow d or f bands.

1.4.2 The Free Electron Gas

The free-electron gas theory of metals started
with a gross approximation: the idea that a
metal contained a ‘gas’ of electrons, which
were moving about at random in an analogous
way to gas molecules in the atmosphere. The
model, an adaptation of the kinetic theory
of gases, was very successful. The imposition
of a voltage caused the random motion to be
replaced by a drift in average motion that was
equated with the electric current that flowed.
This simple model predicted that a metal
should obey Ohm’s law and that the resistiv-
ity of a metal should increase slightly with
temperature. However, it could not explain

3s

2p

2s

1s

Isolated atom Solid

E
ne

rg
y

3p

Figure 1.16 Schematic development of energy
bands from atomic orbitals for magnesium metal
as the atoms approach each other to form a crystal.
The outermost filled 3s and empty 3p bands
overlap in the metal.

some important properties. In particular, the
theory was unable to account for the fact that
metals had a similar specific heat to insulators.
If an electron gas occurs in metals, but not
in insulators, it could be proved that metals
should have a molar specific heat of about
4.5R, while insulators would have a molar
specific heat of only 3R, where R is the gas
constant (Section 13.1).

The advent of quantum theory suggested
that the electrons in the metal, although still
free, should be treated like waves. If this was
so, the Schrödinger equation could be used
to determine the energy of an electron in a
metal. The only variables to be specified were
the dimensions of the solid and the poten-
tial energy experienced by the electron. As a
first step, suppose that the potential energy
is constant throughout the metal and a sin-
gle electron is confined to a line of length
a. (This is often referred to as the particle in
a box model.) The potential energy is set as
zero on the line (or in the box) and infinity at
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Figure 1.17 The energy
levels and allowed
wavelengths of an
electron wave confined
to a line of length a.
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Energy E3

Energy E2

Energy E1

the extremities, so that the electron wave is
completely trapped. The solutions in such a
case show that the only allowed electron waves
are standing waves with nodes at the fixed
ends of the line (Figure 1.17). The allowed
wavelengths, 𝜆, are given by:

𝜆 = 2a∕n

where n is a quantum number that can take
integer values 1, 2, 3, . . . . The wave equation
describing this situation is:

ψ =
√
(2∕a) sin k x

where k is called the wavenumber. This
equation represents a series of plane waves. It
has quantised values given by:

k = 2π∕𝜆 = nπ∕a

(In three dimensions, k is a vector quantity,
called the wave vector.)

The electron is confined not only to certain
wavelengths but also to quantised energies:

En = k2h2∕8π2m

where En is the energy of the wave associ-
ated with the quantum number n and m is
the mass of the electron. The form of the
energy vs. k graph is parabolic (Figure 1.18).
Extending this model to three dimensions
shows that the energy of a single electron
in a rectangular block of metal with sides a,

Energy

–k +k

Fermi energy, EF, (0 K)

Figure 1.18 The relationship between energy, E
and wavenumber, k, for an electron confined to a
line. The Fermi energy, EF, is the uppermost energy
level filled at 0 K.

b, and c, lying along the three axes x, y, and
z, is:

E(nx,ny,nz)

= [h2∕8m][nx
2∕a2 + ny

2∕b2 + nz
2∕c2]

where nx, ny, and nz are the quantum numbers
along the x-, y-, and z-axes. For a cubic block of
side a, this reduces to:

E(nx,ny,nz) = [h2∕8ma2 ][nx
2 + ny

2 + nz
2]

Wavefunctions with the same energy are said
to be degenerate. Thus, for a cubic container,
the solutions (nx = 1, ny = 1, nz = 2), (nx = 1,
ny = 2, nz = 1), and (nx = 2, ny = 1, nz = 1) are
degenerate. The degeneracy means that the
number of energy levels within a particular
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energy range is not a constant, but increases
with increasing values of k. In order to solve
the problem of the electron contribution to
the specific heat of a metal, it is necessary to
discover how many energy levels N(E) occur
in any particular range energy dE between the
energies E and E +δE. The result for a cube of
volume V is:

N(E) = [2πV][8m∕h2]3∕2E1∕2

This equation is called the density of states
function. This curve, like the E vs. k curve, is
also parabolic in form. The number of energy
levels in a small range of energy increases
sharply as the energy increases. As each
energy level can accommodate two electrons,
the number of electrons in an energy interval
between E and E +δE is double that of the
density of states.

The simplest extension of these ideas to
many electrons employs a similar strategy
to the orbital approximation for atoms. The
energy levels calculated earlier, derived for one
electron, are populated with the additional
electrons, following the Pauli exclusion prin-
ciple and the aufbau principle. Each level can
hold just two electrons, with differing spins.
To determine the overall distribution, elec-
trons are allocated, two at a time to the energy
levels, starting with the lowest energy, up to
a maximum energy governed by the num-
ber of electrons available. At absolute zero,
the uppermost-occupied level is at the Fermi
energy EF (Figure 1.18). In three dimensions
this highest filled energy level takes the form
of a surface, the Fermi surface.

At temperatures above absolute zero, the
electrons are liable to gain energy. However,
it is not possible for electrons in lower levels
to move into slightly more energetic levels as
these are already filled. Only those electrons
with the highest energies, near to the Fermi
surface, can move to higher energy levels.
The vast body of electrons remains untouched
by the rise of temperature because no empty
energy levels are available to them and so do
not contribute appreciably to the specific heat.

Thus, the electronic heat capacity is almost
negligible.

The statistics that govern the distribution of
electrons between the energy levels are called
Fermi–Dirac statistics. Fermi–Dirac statistics
applies to particles with a half-integral spin,
such as electrons, protons, and neutrons. Such
particles are called fermions. No two identi-
cal fermions can occupy a single (quantised)
energy level. Fermi–Dirac statistics specify the
probability, Pi, that an energy level, Ei, will be
occupied is given by:

Pi = 1∕ exp[(Ei − 𝜇)∕kBT] + 1

where 𝜇 is the chemical potential of the
fermions and kB is the Boltzmann constant.
The chemical potential of electrons in a metal
is equal to the Fermi energy (strictly speaking,
at absolute zero), EF, hence:

Pi = 1∕{exp[(Ei − EF)∕kBT] + 1}

The distribution of electrons at temperatures
other than 0 K is given by the Fermi function:

P(E) = 1∕{exp [(E − EF)∕kBT] + 1}

where P(E) is the probability than an energy
level E is occupied by an electron at abso-
lute temperature T (Figure 1.19). At T = 0 K,
P(E) = 1 for E <EF and 0 for E >EF and the
curve has a sharp cut off. At higher tem-
peratures the curve changes smoothly from
P(E) = 1 to 0. The equation also shows that
at E = EF, P(E) = 1/2. Thus, the Fermi level in
metals above 0 K can be defined as the energy
for which P(E) = 1/2.

1.4.3 Energy Bands

In the free-electron approach a single electron
moves in a constant potential. In a solid the
electron moves in a periodic potential that is
representative of the crystal structure. The
first solution to the way in which a periodic
potential modifies the free electron model
was given by Bloch in 1928. The solution
of the Schrödinger equation was found to
consist of the free electron waves multiplied
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Figure 1.19 The Fermi function, P(E).
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by a function with the same periodicity as
the crystal structure. These wave equations
are called the Bloch functions. Two general-
isations are found. Firstly, if the potential is
weak the wavefunctions are similar to the free
electron wavefunctions. Secondly, regardless
of the potential, electron waves with a long
wavelength and low energy also have wave-
functions that are almost the same as the
free electron wavefunctions. In this extreme,
the energy levels are closely spaced and vary
with wavenumber in a parabolic fashion as
described previously. The electron is ‘not
aware’ of the atoms in the solid.

As the wavelength approaches the same
dimensions as the atom spacing in the crystal,
the electron waves in a solid behave in a sim-
ilar way to any other waves in any medium.
When a wave encounters an object of the
same dimensions as the wavelength, a con-
siderable interaction occurs and the wave
is diffracted (Section 12.6). In the present
situation, the conditions for diffraction to

occur are given by Bragg’s law. For an electron
wave normally incident upon planes of atoms,
diffraction of the wave occurs at values of the
wavenumber:

k = ±nπ∕a

where n is an integer taking values 1, 2, 3,
and so on and a is the spacing of the planes
of atoms. Waves with these wavenumbers will
not be able to pass through the crystal and
the one-dimensional E vs. k curve is broken at
these values (Figure 1.20a). Propagation will
occur again when the wavenumber increases
slightly. Substitution of the appropriate values
into the Schrödinger equation reveals that the
change in wave vector is accompanied by an
energy jump from a lower value to a higher
one. It is not possible for an electron to have an
energy value lying between the two extremes.
This is described by saying that an electron can
exist within a band of allowed energies. These
bands are separated from each other by bands
of forbidden energies (Figure 1.20b).

Figure 1.20 (a) The
one-dimensional
free-electron E vs. k
curve broken into
energy bands due to
the periodic potential
of atomic nuclei of
separation a.
(b) Schematic
representation of
energy bands.

Energy

–k +k–3π/a –2π/a 2π/a 3π/a–π/a π/a0
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energy band

Band gap
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Isolated
M atom

M2
molecule M metal

Ebond(mol) Ebond(metal)
Filled
energy
levels

Eav

Figure 1.21 The bonding in a
molecule, M2, and a solid
metal.

The discontinuities in the energy vs. k curve
due to electron diffraction mark the bound-
aries of Brillouin zones. The first Brillouin zone
in the one-dimensional case (Figure 1.20a)
extends from k values of −π/a to π/a. The
second Brillouin zone lies between k values of
π/a to 2π/a on the positive side of the graph
and from −π/a to −2π/a on the negative side.
The third, fourth, and so on Brillouin zones
can be similarly located.

The band model accounts for the overall
properties of metals. In terms of the cohesive
energy of a metal, the upper energy levels of a
band are antibonding in character, while the
lower energy levels are bonding in character.
The electrons will feed into the energy levels
in a band, following the aufbau principle, with
two electrons of opposing spins in each level.
The core levels will be filled and be neutral in
terms of bonding. Provided that the upper band
is only partly filled, the lower energy bond-
ing levels will be populated while the higher
energy antibonding levels will be empty. In
this case the atoms will experience an overall
bonding interaction that would be expected to
be roughly similar to the bonding energy of
a diatomic molecule. For such a diatomic M2
molecule, bonding is due to a filled bonding
orbital combined with an empty antibonding
orbital. In a solid metal, M, bonding energy is
due to preferential filling of the lower bonding
character part of the energy band while leaving
the upper antibonding character energy band

empty (Figure 1.21). Moreover, as the electrons
are delocalised metallic bonds are expected to
be non-directional.

The fact that the uppermost band is only
partly occupied also accounts qualitatively for
electrical conductivity. The electrons in the
highest energy band are delocalised over all
the atoms in a metallic solid, and the impo-
sition of an external voltage is able to cause
the electrons to move through the material
provided that there are empty energy levels
available.

The loss of the outer electrons has two other
consequences. As the remaining core electron
orbitals are of a spherical shape, the crystal
structures of many metals can be considered
in terms of the packing of spherical atoms.
Spheres can pack most efficiently when each
is surrounded by a large number, 8–12, near-
est neighbours so the delocalisation concept
explains the high apparent valence of metals in
crystals. Delocalisation also negates the main
chemical distinguishing feature of an element
and individual chemical and physical varia-
tions will be suppressed so that one metallic
element is similar to another and alloys would
be expected to form readily.

These metallic properties are more depen-
dent upon the close approach of the atoms than
on the relative configuration of the atoms. The
geometry of the nearest neighbour atoms does
not change greatly in a liquid compared to a
crystal. For example, the number of nearest
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neighbours to any sodium atom in a crystal of
sodium metal, eight, is similar to the number
in the liquid state. This means that a liquid
metal should have similar properties to the
solid. For example, liquid mercury shows
metallic conductivity because this property is
determined by the delocalisation of the outer
electrons. However, Brillouin zones will not
occur in liquids or glasses, as they are features
of crystalline arrays.

1.4.4 Bands in Ionic and Covalent
Solids

In the discussion of ionic and covalent bond-
ing, the spreading of atomic orbitals into
bands has been ignored. It is reasonable to
re-examine ionic and covalent solids in band
terms. Consider the archetypal ionic com-
pound, sodium chloride. When the atoms are
isolated, the lowest energy corresponds to Na
and Cl atoms in their respective ground states.
As the interatomic separation decreases to
approximately 1.0 nm, energy is gained by the
transfer of an electron from sodium to chlorine
to form Na+ and Cl− ions. The energy of the
Cl− ions now falls below that of the Na+ ions

and the ions order on a lattice. However, even
at this spacing the energy levels are still similar
to those on isolated ions. As the interatomic
spacing decreases further, the electron orbitals
overlap. Electrons with opposed spins tend to
lose energy while those with parallel spins tend
to gain energy. These are the familiar bonding
and antibonding interactions, and cause the
narrow energy levels to broaden into bands.
However, the ionic electron distribution is not
changed. The band that develops on the Cl−
ions, the 3p band, is full and the band that
develops on the Na+ ions, the 3s band, remains
empty (Figure 1.22). Thus, the ionic model is
still a good model for the bonding in NaCl.

In the case of a covalently bonded crystal
such as germanium, which is composed of a
tetrahedral array of germanium atoms linked
by sp3-hybrid bonding, a modification of the
molecular orbital model is again needed.
Isolated Ge atoms have an outer electron
configuration s2p2, which is replaced by four
degenerate sp3 hybrid orbitals as the atoms
are brought closer (Figure 1.23). Each sp3

orbital on an atom contains one electron and
overlap with adjacent orbitals causes strong
bonds with a tetrahedral geometry to form.

Figure 1.22 Schematic development
of energy bands from isolated atoms
for sodium chloride, NaCl. For clarity,
the core energy levels of both atoms
have been ignored and only relative
energy changes are included.

Cl 3p5
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Cl–
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Full p band

Isolated
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Solid1/ r
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Ge 4s2 4p2
4 sp3

orbitals
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Figure 1.23 Schematic
development of energy
bands from isolated atoms
for germanium, Ge. For
clarity, the core energy levels
of both atoms have been
ignored and only relative
energy changes are included.

As the atoms approach further, each single
sp3 energy level widens into a band, the lower
half of which is bonding and the upper part
antibonding. The band is able to contain a
maximum of eight electrons. As each atom
donates one electron per sp3 energy level, the
band is half full. Continued approach causes
the antibonding part of the band to increase in
energy due to the repulsion between the paral-
lel electrons and the bonding part to decrease
in energy due to the favourable interaction
between the spin-paired electrons. At a critical
separation, the single band is split into two
bands separated by an energy gap. The lower of
these bands is usually called the bonding band
and the upper the antibonding band when the
chemistry of the material is discussed, or the
valence band and conduction band in semi-
conductor physics. The electrons, one in each
sp3 orbital, that combine in a covalent bond
end up in the lowest bonding band, which
will be completely full. The upper antibonding
band will be completely empty. The cohesive
energy in these crystals is, in fact, due to the
appearance of the energy gap between the
upper (empty) and lower (filled) bands.

The elements carbon (diamond), C, silicon,
Si, germanium, Ge, and one form of tin, α-Sn,
all crystallise with the same structure. The
size variation of this series of atoms modifies
the band formation in a predictable way. The

smallest atom, carbon, C, has the smallest
degree of orbital interaction and hence the
narrowest bands. The energy gap is large and
diamond has a very high cohesive strength. As
the atoms increase in size, the orbital interac-
tions increase, the bands widen, the energy gap
narrows, and the cohesive energy falls. Unlike
diamond, α-tin is a weak solid, easily crushed.

While this description is quite different than
that of covalent bonding, the separation of
the energy bands in the solid is similar to the
separation of the bonding and antibonding
molecular orbitals that would be found on a
diatomic C2, Si2, Ge2, or Sn2 molecule with
a similar interatomic separation to the atoms
in the crystal. The covalent bond picture is,
therefore, closely related to the band picture. In
the covalent model, the bond energy is related
to the separation of the molecular orbitals.
In the solid, the cohesive energy is related
to the separation of the energy bands. With
this limitation in mind, the covalent bonding
model is adequate for many solids.

1.5 Weak Chemical Bonds

Although the strong chemical bonds described
earlier play a dominant role in determina-
tion of the overall properties of solids, weak
interactions are often of vital importance,
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especially in living organisms. For example,
noble gas atoms experience weak interatomic
forces that lead to liquefaction and, except
for helium, solidification at low temperatures,
while hydrogen bonding is vital in the func-
tioning of the molecules central to life, such as
proteins and DNA (Table 1.5).

The strongest of the weak bonds are hydro-
gen bonds. These form when a hydrogen atom
lies between two highly electronegative atoms,
either fluorine, oxygen, chlorine, or nitrogen.
The bond results from the interaction of the
small positive charge, δ+, found in dipolar
molecules containing hydrogen with the par-
tial charge of δ− located on the electronegative
partner, especially the exposed lone pair elec-
trons on atoms such as oxygen and nitrogen.
The hydrogen atom has an ambiguous position
in the bond. At low temperatures it adopts a
position nearer to one or other of the elec-
tronegative atoms, while at high temperatures
it is found, on average, midway between them.
In general the two links making up the bond,
O—H and H … O, are not in the same straight
line. The angle between them commonly devi-
ates from 180∘ by 10∘ to 20∘, and sometimes by
much more.

Because hydrogen bonds are comparatively
weak, it follows that they are not only easily
ruptured but they are also formed with equal
ease. Thus, they form in all appropriate materi-
als at normal temperatures and are important
in compounds such as water, H2O, hydrogen

fluoride, HF, and potassium hydrogen fluo-
ride, KHF2. The existence of hydrogen bonds
dramatically changes many of the properties
of the material. For example, HF, H2O, and
ammonia, NH3, are characterised by melting
points, boiling points, and molar heats of
vaporisation that are abnormally high in com-
parison with those of similar molecules unable
to link in this way. The fact that water is liquid
on the Earth at normal temperatures is largely
due to hydrogen bonding. In living organisms,
hydrogen bonding is of great importance in
controlling the folded (tertiary) structure of
proteins. The tertiary structure largely deter-
mines the biological activity of the molecule
and mistakes in the folding can lead to serious
illness. Hydrogen bonding also endows solids
with significant physical properties, such as
ferroelectric behaviour (Section 9.3).

Permanent dipoles are usually found on
molecules containing two atoms with very
different electronegativities. For example, a
molecule of HCl has the covalent bond slightly
deformed to give rise to a region of depleted
electron density (enhanced positive charge,
δ+), associated with the hydrogen atom, and
a region of increased electron density (aug-
mented negative charge, δ−), associated with
the chlorine atom. The resultant dipole has a
dipole moment of 3.60× 10−30 C m. Water, an
angular molecule, has two internal dipoles,
with the δ+ region residing on each hydro-
gen and the δ− region on the oxygen. These

Table 1.5 Bonds between atoms, ions, and molecules.

Type of bond
Approximate
energy (kJ mol−1) Species involved

Covalent 350 Atoms with partly filled orbitals
Ionic 250 Cations and anions
Metallic 200 Metal atoms
Ion–dipole 15 Ions and polar molecules
Dipole–dipole 2 Stationary polar molecules
Dipole–dipole 0.3 Rotating polar molecules
Dispersion 2 All atoms and molecules
Hydrogen bond 20 N, O, or F plus H
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add together so that the resultant is directed
towards the oxygen atom, and is augmented
by the negative charge associated with the two
lone pairs of electrons to give a dipole moment,
of 6.17× 10−30 C m.

The charges making up the dipole can inter-
act with ions to give ion–dipole interaction
energies of about 15 kJ mol−1. The hydration
of cations, in both water solution and solid
hydrates, is mainly due to ion–dipole effects.
Permanent dipoles can also interact with other
dipoles in dipole–dipole interactions, which
vary from approximately 2 kJ mol−1 for fixed
molecules to about one tenth of this value if
the molecules are free to rotate.

The noble gases are monatomic at normal
temperatures. On cooling, helium, the lightest,
turns to a liquid (with very curious properties)
at 4.2 K, the lowest known boiling point of an
element. Helium can only be turned into a
solid by applying pressure. The other members
of the family can be liquefied and solidified
by cooling. This condensation is due to weak
interactions between the outer electrons on
the atoms. Fleeting fluctuations in the elec-
tron clouds create momentary dipoles, which
lead to a weak attraction and, at low temper-
atures, condensation. The force of attraction
is called the London or dispersion force and
the interaction is called the van der Waals
bonding and occurs between all atoms and
molecules. Although the bond energy is only
about 2 kJ mol−1, it is responsible for the liquid
states of many molecular species, including H2
and benzene. The strength of the interaction
increases as the size of the molecules increase.
Because of this, large molecules tend to exist
as solids, smaller ones as liquids, and light
molecules as gases. This trend is exemplified
by the smooth increase in melting and boiling
points of the alkanes, which have a series
formula CnH2n+ 2 (Figure 1.24). The lightest of
these are gases at room temperature (methane,
ethane, propane), while the heavier ones are
liquids (octane, C8H18), and then waxy solids
(C18H38 and higher).
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Figure 1.24 The boiling points of the alkanes,
CnH2n+ 2, plotting against n, which is proportional
to the size of the molecule.

A commonly used form of the interaction
energy between a pair of atoms or molecules is
the Lennard-Jones potential, V LJ:

VLJ = Ar−12 − Br−6

where A and B are constants and r is the dis-
tance between the atoms or molecules. The first
term in this equation is a repulsive energy term
and the second an attractive energy. The poten-
tial energy passes through a minimum V m at a
distance r0. Under normal circumstances, this
would represent the bonding energy of a pair of
atoms or molecules, at an equilibrium separa-
tion of r0. The Lennard-Jones potential can be
written in terms of V m as:

VLJ = 4Vm[(r(0)∕r)6 − (r(0)∕r)12]

where r(0) is the value of r when V LJ is zero
(Figure 1.25).

Thermal energy is taken to be of the order of
kBT, where kB is Boltzmann’s constant and T
is the absolute temperature. In cases where the
energy of the bond, V m, is greater than kBT, one
can expect pairs of atoms or molecules to be sta-
ble, and a liquid phase to condense. When V m
is less than kBT, the bond would be expected to
be too weak to hold the pair together, and a gas
is likely.
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Figure 1.25 The Lennard-Jones potential between
two atoms separated by a distance r.

The range over which bonding forces are
significant varies widely. Covalent bonds act
over a few nanometres only. Interactions that
are essentially electrostatic in nature, as in
ionic bonds, operate over larger distances,
and are proportional to 1/r, where r is the
inter-ionic distance. Ion–dipole interactions
decrease more rapidly, being proportional to
1/r2. Dipole–dipole interactions vary as 1/r3

for static dipoles and 1/r6 for rotating dipoles.
Dispersion forces also decrease as 1/r6.

1.6 Computation of Material
Properties

The calculation of materials properties using
the bonding models described above has a
long pedigree. The shortcomings of traditional
bonding concepts are overcome by using the
theoretical approach called density functional
theory. (A functional is a function of a function.
In this case, the energy of the wavefunction is
a function of the electron density which is a

function of electron position.) Density func-
tional theory has been successfully applied to
modelling the properties of a wide range of
solids using an approach rather akin to that
described for bonding in metals. The important
feature of this theoretical advance is that the
correlation energy, together with the exchange
energy, called the exchange–correlation energy,
can be expressed solely in terms of the electron
density distribution in the material. Despite
this superficially simple statement, it remains
a central task of density functional calcula-
tions to find appropriate expressions for the
exchange–correlation energy. One way is to
use a model of a uniform electron gas occu-
pying a volume with a uniform distribution
of positive charge, the so-called jellium model,
clearly similar to the electron gas model of a
metal.

There still remains the problem of how one
is to represent the wavefunctions of the system.
For many materials a simple approach is sat-
isfactory, that is to use plane waves similar to
those derived as solutions to the wave equation
for a free electron gas. In this case the many
electron wavefunction is written as the sum
of plane waves. A problem arises because
near to atomic nuclei the number of plane
waves needed increases enormously – too
much for simple computation. This problem
is removed by replacing the strong potential
field of each nucleus with a weak pseudopo-
tential, which reduces the number of plane
waves needed, the plane wave basis set, to
manageable proportions.

Further Reading

The Following References Expand the
Material in this Chapter:
Atkins, P., de Paula, J., and Friedman, R. (2009).

Quanta, Matter, and Change. Oxford: Oxford
University Press, Chapters 4, 5, 6.

A Dictionary of Quantum Mechanical
Language and Expressions is:
Atkins, P.W. (1991). Quanta, 2nde. Oxford:

Oxford University Press.
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Ionic Radii are Discussed and Tabulated by:
Shannon, R.D. (1976). Acta Crystallogr. A 32:

751–756.
Shannon, R.D. and Prewitt, C.T. (1969). Acta

Crystallogr. B25: 925–946; Acta Crystallogr. B,
26, 1046 (1970).

The Computation of Properties is Described
in:
Lesar, R. (2013). Introduction to Computational

Materials Science. Cambridge:
MRS/Cambridge University Press.

Problems and Exercises

Quick Quiz

1.1 An orbital is:
(a) A bond between an electron and a

nucleus.
(b) A region where the probability of

finding an electron is high.
(c) An electron orbit around an atomic

nucleus.

1.2 The configuration of an atom is:
(a) The number of electrons around

the nucleus.
(b) The electron orbitals around the

nucleus.
(c) The arrangement of electrons in the

various orbitals.

1.3 The outer electron configuration of the
noble gases is:
(a) ns2np6.
(b) ns2np6(n+ 1)s1.
(c) ns2np5.

1.4 The valence electron configuration of
the alkali metals is:
(a) ns2.
(b) np1.
(c) ns1.

1.5 How many electrons can occupy
orbitals with n = 3, l = 2?
(a) 6 electrons.
(b) 10 electrons.
(c) 14 electrons.

1.6 How many electrons can occupy the 4f
orbitals?
(a) 14
(b) 10
(c) 7

1.7 The Russell–Saunders coupling is:
(a) A procedure to obtain the energy of

many-electron atoms.
(b) A description of atomic energy

levels.
(c) A procedure to obtain many-

electron quantum numbers.

1.8 A term symbol is
(a) A label for a set of atomic energy

levels.
(b) A label for an orbital.
(c) An electron configuration.

1.9 An atom has a term 1S. What is the
value of the spin quantum number, S?
(a) 1/2.
(b) 0.
(c) 1.

1.10 An atom has a term 1S. What is the
value of the orbital quantum number,
L?
(a) 2.
(b) 1.
(c) 0.

1.11 An anion is:
(a) An atom that has lost a small num-

ber of electrons.
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(b) An atom that has gained a small
number of electrons.

(c) A charged atom stable in solutions.

1.12 Ionic bonds are formed by which pro-
cess:
(a) Electron sharing.
(b) Electron transfer.
(c) Electron delocalisation.

1.13 The Madelung energy is:
(a) The bond energy of an ionic crystal.
(b) The lattice energy of an ionic

crystal.
(c) The electrostatic energy of an ionic

crystal.

1.14 Cations are generally:
(a) Smaller than anions.
(b) Bigger than anions.
(c) The same size as anions.

1.15 Covalent bonds are formed by which
process:
(a) Electron sharing.
(b) Electron transfer.
(c) Electron delocalisation.

1.16 Covalent bonds are:
(a) Strongly directional.
(b) Completely non-directional.
(c) Variable in direction.

1.17 A σ bond is characterised by:
(a) Being formed between identical

atoms.
(b) Being formed by two s orbitals.
(c) Radial symmetry about the bond

axis.

1.18 Bonding molecular orbitals have:
(a) The same energy as antibonding

orbitals.
(b) A lower energy than antibonding

orbitals.
(c) A higher energy than antibonding

orbitals.

1.19 sp2 hybrid orbitals:
(a) Point towards the vertices of a

tetrahedron.
(b) Point towards the vertices of a

triangle.
(c) Point towards the vertices of a cube.

1.20 Multiple bonds between two similar
atoms:
(a) Always consist of the same types of

molecular orbital.
(b) Always consist of the same types of

hybrid orbital.
(c) Always consist of different types of

molecular orbital.

1.21 Metallic bonds are formed by which
process:
(a) Electron sharing.
(b) Electron transfer.
(c) Electron delocalisation.

1.22 A metallic bond is predominantly:
(a) Strongly directional.
(b) Completely non-directional.
(c) Partly directional.

1.23 The Fermi energy is:
(a) The uppermost energy level filled.
(b) The highest energy in a band.
(c) The energy of an electron in a band.

1.24 Energy bands can form:
(a) Only in crystals.
(b) Only in metals.
(c) Only in electrical conductors.

1.25 Hydrogen bonding is found in:
(a) Solid and liquid hydrogen.
(b) Hydrocarbons.
(c) Compounds containing oxygen and

hydrogen.

1.26 Van der Waal’s bonds are due to:
(a) Dispersion forces.
(b) Ion–dipole forces.
(c) Dipole–dipole forces.
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Calculations and Questions

1.1 What energy is required to liberate an
electron in the n = 3 orbital of a hydro-
gen atom?

1.2 What is the energy change when an
electron moves from the n = 2 orbital
to the n = 6 orbital in a hydrogen atom?

1.3 Calculate the energy of the lowest
orbital (the ground state) of the sin-
gle electron hydrogen-like atoms with
Z = 2 (He+) and 3 (Li2+).

1.4 What are the frequencies and wave-
lengths of the photons emitted from
a hydrogen atom when an electron
makes a transition from n = 4 to the
lower levels n = 1, 2 and 3?

1.5 What are the frequencies and wave-
lengths of the photons emitted from
a hydrogen atom when an electron
makes a transition from n = 5 to the
lower levels n = 1, 2 and 3?

1.6 What are the frequencies and wave-
lengths of photons emitted when an
electron on a Li2+ ion makes a transi-
tion from n = 3 to the lower levels n = 1
and 2?

1.7 What are the frequencies and wave-
lengths of photons emitted when an
electron on a He+ ion makes a transi-
tion from n= 4 to the lower levels n= 1,
2 and 3?

1.8 Sodium lights emit yellow colour, with
photons of wavelength 589 nm. What is
the energy of these photons?

1.9 Mercury lights emit photons with a
wavelength 435.8 nm. What is the
energy of the photons?

1.10 What are the possible quantum num-
bers for an electron in a 2p orbital?

1.11 Titanium has the term symbol 3F. What
are the possible values of J? What is the
ground state level?

1.12 Phosphorus has the term symbol 4S.
What are the possible values of J? What
is the ground state level?

1.13 Scandium has a term symbol 2D. What
are the possible values of J? What is the
ground state level?

1.14 Boron has a term symbol 2P. What are
the possible values of J? What is the
ground state level?

1.15 What is the splitting gJ, for sulfur, with
ground state 3P2?

1.16 What is the splitting gJ, for iron, with a
ground state 5D4?

1.17 Draw a diagram equivalent to Figure 1.6,
for the ground state of a chlorine atom,
with a ground state 2P3/2.

1.18 Write out the electron configuration
of the ions: Cl−, Na+, Mg2+, S2−, N3−,
Fe3+.

1.19 Write out the electron configuration of
the ions: F−, Li+, O2−, P3−, Co2+.

1.20 Write the symbols of the ions formed by
oxygen, hydrogen, sodium, calcium, zir-
conium, and tungsten.

1.21 Write the symbols of the ions formed by
iron, chlorine, aluminium, sulfur, lan-
thanum, and tantalum.

1.22 Calculate the lattice energy of the ionic
oxide CaO, which has the halite (NaCl)
structure. 𝛼 = 1.75, n = 9, r0 = 0.24 nm.
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1.23 Calculate the lattice energy of the
ionic halides NaCl and KCl, which
have the halite (NaCl) structure.
𝛼 = 1.75, n = 9, r0 (NaCl) = 0.281 nm,
r0 (KCl) = 0.314 nm.

1.24 Calculate the lattice energy of the
ionic halides NaBr and KBr, which
have the halite (NaCl) structure.
𝛼 = 1.75, n = 9, r0 (NaBr) = 0.298 nm,
r0 (KBr) = 0.329 nm.

1.25 Determine the number of free elec-
trons in gold, assuming that each atom
contributes one electron to the ‘elec-
tron gas’. The molar mass of gold is
0.196 97 kg mol−1, and the density is
19 281 kg m−3.

1.26 Determine the number of free electrons
in nickel, assuming that each atom
contributes two electrons to the ‘elec-
tron gas’. The molar mass of nickel is
0.058 69 kg mol−1, and the density is
8907 kg m−3.

1.27 Determine the number of free electrons
in copper, assuming that each atom
contributes one electron to the ‘elec-
tron gas’. The molar mass of copper
is 0.063 55 kg mol−1, and the density is
8933 kg m−3.

1.28 Determine the number of free electrons
in magnesium, assuming that each
atom contributes two electrons to the
‘electron gas’. The molar mass of mag-
nesium is 0.024 31 kg mol−1, and the
density is 1738 kg m−3.

1.29 Determine the number of free elec-
trons in iron, assuming that each atom
contributes two electrons to the ‘elec-
tron gas’. The molar mass of iron is
0.055 85 kg mol−1, and the density is
7873 kg m−3.

1.30 Calculate the lowest energy level of a
free electron in a cube of metal 1 cm
on edge and compare it with thermal
energy at room temperature, given by
kBT, where kB is Boltzmann’s constant
and T is the absolute temperature.

1.31 Estimate the Fermi energy of silver. The
molar mass of silver is 0.1079 kg mol−1,
the density is 10 500 kg m−3, and each
silver atom contributes one electron to
the ‘electron gas’.

1.32 Estimate the Fermi energy of sodium.
The molar mass of sodium is 0.022 99
kg mol−1, the density is 966 kg m−3, and
each sodium atom contributes one elec-
tron to the ‘electron gas’.

1.33 Estimate the Fermi energy of calcium.
The molar mass of calcium is 0.044 08
kg mol−1, the density is 1530 kg m−3,
and each calcium atom contributes two
electrons to the ‘electron gas’.

1.34 Estimate the Fermi energy of alu-
minium. The molar mass of aluminium
is 0.026 98 kg mol−1, the density is
2698 kg m−3, and each aluminium
atom contributes three electrons to the
‘electron gas’.

1.35 Draw the wavefunctions and the prob-
ability of locating an electron at a
position x for an electron trapped
in a one-dimensional potential well,
with internal potential 0 and external
potential infinity.

1.36 Make accurate plots of the Fermi func-
tion, which expresses the probability
of finding an electron at an energy E,
for temperatures of 0, 300, 1000, and
5000 K.

1.37 The Lennard-Jones constants for
argon are A = 1.78× 10−134 J m12 and
B = 1.08× 10−77 J m6.
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(a) Plot the attractive and repulsive
potential energies;

(b) Estimate the minimum potential
energy of the pair, which can be
considered the bonding energy of a
molecule of argon;

(c) The equilibrium interatomic sepa-
ration of this molecule.

1.38 By equating the thermal energy (kBT,
where kB is the Boltzmann constant),
with the bonding energy, estimate the
temperature at which argon atoms are
likely to start to form pairs, and so form
a liquid, using the data in Question
1.37. Compare this to the boiling point
of argon (−185.9 ∘C).

1.39 If the atoms in liquid argon are sur-
rounded by 12 nearest neighbours
on average, estimate the energy of
evaporation of the liquid.

1.40 The Lennard-Jones constants for
neon are A = 4.39× 10−136 J m12 and
B = 9.30× 10−79 J m6. Calculate:
(a) The bonding energy;
(b) The equilibrium separation;

of a pair of neon atoms.

1.41 The Lennard-Jones constants for
helium are A = 4.91× 10−137 J m12

and B = 4.16× 10−80 J m6 and for
xenon are A = 2.54× 10−133 J m12 and
B = 5.66× 10−77 J m6. Using these
values and those in Questions 1.37
and 1.40, estimate the Lennard-Jones
constants for krypton, Kr.

1.42 Derive the relationship

VLJ = 4Vmin[(r(0)∕r)6 − (r(0)∕r)12]

from V LJ = Ar−12 −Br−6.

1.43 The melting points and boiling points
of the noble gases are given in the table.
Explain these trends, and suggest why
the melting and boiling points are so
close.

Element Melting point (∘C) Boiling point (∘C)

Helium — −268.9
Neon −248.6 −246.1
Argon −189.4 −185.9
Krypton −157.4 −157.4
Xenon −111.8 −108.0
Radon −71 −61.7


