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Preface

The welcome changes in GCE Advanced level syllabuses during the
last few years have prompted the writing of this new Inorganic
Chemistry which is intended to replace the book by Wood and
Holliday. This new book, like its predecessor, should also be of value
in first-year tertiary level chemistry courses. The new syllabuses have
made it possible to go much further in systematising and explaining
the facts of inorganic chemistry, and in this book the first four chap-
ters—the periodic table; structure and bonding; energetics: and
acids and bases with oxidation and reduction—provide the necessary
grounding for the later chapters on the main groups, the first transi-
tion series and the lanthanides and actinides. Although a similar
overall treatment has been adopted in all these later chapters. each
particular group or series has been treated distinctivelv. where
appropriate, to emphasise special characteristics or trends.

A major difficulty in an inorganic text is to strike a balance between
a short readable book and a longer. more detailed text which can be
used for reference purposes. In reaching what we hope is a reasonable
compromise between these two extremes, we acknowledge that both
the historical background and industrial processes have been treated
very concisely. We must also say that we have not hesitated to sim-
plify complicated reactions or other phenomena—thus, for example,
the treatment of amphoterism as a pH-dependent sequence between
a simple aquo-cation and a simple hydroxo-anion neglects the pre-
sence of more complicated species but enables the phenomena to be
adequately understood at this level.

Weare grateful to the followingexamination boards for permission
to reproduce questions (or parts of questions) set in recent years in
Advanced level (A), Special or Scholarship (S), and Nuffield (N)
papers: Joint Matriculation Board (JMB). Oxford Local Examina-
tions (). University ol London (L) and Cambridge Local Examina-
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tion Syndicate (C). We also thank the University of Liverpool for
permission to use questions from various first-vear examination
papers. Where appropriate, data in the questions have been converted
to SI units. and minor changes of nomenclature have been carried
out; we are indebted to the various Examination Boards and to the
University of Liverpool for permission for such changes.

Cc.C
A K. H.



1
The periodic table

DEVELOPMENT OF IDEAS
METALS AND NON-METALS

We now know of the existence of over one hundred elements. A cen-
tury ago, more than sixty of these were already known, and naturally
attempts were made to relate the properties of all these elements in
some way. One obvious method was to classify them as metals and
non-metals ; but this clearly did not go far enough.

Among the metals, for example, sodium and potassium are similar
to each other and form similar compounds. Copper and iron are
also metals having similar chemical properties but these metals are
clearly different from sodium and potassium—the latter being soft
metals forming mainly colourless compounds, whilst copper and
iron are hard metals and form mainly coloured compounds.

Among the non-metals, nitrogen and chlorine, for example. are
gases, but phosphorus, which resembles nitrogen chemically, is a
solid. as is iodine which chemically resembles chlorine. Clearly we
have to consider the physical and chemical properties of the elements
and their compounds if we are to establish a meaningful classification.

ATOMIC WEIGHTS

By 1850. values of atomic weights (now called relative atomic

masses) had been ascertained for many elements, and a knowledge of

these enabled Newlands in 1864 to postulate a law of octaves. When

theelements were arranged in order ol increasing atomic weight, each
1



2 THE PERIODIC TABLE

successive eighth element was ‘a kind of repetition of the first’. A few
years later, Lothar Meyer and Mendeléef, independently, suggested
that the properties of elements are periodic functions of their atomic
weights. Lothar Meyer based his suggestion on the physical properties
ofthe elements. He plotted ‘atomic volume’—the volume (cm?) of the

Cs

Atomic volume

(o} 20 40 60 80 100 120 140
Atomic weight

Figure 1.1. Atomic volume curre (Lothar Meyer)

atomic weight (g) of the solid element-- -against atomic weight. He
obtained the graph shown in Figure 1.1. We shall see later that many
other physical and chemical properties show periodicity (p.15).

‘VALENCY’ AND CHEMICAL PROPERTIES

Mendeléef drew up a table of elements considering the chemical
properties, notably the valencies, of the elements as exhibited in their
oxides and hydrides. A part of Mendeléef’s table is shown in Figure
1.2---note that he divided the elements into vertical columns called
groups and into horizontal rows called periods or series. Most of
the groups were further divided into sub-groups, for example Groups
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IA. IB as shown. The element at the top of each group was called
the ‘head’ element. Group VIII contained no head element. but was
made up of a group of three elements of closely similar properties,
called ‘transitional triads’. Many of these terms, for example group,
period and head element, are still used, although in a slightly different
way from that of Mendeléef.

Group 1 IMmMN Y VI VI N
Li -
Na -
K C
u C Ni
A Rb 5 Fe 0 i
sub- Ag( sub- Ru Rh Pd
group |Cs group
o Au Oos Ik Pt
.

* Francium. unknown 10 Mendeléef. has been added
Figure 1.2. Arrangement of some elements according to Mendeléef

The periodic table of Mendeléef, and the physical periodicity
typified by Lothar Meyer’s atomic volume curve. were of immense
value to the development of chemistry from the mid-nineteenth to
early in the present century, despite the fact that the quantity chosen
to show periodicity, the atomic weight, was not ideal. Indeed,
Mendeléef had to deliberately transpose certain elements from their
correct order of atomic weight to make them ‘fit’ into what were the
obviously correct places in his table; argon and potassium. atomic
weights 39.9 and 39.1 respectively, were reversed, as were iodine and
tellurium. atomic weights 126.9 and 127.5. This rearrangement was
later fully justified by the discovery of isotopes. Mendeléef’s table
gave a means of recognising relationships between the elements but
gave no fundamental reasons for these relationships.

ATOMIC NUMBER

In 1913 the English physicist Moseley examined the spectrum
produced when X-rays were directed at a metal target. He found that
the frequencies v of the observed lines obeyed the relationship

v=alZ - b?

where aand bare constants. Z was a number, different for each metal.
found to depend upon the position of the metal in the periodic table.
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It increased by one unit from one element to the next, for example
magnesium 12, aluminium 13. This is clearly seen in Figure 1.3.
Z was called the atomic number ; it was found to correspond to the
charge on the nucleus of the atom (made up essentially of protons and
neutrons), a charge equal and opposite to the number of extra nuclear

Frequency

| L 1 | 1
20 30 40 50 60
Z (atomic number)

Figure 1.3. Variation of { frequencyi® with Z

electrons in the atom. Here then was the fundamental quantity on
which the periodic table was built.

ATOMIC SPECTRA

Studies of atomic spectra confirmed the basic periodic arrangement
ofelementsas set out by Mendeléef and helped todevelop thisinto the
modern table shown in the figure in the inside cover of this book.
When atoms of an element are excited, for example in an electric
discharge or by an electric arc, energy in the form of radiation is
emitted. This radiation can be analysed by means of a spectrograph
into a series of lines called an atomic spectrum. Part of the spectrum
of hydrogen is shown in Figure 4. The lines shown are observed in
the visible region and are called the Balmer series after their

L[ [

1/ \—

Figure 1.4. A part of the atomic spectrum of hydrogen (/. = wavelength)
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discoverer. Several series of lines are observed, all of which fit
the formula

1 1 1

- = R<—2 - ﬁ>

A noon

where R is a constant (the Rvdberg constant). £ the wavelength of
the radiation. and n, and n, have whole number values dependent
upon the series studied. as shown below:

Series n, n;
Lyman 1 2.3.4....
Balmer 2 3.4.5.6...
Paschen 3 456.7. ..

4 5.6.7.8. ..

Brackett

The spectra of the atoms of other elements also consist of similar
series, although much overlapping makes them less simple in
appearance.

THE BOHR MODEL

To explain these regularities, the Danish physicist Bohr (again in
1913) suggested that the electrons in an atom existed in certain
definite energy levels ; electrons moving between these levels emit or
absorb energy corresponding to the particular frequencies which
appear in the spectrum. As a model for his calculations, Bohr
envisaged an atom as having electrons in circular orbits. each orbit
corresponding to a particular energy state. The ‘orbit’ model accu-
rately interpreted the spectrum of hydrogen but was less successful
for other elements. Hydrogen. the simplest atom, is made up of a
proton (nucleus) and an electron. The electron normally exists in the
lowest energy state E,, but may be excited from this lowest state,
called the ground state, by absorption of energy and reach a higher
energy state E,, E; ... always such that the energy chiange E_ is given
by E, = constant/n* where n is a whole number called a quantum
number. In Bohr's model, the n values corresponded to different
orbits. an orbit with radius r, correspondedto n = 1. r, ton =2
and so on.

Improved spectroscopic methods showed that the spectrum of
hydrogen contained many more lines than was originally supposed
and thatsome of these lines were split further into yet more lines when
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the excited hydrogen was placed in a magnetic field. An attempt was
made to explain these lines using a modified Bohr model with ellip-
tical orbits but this was only partially successful and the model was
eventually abandoned.

WAVE-MECHANICS

With the failure of the Bohr model it was found that the properties
of an electron in an atom had to be described in wave-mechanical
terms (p. 54). Each Bohr model energy level corresponding to
n=1.23,.. .issplit into a group of subsidiary levels designated by
the letters s. p, d, f. The number n therefore became the number of a
quantum level made up of a set of orbitals (p. 54). Interpretation of
the effect of a magneticor electric field on the spectra required that the
p.d and f orbitals must also be subdivided so that finally each ‘sub-
division energy level’ can accommodate only two electrons, these
being described by the symbols | and | (representing electrons of
opposite spin). Each electron can have, therefore. a unique descrip-
tion, its spin and its energy level or orbital. We can summarise the
data for the first three quantum levels briefly as shown in Table 1.1.

Table 1.1
ELECTRONS IN THE FIRST THREE QUANTUM LEVELS

Quantum level

Orbital -
1 2 3
S Tl Tl Tl
P Tl T
d (I A A
Total 2 8 18

Note. The maximum number of electrons that any quantum level
can accommodate is seen to be given by the formula 2n? where n is
the number of the quantum level, for example n = 3: the maximum
number of electrons is therefore 18.

An orbital is characterised by having a single energy level able to
accommodate two electrons. The three p orbitals and five d orbitals
are given symbols to differentiate them, for example p,, p,. p.
representing three orbitals at right angles each capable of containing
two electrons.
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THE MODERN PERIODIC TABLE

The close similaritv of the atomic spectra of other atoms to that of
hydrogen indicates that. as we progressively increase the number of
protons in the nucleus and the extranuclear electrons in the atom for
a series of elements of increasing atomic number, the additional elec-
trons enter orbitals of the type originally suggested by wave-
mechanics for hydrogen. The orbitals are filled in order of ascending
energy and when several equivalent energy levels are available, each
is occupied by a single electron before any pairing of electrons with
opposed spin occurs.

The order of increasing energy for the orbitals can be deduced from
the modern periodic table although for elements of high atomic num-
ber (when the electron energy levels are close together) the precise
positioning of an electron may be rather uncertain. The filling of the
energy levels for the first ten elements, hydrogen to neon, atomic
numbers 1-10 is shown in Table 1.2.

Table 1.2
ELECTRONIC CONFIGURATIONS OF THE ELEMENTS HYDROGEN TO NEON
s 2s 2p
H i
He [
Li [ i
Be [ T
B 1l 1l 1
C 1l 1l 1 1
N 1l 1l 1 1 1
0 1l 1l 1 1 1
F T T 1 T 1
Ne Tl Tl T T T

We notice here that the first energy level, quantum numbern = 1.
is complete at helium and there is only one orbital the 1s (first
quantum level. s type orbital). When this is full (1s?). we may call it
the helium core. Filling of the quantum level begins at lithium;
at beryllium the 2s orbital is filled and the next added electron
must go into a 2p orbital. All three 2p orbitals have the same energy
in the absence of a magnetic or electric field and fill up singly at first—
elements boron to nitrogen—before the electrons *pair up’. (The effect
of pairing on the ionisation energy is further discussed on page 16.)
The n = 2 quantum level is completed at neon, and again we may
use ‘neon core’ for short.
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For the next elements. sodium to argon. the n = 3 quantum
levelfillsupin the same way asthe n = 2 quantum level. Thisisshown
in Table 1.3.

Reference to the modern periodic table (p. (i)) shows that we have
now completed the first three periods—the so-called ‘short’ periods.
But we should note that the n = 3 quantum level can still accommo-
date 10 more electrons.

Table 1.3
ELECTRONIC CONFIGURATIONS OF THE ELEMENTS SODIUM TO ARGON

Atomic Llenicat  1s 2s 2p 3s 3p Notation
number

11 Na i i Tt 1 Ne core 3s!

12 Mg i.e. neon core T Ne core 3s?

13 Al 11 1 Ne core 3s23p!

14 Si T 11 Ne core 3523p?

15 P T " Ne core 3s23p?

16 S 1l Tt Ne core 3s23p*

17 Cl 11 Tt Ne core 3s23p*

18 Ar 11 Tt 1522s22p°3523p®

The element of atomic number 19 is potassium, strongly resembl-
ing both sodium and lithium in its physical and chemical properties.
The atomic spectrum of potassium also confirms its position as a
Group I element with an electronic configuration resembling that of
sodium. These facts indicate that the extra electron in potassium must
be placed in a new quantum level and it is therefore ascribed the
electronic configuration 1s225%2p®3s23p®4s’ (ie. 2, 8. 8, 1). Similar
reasoning leads to calcium being given an electronic configuration
of 15225*2p®3s23p®4s® (ie. 2,8, 8, 2).

The following series of 10 elements, atomic numbers 21-30
inclusive, are all metals. indicating that they probably have the outer
electronic configuration of a metal. i.e. 4 or less outer electrons. This
is only possible if these electrons are placed in the inner n = 3
quantum level, entering the vacant 3d orbitals and forming a series
of "transition’ metals. We should note that at zinc, atomic number 30.
the n = 3 quantum level is complete and filling of the n = 4 quantum
level is resumed with electrons entering the 4p orbitals. The electronic
configurations for elements atomic numbers 19-36 are shown in
Table 1.4.

Krypton is found to be an extremely unreactive element indicating
that it has a stable electronic configuration despite the fact that the
n = 4 quantum level can accommodate 24 more electrons in the 4
and f orbitals.
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Table 1.4
ELECTRONIC CONFIGURATION OF THE ELEMENTS POTASSIUM TO KRYPTON

Atomic Element 1s2s 3s 3p 3a 4s 4p

number
19 K T
20 Ca Tl
21 Sc 1 1l
22 Ti T 1 Tl
3V Tl 1l

24 G A B S S

25 Mn S S
2 Fe norororor
27 Co Argon ittt T

28 Ni core | R A Y’

29 Cu nonnn 1
0 zn ot

3 Ga mononon 0

2 Ge TR U U U

3B A NS VI YA YA VA W
34 Se AR S A A VAR
35 Br mot o it
% K R O O AR !

¢ The tendency to attain either a half filled or fully filled set of 4 orbitals at the expense of the outer s orbital
is shown by both chromium and copper and should be noted. This apparent irregularity will be discussed in more
detail in Chapter 13.

Note. The electronic configuration of any element can easily be obtained from the periodic table by adding up
the numbers of electrons in the various quantum levels. We can express these in several ways. for example electronic
configuration of nickel can be written as 15?2522p®35*3d®4s2. or more briefly ['neon core’) 3d®4s%, or even more
simply as 2. 8. 14. 2.

Chemical properties and spectroscopic data support the view that
in the elements rubidium to xenon, atomic numbers 37-54, the 5s, 4d
5p levels fill up. This is best seen by reference to the modern periodic
table p. (i). Note that at the end of the fifth period the n = 4 quantum
level contains 18 electrons but still has a vacant set of 4 f orbitals.

The detailed electronic configurations for the elements atomic
numbers 55-86 can be obtained from the periodic table and are shown
below in Table 1.5.

Note that the filling of the 4 f orbitals begins after lanthanum
(57) and the 14 elements cerium to lutetium are called the lanthanides
(Chapter 15). The electronic configuration of some of the newly dis-
covered elements with atomic numbers greater than 95 are uncertain
as the energy levels are close together. Filling of the 5 f orbitals does
begin after actinium (89) and the remaining elements are generally
referred to as actinides (Chapter 15).



Table 1.5
ELECTRONIC CONFIGURATIONS OF THE ELEMENTS CAESIUM TO LAWRENCILM

Foot Aomic 1 N WA S d 4 M5 el o T

number
0\ 5 2 16 Y60 260 19 |
Ba % 2 26 160 2610 16 1
Ly 1 26 260 260 16 | 1
(e $ 2 26 el e 1o )
Pr % 2 26 26100 26100() 16 i
Nd 0 2 21 Y60 l6M0 W L )
Pm o2 26 e 160 B L4 Q)
Sm 1 26 2610 YoM 6 2% 1
Fy B2 26 1O el T 14 1
(d 1 26 2600 2600Mm 1o () 1
Th g 2 26 2610 160 @ 1o 1
Dy 6 2 26 Lol Lol 26 )
Ho 6 2 26 26100 26 () 26 0
Er B2 26 160 160Uy Y4 ol
Tm 2 26 2610 261013 1 1
b o2 26 Yo YoM 1 1
Ly 2 26 260 26104 261 1
Hi o1 26 260 2e00W 262 1
Ta Bl 16 260 26001 263 1
W oo 16 160 2600 164 1
Re o2 26 160 2604 14§ 1
0s oY 26 2610 16000W o6 2

oL
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FEATURES OF THE PERIODIC TABLE

1. Chemical. physical and spectroscopic data all suggest a periodic
table as shown on p. (/).

2. The maximum number of electrons which a given quantum
level can accommodate is given by the formula 2n* where n is the
quantum level number.

3. Except for the n = 1 quantum level the maximum number of
electronsin the outermost quantum level ofany periodisalwayseight.
At this point the element concerned is one of the noble gases (Chapter
12).

4. Elements in the s and p blocks of the table are referred to as
typical elements whilst those in the d block are called “transition
elements’ and those in the fblock are called actinides and lanthanides
(or ‘rare earth’ elements).

5. The table contains vertical groups of elements ; each member of
a group having the same number of electrons in the outermost
quantum level. For example, the element immediately before each
noble gas, with seven electrons in the outermost quantum level, is
always a halogen. The element immediately following a noble gas,
with one electron in a new quantum level, is an alkali metal (lithium,
sodium. potassium, rubidium. caesium, francium).

6. The periodic table also contains horizontal periods of elements,
each period beginning with an element with an outermost electron
in a previously empty quantum level and ending with a noble gas.
Periods 1. 2 and 3 are called short periods. the remaining are long
periods; Periods 4 and 5 containing a series of transition elements
whilst 6 and 7 contain both a transition and a ‘rare earth’ series.

7. Comparison of the original Mendeléef type of periodic table
(Figure 1.2) and the modern periodic table (p. (i)) shows that the
original group numbers are retained but Group I, for example, now
contains only the alkali metals, ie. it corresponds to the top two
Group I elements of the Mendeléef table together with Group IA. At
the other end of the table, Group VII now contains only the halogens,
i.e. the original Group VIIB. The transition elements, in which the
inner d orbitals are being filled, are removed to the centre of the table
and the rare earth’ elements, in which the f orbitals are being filled.
are placed, for convenience, at the bottom of the table, eliminating
the necessity for further horizontal expansion of the whole table.

The original lettering of the transition metal groups, for example
VIB, VIIB and so on is still used. but is sometimes misleading and
clearly incomplete. However, we may usefully refer, for example, to
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Group 1IB and know that this means the group of elements zinc.
cadmium and mercury, whilst Group 1IA refers to the alkaline earth
metals beryllium, magnesium, calcium. barium and strontium.

When Mendeléef devised his periodic table the noble gases were
unknown. Strictly. their properties indicate that they form a group
beyond the halogens. Mendeléef had already used "Group VIII’ to
describe his “transitional triads’ and the noble gases were therefore
placed in a new Group O.

8. The transition or ¢ block elements. in which electrons enter
inner d orbitals, form a well-defined series with many common and
characteristic features. They are all metals; those on the right of the
block are softer and have lower melting points than those on the left
(Table 13.2. p. 360). Many are sufficiently resistant to oxidation. cor-
rosion and wear to make them useful in everyday life. They have
similar ionisation energies (Figure 1.6). often give ions of variable
valency. and readily form complexes (pp. 46. 362) many of which are
coloured. However. regular gradations of behaviour. either across a
seriesor down a group are much less apparent than in the typical s and
p block elements. The elements at the end of each transition series—
copper and zinc in Period 4, silver and cadmium in Period 5 and gold
and mercury in Period 6—have d orbitals which are filled. When
copper and silver form the copper(I) ion Cu™ and the silver ion Ag*
respectively. and zinc and cadmium the ions Zn®* and Cd*" respec-
tively. the inner d orbitals remain filled. Are these elements and ions
properly called “transition’ elements and ions? We shall see in Chap-
ters 13 and 14 that their properties are in some respects intermediate
between those characteristicofa transition metaland a non-transition
metal. Thus zinc. for example. is like calcium in some of its compounds
but like a transition metal in others. Again, silver has some properties
like an alkali metal but also has ‘transition-like’ properties.

The elements gold and mercury show little resemblance to any
non-transition metals. but their ‘transition-like’ properties are not
much like those of other transition metals either. In the older
Mendeléeef form of the periodic table, the elements copper, silver and
gold—often called the ‘coinage’ metals—occupied Group IB, and
zinc. cadmium and mercury Group IIB, these being subdivisions of
Groups I and II respectively. However, there are no really very good
grounds for treating these two trios as groups; copper. silver and
gold have few resemblances, and Group IB does not resemble Group
IA—the alkali metals. These six elements obviously present a prob-
lem ; usually they are treated as transition metals or separately as ‘the
B metals’.

9. The lanthanides and the subsequently discovered actinides do
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not fit into the Mendeléef table and can only be fitted into the modern
table by expanding it sideways to an inconvenient degree. They are.
therefore. placed separately at the bottom of the table. These two
series of elements are now recognised as being inner transition ele-
ments, when electrons enter a quantum level two units below that of
the outer. Many properties depend upon the outer electronic confi-
gurations and hence we can correctly predict that the lanthanides
and actinides are two series of closely similar elements.

10. In noting changes of properties down the typical element
groups 1-VII of the periodic table, it soon becomes apparent that
frequently the top or head element in each group does not fall into
line with the other elements below it. This is clearly seen when we
consider the melting points and boiling points of elements and their
compounds (p. 17), and when we come to look at the properties of
the individual groups in detail we shall see that the head element and
its compounds are often exceptional in both physical and chemical
properties. It will be sufficient to note here that all the head elements
in Period 2, namely lithium, beryllium, boron, carbon, nitrogen,
oxygenand fluorine,have one characteristicin common—they cannot
expand their electron shells. The elements of Periods 3 onwards
have vacant d orbitals, and we shall see that these can be used to
increase the valency of the elements concerned—but in Period 2 the
valency is limited.

Unlike ‘typical element’ groups the ‘transition metal’ groups do
not have head elements.

11. Although the head element of each group is often exceptional
in its properties, it does often show a resemblance to the element one
place to its right in the period below, i.e. Period 3. Thus lithium re-
sembles magnesium both physically and chemically. Similarly beryl-
lium resembles aluminium and boron resembles silicon but the resem-
blances of carbon to phosphorus and nitrogen to sulphur are less
marked. Oxygen, however, does resemble chlorine in many respects.
These are examples of what is sometimes called the diagonal
relationship in the periodic table.

12. By reference to the outline periodic table shown on p. (i)
we see that the metals and non-metals occupy fairly distinct regions
of the table. The metals can be further sub-divided into (a) ‘soft’
metals, which are easily deformed and commonly used in moulding,
for example, aluminium, lead, mercury, (b) the ‘engineering’ metals,
for example iron, manganese and chromium, many of which are
transition elements. and (c) the light metals which have low densities
and are found in Groups IA and IIA.
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IMPORTANT PROPERTIES WHICH SHOW A
PERIODIC FUNCTION

IONISATION ENERGY

Reference has already been made to Lothar Meyer’s plot of ‘atomic
volume’ against atomic weight as a demonstration of a physical
property of the elements and Figure 1.5 shows a modern plot of
‘atomic volume’ against atomic number. Although regularities are
clearly observable ‘atomic volume’ has no single meaning for all the
elements-—certainly it does not measure atomicsize, a quantity which
depends on the state of aggregation of the element. There are, how-
ever. more fundamental physical properties which show periodicity.

3
1
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T
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T

Atomic volume, cm3 mol ™
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1 1 [ I ! 1 | | J
0 10 20 30 40 50 60 70 80 90
Atomic number

Figure 1.5. Atomic volume and atomic number

One of these is the first ionisation energy. This is the energy needed to
remove one electron from a free atom of the element, ie. for the
process:

M(g) » M7 (g) + ¢~

where M is the element atom. A plot of first ionisation energy against
atomic number is shown in Figure 1.6 (units of ionisation energy are
kJ mol™ ).

Clearly the general tendency is for metals to have low ionisation
energies and non-metals to have rather high ionisation energies. We
should also note that the first ionisation energies rise as we cross a
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period, although not quite regularly, and fall as we descend a group.
for example lithium to caesium. The fall in ionisation energy as we
descend a group is associated with the change from non-metallic to
metalliccharacterandis very clearly shown by the Group I Velements,
carbon, silicon, germanium and tin. Here then is a link between the
phyvsico-chemical property ionisation emergy and those chemical
properties which depend on the degree of metallic (electropositive)
character of the elements in the group.

If we consider the successive (first, second, third . . .) ionisation
energies for any one atom, further confirmation of the periodicity of
the electron quantum levels is obtained. Figure 1.7 shows a graph of
log, o (lonisation energy) for the successive removal of 1,2, 3,...19
electrons from the potassium atom (the log scale is used because the
changes in energy are so large). The stabilities of the noble gas
configurations at the 18 (argon), 10 )neon) and 2 (helium) levels are
clearly seen. The subject of ionisation energies is further discussed in
Chapters 2 and 3.

MELTING AND BOILING POINTS

Both melting and boiling points show some periodicity but observ-
able regularities are largely confined to the groups. In Group O, the
noble gases, the melting and boiling points of the elements are low
but rise down the group ; similarly in Group VIIB, the halogens, the
same trend is observed. In contrast the metals of Group IA (and I1A)
have relatively high melting and boiling points and these decrease
down the groups. These values are shown in Figure 1.8.

If we look at some of the compounds of these elements we find
similar behaviour. Thus the hydrides of Group VIIB elements
(excepting hydrogen fluoride, p. 52) show an increase in melting
and boiling points as we go down the group. These are generally
low, in contrast to the melting and boiling points of the Group IA
metal chlorides (except lithium chloride) which are high and decrease
down the group. The values are shown in Figure 1.9(a) and (b).

Clearly the direction of change—increase or decrease—down the
group depends on the kind of bonding. Between the free atoms of the
noble gases there are weak forces of attraction which increase with
the size of the atom (Chapter 12) and similar forces operate between
the molecules of the hydrogen halides HCI, HBr and HI. The forces
between the atoms in a metal and the ions in a salt, for example
sodium chloride, are very strong and result in high melting and boil-
ing points. These forces decrease with increasing size of atom and ion
and hence the fall in melting and boiling points.
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Figure 1.8.(a) M.p. and b.p. of Group 1A metals, (b) m.p. and b.p. of Group O elements,
(c) m.p.and b.p. of the halogens

Table 1.6
PERIOD 3
Group 1 11 111 v A Vi Vil
Fluorides NaF MgF, AlF, SiF, PF; SF, CIF,
Oxides Na,O MgO ALO,;,  SiO, (P,05), SO, Cl,0-
Hydrides NaH MeH,  (AlH;)  SiH, 3 SH, CIH
Table 1.7
PERIOD 4
Grotp 1 Il 111 v v Vi VI
Fluorides KF CaF, GaF; GeF, AsF;
Oxides K.,O CaO Ga,0; GeO, (As,05), SeO;
Hydrides KH CaH, GaH, GeH, AsH; SeH, BrH
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Figure 1.9. (a) M.p. and b.p. of the halogen hydrides HX. (b) m.p. and b.p. of the
Group [ A chlorides

VALENCY

Mendeléef based his original table on the valencies of the elements.
Listed in Tables 1.6 and 1.7 are the highest valency fluorides, oxides
and hydrides formed by the typical elements in Periods 3 and 4.

From the tables it is clear that elements in Groups I-1V can display
a valency equal to the group number. In Groups V-VII. however, a
group valency equal to the group number (x) can be shown in the
oxides and fluorides (except chlorine) but a lower valency (8 — x) is
displayed in the hydrides. This lower valency (8 — x) is also found in
compounds of the head elements of Groups V-VII.

CHEMICAL CHARACTER

In any group of the periodic table we have already noted that the
number of electrons in the outermost shell is the same for each ele-
ment and the ionisation energy falls as the group is descended. This
immediately predicts two likely properties of the elements in a group:
(a) their general similarity and (b) the trend towards metallic beha-
viour as the group is descended. We shall see that these predicted
properties are borne out when we study the individual groups.
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Increasing metallic—electropositive—behaviour down a group
also implies a change in the character of the oxides. They will be
expected to become more basic as we descend the group and a change
from an acidic oxide, i.e. an oxide of a non-metal which readily
reacts with OH ™~ or oxide ions to give oxoacid anions. to a basic
oxide. i.e. one which readily yields cations. in some groups. The best
example of such a change is shown by the Group IV elements; the
oxides of carbon and silicon are acidic, readily forming carbonate
and silicate anions, whilst those of tin and lead are basic giving such
ions as Sn?* and Pb** in acidic solution. Metallic character
diminishes across a period and in consequence the oxides become
more acidic as we cross a given period. This is clearly demonstrated
in Period 3:

Na,O MgO AL, O, Si0, (P,05), SO, (1,0,
«—Basic Amphoteric Acidic

Similar trends are shown by all periods except Period 1.

USES OF THE PERIODIC TABLE

The most obvious use of the table is that it avoids the necessity for
acquiring a detailed knowledge of the individual chemistry of each
element. If, for example, we know something of the chemistry of
(say) sodium. we can immediately predict the chemistry of the other
alkali metals, bearing in mind the trends in properties down the
group, and the likelihood that lithium, the head element, may be
unusual in certain of its properties. In general, therefore. a knowledge
of the properties of the third period elements sodium, magnesium,
aluminium, silicon, phosphorus, sulphur, chlorine and argon, is
most useful in predicting the properties of the typical elements below
Period 3.

As regards the transition elements, the first row in particular show
some common characteristics which define a substantial part of their
chemistry ; the elements of the lanthanide and actinide series show
an even closer resemblance to each other.

One of the early triumphs of the Mendeléef Periodic Table was
the prediction of the propertiesof elements which were then unknown.
Fifteen years before the discovery of germanium in 1886, Mendeléef
had predicted that the element which he called ‘ekasilicon’ would be
discovered. and he had also correctly predicted many ofits properties.
In Table 1.8 his predicted properties are compared with the corres-
ponding properties actually found for germanium.

Until relatively recently there were other obvious gaps in the
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periodic table. one corresponding to the element of atomic number
87. situated at the foot of Group IA. and another to the element of
atomic number 85. at the foot of the halogen group (VIIB). Both of
these elements were subsequently found to occur as the products
from either natural radioactive decay or from artificial nuclear reac-
tions. Both elements are highly radioactive and even the most stable
isotopes have very short half lives; hence only minute quantities of
the compounds of either francium or astatine can be accumulated.

Table 1.8
PREDICTED PROPERTIES OF GERMANIUM
Property Predicted for Found for
Ekasilicoe (Es) Germanium
8T JNSA
Relative atomic 72 72.32
mass
Densily (gcm ™) 33 3470400
Colour Dirty grey Greyish-white
Heat in air White EsO, White GeQO,
Action of acids Slight None by HCl(aq)
Preparation EsO, + Na GeO, + C
Tetrachloride b.p. 373 K. b.p. 360 K.

density 1.9gem™* density 1.89 gem™*

Taking francium as an example. it was assumed that the minute
traces of francium jon Fr™ could be separated from other ions in
solution by co-precipitation with insoluble caesium chlorate (VII)
(perchlorate) because francium lies next to caesium in Group IA.
This assumption proved to be correct and francium was separated by
this method. Similarly. separation of astatine as the astatide ion At~
was achieved by co-precipitation on silver iodide because silver
astatide AgAt was also expected to be insoluble.

It is an interesting speculation as to how much more difficult the
isolation of these two elements might have been if the periodic classi-
fication had not provided us with a very good ‘preview’ of their
chemistries.

QUESTIONS
1. What do you regard as the important oxidation states of the
following elements:

(a) chlorine.
(b) lead.
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(c) sulphur.
(d) iron?

Illustrate, for each valency given, the electronic structure of a
compound in which the element displavs that valency.

Discuss, as far as possible, how far the valencies chosen are in
agreement with expectations in the light of the position of these ele-
ments in the Periodic Table. (L.S)

2. How, and why, do the following vary along the period sodium
to argon:

(a) the relative ease of ionisation of the element,
(b) the physical nature of the element,
(c) the action of water on the hydrides? (C, A)

3. A century ago, Mendeléef used his new periodic table to predict
the properties of ‘ekasilicon’, later identified as germanium. Some
of the predicted properties were: metallic character and high m.p.
for the element; formation of an oxide MO, and of a volatile
chloride MCl,.

(a) Explain how these predictions might be justified in terms of
modern ideas about structure and valency.

{(b) Give as many other ‘predictions’ as you can about the chemis-
try of germanium, with reasons. (Liverpool B.Sc..Part I)

4. The following graph shows the variation in atomic radius with
increasing atomic number:

25
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{a) What deduction can you make from this graph?
(b) Continue the graph to element 60(Nd). and mark on it the
approximate positions of the elements
(i) Ag(element 47),
(i) I(element 53),
(i11) Ba (element 56)
(c) Explain briefly
(i) the decrease in atomic radius from Li to F,
(ii) the increase in atomic radius from F to Br,
(iii) the very large atomic radii of the alkali metals, Li to K.
(JMB, A)

5. Give the electronic configurations of elements with atomic
numbers, 7,11, 17, 20, 26, 30 and 36.

In each case give the oxidation state (or states) you expect each
element to exhibit.

6. Explain the terms,

{a) typical element

(b) transition element,
(c) rare earth element,
(d) group,

{e) period,

(f) diagonal relationship,

as applied to the periodic table of elements.
In each case give examples to illustrate your answer.



2

Structure and
bonding

THE NATURE OF THE PROBLEM

A very superficial examination of a large number of chemical sub-
stances enables us to see that they differ widely in both physical and
chemical properties. Any acceptable theory of bonding must
explain these differences and enable us to predict the properties of
new materials. As a first step towards solving the problem we need
to know something of the arrangement of atoms in chemical sub-
stances. The structure of a solid can be investigated using a beam of
X-rays or neutrons. From the diffraction patterns obtained it is
possible to find the arrangement of the particles of which it is com-
posed. Measurement of the amount of heat needed to melt the solid
yields information concerning the forces of attraction between these
particles, whilst the effect of an electric current and simple chemical
tests on the solid may tell if it is a metal or a non-metal. Should the
material be a non-conducting solid, we can determine whether it is
composed of ions by investigating the effect of an electric current on
the molten material.

Results of such investigations suggest that there are four limiting
kinds of structure and these will be briefly considered.

THE METALLIC LATTICE

In a pure metal the atoms of the solid are arranged in closely packed
layers. There is more than one way of achieving close packing but it
25
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is generally true to say that each atom is surrounded by as many
neighbouring atoms as can be accommodated in the space available.
There are no directed forces between the atoms and each atom
‘attracts’ as many similar atoms as can be accommodated. The ease
with which metals conduct electricity indicates that the electrons are
only loosely held in this type of structure.

THE GIANT MOLECULE LATTICE

This is a relatively rare structure, diamond being probably the best
known example. Here, the carbon atoms are not close-packed. Each
carbon is surrounded tetrahedrally by four other carbon atoms
(Figure 2.1). Clearly, each carbon is exerting a tetrahedrally directed

Figure 2.1. Structure of diamond

force on its neighbours and such directed forces are operative
throughout the whole crystal. Diamond is found to be a refractory
solid. i.e. it has an extremely high melting point, indicating that the
bonding forces are extremely strong. Boron nitride (BN), and
silicon carbide (SiC), (carborundum) are similar types of solid.
These solids are non-conducting, indicating that the electrons are
less free and more localised than the electrons in a metal which
move easily allowing an electric current to flow through the lattice.

THE GIANT IONIC LATTICE

This is one of the most familiar types of structure in inorganic
chemistry. The crystals can usually be melted in the laboratory
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although considerable heating is often réquired. It can be con-
cluded. therefore, that strong forces exist between the particles
comprising the crystals, these being usually intermediate in strength
between those found in a metal and those found. for example. in
diamond. Although the solid crystals do not conduct electricity, the
melt does, indicating that the lattice is comprised of charged species,
ie. ions. These ions carry the current and are discharged at the
oppositely charged electrode where the products can be identified.
X-ray diffraction studies indicate that the ions form a regular lattice,
each jon being surrounded by a number of ions of the opposite
charge ; this number depends on the sizes of the ions concerned and
is not dictated by directed forces of attraction*. We can correctly
assume the non-directional forces of attraction holding the ions
together to be electrostatic in nature.

MOLECULAR CRYSTALS

This is a very large group comprising mainly crystalline organic
materials, but a number of inorganic substances, for example iodine,
also come under this heading. These substances melt easily, and may
even sublime, indicating the presence of relatively weak forces. They
do not conduct electricity in the solid or fused state indicating that
the electrons present are localised in strong bonds. These bonds.
however, do not permeate the entire structure, as in diamond,
and the crystal is comprised of molecules with strong forces between
the constituent atoms, but the intermolecular forces are weak.

In substances which are liquid or gaseous at ordinary tempera-
ture, the forces of attraction between the particles are so weak that
thermal vibration is sufficient for them to be broken. These sub-
stances can be converted into solids by cooling to reduce the thermal
energy.

The above classification of structures is made primarily for
convenience. In fact, the structures of many compounds cannot be
precisely described under any of these classes, which represent
limiting, or ideal cases. However, we shall use these classes to
examine further the limiting types of bonding found in them.

* Many ions can, of course, contain more than one atom (for example NO;, SO2 ™)
and directed forces hold together the individual atoms within each of these ionic
species.
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THE ELECTRONIC THEORY OF VALENCY

After Dalton. in 1807, had put forward the theory that chemical
combination consisted of a union between atoms, chemists began
their search for the cause and mechanism of the unions. Many ideas
were put forward during the following years but, following the
discoveries about the structure of the atom, it was realised that the
nuclei of atoms were unaffected by chemical combination and that
union of atoms must result from interaction between the extra-
nuclear electrons. Kossel and Lewis, working independently in 1916,
recognised that the atonis of the different noble gases, with the one
exception of helium, each had an outer quantum level containing
eight electrons; they therefore suggested that this arrangement must
be connected with stability and inactivity, and that reactions
occurred between atoms such that each element attained a noble
gas configuration. The rearrangement of electrons into stable octets
could occur in two ways: (a) by giving or receiving electrons or (b)
by sharing electrons.

Since 1916 it has been discovered that some noble gases (originally
called the inert gases) do form compounds and also there are many
reactions known in which elements do not achieve a noble gas
configuration. Nevertheless, the theory was a considerable advance
towards modern ideas and provides a good basis for discussion.

ELECTRON TRANSFER BONDING—ELECTROVALENCY

The electronic configuration of any element can quickly be deduced
Irom the periodic table. Consider the reaction, for example, between
sodium 15°2s*2p®3s' (2,8,1) and chlorine 15%2s22p®3s%3p° (2.8.7).
The theory tells us that combination will occur by electron transfer
from the sodium to the chlorine to produce the noble gas con-
figurations 2.8 (Ne) and 2,88 (Ar) respectively. Sodium, atomic
number 11. becomes the sodium cation Na®*. and chlorine the
chloride anion C1~. Electrostatic attraction between these two ions
then holds the compound together. This kind of bonding is found
in ‘giant ionic lattice’ compounds and is an example of electro-
valency, the bond being said to be ionic. A full discussion of the
chemical energetics of such processes will be found in Chapter 3
but at this point it is desirable to consider the energy changes
involved in the electron transfer process. The questions to be
answered are briefly :

1. What energy changes occur when an element achieves a noble
gas configuration?
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2. How does the ease of ion formation change as we cross the
periodic table
3. What changes occur as we descend the groups of the table?

Consider first the formation of cations by electron loss. Here the
important energy quantity is the ionisation energy. As we have seen
(p. 15). the first ionisation energy is the energy required to remove
an electron from an atom, i.e. the energy for the process

M(g) - M¥(g) + e~
(1 mole)

the second, third and fourth ionisation energies being the additional
energies required to remove subsequent electrons from the in-
creasingly positively charged ion, the element and the ions formed
all being in the gaseous state. Ionisation energies can be obtained
from current-voltage plots for gaseous discharges or more con-
veniently and completely from spectroscopic measurements. For
convenience the transition and tvpical elements will be treated
separately.

IONISATION ENERGIES: TYPICAL ELEMENTS

Changes down the group

Table 2.1 gives data for Group I elements. The ionisation energies
are all positive, i.e. energy is absorbed on ionisation. Several con-
clusions can be drawn from this table:

1. Energy must be supplied if these elements are to attain a noble
gas configuration.

2. Loss of one electron gives the noble gas configuration ; the very
large difference between the first and second ionisation energies
implies that an outer electronic configuration of a noble gas is
indeed very stable,

3. Ionisation energy falls as the group is descended. ie. as the
size of the atom increases and hence the distance between the
nucleus and the outer electron increases.

4. There is a marked contraction in size on the formation of an
ion, the percentage contraction decreasing as the percentage loss in
electrons decreases (for example Na — Na™ involves loss of one of
eleven electrons, Cs — Cs™ the loss of one of fifty-five electrons).
Some values for Group II and III elements are shown in Tables 2.2
and 2.3 respectively.
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Table 2.1
Atomic Element Atomic R;\z/;iiu;(;‘noj lonisation energies (kJmol " ')
rumber ¢ radius (s)* ! st 2nd 3rd
(nm)
3 Li 0.152 0.060 520 7297 11 800
11 Na 0.186 0.095 496 4561 6913
19 K 0.227 0.133 419 3069 4400
37 Rb 0.248 0.148 403 2650 3900
55 Cs 0.263 0.169 376 2420 3300

¢ Atoms land ions). unlike ordinary solid spheres. do not have fixed radii; their electron distributions are
affected by the other atoms (or ions) to which they are bonded, and by the nature of this bonding. However,
approximate values of atomic size are clearly of value. For a metal, the radius quoted is the *metallic radius’, this
being half the average internuclear distance in the metal. For gaseous diatomic molecules joined by a single
covalent bond (for example Cl--Ci), haif the Internuclear distance is taken as the ‘covaleni radius of the atom.
In the solid noble gases, chemical bonds do not exist, and the solids are held together by weak ‘van der Waal's'
forces |p. 471). Half the internuciear distance is then calied the ‘van der Waal's’ radius. For solid non metals. the
‘atomic radius’ may refer to the bulk solid |as for a metal), or to a molecular species such as 1,, P, or to the free
atoms. Measurements of the internuclear distance in a solid ionic compound MX gives the sum of the ionic
radii of M and X. For most purposes, it is sufficient to assume that tonic radii are constant ; with this assumption,
individual ionic radii can be calculated if the radius of one ion can be determined. This can be done by several
methods which lie outside the scope of this book. lonic radii quoted in this book are based on Pauling’s value for
the O*~ jon.

Table 2.2
Atomi Atomic  Radius* of lonisation energies(kJ mol~ ')
IOZM Element radius ~ M?* ion
rumoer (s)* {nm) Ist 2nd  3rd 4th
4 Be 0.112 0.031 899 1758 14850 21000
12 Mg 0.160 0.065 738 1450 7731 10540
20 Ca 0.197 0.099 590 1146 4942 6500
38 Sr 0.215 0.113 549 1064 4200 5500
56 Ba 0.221 0.135 502 965 — —
¢ Sce footnote to Table 2.1.
Table 2.3
Atomi Atomic  Radius* of Ionisation energies (kJ mol ")
I::::IC Element radins* M3* ion.
number (nm) (nm) Ist 2nd  3rd 4th
5 B 0.079 (0.020) 801 2428 3660 25020
13 Al 0.143 0.045 578 1817 2745 11580
31 Ga 0.153 0.062 579 1979 2962 6190
49 In 0.167 0.081 558 1820 2705 5250
81 Ti 0.171 0.095 589 1970 2880 4890

¢ Sec footnote to Table 2.1.
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Group II elements can be seen to follow a pattern very like that
found in Group I. Note, however. that the energy required to
attain a noble gas configuration is considerably higher indicating
that the elements will be less ‘metallic’ or electropositive in their
chemistry (Chapter 6).

The elements in Group III show several irregularities which are
of interest. The apparent irregularity in the first ionisation energy of
gallium, relative to aluminium, can be attributed to the filling of the
inner d orbitals of the first transition series (atomic numbers 21-31)
which causes a contraction in atomic size (see Table 2.3.) Similarly
the filling of inner orbitals in the lanthanide series results in the
apparently irregular value given for thallium. Similar tables for
elements in other groups can be constructed to show irregularities
similar to those of the Group III elements.

Changes in ionisation energy across the periods

The number of electrons in the outermost quantum level of an atom
increases as we cross a period of typical elements. Figure 2.2 shows
plots of the first ionisation energy for Periods 2 and 3.

The discontinuities observed correspond to changes in electronic
configuration. Boron and aluminium both have one electron in a

{*! ionisation energy

Atomic number

Figure 2.2. First ionisation energies of elements in Periods 2 and 3
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p orbital (which is less firmly held) whilst oxygen and sulphur have
one electron pair in a p orbital. the second electron being less firmly
held. The high values of the first ionisation energies of these upper
elements in Groups IV, V. VI and VII correctly imply that in-
sufficient energy is liberated in chemical reactions to enable these
elements to achieve noble gas configurations by electron loss.

TRANSITION ELEMENTS

The first ionisation energies of the first transition elements are
shown in Figure 2.3. The changes across these 10 elements contrast

Zn

I** ionisation energy

Fe Co — Cu
Mn Ni

Sc Ti \ Cr

Atomic number

Figure 2.3. First ionisation energies of the first series of transition elements

sharply with the changes shown across a period of typical elements
and confirms that the d block elements need to be treated separately.

SUMMARY

1. Ionisation energy decreases down a group of elements as the
atomic size increases. The elements in consequence become more
metallic down the group.

2. With certain irregularities only. the ionisation energy increases
across a period. The elements therefore become less metallic across
a period.
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ELECTRON AFFINITIES

Typical elements in Groups V. VI and VII would be expected to
achieve a noble gas configuration more easily by gaining electrons
rather than losing them. Electron affinity is a measure of the energy
change when an atom accepts an extra electron. It is difficult to
measure directly and this has only been achieved in a few cases ; more
often it is obtained from enthalpy cycle calculations (p. 74).

Group trends

Table 2.4 gives the energy values for the reaction

X(g) + e” = X" (g)
1 mole

together with atomic and ionic radii.

Table 2.4
Atomic Atomic Radius Electron
number Element radius® (g) of X~ ion affinity
(nm) (nm) (kJmol Y
9 F 0.064 0.133 - 333
17 Cl 0.099 0.181 — 364
35 Br 0.111 0.196 — 342
53 I 0.130 0.219 — 295
85 At — — — 256

¢ See footnote to Table 2.1.

Energy is evolred in each case. The table clearly indicates that
the electron affinity falls with the increasing size of the atom. The
anomalous value for fluorine is explained on the grounds that since
the fluorine atom is small, the incoming electron encounters strong
repulsion by the nine electrons already closely shielding the nucleus.
In each case, the ion produced by electron addition is larger than
the atom from which it was formed. After the addition of the first
electron, subsequent electron addition must take place against the
repulsion of a negatively-charged ion. Two-electron affinities are
known in only a few cases. The values for oxygen and sulphur are
given in Table 2.5.

Energy is released on formation of the singly-charged ion but a
greater amount of energy is required to add a second electron and
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Table 2.5
Electron affinity (kJ mol ")
Atomic number Element Total
Ist 2nd
8 O — 142 + 844 + 702
16 S - 200 + 532 + 332

the formation of the divalent ion is an endothermic process in spite
of the fact that a noble gas configuration is achieved.

Periodic trends

Table 2.6 shows the electron affinities. for the addition of one
electron to elements in Periods 2 and 3. Energy is evolved by many
atoms when they accept electrons. In the cases in which energy is
absorbed it will be noted that the new electron enters either a
previously unoccupied orbital or a half-filled orbital; thus in
beryllium or magnesium the new electron enters the p orbital, and
in nitrogen electron-pairing in the p orbitals is necessary.

Table 2.6

Period 2

Atomic number 3 4 5 6 7 8 9 10
Element Li Be B C N (o] F  Ne
Electron affinity (k) mol™?) —-57 +66 —15 —121 +31 —142 —-333 +99
Period 3

Atomic number 11 12 13 14 15 16 17 18
Element Na Mg Al Si P S Cl  Ar
Electron affinity (kJ mol ') -21 +67 -26 -135 —-60 —200 —364 —

The above discussion indicates that the formation of a noble gas
configuration does not necessarily result in an evolution of energy.
Indeed, by reference to Tables 2.1 and 2.4 it can be seen that even
for the reaction between caesium and fluorine, the heat energy
evolved in the formation of the fluoride ion is less than the heat
energy required for the formation of the caesium ion. This implies
that the reaction will not proceed spontaneously ; in fact it is virtually
explosive. Clearly. therefore, energy terms other than ionisation
energy and electron affinity must be involved, and the most import-
ant is the lattice energy—the energy evolved when the ions produced
arrange themselves into a stable lattice. It can be very large indeed
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and is a major factor in determining the nature of an ionic com-
pound. We shall discuss this further in Chapter 3.

ARRANGEMENT OF IONS IN THE CRYSTAL LATTICE

The electrostatic attraction between ions is independent of direction.
X-ray diffraction studies show that a crystal lattice can be repre-
sented as made up of spherical ions, each ion having a characteristic
radius almost independent of the crystal lattice in which it is found.
For simple ions the charge on them determines the balance between
the numbers of anions and cations whilst the radii determine the
way in which the ions pack together in the lattice, this packing
always occurring in such a way that, if possible, ions of like charge
do not “touch’ each other. Figure 2.4 shows a cross-section through
an octahedral structure (the central ion having six nearest neigh-
bours) in the limiting conditions in which the cations and anions
are touching. The values of the radius ratio can be obtained by
simple trigonometry.

Figure 2.4. Limiting conditions for cation-anion contact {octahedral structure)

If r* and r~ are the radii of the cation and anion respectively
then by applying Pythagoras’s theorem to triangle ABC we find that

CA? = AB? + BC?

ie. r"+ "2 =P+ (7P =2")
rr+rt =ry2 = 141477
rt =0414r"

Hence rform = 0414
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This then is the limiting radius ratio for six nearest neighbours—
when the anion is said to have a co-ordination number of 6. Similar
calculations give the following limiting values:

1. For eight nearest neighbours (a co-ordination number of 8)
the radius ratio r*/r ~ must not be less than 0.73.

2. For six nearest neighbours (a co-ordination number of 6) the
radius ratio r*/r” must not be less than 0.41.

3. For four nearest neighbours (a co-ordination number of 4) the
radius ratio r*/r~ must not be less than 0.225.

These values enable many structures to be correctly predicted ;
discrepancies arising mainly from the false assumption that ions
behave entirely as rigid spheres. Some examples are given in Table 2.7.

Table 2.7
RADIUS RATIOS IN TYPICAL CRYSTAL STRUCTURES

0.73 > r*/r~ > 041 r/rm > 073
Rock salt Rutile Caesium chloride Fluorite
Compound r*jr~ Compound r*jr~ Compound r*jr~ Compound r*jr™
NacCl 0.52 TiO, 0.49 CsCl 093 CaF, 0.73
KBr 0.68 PbO, 0.60 CsBr 0.87 SrF, 0.83
MgO 046 MnF, 059 Csl 0.78 CeO, 0.72

Examples of two crystal structures* for each co-ordination number
are included in the table.

BONDING BY ELECTRON SHARING—COVALENCY

There are many compounds which do not conduct electricity when
solid or fused indicating that the bonding is neither metallic nor
ionic. Lewis, in 1916, suggested that in such cases bonding resulted
from a sharing of electrons. In the formation of methane CH, for
example. carbon, electronic configuration 1s?2s22p. uses the four
electrons in the second quantum level to form four equivalent

* Fluorite. CaF . and rutile. TiO,. are minerals: in CaF,. each Ca?* is surrounded
by eight F~ ious. each F by four Ca®" ions. while in TiO, the corresponding
co-ordination numbers are 6 and 3. “Co-ordination number’ is generally referred 10
the cation.
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covalent bonds with four hydrogen atoms. each element thus
attaining a noble gas configuration:

xCx H
4, —— H.C.H

4H- H

Although the electrons from hydrogen and carbon are given e
and x signs, these are used only for convenience and there is, of
course, no difference between them. Each pair of electrons x
constitutes a single bond (a sigma bond) and is more conveniently
represented in graphical formulae by a single line, for esample

H H
|
H—(IZ‘—H, or better (to illustrate shape) H/C\;H

H

Compounds formed by the sharing of electrons are said to be
covalent.

THE SHAPE OF COVALENTLY BONDED MOLECULES
AND IONS

Unlike the forces between ions which are electrostatic and without
direction, covalent bonds are directed in space. For a simple
molecule or covalently bonded ion made up of typical elements the
shape is nearly always decided by the number of bonding electron
pairs and the number of lone pairs (pairs of electrons not involved in
bonding) around the central metal atom, which arrange themselves
so as to be as far apart as possible because of electrostatic repulsion
between the electron pairs. Table 2.8 shows the essential shape
assumed by simple molecules or ions with one central atom X.
Carbon is able to form a great many covalently bonded compounds
in which there are chains of carbon atoms linked by single covalent
bonds. In each case where the carbon atoms are joined to four
other atoms the essential orientation around each carbon atom is
tetrahedral.

The shapes indicated in Table 2.8are only exact in cases in which
all the electron pairs are equivalent, i.e. they are all bonding pairs.
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Table 2.8
SHAPES OF MOLECULES AND IONS

Electron pairs Essential shape

linear

linear

trigonal planar
tetrahedral

trigonal bipyramidal
octahedral

N B —

Methane, CH,, for example, has a central carbon atom bonded to
four hydrogen atoms and the shape is a regular tetrahedron with a
H—C—H bond angle of 109°28', exactly that calculated. Electrons
in a "lone pair’, a pair of electrons not used in bonding, occupy a
larger fraction of space adjacent to their parent atom since they are
under the influence of one nucleus, unlike bonding pairs of electrons
which are under the influence of two nuclei. Thus, whenever a lone
pair is present some distortion of the essential shape occurs.
Consider ammonia, NH;:

x x

XN x X X X X
x . HINIH e H~I\|I—H
+
H
3He H

In this case we have three bonding pairs and one lone pair. The
essential shape is, therefore, tetrahedral but this is distorted due to
the presence of the lone pair of electrons, the H—N—H bond angle
being 107°:

N\ .
I !\ Region occupied
\ ! by lone pair

\N/
b\ H
H
When the ammonium ion NH, is formed the lone pair becomes a
bonding pair and the shape becomes a regular tetrahedron.
The distortion due to the presence of lone pairs of electrons is
more marked in water:

X x

O% H: O ie. H—Ox

+ 2He
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The basic tetrahedral shape is even more distorted producing an
0

H H bond angle of 105°:

If the spatial arrangement of atoms is required this can be deduced
from the basic structure by neglecting the positions occupied by
lone pairs of electrons. Water, for example, can be described as a
V shape whilst ammonia is a trigonal pyramid.

MULTIPLE COVALENT BONDS

Double and triple covalent bonds can be formed between elements
by the sharing of two or three electron pairs respectively. Consider
the formation of ethene (ethylene), C,H,:

2 < C x
X ) H. x -XH H_ ~H
+ .C 5 €l or  CC=C
4H. H™ “H H H

The two kinds of covalent bond are not identical, one being a simple
covalent bond. a sigma (o) bond. the other being a stronger (but
more reactive) bond called a = bond (p. 56). As in the formation
of methane both elements attain noble gas configurations. We can
consider the formation of ethene as the linking of two tetrahedral
carbon atoms to form the molecule C,H, represented as:

\/\/
/\/\

this approach implying repulsion between the two bonding pairs.
Careful consideration of this model correctly indicates that all the
atoms lie in one plane. Spatially the double bond is found to behave
as a single electron pair and reference to Table 2.8 then (correctly)
suggests that each carbon has a trigonal planar arrangement.

The modern quantum-mechanical approach to bonding indicates
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that these two ‘models’ for the ethene structure are identical. so that
we may use whichever is the more convenient.

Double bonds also occur in other covalent compounds. By
considering each double bond to behave spatially as a single bond
we are able to use Table 2.5 10 determine the spatial configurations
of such compounds.

Triple bonds are formed by the sharing of three pairs of electrons
to form a o and two n bonds. Spatially these three bonds behave
as a single bond. Consequently acetylene (ethyne) C,H, has the
linear configuration often represented as H—C=C—H.

In each of the examples given so far each element has ‘achieved’
a noble gas configuration as a result of electron sharing. There are.
however, many examples of stable covalent compounds in which
noble gas configurations are not achieved. or are exceeded. In the
compounds of aluminium. phosphorus and sulphur. shown below.
the central atoms have 6, 10 and 12 electrons respectively involved
in bonding

. . o Fr
:CU cl PR . .
Al ; >P==F. L/ SST
‘ %r . FZ k/F:
U T A
aluminium chloride  phosphorus sulphur hexafluoride
(vapour) pentafluoride

(The spatial configurations of each of these compounds can be
deduced by reference to Table 2.8)

These apparent anomalies are readily explained. Elements in
Group V, for example. have five electrons in their outer quantum
level. but with the one exception of nitrogen, they all have unfilled
d orbitals. Thus. with the exception of nitrogen. Group V elements
are able to use all their five outer electrons to form five covalent
bonds. Similarly elements in Group VI, with the exception of
oxygen, are able to form six covalent bonds for example in SF¢. The
outer quantum level. however. is still incomplete. a situation found
for all covalent compounds formed by elements after Period 2. and
all have the ability to accept electron pairs from other molecules
although the stability of the compounds formed may be low*. This

* Phosphorus pentafluoride PF ¢ will readily accept an electron pair from a fluoride
ion F ™ to form the stable hexafluorophosphate (V) anion PF ;. This ion is isoelectronic
with SF. and neither SF, nor PF; show any notable tendency to accept further
electron pairs. though there is some evidence for the existence of an SF¢ ion.
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‘donor-acceptor bonding’ is very marked in Group III, for when
elements in this group form three covalent bonds by sharing. they
have only six outer electrons. Consider for example the trichlorides
of boron and aluminium:

Cl Cl Cl Cl
\B / and Al/

| |

Cl Cl

Both these molecules exist in the gaseous state and both are trigonal
planar as indicated by reference to Table 2.8. However, in each, a
further covalent bond can be formed, in which both electrons of the
shared pair are provided by one atom, not one from each as in
normal covalent bonding. For example, monomeric aluminium
chloride and ammonia form a stable compound:

H : Cl: H Cl
HNAlL:Cl: ie. H}N—Al{Cl
H: Cl H Cl

In this molecule, the aluminium receives a pair of electrons from
the nitrogen atom. The nitrogen atom is referred to as a donor atom
and the aluminium as an acceptor atom. Once the bond is formed
it is identical to the covalent bond of previous examples; it differs
only in its origin. It is called a co-ordinate or dative bond. and can be

P
expressed either as H;N—AICl; or H;N—AICI;. In the latter
formula the positive and negative charges are not ionic charges; they
are merely formal charges to show that in forming the co-ordinate
link, the nitrogen lost a half share in its original electron pair which
is now shared with the aluminium. the latter having gained a half
share in the electron pair.

The formation of a fourth covalent bond by the aluminium atom
results in spatial rearrangement from the trigonal planar, for three
bonding electron pairs, to tetrahedral, for four bonding electron
pairs.

Other compounds containing lone pairs of electrons readily form
co-ordinate links and in each case a change in spatial configuration
accompanies the bond formation. The oxygen atom in dimethyl
ether, CH;—O—CH;, has two lone pairs of electrons and is able to
donate one pair to, for example, boron trichloride :
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Cl Cl cl

AVERRN'D, \ /)
+ ~0r — CL*B—O/\
Ch, CHs / \ CHs

a ol CHy

This compound, which contains atoms arranged tetrahedrally
around the boron atom, can readily be isolated from a mixture of
dimethyl ether and boron trichloride. On occasions a chlorine atom,
in spite of its high electron affinity, will donate an electron pair, an
example being found in the dimerisation of gaseous monomeric
aluminium chloride to give the more stable Al,Cl, in which each
aluminium has a tetrahedral configuration:

C

N~ WO

| CL/ \CL / \CL

In Group 111, boron, having no available d orbitals, is unable to fill
its outer quantum level above eight and hence has a maximum
covalency of 4. Other Group I1I elements, however, are able to form
more than four covalent bonds, the number depending partly on
the nature of the attached atoms or groups.

The ability to act as a lone pair acceptor is not confined to
Group 111, and can occur wherever a quantum level is incomplete.
This ability to accept electrons explains why covalent chlorides,
with the exception of carbon tetrachloride, are readily hydrolysed,
the apparently anomalous behaviour of carbon tetrachloride being
readily explained by the fact that the carbon has a completed
quantum level and is unable to form an ‘intermediate complex’ with
water.

‘COVALENT IONS’

Covalent bonding. in all the cases so far quoted. produces molecules
not ions. and enables us to explain the inability of the compounds
formed to conduct electricity. Covalently bonded groups of atoms
can, however, also be ions. When ammonia and hydrogen chloride
are brought together in the gaseous state proton transfer occurs as
follows:
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+ -

H H

x® [oXoe] xe Qo
HX NI + HICIg —— {HiNIH| + [:CI3

* X Qo * X 00

H H

a

gas gas ammonium ion chloride 1on

—

.
as solid ammonium chloride

ie.
+
H H
H—N_ ) +H—Cl — Ne_ | +cU
/ \H
H H

The strongly electronegative (p. 49) chlorine atom becomes a
chloride ion, the proton H™ accepting the electron pair donated by
the nitrogen atom. A similar reaction occuts when ammonia is
passed into water, but to a much lesser extent as oxygen in water is
a poorer donor of the electron pair:

H H H
-7 Y
HNC 4 B NCD o H—00
NS . TS
/ ~_ \\_/\ H// ./
H H H

(@ammonia hydrate - weakly associated
through hydrogen bonding, p 62;

H "” N
| A
H//N\H * (‘“«'\(i)_”H

H

The positive charge resulting from the addition of a proton on to
an ammonia molecule is not associated with any particular hydro-
gen atom, once the bond is formed, and is distributed over the
whole jon.

Oxo-acid anions

There are many simple examples of common covalently bonded oxo-
anions. some being: CO%~. NO;.SO?" and PO} . The carbonate
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ion. for example, contains carbon covalently bonded to three
oxygen atoms and we can write the structure as:

c .

Clearly such bonding would produce two different carbon—oxygen
bond distances (p. 48) but in fact all bonds are found to be identical
and intermediate in length between the expected C=0 and C—O
bond distances. We conclude, therefore, that the true structure of
the carbonate ion cannot be accurately represented by any one
diagram of the type shown and a number of ‘resonance’ structures
are suggested (p. 50).

0" 0 (o}
V4
ozc/ “O—C< ‘O—C<
No- 0~ No

As in the case of NH] the charge is distributed over the whole ion.
By considering each multiple bond to behave spatially as a single
bond we are again able to use Table 2.8 to correctly deduce that the
carbonate ion has a trigonal planar symmetry. Structures for other
covalently-bonded ions can readily be deduced.

COMPLEX IONS

The polyatomic ions discussed above are really simple members of
a much larger group known collectively as complex ions, in which a
central atom or ion is surrounded by other atoms, ions or groups
of atoms, called ligands. Whenever an ion is formed in a polar
solvent, ion-dipole attraction causes the solvent molecules to
orientate themselves around the ion producing a solvated ion, for
example [Na(H,0),]". For large ions of small charge these attrac-
tive forces are weak and are not of any great importance. However,
the greater the charge on the central ion and the smaller its size, the
greater the force of attraction between the ion and the ligand, and
the more covalent the link between them becomes as in the case of
simple covalent-ionic bonding (p. 50) there is no sharp dividing
line. Salts of Groups 1 and II clearly show the changes which
accompany increases in ionic size. For example, for a given anion,
the number of water molecules crystallising in the salt is found to
increase as the size of the ion decreases.
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Smaller and more highly charged ions such as magnesium and
aluminium attract water strongly, and in these cases the attractive
forces between the water and the ions are so great that salts con-
taining water of crystallisation decompose when attempts are made
to dehydrate them by heating—the process being called hydrolysis.
For example.

[Mg(H,0),]**2Cl"

or. as more commonly written.

MgCl, . 2H,0 — Mg(OH)Cl + HCI + H,0

The aluminium ion. charge + 3. ionic radius 0.045 nm, found in
aluminium trifluoride, undergoes a similar reaction when a soluble
aluminjum salt is placed in water at room temperature. Initially the
aluminium ion is surrounded by six water molecules and the
complex ion has the predicted octahedral symmetry (see Table 2.8):

heat

[Mg(OH)]*Cl~ + HCl + H,0

H,0
H i
01 om,
LAl
H,O 1 OH,
H,O

This complex ion behaves as an acid in water. losing protons, and
a series of equilibria are established (H* is used, rather than H;O ™.
for simplicity):

[Al(H,0)]** = [Al(OH)(H 0),]** + H*

[AlOH)Z(H 0),]* + H*
1
[Al(OH),(H 0);,] + H*

Addition
of

[Al(OH)4(H 0),]" + H*
[AI(OH )s(H,0)]*" + H*
i
[AOH),]*" + H*

| heal
AlO,” + 2H,0 + 20H"

These equilibria give rise to an acidic solution in water. to the
hexahydroxo-aluminate ion [A(OH),]*" in a strongly alkaline
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solution. and only in strongly acidic solutions is the hexaaquo ion
[Al(H,0)¢]** found. The solid hydrate, often written AlICl, . 6H,0
and more correctly [Al(H,0),]Cl; can, therefore, only be obtained
from a strongly acidic solution. The reaction with water resulting in
the liberation of a proton is again known as hydrolysis and occurs
whenever the central metal ion is small and highly charged (ie.
having a high surface density of charge), for example in salts of
iron(I1I), chromium(III)*.

There are many ligands in addition to water, for example Cl~,
NH,. CN~", NOJ, and transition metal ions, in particular, form a
large number of complex ions with different ligands. The number
of ligands surrounding the central atom, or ion, is called the co-
ordination number. The numerical value of the co-ordination number
depends on a number of factors, but one important factor is the
sizes of both the ligands and central atom, or ion. A number of
complex ions are given below in Table 2.9. The shape of complex

Table 2.9
CHARACTERISTICS OF SOME COMPLEX 10NS

CZ’:];“’ Ligand Co :l:z::::wn L:gz:d Complex ion Shape

Be?* H,0 4 Molecule [Be(H,0),]?*  Tetrahedral
Co** NH; 6 Molecule [Co(NH;)s]**  Octahedral
APP* F- 6 Ton [AIF]*" Octahedral
Ni® CO 4 Molecule  Ni(CO), Tetrahedral
Fe?* CN- 6 Ion [FCN)]*~ Octahedral
Co** NO; 6 Ion [Co(NO,)6]*~  Octahedral

ions formed by typical elements can be determined by assuming
each ligand to be covalently bonded to the central ion and applying
the theory of electron pair repulsion which gives the structures
summarised in Table 2.9. The shape of transition metal complexes,
however, cannot always be deduced by this method. The develop-
ment of the theory of bonding in transition metal complexes is
beyond the scope of this book but a brief outline of the main
features 1s given at the end of this chapter.

* The species resulting from the *hydrolysis’ of hydrated cations such as those
mentioned here are often highly complex. containing more than one metal atom (i.e.
they may be polynuclear). The description here is simplified to show the essentials
of the processes.
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NOMENCLATURE FOR COMPLEX IONS

When naming complex ions the number and type of ligands is
written first, followed by the name of the central metal ion. If the
complex as a whole has a positive charge, i.e. a cation, the name of
the central metal is written unchanged and followed by the oxida-
tion state of the metal in brackets, for example [Cu(NH,),]**
becomes tetra-ammine copper(ll). A similar procedure is followed
for anions but the suffix ‘-ate’ is added to the central metal ion;
some examples are:

[Fe(CN)s]*~ hexacyanoferrate(I1I)
[Hel, J*~ tetraiodomercurate(II)
[Co(NO,)6]°~  hexanitrocobaltate(I11)

THE STRENGTH OF COVALENT BONDS: BOND ENERGIES

The energy required to break the bond between two covalently
bonded atoms is called the ‘bond dissociation energy’. In polyatomic
molecules this quantity varies with environment. For example,
ammonia has three N—H bond dissociation energies:

NH,(g) - NH,(g) + H(g) 448 kJ mol ™!
NH,(g) - NH(g) + H(g) 368 kJ mol ™!
NH(g) —» N(g) + H(g) 356 kJ mol !

For many purposes, for example the estimation of approximate
heats of formation (p. 63), it is sufficient to have an average value.
This average of the bond dissociation energies is called the average
thermochemical bond energy or (more commonly) simply the bond
energy*.

Bond energy values can be obtained from thermochemical calcu-
lations (p. 72) and a number are included in Table 2.10 together with
the compound used in the calculation.

In most covalent compounds, the strong covalent bonds link
the atoms together into molecules, but the molecules themselves
are held together by much weaker forces, hence the low melting
points of molecular crystals and their inability to conduct electricity.
These weak intermolecular forces are called van der Waal’s forces;
in general, they increase with increase in size of the molecule. Only

* Strictly. these values are bond enthalpies. but 1the term energies is commonly
used. Other descriptions are: “average standard bond energies’. ‘mean bond energies’.
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Table 2.10
BOND ENERGIES

Bond In compound Average thermochemical bond energy

{kJ mol~1)
C—H CH, 416
N—H NH, 391
O H H,0 467
F—H HF 566
Cl—H HCl 431
c—l ccl, 327
N—Cl NCl, 193
Si—Cl SiCl, 391
c—C C,H, 346
c=C C,H, 598
c=C C,H, 813
N—N N,H, 160
N=N N, 946
0-0 H,0, 146
0=0 o, 498

in a few cases does the covalent bonding extend throughout the
whole structure and in these cases a ‘giant molecule’ is produced.
In diamond, each carbon atom has four covalent links tetrahedrally
arranged. Since the bonds are strong the molecule is very stable and
extremely hard. Carborundum (Si—C) and boron nitride have
similar structures and properties. The high melting points of these
solids correctly indicates that the covalent bonds are usually
stronger than jonic bonds.

COVALENT BOND LENGTHS

As in the case of ions we can assign values to covalent bond lengths
and covalent bond radii. Interatomic distances can be measured by,
for example, X-ray and electron diffraction methods. By halving the
interatomic distances obtained for diatomic elements, covalent
bond radii can be obtained. Other covalent bond radii can be deter-
mined by measurements of bond lengths in other covalently bonded
compounds. By this method, tables of multiple as well as single
covalent bond radii can be determined. A number of single covalent
bond radii* in nm are at the top of the next page.

* While bond energies increase in. for example. the sequence C—C. C=C. C=C
(Table 2.10). bond radii decrease: C—=C gives C = 0.067. C=C gives C = 0.060 nm
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H C N 0] F
0.037 0078 0070 0066 0.064
Si P S Cl

0.117 0110  0.104  0.099

Deductions of bond lengths for any unknown can be made by adding
bond radii, but these theoretical values often differ from the experi-
mental values ; the greatest deviations occur when elements of widely
different electronegativities are joined together.

ELECTRONEGATIVITY

If two like atoms form a covalent bond by sharing an electron pair,
for example

FIF:

it is clear that the pair will be shared equally. For any two unlike

atoms, the sharing is always unequal and depending on the nature
of the two atoms (A and B say) we can have two extreme possibilities

or A B ie. AT B~
A+B-oA:B”
equal
sharing “or A: B je. A~ B*

and an ionic bond is formed. There are many compounds which lie
between truly covalent (equal sharing) and truly ionic. The bond
between two atoms A and B is likely to be ionic rather than covalent
(with A forming a positive ion and B a negative ion) if:

1. A and B have small charges
2. Aislarge
3. Bis small

Tables 2.1, 2.2, 2.3 and 2.4 give data for atomic radii, ionisation
energies and electron affinities which allow these rough rules to be
justified.

Pauling and others have attempted to define an ‘electronegativity
scale’ by which the inequality of sharing might be assessed. Some of
Pauling’s electronegativity values are shown in Table 2.11. The
greater the differences in the electronegativities of the two elements
joined by a covalent bond. the less equally the electrons are
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Table 2.11
SOME ELECTRONEGATIVITY VALUES (PAULING)

H Li Be B C N O

21 1.0 1.5 20 25 30 35

F Na Mg Al Si P S
40 0.9 1.2 1.5 1.8 21 25

Cl
30

shared; a partial polarisation of the covalent bond is observed and
the two atoms exert an electrostatic attraction for each other. The
results of this attraction are a decrease in the bond length and an
increase in the bond strength from those values expected for a ‘pure’
covalent bond*. There is in fact no sharp distinction between ionic
and covalent bonds and all ‘degrees’ of ionicity and covalency are
possible.

Resonance

Bonds with characteristics intermediate between ionic and covalent
can also be represented by, for example, two imaginary structures, 1
and II both of which ‘contribute’ to the true structure I1I. Consider
gaseous hydrogen chloride :

+) (=)
H-—Cl H-—Cl
+ —
H™ Cl equal sharing unequal sharing
electrovalent covalent covalent
1 11 I11

The strength of the bonding found in the actual structure III is
greater than that calculated for either of the imaginary structures
I and II. This has been explained on the theory of resonance based

* Pauling’s electronegativity values are derived from the differences between “pure
covalent’ and actual bond energies. Another simple measure of electronegativity is
the sum of the ionisation energy and electron affinity. / + L. The more electro-
negative elements have high values of / + E. Consider the alternative ionic forms of
the diatomic species AB:. i.e. A*B~ or A"B”. To form the first in the gas phase
requires an energy /, — Eg; to form the second requires an energy /s — E, Which-
ever energy is the lesser will indicate the direction of electron transfer; if A is more
electronegative than B then we require that A"B” is favoured and thus that
I, —Ig> 1y — Eyor I, + E, > I3 + Ey and on this basis the order of values of
I + E indicates an electronegativity scale.
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on wave-mechanics. In this theory. it is supposed that the true
structure of the molecule is a resonance hybrid of two or more
structures which can be written in a conventional wayv (i.e. as H—CI
or H C17). We can say that just as a hybrid plant is better than the
individual true-breeding plants from which it was produced, so a
resonance hybrid is a ‘better’ molecule than any of the structures
that we can write for it. It must be realised that, for example, hydro-
gen chloride does not consist of a mixture of the forms I and II
nor does the molecule of hydrogen chloride exist for part of the time
inform I and for part in form II. Forms 1 and II are purely imaginary
structures which contribute to structure I11I.

The resonance concept is of great value in organic chemistry. For
example, the carbon—carbon bond lengths found in benzene are all
0.139 nm in length. This compares with a carbon—carbon single
bond length of 0.154 nm and a carbon-carbon double bond length
0f0.134 nm. The heat of formation of benzene is found to be greater
than that calculated and the chemical properties indicate the
absence of a normal carbon—carbon double bond. Resonance theory
explains these facts by suggesting a number of structures, each con-
tributing to the true structure in which all six carbon atoms are
equivalent, and all the carbon-carbon bonds are of equal length.

Dipole moments

The unequal distribution of charge produced when elements of
different electronegativities combine causes a polarity of the covalent
bond joining them and, unless this polarity is balanced by an equal
and opposite polarity, the molecule will be a dipole and have a
dipole moment (for example, a hydrogen halide). Carbon tetra-
chloride is one of a relatively few examples in which a strong
polarity does not result in a molecular dipole. It has a tetrahedral
configuration

(l‘,l

C

a” | cl

Cl
and the effect of each chlorine is exactly balanced by the others
so that there is no residual dipole. However, chloromethane
(methyl chloride, CH ;Cl) has a pronounced dipole moment although
the shape of the molecule is also tetrahedral. Because of the dipole,
chloromethane molecules are attracted to each other by dipole-
dipole forces—the negative end of one molecule attracting the
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positive end of another. As a result of these attractive forces, chloro-
methane (molecular weight 50.5) has a melting point of 174.5 K.
well above that of methane (molecular weight 16, m.p. 89 K) and
also well above the hydrocarbon butane which has a molecular
weight comparable with it (molecular weight 58, m.p. 138 K). In
solid chloromethane, unlike solid methane, there is also evidence of
orientation of the molecules packed together in the crystal.

HYDROGEN BONDING

Figure 2.5 shows the boiling points of the hydrides in elements of
Groups 1V, V, VI and VIIL Clearly there is an attractive force be-
tween the molecules of the hvdrides of fluorine, oxygen and nitrogen

HO

2 3 4 5
Period
Figure 2.5. B.p. of hydrides in Groups IV 10 V11

in addition to the expected van der Waal’s forces. This force, what-
ever its origin, is virtually absent in the hydrides of all but the three
elements named. The absence of the force in methane indicates that
the presence of at least one lone pair of electrons is essential, but
this attractive force is not found in the hydrides of larger elements
in the same group, which do have lone pairs of electrons.

The attractive force is called hydrogen bonding and is normally
represented by a dotted line, for example A—H ---- A—H; itis this
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force which explains the abnormally high boiling points of hydrogen
fluoride. water and ammonia. The hydrogen bonding in hydrogen
fluoride is so strong that salts of a hypothetical acid H,F, can be
isolated, for example, KHF, with the structure K*[F---H---F]".
Again, ice is known to have a structure similar to that of diamond
with four bonds tetrahedrally arranged. Two hydrogen bonds bind
the lone pairs of electrons on a given oxygen atom to the positively
charged hydrogen atoms of two adjacent water molecules, these
hydrogen bonds being slightly longer than the hydrogen-oxygen
covalent bonds of the water molecule (Figure 2.6).

(a)

()

© ! !

(@

Figure 2.6. The tetrahedral structures of ice: (a), (b) are planes through sheets of selected

oxygen nuclei (open circles); hydrogen nuclei (shown in the insert as solid circles) are

not shown in the main drawing. The insert illustrates the overlap of oxygen line pairs
and the hydrogen nuclei, thus forming the hydrogen bonds (dotted lines)

The whole structure is rigid but open, giving ice a low density. The
structure of liquid water is similar but less rigid; this explains the
fact that water has a high melting point and dielectric constant (per-
mittivity). Hydrogen bonding has been suggested as one reason why
both H* and OH " ions have very high ionic mobilities.

Hydrogen bonding is found between most compounds containing
hydrogen attached to nitrogen, oxygen or fluorine ; it explains why,
for example, ethanol C,H,OH. (C,H¢O) has a boiling point
of 351 K whilst the isomeric dimethyl ether CH,—O—CH; boils
at 2494 K. and why some carboxylic acids associate into dimers,
for example ethanoic acid in benzene dimerises to form
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H,C—C N /C—CH 3
\O- -~H—0
Hydrogen bonding is not restricted. however, to bonding between
like molecules; it can exist between two different molecules (for
example water and ethanol) or between a molecule and an ion (for
example the species [H:--F----H] "~ already mentioned). Hydrogen
bonding also plays a vital role by providing cross linkage in proteins.
It 1s, therefore, a very important bond ; although it is usually weak.
having a strength of approximately 20 kJ compared with a normal
covalent bond strength of 200400 kJ. certain hydrogen bonds can
have strengths up to 80 kJ (see p. 57)

THE MODERN THEORY OF THE COVALENT BOND

The idea that a shared electron pair constitutes a covalent bond
ignores any difficulty about the actual position and nature of the
electrons in the combining atoms or in the resulting molecule. The
idea that electrons are particles revolving in ‘orbits’ or situated in
‘shells’ is inadequate when we desire to picture electrons in covalent
bonds. It is, however, known that a beam of electrons can undergo
diffraction, and that they therefore possess a wave-like nature
like light waves. It has also been found that there is a simple rela-
tionship between the momentum of an electron (characteristic of
its particle-nature) and the wavelength (characteristic of its wave-
nature). But if we give a definite wavelength or amplitude to an
electron, then its position in space becomes uncertain, i.e. it cannot
be pin-pointed. Instead, the wave amplitude (strictly, the square of
the amplitude) can be used to represent the probability of finding
the electron at a given point in an atom or molecule. This amplitude
is usually given the symbol s (psi) and is called a wave function.
For hydrogen (or helium), with one (or two) electron in the K
‘shell’, i is found to depend only on the distance from the nucleus,
diminishing as this distance increases; hence our picture of the
hydrogen atom is that shown in Figure 2.7.

The intensity of shading at any point represents the magnitude of
2, ie. the probability of finding the electron at that point. This
may also be called a spherical ‘charge-cloud’. In helium, with two
electrons, the picture is the same, but the two electrons must have
opposite spins. These two electrons in helium are in a definite
energy level and occupy an orbital, in this case an atomic orbital.
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Figure 2.7. Charge-cloud of hydrogen atom

Now the combination of two hydrogen atoms to give a hydrogen
molecule can be visualised as in Figure 2.8.

In elements of Periods 2 and 3 the four orbitals are of two kinds;;
the first two electrons go into a spherically symmetrical orbital—an
s orbital with a shape like that shown in Figure 2.7—and the next
six electrons into three p orbitals each of which has a roughly *double-
pear’ shape. like those shown unshaded in each half of Figure 2.10.

H +

.
+

+
Figure 2.8. The 1wo orbitals oterlap giving a covalent bond und the two electrons are
now in a molecular orbital. (If the two nuclei could be pushed together completely, the
result wwould be analogous to a helium atom. but with no neutrons in the nucleus.)

When elements in Period 2 form covalent bonds, the 2s and 2p
orbitals can be mixed or hybridised to form new, hybrid orbitals
each of which has, effectively, a ‘single-pear’ shape, well suited
for overlap with the orbital of another atom. Taking carbon as an
example the four orbitals 25,2p.2p.2p can all be mixed to form four
new hybrid orbitals (called sp® because they are formed from one s
and three p); these new orbitals appear as in Figure 2.9. i.e. they

Figure 2.9. Orbitals of carbon in methane
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project to the corners of a tetrahedron. The four valency electrons
of carbon go one into each orbital, and overlap of these singly-
occupied orbitals with the four spherical 1s orbitals of four hydrogen
atoms gives the tetrahedral methane molecule, with four covalent
bonds.

In ethene the situation is rather different; here, each carbon
atom has one 2s and two 2p orbitals hybridised to form three sp*
*single-pear’ orbitals which are trigonal planar (shown shaded in
each half of Figure 2.10). The remaining 2p orbital is not hybridised,

e

Figure 2.10. Formation of the ethene molecule

and remains as a ‘double-pear’ (unshaded). The three hybrid
orbitals of each carbon are used thus: two to overlap with the
orbitals of hydrogen atoms to form two C—H covalent bonds, and
one to overlap with the corresponding orbital of the other carbon
atom, along the C....C axis, giving a C—C bond, as the two halves
of the molecule come together as indicated in Figure 2.10. The
unhybridised 2p orbitals now overlap ‘sideways-on’, and we get the
molecule as shown in Figure 2.11.

H /\ H
C Wiz ¢
W \\‘j N H
Figure 2.11. The ethene molecule (C—H bonds shown as lines for simplicity)

Hence we have two molecular orbitals, one along the line of
centres, the other as two sausage-like clouds, called the = orbital or
n bond (and the two electrons in it, the n electrons). The double
bond is shorter than a single C—C bond because of the ‘double’
overlap: but the = electron cloud is easily attacked by other atoms.
hence the reactivity of ethene compared with methane or ethane.
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This representation of the double bond applies to other double
bonds also, for example C=0, S=0, P=0, and so on.

The element before carbon in Period 2, boron, has one electron
less than carbon, and forms many covalent compounds of type
BX, where X is a monovalent atom or group. In these, the boron
‘uses’ three sp* hybrid orbitals to form three trigonal planar bonds,
like carbon in ethene, but the unhybridised 2p orbital is vacant,
i.e. it contains no electrons. In the nitrogen atom (one more electron
than carbon) one orbital must contain two electrons—the lone pair;
hence sp® hybridisation will give four tetrahedral orbitals, one
containing this lone pair. Oxygen similarly hybridised will have two
orbitals occupied by lone pairs, and fluorine, three. Hence the
hydrides of the elements from carbon to fluorine have the structures

H . R
| [ N N
c W, e >’
0 \\H - \\H - \ (_//\H
H H H

with the line-pair orbitals indicated by broken lines. The co-ordinate
link is formed by overlap of a doubly-occupied (lone pair) orbital
with an unoccupied orbital. The projecting charge-clouds of
molecules like water or ammonia also impart other properties.
The concentration of negative charge on one side of the molecule
makes the molecule electrically polar, i.e. one end is positive, the
other (lone pair) end is negative; the molecule is then a dipole and
the magnitude of the polarity is expressed as the dipole moment.* In
molecules such as NH,, H,0, the positive end of the dipole is
‘concentrated’ at the small hydrogen atoms and there is conse-
quently a strong electrostatic attraction between these and the
negative charge-clouds of neighbouring molecules; this particularly
strong attraction is the origin of hydrogen bonding. The projecting
charge-clouds can also be attracted by ions so that positive ions, for
example, become hydrated (or ‘ammoniated’) by attraction of the
lone pair charge-clouds to the ion. as, for example, the hydrated
Al’* jon (p. 45).

The elements of Period 2 (Li—F) cannot have a covalency greater
than 4, because not more than four orbitals are available for bonding.
In Period 3 (Na—Cl) similar behaviour would be expected. and
indeed the molecule SiH, is tetrahedral like that of CH,, and
PH, is like NH , with a lone pair occupying one tetrahedral position.

* Note that this kind of polarity is not the same as bond polarity {p. 5.
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But it is found that certain very electronegative atoms or groups,
notably fluorine. can cause expansion of the valency shell, and
further orbitals of higher energy—the 4 orbitals—can be hybridised
with the s and p orbitals. Consider phosphorus, with five valency
electrons ; these can be placed either in four tetrahedral sp® hybrid
orbitals (with one orbital doubly occupied) or singly in five orbitals
formed by hybridisation of one 3s. and three 3p and one 3d (sp*d)
to give a trigonal bipyramidal shape (Table 2.5). sp® mixing is
found in the phosphine molecule PH,. while sp*d is found in the
phosphorus pentafluoride molecule PF 4. Similarly with sulphur, sp*
mixing with two lone pairs is found in the H,S molecule while
sp*d*> mixing gives six octahedral orbitals as found in the SFg
molecule. It will now become apparent that all the common molecular
shapes given in Table 2.5 can be accounted for by assuming appropriate
hybridisation of the orbitals of the central atom—sp, linear: sp*.
trigonal planar: sp’, tetrahedral: sp*d. trigonal bipyramidal and
sp*d*. octahedral.

THE BONDING IN METALS

We have seen that in a metal the atoms are close-packed, ie. each
metal atom is surrounded by a large number of similar atoms
(often 12, or 8). The heat required to break up 1 mole of a metal into
its constituent atoms is the heat of atomisation or heat of sublimation.
Values of this enthalpy vary between about 80 and 800 kJ, for metals
in their standard states ; these values indicate that the bonds between
metal atoms can vary from weak to very strong. There is a rough
proportionality between the m.p. of a metal and its heat of atom-
isation, so that the m.p. gives an approximate measure of bond
strength.

Here we can discuss the nature of metallic bonding only in a
qualitative way. The bulk metal may be pictured as consisting of
positively charged atoms embedded in a ‘sea’ of free valency
electrons. There are, therefore. no localised bonds, as in a giant
covalent crystal like diamond. The freedom of the electrons is
shown by their ability to move in an electrical field, so bestowing
electrical conductance on the metal. The strength of the metal bond-
ing (as measured by the heat of atomisation) is determined essen-
tially by (a) the size of the atoms. increase in size decreasing the
heat of atomisation and (b) the number of valency electrons, increase
in the number of valency electrons increasing the heat of atomisa-
tion. In the close-packed metal structure of. for example. sodium.
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each metal atom of sodium is surrounded by (and therefore bonded
to) eight other atoms, and each atom contributes one valency
electron ; clearly the number of electrons per ‘bond’ is §. For a larger
atom with the same co-ordination number and the same number of
valency electrons, for example. caesium, the electron/bond ratio is
still §, but the interatomic distance is necessarily larger and the ‘bond
strength’ would be expected to be weaker. In fact, the heats of
atomisation at 298 K for solid sodium and caesium are 109 and 79
kJ mol " ! respectively. The atoms of sodium in metallic sodium, and
calcium in metallic calcium. have almost identical sizes (calculated
for the same co-ordination number); but since calcium has two
valency electrons, the heat of atomisation is increased to 177
kJ mol ~!. Many transition metals have high heats of atomisation;
these elements have d electrons and a larger number of electrons is
available for interatomic bonds in the metals; examples of heats of
atomisation are: iron, 416 kJ mol~'. tungsten 837 kJ mol~'. The
stronger bonds in transition metals give rise not only to higher m.p.
but also to greater tensile strength and hardness—hence the many
uses of these metals for practical purposes.

BONDING IN TRANSITION METAL COMPLEXES

We have already noted that transition metals can readily form com-
plexes with a variety of ligands. We have also noted that, in complexes
of the main group metals. the metal-ligand bonds can be electrostatic
(ie. ion-ion or ion-dipole), or covalent, or intermediate between
these two extremes. In transition metal complexes, the bonding can
be described on the basis of either an ‘electrostatic’ or a ‘covalent’
model; again, the actual bonding may well be intermediate in
character. But an important feature of either descriptions must be
to take account of the 4 orbitals. When a transition metal ion forms
a complex with ligands, two important changes often occur; a
change of colour, and a change in magnetic properties; any theory
of bonding must account for these changes. Briefly, this is done by
postulating a split in the 4 orbital energy levels. In the free atom or
ion of a first series transition metal, there are five d orbitals all
having the same energy. If the metal ion is surrounded by ligands,
all the 4 orbital energies are raised; when there are six ligands
arranged octahedrally (or six ions of opposite change in an ionic
lattice) the d orbitals undergo an energy split as follows:
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Energy //
/
/
et <
’ The 5 3d orbitals \
in the atom or ion  \ . -
;  surrounded by ligands
_______ _
The 5 3d orbitals The splitting of the
in the free atom 3d orbitals for six
or ion octahedral ligands

The magnitude of the energy split, AE, determines how the electrons
will be distributed between the d orbitals (and hence the magnetic
properties, p. 229). Moreover, electrons can be promoted from the
lower to the higher energy level by absorption of light; the frequency
of the absorbed light is directly related to AE ; and hence this latter
quantity greatly influences the colour of the complex.

The detailed theory of bonding in transition metal complexes is
beyond the scope of this book, but further references will be made to
the effects of the energy splitting in the 4 orbitals in Chapter 13.

THE COLOUR OF INORGANIC COMPOUNDS

Many transition metal compounds owe their colour to absorption
of light which causes electrons to move between d orbitals of different
energy, these orbitals being essentially those of the central metal
atom or ion. However, colour is also seen in some main-group
elements (for example, iodine), some main-group compounds (e.g.
lead(11) oxide, yellow), and some transition metal complexes where
there are either no electrons initially in d orbitals (e.g. the manganate -
(VII) ion, MnOy), or the d orbitals are completely filled (and hence
electrons cannot move between them) (for example, copper(I) oxide,
yellow-red ; mercury(Il) oxide, red). A detailed discussion of the
causes of colour in these compounds is out of place in this book, but
essentially the colour is due to electrons moving between different
atoms or ions. In most compounds, the energy required for move-
ment of electrons (sometimes referred to as charge-transfer) is large,
and the frequency of light required is consequently in the ultra-violet
region of the spectrum. But in the coloured compounds already
mentioned. the energy is sufficiently low to cause absorption of light
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in the visible part of the spectrum. Thus. for example, in the MnO;
ion, we have manganese in a high oxidation state ( + 7) and oxygen
in state — 2: movement of electrons from oxygen to manganese
requires relatively little energy. and the intense purple colour results.

QUESTIONS

1. Discuss the types of bonding that hold atoms and ions together
in molecules and crystals. Include in your answer evidence for the
existence of the bonds that you describe, and some indication of
their relative strength.

(N.A)

2. Describe, with a brief explanation, the shapes of the following
molecules and ions:

(a) SnCl,, (b) BCl;, (c) PClj, (d) SbCls, (e) PCl; and (f) ICI;.
Indicate, giving a reason, which of the molecules (a), (b), (c) and (d)
you would expect to possess a dipole moment.

(JMB, S)

3. State the type of chemical binding in each of the chlorides
represented by the empirical formulae

NH,CL BeCl,. MgCl,

and show how these binding forces, and other factors, determine the
behaviour of these chlorides when acted upon by (i) heat, (ii) elec-
tricity, (iii) water.

(C.A)

4. What are the principal differences in physical and chemical
properties between any one metal from Group I and any one metal
from Group IV and any one transition metal? How far can you
explain these differences in terms of their different atomic structures?

(N, Phys. Sc., A)

5. How can the shapes of simple molecules be explained in terms
of electron pair repulsions? Your answer should include at least one
example from each of four different shapes.

What effect does the presence of a lone pair of electrons on the
nitrogen atom have on:

(a) the H—N—H angle in ammonia,
(b) the properties of the ammonia molecule? (JMB., A)
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Energetics

A full treatment of this important—and indeed exciting—area of
chemistry belongs to physical chemistry. Here, we are chiefly
concerned with two fundamental questions about a chemical
reaction—why does it proceed. and why does it give one product
rather than another? There are many processes, both physical and
chemical. which proceed spontaneously. Consider first two flasks.
one containing only oxygen and the other only nitrogen. which
are connected by opening a tap. The two gases mix spontaneously
and the mixture is eventually uniform in both flasks—there has
been no chemical reaction but spontaneous mixing has occurred.
When anhydrous aluminium chloride is added to water the reaction
described on p.45 occurs with the evolution of a great deal of heat—
a strongly exothermic spontaneous reaction. Addition of solid
ammonium nitrate to water leads to solution with the absorption
of heat—a spontaneous endothermic reaction. These reactions are
all spontaneous. but clearly there are wide differences in the apparent
energy changes involved.

CHEMICAL STABILITY

Before we proceed to discuss energy changes in detail it is first
necessary to be clear that two factors determine the stability of a
chemical system—stability here meaning not undergoing any
chemical change. These two factors are the energy factor and the
kinetic factor.

62
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THE ENERGY FACTOR

A change can only take place if the energy factor is favourable. Most
simple laboratory reactions are carried out in vessels open to the
atmosphere and are therefore at constant pressure. Consequently
the most commonly met energy factor is the enthalpy. H; the
enthalpy change. AH, is a measure of the heat gained from. or lost
to, the surroundings during a chemical process, such that, at the
end of the reaction, the temperature and pressure of the system are
the same as before the reaction occurred. In an exothermic process.
the total enthalpy of the products H, is less than that of the reactants.
H,, and the enthalpy change, AH, is neyative (Figure 3.1). For an
endothermic process the enthalpy change is positive.

H————— Reactants

DH = Hy~H

Enthalpy —

H, b————— Products

Reaction coordinate

Figure 3.1

The enthalpy (strictly. the enthalpy change) for a reaction can
readily be calculated from enthalpies of formation AH; which can
often be obtained from tables of data.

AH values relate to defined conditions, usually to the standard
state of the substance at 298 K and 1 atm pressure. indicated by
AH%,,* That is.

AH,coction
For example. for the reaction
C,H(g) + 3;0,(g) - 2CO,(g) + 3H,0()
AH, . ion = [2 x AHCO,(g) + 3 x AHH,0(l)] — [AH,C,H(g)]

(Note that AH, for an element in its standard state is zero.) Hence
AH_.. on = — 1560 kJ mol~'. (This is in fact an enthalpy of
combustion.)

= XAH, products — £AH, reactants

* The 1emperature subscript 298 will be assumed in this book unless otherwise
stated.
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THE KINETIC FACTOR

Even given a favourable energy factor. a change may still not take
place or occur at a negligible rate if the kinetic factor is unfavourable.
The situation is somewhat analogous to an object on the ground.
First, the object can only move spontaneously if the ground slopes
downwards—it will not move spontaneously on level ground
or up a slope. If the object is, say. a smooth sphere. it will, given a
downward gradient, move spontaneously. However, if the object is
less regular in shape, say a lump of rock. it may be at rest on an
incline. This rock is energetically unstable but kinetically stable.
The rock can be made kinetically unstable by giving it a push to get
it over its energy barrier—adding initial energy (the energy of
activation). Similarly, many chemical systems are energetically
unstable but kinetically stable and need a ‘push’, usually in the form
of heat. to make them go (Figure 3.2). We should note that not all

Enthaipy —=

E,energy barrier

Reactants AH, enthalpy of reaction

Products

Reaction coordinate
Figure 3.2

the molecules in a given system need to be given the additional
‘activation energy’ for the reaction to proceed. Each molecule that
reacts produces energy. in an exothermic reaction, and this can
activate more molecules. Hence. once a sufficiently large proportion
of the molecules reaches the activated state. the reaction proceeds
spontaneously. The burning of coal and wood are familiar examples
of this type of process.

FREE ENERGY AND EQUILIBRIA

Let us now consider two simple representative reactions:
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1. Naf(s) + 3Cl,(g) - NaCl(s)

In both reactions 1 and 2 the energy factors are favourable; pure
sodium and chlorine do react at room temperature but hydrogen
and chlorine are (kinetically) stable in the absence of light; in the
presence of light (to give the reaction additional energy) they react
explosively to form hydrogen chloride. Since we have seen on p. 62
that a spontaneous reaction can be endothermic (although the vast
majority are exothermic), we must now consider the energy factor
in more detail.

When we say that reactions 1 and 2 "go’ we actually mean that
the equilibrium between eactants and products is displaced from
the reactants towards the products. We represent this strictly by
the equation (for reaction 2)

7H,(g) + 3Cly(g) —=— HCl(g)

By application of the Equilibrium Law. the equilibrium constants
are as given at the top of the next page.

AGgga, kdJ mol -
—150

100

10910K 50g
1

8r
S
°
=}
8

| -100

=--150

Figure 3.3. Graph of AG, g against log, o K,4g
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Here. the reaction proceeds effectively to completion; (HCI) is
very large relative to (H,) and (Cl,) and hence K, (and K ) are also
large. In these circumstances the reverse arrow is usually omitted.

The equilibrium constant at constant temperature is directly
related to the maximum energy. called the free energy AG. which is
obtainable from a reaction. the relationship being

AG = — RTInK,

Here G is the free energy and AG the change in free energy during
the reaction, R the gas constant and T the absolute temperature.
At 298 K. under standard conditions (G = G®)

log, K, = — 0.000733AG®

where AG® is the change in free energy under standard conditions.

The above equation enables us to calculate the equilibrium
constant for any value of AG or vice versa, and we readily see that
for a reaction to ‘go to completion’, ie. for K to be large, AG needs
to be large and negative.

When AG = 0. the equilibrium constant K is unity. A large
positive value of AG indicates that the reaction will not ‘go’. being
energetically unfavourable under the specific conditions to which
AG refers.

FREE ENERGY AND ENTROPY

Free energy is related to two other energy quantities. the enthalpy
(the heat of reaction measured at constant pressure) and the entropy.
S.an energy term most simply visualised as a measure of the disorder
of the system. the relationship for a reaction taking place under
standard conditions being

AG® = AH® — TAS*

where AG* is the change in free energy. AH< the change in enthalpy.
AS*the change in entropy (all measured under standard conditions).
and T is the absolute temperature.

If overall disorder increases during a reaction, AS is positive:
where overall disorder decreases. AS is negative.
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SPONTANEOUS REACTIONS

We have seen above that for a reaction to "go to completion’ AG
must be negative. Enthalpies of reaction often amount to several
hundred kJ mol ™! but values of entropy changes are rarely greater
than a few hundred and often very much smaller when no gas is
absorbed (or evolved). Hence at room temperature the term TAS®
can often be disregarded and the sign of AH® determines the sign
of AG®. However, when AH is small, less than approximately
40 kJ mol ™', then TAS is important and can result in a negative
value for AG even when AH is positive—i.e. for an endothermic
reaction. In the endothermic dissolution of ammonium nitrate in
water, quoted in the introduction on p. 62, it is the entropy contri-
bution which produces the spontaneous reaction since the TAS< is
greater than AH® and produces a negative value for AG®. Also in
the introduction the mixing of two gases was mentioned. In this
case the enthalpy of ‘reaction’ is very small but clearly disorder is
increased by the mixing of the two gases. Thus AS is positive and the
terms — TAS and AG are negative.

THE EXTRACTION OF METALS

From the above discussion. we might expect that endothermic
reactions for which the enthalpy change is large cannot take place.
However, a further consideration of the equation
AG* = AH® — TAS*®

clearly indicates that an increase in temperature could result
in a negative value of the free energy. but only if the entropy change
for the reaction is positive; if the entropy change is negative then
there is no possibility of the reaction occurring. (Note that AH .
varies only slightly with temperature.)

Most metals react exothermically with oxygen to form an oxide.
Figure 3.4 shows how the value of AG for this process varies with
temperature for a number of metals (and for carbon), and it can be
seen that in all cases AG becomes less negative as the temperature
is increased. However. the decomposition of these metal oxides into
the metal and oxygen is an endothermic process. and Figure 3.4
shows that this process does not become even energetically feasible
for the majority of metals until very high temperatures are reached.

Let us now consider the reduction of a metal oxide by carbon
which is itself oxidised to carbon monoxide. The reaction will
become energetically feasible when the free energy change for the
combined process is negative (see also Figure 3.3). Free energies.
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Figure 3.4. AG/T talues for the reactions
2Zn + O, - 2Zn0O
2Fe + O, —» 2FeO
2Mg + O, - 2MgO
2C+ 0,-2CO
1Al + O, - }AlL,0,
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like enthalpies, are additive, and the minimum temperature for
energetic feasibility can readily be found.

As an example. consider the reduction of zinc oxide to zinc by the
reaction:

ZnO + C—-2Zn + CO

Reference to Figure 3.4 shows that the reduction is not feasible at
800 K, but is feasible at 1300 K. However, we must remember that
energetic feasibility does not necessarily mean a reaction will ‘go’;
kinetic stability must also be considered. Several metals are indeed
extracted by reduction with carbon, but in some cases the reduction
is brought about by carbon monoxide formed when air, or air-
oxygen mixtures, are blown into the furnace. Carbon monoxide is
the most effective reducing agent below about 980 K. and carbon is
most effective above this temperature.

Since AG® = AH® — TAS®
and AG® = —RTInK.
InK = — éﬁfl + g
R T R
or log, K = — AH® .— + constant
2303R T

Hence an alternative to Figure 3.4 is to plot log,, K against 1/T
(Figure 3.5); the slope of each line is equal to —AH®/2.303R. A
discontinuity in the line for a given metal-metal oxide system
corresponds to a change in phase (solid, liquid, gas) of the metal or
its oxide (usually the metal). The change in slope is related to the
enthalpy change involved in the change. Thus for magnesium-
magnesium oxide,

2Mg(l) + O,(g) » 2MgO(s): AHS = —1220kJ mol !
2Mg(g) + O,(g) = 2MgO(s): AHY = —1280kJ mol ™"
and hence
2Mg(l) - 2Mg(g): AH® = 260kJ mol !

which is twice the enthalpy of vaporisation of one mole of mag-
nesium.

When studying the AG® — T diagrams we saw that the extrac-
tion of a metal from its compound by a reducing agent becomes
energetically feasible when the free energy change for the combined
Process is negative (see also Figure 3.3).
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When using log,, K against 1;T graphs, in order to find the
temperature at which reduction becomes energetically feasible it is
necessary to determine the temperature at which the equilibrium
reduction indicates a displacement of the reaction

constant lor the

5 20 25 30 35
10’k
T
Figure 3.3, log,, K + talues for the reactions
Zn + !0, - ZnO
CO + 10, = CO,

in favour of the metal.

Consider the reduction of zinc

equations are:
1.

2.

I\l
- 7ZnO
K.
== CO,

Zn + 10,
CO + 40,

oxide. by carbon monoxide. The
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Hence for the reduction of zinc oxide by carbon monoxide we have,
ZnO + CO & zn + CoO,

Here K = K /K. hence log,, K = log,, K, — log,, K,

The 'complete’ reduction of zinc oxide is favoured by a small value
of K. i.e. when log,, K, » log,, K,. Figure 3.5 shows plots of
log,o K,. and log,, K, against 1/T ; where the two graphs intersect
log,, K for the reduction process is zero and hence K = 1.

At higher temperatures log,, K has a positive value and K
becomes large. Thus complete reduction of the oxide is energetically
(and indeed kinetically) feasible.

Similar graphs can be plotted for the reduction of any metal
oxide and also for the reduction of chloride and sulphide ores.

FACTORS CONTRIBUTING TO THE ENTHALPY OF
REACTION

In the preceding sections we have considered the overall change in
a chemical reaction. Factors contributing to this change will now be
considered for simple covalent and ionic systems.

COVALENT COMPOUNDS: THE HYDROGEN HALIDES

Let us consider again the reaction between hydrogen and chlorine :
H,(g) + Cly(g) - 2HCl(g)

An energy diagram for this reaction is given below (see Figure 3.6).
(Note that this is nor a representation of the actual reaction path

2H(g) +2CL(g)
lAhz
2H (g)+ CLy(Q)
A A, Ahs
Hz(QH‘CLz(g)
{Ah‘;
2HCL (g)

Figtire 3.6
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but. since the overall heat change is. by Hess’s law. independent of
the path of the reaction. this is still valid as an energy diagram.)
The enthalpy changes in the reaction are:

Ah, the dissociation or bond energy of hvdrogen (it is also. by
definition, twice the enthalpy of atomisation-—two gram atoms
being produced).

Ah, the dissociation or bond energy of chlorine. again twice the
enthalpy of atomisation.

Al twice the bond energy of hydrogen chloride (twice since two
moles of hydrogen chloride are produced).

Ah, the enthalpy of reaction. which is in this case twice the enthalpy
of formation of hydrogen chloride. Clearly Ah, is the difference
between the total bond energies of the products and the total
bond energies ol the reactants. That is

AH = Z bond energies of products

reaction

— Z bond energies of reactants.

For a reaction to be exothermic the sum of the bond energies
of the products must exceed those of the reactants.

For the formation of the hydrogen halides by the direct com-
bination of the elements. the enthalpies of formation are:

HF HCI HBr HI
AHF (kJmol™") —-269 -923 -362 +26

These values indicate a rapid fall in thermal stability of the halide
from fluorine to iodine. and hydrogen iodide is an endothermic
compound. If we now examine the various enthalpy changes in-
volved. we find the following values (in kJ):

HF HCl  HBr HI

1. {H,(g) — H(g) +218 +218 4218 +218
2. X, s) = 3X,(®) 0 0 415 431
3. 3X,(g) - X(g) +79  +121 +96 +76
4. JHy(g) + $X, (L s) - H(g) + X(g) +297 +339 +330 +325
5. H(g) + X(g) - HX(g) —566 —431 —366 -—299
6. 3H,(g) + $X,(s.1. g) - HX(g):

AHP: —269 —92  -36 +26

Note that the term 2 is included: it is the enthalpy required to
convert the element in its standard state at 298 K to a gas at 298 K—
and it does not apply to fluorine and chlorine which are both gases
at this temperature.
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The heats of formation of the gaseous atoms, 4, are not very
different; clearly, it is the change in the bond dissociation energy
of HX, which falls steadily from HF to HI, which is mainly res
ponsible for the changes in the heats of formation, 6. We shall see
later that it is the very high H—F bond energy and thus the less
easy dissociation of H—F into ions in water which makes HF in
water a weak acid in comparison to other hydrogen halides.

COVALENT COMPOUNDS: OTHER SYSTEMS

We have just seen that a knowledge of bond energies enables
enthalpies of reaction to be calculated. This is certainly true for
simple diatomic systems. When polyatomic molecules are con-
sidered, however, the position can be more complicated and there
are a number of different dissociation energies for even a two-
element polyatomic molecule. Consider, for example, ammonia.
There are three N—H bond dissociation energies (p. 47) and the
bond dissociation energy is different for each N—H bond and
depends on the environment of the atoms concerned. The same
conditions apply to any polyatomic molecule. However. average
values, called average thermochemical bond energies (or average
standard bond enthalpies) have been determined from a wide
variety of compounds, and tables can be found in most data books.
In spite of the known limitations of these bond energies, they are
useful in estimating enthalpies of reactions, as indicated on p. 63,
and the likely stabilities of covalent compounds. However, special
care is needed when small positive or negative values for enthalpies
are obtained (often as the difference between two larger values),
since the predictions may then be unreliable because of the lack of
precision in the original data.

IONIC COMPOUNDS: LATTICE ENERGY

Let us consider the formation of sodium chloride from its elements.
An energy (enthalpy) diagram (called a Born-Haber cycle) for the
reaction of sodium and chlorine is given in Figure 3.7. (As in the
energy diagram for the formation of hydrogen chloride, an upward
arrow represents an endothermic process and a downward arrow
an exothermic process.)

The enthalpy changes evolved are:

Ah, the enthalpy of atomisation (or sublimation) of sodium.
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Ah, the first ionisation energy of sodjum.

Al the enthalpv of atomisation of chlorine. which is also half the
bond dissociation enthalpy.

Al the electron affinity of chlorine.

Ah; the lattice energy of sodium chloride; this is the heat liberated
when one mole of crystalline sodium chloride is formed from
one mole of gaseous sodium ions and one mole of chloride ions.

AHF the enthalpy of formation of sodium chloride.

Hence

AHT = Ah, + Ah, + Ahy + Ah, + Ahg

Of these enthalpies. all can be determined experimentally except
the lattice energv. Ionisation energies, electron affinities. bond

Na*t (g)+e-+Clig)

Ay Ahg Nat(g)+Ct (@)
Na*(g) +e-+ 5 Clplg
d Ah,
Na(g)+3Clylg
J
Ah, Ahg
Na(s)+3Cl,(g)
AH,
Figure 3.7

dissociation energies and heats of atomisation have all received some
discussion previously. The lattice energy can be determined by
using the Born-Haber cycle as shown above. or by calculation.
summing the attractive and repulsive energies between all the ions
in 1 mole of crystal. Details of the calculation are outside the scope
of this book. However. it may be noted that the calculation is based
on the assumption that ionic crystals are made up of discrete
spherical ions which exert non-directional electrostatic attractive
or repulsive forces on their neighbours in the crystal. The calculation
gives a result which is most simply represented as follows :

PR

Lattice energy (Ahy) = A - .. — B
r

+ -

r
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where A is a constant for a particular crystal type. z* and 2z~ are the
charges on the ions, r™ and r™ are the ionic radii (see p. 29) and B
is a small constant of repulsion. The important quantities which
determine the magnitude of the lattice energy are, therefore, ionic
charges z. and the ionic radii r. Since z increases and r decreases
across a period it is not surprising to find that a Group 1I halide
has a much higher lattice energy than the corresponding Group 1
halide. Calculated lattice energies for the alkali metal halides are in
good agreement with values determined from Born-Haber cycle
measurements; for example for sodium chloride, the cycle gives
— 787 and the calculation —772kJ mol~"'.

For other compounds, the agreement is not always so good. The
assumption that the lattice is always wholly ionic is not always true;
there may be some degree of covalent bonding or (where the ions
are very large and easily distorted) some appreciable van der Waals
forces between the ions (p. 47).

IONIC COMPOUNDS: STOICEIOMETRY

To date there is no evidence that sodium forms any chloride other
than NaCl; indeed the electronic theory of valency predicts that
Na* and Cl~, with their noble gas configurations, are likely to be
the most stable ionic species. However. since some noble gas atoms
can lose electrons to form cations (p. 354) we cannot rely fully on
this theory. We theretfore need (o examine the evidence provided
by energetic data. Let us consider the formation of a number of
possible ionic compounds; and first, the formation of ‘sodium
dichloride’, NaCl,. The energy diagram for the formation of this
hypothetical compound follows the pattern of that for NaCl but an
additional endothermic step is added for the second ionisation
energy of sodium. The lattice energy is calculated on the assumption
that the compound is ionic and that Na?* is comparable in size
with Mg?*. The data are summarised below (standard enthalpies
in kJ):

Ah, enthalpy of atomisation for sodium (unchanged) + 108
Ah, first ionisation energy for sodium (unchanged) +496
Ah, second ionisation energy for sodium (additional) +4561
Ah; enthalpy of atomisation of chlorine, x2 (since two

atoms are needed) +242
Ah, electron affinity of chlorine. x 2 (two ions are formed) - 728

Ahy calculated lattice energy -2539
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Hence
AHP = Ah, + Ah, + Ah, + Ahy + Ah, + Ahs = 2140k] mol !

The positive enthalpy of formation of NaCl, is so large that the
possibility of the reaction Na(s) + Cl,(g) - NaCl,(s) occurring
under any conditions is extremely remote.

The main factor responsible for the large positive value of AH?
for NaCl, is the high second ionisation energy of sodium. Since for
any element, the second ionisation energy is much larger than the
first, we might ask the question: Why do elements from Group II
form ionic dichlorides? The enthalpy changes for the formation of
MgCl, MgCl, and MgCl; are given below (standard enthalpies in
kJ):

MgCl MgCl, MgCl,

Ah, Mg(s) » Mg(g) +146  +146  +146
Ah, Mg(g) > Mg"*(g) + ne” +736 +2184 +9924
Ahy inCly(g) - nCl(g) +121 4242 4363
Ah, nClg) + ne” — nCl™(g) 364 —728 —1092
Ah; Mg"*(g) + nCl™(g) - MgCl, —-753 —-2502 -5440

AHE = Ah, + Ah, + Ahy + A, + Ahy —114  —658  +3901

The values of AH?® indicate that it is extremely unlikely that
MgCl,(s) can be prepared under any conditions, but both MgCl(s)
and MgCl,(s) appear to be energetically stable with respect to
magnesium and chlorine.

MgCl(s), however, is not energetically stable with respect to dis-
proportionation. The following energy cycle enables the enthalpy
of disproportionation to be calculated, ie.

2AH{MgCIXs) + AH (disproportionation) — AH(MgCl,) = 0

AH(dlsprOpurtlonauon)

2MgCl(s) MgCl,(s) + Mg(s)

2AH( MgCl)N ﬂHAMgClz)(s

2Mg(s) + Cly(g)

Hence
AH —427kJ

We see, therefore, that magnesium normally forms a dichloride
and not a mono- or tri-chloride. Similar calculations can be made
for many systems, but greater uncertainties arise, especially when

\disproportionation) =
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covalent bonds are involved. Moreover. we must not assume that
magnesium trichloride cannot exist.

Early calculations of a similar kind indicated that the compound
AICI is unlikely to exist; but at temperatures above about 1100 K
aluminium oxide Al,O; and the trichloride AICl; react to form the
compound AICl; on cooling this disproportionates to give the
trichloride and aluminium metal

3AICI - AICL, + 2Al (p. 143)

There are many compounds in existence which have a considerable
positive enthalpy of formation. They are not made by direct union
of the constituent elements in their standard states, but by some
process in which the necessary energy is provided indirectly. Many
known covalent hydrides (Chapter 5) are made by indirect methods
(for example from other hydrides) or by supplying energy (in the
form of heat or an electric discharge) to the direct reaction to
dissociate the hydrogen molecules and also possibly vaporise the
other element. Other known endothermic compounds include
nitrogen oxide and ethyne (acetylene); all these compounds have
considerable kinetic stability.

REACTIONS IN AQUEOUS SOLUTION: IONIC
SUBSTANCES

Let us examine the enthalpy terms involved when an ionic crystal
MX is dissolved in water. The energy diagram for a Group 1 halide
is as shown in Figure 3.8.

In the diagram below Ah_ represents the heat (enthalpy) of
solution, which can be measured experimentally, and Ah, is the

M*(g)+X (g
Dby 4 (MY
M*(ag)+X"(g)
Ahg
MX (s)
Ahhy 4%
Ahy
M*(ag)+ X "(aq)

Figure 3.8
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lattice energy. Ah, (M ™) and Ah,, (X ") are the hydration enthalpies
of the ions M™ and X ™. These require further consideration.

Hydration enthalpies

When an ion is solvated the resulting solvated ion is more stable
than the original free ion. Consequently all hydration enthalpies
are negative; hydration is an exothermic process. Since we can
measure the enthalpy of solution and calculate the lattice energy.
we can determine the total hydration enthalpy of the ions. How-
ever, since we are unable to measure hydration enthalpies for
isolated ions, it is necessary to divide this enthalpy to give individual
values. This problem can be resolved by giving an arbitrary value to
the hydration enthalpy of one ionic species so that the others can be
obtained by difference. There are good grounds for using the proton
as the standard giving Ah, 4(H ) the value of —1091 kJ mol™'. On
this basis some hydration enthalpies are given below (kJ mol™*,
298 K):

H* -1091 Fe** -1946 TI* —-326 Pb** —1481
Li* =519 Co** —-1996 Be?* —-2494 APt -4665
Na* —406 Ni#* -2105 Mg?* —1921 Fe’*t -4430

K* -322  Cu** -2100 Ca?* -1577 F~ —-515
Rb* —293 Zn?** -2046 Sr** 1443 (Cl° - 381
Cs* —-264 Hg** -1824 Ba’* —1305 Br- —-347
Ag® —473 Sn** 1552 Cr** —1904 I- —-305

It will be noted that hydration enthalpy decreases with increasing
ionic radius and increases very sharply with increase in ijonic
charge, these results being what we should expect for an electro-
state interaction between a charged ion and the dipole of a water
molecule (p. 44).

Enthalpies of solution

The enthalpy of solution is quite small for many simple ionic
compounds and can be either positive or negative. lt is the difference
between two large quantities. the sum of the hydration enthalpies
and the lattice energy.

Let us consider the halides of sodium and silver. The details of
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the enthalpy changes involved in dissolving them in water are as
follows:

NaF NaCl NaBr Nal
Ahg MX(s) - M™(g) + X" (g) +919 4787 +752 +703
TAh, MT (@) + X (g) - M*(aq)
+ X (aq) -921 -787 =753 -711
Ah, MX(s) > M¥(aq) + X" (aq) -2 0 -1 -8

AgF  AgCl AgBr Agl

Ah,  MX(s) > M) + X (g +966 +917 +905 +891
ZA,a: M¥(g) + X7 (g) » M*(aq)

+ X7(aq) —-98 —851 820 -778

Ah MX(s) - M*(aq) + X" (aq) —20 +66 +85 +113

s
Although the data for the silver halides suggest that silver(I) fluoride
is likely to be more soluble than the other silver halides (which is in
fact the case), the hydration enthalpies for the sodium halides almost
exactly balance the lattice energies. What then is the driving force
which makes these salts soluble. and which indeed must be res-
ponsible for the solution process where this is endothermic? We
have seen on p. 66 the relationship AG® = AH® — TAS® and
noted that for a reaction to be spontaneous AG® must be negative.
The driving force, then, is to be found in the entropy term TAS®,
When a crystal dissolves the orderly arrangement of ions in the
lattice is destroyed. but since each jon becomes solvated order is
brought into the areas of solvent around each ion. Generally, how-
ever, despite this ‘ordering of the solvent’ there is an overall increase
in entropy and AS*® is positive. Hence, negative values of AG® can
be produced even for endothermic reactions. and since TAS®
increases with temperature. it is not surprising to find that the
solubility of nearly all simple ionic substances increases as the
temperature is increased.

Prediction of solubility for simple ionic compounds is difficult
since we need to know not only values of hydration and lattice
enthalpies but also entropy changes on solution before any informed
prediction can be given. Even then kinetic factors must be considered.

This problem does not become easier when considering ionic
compounds of Group II elements since with the increase in ionic
charge and decrease in ionic radius of the Group II ions not only
does hydration energy increase but also the lattice energy of the
compound itself, and again the value of the enthalpy of solution is
the difference between two large (indeed, in the case of Group II,
very large) quantities.
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REACTIONS IN AQUEOQOUS SOLUTION: COVALENT
SUBSTANCES

Metals in higher oxidation states form halides which are essentially
covalent, for example AICl,, SnCl,, FeCl;: when these compounds
dissolve in water they do so by a strongly exothermic process.
Indeed it is perhaps incorrect to think of this only as a dissolution
process, since it is more like a chemical reaction—but to differentiate
for a particular substance is not easy, as we shall see. The steps
involved in the case of aluminium chloride can be represented as

AICI (s) » AlCl,(g) — Al(g) + 3Cl(g) — AI**(g) + 3Cl (g)

!
Al®**(ag) + 3Cl"(aq)

Obviously sufficient energy is available to break the Al—Cl co-
valent bonds and to remove three electrons from the aluminium
atom. Most of this energy comes from the very high hydration
enthalpy of the Al’*(g) ion (p. 78). Indeed it is the very high
hydration energy of the highly charged cation which is responsible
for the reaction of other essentially covalent chlorides with water
(for example, SnCl,).

Essentially the same processes occur when chlorides (for example)
of non-metallic elements ‘dissolve’ in water. Thus, the enthalpy
changes for hydration chloride can be represented:

HCl(g) - H(g) + Cl(g) - H™(g) + Cl"(g) » H*(aq) + Cl"(aq)

This is an exothermic process. due largely to the large hydration
enthalpy of the proton. However, unlike the metallic elements, non-
metallic elements do not usually form hydrated cations when their
compounds ‘dissolve’ in water; the process of hydrolysis occurs
instead. The reason is probably to be found in the difference in
ionisation energies. Compare boron and aluminium in Group III:

Ionisation energies (kJ mol ™ '1

Ist 2nd 3rd Total

B 801 2428 3660 6889
Al 578 1817 2745 5140

Clearly the hydration of the *B*"’ jon would have to produce an
enormous amount of energy to compensate for that necessary to
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produce B**(g)—and in fact this ion is not found as such. In fact.
there is no sharp division between hydration and hydrolysis, since
hydrated multi-charged cations such as Al3*(aq), Fe’*(aq) do
undergo a loss of protons which is also a *hydrolysis’ (p.45).

QUESTIONS
0 —
—» 2100
500} 210+ 02
2
%
<
2/, N203
W
2Ca0
1000 oCa+02
1 i )| 1 - H | | i ]
400 600 800 1000 1200 1400

Temperature K

1. (a) Describe how the use of Ellingham diagrams such as the one
above helps to explain why metal oxides can be reduced by the
use of

(i) other metals,
(i1) carbon,
(iii) carbon monoxide.

(b) Why is it necessary to use electrolysis for the extraction of some
metals?

(cy Why is it that the slope of the graph of free energy of formation
of zinc oxide against temperature is as shown in the diagram,
whereas the slope of the graph of free energy of formation of
carbon monoxide against temperature has the opposite sign?

(N. A)
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4 Enthalpy

ncrease
Mt (g)+e +X(g)

M(@+X(g |3 4y M*g+X (g

M(gi+'%X(q) | 2

MsH Y2 X, (g) } ' 5

AHq
MX(s)

2. The above Born-Haber cycle represents the enthalpy changes in
the formation of an alkali metal halide MX from an alkali metal
(Li, Na, K, Rb, Cs) and a halogen (F,. Cl,, Br, or 1,).

(a) Name the halogen for which the enthalpy change 2 has the
largest value.

(b) Name the alkali metal for which the enthalpy change 3 has
the largest value.

(c) Name the halogen for which the enthalpy change 4 has the
smallest value.

(d) Name the alkali metal halide for which the enthalpy change
5 has the smallest value.

(e) The following is a list of the enthalpy changes for potassium
bromide (mkJ mol ™'):

K(s) - K(g) AH = +92
K(g) ~K*(g) + e” AH = +418
1Br,(g) - Brl(g) AH = +96

Brig) +e~  —Bri(g  AH= -326
K*(g) + Br7(g) - KB(s) AH = —677

Calculate the standard enthalpy of formation. AHF of
potassium bromide.
(JMB, A)

3. Comment on the following:

(a) Despite the thermochemical data contained in the following
equations, sodium metal reacts vigorously and exothermically
with chlorine gas.

Na(s) » Na*(g); AH = 144 kcal.
1Cly(g) » Cl~(g); AH = —61.8kcal.
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In view of your comments. discuss why sodium chloride is soluble
in water.

(b) The ionisation energies (expressed in electron volts (eV) of
the elements in the first short period are: Li. 54; Be. 9.3; C.
11.3;N. 145;0.13.6;F. 174 ; Ne. 21.6.

(C. A

4. Comment on the following:

(a) KBr is a stable compound although the process K(g) + Br(g)
— K*(g) + Br(g) is endothermic.

(b) Silver fluoride is the only silver halide that is appreciably
soluble in water.

(c) Nitrogen forms one endothermic chloride NCI; but phos-
phorus reacts with chlorine to give two chlorides PCl, and
PCls.

(O. Schol))

5. Give an account of the principles underlying the extraction of
metals from their oxides, illustrating your answer by specific
examples.

(Liverpool B.Sc., Part 1)
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Acids and bases:
oxidation and
reduction

These topics. which are more fully treated in texts on physical
chemistry, require some consideration here, because the terms ‘acid’,
‘base’, ‘oxidation’ and ‘reduction’ are used so widely in inorganic
chemistry.

PROTONIC ACIDS AND BASES

An acid was once defined simply as a substance which produces
hydrogen ions, or protons. However, the simple proton, H™, is
never found under ordinary conditions, and this definition required
amendment. Bronsted and, independently, Lowry, therefore re-
defined an acid as a susbstance able to donate protons to other
molecules or ions, and a base as a substance capable of accepting
such protons. If we consider hydrogen chloride, HCI, as an example.
the HCI molecule is essentially covalent, and hydrogen chloride (gas
or liquid) contains no protons. But anhydrous hydrogen chloride
in benzene will react with anhydrous ammonia :

HCl + NH, - NH;CI"

Here. clearly. a proton is donated to the ammonia, which is the
base. and hydrogen chloride is the acid. In water, the reaction of
hydrogen chloride is essentially

HCl + H,0 -» H,0" + CI"
84
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and clearly here water is a base, but giving a new acid H;O " and a
new base, C1™. The concept of C1” as a base may at first seem
strange but in concentrated sulphuric acid the following process
occurs:

H,SO, + ClI” = HCl + HSO;
acid base acid base

Product acids and bases such as those formed in this process are
termed conjugate acids and conjugate bases. Thus, all acid-base
reactions can be written as

HA+ B - BH* + A~

acid + base = conjugate + conjugate
acid of base of
base B acid HA

and this equation is the prototype for acid-base reactions whether
or not B is a solvent. To quote an example, HCI in ethanol reacts
as lollows:

1. HCl + C,H,OH = C,H,OH} + CI-

but in ethanol the reaction is by no means complete, hence the
equilibrium sign. If benzene is the solvent there is virtually no
ionization and no reaction because benzene is a very weak base and
HCl is not a strong enough acid to protonate it significantly. Let us
consider a series of acids in water:

2, HCl + H,0 - H;0" + CI-

3. H,SO, + H,0 - H,0* + HSO;

4, HSO; + H,0 =H,0* + SO2"

5. HNO, + H,0 - H,0" + NO;

6. CH,CO,H + H,0 = H,0* + CH,CO;

Tonisations 2, 3 and 5 are complete ionisations so that in water
HCl and HNOj; are completely ionised and H,SO, is completely
ionised as a monobasic acid. Since this is so, all these acids in water
really exist as the solvated proton known as the hydrogen ion*, and as
far as their acid properties are concerned they are the same conjugate
acid species (with different conjugate bases). Such acids are termed
Strong acids or more correctly strong acids in water. (In ethanol as
solvent, equilibria such as 1 would be the result for all the acids
quoted above.) Ionisations 4 and 6 do not proceed to completion

* H;0" is strictly the oxonium jon: actually, in aqueous solutions of acid this and
Other solvated-proton siructures exist, but they are conveniently represented as H,0*.
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and thus the conjugate acid H;O* is not completely formed—such
acids are termed weak acids. (Again, more correctly, weak acids in
the solvent specified ; HCl is a weak acid in ethanol.) The strength of
an acid is measured by the position of equilibrium. For example, for
a weak acid in water

HA + H,O =H,;0" + A~
the equilibrium constant is given by

[H,0"][A"]
[H,0][HA]

However, in dilute solution [H,O] is virtually constant ((H,0] =
55.5 since 1 litre of water contains 1000/18 mol ol H,O) and taking
this into the above expression for the equilibrium constant we obtain
a second constant

_[H,07][A"]

-1
. [HA] mol ]

K

K, is known as the acid dissociation constant; it is a measure of the
strength of an acid in a particular solvent, which should be specified.

Values of K, are small for weak acids and they range very widely
(Table 4.1). It is common practice to quote values as the negative
logarithm to the base ten, i.e. —log,, K,. since such numbers are
less cuambersome and positive when K, < 1. The symbol for —log,,
is by convention 'p’, thus —log,, K, becomes pK,. Table 4.1 shows
some typical pK, values.

Table 4.1
SOME pK, VALUES FOR ACIDS IN WATER AT 298 K
Acid K, moll™’ pK.
Ethanoic (acetic) 1.75 x 1077 4.756
Methanoic (formic) 1.77 x 10" * 3.752
Hydrocyanic 79 x 1074 9.1
Hydrofluoric 6.61 x 10"+ ERE
Hydrogen sulphide* 10° 7.00
Benzenol (phenol) 105 x 10" *? 9.98

* For the reaction H,S + H,0 = HS" - H,0"

For strong acids, K, values are large and pK, values are negative.
for example pK, for hydrochloric acid is —7.
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THE EFFECT OF THE SOLVENT

If, for a given acid. we wish to increase the acid strength, then we
choose a solvent which has a greater affinity for protons than has
water. If we add ammonia to a solution of hydrogen chloride in
water, the essential equilibrium is

H,O* + NH, = H,0 + NH;

and clearly here ammonia has a stronger affinity for protons than
water—it is a stronger base. Hence if we dissolve an acid which is
weak in water in liguid ammonia, the strength of the acid is increased,
ie. pK, decreases. Thus methanoic (formic) acid is a weak acid in
water but a strong acid in liquid ammonia.

When we use any substance as a solvent for a protonic acid, the
acidic and basic species produced by dissociation of the solvent
molecules determine the limits of acidity or basicity in that solvent.
Thus, in water, we cannot have any substance or species more
basic than OH~ or more acidic than H;0" ; in liquid ammonia,
the limiting basic entity is NH ;. the acidic is NH} . Many common
inorganic acids, for example HCl, HNO;, H,SO, are all equally
strong in water because their strengths are ‘levelled’ to that of the
solvent species H;O ™. Only by putting them into a more acidic
solvent do they become weak acids, with determinate pK, values
which differentiate their strengths. Thus in glacial ethanoic (acetic)
acid as solvent, the order of strength of some common strong acids is

H,SO, > HCl > HNO,

As we shall see later, the limitations imposed by most solvents may
prevent us from being able to utilise the very strong basic character-
istics of some anions. However, at this point it is more useful to
consider other factors affecting the strengths of acids.

THE EFFECT OF STRUCTURE: ACID STRENGTH IN
WATER

Consider first two substances which have very similar molecules,
HF, hydrogen fluoride and HCI. hydrogen chloride; the first is a
weak acid in water, the second is a strong acid. To see the reason
Consider the enthalpy changes involved when each substance in
Water dissociates to form an acid:
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AH® (kJmol™ )

HF HCl
1. HX(aq) » HX(g) 48 18
2. HX(g) - H(g) + X(g) 566 431
3 H(g) > H'(g) + ¢~ 1318 1318
4. X(g+e” - X"(g —-333 —-364
5. H*(g) » H*(aq) -1091 —-1091
6. X (g) » X" (aq) -515 - 381

HX(aq) - H*(aq) + X "(aqg) -7 —-69

Clearly, the higher enthalpy of solution I and bond dissociation
energy 2 of hydrogen fluoride outweigh the greater hydration
enthalpy of F~, 6, and AH73,, for HF, 7 is quite small; this means a
smaller pK, value than for HCL Clearly, one important factor in
determining acid strength is the strength of the X—H bond; in
many inorganic substances, this is in lact an O-- H bond. lor example
in water (a weak acid) and in HNO,, H,SO, (strong acids). For
water, the strength of the O—H bond is decreased (and the acid
strength increased) by co-ordination of the water to a small highly
charged cation. This means that species such as [Al(H,0)4]** are
quite strongly acidic; the relevant equilibria have already been
discussed in some detail.

Many of the inorganic oxoacids are strong (ie. have negative
pK, values) in aqueous solution. But, as we have seen, use of a
solvent with a lower proton affinity than water (for example pure
ethanoic (acetic) acid makes it possible to differentiate between the
strengths of these acids and measure pK, values. The order of
strength of some typical oxoacids is then found to be (for H, X —
H,. X" + H"):

H,CO; carbonic acid OC(OH),
increasing | H;PO, phosphoric(V) acid OP(OH),
strength | H,SO, sulphuric acid 0,S(OH),

HCIO, chloric(VI) (perchloric) acid O;C(OH)

If the formulae of the acids are written as shown on the right, it
becomes apparent that acid strength increases as the number of
oxygen atoms not involved in O—H bonding increases.

THE EFFECT OF STRUCTURE: BASE STRENGTH

A base must be capable of accepting protons; for this, at least one
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lone pair of electrons is a prerequisite, since an electron pair is
needed to attach a proton. In general, base strength (a) decreases as
the number of lone pairs increases, (b) increases as the size of the
base molecule or ion decreases. and (c) increases as the negative
charge on the base increases. As an example of the effect of lone
pairs, consider the sequence NH3, H,0, HF. All are neutral mole-
cules and are of similar size; but the marked decrease of base
strength from NH,; to HF occurs as the number of electron pairs
increases from one to three. The effect of size has already been
observed; both ions F~ and Cl”, with four lone pairs each, are
weak bases, but F~ is a stronger base (loses its proton less readily)
than is Cl~ because F~ is smaller. The effect of charge can be
considerable: of the two species H,O and OH ", the latter is by far
the stronger base, even though it has three lone pairs as against two
in H,0. It we consider O~ (for example, in K,0), with four lone
pairs, but a double negative charge, this is so strongly basic that it
reacts with water thus:

02" + H,0 - 20H"

As an example of a really strong base, the hydride ion H™ (for
example in NaH) is unique; it has one lone pair, a negative charge
and a very small size. Like O%", it is too strong a base to exist in
water :

H- + H,0 > H, + OH"

Since, generally, any base stronger than OH™ will react with
water to produce OH~ we must use another solvent to ‘observe’
very strong bases. The high base strengths of the hydride ion and
the oxide ion can best be observed in molten salts as solvents*, since
hydrides and ionic oxides are either insoluble in ordinary solvents
or attack them.

For very strong acids, it is usually possible to use a solvent of a
more conventional kind; thus, for example, the acid HBF,, tetra-
fluoroboric acid, is extremely strong, because attachment of the
hydrogen to the tetrafluoroborate group BF, is essentially ionic,
H*BF; and hence dissociation to an acid is very easy. Hence
HBF, behaves as a strong acid in, for example, an organic solvent,
in which it can be used.

* Thus. the strongly basic oxide ion O?" attacks the weakly acidic SiO, in a molten
salt as solven! (p. 187):

Si0, + 02" - Si0%"
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OTHER CONCEPTS OF ACIDS AND BASES

Liquid ammonia (p. 216). like water. is very slightly dissociated. and
shows a very small electrical conductance:

O)NH,=NH] + NH;
o 2H,0=H,0" + OH"

By analogy, ammonium salts should behave as acids in liquid
ammonia, since they produce the cation NH (the ‘solvo-cation’),
and soluble inorganic amides (for example KNH,, ionic) should act
as bases. This idea is borne out by experiment ; ammonium salts in
liquid ammonia react with certain metals and hydrogen is given off.
The neutralisation of an ionic amide solution by a solution of an
ammonium salt in liquid ammonia can be carried out and followed
by an indicator or by the change in the potential of an electrode.
just like the reaction of sodium hydroxide with hydrochloric acid in
water. The only notable difference is that the salt formed in liquid
ammonia is usually insoluble and therefore precipitates.

Other liquid inorganic compounds show the "auto-dissociation
characteristic of water and liquid ammonia ; for example, dinitrogen
tetroxide (p. 231), as well as undergoing the more familiar homolytic
dissociation

)

N O heat 7NO
2M4 ol © 2
can also dissociate thus:

N,0, = NO* + NO;

1.e. a heterolytic dissociation, giving ions, and therefore producing a
slight electrical conductance. By analogy, compounds containing
the ion NO™ (the nitrosyl cation) should behave as acids and nitrates
as bases in liquid dinitrogen tetroxide. The neutralisation reaction

NOCl  + KNO; -» KCl + N,0,

nitrosyl chloride  potassium  salt  solvent
(acid) nitrate
(base)

does in fact occur in liquid dinitrogen tetroxide. Just as some metals
dissolve in water or alkali to give off hydrogen and yield hydroxides.
metals can dissolve in dinitrogen tetroxide to give off nitrogen
oxide and yield nitrates; this type of reaction has been used to
produce an anhvdrous nitrate of copper(Il) which has unexpected
properties {p. 413).



ACIDS AND BASES: OXIDATION AND REDUCTION 91

Hence, acids can be defined as substances producing cations
characteristic of the solvent (solvo-cations. for example H,O",
NH;, NO™), and bases as substances producing anions character-
istic of the solvent (solvo-anions, for example OH", NH;, NOJ).
This concept has been applied to solvents such as liquid sulphur
dioxide, liquid hydrogen chloride and pure sulphuric acid.

We have seen that a base can be defined as combining with a
proton and, therefore, requires at least one lone pair of electrons. A
more general definition of acids and bases, due to G. N. Lewis,
describes a base as any species (atom, ion or molecule) which can
donate an electron pair, and an acid as any species which can
accept an electron pair—more simply, a base is an electron-pair
donor, an acid an electron-pair acceptor. Some examples of Lewis
acids and bases are:

Acid Base *Neutralisation” reaction
AlCI, NH, AICl; + NH, —» H;N:AICI,
SO, N(CH,), SO; + N(CH,); = (CH,);N:SO,
Ag” NH, Ag* + 2NH,; - [Ag(NH,),]"
CO, 02~ CO, + 0" - CO%~

These other concepts of acids and bases are not so easily applied
quantitatively as the Lowry-Bronsted concept. Nevertheless they
have proved to be very useful as ways of classifying chemical sub-
stances and—more importantly—these ideas have been a stimulus
to many advances in inorganic chemistry.

REDUCTION-OXIDATION PROCESSES

The term oxidation was originally applied to the formation of a
meta] oxide by the direct combination of the metal and oxygen. For
example,

2Mg + O, - 2MgO

The reverse of this process was termed reduction and reagents which
removed oxygen were termed reducing agents. Consider the reactions

L CuO + H, » Cu + H,O
2. ZnO + C->2n+ CO

In reaction 1 hydrogen is the reducing agent, as it temoves
Oxygen, but we should also note that the hvdrogen. in accepting
Oxygen, to form water, is itself oxidised. Carbon, in example 2, is the
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reducing agent, being itself oxidised by accepting oxygen. Here we
see immediately that both processes, oxidation and reduction, must
occur simultaneously.

Reduction was then defined as the removal of oxygen or the
addition of hydrogen, whilst oxidation was the addition of oxygen
or the removal of hydrogen.

These definitions are still valuable, especially in organic chemistry;
for inorganic reactions they require extension. It was soon recognised
that substances other than oxygen can behave as oxidising agents.
The conversion of aqueous sulphur dioxide solution to sulphuric
acid, for example, can be accomplished using mercury(Il) oxide or
chlorine water, the equations being most simply represented as

2 SO, + 2H,0 + Cl, - H,80, + 2HCl

and the oxidation being from sulphur(IV) to sulphur(VI). It follows
that the reaction simply represented as

can be described as an oxidation of iron(Il) to iron(I1l). Since like
many other inorganic compounds the iron(1I) and iron(III) chlorides
form ions in solution, this oxidation could be represented by the
ionic equation

Fe**(aq) » Fe’*(aq) + ¢

Thus an oxidising agent is identified as an electron acceptor and the
oxidation of iron(II) by chlorine can be written as two ‘half” equa-
tions, viz.

1. 2Fe**(aq) —» 2Fe**(aq) + 2e”
2 Clot2e” 200
' 2Fe**(aq) + Cl, - 2Fe**(aq) + 2C1~
Reduction can now be defined as a process in which electrons are
acquired and oxidation a process in which electrons are released.

These definitions are often difficult to remember and the following
simplification may be helpful:

X3T o X o Xt o X0 XXt

reduction

Thus, the reducing agent causes reduction to take place, i.e. causes
a reduction in the positive charge ; it must therefore supply electrons.
It follows immediately that the oxidising agent must accept electrons.
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ELECTRON TRANSFER

Using the electron transfer definition, many more reactions can be
identified as redox (reduction-oxidation) reactions. An example is
the displacement of a metal from its salt by a more reactive metal.
Consider the reaction between zinc and a solution of copper(Il)
sulphate, which can be represented by the equation

CuSO, + Zn - ZnSO, + Cu
This can be written as two simple ionic ‘half’ equations
1. Cu?*(aq) + 2¢~ — Cu(s)
2. Zn(s) » Zn?* (aq) + 2¢”
Cu?*(aq) + Zn(s) = Zn2*(aq) + Culs)
In raction 1 the copper ions are being reduced; zinc is responsible
and is therefore the reducing agent. In reaction 2, which occurs
simultaneously, the zinc is being oxidised and the copper(I]) ions are
responsible and must therefore be the oxidising agent. Electron

transfer in this case can easily be established using the apparatus
shown in Figure 4.1. When M is a valve voltmeter taking no current

(M)

N —-L
Copper
|~

Salt bridge

Zinc (1D sulphate Copper(Il) sulphate
solution solution

Figure 4.1. Apparatus to show electron transfer between copper and :zinc

it gives an indication of the differing energy of the two systems
(p.97); when M is an ammeter, electron flow is from the zinc (the
negative), which is being oxidised, to the copper (the positive) and
hence to the copper(Il) ions, which are being discharged and
therefore reduced. The salt bridge is filled with an electrolyte,
usually potassium chloride solution, to complete the circuit. This
cell is more commonly encountered as the Daniell cell in the form
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Voltmeter

Zinc rod
Porous pot

,

—Zinc sulphate
-4 solution

*Copper (H)ﬂréurlbr;cﬂi-ie solutio

Figure 4.2. The Daniell cell. an example of an clectrochemiral cell

shown diagrammatically in Figure 4.2. A series of experiments using
different metals and their salts enables an approximate order of
reducing power, or of reactivity, to be established for metals---this
is known as the reactivity or electrochemical series.

Electron transfer can be established experimentally in reactions
involving only ions in solution. Inert electrodes, made from platinum,
are used to transfer electrons to and from the ions. The apparatus
used is shown in Figure 4.3. the redox reaction being considered

Salt bridge

Platinum electrode:

Fe2+(0q) Br, (aq)

Fignre 4.3 Apparatus to show electron transfer betiween jons and solution
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can be represented as
2Fe?*(aq) + Br,(aq) —» 2Fe®**(aq) + 2Br"(aq)

When M is a voltmeter an indication of the energy difference
between the reactants and products is obtained (see below). A
current passes when M is an ammeter, and if a little potassium
thiocyanate is added to the Fe?*(aq) a red colour is produced
around the electrode, indicating the formation of iron(III) ions in
solution ; the typical bromine colour is slowly discharged as it is
converted to colourless bromide Br~.

A series of experiments can be performed and an order of re-
ducing power established.

STOICHIOMETRY OF REDOX REACTIONS

Since electrical neutrality must be maintained in a redox reaction,
the total number of electrons lost by the reducing agent must equal
the total number of electrons gained by the oxidising agent. For
example, if each atom of the reducing agent gives three electrons,
and each atom of the oxidising agent accepts two electrons, i.e.

(i) A A 4 36

(11) B + 2¢” - B*"
then the stoichiometry is (i) x 2, and (ii) x 3 so that electrical
neutrality is maintained, i.c. 2A + 3B — 2A%* + 3B*".

We have discussed the simple ionic reaction

2Fe?*(aq) + Bry(aq) — 2Fe**(ag) + 2Br~(aq)

but when complex ions are involved the use of oxidation states
proves useful. The oxidation state for a simple ion is the charge on
the ion; for the central atom of a complex ion it is the charge the
element in question would have if it was a simple ion, i.e. not co-
ordinated or bonded to other species. Oxidation states can be
deduced from the following assumptions:

Element Oxidation state
Alkali metals, Group 1 +1
Alkaline earth metals, Group II +2
Oxygen —2 (except in peroxides)
Hydrogen + 1 (except in metal hydrides)

Uncombined elements are all given zero oxidation state. Consider
(a) manganese in the permanganate ion, MnOj : there are four
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oxvgens. each —2. total —8; overall charge on ion = —1. hence
the oxidation state of Mn = x 7, ie. manganate(V1l) ion. (b)
Chlorine in the chlorate ions, ClO; —there are three oxygens, each
—2, total —6; overall charge on ion = —1, hence the oxidation
state of Cl = +5 and the ion is a chlorate(V) ion. Chromium in
the dichromate ion Cr203“; there are seven oxygens each —2,
total = —14; overall charge on ion = —2, hence chromium atoms
share 12 formal positive charges and so the oxidation state of
chromium is + 6. and the ion is dichromate(VI).

Oxidation states can be used to establish the stoichiometry for an
equation. Consider the reaction between the manganate(VII) (per-
manganate) and ethanedioate (oxalate) ions in acidic solution.
Under these conditions the MnO, (aq) ion acts as an oxidising
agent and it is reduced to Mn?" (aq), i.c.

Mn"" + Se” - Mn?*

The full half equation is
(i) MnOj(aq) + 8H;0" + 5¢”~ —» Mn?*(aq) + I12H,0

The ethanedioate (oxalate) ion C,03%"(aq) is oxidised to carbon
dioxide, i.e.

(ii) C,02"(aq) - 2CO, + 2e”

To maintain electrical neutrality in the reaction we need to multiply
(i) by 2 and (ii) by 5. ten electrons being transferred. The overall
reaction then becomes

2MnO; (aq) + 16H,0* + 10e~ — 2Mn?*(aq) + 24H,0
5C,02%"(aq) - 10CO, + 10e”

2MnOj (aq) + 16H;0" + 5C,0%" - 2Mn?*(aq)
+ 24H,0 + 10CO,

Consider also the oxidation of iron(Il) ions by dichromate(VI)
ions in acidic solution. The Cr,02" is reduced to Cr**(aq)

Cr,0%7(aq) + 6¢” — 2Cr**(aq)
The full half equation is
(i) Cr,0%7(aq) + 6e” + 14H,0" - 2Cr**(aq) + 21H,0
The Fe?*(aq) is oxidised to Fe®“(aq), ie.
(i1) Fe?*(aq) » Fe’*"(aq) + e~
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Thus the equation for the reaction is:

Cr,0%"(aq) + 6Fe?*(aq) + 14H;0* - 2Cr’*(aq) + 6Fe**(aq)
+ 21H,0

STANDARD REDOX POTENTIALS

When the reaction between zinc and copper(Il) sulphate was carried
out in the form of an electrochemical cell (p. 94), a potential differ-
ence between the copper and zinc electrodes was noted. This
potential resulted from the differing tendencies of the two metals to
form ions. An equilibrium is established when any metal is placed
in a solution of its ions.

The enthalpy changes AH involved in this equilibrium are (a) the
heat of atomisation of the metal, (b) the ionisation energy of the
metal and (c) the hydration enthalpy of the metal ion (Chapter 3).

For copper and zinc, these quantities have the values (kJ mol " !):

Heat of Sum of Ist and 2nd Hydration

atomisation ionisation energies enthalpy AH
Cu 339 2703 ~2100 +942
Zn 126 2640 — 2046 +720

For the equilibrium M(s) = M?*(aq) + 2¢", it might then be
{correctly) assumed that the equilibrium for copper is further to the
left than for zinc, i.e. copper has less tendency to form ions in
solution than has zinc. The position of equilibrium (which depends
also on temperature and concentration) is related to the relative
reducing powers of the metals when two different metals in solutions
of their ions are connected (as shown in Figure 4.1 for the copper-
zinc cell); a potential difference is noted because of the differing
equilibrium positions.

Since it is not possible to measure a single electrode potential, one
electrode system must be taken as a standard and all others measured
relative to it. By international agreement the hydrogen electrode has
been chosen as the reference:

H,(g) = 2H*(aq) + 2¢~

This electrode, shown diagrammatically in Figure 4.4, is assigned
zero potential when hydrogen gas at one atmosphere bubbles over
Platinised platinum in a solution of hydrogen ions of concentration
1 mol 1™ ! (strictly, at unit activity).
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(=

<——H2

Figure 4.4. The hydrogen electrode

Standard redox potentials for metals (usually called efectrode
potentials), E®, are measured at 298K relative to a standard
hydrogen electrode for the pure metal in a solution containing
Imoll™! of its ions and at pH = 0 (ie. containing 1 moll !
hydrogen ions). (The importance of pH is stressed later, p. 101.) If
the metal is a better reducing agent than hydrogen the metal will

Table 4.2

STANDARD REDOX POTENTIALS OF SOME COMMON METALS
Reaction E=(V)

Li*(aq) + ¢~ — Lis) -3.04
K*(aq) + e” - K{s) -29
Ba2*(aq) + 2¢~ — Bal(s) -290
Ca’*(aq) + 2¢” — Cals) —287
Na'(aq) + e~ — Na(s) -2.71
Mg?*(aq) + 2¢” — Magls) -237
Al**(aq) + 3e” — Alfs) —1.66
Zn**(aq) + 2¢” — Zn(s) -0.76
Fe?*(aq) + 2¢~ — Fe(s) Increasing  —0.44
Ni2*(ag) + 2¢~ — Nifs) reducing -025
Sn?"(aq) + 2¢” — Snfs) power -0.14
Pb2"(aq) + 2¢” — Pb(s) -0.13
Fe**(aq) + 3¢~ — Fels) -004
H,;0" + ¢” - iH,(g + H,0O) 0.00
Cu“*(aq) + 2e~ — Cufs) +0.34
AgT(aq) + e” — Agls) +0.80
Hg2*(aq) + 2¢” — Hgl(s) +0.386
Au“(aqg) + 3¢~ — Au(s) +1.50
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lose electrons more readily than hydrogen and, therefore, be negative
with respect to the hydrogen electrode. Table 4.2 gives the standard
redox potentials of some common metals. By convention the
oxidised state is always written on the left-hand side.

Redox half-reactions are often written for brevity as, for example,
Lit + ¢7 — Li. with the state symbols omitted. The electrode
system represented by the half-reaction may also be written as
Li*/Li. The standard redox potentials for ion-ion redox systems
can be determined by setting up the relevant half-cell and measuring
the potential at 298 K relative to a standard hydrogen electrode.
For example, the standard redox potential for the half-reactions

Fe3*(aq) + e~ - Fe?'(aq)

can be determined by measuring the potential of a half-cell, made
1 molar with respect to both iron(II) and iron(III) ions, and in which
a platinised platinum electrode is placed, relative to a standard
hydrogen electrode at 298 K.

—t

3IFzl—— Saturated KCL
= solution

f:fk Mercury

: Hole
\\Glcss sleeve

Ring

chloride

Figure 4.5

_ For many purposes the hydrogen electrode is not convenient and
It can be replaced by another cell of known standard electrode
Potential. A well-known example is the calomel cell shown in
Figure 4.5.

A number of redox potentials for ion-ion systems are given in
Table 4.3 ; here again, state symbols are often omitted.
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Table 4.3
REDOX POTENTIALS FOR ION~10N SYSTEMS (ACID SOLUTIONS)
E W)
Sn**(aq) + 2¢” - Sn?”(aq) +0.15
Hy(s) + e - 17(aq) +0.54
Fe**(aq) + e — Fe?"(aq) +0.76
Increasing | 4Br,(l) + ¢e” - Br (aq) Increasing  +1.07
oxidising 10;(aq) + 6H;0* + Se” — I (s) + 9H,0 reducing  +1.19
power 0O,(g) + 4H; 0 + 4 - 6H,0 power +123
Cr,02"(aq) + 14H;0* + 6¢° — 2Cr**(aq)
+21H,0 +133
1Cly(g) + e~ - Cl™(aq) +1.36
MnO;(aq) + 8H,0" + 5S¢~ - M?*(aq)
+12H,0 152
$F,g) + e - F(aq) +2.80

THE EFFECT OF CONCENTRATION AND
TEMPERATURE ON POTENTIALS

Changes in ion concentration and temperature influence redox
potentials by affecting the equilibrium

M(s) = M"*(aq) + ne”

The change in the redox potential is given quantitatively by the
Nernst equation:

RT
E=E®+ “F log, [(M"* (aq)]

where E is the actual electrode potential, E¥ is the standard electrode
potential, R the gas constant, Tthe temperature in K, F the Faraday
constant and n the number of electrons.

Substituting for R and F and for a temperature of 298 K this
equation approximates to:

0.
£ = o s 2% g, v g

The redox (electrode) potential for ion-ion redox systems at any
concentration and temperature is given by the Nernst equation in

the form
RT
E=E®+ -—log
nF

Qxiised state
* | Reduced state
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(Note that the equation for metal-metal ion systems is a special case
of this general equation since the reduced state is the metal itself
and the concentration of a solid is a constant and omitted from the
equation.)

THE EFFECT OF CHANGE OF LIGAND AND pH ON
REDOX POTENTIALS

The data in Tables 4.2and 4.3 refer to ions in aqueous acid solution;
for cations, this means effectively [M(H,0),]"" species. However,
we have already seen that the hydrated cations of elements such as
aluminium or iron undergo ‘hydrolysis’ when the pH is increased
(p. 46). We may then assume (correctly), that the redox potential
of the system

Fe’**(aq) + ¢~ — Fe?'(aq)

will change with change of pH. In fact, in this example, change of pH
here means a change of ligand since, as the solution becomes more
alkaline, the iron(I1I) species in solution changes from [Fe(H,0)¢]* *
to [ Fe(OH);(H,0);] (i.e. iron(IIT) hydroxide). The iron(II) species
changes similarly. The redox half-reaction then becomes

[Fe(OH),(H,0),] + ¢~ — [Fe(OH),(H,0),] + OH"

for which E€ is — 0.56 V. compared with E® = + 0.76 V in acid
solution; thus in alkaline conditions, iron(II) becomes a good
reducing agent, i.e. is easily oxidised.

When the water ligands around a cation are replaced by other
ligands which are more strongly attached. the redox potential can
change dramatically, for example for the cobalt(II)-cobalt(III)
system we have

() [Co™H,0)¢]** + ¢ - [Co'(H,0)4]** :E® = + 181V
(i) [Co™(NH,)]**(aq) + e~ - [Co"(NH,),]**(aq):E® = +0.1V

(iii) [Co™CN),]*"(aq) + e~ — [COCN),(H,0)]*"(aq) + CN":
ES= —083V

Half-reaction (ij means that Co(II) in aqueous solution cannot be
oxidised to Co(IlI); by adding ammonia to obtain the complexes
in (ii), oxidation is readily achieved by, for example. air. Similarly, by
adding cyanide. the hexacyanocobaltate(Il) complex becomes a
sufficiently strong reducing agent to produce hydrogen from water!
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When either hydrogen ions or hydroxide ions participate in a
redox half-reaction, then clearly the redox potential is affected by
change of pH. Manganate(VII) ions are usually used in well-
acidified solution, where (as we shall see in detail later) they oxidise
chlorine ions. If the pH is increased to make the solution only
mildly acidic (pH = 3-6), the redox potential changes from 1.52 V
to about 1.1 V. and chloride is not oxidised. This fact is of practical
use ; in a mixture of iodide and chloride ions in mildly acid solution.
manganate(VII) oxidises only iodide; addition of acid causes
oxidation of chloride to proceed.

Other important effects of ligand and pH changes on redox
potentials will be given under the appropriate element.

USES OF REDOX POTENTIALS

Reaction feasibility predictions

When the em.f. of a cell is measured by balancing it against an
external voltage, so that no current flows, the maximum em.f. is
obtained since the cell is at equilibrium. The maximum work
obtainable from the cell is then nFE J, where n is the number of
electrons transferred, F is the Faraday unit and E is the maximum
cell em.f. We saw in Chapter 3 that the maximum amount of work
obtainable from a reaction is given by the free energy change, i.e.
— AG. Hence

—AG = nFE

or
AG = — nFE

For a half-cell under standard conditions this becomes
AG® = — nFE®

where AG® and E*® are the free energy and redox potential under
standard conditions. In Chapter 3 we also noted that for a reaction
to be energetically feasible the total free energy must fall. ie. AG
must be negative. An increase in free energy indicates that the
reaction cannot proceed under the stated conditions. The relation-
ship AG = —nFE can now be used to determine reaction feasi-
bility. Let us consider first the oxidation of iron(II) to iron(III) by
bromine in aqueous solution. i.e.

2Fe?* (aq) + Br,(aq) —» 2Fe®*" (aq) + 2Br "~ (aq)
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We can determine the energetic feasibility for this reaction from the
two half-reactions:

Reaction ETVy AG= = —nFE*
Fe’*(aq) + ¢~ —» Fe?*(aq) +0.76 -1 x 96487 x 1+0.76)
Fe® 1aq) » Fe’*(aq) + ¢~ -0.76 —1 x 96487 x 1 —0.76)
o {i) 2Fe?*(aq) —» 2Fe3"(aq) + 2¢~ -0.76 -2 x 96487 x 1 —0.76)
AG;, = +146.7kJ
iBry(aq) + ¢ — Br{aq) +1.07 -1 x 96487 x (+1.07)
i) Brylaq) + 2¢” —» 2BrT(aq) 1.07 -2 x 96487 x (+1.07)
AGZ, = —-206.5kJ

Hence (i) and (ii) give

2Fe** (ag) + Br,(aq) — ZFAe3G+ (aciA)G+\2Br(“(laq)
= = + G5
(i) lii)
= + 146.7 + ( — 206.5)
= — 59.8k]

Thus the reaction is energetically feasible and does indeed take
place. It is interesting at this point to investigate the reasons why
iron(II) ions in aqueous solutions are quantitatively estimated by
titration using potassium manganate(VII) (permanganate) when
chloride ions are absent but by potassium dichromate(VI) when
chloride ions are present. The data for the oxidation of chloride ions
to chloride by (a) manganate(VII) and (b) dichromate(VI) ions under
standard conditions are given below :

(a) 2MnO; (ag) + 10Cl" (aq) + 16H,0"
— 2Mn?* (aq) + 24H,0 + 5Cl,(g)

Reaction E~1V) AG~ = —nFE
MnO; (aq) + 5¢~ + 8H,0" +1.52 —5 x 96487 x 