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Introduction

Cambridge International AS and A Level Chemistry uses
some of the content from Chemistry for Advanced Level, but
has been completely revised by the original authors to cater
for those students and teachers involved with the Cambridge
International Examinations syllabus 9701.

The book has been fully endorsed by Cambridge
International Examinations, and is listed as an endorsed
textbook for students studying this syllabus. The syllabus
content has been covered comprehensively, and has been
separated into AS material, which comprises Topics 1-19,
whilst the A Level material is dealt with in Topics 20-30.

All the Learning outcomes specified in the syllabus are
included in the book. At the start of each Topic the specific
Learning outcomes relevant to that Topic are clearly stated,
using the same wording as in the syllabus, so that students
can clearly see the syllabus areas covered by the Topic.

The chart on the following page summarises the syllabus
coverage in each Topic.

Throughout each Topic there are worked examples, with
answers, to illustrate the concepts recently introduced. These
are followed by a few ‘Now try this’ questions, allowing
students to test themselves. Answers to these questions are
on the accompanying Students’ CD-ROM.

Each Topic ends with a summary of the key points
covered, together with a list of key reactions where relevant.
Finally, several past examination questions have been
selected that illustrate how the subject matter of the Topic
has been assessed in the past. Answers to these questions
will be found on the Teachers’ CD-ROM.

To allow students and teachers to locate easily the various
aspects of the subject, the order of Topics is a logical one,
starting with the essential basic principles of physical chemistry
and then introducing the application of those principles firstly
to inorganic chemistry and then to organic chemistry. No
teaching order is implied by this, however. It has been found
that mixing principles and applications with factual content
throughout the course is often the best way to achieve a
deeper and broader understanding of chemistry. Teachers are
recommended to consult the schemes of work published by
Cambridge International Examinations on their website for
some suggested methods of delivering the subject material.

A feature of the new 2016 syllabus is the introduction of
Key concepts, These are essential ideas, theories, principles
or mental tools that help learners to develop a deep
understanding of their subject and make links between the
different topics. Although teachers are likely to have these
in mind at all times when they are teaching the syllabus, we
have included in the text the following icons at points where
the Key concepts relate to the text.

vi

f". Atoms and forces — Matter is built from atoms interacting
and bonding through electrostatic forces. The structure of
matter affects its physical and chemical properties, and
influences how substances react chemically.

Experiments and evidence — Chemists use evidence
gained from observations and experiments to build models
and theories of the structure and reactivity of materials.

Patterns in chemical behaviour and reactions — By
identifying patterns in chemical behaviour we can predict

& ©

the properties of substances and how they can be

transformed into new substances by chemical reactions. This

allows us to design new materials of use to society.

Chemical bonds — The understanding of how chemical
bonds are made and broken by the movement of electrons
allows us to predict patterns of reactivity.

Energy changes — The energy changes that take place
during chemical reactions can be used to predict both the

& ©

extent and the rate of such reactions.

This book has been designed to be accessible to all AS
and A Level students, but also attempts to go some way
towards satisfying the curiosity of the able student, and
to answering the questions of the inquisitive. Although
based firmly on the AS and A Level syllabus of Cambridge
International Examinations, teachers and students will find
the subject matter and style of questions make it suitable
for several other syllabuses. The subject matter has been
extended in some areas where an application, or a more
fundamental explanation, is deemed to be appropriate.
These extensions are clearly delimited from the main text in
panels, and can be bypassed on first reading.

The majority of students starting an AS course in
chemistry come from a background of IGCSE Chemistry
or Combined Science, and the initial chapters start at a
level and a pace that is suited to all such students. Some
students come to AS chemistry with the belief that they will
find the mathematics difficult, although the mathematical
concepts required for chemistry are simple in principle and
few in number. We hope to demonstrate that, as long as
the processes are understood, rather than learned by rote,
the mathematics in both the AS and A Level Topics is well
within the grasp of those who have gained a grade C at
IGCSE®.

Students also sometimes consider that chemistry is a
subject full of difficult concepts. This is not true. Most of



chemistry is based on the very simplest idea of electrostatics
— like charges repel, unlike charges attract. When the subtle
ramifications of this generalisation are studied during the
AS and A Level courses, students should constantly remind
themselves of the inherent simplicity of this relationship.
Chemistry is the central science, at the crossroads of
biology and its associated disciplines on the one hand, and
physics on the other. Chemistry relies on physics for its
understanding of the fundamental building blocks of matter,
and biology relies on chemistry for an understanding of the
structures of living organisms, and the processes that go on
inside them that we call life. Standing at this crossroads, the
chemist is uniquely positioned to understand, and make
significant contributions to, many interdisciplinary areas of
current and furure importance. The chemistry-based sciences
of biochemistry, genetic engineering, pharmacology, and
polymer and material science will all make increasing
contributions to our physical and material well-being in
the future. Chemists are also playing a key role in the fight
against industrial society’s pollution of our environment.
We hope you enjoy discovering the secrets of chemistry
during your AS/A Level course.
Peter Cann
Peter Hughes

® IGCSE is the registered trademark of Cambridge
International Examinations.

How the Cambridge Learning outcomes are covered by the 30 Topics
in this book

Topic | Learning outcomes Topic | Learning outcomes
1 1.1-1.5 16 17.11
2 2.1-2.3 17 18.1
3 3.2, 3.3, 3.50), 14. 3a) 18 19.1a),b}, 19.3
4 |3.1, 3.4, 3.53),b), 4.1, 19 |-
4.2, 4.33),0),d)
5 5.1a)-c), 5.2a) 20 2.3g), 5.1b), d), 5.2a),
5.3, 5.4,10.11),g)
B 1.5a)-c), 7.2a),h) 21 8.1¢)-h), 8.2c), 8.3e)
7 4.3h), 6.1, 6.3qg) 22 7.20-k), 7.3
8 5.2b), 8.1a),b), 8.2a),b), 23 6.2, 6.3, 6.4
8.3a)-d)
9 7.1 24 12:1, 122,123, 124,
12.5
10 9.1a)d), 9.2, 9.3, 25 14.3, 15.4,.17.2
10.1a)-e), 13.1, 13.2
11 11.1-11.5 26 17.1a), 19.1b)-a)
12 1.5h), 14.1a},b),.d),e), 27 20.1, 20.2, 203
14.2,14.4
13 15.1, 15.3a),b) 28 21.1, 212, 21.3, 21.4
14 14.3, 15.2 29 | 221,222, 223,224,
22.5
15 16.1, 16.2 30 231,232
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AS Level

Physical chemistry

1 Chemical formulae and moles

In this topic we introduce chemical
formulae, and show you how

these can be worked out using the
valencies (or combining powers) of
atoms and ions. We also introduce
the chemists’ fundamental counting
unit, the mole, and show you how
it can be used to calculate both
empirical formulae and the amounts
of substances that react, or are
formed, during chemical reactions.

As you read through the topic, study
the worked examples, and then try
the ‘Now try this’ questions that
follow them.

Figure 1.1 John Dalton
the modern Atomic Theory

who first suggested

( g
Learnlng outcomes
By the end of this topic you should be able to:

1.1a) define and use the terms relative atomic, isotopic, molecular and formula masses,
based on the '2C scale

1.2a) define and use the term mole in terms of the Avogadro constant

1.4a) define and use the terms empirical and molecular formula

1.4b) calculate empirical and molecular formulae, using combustion data or composition
by mass

1.5a) write and construct balanced equations

1.5b) perform calculations, including use of the mole concept, involving reacting
masses (from formulae and equations), volumes of gases (e.qg. in the burning of
hydrocarbons), volumes and concentrations of solutions, and relate the number of
significant figures in your answers to those given or asked for in the question

1.5¢) deduce stoichiometric relationships from calculations such as those in 1.5b).

\

1.1 Introduction
What is chemistry?

Chemistry is the study of the properties of matter. By matter, we mean the
substances that we can see, feel, touch, taste and smell — the stuff that makes up the
material world. Passive observation forms only a small part of a chemist’s interest
in the world. Chemists are actively inquisitive scientists. We trv to understand why
matter has the properties it does, and how to modify these properties by changing
one substance into another through chemical reactions.

Chemistry as a modern science began a few hundred years ago, when
chemists started to relate the observations they made about the substances
they were investigating to theories of the structure of matter. One of the most
important of these theories was the Atomic Theory. It is just over 200 years
since John Dalton put forward his idea that all matter was composed of atoms.
His theory stated that:

@ the atoms of different elements were different from each other

@ the atoms of a particular element were identical to each other

® all atoms stayed the same over time and could be neither created nor destroyed

@ all matter was made up from a relatively small number of elements (Dalton thought
about 50) combined in various ways.

Although Dalton’s theory has had to be modified slightly, it is still a useful starting
point for the study of chemistry.
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Figure 1.2 Some examples of the economic,

medical and agricultural benefits of chemistry

Since that time chemists have uncovered and explained many of the world's
mysteries, from working out how elements are formed within stars to discovering
how our genes replicate. On the way they have discovered thousands of new
methods of converting one substance into another, and have made millions of new
substances, many of which are of great economic and medical benefit to the human

race (see Figure 1.2).

Classifying matter — elements, compounds and
mixtures

Chemists classify matter into one of three categories.

e Elements contain just one sort of atom. Although the atoms of a particular element
may differ slightly in mass (see section 2.3), they all have identical chemical
reactions. Examples of elements include hydrogen gas, copper metal and diamond
crystals (which are carbon).

& Compounds are made up from the atoms of two or more different elements,
bonded together chemically. The ratio of elements within a particular compound is
fixed, and is given by its chemical formula (see page 7). The physical and chemical
properties of a compound are always different from those of the elements that
make it up. Examples of compounds include sodium chloride (containing sodium
and chlorine ions), water (containing hydrogen and oxygen atoms) and penicillin
(containing hydrogen, carbon, nitrogen, oxygen and sulfur atoms).
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® Mixtures consist of more than one compound or element, mixed but not chemi-
cally combined. The components can be mixed in any proportion, and the proper-
ties of a mixture are often the sum of, or the average of, the properties of the
individual components. Examples of mixtures include air, sea water and alloys
such as brass.

1.2 Intensive and extensive properties

The properties of matter may be divided into two groups.

e The extensive properties depend on how much matter we are studying. Common
examples are mass and volume — a cupful of water has less mass, and less volume,
than a swimming pool.

® The other group are the intensive properties, which do not depend on how
much matter we have. Examples include temperature, colour and density. A copper
coin and a copper jug can both have the same intensive properties, although the
jug will be many times heavier (and larger) than the coin.

The chemical properties of a substance are also intensive. A small or a large lump of
sodium will react in the same way with either a cupful or a jugful of water. In each case it
will fizz, give off steam and hydrogen gas, and produce an alkaline solution in the water.

>,

-":”'.nil drop. e

clean water
covered with powder

Figure 1.3 The oil-drop experiment

The oil-drop experiment

A bowl is filled with clean water and some fine powder, such as pollen grains or
four, is sprinkled over the surface. A small drop of oil is placed on the surface
of the water, as shown in Figure 1.3. The oil spreads out. As it does so, it pushes
the powder back, so that there is an approximately circular area clear of powder.
We can measure the volume of one drop by counting how many drops it
takes to fill a micro measuring cylinder. (If we know the oil's density, an easier
method would be to find the mass of, say, 20 drops.) We can caleculate the area
of the surface film by measuring its diameter. Assuming the volume of oil does
not change when the drop spreads out, we can thus find the thickness of the film.
This cannot be smaller than the length of one oil molecule (though it may be
bigger, if the film is several molecules thick — there is no way of telling). The
following are typical results:

volume of drop = 1.0 x 104 em?

diameter of oil film = 30cm

SO radius of film = 15ecm
area of film = m¥?
=3.14 % 15%°cm?®
= 707 cm?
volume = area X thickness
volume
so thickness =
area

_ 1.0x 11!)_4cm3
707 cm®

=1.4x107cm (1.4 x 107%m)
Distances this small are usually expressed in units of nanometres:
1 nanometre (nm) = 1 % 107 metres (m)

So the film is 1.4nm thick. Oil molecules cannot be larger than this.
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Flgure 1.4 Coloured scanning tunnelling
glectron micrograph of carbon nanotubes,
comprised of rolled sheets of carbon atoms
Individual atoms are seen as raised bumps on
the surface of the tubes.

Table 1.1 Standard form

standard form | Fully written-out
equivalent
6% 102 600
7.142 %107 | 71420000
2x10°° 0.000002
3.8521 x 10™ 0.00038521

1.3 The sizes of atoms and molecules

Just as we believe that elements are composed of identical atoms, so we also believe
that compounds are made up of many identical units. These units are the smallest
entities that still retain the chemical properties of the compound. They are called
molecules or ions, depending on how the substance is bonded together (see Topics 3
and 4). Molecules contain two or more atoms bound together. The atoms may be of
the same element (e.g. ozone, O3, which contains three atoms of oxygen) or different
elements (e.g. water, H;O, which contains two atoms of hydrogen and one atom of
oxygen). Ions are atoms, or groups of atoms, that carry an electrical charge.

Molecules are extremely small — but how small? Sometimes, a simple
experiment, a short calculation and a little thought can lead to quite an amazing
conclusion. The well-known oil-drop experiment is an example. It allows us to
obtain an order-of-magnitude estimate of the size of a molecule using everyday
apparatus (see the experiment on page 3).

Because molecules are made up of atoms, this means that atoms must be even
smaller than the oil molecule. We can measure the sizes of atoms by various
techniques, including X-ray crystallography. A carbon atom is found to have a
diameter of (.15 nm. That means it takes 6 million carbon atoms touching one another

to reach a length of only 1mm!

Standard form

The numbers that chemists deal with can often be very large, or very small. To
make these more manageable, and to avoid having to write long lines of zeros
(with the accompanying danger of miscounting them), we often express numbers in
standard form.

A number in standard form consists of two parts, the first of which is a number
between 1 and 10, and the second is the number 10 raised to a positive or negative
power. Some examples, with their fully written-out equivalents, are given in Table 1.1.
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If the 10 is raised to a positive power, the superscript tells us how many digits to

the right the decimal point moves. As in the examples in Table 1.1, we often need

to write extra zeros to allow this to take place. If the 10 is raised to a negative
power, the superscript number tells us how many digits to the left the decimal point
moves. Here again, we often need to write extra zeros, but this time to the left of the
original number.

Significant figures

In mathematics, numbers are exact quantities. In contrast, the numbers used in
chemistry usually represent physical quantities which a chemist measures. The
accuracy of the measurement is shown by the number of significant figures to which
the quantity is quoted.

If we weigh a small coin on a digital kitchen scale, the machine may tell us that it
has a mass of 4g. A one-decimal-place balance will show its mass as 3.5g, whereas
on a two-decimal-place balance its mass will be shown as 3.50g. We should interpret
the reading on the kitchen scale as meaning that the mass of the coin lies between
3.5 g and 4.5g. If it were just a little lighter than 3.5g, the scale would have told us
that its mass was 3 g. If it were a little heavier than 4.5 g, the read-out would have
been 5g. The one-decimal-place balance narrows the range, telling us the mass of
the coin is between 3.45g and 3.55g. The two-decimal-place balance narrows it still
further, to between 3.495g and 3.505g.

In this way the number of significant figures (1, 2 or 3 in the above examples) tells
us the accuracy with which the quantity has been measured.

The same is true of volumes. Using a 100 cm® measuring cylinder, we can measure
a volume of 25cm?® to an accuracy of £0.5 cm?, so we would quote the volume
as 25cnt’. Using a pipette or burette, however, we can measure volumes to an
accuracy of +0.05 cmi, and so we would quote the same volume as 25.0 cm” (that is,
somewhere between 24.95cm? and 25.05em?).

Most chemical balances and volumetric equipment will measure quantities to 3 or
4 significant figures. Allowing for the accumulation of errors when values are
calculated using several measured quantities, we tend to quote values to 2 or 3
significant figures.

In the examples in Table 1.1, the number 6 x 10* has 1 significant figure, and the
number 7.142 % 107 has 4 significant figures.

1.4 The masses of atoms and molecules

Being so small, atoms are also very light. Their masses range from 1 x 107#g 1o

1 % 107 g. It is impossible to weigh them out individually, but we can accurately

measure their relative masses, that is, how heavy one atom is compared with ancther.

The most accurate way of doing this is by using a mass spectrometer (see section 2.5).
Originally, the atomic masses of all the elements were compared with the mass of

an atom of hydrogen:

. . mass of oneatom of E
relative atomic mass of element E =

mass of one atom of hydrogen

This is because hydrogen is the lightest element, so the relative atomic masses of all
other elements are greater than 1, which is convenient.

Because of the existence of isotopes (see section 2.3), and the central importance
of carbon in the masses of organic compounds, the modern definition uses the
isotope carbon-12, %C, as the standard of reference:

average mass of one atom of E
Lthe mass of one atom of '*C

relative atomic mass of element E=
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Figure 1.5 One-tenth of a mole of each
of the elements aluminium, sulfur, bromine
and lead

The difference between the two definitions is small, since a carbon-12 atom has
almost exactly 12 times the average mass of a hydrogen atom (the actual ratio is
11.91:1). Relative atomic mass is given the symbol A,. Since it is the ratio of two
masses, it is a dimensionless quantity — it has no units. We shall be looking at
isotopes, and relative isotopic mass, in more detail in Topic 2, where we investigate
the structure of atoms.

The masses of atoms and sub-atomic particles (see Topic 2) are often expressed in
atomic mass units. An atomic mass unit (amu) is defined as 1/12 the mass of one
atom of carbon-12. Tt has the value of 1.6606 x 107 g,

Although we cannot use a laboratory balance to weigh out individual atoms, we
can use it to weigh out known ratios of atoms of various elements, as long as we
know their relative atomic masses. For example, if we know that the relative atomic
masses of carbon and magnesium are 12.0 and 24.0 respectively, we can be sure that
12.0 g of carbon will contain the same number of atoms as 24.0 g of magnesium. What
is more, 24.0g (12.0 x 2) of carbon will contain twice the number of atoms as 24.0g of
magnesium. Indeed, we can be cenain that any mass of carbon will contain twice
the number of atoms as the same mass of magnesium, since the mass of each carbon
atom is only half the mass of a magnesium atom.

Similarly, if we know that the relative atomic mass of helium is 4.0 (which is
one-third the relative atomic mass of carbon), we can deduce that identical masses
of helium and carbon will always contain three times as many helium atoms as
carbon atoms.

1.5 The mole

Chemists deal with real, measured quantities of substances. Rather than counting
atoms individually, we prefer to count them in units that are easily measurable. The
gram is a conveniently sized unit of mass to use for weighing out matter (a teaspoon
of sugar, for example, weighs about 5g). The chemist’s unit of amount, the mole
(symbol mol), is defined in terms of grams:

One mole of an element is the amount that contains the same number of atoms as there
are in 12.000g of carbon-12.

- o Y

a Al2.7g b 5329(Lmolss) ¢ Br8.0g(;-molBr,) d Pb20.7g

The mass of one mole of an element is called its molar mass (symbol M). It is
numerically equal to its relative atomic mass, A, but is given in grams per mole:

relative atomic mass of carbon = 12.0
molar mass of carbon = 12‘ngol—1

relative atomic mass of magnesium = 24.0
molar mass of magnesium = 24.0 g mol™



m ~

Using the Ar values 0= 16.0, Mg = 24.0,
S=32.0, calculate the amount of substance
(in moles) in each of the following
samples.

1 24.0g of oxygen
2 24.0g of sulfur

2 16.0g of magnesium
N

L=6.022 x 10¥ mol™!

Calculate the amount of substance (in
moles) in

1 a sample of uranium that contains
1.0 % 10%5 atoms

2 asample of fluorine that contains
5 x 102" atoms

- i

Chemical formulae and moles

It follows from the above definition that there is a clear relationship between the
mass (m) of a sample of an element and the number of moles (#) it contains:

amount (in moles)= — M35
molar mass
m
or n= Fmol {1 )

Worked example b

What is the amount (in moles) of carbon in 30g of carbon?

Answer
Use the value A {carbon)= 12.0 to write its molar mass, and use equation (1) above:
m=30g and M=12.0gmol!
30g

n= 12.0gmol

=2.5mol
S

As we saw on page 3, the actual masses of atoms are very small. We would therefore
expect the number of atoms in a mole of an element to be very large. This is indeed
the case. One mole of an element contains a staggering 6.022 x 102 atoms (six
hundred and two thousand two hundred million million million atoms). This value is
called the Avogadro constant, symbol L.

The approximate value of L = 6.0 x 102 mol™ is often adequate, and will be used
in calculations in this book.

The relationship between the number of moles in a sample of an element and the
number of atoms it contains is as follows:

number of atoms = [ x number of moles

or N=Ln 2)

Worked example '

How many hydrogen atoms are there in 1.5 mol of hydrogen atoms?

Answer
Use equation (2), and the value of L given above:
L=6.0%x102maol" and n=15mol
so N=6.0x%102mot! x 1.5mol
=0.0x 102

1.6 Atomic symbols and formulae

Each element has a unique symbol. Symbols consist of either one or two letters. The
first is always a capital letter and the second, if present, is always a lower-case letter.
This rule avoids confusions and ambiguities when the symbols are combined to make
the formulae of compounds. For example:

® the symbol for hydrogen is H

® the symbaol for helium is He (not HE or hE)

@ the symbaol for cobalt is Co (not CO — this is the formula of carbon monoxide,
which contains two atoms in its molecule, one of carbon and one of oxygen).
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How many atorms in total are present in
one formula unit of each of the following
compounds?

1 NH4NO;
2 Na;CrEO?

3 KCHSOy);

4 CgH120¢

5 N:a;Fe(sz.}g);

.

Symbols are combined to make up the formulae of compounds. If more than one atom
of a particular element is present, its symbol is followed by a subscript giving the number
of atoms of that element contained in one formula unit of the compound. For example:

® the formula of copper oxide is CuO (one atom of copper combined with one atom
of oxygen)

e the formula of water is H;O (two atoms of hydrogen combined with one atom of
oxygen)

e the formula of phosphoric(V) acid is HiPO, (three atoms of hydrogen combined
with one of phosphorus and four of oxygen).

Sometimes, especially when the compound consists of ions rather than molecules
(see Topic 4), groups of atoms in a formula are kept together by the use of brackets.
If more than one of a particular group is present, the closing bracket is followed by a
subscript giving the number of groups present. This practice makes the connections
between similar compounds clearer. For example:

@ the formula of sodium nitrate is NaNO; (one sodium ion, Na*, combined with one nitrate
ion, NO; ", which consists of one nitrogen atom combined with three oxygen atoms)

® the formula of calcium nitrate is Ca(NOj); (one calcium ion, Ca?t, combined with two
nitrate ions).

Note that in calcium nitrate, the formula unit consists of one calcium, two nitrogens
and six oxygens, but it is not written as CaN;Og. This formula would not make clear
the connection between Ca(NOj3); and NaNO;. Both compounds are nitrates, and
both undergo similar reactions of the nitrate ions.

The formulae of many ionic compounds can be predicted if the valencies of the
ions are known. (The valency of an ion is the electrical charge on the ion.) Similarly,
the formulae of several of the simpler covalent (molecular) compounds can be
predicted if the covalencies of the constituent atoms are known. (The covalency of
an atom is the number of covalent bonds that the atom can form with adjacent atoms
in a molecule.) Lists of covalencies and ionic valencies, and examples of how to use
them, are given on pages 49 and 79.

Worked example

How many atoms of each element are present in one formula unit of each of the following
compounds?

a AOH); b (NH.),50,

Answer

a The subscript after the closing bracket multiplies all the contents of the bracket by three.
There are therefore three OH (hydroxide) groups, each containing one oxygen and one
hydrogen atom, making a total of three oxygen atoms and three hydrogen atoms,
together with one aluminium atom.

b Here there are two ammonium groups, each containing one nitrogen atom and four
hydrogen atoms, and one sulfate group, containing one sulfur atom and four oxygen
atomns. In total, therefore, there ara:
= two nitrogen atoms
» pight hydrogen atoms
= one sulfur atom
» four oxygen atoms.

1.7 Moles and compounds
Relative molecular mass and relative formula mass

Just as we can weigh out a mole of carbon (12.0g), so we can weigh out a mole
of a compound such as ethanol (alcohol). We first need to calculate its relative
molecular mass, M,.



Figure 1.6 One-tenth of a mole of
each of the compounds water,
potassium dichromate(Wl) (KzCr,04) and
copper(ll) sulfate-5-water (CuS04.5H;0)

Chemical formulae and moles

To calculate the relative molecular mass (M) of a compound, we add together
the relative atomic masses (A4,) of all the elements present in one molecule of
the compound (remembering to multiply the A, values by the correct number if
more than one atom of a particular element is present). So for ethanol, C;HO,
we have:

M, = 24(C) + 64 (H) + A(O)
=2x12.0+6x 1.0+ 16.0
= 40.0

Just as with relative atomic mass, values of relative molecular mass are ratios of
masses, and have no units. The molar mass of ethanol is 46.03 mol™.

For ionic and giant covalent compounds (see Topic 4), we cannot, strictly, refer
to their relative molecular masses, as they do not consist of individual molecules.
For these compounds, we add together the relative atomic masses of all the
elements present in the simplest (empirical) formula. The result is called the relative
formula mass, but is given the same symbaol as relative molecular mass, M. Just as
with molecules, the mass of one formula unit is called the molar mass, symbol M.
For example, the relative formula mass of sodium chloride, NaCl, is calculated as
follows:

M, = A(Na) + A4,CD
=23.0+ 355
=585

The molar mass of sodium chloride is 58.551110]‘1.

We can apply equation (1) (page 7) to compounds as well as to elements. Once the
molar mass has been calculated, we can relate the mass of a sample of a compound
to the number of moles it contains.

a H,0 1.80 b K,Cr,0; 29.44 € CUSO,.5H,0 25.04

Worked example 1

Calculate the relative molecular mass of glucose, CgH;705.

Answer
M, = BA{C) + 12A,(H) + 6A,(0)
=6x120+12x1.0+6x16.0
=720+12.0+896.0

= 180.0
L
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Now try this

1 Calculate the relative formula mass of
each of the following compounds. (Use
the list of A, values in the data section
on the CD.)

a iron{ll) sulfate, FeS0O4

b calcium hydrogencarbonate,
CalHC Oz}

¢ ethanoic acid, CzH40;

d ammonium sulfate, (NH4)2504

e the complex with the formula
NaaFe(C204)3

2 How many moles of substance are
there in each of the following samples?
a 20g of magnesium oxide, MgQ
b 40g of methane, CHa
¢ 60g of calcium carbonate, CaC0z
o 809 of cyclopropene, CzHa
e 1009 of sodium dichromate(V1),

MazCr207

3 What is the mass of each of the
following samples?

a 1.5 moles of magnesium sulfate, MgSOa
b 0.333 mole of aluminium chloride,
AlCl3

Calculate the empirical formula of each of |
the following compounds.

1 a sulfide of copper containing 3.97 g of
copper and 1.00g of sulfur

2 ahydrocarbon containing 81.8%
carbon and 18.2% hydrogen

3 a mixed oxide of iron and calcium
which contains 51.9% iron and 18.5%
calcium by mass (the rest being oxygen)

Ny -

10

Worked example 2

How many moles are there in 60 g of glucose?

Answer

Convert the relative molecular mass calculated in Worked example 1 to the molar mass, M,
and use the formula in equation (1);

n= e m=60g
M M= 180gmol™
60g
M =780gmol
=0.33mol

A mole of what?

When dealing with compounds, we need to define clearly what the word ‘mole’
refers to. A mole of water contains 6 ¥ 10?2 molecules of H,O. But because each
molecule contains two hydrogen atoms, a mole of H;O molecules will contain two
moles of hydrogen atoms, that is, 12 x 10* hydrogen atoms. Likewise, a mole of
sulfuric acid, H;50y, will contain two moles of hydrogen atoms, one mole of sulfur
atoms and four moles of oxygen atoms. A mole of calcium chloride, CaCl,, contains
twice the number of chloride ions as does a mole of sodium chloride, NaCl.

Sometimes this also applies to elements. The phrase ‘one mole of chlorine’ is
ambiguous. One mole of chlorine molecules contains 6 x 10** Cl, units, but it
contains 12 x 10% chlorine atoms (2mol of CI).

1.8 Empirical formulae and molecular
formulae

The empirical formula is the simplest formula that shows the relative number of atoms of
each element present in a compound.

If we know the percentage composition by mass of a compound, or the masses of
the various elements that make it up, we can work out the ratios of atoms.
The steps in the calculation are as follows.

1 Divide the percentage (or mass) of each element by the element’s relative atomic
mass.

2 Divide each of the figures obtained in step 1 by the smallest of those figures.

3 If the results of the calculations do not approximate to whole numbers, multiply
them all by 2 to obtain whole numbers. (In rare cases we might have to multiply by
3 or 4 to obtain whole numbers.)

Worked example ’l

Calculate the empirical formula of an oxide of iron that contains 70% Fe by mass.

Answer
The oxide contains iron and oxygen only, so the percentage of oxygen is 100 - 70 = 30%.
Following the steps above:

70 30
2 Fe:_’l)E =1.00 0:—1'3?5 =1.50
1.25 1.25

2 Multiply both numbers by 2: Fe=2, 0 = 3.

Therefore the empirical formula is Fe;0;.
T



1 Chemical formulae and moles

The molecular formula is either the same as, or a simple multiple of, the empirical
formula. For example, the molecule of hydrogen peroxide contains two hydrogen
atoms and two oxygen atoms. Its molecular formula is H,O,, but its empirical
formula is HO.

The molecular formula tells us the actual number of atoms of each element present in a
molecule of the compound.

1.9 Equations

Mass is conserved

A chemical equation represents what happens during a chemical reaction. A key
feature of chemical reactions is that they proceed with no measurable change in mass
at all. Many obvious events can often be seen taking place — the evolution of heat,
flashes of light, changes of colour, noise and evolution of gases. But despite these
sometimes dramatic signs that a reaction is happening, the sum of the masses of all
the various products is always found to be equal to the sum of the masses of the
reactants.

This was one of the first quantitative laws of chemistry, and is known as the Law of
Conservation of Mass, It can be illustrated simply but effectively by the following
experiment.

The conservation of mass

A small test tube has a length of cotton thread tied round its neck, and is half filled
with lead(II} nitrate solution. It is carefully lowered into a conical flask containing
potassium iodide solution, taking care not to spill its contents. A bung is placed
in the neck of the conical Hask, so that the cotton thread is trapped by its side, as
shown in Figure 1.7. The whole apparatus is then weighed.

The conical flask is now shaken vigorously to mix the contents. A reaction
takes place, and the bright yellow solid lead(ID) iodide is formed. On re-weighing
the conical flask with its contents, the mass is found to be identical to the
initial mass.

Figure 1.7 During the formation of lead(ll)
iodide, mass is conserved.

lead(ll} nitrate

solution
potassium yellow precipitate
iodide of lead(ll) iodide
Iuti
mass before = 246.746 g MR mass after = 246.746 g

Balanced equations

The reason why the mass does not change during a chemical reaction is because no
atoms are ever created or destroyed. The number of atoms of each element is the
same at the end as at the beginning. All that has happened is that they have changed

11
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their chemical environment. In the example in the experiment above, the change can
be represented in words as:

lead(Il) nitrate potassium iodide solid lead(II) potassium nitrate
solution solution iodide solution
= S

Figure 1.8 The formation of lead{ll) iodide

There are several steps we must carry out to convert this word equation into a
balanced chemical equation.

1 Work out and write down the formula of each of the compounds in turn, and
describe its physical state using the correct one of the following four state
symbols:

(gl=gas (D=liquid (s)=solid (aq)=aqueocus solution (dissolved in water)
For the above reaction:

lead(I) nitrate solution is Ph(NO3).(aq)
potassium iodide solution is KI(aq)
solid lead(IT) iodide is Pbl,(s)
potassium nitrate solution is KNOjlaq)

The equation now becomes:
Pb(NO;),(aq) + Kl(ag) —+ PbI,(s) + KINOj(aq)

2 The next step is to ‘balance’ the equation. That is, we must ensure that we have the
same number of atoms of each element on the right-hand side as on the left-hand
side.

a Looking at the equation in step 1 above, we notice that there are two iodine
atoms on the right, in Pbl;, but only one on the left, in KI. Also, there are
two nitrate groups on the left, in Pb(NOj3);, but only one on the right, in KNOs,

b We can balance the iodine atoms by having two formula units of KI on the left,
that is 2KI. (Note that we cannot change the formula to KI; — that would not
correctly represent potassium iodide, which always contains equal numbers of
potassium and iodide ions.)

¢ We can balance the nitrates by having two formula units of KNO; on the right, that
is 2KNO;. This also balances up the potassium atoms, which, although originally
the same on both sides, became unbalanced when we changed KI to 2KI in step b.

The fully balanced equation is now:
Pb{NO3),(aq) + 2KI(aq) — Pbl,(s) + 2KINO4(aqg)

It is clear that we have neither lost nor gained any atoms, but that they have
swapped partners — the iodine was originally combined with potassium, but has
ended up being combined with lead; the nitrate groups have changed their partner
from lead to potassium.



Chemical formulae and moles

Worked example

1 Copy the following equations and

balance them.

a Hzlg) + Oz(g) — H20(1)

b Ta(s)+ Clalg) — IClals)

¢ NaOH(aqg) + AOH)3(s) —
NaAlOz{ag) + Hz0(1)

d HaS(g) + SOz{g) — S(s) + H20(1)

& NHalg) + Oz20g) — Nalg) + H20()

2 Write balanced symbol equations for

the following reactions.

a magnesium carbonate — magnesium
oxide + carbon dioxide

b lead + silver nitrate solution — lead
nitrate solution + silver

¢ sodium oxide + water — sodium
hydroxide solution

d iron(ll) chloride + chlorine (Clz) —
iron(lll) chloride

e iron(lll) sulfate + sodium hydroxide —
iron{lll) hydroxide + sodium sulfate

Write the balanced chemical equation for the following reaction:
zinc metal + hydrochloric acid — zinc chloride solution + hydrogen gas

Answer
Following the steps given above:

1 Zinc metal is Znis).
Hydrochloric acid is HCl(aq).
Zinc chloride solution is ZnClz(aq).
Hydrogen gas is Hylg) (hydrogen, like many non-metallic elements, exists in molecules
made up of two atoms).
The equation now becomes:
Zn(s) + HCllag) — ZnClzlag) + Halg)
2 a There are two hydrogen atoms and two chlorine atoms on the right, but only one of
each of these on the left.
b We can balance both of themn by just one change —having two formula units of HCl on
the left.

The fully balanced equation is now:

Zn(s) + 2HCllag) — ZnCly(aq) + Hylg)

I

1.10 Using the mole in mass
calculations

We are now in a position to look at how the masses of the individual substances in
a chemical equation are related. As an example, take the reaction between marble
chips (calcium carbonate) and hydrochloric acid:

CaCOj(s) + 2HCl(aq) — CaCly(aq) + H,O(l) + COx(g)

When this reaction is carried out in an open conical flask on a top-pan balance, the
mass is observed to decrease. (Note that this is not due to the destruction of matter —
as was mentioned on page 11, the overall number of atoms does not change during
a chemical reaction. Rather, it is due to the fact that the gaseous carbon dioxide
produced escapes into the air.) We can use the knowledge gained in this topic to
calculate the answer to the following question:

® By how much would the mass decrease if 50 g of marble chips were completely
reacted with an excess of hydrochloric acid?

We use the following steps:
1 We can use equation (1) (page 7) to calculate the number of moles of calcium

carbonate in 50 g of marble chips:

n= MACaCOsz) = 40.1 + 12.0+ 3 % 16.0 = 100.1

so M=100.1gmol™!

2|3

50g
n= =
100.1 g mol

= 0.50mol of CaCO;

2 From the balanced equation above, we see that one mole of calcium carbonate
produces one mole of carbon dioxide. Therefare the number of moles of carbon
dioxide produced is the same as the number of moles of calcium carbonate we
started with, namely 0.50mol of carbon dioxide.

3 Lastly, we can use a rearranged form of equation (1) to calculate what mass of
carbon dioxide this corresponds to.

13
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Figure 1.9 Finding the mass of a product
from the mass of reactant, or vice versa

Figure 1.10 The thermit process is used to
weld together the steel rails of railway tracks.

n=-"2 so m=nxM MACO,) = 12.0 + 2 X 16.0 = 44.0
M so M= M.ﬁgmof_i
also  n=050mol
m = (L.50mol x 44,ngoi_1
=220g

The loss in mass (due to the carbon dioxide being evolved) is 22.0g.
The three steps can be summarised as shown in Figure 1.9.

mass of first reactant or product

=3

ki

moles of first reactant or product

»| ratio from balanced equation

A

moles of second reactant or product

mass of second reactant or product

‘Worked example

The highly exothermic thermit reaction (see Figure 1.10) is used to weld together the steel
rails of railway tracks. It involves the reduction of iron(lil) oxide to iron by aluminium.
2Al(s) + Fey04(s) — ALO4(s) + 2Fels)

Use the chart in Figure 1.9 to calculate what mass of aluminium is needed to react
completely with 10.0g of iron(lll) oxide.



1 What mass of silver will be precipitated
when 5.0g of copper are reacted with
an excess of silver nitrate solution?

Culs) + 2AghN0O5(ag)
— Cu(NOg)slaq) + 2Ag(s)

2 What mass of ammonia will be formed
when 50.0g of nitrogen are passed
through the Haber process? (Assume
100% conversion.)

Na(g) + 3Halg) — ZNHalg)

1 What volume of carbon dioxide
(measured at room temperature and
pressure) will be produced when 5.0g
of calciurn carbonate are decomposed
by heating according to the following
equation?

CaC03 — Ca0 + CO,

2 Sulfur dioxide and hydrogen sulfide
gases react according to the equation:
2H;5 + S05 — 2H,0 + 35

What volume of sulfur dioxide will
be needed to react completely

with 100cm? of hydrogen sulfide
(both volumes measured at room
temperature and pressure), and what
mass of sulfur will be formed?

Chemical formulae and moles

Answer

1 M{Fe;03)=2%x55.8+3x16.0=111.6+480=159.6
so M=159.6gmoal™

number of moles of iron(lll) oxide (n) = n

£

10.0
159.6
=0.0627 mol
2 From the balanced equation, one mole of iron{lll) oxide reacts with two moles of
aluminium, therefore:
number of moles of aluminium (n) = 0.0627 x 2 =0.125mol
2 AlAND=27.0 so M=27.0gmol’
mass of aluminium=n = M
=0.125mol x 27.0g mol!
=3.38g

1.11 Moles of gases

The molar masses of most compounds are different. The molar volumes of most

solid and liquid compounds are also different. But the molar volumes of gases (when
measured at the same temperature and pressure) are all the same. This strange
coincidence results from the fact that most of a gas is in fact empty space — the
molecules take up less than a thousandth of its volume at normal temperatures (see
section 4.13). The volume of the molecules is negligible compared with the total volume,
and so any variation in their individual size will not affect the overall volume. At
room temperature (25°C, 298K) and normal pressure (1atm, 1.01 x 10°Pa);

the molar volume of any gas = 24.0 dm* mol!
So we can say that:
volumne (in dm?)
molar volume

v
N=——
240

amount of gas (in moles) =

or volume of gas in dm? = molar volume x moles of gas
V=240xn

Worked example

What volume of hydrogen (measured at room temperature and pressure) will be produced
when 7.0g of iron are reacted with an excess of sulfuric acid?

Answer
The equation for the reaction is as follows:
Fels) + Hp504(aq) — FeS04(aq) + Halg)

1 AlFe)=558 so M=55.8gmol’
amount (in moles) of iron =%

_1.0g
~ 55.8gmol’
=0.125mol
2 From the balanced equation, one mole of iron produces one mole of hydrogen molecules,
therefore:
number of moles of H; = 0.125mol
2 volume of Hy (in dm?) = molar volume x moles of Hy
=24.0dm?mel-" % 0.125mol
=3.0dm?
N —————————
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Figure 1.11 Colour is related to
concentration, an intensive property that does
not depend on how much solution there is,

1.12 Moles and concentrations

Many chemical reactions are carried out in solution. Often it is convenient to dissolve
a reactant in a solvent in advance, and to use portions as and when needed. A
common example of this is the dilute sulfuric acid you find on the shelves in a
laboratory. This has been made up in bulk, at a certain concentration. Solutions are
most easily measured out by volume, using measuring cylinders, pipettes or burettes.
Suppose we need a certain amount of sulfuric acid (that is, a certain number of
moles) for a particular experiment. If we know how many moles of sulfuric acid each
1em?® of solution contains, we can obtain the required number of moles by measuring
out the correct volume. For example, if our sulfuric acid contains 0.001mol of H,S04
per 1em?, and we need 0.005mol, we would measure out 5cm® of solution.

In chemistry, the concentrations of solutions are normally stated in units of moles
per cubic decimetie (= moles per litre). The customary abbreviation is moldm™.
Occasionally the older, and even shorter, abbreviation M is used.

If 1dm?® of a solution contains 1.0mol of solute, the solution’s concentration is
1.0moldm (or 1.0M, verbally described as ‘a one molar solution”),

If more moles are dissolved in the same volume of solution, the solution is a more
concentrated one. Likewise, if the same number of moles is dissolved in a smaller
volume of solution, the solution is also more concentrated. For example, we can
produce a 2.0mol dn? solution (2.0M, ‘two molar”) by

® either dissolving 2mol of solute in 1 dm® of solution

e or dissolving 1mol of solute in 0.5dm® of solution,

amount (in moles)
volume of solution (in dm?)

concentration =

c— ﬂ
V
or armount (in moles) = concentration x volume (in dm?)

n=cxV

Unlike the mass of a solid, or the volume of a gas, which are extensive properties of

a substance (see page 3), the concentration of a solution is an intensive property. It
does not depend on how much of the solution we have. Properties that depend on the
concentration of a solution are also intensive. For example, the rate of reaction between
sulfuric acid and magnesium ribbon, the colour of aqueous potassium manganate(VID),
the sourness of vinegar and the density of a sugar solution do not depend on how
much solution we have, but only on how much solute is dissolved in a given volume.

=



m )

1 What are the concentrations of solute
in the following solutions?
a 2.0mol of ethanol in 750 cm? of
solution
b 5.3g of sodium carbonate, Na;CO3,
in 2.0dm? of solution
¢ 40g of ethanoic acid, CzHs0z, in
800 cm’ of solution
2 How many moles of solute are in the
following solutions?
a 0.50dm’ of a 1.5 moldm™ solution
of sulfuric acid
b 22cm? of a 2.0 moldm2 solution of
sodium hydroxide
¢ 50cm? of a solution containing 20g
of potassium hydrogencarbonate,

KHCO3, per dm?

Figure 1.12 Calculations involving the
stoichiometry of a reaction

Chemical formulae and moles

Worked example 1

200¢m? of a sugar solution contains 0.40mol of sugar. What isthe concentration of the solution?

Answer
Use the first equation in the panel on page 16:
c =3 Remember, 1000cm?= 1.0dm?
so 200cm?= 0.20dm?
s 0.40 mol
0.20 dr’
=2.0moldm™

Worked example 2

How many grams of salt, NaCl, need to be dissolved in 0.50dm? of solution to make a
0.20moldm™ solution?

Answer
Use the second equation in the panel on page 16:
n=cxV ¢=0.20moldm?
n=0.20moldm™ x 0.5dm’ V=0.50dm?
=0.10mol of NaCl

MNow use equation (1) (page 7) to convert moles into mass:

M,(NaCl) = 23.0 + 35.5 = 58.5 so M= 58.5gmol!
n=0.10mal

m=0.10mol x 58.5 gmol™’
= 5.85 g of salt, NaCl
e

m
n=— 50 m=nxM
M

We shall come across the concentrations of solutions again in Topic 6, where we look
at the technique of titration.

1.13 Calculations using a combination
of methods

At the heart of most chemistry calculations is the balanced chemical equation. This
shows us the ratios in which the reactants react to give the products, and the ratios

in which the products are formed. This is called the stoichiometry of the reaction.
Most calculations involving reactions can be broken down into a set of three steps (see
Figure 1.12), similar to those described for mass calculations on page 14.

mass of solid A, or volume of gas A,
or volume (or concentration) of solution containing A

Y
‘ moles of reactant or product A |

‘ ratio from balanced equation |

'

‘ moles of reactant or product B |

'

mass of solid B, or volume of gas B,
or volume (or concentration) of selution containing B
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Use Figure 1.12 and the A, values in the data section on the CD to answer the following
guestions.
1 What volume of hydrogen gas will be given off when 2.3 g of sodium metal react
with water?
2Nals) + 2H;0()) — 2NaOH(aq) + Ha(g)
2 The equation for the complete combustion of methane, CHy, in oxygen is:
CHylg) +20,(g) — CO;(g) + 2H;0(g)

Calculate the volume of oxygen needed to burn 4.0g of methane.
3 What volume of 0.50 moldm™ sulfuric acid, H;5Q4, is needed to react exactly with
5.0g of magnesium, and what volume of hydrogen will be evolved?
Ma(s) + H2504(aq) — MgS0ylaq) + Hxlg)

4 What mass of sulfur will be precipitated when an excess of hydrochleric acid is
added to 100cm? of 0.20 moldm™3 sodium thiosulfate solution?

Ma5S,05lag) + 2ZHCKag) — 2NaCliag) + SO5(g) + HaOll) + Sis)
5 What would be the concentration of the hydrochloric acid produced if all the
hydrogen chloride gas from the reaction between 50g of pure sulfuric acid and an

excess of sodium chloride was collected in water, and the solution made up to a
volume of 400cm? with water?

MaCl{s) + HSO4il) — NaHSO4(s) + HCl(g)

B

e Atoms and molecules are small and light — about 1% 10®°min @ Chemical equations reflect this — when balanced, they contain
size, and about 13 1072q in mass.

the same numbers of atoms of each element on their left-hand

@ Relative atomic mass and relative molecular mass are and right-hand sides.
defined in terms of the mass of an atom of carbon-12. e The following equations allow us to calculate the number of
® One mole is the amount of substance that has the same moles present in a sample:
number of particles (atoms, molecules, etc.) as there are atoms , _ mass m
in 12.000g of carbon-12. @& amount (in moles)—m or n=ys
® The relative molecular mass, M;, of a compound is found ; volume of gas (in dm?) v
by summing the relative atomic masses, A,, of all the atoms # amount (in moles) = ih or n=r=
present.
# The empirical formula of a compound is the simplest formula e amount _ concentration of x  volume
that shows the relative number of atoms of each element (inmoles)  solution (in moldm™)"  (in dm?)
present in the compound. or n = cxV -
e The molecular formula tells us the actual number of atoms of ® amount _ concentration of 5 volume (in crm)
each element present in a molecule of the compound. (in moles)  solution (in moldm™) 1000
® Chemical reactions take place with no change in mass, and no or n=cx_"
change in the total number of atoms present. 1000

.1




1 Chemical formulae and moles

i cn =y ; : A
Examination pra ctice qUE‘StIOI'IS
Please see the data section of the CD for any 4, values you 2 Washing soda is hydrated sodium carbonate,
may need. Na,C05.xH,0.

A student wished to determine the value of x by carrying

out a titration, with the following results.

5.13 g of washing soda crystals were dissolved in water

and the solution was made up to 250cm? in a standard

volumetric flask.

25.0cm? of this solution reacted exactly with 35.8cm? of

0.100 mol dm™2 hydrochloric acid and carbon dioxide was

produced.

a i Write a balanced equation for the reaction between
Na,C0; and HCI.

ii Calculate the amount, in moles, of HCl in the 35.8cm’
of solution used in the titration.

iii Use your answers to i and ii to calculate the amount,
in moles, of Na;CO; in the 25.0cm’ of solution used
in the titration.

iv Use your answer to iii to calculate the amount, in
moles, of Na,CO; in the 250cm? of solution in the
standard volumetric flask.

v Hence calculate the mass of Na,CO; presentin 5.13¢g

1 Zinc is an essential trace element which is necessary for the
healthy growth of animals and plants. Zinc deficiency in
humans can be easily treated by using zinc salts as dietary
supplements.

a One salt which is used as a dietary supplement is a
hydrated zinc sulfate, ZnS0O,.xH,0, which is a colourless
crystalline solid. Crystals of zinc sulfate may be prepared
in a school or college laboratory by reacting dilute
sulfuric acid with a suitable compound of zinc.

Give the formulae of two simple compounds of zinc that
could each react with dilute sulfuric acid to produce zinc
sulfate. 2]

b A simple experiment to determine the value of x in the
formula Zns0,.xH,0 is to heat it carefully to drive off the
water.

ZnS0,.xH,0(s) — ZnS0,(s) + xH,0(g)

A student placed a sample of the hydrated zinc sulfate in
a weighed boiling tube and reweighed it. He then heated
the tube for a short time, cooled it and reweighed it

f washi d tals. 6
when cool. This process was repeated four times. The SRS - DO el . ; (6]
B i e e b Use your calculations in a to determine the value of x in
: NayC05.xH,0. [2]
SR e a o bhe | at ik s et [Cambridge International AS & A Level Chemistry 9701,
empty tube/g | hydrated salt/g | after fourth heating/g Paper 23 Q2 June 2012]
74,95 77 97 76.34 3 a A compognd contammg magnesium, silicon alcnd oxygen
is present in rock types in Italy. A sample of this compound

weighing 5.27 g was found to have the following
composition by mass: Mg, 1.82g; Si, 1.05g; O, 2.40g.
Calculate the empirical formula of the compound. Show
your working. [2]

i Why was the boiling tube heated, cooled and
reweighed four times?
ii Calculate the amount, in moles, of the anhydrous salt

prodhiced. ; ; b Pharmacists sell tablets containing magnesium hydroxide,
iii Calculate the amount, in moles, of water driven off NIGLOHY, tcombat ndigestion: Astadentcamied
: i ;
; by heating. = out an investigation to find the percentage by mass of
iv Use your results to ii and iii to calculate the value of x T e T
In Zn50,xH,0. . (7] tablet with dilute hydrochloric acid.
¢ For many people, an intake of approximately 15 mg per
day of zinc will be sufficient to prevent deficiencies. Mg{OH),(s) + 2HCl(ag) — MgClytag) + 2H,0()
Zinc ethanoate crystals, (CH,C0O,),Zn.2H;0, may be used The student found that 32.00ecm? of 0.500 mol drm—3
in this way. : §

HCl was needed to react with the Mg(OH); in a 500mg

i What mass of pure crystalline zinc ethanoate tablet. [1 g = 1000mgl.

(M, = 219.4) will need to be taken to obtain a dose

A i Calculate the amount, in mol, of HCI used. [1]
of 15 mg of zinc? o ; ] ;
o : . . . 3 ii Determine the amount, in mol, of Mg{OH), present in
ii If this dose is taken in solution as 5 cm” of agueous
. \ the tablet. [1]
zinc ethanoate, what would be the concentration of :
. ] . 3 iii Determine the percentage by mass of Mg(OH), present
the solution used? Give your answer in mol dm™. [4] T 3]
[Cambridge International AS & A Level Chemistry 9701, : ! ;
k Paper 21 Q1 November 2012] [OCR Chemistry A Unit F321 Q2 (part) May 201 'r'i)
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Physical chemistry

In this topic we introduce the three
sub-atomic particles — the electron,
the proton and the neutron. We
look at their properties, and how
they are arranged inside the atom.
We explain that some elements form
isotopes, and describe how their relative
abundances can be measured using
the mass spectrometer. We outline
the types of energy associated

with the particles in chemistry.
Against this background, we look

at how the electrons are arranged
around the nucleus and how this
arrangement explains the positions
of elements within the Periodic
Table, their ionisation energies

and the sizes of their atoms.
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2 The structure of the atom

7 i
Learnlng outcomes
By the end of this topic you should be able to:

1.3a) analyse mass spectra in terms of isotopic abundances (part, see also Topic 29),

1.3b) calculate the relative atomic mass of an element given the relative abundances of
its isotopes, or its mass spectrum

2.1a) identify and describe protons, neutrons and electrons in terms of their relative
charges and relative masses

2.1b) deduce the behaviour of beams of protons, neutrons and electrons in electric fields

2.1¢) describe the distribution of mass and charge within an atom

2.1d) deduce the numbers of protons, neutrons and electrons present in both atoms and
ions given proton and nucleon numbers and charge

2.2a) describe the contribution of protons and neutrons to atomic nuclei in terms of
proton number and nucleocn number

2.2b) distinguish between isotopes on the basis of different numbers of neutrons present

2.2¢) recognise and use the symbolism }A for isotopes, where * is the nucleon number
and  is the proton number

2.3a) describe the number and relative energies of the 5, p and d orbitals for the
principal quantum numbers 1, 2 and 3 and also the 4s and 4p orbitals.

2.3b) describe and sketch the shapes of s and p orbitals

2.3c) state the electronic configuration of atoms and ions given the proton number and
charge, using the convention 152252 2p5, etc.

2.3d) explain and use the term ionisation energy, explain the factors influencing the
ionisation energies of elements, and explain the trends in ionisation energies
across a Period and down a Group of the Periodic Table (see also Topic 10)

2.3e) deduce the electronic configurations of elements from successive ionisation
energy data

2.3f) interpret successive ionisation energy data of an element in terms of the position
of that elerent within the Periodic Table.

" >

2.1 The discovery of the sub-atomic
particles

Our understanding of atoms is very much a nineteenth- and twentieth-century story.
Although the Greek philosopher Democritus was the first to coin the term ‘atom’
(which is derived from the Greek word meaning ‘cannot be cut’), in around 400 ece,
his idea of matter being composed of small particles was dismissed by Aristotle.
Because Aristotle’s reputation was so great, Democritus’ atomic idea was ignored
for centuries. It was not until 1808, when John Dalton published his Atomic Theory,
that the idea of atoms as being indivisible constituents of matter was revived. Dalton
suggested that all the atoms of a given element were identical to each other, but
differed from the atoms of every other element. His atoms were the smallest parts of
an element that could exist. They could not be broken down or destroyed, and were
themselves without structure.



Figure 2.1 Ernest Rutherford (right} and

Hans Geiger in their laboratory at Manchester

University in about 1908. They are seen with
the instrumentation they used to detect and
count a-particles, which are the nuclei of
helium atoms.

Figure 2.2 The picture of the atom in the
early twentieth century

The structure of the atom

For most of the nineteenth century the idea of atoms being indivisible fitted in well
with chemists’ ideas of chemical reactions, and was readily accepted. Even today it
is believed that atoms are never destroyed during a chemical reaction, but merely
change their partners. However, in 1897 the physicist J.J. Thomson discovered the first
sub-atomic particle, that is, a particle smaller than an atom. It was the electron.

Thomson found that the electron was much lighter than the lightest atom, and had
a negative electrical charge. What is more, he found that under the conditions of his
experiment, atoms of different elements produced identical electron particles. This
suggested that all atoms contain at least one sub-atomic component in common.

Since atoms are electrically neutral objects, if they contain negatively charged
electrons they must also contain particles with a positive charge. An important
experiment carried out in 1911 by Ernest Rutherford (a New Zealander), Hans Geiger
(a German) and Ernest Marsden (an Englishman) showed that the positive charge in the
atom is concentrated into an incredibly small nucleus right in the middle of it. They
estimated that the diameter of the nucleus could not be greater than 0.00001 times that
of the atom itself. Eventually, Rutherford was able to chip away from this nucleus small
positively charged particles. He showed that these were also identical to each other, no
matter which element they came from. This positive particle is called the proton. It is
much heavier than the electron, having nearly the mass of the hydrogen atom.

It was another 20 years before the last of the three sub-atomic particles, the neuton,
was discovered. Although its existence was first suspected in 1919, it was not until 1932
that James Chadwick eventually pinned it down. As its name suggests, the neutron is
electrically neutral, but it is relatively heavy, having about the same mass as a proton.
Scientists had therefore to change the earlier picture of the atom. In a sense the
picture had become more complicated, showing that atoms had an internal structure,
and were made up of other, smaller particles. But locked at in another way it had
become simpler — the 90 or so different types of atoms that are needed to make up
the various elements had been replaced by just three sub-atomic particles. It turns
out that these, in different amounts, make up the atoms of all the different elements.

most of the volume
— of the atom is occupied
by the electrons

the nucleus is very small;
it contains the protons
and the neutrons
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Table 2.1 The properties of the sub-atomic
particles, Note that the masses in the last row
are given relative to % the mass of an atom
of carbon-12. These masses are often guoted
relative to the mass of the proton instead,
when the relative mass of the electron is 1;
and the relative masses of the proton and
neutron are both 1.

-

i
e

beam of particles

Figure 2.3 The behaviour of protons,
neutrons and electrons in an electric field

Table 2.2 The relative abundance of
some isotopes

The isotopes of an element differ in their
composition in anly one respect — although
they all contain the same numbers of
electrons and protons, they have different
numbers of neutrons.

22

2.2 The properties of the three
sub-atomic particles

Table 2.1 lists some of the properties of the three sub-atomic particles.

Property Electron Proton Neutron
electrical charge/coulombs —16x10" +1.6x 107" 0

charge (relative to that of the proton) -1 +1 0

massg 911 x 10728 1.673 x 1072 | 1675 x 1072
mass/amu (see section 1.4) 5.485 x 1074 1.007 1.009

Because of their relative masses and charges, the three particles behave differently in
an electric field, as shown in Figure 2.3. Neutrons are undeflected, being electrically
neutral. Protons are attracted towards the negative pole, and electrons towards the
positive pole. If their initial velocities are the same, electrons are deflected to a
greater extent than protons because they are much lighter.

The picture of the atom assembled from these observations is as follows.

® Atoms are small, spherical structures with diameters ranging from 1 x 10 %m to
3% 107" m.

® The particles that contribute to the atom's mass (protons and neutrons) are contained
within a very small central nucleus that has a diameter of about 1 ¥ 1075m

@ The electrons occupy the region around the nucleus. They are to be found in the space
inside the atom but outside the nucleus, which is almost the whole of the atom.

® All the atoms of a particular element contain the same number of protons. This also
equals the number of electrons within those atoms.

® The atoms of all elements except hydrogen also contain neutrons. These are in the

nucleus along with the protons. Almost the only effect they have on the properties
of the atom is to increase its mass.

2.3 Isotopes

At the same time as Rutherford and his team were finding out about the structure of
the nucleus, it was discovered that some elements contained atoms that have different
masses, but identical chemical properties.

These atoms were given the name iSotopes, since they occupy the same (iso)
place (fopos) in the Periodic Table. The first isotopes to be discovered were those
of the unstable radioactive element thorium. (Thorum is element number 90 in the
Periodic Table.) In 1913, however, Thomson was able to show that a sample of neon
obtained from liquid air contained atoms with a relative atomic mass of 22 as well
as those with the usual relative atomic mass of 20. These heavier neon atoms were

stable, unlike the thorum isotopes. Many other elements contain isotopes, some of
which are listed in Table 2.2,

Isotope Mass relative to hydrogen | Relatlve abundance
boron-10 10.0 20%
boron-11 11.0 80%
neon-20 20.0 91%
neon-22 220 9%
magnesium-24 240 79%
magnesium-25 25.0 10%
magnesium-26 26.0 11%

Most of the naturally occurring isotopes are stable, but some, like those of uranium

and also many artificially made ones, are unstable and emit radiation. These are called
radioactive isotopes.




| How many protons, electrons and
neutrons are there in each of the
following atormns?
1 % Na

2

Figure 2.4 Schematic diagram of a mass
spectrometer

Figure 2.5 A modern mass spectrometer

The structure of the atom

2.4 Extending atomic symbols to include
isotopes

For most chemical purposes, the atomic symbols introduced in Topic 1 are adequate.
If, however, we wish to refer to a particular isotope of an element, we need to specify
its mass number, which is the number of protons and neutrons in the nucleus. We
write this as a superscript before the atomic symbol. We often add the proton number
as a subscript before the symbol. So for carbon:

® '3C is the symbol for carbon-12, which is the most common isotope, containing
O protons and 6 neutrons, with a mass number of 12

® '1C is the symbol for carbon-14, which contains 6 protons and 8 neutrons, with a
mass number of 14.

The proton number (atomic number) of an atom is the number of protons in its
nucleus. The mass number of an atom is the sum of the numbers of protons and
neutrons.

"~ Worked example

How many protons and neutrons are there in each of the following atoms?
a'lo b Z4u

Answer
The subscript gives the proton number, that is, the number of protons. So for oxygen,
number of protons = 8, and for uranium, number of protons = 92.

Subtracting the proton number from the mass number gives the number of neutrons.
So for oxygen, number of neutrons = 18 — 8 = 10, and for uranium, number of
neutrons =235 — 92 =143.
aEE—————————_

2.5 The mass spectrometer

The masses and the relative abundances of individual isotopes are easily measured in
a mass spectrometer. This is a machine in which atoms that have been ionised by
the loss of electrons are accelerated to a high velocity, and their trajectories (paths)
are then deflected from a straight line by passing them through a magnetic field. A
magnetic field has a similar bending effect on moving charged particles as the electric
field in Figure 2.3 (see page 22).

1 vaporised
sample

ionisation 3 accelerating electric field
chamber

4 magnetic field

___heavier particles

recorder

Ju_A_A_
| amplifier |

| particles of intermediate mass

|__lighter particles

ion detector

to vacuum pump
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Five processes occur in a mass spectrometer.

1 If it is not already a gas, the element is vaporised in an oven.
2 Electrons are fired at the gaseous atoms. These knock off other electrons from
the atoms:

M(g)+¢& — MYg) + 2&

3 The gaseous ions are accelerated by passing them through an electric field (at a
voltage of 5-10kV).

4 The fast-moving ions are deflected by an electromagnet. The larger the charge
on the ion, the larger is the deflection. On the other hand, the heavier the ion,
the smaller is the deflection. Overall, the deflections are proportional to the ions’®
charge-to-mass ratios. If all ions have a +1 charge (which is usually the case), the
extents of deflection will be inversely proportional to their masses.

5 The deflected ions pass through a narrow slit and are collected on a metallic plate
connected to an amplifier. For a given strength of magnetic field, only ions of a
certain mass pass through the slit and hit the collector plate. As the (positive) ions
hit the plate, they cause a current to flow through the amplifier. The more ions
there are, the larger the current.

The ions may travel a metre or so through the spectrometer. In order for them
to do this without hitting too many air molecules (which would deflect them
from their course), the inside of the spectrometer is evacuated to a very low
pressure. When the situation is such that a steady stream of ions is being
produced, the current through the electromagnet is changed at a steady rate. This
causes the magnetic field to change in strength, and hence allows ions of different
masses to pass successively through the slit. A mass specttum is produced,
which plots ion current against electromagnetic current. This is equivalent to
relative abundance against mass number. Figure 2.6 shows the mass spectrum
of krypton.

A mass spectrum enables us to analyse the proportions of the various isotopes in
an element. However, by far the main use of the mass spectrometer nowadays is in
analysing the formulae and structures of organic and inorganic molecules. We shall
return to this application in Topic 29.

Figure 2.6 Mass spectrum of krypton 4
B0—]
il amu %
=] 78 03
50—
il 80 23
— 82 1.6
] - 83 1.5
= 1 84 56.9
g 40 86 | 174
5 =
=] —
-]
i l
g! —
= 30_
§ =
=
5 A
o =
20—
10 ‘ ‘
D:—‘\‘ - I
1 FR PR R A (/RN IR (RN S R RN R PR RN S
70 80 100

atomic mass units

24



2 The structure of the atom

Worked example 1

Chlorine consists of two isotopes, with mass numbers 35 and 37, and with relative abundances
76% and 24% respectively. Calculate the average relative atomic mass of chlorine.

Answer
The percentages tell us that if we took 100 chlorine atoms at random, 76 of them would
have a mass of 35 units, and 24 of them would have a mass of 37 units.

total mass of the 100 random atoms = (35 x 76) + (37 = 24)
i 3648
1 Chromium has four stable isotopes, so average mass of one atom = 00
with mass numbers 50, 52, 53 and 54, ~35.5 amu
and relative abundances 4.3%, 83.8%, ’

9.5% and 2.4% respectively. Calculate thatis, A,=35.5
the average relative atomic mass of

chromium. Worked example 2 i
2 Use the figures in Table 2.2 (page 22)

to calculate the average relative atomic Calculate the average relative atomic mass of krypton from the table in Figure 2.6.
masses of boron, neon and magnesium
to 1 decimal place.

3 (Harder) Iridium has two isotopes, with
mass numbers 191 and 193, and its

Answer
We can extend the 100-random-atom idea from Worked example 1 to include fractions of
atoms. Thus the average mass of one atom of krypton

average relative atomic mass is 192.23. _ (78 % 0.3) + (80 x 2.3) + (82 x 11.6) + (83 x 11.5) + (84 x 56.9) + (86 x 17.4)
Calculate the relative abundances of e 100
. the two isotopes. =83.9
= S

2.6 Chemical energy

The concept of energy is central to our understanding of how changes come
about in the physical world, Our study of chemical reactions depends on energy
concepts.

Chemical energy is made up of two components — Kinetic energy, which is a
measure of the motion of atoms, molecules and ions in a chemical substance, and
potential energy, which is a measure of how strongly these particles attract one
another.

Kinetic energy

Kinetic energy increases as the temperature increases. Chemists use a scale of
temperature called the absolute temperature scale, and on this scale the kinetic
energy is directly proportional to the temperature (see section 4.13).

Kinetic energy can be of three different types. The simplest is energy due to
translation, that is, movement from place to place. For monatomic gases (gases
made up of single atoms, for example helium and the other noble gases), all
the kinetic energy is in the form of translational kinetic energy. For molecules
containing two or more atoms, however, there is the possibility of vibration
and rotation as well (see Figure 2.7). Both these forms of energy involve the
movement of atoms, even though the molecule as a whole may stay still. In
diatomic gases, the principal form of kinetic energy is translation, but in more
complex molecules, such as ethane, vibration and rotation become the more

0
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important factors.

Figure 2.7 The two atoms in a diatomic gas
molecule, such as nitrogen, behave as though
they are joined by a spring, which lets them
vibrate in and out. The two atoms can also
rotate about the centre of the bond.
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Figure 2.8 To separate oppositely charged
ions through a distance d, a force Fis required.

Figure 2.9 Energy is needed to lift a book
from the floor and put it on the desk.

26

In solids, the particles are fixed in position, and the only form of kinetic energy is
vibration. In liquids, the particles can move from place to place, though more slowly than
in gases, and so liquid particles have translational, rotational and vibrational kinetic energy.

Potential energy

In studying chemical energy, we are usually more interested in the potential energy

of the system than in its kinetic energy. This is because the potential energy gives us
important quantitative information about the strengths of chemical bonds. At normal
temperatures, potential energy is much larger than kinetic energy.

Potential energy arises because atoms, ions and molecules attract and repel
one another. These attractions and repulsions follow from the basic principle of
electrostatics, that unlike charges attract and like charges repel. lonic compounds
contain particles with clear positive and negative charges on them. Two positively
charged ions repel each other, as do two negatively charged ions. A positive ion and
a negative ion attract each other. Atoms and molecules, which have no overall charge
on them, also attract one another (see section 3.17).

It requires energy to pull apart a sodium ion, Na‘, from a chloride ion, CI". The
potential energy of the system increases because we need to apply a force F (equal
to the force of attraction between the two ions) for a distance d (see Figure 2.8). In
a similar way, we increase the potential energy of a book if we pick the book up off
the floor and put it on a desk (see Figure 2.9).

distance d

force F

|

In contrast, if we start with a sodium ion and a chloride ion separated from each
other and then bring them together, the potential energy decreases. We also decrease
the potential energy of a book if we allow it to fall from the desk to the floor.

As we shall see in Topic 5, chemists are usually interested in the change in
chemical energy that occurs during a reaction. This change is represented by the
symbols AF — the Greek letter delta, A, being used to mean ‘change’. If we look
at energy changes that occur at constant pressure, which is normally the case in
the laboratory, we use the symbol AH, which represents the enthalpy change of
a reaction. The most commonly used unit of energy in chemistry is the KJ mol™
(kilojoule per mole), where 1kJ = 1000].

2.7 The arrangement of the electrons —
energy levels and orbitals

On page 21 we concluded that the atom is made up of a very dense, very small nucleus
containing the protons and neutrons, and a much larger region of space around the
nucleus that contains the electrons. We now turn our attention to these electrons. We shall
see that they are not distributed randomly in this region of space. They occupy specific
volume regions, called orbitals, which have specific energies associated with them.



Figure 2.10 An atomic absorption
spectrometer

Figure 2.11 Outline diagram showing how a
spectroscop
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Figure 2.12 a White light spectrum
b Sodium emission spectrum
¢ Cadmium emission spectrum

The structure of the atom

Energy levels and emission spectra

When gaseous atoms are given energy, either by heating them up to several hundred
degrees, or by passing an electric current through them, the electrons become excited
and move from lower energy levels to higher levels. Electrons in gaseous atoms can also
move from lower to higher energy levels by absorbing specific frequencies of light. This
leaves dark absorption lines in the spectrum of light transmitted through the gas. It was
these absorption lines that provided the first evidence for a new element discovered in
the outer regions of the Sun. It was named helium, after the Greek word for the Sun,
belios. The technique of atomic absorption speciroscopy is widely used today to measure
accurately, for example, the concentrations of calcium and sodium in a blood sample, or
the elements contained in a sample of a steel alloy (see Figure 2.10).

Eventually, the excited electrons lose energy again by falling down to lower energy levels.
During this process they radiate visible or ultraviolet light in specific amounts as ‘packets’
called photons. We can analyse the radiated light with a device called a spectroscope, shown
in Figure 2.11. The emission spectrum shows that only a very few specific frequencies
are emitted, and these are unique to an individual element. All the atoms of a particular
element radiate at the same set of frequencies, which are usually different from those of
all other elements (see Figure 2.12). This is the process that is responsible for the flame
colours of the elements of Groups 1 and 2 (see Topics 10 and 19). The cbservation of line
spectra, implying that photons of only specific energies are emitted or absorbed by atoms,
constitutes strong evidence for the existence of discrete electronic energy levels within atoms.

white
light

screen

continuous
spectrum

a white light
frequency/10™ Hz  4.29

wavelength/nm 700

b sodium vapour (yellow)
frequency/10"¥ Hz  4.29 5.00 6.00 7.5

8

wavelength/nm 700 600 500

¢ cadmium vapour (turguoise green)
frequency/10'* Hz 4.29

wavelength/nm 700
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The energy E of a photon of light is related to its frequency, f, by Planck’s equation:
E=hf

where A is the Planck constant.

If photons of a particular frequency are being emitted by an atom, this means that
the atom is losing a particular amount of energy. This energy represents the difference
between two states of the atom, one more energetic than the other (see Figure 2.13).

Figure 2.13 A photon is emitted as the A

Fx 2 E
atom moves between state £, and state £5. -

photon emitted, with energy
hf= AE

energy

AE=E;—E,

E

The spectrum of the simplest atom, hydrogen, shows a series of lines at different
frequencies (see Figure 2.14). This suggests that the hydrogen atom can lose different
amounts of energy, which in turn suggests that it can exist in a range of energy states.
Transitions between the various energy states cause photons to be emitted at various
frequencies. These energy states can be identified with situations where the single hydrogen
electron is in certain orbitals, at specific distances from the nucleus, as we shall see.

Figure 2.14 Part of the hydrogen 4 = n = * (ionisation)
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wy
=
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@
=
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'EE n=2
E, = n=1
(E5-E5) (E4-E;) (Ez—E5) (Eg—E;5)
1= ——— fo= —— fy= fa=
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I I I
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frequency, fI10" Hz
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Flgure 2.15 Energy against electron—proton
distance for the hydrogen atom. The red
curve represents how the potential energy

of the hydrogen atom would vary with
electron—proton distance if the energy could
take on any value, as predicted by simple
electrostatic theory. But, as we have seen
above, the potential energy is quantised, and
can only take on certain values, shown in blue.
Therefore the electron can only be at certain
(average) distances from the nucleus. These
are the electronic orbitals, and are given the
symbols 1s, 2s, etc. Note that the energy of
the proton—electron system is usually defined
as being zero when the two particles are an
infinite distance apart. As soon as they start
getting closer together, they attract each other
and this causes the potential energy of the
systemn to decrease. This is why the energy
values on the y-axis are all negative.

Table 2.2 The number of orbitals in each shell

Number of
orbltals

Principal shell
number

1 1

Lo I Wy I 0 UWEY (]
-
()]

The structure of the atom

Quantum theory

The fact that only certain frequencies of light are emitted, rather than a continuous
spectrum, is compelling evidence that the energy of the hydrogen atom can take only
certain values, not a continuous range of values. This is the basic notion of the quantum
theory. We say that the energy of the hydrogen atom is quantised (rather than
continuous). It can lose (or gain) energy only by losing (or gaining) a quantum of energy.
A good analogy is a staircase. When you climb a staircase, you increase your height
by certain fixed values (the height of each step). You can be four steps from the bottom,
or five steps, but not four and a half steps up. By contrast, if you were walking up a
ramp, you could choose to be at any height you liked from the bottom. It turns out that
the energy of all objects is distributed in staircases rather than in ramps, but if the object
is large enough, the height of each step is vanishingly small. The energy values then
seem to be almost continuous, rather than stepped. It is only when we look at very small
objects like atoms and molecules that the height of each step becomes significant.
The size of an energy quantum (the height of each step) is not fixed, however.
It depends on the type of energy we are considering. We shall return to this point
in Topic 29 when we study spectroscopy. We can use the methods of quantum
mechanics to calculate not only the energies but also the probability distributions
of orbitals (see Figures 2.16 and 2.18, page 30).

Energy levels in the atom

Hydrogen is a very small spherical atom with only two particles — a proton and an
electron. Apart from energy of movement (translational kinetic energy), the only
energy it can have is that associated with the electrostatic attraction between its two
particles (see page 26). The different energy levels are therefore due to different
electrostatic potential energy states, where the electron is at different distances from
the proton (see Figure 2.15).

distance/nm —-
0 0.5 0.8

&
T

energy/k) mol™

'

These energy levels, associated with different distances of the electron from the
nucleus, are called orbitals, by analogy with the orbits of the planets at different
distances from the Sun.

The orbitals are arranged in shells. Each shell contains orbitals of roughly the
same energy. The shell with the lowest energy (the one closest to the nucleus)
contains only one orbital. Shells with higher energies, further out from the
nucleus, contain increasingly large numbers of orbitals, according to the
formula:

number of orbitals in nth shell = »?

Table 2.3 shows the number of orbitals in each shell, according to this equation.
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Figure 2.16 The electron probability
distribution for a 2s orbital

Figure 2.17 The probability distribution for
the Earth-Sun distance
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Figure 2.18 The electron probability
distribution for a 2p orbital
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2.8 Subshells and the shapes of orbitals

Electron probability and distance from the nucleus

Unlike a planet in a circular orbit, whose distance from the Sun does not change,
an electron in an orbital does not remain at a fixed distance from the nucleus.
Although we can calculate, and in some cases measure, the average electron—
nucleus distance, if we were to take an instantaneous snapshot of the atom, we
would be quite likely to find the electron either further away from or closer to the
nucleus than this average distance. The graph of probability of finding the electron
against its distance from the nucleus for a typical orbital is shown in Figure 2.16,
and by contrast a similar one for the Earth-Sun distance is shown in Figure 2.17.
Notice that, because of the gradual falling-off of the electron probability, there is a
finite (but very small) chance of finding an electron a very long way from the centre
of the atom.
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The first shell — s orbital

The single orbital in the first shell is spherically symmetrical. This means that the
probability of finding the electron at a given distance from the nucleus is the same no
matter what direction from the nucleus is chosen. This orbital is called the 1s orbital.

The second shell - s and p orbitals

Of the four orbitals in the second shell, one is spherically symmetrical, like the
orbital in the first shell. This is called the 2s orbital. Its probability curve is shown
in Figure 2.16. The other three second-shell orbitals point along the three mutually
perpendicular x-, y- and z-axes. These are the 2p orbitals. They are called,
respectively, the 2p,, 2p, and 2p, orbitals. They do not overlap with one another.
For example, an electron in the 2p, orbital has a high probability of being found
on or near to the x-axis, but a zero probability of being found on either the y-axis
or the z-axis. These two different types of orbitals — the 2s and the 2p — are of
slightly different energies. They make up the two subshells in the second shell of
orbitals.

When an electron is located in an s orbital, there is a fair chance of finding it right
at the centre of the atom, at the nucleus. But the distribution curve for the 2p orbital
in Figure 2.18 shows that there is a zero probability of finding a p electron in the
centre of the atom. This is general for all p orbitals. Electrons in these orbitals tend to
occupy the outer reaches of atoms.

In three dimensions, an s orbital can be likened to a soft sponge ball, whereas a p
orbital is like a long spongy solid cylinder, constricted around its centre to form two
lobes, as shown in Figure 2.19.



2 The structure of the atom

a the 2s orbital b the three z
2p orbitals L
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Flgure 2.19 The shapes of a the 2s orbital

and b the three 7p orbtals The third shell - s, p and d orbitals
From the 7° formula on page 29 we can predict that there will be nine orbitals in the
third shell. One of these, the 3s orbital, is spherically symmetrical, just like the 1s and
2s orbitals. Three 3p orbitals, the 3p,. 3py and 3p, orbitals, each have two lobes,
pointing along the axes in a similar fashion to the Zp orbitals. The other five have a
different shape. The most common interpretation of the mathematical equations that
describe their shape suggests that four of these orbitals each consist of four lobes in
the same plane as one another, and pointing mutually at right angles, whereas the
fifth is best represented as a two-lobed orbital surrounded by a ‘doughnut’ of electron
density around its middle. They are called the 3d orbitals, illustrated in Figure 2.20.
So the third shell consists of three subshells — the 3s, the 3p and the 3d subshells.
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The fourth shell - s, p, d and f orbitals

The process can be continued. In the fourth shell, we predict that there will be 42 = 16
Figure 2.21 The shape of one 4f orbital. orbitals. One of these will be the 4s orbital, three will be the 4p orbitals, five will be
There are eight lobes pointing out from the the 4d orbitals, leaving seven orbitals of a new type. They are called the 4f orbitals.
centre. Each consists of many lobes pointing away from one another, as shown in Figure 2.21.

Figure 2.20 The shapes of the five 3d
orhitals. Four of them have the same shape,
but in different orientations. The fifth has a
different shape, as shown in e,

Shells and orbitals in summary
The number and type of orbitals within the different shells are summarised in Table 2.4.

Table 2.4 The number and type of orbitals shell number, | Number of orbitals | Number of orbitals of each type
in each shell n within the shell, n* | (thatls, number of orbltals In each subshell)
5 P d f
1 1 1
2 4 1 3
3 9 1 3 5
4 16 1 3 5 7
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How many orbitals will be in:
a the 5p subshell
b the 5f subshell?

32

Worked example

What is the total number of orbitals in the fifth shell? How many of these are d orbitals?

Answer
Total number of orbitals = 52 = 25. Of these, 5 are d orbitals. (There are five d orbitals in
every shell above the third shell.)

2.9 Putting electrons into the orbitals

The atoms of different elements contain different numbers of electrons. A hydrogen
atom contains just one electron. An atom of uranium contains 92 electrons. How
these electrons are arranged in the various orbitals is called the atom's electronic
configuration. This is a key feature in determining the chemical reactions of an element.

The electrons around the nucleus of an atom are most likely to be found in the situation
of lowest possible energy. That is, they will occupy orbitals as close to the nucleus as
possible. The single electron in hydrogen will therefore be in the 1s orbital. The electronic
configuration of hydrogen is written as 1s! (and spoken as ‘one ess one’). The next
element, helium, has two electrons, so its electronic configuration is 1s% "one ess two'),

For reasons that we shall look at later, we find that each orbital, no matter what
shell or subshell it is in, cannot accommodate more than two electrons. The third
electron in lithium, therefore, has to occupy the orbital of next lowest energy, the
2s. The electronic configuration of lithium is 152 2s!. Beryllium (15?25%) and boron
(15?252 2ph) follow predictably.

When we come to carbon (1s%2s” 2]::-2). we need to differentiate between the three
2p orbitals. Because electrons are all negatively charged, they repel one another
electrostatically. The three 2p orbitals are all of the same energy. Therefore we
would expect the two p electrons in carbon to occupy different 2p orbitals (for
example, 2p, and ZPJ.), as far away from one another as possible. This is in fact what
happens. Likewise, the seven electrons in the nitrogen atom arrange themselves
1s% 25 2];:—_.,,1 2|::—_’.’,,‘1 2p31. It is only when we arrive at oxygen (1s% 242 2’.];)_,,z Zpyi 2p31) that
the 2p orbitals start to become doubly occupied. For many purposes, however, there
is no need to distinguish between the three 2p orbitals, and we can abbreviate the
electronic configuration of oxygen to 152252 2pt.

This process continues until element number 18, argon. With argon, the 3p subshell is
filled, and we would expect that the next electron should start to occupy the 3d subshell.
But here the expectation is not what happens. Instead, the nineteenth electron in the next
element, potassium, occupies the 4s subshell. We shall now explain why this is the case.

2.10 Shielding by inner shells

In a single-electron atom like hydrogen, the potential energy is due entirely to the
single electrostatic attraction between the electron and the proton. When we move to
the two-electron atom helium, two changes have occurred.

1 The nucleus now contains two protons, and has a charge of +2. It will therefore
attract the electrons more, and reduce the potential energy of the system, that is,
make it more stable.

2 However, the second electron in the atom will repel the first (and vice versa). This
makes the decrease in potential energy described in 1 above less than it would
otherwise have been.

This has a clear effect on the ionisation energies of the two elements.

The ionisation energy of an atom (or ion) is defined as the energy required to remove
completely a mole of electrons from a mole of gaseous atoms (or ions). That is, the
ionisation energy is the energy change for the following process:

X(g) —» X"g) +e



Figure 2.22 The energy needed to remove
an electron from a hydrogen atom and a
helium atom

Figure 2.23 Variation of the energy of the
1s orbital with proton number

The structure of the atom

For hydrogen and helium the ionisation energies are:

H(g) — H*(g) + ¢~ AH = 1312k mol™
Hel(g) — He'(g) + ¢ AH= 2372k mol™?

Note that AH is the symbol chemists use for enthalpy change. The enthalpy change of
a process is the energy change that occurs when the process is carried out at constant
pressure (see Topic 5).

It takes more energy to remove an electron from a helium atom than from a
hydrogen atom. This shows that, compared with the energy when the electron is at
infinity, the energy of the 1s orbital has become more negative in helium (see Figure
2.22) than in hydrogen (see Figure 2.15, page 29).

H* He*
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e AH = 1312 kJ mol™!
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This decrease in energy for the 1s orbital continues as the proton number increases
(see Figure 2.23). The decrease in energy is also true for other orbitals. The reason

is that as the number of protons in the nucleus increases, the electrons in a particular
orbital are attracted to it more. The decrease in energy is not regular, however, and is
not the same for all orbitals. This is due to two factors,

proton number
0 1 2 3 4 5 6
0 l | | | I I -

:

energy/k) mol!
!
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@ The average distance of a p orbital from the nucleus is larger than that of the
corresponding s orbital in the same shell (see Figures 2.16 and 2.18, page 30).

Figure 2.24 The lithium nucleus and inner

Electrons in p orbitals therefore experience less of the stabilising effect of increasing
nuclear charge than electrons in s orbitals. For a similar reason, electrons in d orbitals
experience even less of the increasing nuclear charge than electrons in p orbitals.
e All electrons in outer shells are to some extent shielded from the nuclear charge by
the electrons in inner shells. This shielding has the effect of decreasing the effective
nuclear charge. In the case of lithium, for example, the outermost electron in the 2s
orbital does not experience the full nuclear charge of +3 (see Figure 2.24). The two
electrons in the filled 1s orbital mask a good deal of this charge. Overall, the
effective nuclear charge experienced by the 2s electron in lithium is calculated

shall to be +1.3, which is considerably less than the actual nuclear charge of +3.

A plot of orbital energy against proton number for several orbitals is shown in
Figure 2.25.

Figure 2.25 Graph of orbital energy against
proton number for shell numbers 1-5 (see
Table 2.4, page 31) -40—
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Figure 2.26 Mnemonic for the order of filling
orbitals

The structure of the atom

It can be seen that, for each shell, the electrons in the s orbital decrease their energy
faster than electrons in the p orbitals. Electrons in the p orbitals in turn decrease their
energy faster than electrons in the d orbitals, and so on. In particular, electrons in
the 4s and 4p orbitals decrease their energy faster than electrons in the 3d orbitals.
So much so, that by the time 18 electrons have been added (it so happens), the next
most stable orbital is the 4s rather than the 3d. The orbital filling continues after
potassium in the order 4s-3d—4p—5s—4d—5p—Hs—4f-5d-6p—Ts, reflecting the ‘lagging
behind’ of the d and f orbitals. This is due to the effective shielding, by filled inner
electron shells, of these orbitals from the increasing nuclear charge.

The simple mnemonic diagram in Figure 2.26 will help you to remember the order
in which the orbitals are filled.

2.11 Electron spin and the Pauli principle

Electrons are all identical. The only way of distinguishing them is by describing
how their energies and spatial distributions differ. Thus an electron in a 1s orbital
is different from an electron in a 2s orbital because it occupies a different region of
space closer to the nucleus, causing it to have less potential energy. An electron in
a 2p, orbital differs from an electron in a 2p,, orbital because although they have
exactly the same potential energy, they occupy different regions of space.

Two electrons with the same energy and occupying the same orbital must be
distinguishable in some way, or else they would, in fact, be one and the same particle.

Experiments by Otto Stern and Walther Gerlach, in Germany in the 1920s, showed
that an electron has a magnetic dipole moment. A spinning electrically charged
sphere is predicted to produce a magnetic dipole — it acts like a tiny magnet, with a
north and a south pole. Therefore the most common explanation for the results of the
Stern—Gerlach experiment is that the electron is spinning on its axis, and the direction
of spin can be either clockwise (let us say) or anticlockwise. These two directions of
spin produce magnetic moments in opposite directions, often described as ‘up’ (given
the symbol Ty and ‘down’ (given the symbol 1.

We could therefore distinguish between two electrons in exactly the same orbital
if they had different directions of spin. All electrons spin at the same rate, and there
are only two possible spin directions. Therefore there are only two possible ways of
describing electrons in the same orbital (for example, 1sT and 1sl). So there can only
be two electrons in each orbital, and they must have opposite directions of spin. A
third electron would need to have the same spin direction as one of the two already
there, which would make it indistinguishable from the similarly spinning one.

The situation is neatly summarised by the Pauli exclusion principle, which states that:

No more than two electrons can occupy the same orbital, and if two electrons are in the
same orbital, they must have opposite spins.

2.12 Filling the orbitals

We are now in a position to formulate the rules to use in order to predict the electronic
configuration of the atoms of the elements, and also the ions derived from them.
Collecting together the conclusions of sections 2.7-2.11, we arrive at the following.

1 Work out, from the element’s proton number (and the charge, if an ion is being
considered), the total number of electrons to be accommodated in the orbitals.

2 Taking the orbitals in order of their energies (see Figure 2.26), fill them from the lowest
energy (1s) upwards, making sure that no orbital contains more than two electrons.

3 For subshells that contain more than one orbital with the same energy (the p, d and
f subshells), place the electrons into different orbitals, until all are singly occupied.
Only then should further electrons in that subshell start doubly occupying orbitals.
For example, place one electron into each of 2p,, 2p, and Zp, before putting two
electrons into any p orbital.

4 Two electrons sharing the same orbital must have opposite spins.

This procedure is known as the Aufbau or ‘building-up’ principle.
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The electronic configurations of atoms and ions can be represented in a variety of
ways. These are illustrated here by using sulfur (proton number 16) as an example.
One way is as an ‘electrons-in-boxes’ diagram, as shown in Figure 2.27.

3
Note that the boxes can also be, and usually x y z
are, arranged in one row, with no ‘steps’ to o

|
|

|

|

=

indicate energy levels (as in Figure 2.28 below). 2

X y Z
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|
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|

Figure 2.27 Electrons-in-boxes diagram 4
showing the electronic configuration of sulfur.

2:
1s

An alternative is the long linear form, specifying individual p orbitals:
1s*2s”2p,’ 2p,* 2p,%35* 3p,*3p, ' 3p."

Below is the shortened linear form, which is the most usual representation:
152252 2p83523p

An even shorter form is:
[Ne]3s® 3p*

where [Ne] represents the filled shells in the neon atom, 162 2522;:6.

Sometimes, if we are only concerned with which shells are filled, rather than which
sub-shells, the electron configuration of the sulfur atom can be described as 2.8.6,
meaning 2 electrons in the first shell; § electrons in the second shell; and 6 electrons

in the third shell.

Worked example

Write out:

a the 'electrons-in-boxes’ representation of the silicon atom
b the shortened linear form of the electronic configuration of the magnesium atom
¢ the long linear form of the electronic configuration of the fluoride ion.

Answer

a Silicon has proton number 14, so there are 14 electrons to accommodate, as shown
in Figure 2.28. Note that the last two electrons go into the 3p, and 3p, orbitals, with
unpaired spins.

Fgure2.28 1[0y 2[(] 2e[0F[AR[Ar] 3[r] 2e[4[4] |
X ¥y

X y z

b Magnesium has proton number 12. The 12 electrons doubly occupy the six orbitals lowest

in energy:
Write out the long linear form of the 1222705 362
electronic configuration of each of the Septas
following atoms or ions. ¢ Fluorine has proton number 9. The F~ion will therefore have (9 + 1) = 10 electrons:
1IN 2Ca 3 AR 1522522p,22p,2 2p 2

2.13 Experimental evidence for
the electronic configurations of
atoms — ionisation energies

A major difference between electrons in different types of orbital is their energy. We
can investigate the electronic configurations of atoms by measuring experimentally
the energies of the electrons within them. This can be done by measuring ionisation
energies (see page 32).
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Figure 2.29 Graph of the twelve ionisation
energies of magnesium against electron
number. The electronic configuration of
magnesium is 1s?2s% 2p®3¢%,

The structure of the atom

Ionisation energies are used to probe electronic configurations in two ways:

® successive ionisation energies for the same atom
® first ionisation energies for different atoms.

We shall look at each in turn.

Successive ionisation energies

We can look at an atom of a particular element, and measure the energy required to
remove each of its electrons, one by one:

X = X + e AH=1IE,
X =X +e AH =1E,
e = XM + e AH=1E; etc.

These successive ionisation energies show clearly the arrangement of electrons

in shells around the nucleus. If we take the magnesium atom as an example, and
measure the energy required to remove successively the first electron, the second, the
third, and so on, we obtain the plot shown in Figure 2.29.
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Successive ionisation energies are bound to increase because the remaining electrons
are closer to, and less shielded from, the nucleus. But a larger increase occurs when
the third electron is remowved. This is because once the two electrons in the outer
(third) shell have been removed, the next has to be stripped from a shell that is very
much nearer to the nucleus (the second shell). A similar, but much more enormous,
jump in ionisation energy occurs when the eleventh electron is removed. This has

to come from the first, innermost shell, right next to the nucleus. These two large
jumps in the series of successive ionisation energies are very good evidence that the
electrons in the magnesium atom exist in three different shells.
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Figure 2.30 Graph of logarithms of the
twelve ionisation energies of magnesium
against electron number

Decide which group element Yis in,
based on the following successive
ionisation energies:

590, 1145, 4912, 6474, 8144 kI mol™'
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The jumps in successive ionisation energies are more apparent if we plot the
logarithm of the ionisation energy against proton number, as in Figure 2.30. (Taking
the logarithm is a scaling device that has the effect of decreasing the differences
between adjacent values for the larger ionisation energies, so the jumps between the
shells become more cbvious.)
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Worked example

The first five successive ionisation energies of element X are 631, 1235, 2389, 7089 and
8844kJmol™.
How many electrons are in the outer shell of element X?

Answer
The differences between the successive ionisation energies are as follows:
2-1: 1235-631 =604kmol
3-2: 2389-1235=1154k mol!
4-3: 7089 - 2389 = 4700k mol™!
5 4: 8844 - 7089 = 1755 k) mal™
The largest jump comes between the third and the fourth ionisation energies, therefore X

has three electrons in its outer shell.
A

First ionisation energies

The second way that ionisation energies show us the details of electronic configuration
is to look at how the first ionisation energies of elements vary with proton number.
Figure 2.31 is a plot for the first 40 elements.

This graph shows us the following.

1 All ionisation energies are strongly endothermic — it takes energy to separate an
electron from an atom.

2 As we go down a particular group, for example from helium to neon to argon, or
from lithium to sodium to potassium, ionisation energies decrease. The larger the
atom, the easier it is to separate an electron from it.



Flgure 2.31 First ionisation energies for the
first 40 elements

The structure of the atom
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3 The ionisation energies generally increase on going across a period. The Group 1
elements (the alkali metals) have the lowest ionisation energy within each period,
and the noble gases have the highest.
4 This general increase across a period has two exceptions. For the first two periods,
these occur between Groups 2 and 13 and between Groups 15 and 16.
We shall comment on each of these features in turn.

1 The endothermic nature of ionisation energies

This is due to the electrostatic attraction between each electron in an atom (even
the outermost one, which is always the easiest to remove) and the positive nucleus.
It is worth remembering that this applies even to alkali metals like sodium, which
we usually think of as *wanting’ to form ions. We must bear in mind, however, that
ionisation energies as plotted in Figure 2.31 apply to the ionisation of isolated atoms
in the gas phase. lons are much more stable when in solid lattices or in solution. We
shall be looking at this in detail in Topic 20.

2 The group trend

The nuclear charge experienced by an outer electron is the effective nuclear
charge, Z It can roughly be equated to the number of protons in the nucleus,
P, minus the number of electrons in the inner shells, E. As we explained when
considering the ionisation energy of lithium on page 34, inner shells shield the
effect of the increasing nuclear charge on the outer electrons. Because of this,
the outer electrons of elements within the same group experience roughly the
same effective nuclear charge no matter what period the element is in. What does
change as we go down a group, however, is the atomic radius (see Figure 2.32).
The larger the radius of the atom, the larger is the distance between the outer
electron and the nucleus, so the electrostatic attraction between them is smaller.
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Figure 2.32 The effective nuclear charge,
Z.g and sizes of the cores of three alkali
metals, The core, represented by the blue
circles, comprises the nucleus plus all

the inner shells of electrons. Despite the
increase in Z.g, the ionisation energies
decrease from lithium to potassium, owing
to the increased electron—nudeus distance.

Table 2.5 Comparing the values of (P—E)
and the effective nuclear charge, Z.y, for
Period 2. Zg is not exactly equal to (P— £) for
two reasons:

1 Electrons in s orbitals penetrate the inner
orbitals to a certain extent, and are therefore
less shielded by them than one might have
predicted.

2 Electrons in the same shell do, to a certain
extent, shield one another from the nucleus.
This effect becomes larger as the outer shell
becomes more full of electrons, and so the
discrepancy between Z.g and (P— E) increases
as we cross a period,

01 02 0.1 0.2 0.1 0.2nm
f f i i } } : } ; } | 1 }
electronic ok Al L
configuration lithium sodium potassium
of core 15 152 25° 2p° 152252 2p® 35 3p°
Z oy 1.3 25 3.5
atomic radius/nm 0.18 0.23 0.28
ionisation energy/
kimol™ 520 496 419
3 The periodic trend

As we go across a period, we are, for each element, adding a proton to the nucleus, and
an electron to the outermost shell. The extra proton will, of course, cause the nucleus

to attract all the electrons more strongly. Electrons in the same shell are at (roughly) the
same distance from the nucleus as one another. They are therefore not particularly good
at shielding one another from the nuclear charge. As a result of this, the effective nuclear
charge increases. This causes the electrostatic attraction between the ionising electron
and the nucleus to increase too. Table 2.5 illustrates this for the second period.

Element Number of Number of Inner P-E Effective nuclear
protons, P shell electrons, E charge, Z g
Li 3 2 1 1.3
Be 4 2 2 1.9
B 5 2 3 2.4
C 6 2 4 31
N 7 2 5 3.8
o] 8 2 6 4.5
F 9 2 7 54
Ne 10 2 8 5.8
4 The exceptions

The two exceptions to the general increase in ionisation energy across a period (see
Figure 2.31) arise from different causes.

In boron (1s%2s% 2p1), the outermost electron is in a 2p orbital. The average
distance from the nucleus of a 2p orbital is slightly larger than that of a 2s orbital (see
Figures 2.16 and 2.18). We would therefore expect the outermost electron in boron to
experience less electrostatic attraction than the outermost 2s electron in beryllium. So
the ionisation energy of boron is less.

The other exception is the decrease in ionisation energy from nitrogen to oxygen.
This occurs when the fourth 2p electron is added, and is related to the fact that there
are just three 2p orbitals. As we have seen before, because they are of the same
electrical charge, electrons repel one another. The three successive electrons added to
the series of atoms boron — carbon — nitrogen are therefore most likely to go into the
three orbitals 2p,, 2p, and 2p,. These orbitals are of equal energy and at right angles
to one another, so allowing the electrons to be as far apart as possible. They will
therefore experience the least electrostatic repulsion from one another, and so, overall,
the atomic system will be the most stable. In oxygen, however, the fourth 2p electron
has to be accommodated in an orbital that already contains an electron. These two
electrons will be sharing the same region of space (by the Pauli principle, of course,
their spins will have to be in opposite directions), and they will therefore repel each
other quite strongly. This repulsion is larger than the extra attraction experienced
by the new electron from the additional proton in oxygen's nucleus. 5o the energy
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Flgure 2.33 First jonisation enargy against
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needed to remove the electron from the oxygen atom is less than the jonisation energy
of the nitrogen atom. Similar repulsions are experienced by the additional electrons in
the fluorine and neon atoms, so the ionisation energy of each of these elements is, like
oxygen’s, about 430kJmol™? less than one might have expected (see Figure 2.33).

Once the second shell has been filled, at neon, the next additional electron (in
sodium) has to occupy the 3s orbital, and starts to fill the third shell. This is further
out from the nucleus than the 2p electron in neon (remember, electrostatic attraction
decreases with distance). It is also more shielded from the nucleus — by two inner
shells, rather than the one in neon — hence Z_g for sodium is only 2.5. On both
accounts, we would expect a large decrease in ionisation energy from neon to
sodium, which we indeed observe (see Figure 2.31).

2.14 The effect of electronic
configuration on atomic radius

At first sight, the radius of an atom might seem an easy quantity to visualise. But, as
we saw in Figures 2.16 and 2.18 (page 30), the outer reaches of atoms have an ever-
decreasing electron probability, which is still greater than zero even at large distances.
A filled orbital is a pretty elusive affair that can easily be squashed or polarised. We
must therefore be prepared to accept that the value of the atomic radius will not be a
fixed quantity, but will depend on the atom’s environment.

Keeping this in mind, however, we can use the theories developed above to predict
how the atomic radius might change with proton number. We have seen that we might
expect two major influences on the size of an atom. One of these will be the number
of shells — the more shells, the bigger the atom should be. We should see this effect
as we go down a group. The other influence will be the effective nuclear charge — the
larger the charge, the more the orbitals are pulled in towards the nucleus, and so the
smaller the atom should be. We should see this effect as we go across a period. These
two factors combine to produce a predictable pattern in the plot of atomic radius
against proton number, which is borne out by experimental observations (see Figure
2.34). We shall return to the trends in atomic radius in section 10.3.
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Figure 2.34 Atoms get larger down a group, as the number of shells increases. They get smaller across a period, as the effective nuclear charge

pulls the electrons doser to the nucleus.

® All atoms are made of the same three sub-atomic particles —
the electron, the proton and the neutron.

e Their relative electrical charges are, respectively, —1, +1 and 0.

@ Their masses (relative to that of the proton) are, respectively,

1
1836 ¢ 1and 1.

e The proton number (atomic number) is the number of protons
contained in the nucleus of an element’s atoms. It tells us the
order of the element in the Periodic Table.

® Isotopes are atoms of the same element (and therefore with the
same proton number) but with different numbers of neutrons.

e The mass number of an atom is the sum of the numbers of
protons and neutrons it contains.

@ The full symbol for an atom shows its mass number as a
superscript and its atomic (proton) number as a subscript.

For example, '2C shows a carbon atom with mass number 12
and proton number 6.

e Masses and relative abundances of isotopes can be measured

using the mass spectrometer.

Chemical energy has two components —the kinetic energy
of maoving particles, and the potential energy due to
electrostatic attractions.

The electrons are arranged around the nucleus of an atom in
energy levels, or orbitals.

When an electron moves from a higher to a lower energy level
{orbital), a quantum of energy is released as a photon of light
(sometimes visible, but often ultraviolet light).

The number of possible orbitals in the nthshell is n?. Each
orbital can hold a maximum of two electrons.

The first shell contains only one orbital, which is an s orbital.
The second shell contains one s and three p orbitals, the third
shell one s, three p and five d orbitals, and so on.

The electrons in an atom occupy the lowest energy orbitals first.
Orbitals of equal energy are occupied singly whenever possible.
Successive ionisation energies of a single atom, and the trends
in the first ionisation energies of the element across periods
and down groups, give us information about the electronic
configurations of atoms.
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i ke’
Examination practlce questlons
Please see the data section of the CD for any 4, values you Copy and complete the following table showing the
may need. maximum number of electrons which can be found
: within each region. 3]
1 Although the actual size of an atom cannot be measured
exactly, it is possible to measure the distance between the Reglon Number of electrons
nuclei of two atoms. For example, the ‘covalent radius’ of a 2p orbital
the Cl atom is assumed to be half of the distance between
the nuclei in a Cl; molecule. Similarly, the 'metallic radius’ is Hratesiibshel
half of the distance between two metal atoms in the crystal the 4th shell
lattice of a metal. These two types of radius are generally
known as ‘atomic radii’. d The modern Periodic Table arranges the elements in
The table below contains the resulting atomic radii for the order of their atomic number.
elements of Period 3 of the Periodic Table, Na to Cl Explain what is meant by the term periodicity. [1]
e In this part, you need to refer to the Periodic Table of the
Element |Na |Mg |Al Si P 5 cl Elements in the data section on the CD.
Atomlic 0.186 |0.160 |0.143 | 0.117 | 0.110 | 0.104 | 0.099 From the first 18 elements enly, choose an element
radius/nm which fits the following descriptions.
} ) o . L ) ) i An element with an isotope that can be represented
a i Explain qualitatively this variation in atomic radius. 25 1y 1]
£ e . 2,8
H Suggestwty Ts et poszbie 1o =g fhie saime typs 0{1] ii The element which forms a 3— ion with the same
. measurement or argon, Ar. - W 0]
b i Use the data section on the CD to complete the ; g
i > : : iii The element which has the smallest third ionisation
following table of radii of the cations and anions . 0]
formed by some of the period three elements. iv The element with the first six successive ionisation
3 : &
Radlus of catlon/nm Radlus of anlon/nm enangies shown belew, in klmol™, 0
Na* Mgt AR+ p3* 5e- clk 738 1451 7733 10547 13629 17995
[OCR Chemistry A Unit F321 Q1 May 2011]

ii Explain the differences in size between the cationsand 3 Tin mining was commaon practice on Dartmoor (UK) in

the corresponding atoms. pre-Roman times. Most of the tin extracted was mixed
iii Explain the differences in size between the anions and with copper to produce bronze.
the corresponding atoms. 51 a The table below shows the sub-atomic particles of an
[Cambridge International AS & A Level Chemistry 9701, isotope of tin.
Paper 23 Q1 a & b June 2012]
2 This question is about a model of the structure of the atom. Isotope Protons Neutrons Electrons
a A model used by chemists includes the relative charges, 18sn
the relative masses and the distribution of the sub-atomic
particles making up the atom. i Copy and complete the table. [1]
Copy and complete the table below. )] i In terms of sub-atomic particles, how would atoms of
12051 differ from atoms of ''®sn? [1]
Particle Relative charge | Relative | Position within b The relative atomic mass of tin is 118.7. Define the term
mass the atom relative atomic mass. [E]
proton ¢ A bronze-age shield found on Dartmoor contained
HaiiTon 2.08kg of tin.
Calculate the number of tin atoms in this bronze shield.
electron 172000 shell Give your answer to three significant figures. 2]
d Tin ore, known as cassiterite, contains an oxide of tin.
b Early studies of ionisation energies helped scientists to This oxide contains 78.8% tin by mass.
develop a model for the electron structure of the atom. Calculate the empirical formula of this oxide. You must
Define the term first ionisation energy. [3] show your working. 2]
¢ A modern model of the atom arranges electrons into [OCR Chemistry A Unit F321 Q1 May 2010]
\ orbitals, sub-shells and shells. )
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AS Level

Physical chemistry

Chemical bonding in simple
molecules

This topic is the first of two in which -, :

we look at how atoms bond together Lea rning outcomes

to form molecules and compounds, By the end of this topic you should be able to:
and how those particles arrange 3.2a)
themselves into larger structures to
form all the matter we see around us.
Here we describe the various types

describe, including the use of ‘dot-and-cross’ diagrams, covalent bonding (as

in hydrogen, oxygen, chlorine, hydrogen chloride, carbon dioxide, methane,

ethene) and co-ordinate (dative covalent) bonding (as in the formation of the

: ammonium ion and in the ALCl; molecule)

of covalent bof"'d' anc! explain some 3.2b) describe covalent bonding in terms of orbital overlap, giving g and & bonds,

of the properties of simple covalent including the concept of hybridisation to form sp, sp? and sp? orbitals (see also

molecules. Topic 14)

3.2c) explain the shapes of, and bond angles in, molecules by using the qualitative
model of electron-pair repulsion (including lone pairs), using as simple examples:
BF; (trigonal), CO; (linear), CH, (tetrahedral), NH; (pyramidal), H;O (non-linear),
SFg (octahedral), PFg (trigonal bipyramidal)

3.2d) predict the shapes of, and bond angles in, molecules and ions analogous to
those specified in 3.2b) (see also Topic 14)

3.3a) describe hydrogen bonding, using ammonia and water as simple examples of
molecules containing N—H and O—H groups

3.3b) understand, in simple terms, the concept of electronegativity and apply it
to explain the properties of molecules such as bond polarity and the dipole
moments of molecules {part, see also Topic 10)

3.3c) explain the terms bond energy, bond length and bond polarity and use them to
compare the reactivities of covalent bonds (see also Topic 15)

3.3d) describe intermolecular forces (van der Waals” forces), based on permanent and
induced dipoles, as in CHCI5(l}, Bry{l) and the liquid Group 18 elements

3.5¢) show understanding of chemical reactions in terms of energy transfers associated

with the breaking and making of chemical bonds (see also Topic 14)

S

3.1 Introduction

Of the total number of individual, chemically-pure substances known to exist,
several million are compounds, formed when two or more elements are
chemically bonded together. Less than 100 substances are elements. Only six of
these elements consist of free, unbonded atoms at room temperature. These are
the noble gases in Group 18. All other elements exist as individual molecules, or
giant molecules, or metallic lattices. In all three cases, the atoms of the element are
chemically bonded to one another.

This shows that the natural state of atoms (that is, the state where they have the
lowest energy) is the bonded state. Atoms “prefer’ to be bonded to one another,
rather than to be floating free through space. They give out energy when they form
bonds. On the other hand, it always requires an input of energy to break a chemical
bond — bond-breaking is an endothermic process (see Figure 3.1).
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Figure 3.1 Bond breaking is endothermic.

Figure 3.2 Potential energy against
internuclear distance for the hydrogen
molecule

O

Chemical bonding in simple molecules

separate atoms A+ B

AH positive

bonded atoms A8

The bond strength is related to the value of AH in Figure 3.1, that is, the enthalpy
change that occurs when one mole of bonds in a gaseous compound is broken,
forming gas-phase atoms (see section 5.3). The larger Aff is, the stronger is the bond.

We saw in Topic 2 that the negatively charged electrons in an atom are attracted
to the positively charged nucleus: an electron in an atom has less potential energy
than an electron on its own outside an atom. It therefore requires energy to remove
an electron from an atom. In this topic we discover a similar reason why atoms bond
together to form compounds. This is because the electrons on one atom are attracted
to the nucleus of another, causing the bonded system to have less potential energy
than in its unbonded state. (The three major types of bonding — covalent, ionic and
metallic — differ from one another only in how far this attraction to another nucleus
overcomes the attraction of the electron to its own nucleus.)

3.2 Covalent bonding — the hydrogen

molecule

We shall look first at the simplest possible bond, that between the two hydrogen atoms
in the hydrogen molecule. Imagine two hydrogen atoms, initially a large distance

apart, approaching each other. As they get closer together, the first effect will be that
the electron of one atom will experience a repulsion from the electron on the other
atom, but this will be compensated by the attraction it will experience towards the
other atom’s nucleus (in addition to the attraction it always experiences from its own
nucleus). Remember that the electron in an atom spends some of its time at quite a large
distance from the nucleus (see Figure 2.16, page 30). As the hydrogen atoms get closer
still, the two electrons will encounter an even greater attraction to the opposite nucleus,
but will also continue to repel each other. Eventually, when the two nuclei become
very close together, they in turn will start to repel each other, since they both have the
same (paositive) charge. The most stable situation will be when the attractions of the
two electrons to the two nuclei are just balanced by the electron—electron and nucleus—
nucleus repulsions. A covalent bond has formed. The decrease in potential energy at
this point from the unbonded state is called the bond energy, and the nucleus—nucleus
distance at which this occurs is known as the bond length (see Figure 3.2).

A
+500—

H—H internuclear distance/nm

0.1 DI.Z 0.|3 Di4 O.IS

=]

energy/k] mol™!

436 kJ mol™!

——
—500—“ 0.074 nm
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maximum electron density

Figure 3.3 A molecular orbital is a region
between two bonded atoms where the
electron density is concentrated.

Figure 3.4 Dot-and-cross diagrams showing
beryllium hydride, BeH,, and boron hydride, BH,.
(it is worth remembering that all electrons are
identical, no matter which atorn they came from.
Our representing them as dots and crosses is
merely for our own benefit, to make it clear to us
which atom they were originally associated with.)

Being attracted to both the hydrogen nuclei, the two electrons spend most of their
time in the region half-way between them, and on the axis that joins them. This is
where the highest electron density (or electron probability) occurs in a single covalent
bond (see Figure 3.3).

The two electrons are therefore shared between the two adjacent atoms. As we
mentioned in section 2.7, we use the word (atomic) orbital to describe the region of
space around the nucleus of an atom that is occupied by a particular electron. In a
similar way, we can use the term molecular orbital to describe the region of space
within a molecule where a particular electron is to be found.

3.3 Representing covalent bonds

Depending on the information we want to convey, we can use various ways to

represent a covalent bond, as listed below.

® The dot-and-cross diagram:
He +xH —H £H

® The dot-and-cross diagram including Venn diagram boundaries — this is preferred
for more complicated molecules, as it allows an easy check to be made of exactly
which bonds the electrons are in:

CR IR0 D

® The line diagram (one line for each bond) — this is not very informative for small
simple molecules, but is often less confusing than drawing out individual electrons
for larger, more complex molecules.

He++H—H—H

3.4 Covalent bonding with second-row
elements

Bonding and valence-shell electrons

When an atom bonds with others, it is normally only the electrons in the outermost
shell of the atom that take part in bonding. The outermost shell is called the valence
shell. All electrons in the valence shell can be considered together as a group. When
we look in simple terms at the bonding, we can ignore the distinction between the
various types of orbitals (s, p, d, etc.) in a shell. The number of electrons in the
valence shell is the same as the group number of the element in the Periodic Table
(see Topic 10).

If an atom has more than one electron in its valence shell, it can form more than
one covalent bond to other atoms. For example, the beryllium atom has a pair of
2s electrons. When forming a compound such as beryllium hydride, BeH,, these
can unpair themselves and form two bonds with two other atoms. The boron atom
(25%2p!) can form three bonds. The bonding in beryllium hydride and boron hydride
is shown in Figure 3.4.

FE)
S »

The carbon atom in methane has four electrons in its valence shell (2s* 292:). and so
forms four bonds.



3 Chemical bonding in simple molecules

Figure 3.5 Dot-and-cross diagram for

methane, CHa. (Often, for clarity, bonding H "_'
diagrams show only the electrons in the outer ”“' =
shell, omitting the inner shells. For comparison, B u A J
both diagrams for methane are shown here.) H e CJ@H \Hp € @gH
H
H H
) - The general rule is that:
HiYy © B ¢ @H
( Elements with one to four electrons in their valence shells form the same number of
EDT R covalent bonds as the number of valence-shell electrons.
H H
Importantly, carbon atoms form strong bonds to other carbon atoms (as do a few
Figure 3.6 Dot-and-cross diagram for other elements). This allows the millions of organic compounds to be stable. The
ethane, C,Hg simplest molecule with a carbon—carbon bond is ethane (see Figure 3.0).

More than four valence-shell electrons

When the number of valence-shell electrons is greater than four, the maximum possible
number of bonds is not always formed. This is because atoms of the elements of the
second row of the Periodic Table have only four orbitals in their valence shells (2s, 2p,,
2p,, 2p_) and so cannot accommaodate more than four pairs of electrons. The number of
wE bonds they form is restricted by this overall maximum of eight electrons, because every
new bond brings another electron into the valence shell. For example, nitrogen has five
valence-shell electrons. In the molecule of ammonia (NH,) there are three N—H bonds.

T These involve the sharing of three nitrogen electrons with three from the hydrogen
L H ) atoms. These three additional electrons bring the valence shell total to eight. The outer
shell is therefore filled, with a full octet of electrons. No further bonds can form. The
Figure 3.7 Dot-and-cross diagram remaining two of the five electrons in nitrogen's valence shell remain unbonded, as a

for ammania, NH3 lone pair, occupying an orbital associated with only the nitrogen atom (see Figure 3.7).

The general rule is that:

Elements of the second period with more than four electrons in their outer shells form
(8 — n) covalent bonds, where n = the number of valence-shell electrons.

Similarly, oxygen (2s° 2[)4 , with six electrons in its valence shell, can form only two
covalent bonds, with two lone pairs of electrons remaining. Fluorine (2s%2p%), with
seven valence-shell electrons, can form only one bond, leaving three lone pairs
around the fluorine atom (see Figure 3.8).

Figure 3.8 Dot-and-cross diagrams for water, s % Wi
H,0, and hydrogen fluoride, HE Oxyagen can 2 i ~y
form two bonds (8 — 6= 2) and fluorine just 0 J HE F of
one (8 - 7= 1) ; '-.;e-'. ;-i" —

0o £y xn

Worked example :
Draw diagrams showing the bonding in nitrogen trifluoride, NF3, and hydrogen peraxide, HzCz.

Answer
Figure 3.9 L wH wE

L F B N @ F S N

: as S T T .e o3 o [ o &
Draw diagrams showing the bonding in . FE xx &
the following molecules. H
1 BF, 2 NjHy -
3 CH;O0H 4 CH, R, NF; H,0,
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Figure 3.10 Dot-and-cross diagrams for
phosphorus trifluoride, PF5, and phosphorus

pentafluoride, PFg

Figure 3.11

3.5 Covalent bonding with third-row
elements

Unlike elements in the second row of the Periodic Table, those in the third and
subsequent rows can use their d orbitals in bonding, as well as their s and p orbitals.
They can therefore form more than four covalent bonds to other atoms. Like nitrogen,
phosphorus (15?25 2p63525p3} has five electrons in its valence shell. But because

it can make use of five orbitals (one 3s, three 3p and one 3d) it can use all five of

its valence-shell electrons in bonding with fluorine. It therefore forms phosphorus
pentachloride, PFs, as well as phosphorus trifluoride, PF; (see Figure 3.10).

£ _".F :- Xu '...

e e Ra fo/ e
BFE P @FS _ B e
aa e o lew
e i F .." .‘_i-;_.
- L_el le E *

In a similar way, sulfur can use all its valence-shell electrons in six orbitals (one 3s,
three 3p and two 3d) to form sulfur hexafluoride, SF;. Chlorine does not form CIF-,
however. The chlorine atom is too small for seven fluorine atoms to assemble around
it. Chlorine does, though, form CIF; and ClFs in addition to CIF.

Worked example

Draw a diagram to show the bonding in chlorine pentafluoride, CIFs.

Answer

Ed T Tk
. .—l:\ CI f
g ) .
CE e - vl

1 Sulfur forms a tetrafluoride, SF4. Draw a diagram to show its bonding.
2 a How many valence-shell electrons does chlorine use for bonding in chlorine
trifluoride, CIF5?
b So how many electrons are left in the valence shell?
¢ 5o how many lone pairs of electrons are there on the chlorine atom in chlorine
trifluoride?

3.6 The covalency table

As explained in sections 3.4 and 3.5, the number of covalent bonds formed by an atom
depends on the number of electrons available for bonding, and the number of valence-
shell orbitals it can use to put the electrons into. For many elements, the number of
bonds formed is a fixed quantity and is termed the covalency of the element. It is often
related to its group number in the Periodic Table. As shown above, elements in Groups
15 to 17 in the third and subsequent rows of the Periodic Table (Period 3 and higher) can
use a variable number of electrons in bonding. They can therefore display more than one
covalency. Table 3.1 shows the most usual covalencies of some common elements.



Table 3.1 Covalencies of some common
elements

1 What are the formulae of the three
possible oxides of sulfur?

2 Use Table 3.1 to write the formulae

of the simplest compounds formed

between:

a carbon and hydrogen

b oxygen and fluorine

¢ boron and chlorine

d nitrogen and bromine

e carbon and oxygen.

Flgure 3.12 Forming a dative (co-ordinate)
bond in NH5BF;

Chemical bonding in simple molecules

Element symbol Group Covalency
hydrogen H 1 1

beryllium Be 2 P

boron B 13 3

carbon C 14 4

nitrogen N 15 3

oxygen 0 16 2

fluorine F 17 1
aluminium Al 13 3

silicon Si 14 4
phosphorus P 15 3orb
sulfur 5 16 2ordore
chlorine Cl 17 lor3ors
bromine Br 17 lor3ors
iodine I 17 lor3or5or7

Worked example

What could be the formulae of compounds formed from the following pairs of elements?
a boron and nitrogen b phosphorus and oxygen

Answer

The elements must combine in such a ratio that their total covalencies are equal to each other.

a The covalencies of boron and nitrogen are both 3, so one atom of boron will
combine with one atom of nitrogen. The formula is therefore BN (3 for B = 3 for N).

b The covalency of oxygen is 2, and that of phosphorus can be either 3 or 5. We would
therefore expect two possible phosphorus oxides: P203 (2 % 3 for P= 3 x 2 for O) and
P;05 (2 x5 forP=5x 2 for O).

A 2

3.7 Dative bonding

So far, we have looked at covalent bonds where each atom provides one electron
to form the bond. It is possible, however, for just one of the atoms to provide hoth
bonding electrons. This atom is called the donor atom, and the two electrons it
provides come from a lone pair on that atom. The other atom in the bond is called
the acceptor atom. It must contain an empty orbital in its valence shell. This kind of
bonding is called dative bonding or co-ordinate bonding. The apparent covalency
of each atom can increase as a result of dative bonding.

For example, when gaseous ammonia and gaseous boron trifluoride react together,
a white solid is formed, with the formula NH;BF;. The nitrogen atom in ammonia
has a lone pair, and the boron atom in boron trifluoride has an empty 2p orbital.
The nitrogen’s lone pair can overlap with this empty orbital, as shown in Figure 3.12.

H b F 8 H B.F &
W e > TR S .
HE N 5 Tt 8 HF) — (WP N [ B BF:
A \ L Y faw
e e ) e e
s F 3 H s F 3

The dative bond, once formed, is no different from any other covalent bond. For
example, when gaseous ammonia and gaseous hydrogen chloride react, the white
solid ammonium chloride is formed. The lone pair of electrons on the nitrogen atom
of ammonia has formed a dative bond with the hydrogen atom of the hydrogen
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Figure 3.13 Forming an ionic bond in
ammonium chloride, NH,Cl

Figure 3.14 The ammonium ion and
methane are both tetrahedral,

Flgure 3.15 Dot-and-cross diagrams for Oy,

Ny and ethene, C;H,

Figure 3.16
o (s c (i o
= 3
o PR T
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chloride molecule (see Figure 3.13). (At the same time, the H—CI bond breaks, and
the electrons that were in the bond form a fourth lone pair on the chlorine atom.
With 18 electrons and only 17 protons, this now becomes the negatively charged
chloride ion. Ionic bonding is covered in detail in Topic 4.)

I

|
|
b I # £
AR " : (X3 ) L
& ‘-.- ; ; I."._ \ K * / \
HE N ¥ Y B a §—w(HE N B4) [ O 3
- y e i aa : K LX)
(H) o H
- cleaves -
here

The shape of the ammonium ion is a regular tetrahedron, the same as that of
methane molecule (see Figure 3.14). All four N—H bonds are exactly the same. It is
not possible to tell which one was formed in a dative way.

H

C 'u:.,.__

3.8 Multiple bonding
Double and triple bonds

Atoms can share more than one electron pair with their neighbours. Sharing two
electron pairs produces a double bond. and sharing three produces a triple bond. The
covalencies still conform to those in Table 3.1. Examples of oxygen, nitrogen

and carbon atoms forming multiple bonds are shown in Figure 3.15.

- S H —~(H)
& . & S
*® i f =
o[ o = N (3 N s [ e [ ¢
+-|- v . : e / i:.:"
== : H =5 H
H H
D=0 NN o

Worked example

Draw a dot-and-cross diagram and a line diagram of the carbon dioxide molecule, CO;.

Answer
The covalencies of oxygen and carbon are 2 and 4 respectively. The only possible bonding
arrangement is therefore O=C=0, and the electrons are shared as shown in Figure 3.16.

Draw line diagrams and dot-and-cross diagrams to show the bonding in the following
molecules.

THCN 2 HCO 3 CyH; (ethyne)




Figure 3.17 The shapes in which n
electron pairs around a central atom arrange
themselves, withn=2, 3, 4, 5and 6

Chemical bonding in simple molecules

3.9 The shapes of molecules

One of the major advances in chemistry occurred in 1874, when the Dutch chemist
Jacobus van't Hoff suggested for the first time that molecules possessed a definite,
unique, three-dimensional shape. The shapes of molecules are determined by the
angles between the bonds within them. In turn, the bond angles are determined by
the arrangement of the electrons around each atom.

VSEPR theory

Because of their similar (negative) charge, electron pairs repel each other. The
electron pairs in the outer (valence) shell of an atom will experience the least
repulsion when they are as far apart from one another as possible. This applies both
to bonded pairs and to non-bonded (lone) pairs. This simple principle allows us to
predict the shapes of simple molecules. The theory, developed by Nevil Sidgwick
and Herbert Powell in 1940, is known as the valence-shell electron-pair repulsion
theory (or VSEPR for short). In order to work out the shape of a molecule, the
theory is applied as follows.

1 Diraw the dot-and-cross structure of the molecule, and hence count the number of
electron pairs around each atom.

2 These pairs will take up positions where they are as far apart from one another as
possible. The angles between the pairs will depend on the number of pairs around
the atom (see Figure 3.17).

molecule shape number of description
electron pairs

2 linear

I | 3 triangular planar

\\ {trigonal planar)

4 tetrahedral

.
o

*hy i 5 triangular bipyramidal

/ o {trigonal bipyramidal)

6 octahedral
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Figure 3.18 The shapes of methane,
ammonia and water are as predicted from
their four pairs of electrons around the central
atom. Lone pairs repel other electron pairs
more strongly than bonding pairs do, so the
bond angles in ammaonia and water are slightly
smaller than the tetrahedral angle of 109.5",

Work out the shapes of the following
molecules.

1 BeH,

2 CIF; (Explain why this is called a
"T-shaped’ molecule.)

3 SFe

. o

180°

B
D CD:

Flgure 3.22 Carbon dioxide is a linear
molecule.
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3 Orbitals containing lone pairs are larger than those containing bonded pairs, and

take up more space around the central atom. They therefore repel the other pairs

that surround the atom more strongly. This causes the angle berween two lone
pairs to be larger than the angle between a lone pair and a bonded pair, which in
turn is larger than the angle between two bonded pairs:

(LP-LP angle) > (LP-BP angle) > (BP-BP angle)

4 Although they are very important in determining the shape of a molecule, the lone
pairs are not included when the molecule’s shape is described. For example, the

molecules CHy, NH, and H,O all have four pairs of electrons in the valence shell

of the central atom (see Figure 3.18). These four pairs arrange themselves in a
(roughly) tetrahedral fashion. But only the methane molecule is described as having
a tetrahedral shape. Ammonia is pyramidal (it has only three bonds), and water is
described as a bent molecule (it has only two bonds).

C
H /\\X'}* H
H

109.5°

Worked example

Y Y

N Y

107° 104.5°

H H

Work out the shapes of the following molecules.

a CCld b BF3 C st

Answer
a Figure 3.19 cl

e

109.5° |

b Figure 3.20 E

¢ Figure 3.21 F

-
e ol

The valence shell of the carbon atom in CCly
contains eight electrons, arranged in four
bonded pairs. It therefore takes up a regular
tetrahedral shape, just like methane (see
Figure 3.19).

The valence shell of the boron atom in BF;
contains six electrons, arranged in three
bonded pairs (no lone pairs — see page 47).

It thus takes up a regular triangular planar
shape, with all bond angles being equal at 120°
{see Figure 3.20).

The valence shell of the phosphorus atom in PFg
contains ten electrons: five from phosphorus,
and one each from the five fluorine atoms (see
page 48). The shape will be a regular trigonal
bipyramid, with bond angles of 120° and 90°
(see Figure 3.21).

Double bonds and VSEPR

When a molecule contains a double bond, the four electrons in this bond count as

one group of electrons, as far as the VSEPR theory is concerned. For example, the

carbon in carbon dioxide, which is doubly bonded to each of the oxygen atoms,
is surrounded by just two electron groups. It is therefore predicted to be a linear

molecule (see Figure 3.22).



Figure 3.23 Sulfur dioxide is a bent molecule.

Table 3.2 The shapes of molecules as
determined by the numbers of bonding
and non-bonding electron pairs

Figure 3.24 The shapes of XeF,, CIF; and 5F,
are all determined by the five pairs of electrons
around the central atom.

The electronegativity of an atom is
a measure of its ability to attract the
electrons in a covalent bond to itself.

Chemical bonding in simple molecules

Worked example
Predict the shape of the sulfur dioxide molecule.

Answer
Sulfur shares two of its valence-shell electrons with each of the two oxygen atoms, forming

two double bonds. It has two electrons left over, which form a lone pair. There are
therefore three groups of electrons around the sulfur atom, and these will arrange
themselves approximately into a triangular planar shape. The SO; molecule is therefore
bent, as shown in Figure 3.23 (remember that lone pairs are ignored when the shape is
described), with a O—S—0 bond angle of about 120=, (In fact, the angle is very slightly
less, at 119° owing to the extra repulsion by the lone pair.)
A —

Predict the shapes of the following molecules.

1 HCN

2 Hy,CO

3 C]Hz (e‘thyne}

{(Note that a triple bond, like a double bond, can be considered as a single group of

electrons.)

Later in this topic we shall see how we can predict the shapes of molecules such as

ethene and carbon dioxide by studying their bonding (see section 3.15).
Summary: the shapes of molecules

Table 3.2 summarises how the numbers of bonded and non-bonded electron pairs

determine the shapes of molecules.

Total number of | Number of | Number of | Shape Example

electron palrs | bonding palrs | lone palirs

2 2 0 linear BeF

3 3 0 triangular planar BF (see Figure 3.20)
4 1 3 linear HF

4 2 2 bent H,O {see Figure 3.18)
4 3 1 triangular pyramidal | NH; (see Figure 3.18)
4 4 0 tetrahedral CH, (see Figure 3.18)
5 2 3 linear XeF, (see Figure 3.24)
5 3 2 T-shaped CIF; (see Figure 3.24)
] 4 1 'see-saw’ SF, (see Figure 3.24)
5 5 0 trigonal bipyramidal | PFs (see Figure 3.21)

Q|

Q)

Q|

5

’

G ,=

F F F

3.10 Electronegativity and bond polarity

The essential feature of covalent bonds is that the electrons forming the bond are
shared between the two atoms. But that sharing does not have to be an equal one.
Unless both atoms are the same (for example in the molecules of hydrogen, H;, or
oxygen, O3), it is more than likely that they have different electronegativities, and
this leads to unequal sharing.

53



PHYSICAL CHEMISTRY

Figure 3.25 Electronegativities of elements in
the first three rows of the Periodic Table

Figure 3.26 The carbon—fluorine
bond is polar.

Which is the most polar of the following
three bonds?
Si—H P—C S—Cl
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Several chemists have developed quantitative scales of electronegativity values.
One of the most commonly used is the scale devised by the American chemist
Linus Pauling in 1960. Numerical values of electronegativity on this scale range
from fluorine, with a value of 4.0, to an alkali metal such as sodium, with a
value of (0.9,

Figure 3.25 shows the electronegativity values of the elements in the first
three rows of the Periodic Table. Notice that the larger the number, the more
electronegative (electron attracting) the atom is.

H 2.1
Li 1.0 Be 15 B 2.0 c 25 N 3.0 o 35 F 4.0
N 0.9 Mg 1.2 Al 1k Si 1.8 p 2.1 S 25 cl 3.0

The electronegativity value depends on the effective nuclear charge. This is
similar to the way that ionisation energies depend on the effective nuclear charge,
and the reason is also similar. The nucleus of a fluorine atom (electronegativity
value = 4.0), for example, contains more protons and a higher effective nuclear
charge than that of a carbon atom (electronegativity value = 2.5), and so is able
to attract electrons more strongly than carbon. In the C—F bond, therefore, the
electrons will be found, on average, nearer to fluorine than to carbon. This will
cause a partial movement of charge towards the fluorine atom, resulting in a
polar bond (see Figure 3.20).

This partial charge separation is represented by the Greek letter & (delta),
followed by + or — as appropriate. The ‘cross-and-arrow’ symbol in Figure 3.26 is
also sometimes used to show the direction in which the electrons are attracted
more strongly.

Most covalent bonds between different atoms are polar. If the electronegativity
difference is large enough, one atom can attract the bonded electron pair so much
that it is completely transferred, and an ionic bond is formed (see section 4.6).

Worked example

Use the electronegativities in Figure 3.25 to predict the direction of polarisation in the
following bonds.
a C—0O b O—H ¢ Al—Cl

Which of these three bonds is the most polar?

Answer

a #C—0%  electronegativity difference=35-25=1.0

b =0—H% electronegativity difference=3.5-21=14

¢ al—C™  electronegativity difference=3.0-15=1.5

Al—Cl is the most polar of these three bonds.
L

3.11 Polarity of molecules
Dipoles of molecules

The drift of bonded electrons to the more electronegative atom results in a separation
of charge, termed a dipole. Each of the polar bonds in a molecule has its own
dipole associated with it. The overall dipole of the molecule depends on its shape.
Depending on the relative angles between the bonds, the individual bond dipoles
can either reinforce or cancel each other. If cancellation is complete, the resulting
molecule will have no dipole, and so will be non-polar. If the bond dipoles reinforce
each other, molecules with very large dipoles can be formed.



Figure 3.27 The electronegativity difference
gives hydrogen fluoride a large dipole.

Figure 3.28 The dipoles cancel in carbon
dioxide and tetrachloromethane, but not in
chloromethane.

Flgure 3.29 The dichlorobenzenes

Figure 3.30 Ammonia and water are highly
polar molecules.

Chemical bonding in simple molecules

For example, both hydrogen, H;, and fluorine, F,, are non-polar molecules, but
hydrogen fluoride has a large dipole due to the much larger electronegativity of
fluorine (see Figure 3.27).

"x xx B+ P;
H——H sF—F—F% H—F:
e

The two C=0 bonds in carbon dioxide are polar, but because the angle between
them is 180°, exact cancellation occurs, and the molecule of CO; is non-polar.

A similar situation occurs in tetrachloromethane, but not in chloromethane (see
Figure 3.28).

ad- -
§— B+B+ 8-
O—C=—0D L l
e e
Lo,
5_0/" e S &H/ \»-Ha+
ad- o+ owverall
dipole

Worked example

Which of the molecules in Figure 3.29 has no dipole moment?

cl a a

A B c ¢

Answer

Compound C, 1,4-dichlorobenzene. In compound C, the C—Cl dipoles are on opposite sides
of the benzene ring, so their dipoles oppose each other equally. In compounds A and B, the
C—Cl dipoles are, more or less, on the same side of the ring.

1 Which of the two compounds A and B, in the worked example above, will have the
larger dipole moment, and why?

2 Work out the shapes of the following molecules and decide which of them are polar.
a Csz b CHzClZ C CH;DH d SF4

Lone pairs and dipoles

Polarity of molecules is also caused by the presence of a lone pair of electrons on
one side on the central atom. This is an area of negative charge and so it forms the
& end of a dipole. In the ammonia molecule, this dipole reinforces the dipoles due
to the N—H bonds, resulting in a highly polar molecule. A similar situation occurs
with water (see Figure 3.30).

o <
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Table 3.3 The dipole moments of some
common covalent molecules

Molecule Dipole moment/D
HF 1.91
HCl 1.05
HBr 0.80
HI 0.42
H;O 1.84
NH; 1.48

Figure 3.31 Polarisation of bromine by

ethene

Figure 3.32 Polarisation of chlorine by

aluminium chloride

Figure 3.33 Polarisation of the carbonate
ion by a Group 2 metal ion
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Comparing dipoles

The strength of a dipole is measured by its dipole moment, which is the product

of the separated electric charge, 8+ or §—, and the distance between them. Dipole
moments can be measured, and they can also be calculated. Table 3.3 lists the dipole
moments of some common molecules. The debye unit, D (named after the chemist
Peter Debye), has the dimensions of coulomb-metre. If, as in an ionic bond, a full
electron charge were separated by a distance of 0.15nm, the dipole moment would
be 7.0D. It can therefore be seen that even the most polar of covalent bonds, such
as H—F, are still a long way from being ionic.

3.12 Induced polarisation of bonds

A bond’s natural polarity, caused by the different electronegativities of the bonded
atoms, can be increased by a nearby strong electric field. A nearby electric field

can also produce a polarity in a bond that was originally non-polar. This induced
polarity is often followed by the breaking of the bond. The nearby electric field can
be due to an area of concentrated electron density, or an electron-deficient atom, or a
small highly-charged cation. Examples of each of these cases are as follows:

® the polarisation of a bromine molecule by an ethene molecule, as shown in
Figure 3.31 (see Topic 14)

E
® the polarisation of a chlorine molecule by aluminium chloride, as shown in
Figure 3.32 (see Topic 25)
Chige a a

Pty i 0 e
K B+ & & I
Cli=c sai” . m—;\fljﬁ"m/ e a—n”

a Cl Cl

® the polarisation of the carbonate ion by a Group 2 metal ion, as shown in
Figure 3.33 (see Topic 20).

o . E’d:‘ 0

M+ 10=2C.  —= MP*  1034C — = M¥* 0%+ u
oy U\, |

0. 0. 0

The induced polarisation of molecules, and the effect this has on intermolecular
attractions, is discussed later in this topic, in section 3.17.

3.13 Isoelectronic molecules and ions

Isoelectronic means ‘having the same number of electrons’. The term can be applied
to molecules or ions which have the same total number of electrons, or to molecules
or ions that have the same number of electrons in their valence shells. Because the
distribution of electrons in the valence shell determines the shape of a molecule,
molecules or ions that are isoelectronic with one another have the same basic shape,
often with identical bond angles too. For example:

@ the tetrahydridoborate(Ill) ion, BHy , methane, CHy, and the ammonium ion, NH4+,
are all regular tetrahedra, with H—X—H angles of 109.5°



=

Given the information that sulfur trioxide
is triangular planar, the sulfite anion,
S0, is a triangular pyramid, and the
sulfate ion, S04* is tetrahedral, predict
the shapes of the following ions.

1Cloy- 2p07 3 PO

- -

Figure 3.34 The shapes of molecular orbitals
formed by the overlap of atomic orbitals

Figure 3.35 The C—C single bond
{a & bond)

Chemical bonding in simple molecules

® the borate ion, BO;>, the carbonate ion, CO;>", and the nitrate ion, NOy~, are all
triangular planar, with O—X—0O angles of 1207

® the oxonium ion, HyO%, and ammonia, NH,, are both triangular pyramids with
H—X—H angles of 107°.

Counting the electrons in the valence shell around an atom is therefore a useful

way of predicting the shape of a molecule.

Worked example 5

Predict the shapes of the following ions:
a the methyl cation, CHg*

b the methyl anion, CH3™

¢ the nitronium cation, NO3*

Answer

a CHj* is isoelectronic with BH; (six electrons in the outer shell), and so it is a triangular
planar ion.

b CHy™ is isoelectronic with NH3, so it is a triangular pyramidal ion.

© NOy* is isoelectronic with COy, so it is a linear ion.

Y

3.14 The overlap of orbitals — ¢ bonds

A single bond is produced when a pair of electrons is shared between two atoms.
The electron pair occupies a molecular orbital formed by the overlap of an atomic
orbital on each atom. The atomic orbitals can be s orbitals or p orbitals, or a mixture
of the two (see Figure 3.34).

| o “
-
1s

1s
e e
<
1s 2p
c
0VOoL -
2p 2p

The resulting area of electron density is in the region between the bonded atoms,
with the largest density on the axis joining the atom centres. Looked at ‘end on’,

region of overlap

@ 2=

region of overlap

oo

region of overlap

these orbitals have a circular symmetry (see Figure 3.35).

end view

By analogy with the spherically symmetric s orbitals of atoms, these are termed
O (sigma) orbitals, @ being the Greek letter corresponding to s. The resulting bond
is called a 0 bond.
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Figure 3.36 The sp? and sp? orbitals

Hybridisation of orbitals

We saw on page 51 that the electron pairs which surround a central atom arrange
themselves in such a way as to minimise the repulsion between them. If there are
three electron pairs, they arrange themselves in a triangular planar arrangement, and
if there are four electron pairs, they arrange themselves tetrahedrally. What molecular
orbitals can be used by the electrons to point in these directions?

In Topic 2 we saw that, for second-row elements, the orbitals available for bonding
are the spherical 2s orbitals and the three dumbbell-shaped 2p orbitals.

Figure 3.34 shows how two 2p orbitals can overlap to produce a @ molecular
orbital. But, as can be seen in Figure 3.34, this molecular orbital points in the same
direction as the original p atomic orbitals. So molecular orbitals formed from the
2p,, 2p, and 2p, orbitals would be pointing along the x-, )~ and z-axes, that is, at
right angles to one another. But for the triangular planar geometry of three electron
pairs, there need to be three orbitals that are pointing at 120° from one another, and
in the tetrahedral case of four electron pairs, there need to be four orbitals pointing
at 109.5° from one another. Suitable orbitals that point in the right directions can be
formed by mixing, or hybridising, the s and p atomic orbitals.

If the 2s, 2p, and 2p, orbitals are hybridised together, the result is three identical
orbitals pointing at 120° from one another — which is exactly what we want! This type
of hybridisation is called sp? (pronounced ‘ess pee two'), and the three hybrid atomic
orbitals are called sp? orbitals.

Similarly, if the 2s orbital is hybridised with all three of the 2p orbitals, four Sp5
(‘ess pee three’) hybrid orbitals are formed, which point at 109.5° from one another.

Figure 3.30 shows what spz and sp3 orbitals look like.

ooy &

2s
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@@L ag -~
2p,
2p,
2p,

one s and two p orbitals three sp? hybrid
orbitals (trigonal planar)

four sp? hybrld
orbitals (tetrahedral)

3.15 Localised &t orbitals — the formation
of ® bonds

We now look at the orbitals that are used to form double bonds. We shall see that the

way double bonds are formed can explain their shape and many of their properties.
In Figure 3.34 we have shown two p orbitals overlapping ‘end-on’ to form a

¢ bond. But it is also possible for two p orbitals to overlap sideways, to produce a

molecular orbital which has two areas of electron density, one above and one below

the axis joining the two atom centres (see Figure 3.37).



3 Chemical bonding in simple molecules

Figure 3.37 Sideways overlap of two =
p orbitals to form a = orbital g “ a

interact and overlap two regions of overlap

The ‘end-on’ view of this orbital looks very like an atomic p orbital. It is called a 7 (pi) orbital,
T being the Greek letter coresponding to p, and the resulting bond is called a © bond.

Figure 3.38 The n bond between two
carbon atoms m Q
[= 3 C
end view
This sideways overlap of two p orbitals is always accompanied by the end-on overlap of
two other orbitals on the same atoms. So, although it is possible to join two atoms with

only a @ bond, it is not possible to join two atoms with only a ®© bond. A double bond
consists of a ¢ bond and a  bond between the same rwo atoms (see Figure 3.39).

Figure 3.39 A carbon-carbon double
bond

The bonding in ethene

The stronger of the two bonds in a double bond is usually the ¢ bond formed by end-on
averlap, and the weaker bond is the ® bond. The following data for ethane and ethene
demonstrate this (assuming that the @ bond has the same strength in both compounds):

strength of C—C (single, o) bond in ethane, CH;—CHj; =376k] mi:nrl_1

strength of C—C (double, ¢ + ©) bond in ethene, CH;~CH; = 720 k] rm:’]_1
Therefore,

extra strength due to the © bond in ethene, CH;=CH; = 344 k] mol

The full picture of the bonding in the ethene molecule can therefore be constructed as
follows. Each carbon atom shares three electrons (one with each of the two hydrogen
atoms, and one with the other carbon atom). These form five ¢ bonds (using spz hybrid
orbitals on carbon). The fourth electron in the valence shell on each carbon atom occupies
an atomic p, orbital. These orbitals overlap with each other to form a m orbital. The © bond
forms when the fourth electron on each atom is shared in this ® orbital (see Figure 3.40).

T

Figure 3.40 The bonding in ethene
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Flgure 3.41 The = bond prevents rotation
around the carbon—carbon double bond.

Figure 3.42 Triple bonds in a nitrogen and
b ethyne

Figure 3.43 The two n bonds in carbon
dicxide

Mutual repulsion of the electrons in the three ¢ bonds around each carbon atom
tends to place them as far apart from one another as possible (see page 51). The
predicted angles (H—C—H = H—C—C = 120) are very close to those observed
(H—C—H = 1172, H—C—C = 121.5°).

The 1 bond confers various properties on the ethene molecule.

® Being the weaker of the two, the ®© bond is more reactive than the ¢ bond. Many
reactions of ethene involve only the breaking of the © bond, the & bond remaining intact.

® The two areas of overlap in the n bond (both above and below the plane of the
molecule) cause ethene to be a rigid molecule, with no easy rotation of one end
with respect to the other (see Figure 3.41). This is in contrast to ethane, and leads
to the existence of cis—trans isomerism in alkenes.

These features are developed further in Topics 12 and 14.

H H ‘ .
H \C (\‘ .:-/ H ! --.""'r: ‘u‘"“‘-. ¥
/ \ \ H\H
H H
rotation possible around no rotation possible

the single bond

Triple bonds

Triple bonds are formed when two p orbitals from each of the bonding atoms overlap
sideways, forming two ® orbitals (in addition to the @ orbital formed by the end-on
overlap of the third p orbital on each atom). This occurs in the ethyne molecule,
C;H;, and in the nitrogen molecule, N, (see Figure 3.42).

a N,

Py+P:  Py+P:

b GH,

Py+P;  Py+P:

A single carbon atom can also use two of its p orbitals to form 1 orbitals with two
separate bonding atoms. This occurs in the carbon dioxide molecule, CO; (see
Figure 3.43).




Describe the bonding in and the shape of
each of the following molecules:

1 chloroethene, CH;=CHCI
2 di-imide, HN=NH

Figure 3.44 Alternative views of bonding
between carbon pairs in benzene

Flgure 3.45 The delocalised bonding in
benzene

Chemical bonding in simple molecules

Worked example

Describe the bonding in and the shape of the molecules of:
a hydrogen cyanide, HCN
b methanal, CH;0.

Answer

a The left-hand side of the HCN molecule is the same as one end of the ethyne molecule,
and the right-hand side is the same as one end of the nitrogen molecule. HCN is linear,
with one single bond and one triple bond. (One ¢ bond between H and C, one ¢ bond
between C and N, and two @ bonds between C and M.)

b The left-hand side of the CH;0 molecule is the same as one end of the ethene molecule,
and the right-hand side is the same as one end of the carbon dioxide molecule. The
molecule is triangular planar, with bond angles of approximately 120°.

3.16 Delocalised & orbitals

Delocalisation in benzene

Just as two p orbitals can overlap sideways to form a © bond, so two (or more) T
bonds can overlap with each other to produce a more extensive T bond. The classic
example is benzene, CgHg, whose molecule contains a planar, six-membered ring of
spi-hybridised carbon atoms. The unhybridised p orbitals of the carbon atoms could
overlap as shown in Figure 3.44a to produce three C—C double bonds between
atoms 1 and 2, 3 and 4 and S and 6 of the ring, or just as likely, overlap as shown in
Figure 3.44b to produce double bonds between atoms 2 and 3, 4 and 5, and 6 and 1
of the ring. In fact, both occur.

P R N
B o

O

All six p orbitals overlap with each neighbour in an equal fashion, to produce a set
of two doughnut-shaped ring orbitals (see Figure 3.45). This set of  orbitals can
accommodate six electrons, none of which can be said to be localised between

H—-=C
-»*

H

any two particular atoms. These ® electrons are described as being delocalised
around the ring. All six C—C bonds are the same length (shorter than a C—C single
bond, but longer than a C=C double bond) and the shape of the ring is a regular
hexagon, with every C—C—C angle being 120°. The interesting chemical properties
that this ring of delocalised electrons gives benzene are discussed in Topic 23.
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Figure 3.46 Delocalisation in the
carboxylate ion

Figure 3.47 The representation of
delocalisation of charge in the carboxylate ion
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Delocalisation in the carboxylate ion

Another example of delocalisation occurs in the carboxylate anion (see Topic 18),
which is sometimes represented as follows:

O
7
S
o
Here a lone pair of electrons in a p orbital on oxygen overlaps with the n orbital

of an adjacent carbonyl group. Because of the symmetry of the system, the
delocalisation is complete, resulting in each oxygen finishing with exactly half an
electronic charge, on average. Also, each C—O bond has the same length, which is in
between the lengths of the C—0O single bond and the C—0 double bond.

This structure can be derived from the simple localised model as follows. The
C—0 double bond consists of the usual ¢ bond +  bond pair. The singly bonded
oxygen (which has an extra electron, making it anionic) contains three lone pairs
of electrons. If one of the lone pairs is in a p orbital (see Figure 3.46a), this filled p
arbital can overlap with the end of the n orbital on the carbon atom. The lone pair is
thus partially donated, as a dative T bond (see Figure 3.46b).

Because carbon cannot have more than eight electrons in its valence shell, this
partial donation by the lone pair on one oxygen will cause the 1 electrons in the

C=0 bond to drift towards the second oxygen atom. So the four m electrons (that is,
the two in the C=0 bond, and the two in the lone pair) become delocalised over the
three atoms (see Figure 3.40¢).

Delocalisation is sometimes represented by two (or more) localised structures joined

by double-headed arrows, as in Figure 3.47.

(o O:
Pl P
= P
o o
or
ot~ o
S VA
—C !\ or —C {: =
Npt- No

The double-headed arrow should be read as ‘the actual structure is somewhere
between the two extremes drawn here’. The curly arrows represent the movements of
electron pairs that convert one extreme into the other.

The curly-arrow convention is often used when describing the movement of
electrons, and the formation and breaking of bonds, during the reactions of organic
compounds. See section 12.8 for a full description of what it means.



Figure 3.48 Localised bonding in CO5%

Figure 3.49 Orbital overlap leading to
delocalised bonding in COz*

Chemical bonding in simple molecules

Worked example

All three C—0 bonds in the carbonate ion are the same length. Use the idea of
delocalisation to describe the bonding in the CO3% anion, and to predict its shape.

Answer

If all the bonds in the carbonate ion were localised, it would consist of a carbonyl group to
which are attached (by means of single ¢ covalent bonds) two oxygen atoms, each of
which has its valence shell filled by an extra electron, giving it a negative charge (see
Figure 3.48).

Q
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Just as in the carboxylate ion, each of the two singly bonded oxygen atoms has an extra
electron, making it anionic. So each of these atoms contains three lone pairs of electrons. If
one of the lone pairs is in a p orbital, this filled p orbital can overlap with the end of the
orbital on the central carbon atom. The lone pair is thus partially donated, as a dative
bond. The p orbital on each oxygen atom can overlap with the  orbital of the =0 group,
creating a four-centre delocalised & orbital. There is nothing to distinguish one C—0 bond
from the other two, so all three are of equal length, and each oxygen atom carries, on
2

average, % of a negative charge (overall charge= 3 x =i —2). The shape will be

triangular planar, with all 0—C—0 bond angles 120° (see Figure 3.49).

All three N—0O bonds in the nitrate ion, NO5~, are the same length, and the ion has a
triangular planar shape. Describe the bonding in the nitrate ion. (Hint: there are three
types of bond here — single (o) bonds, dative single (o) bonds, and delocalised  bonds.)
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Figure 3.50 Dipole-dipole forces in hydrogen
chloride

3.17 Intermolecular forces

Most of the covalently bonded particles we have looked at in this topic are simple
covalent molecules. They differ from giant covalent, ionic and metallic lattices

(see Topic 4) by having very low melting and boiling points. They are often gases
or liquids at room temperature. This is because, although the covalent bonding
within each molecule is very strong, the intermolecular attractions between

one molecule and another are comparatively weak. When a substance consisting
of simple covalent molecules melts or boils, no covalent bonds within the
molecules are broken. The increased thermal energy merely overcomes the weak
intermolecular forces. This requires little energy, and hence only a low temperature
is required.

Why are these molecules attracted to one another at all? There are three main
categories of intermolecular attraction, which we shall look at in turn. All are
electrostatic in origin, as are all forces in chemistry. Strictly speaking, they can all be
grouped under the umbrella term van der Waals® forces, although this term is now
often used to describe only the instantaneous dipole force (see below).

Permanent dipole-dipole forces

As we saw on page 54, the uneven distribution of electronic charge within
some molecules results in their having a permanent dipole. The positive end of
one molecule’s dipole can attract the negative end of another’s, resulting in an
intermolecular attraction in the region of 1-3k]J mol™! (that is, at least 100 times
weaker than a typical covalent bond). Such attractions are called permanent
dipole—dipole forces, and an example is shown in Figure 3.50.

b+ B B+ & 6+ [
H | SR H E)-- H a

Instantaneous dipole forces

Being much lighter, the electrons within a molecule are much more mobile than the
nuclei. This constant movement of negative charge produces a fluctuating dipole. If
at any one instant a non-polar molecule possesses such an instantaneous dipole
(owing to there being at that instant more electrons on one side of the molecule than
the other), it will induce a corresponding dipole in a nearby molecule. This will result
in an attraction between the molecules, called an instantaneous dipole force or an
induced dipole force (also termed a van der Waals® force). The situation is similar
to a magnet picking up a steel nail by inducing a magnetic moment in the nail, and
hence attracting it.

An instant later, the first molecule might change its dipole through another
movement of electrons within it, so the original dipole attraction might be
destroyed. This changed dipole will induce new dipoles in molecules that surround
it, however, and so intermolecular attraction will continue. The strength of the
attraction decreases rapidly with distance (F == 1//%), and so it is only a very
short-range force. Its magnitude depends on the number of electrons within a
molecule, because the more electrons a molecule has, the larger the chance of an
instantaneous dipole, and the larger that dipole is likely to be. Its magnitude also
depends on the molecular shape, because the greater the ‘area of close contact’, the
larger the force. Induced dipoles occur in all molecules, whether or not they have a
permanent dipole, and whether or not they hydrogen bond with one another (see
below). The magnitude of the instantaneous dipole force, as mentioned above,



Table 3.4 Boiling points of some molecular
elements and compounds. None of these
molecules has a permanent dipole, so the
higher boiling points are due entirely to
larger instantaneous dipoles.

Flgure 3.51 Hydrogen bonding in ammonia
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Chemical bonding in simple molecules

Molecule Bolling point/°C | Comments

CHa -162 These molecules are the same shape

SiH, 112 (tetrahedral), but the number of electrons
increases going down the group, from 10in
CH, 1o 18 in SiH.

Fa -188 All of these are linear diatomic molecules. Down

el 34 the group the number of electrons increases,
from 18in F; to 34 in Cl; and 70 in Br,.

spherical if the electron clouds around the

CH, atoms are taken into account — and the second
is 'sausage shaped’. The area of close contact is
therefore greater in the second one.

Bry +58
CHy -161 Along the alkane series the molecules are
C5H, _89 becoming longer (larger surface area of contact)
= e and contain more electrons (an extra & for each
28 CH- group).
CaHip 0
THs +10 These two isomers have the same number of
& Ha—f—c H, electrons, but the first is tetrahedral — almost

CH3CH2CHzCH2CH2CHs | +36

depends on the size of the malecule, but is approximately 5—15 kI mol™, The effect
of this force is seen in the trends in boiling points shown in Table 3.4 — the greater
the instantaneous dipole force, the higher the boiling point.

Hydrogen bonding

When a hydrogen atom bonds to another atom, its single 1s electron is taken up
in bonding, and so it is located in a ¢ bonding orbital between it and the atom
it is bonded with. Its other side, therefore, contains no electronic charge. It is a
bare proton, with a significant 8+ charge. The positive charge is even greater if the
hydrogen is bonded to an electronegative atom such as nitrogen, oxygen or fluorine.
This highly &+ hydrogen can experience a particularly strong attraction from a lone
pair of electrons on an adjacent molecule, creating an intermolecular attractive force
of about 20-100k] mol™. Such a force is called a hydrogen bond. It is roughly 10
times as strong as the dipole—dipole force or the instantaneous dipole force, and is
only about 10 times weaker than a typical covalent bond. Atoms that contain lone
pairs of electrons in orbitals that are small enough to interact with these &+ hydrogen
atoms also happen to be nitrogen, oxygen and fluorine. 5o it is between these
elements that hydrogen bonding tends to occur (see Figure 3.51).

As a result of hydrogen bonding:

# the boiling points of ammonia, NH3; water, H,O; and hydrogen fluoride, HF; are
considerably higher than that of methane, CHy (see Figure 3.52)

@ the boiling points of ammonia, water and hydrogen fluoride are also considerably
higher than those of other hydrides in their groups (see Figure 3.53)

® proteins fold in specific ways, giving them specific catalytic properties (see Topic 28,
secondary and tertiary structure of proteins)

® in nucleic acids, the bases form bonds with specific partners, allowing the genetic
code to be replicated without errors of transeription (see Figure 3.54) (see Topic 28,
double helix)

® the boiling points of alcohols are considerably higher than those of alkanes with
the same number of electrons, and hence roughly the same van der Waals’ force

(see Table 3.5).
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Figure 3.52 The enhanced boiling points of A
NH3, HzO and HF 150—

H,0

50— Period 2

beiling point/*C

HCl

group

Flgure 3.53 Boiling points of the hydrides of A
Groups 14 t0 17 150

100

boiling point/C

=100—

period

Figure 3.54 Thymine, adenine, cytosine
and guanine are bases in DNA. The hydrogen
bonding between them allows the DNA
molecule to replicate {make new copies of
itself) and also allows the genetic code to be
expressed in the synthesis of proteins.

to DNA
chain

thymine adenine cytosine

guanine



Chemical bonding in simple molecules

Table 3.5 Comparing the boiling points of Compound | Formula Number of | Bolling poInt/°C | Difference/°C
alcohols and alkanes electrons

ethane CHy—CHy 18 -89 154

methanol CHy—OH 18 +65

propane CHy—CH;—CH; 26 42 121

ethanol CH;—CH,—OH 26 +79

butane CHy—CH;—CH;—CH, | 34 0 97

propan-1-ol CHy—CH;—CH,—CH | 34 +97

Water shows several unusual properties owing to the large degree of hydrogen
bending within it. These are described in section 4.4.

Worked example R

Describe all the intermolecular forces that can occur between the molecules in each of the
following liguids, and hence predict which will have the lowest boiling point, and which will

have the highest.

A CH3CH;CH,CH;

Answer

B CH,CICHOH € CH5CHCl,

Molecules of A will experience only van der Waals' {induced dipole) forces. Molecules of B
will experience dipole—dipole forces (due to the C—Cl and ¢—0O polar bonds), and
hydrogen bonding (due to the —O—H groups), as well as van der Waals' forces. Molecules
of C will experience dipole—dipole forces (due the dipoles of the C—Cl bonds not cancelling
each other out) in addition to van der Waals' foreces.

Therefore A will have the least intermolecular attraction, and hence the lowest boiling
point, and B will have the highest.

increases.)

1 Describe the intermolecular forces in the following compounds, and place them in
order of increasing boiling points:

CH,0H—CH,0H

2 Suggest a reason why the differences between the boiling points of the alkanes and

alcohols in Table 3.5 become smaller as the chain length increases. (Hint: think of how
the intermolecular forces other than hydrogen bonding are changing as chain length

CH;Br—CH;Br  CHCl—CH,Cl.

e Chemical bonding results from the attraction of one atom’s
electrons by the nucleus of another atom.

@ Atoms are more stable when they are bonded together than
when they are free.

e A covalent bond is due to two atoms sharing a pair of
electrons.

@ An atom can often form as many bonds to other atoms as it
has electrons in its valence shell, with the exception that,
if the element is in Period 2, it cannot have more than eight
electrons in its valence shell.

# Valence-shell electrons not involved in bonding arrange
themselves into lone pairs around the atom.

e Dative bonding (co-ordinate bonding) occurs when one of
the bonded atoms contributes both the bonding electrons.

@ Double and triple bonds can occur if two atoms share two or
three electron pairs between them.

The shape of a covalent molecule is determined by the number
of electron pairs there are in the valence shell of the central
atom, according to VSEPR theory.

If two bonded atoms differ in electronegativity, the shared
electron pair is closer to the more electronegative atom. This
results in the bond having a dipole.

Complete molecules can have dipole moments if their bond
dipoles do not cancel each other out.

Isoelectronic molecules and ions usually have the same shape
as one another.

The overlap of atomic orbitals on adjacent atoms results in @ or
n molecular orbitals.

There are three types of intermolecular forces: parmanent
dipole, induced dipole and hydrogen bonding. Their strengths
increase in this order.

The strengths of intermolecular forces determine the physical
properties of a substance, such as its boiling point.
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Examination practice questions

Please see the data section of the CD for any A4, values you
may need.

1 This question is about different models of bonding and
molecular shapes.
a Magnesium sulfide shows ionic bonding.
i What is meant by the term ionic bonding?
ii Draw a 'dot-and-cross’ diagram to show the bonding
in magnesium sulfide. Show outer electron shells only.
b 'Dot-and-cross’ diagrams can be used to predict the
shape of covalent molecules.
Fluorine has a covalent oxide called difluorine oxide, F,0.
The oxygen atom is covalently bonded to each fluorine
atom.
i Draw a 'dot-and-cross’ diagram of a molecule of F;0.
Show outer electron shells only.
ii Predict the bond angle in an F;0 molecule. Explain
your answer.
[OCR Chemistrv A Unit F321 Q3 (part) January 2010]
2 The structural formulae of water, methanol and
methoxymethane, CH3;OCH,, are given below.

o o o}
H/ \H H3c/ \H H;C/ \CH3

a i How many lone pairs of electrons are there around the
oxygen atom in methoxymethane?
ii Suggest the size of the CT—0—C bond angle in
methoxymethane., 2]

The physical properties of a covalent compound, such as its
melting point, boiling point, vapour pressure, or solubility,
are related to the strength of attractive forces between the
molecules of that compound.
These relatively weak attractive forces are called intermolecular
forces. They differ in their strength and include the following:
A interactions involving permanent dipoles
B interactions involving temporary or induced dipoles
C hydrogen bonds
b By using the letters A, B, or C, state the strongest
intermolecular force present in each of the following
compounds.
i ethanal, CHy;CHO
ii ethanol, CH3CH,0H
iii methoxymethane, CH3O0CH;
iv 2-methylpropane, (CH5),CHCH, 4]

¢ Methanol and water are completely soluble in each other.

i Which intermolecular force exists between methanol
molecules and water molecules that makes these two
liquids soluble in each other?

ii Draw a diagram that clearly shows this intermolecular
force. Your diagram should show any lone pairs or
dipoles present on either molecule that you consider
to be important. [4]

d When equal volumes of ethoxyethane, C;Hs0OC;Hs, and
water are mixed, shaken, and then allowed to stand, two
layers are formed.

Suggest why ethoxyethane does not fully dissolve in

water. Explain your answer. [2]

[Cambridge International AS & A Level Chemistry 9701,
Paper 2 Q1 June 2008]
Linus Pauling was a Nobel prize winning chemist who
devised a scale of electronegativity. Some Pauling
electronegativity values are shown in the table.

Element Electronegativity
B 20
Br 2.8
M 3.0
F 4.0
a What is meant by the term electronegativity? [2]

b Show, using &+ and 8- symbols, the permanent dipoles
on each of the following bonds.
N=—EF N—=-Br [1]
¢ Boron trifluoride, BFy, ammonia, NH3, and sulfur
hexafluoride, SFg, are all covalent compounds. The
shapes of their molecules are different.
i State the shape of a molecule of SFe. [1]
ii Using outer electron shells only, draw ‘dot-and-cross’
diagrams for molecules of BF; and NH;.
Use your diagrams to explain why a molecule of BF;
has bond angles of 120° and NH; has bond angles
of 107°. [5]
iii Molecules of BF; contain polar bonds, but the
molecules are non-polar.
Suggest an explanation for this difference. [2]
[OCR Chemistry A Unit F321 Q3 January 2011]
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AS Level

Physical chemistry

In Topic 3 we saw how atoms

bond together covalently to form
molecules. We finished that topic
with a brief look at how the
molecules themselves might attract
one another. In this topic we examine
how these attractions between
molecules, and between other
particles, can help to explain the
differences between solids, liquids
and gases. We explore the giant
structures that atoms and ions can
form, in which it is impossible to say
where one structural unit finishes
and the next one starts. We then take
a closer look at gases, and see how
the simple assumptions of the kinetic
theory of gases lead us to the ideal
gas equation, pV = nRT. Finally we
see how the behaviour of real gases
can differ markedly from that of an
ideal gas.

4 Solids, liquids and gases

Learning outcomes
By the end of this topic you should be able to:

3.1a) describe ionic (electrovalent) bonding, as in sodium chloride and magnesium oxide,
including the use of 'dot-and-cross’ diagrams

3.4a) describe metallic bonding in terms of a lattice of positive ions surrounded by
delocalised electrons

3.5a) describe, interpret and predict the effect of different types of bonding (ionic
bonding, covalent bonding, hydrogen bonding, other intermolecular interactions,
metallic bonding) on the physical properties of substances

3.5b) deduce the type of bonding present from given information

4.1a) state the basic assumptions of the kinetic theory as applied to an ideal gas

4.1b) explain qualitatively in terms of intermolecular forces and molecular size the
conditions necessary for a gas to approach ideal behaviour, and the limitations
of ideality at very high pressures and very low temperatures

4.1c) state and use the general gas equation pV/= nRT in calculations, including the
determination of M,

4.2a) describe, using a kinetic-molecular model, the liquid state, melting, vaporisation,
vapaour pressure

4.3a) describe, in simple terms, the lattice structure of a crystalline solid which is ionic
(as in sodium chloride, magnesium oxide), simple molecular (as in iodine and the
fullerene allotropes of carbon — Cgp and nanotubes only), giant molecular (as in
silicon(IV) oxide and the graphite, diamond and graphene allotropes of carbon),
hydrogen-bonded (as in ice) or metallic {as in copper)

4.3c) outline the importance of hydrogen bonding to the physical properties of
substances, including ice and water (for example, boiling and melting points,
viscosity and surface tension)

4.3d) suggest from quoted physical data the type of structure and bonding present in
a substance.

4.1 The three states of matter

There are three states of matter — solid, liquid and gas (ignoring plasmas, which
only form under extreme conditions). These are sometimes called phases. If we
consider a substance that we experience every day in all three states, such as
water, we can appreciate that the solid phase (ice) occurs at cold temperatures
(T < 0°C); the liquid phase (water) occurs at intermediate temperatures

(0°C < T<100°C); and the gaseous phase (steam) occurs at high temperatures
(100°C < T). We can see that in order to change a solid into a liquid, or a liquid
into a gas, we need to give it energy, in the form of heat (thermal energy).

This energy goes into overcoming the attractions between the particles. If we
supply heat to a block of ice at a constant rate, and measure its temperature
continuously, we obtain a graph like the one shown in Figure 4.1.
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Flgure 4.1 The change in temperature over
time as a block of ice is heated
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temperature/C
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Changes in the molecular behaviour in the five regions of this graph can be described
as follows.

@ Between A and B, the ice is warming up. The H;O molecules are fixed in the ice
lattice (see page 71), but are vibrating more and more energetically from A to B.

8 At B, the ice begins to melt. Here, the molecules are vibrating so strongly that they
can begin to break away from their neighbours and move about independently.

Between B and C, H,O molecules continue to break away from the lattice.
Although heat is still being absorbed by the ice—water mixture, the temperature
does not rise. This is because any extra energy that the molecules in the liquid
phase may pick up is scon transferred by collision to the ice lattice, where it causes
another H,0 molecule to break away from the ice lattice. Not until all the ice has
become liquid will the temperature start to rise again.

From C to D, the liquid water is warming up. As the temperature increases, the H;O
molecules gain more kinetic energy, and move around faster. In cold water there
are small closely knit groups of H,O molecules, containing 5-12 molecules in each
group, and, as the water warms, the extra energy also causes these to break up.

At D, the H;O molecules are moving so fast that they can overcome the remaining
forces (mostly hydrogen bonds) that hold them together. The water starts to boil.
The molecules evaporate to become single H;O molecules in the gas phase,
separated by distances of many molecular diameters. Just as in the region B to C,
the temperature remains constant until the last H;O molecule has boiled away.

From E to F, the individual H;O molecules in the steam gain more and more kinetic
energy, so they travel faster and faster. If the steam is in an enclosed volume, this
will cause the pressure to increase, as the molecules hit the walls of the container
with increasing speed. If, on the other hand, the pressure is allowed to remain
constant, the volume of gas will expand.

Worked example 1

A mole of liquid water has a volume of 18cm?, and a mole of steam at 100°C and room
pressure has a volume of 33dm?. By how many times has the volume increased?

Answer
The volume has increased by

Worked example 2

Assuming that all the H;0 molecules in liquid water are touching one another, roughly how
many molecular diameters are they apart in steam?

= 1833 times. (Remember, 1dm?= 10°8cm3))

33 x10°
1

Answer
The increase in linear distance between the molecules is the cube root of the increase in
volume. So in steam the molecules are 31833 = 12 molecular diameters apart.



Table 4.1 The positions and movement of the
particles in solids, liquids and gases

Figure 4.2 The structure of a
non-crystalline (amorphous) solid.
The particles are in a random
arrangement.

Figure 4.3 The structure of a crystalline solid,
zinc (left). The particles of sodium chloride
{right) are in a regular lattice arrangement.

Solids, liquids and gases

Table 4.1 summarises the differences between solids, liquids and gases.

State | Relative position of particles | Relative movement of particles

solid touching one another fixed in a regular three-dimensional |attice; can
only vibrate about fixed positions
liguid | touching one another moving randomly through the liquid, often in

weakly bonded groups of several molecules at a
time; vibration, rotation and translational motion
are allowed.

gas far apart from one another individual molecules moving randomly at high
speeds, colliding with, and bouncing off, cne
another and the walls of their container

4.2 Lattices

For most substances, the solid and liquid phases usually have about the same density.
This is because in both solids and liquids the particles are touching one another,

with little space in between them. As we have just mentioned, the major difference
between solids and liquids is whether or not the particles have translational motion.
In liquids, the particles move fairly randomly and are continually sliding over one
another. In solids, on the other hand, the particles do not move around from one
place to another. They can only vibrate around fixed positions.

There are two major types of solids — crystalline and non-crystalline solids.

In non-crystalline (or amorphous) solids, the particles are not arranged in any order,
or pattern. They are fixed in random positions. If you took a video of a liquid, showing
the particles moving around chaotically, and froze a frame from that video, the picture
would be indistinguishable from that of a non-crystalline solid. Many non-crystalline
solids, for example glass, are often called ‘supercooled liquids’ (see Figure 4.2).

In crystalline solids, the particles are arranged in a regular three-dimensional
pattern or array. This is called a lattice (see Figure 4.3). Every lattice can be thought
of as being made up from lots of subunits or building blocks stacked one on top of
the other, in rows and columns. These repeating units are called unit cells. Once we
have understood the geometry of the unit cell, and how the atoms are joined together
in it, we are well on the way to understanding what gives crystalline solids their
shapes, and their other physical properties.
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4.3 The building blocks of lattices

The ultimate building blocks of matter are, of course, atoms. The lattices of most
elements are composed simply of individual atoms. We can distinguish three types of
atomic lattice:

* monatomic molecular lattices, such as in solid argon and the other noble gases
¢ macromolecular covalent lattices, such as in diamond and silicon
» metallic lattices, such as in iron and all other solid mertals.
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Figure 4.4 In solid argon, a simple atomic
lattice, the only intermeolecular forces are weak
instantaneous dipole forces. In solid hydrogen
chloride, a simple molecular lattice, there are
dipole—dipole forces. Solid iodine has strong
instantaneous dipole forces.

Table 4.2 Intermolecular forces and melting
points for some substances
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In addition, some elements that form polyatomic molecules, such as the non-metals
in Groups 15, 16 and 17 (e.g. P4, Sg and I,) exist as simple molecular lattices.

The lattice building blocks of solid compounds contain more than one element.
There are three types:

a simple molecular lattices, such as in ice
o giant molecular lattices, such as in silicon(IV) oxide
@ ionic lattices, such as in sodium chloride and calcium carbonate.

Each type of lattice confers different physical properties upon the substance that
has it. We shall explore these properties in the sections that follow.

4.4 Simple molecular lattices

In simple molecular lattices, including molecular atomic lattices, there is no chemical
bonding between the particles, just dipole—dipole forces, instantaneous dipole forces
or hydrogen bonding attractions, which are comparatively weak. Figure 4.4 shows
examples of simple atomic and molecular lattices. The molecules or atoms are packed
tightly, but only a small amount of thermal energy is required to overcome the
intermolecular forces and break the lattice. Substances containing this type of lattice
therefore have low melting points (and low boiling points). As we saw in section 3.17,
boiling points depend on the strength of the intermolecular bonding, The same is true
for melting points (see Table 4.2).

solid argon —weak
instantaneous
dipole forces
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Substance Formula Main type of Intermolecular | Melting polnt/°C
attraction
argon Ar weak instantaneous dipole —-189
hydrogen chloride | HCI dipole—dipole -115
water H,0 hydrogen banding 0
iodine L strong instantaneous dipole 114
sucrose C12H722044 strong hydrogen bonding 185

The properties of water are in several ways rather different from those of other
simple molecular substances. Unlike the molecules of other compounds capable of
forming hydrogen bonds, water has fwo lone pairs of electrons together with fiwvo
&+ hydrogen atoms. This means that it can form fwo hydrogen bonds per molecule
on average, whereas alcohols, ammonia and hydrogen fluoride can only form one




4 Solids, liquids and gases

4 hydrogen bond per molecule. This means that the hydrogen bonding in water is
150— more extensive than in other compounds, which has the following effects on the
100—] Hi0 properties of water.
YU gy - ® The boiling point of water is much higher than those of ammonia and hydrogen
-’E fluoride (see Figure 4.5).
a2 0+ NH, @ Liquid water has a high surface tension. The strongly hydrogen-bonded molecules
E—SD— form a lattice across the surface of water, allowing objects which you might expect
E to sink in water, such as pond skaters and even coins (if you are careful), to “float’
~100— on water (see Figures 4.6 and 4.7).
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Figure 4.5 The boiling points of NH3, HzO / .-: %
and HF - ==
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Figure 4.6 Hydrogen bonding on the surface f—o awater molecule /O—H —0 - @—  ahydrogen bond
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of water forms a hexagonal array which between hydrogen
provides a high surface tension. and oxygen

Filgure 4.7 The surface tension of water a
supports the pond skater — the surface is
depressed but the hydrogen bonds hold it
together.
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Figure 4.8 In ice, the molecules are hydrogen
bonded in a tetrahedral arrangement, which
makes ice less dense than liquid water.

Table 4.3 Melting and boiling points are high
for substances with a giant covalent lattice.
(Note that boron(lll) nitride sublimes — it
changes straight from a solid to a gas when
heated, so its melting and boiling points are
the same.)

Figure 4.9 Giant molecular lattices have
strong covalent bonds in three dimensions.
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@ Ice is less dense than liquid water. The hydrogen bonds between the water
molecules in ice are positioned roughly tetrahedrally around each oxygen atom.
This produces an open lattice, with empty spaces between some water molecules
(see Figure 4.8). The more random arrangement of hydrogen bonds in liquid water
takes up less space.

~°

~5° % O—% (go awater molecule

iﬂﬁ ?D @ -0 ahydrogen bond
A
oo~

For examples of carbon-containing simple lattices, see section 4.12, page 87.

4.5 Giant molecular lattices

These are sometimes referred to as macromolecular lattices. They consist of three-
dimensional arrays of atoms. These atoms can be either all of the same type, as in the
elements carbon (diamond, graphite or graphene, see page 84) and silicon, or of two
different elements, such as in silicon(IV) oxide or boron(III) nitride. The atoms are all
joined to one another by covalent bonds. So a single crystal of diamond or quartz is in
fact a single molecule, containing maybe 1 % 10* atoms. For atoms to become free from
the lattice, these strong bonds have to be broken. Substances containing this type of lattice
therefore have very high melting points and also high boiling points (see Table 4.3).

Substance Formula | Type of Interatomic | Melting | Bolling point/°C
attraction point/°C

silicon Si giant covalent 1410 2355

silicon{lV) oxide Si0, giant covalent 1610 2230

baron(ll) nitride | BN giant covalent 3027 3027

diamond C giant covalent 3550 4827

diamond lattice silicon{lV) oxide lattice

The properties of giant covalent larices (the terms ‘giant molecular’ and ‘macrocovalent’
are also used to describe these lattices) result from their structure and bonding.

® Their melting points are high, as described above.

@ They are electrical insulators, because all their valence electrons are involved in
localised covalent bonds, and so are unable to move when a potential difference
is applied.

® They are hard, strong and non-malleable, because their covalent bonds are both
strong and point in fixed directions, towards each adjacent atom.



Figure 4.10 The carbon atoms on the edges
of a diamond crystal have hydrogen atoms
bonded to them.

L

Figure 4.11 lonic lithium fluoride is formed
by the transfer of an electron.

Solids, liquids and gases

Ceramics are inorganic compounds (usually oxides) that are hard and inert, with high
melting points. They are often good electrical and thermal insulators, and find uses
in furnaces, high voltage insulators and heat-resistant tiles (e.g. on the surface of the
space shuttle). Common ceramics include the giant covalent silicon dioxide and the
giant ionic magnesium oxide and aluminium oxide.

What happens to the valencies on the edge of
a diamond crystal?

Although the carbon atoms inside a diamond crystal are all joined to four other
atoms, and so have their full complement of covalent bonds, those on the flat
surface of the side of a crystal have only three carbon atoms joined to them. They
have a spare valency. Those atoms occupying positions along a crystal edge or at
an apex are likely to have two spare valencies.

How the spare valencies are ‘used up’ was a mystery for many years. Some
thought that they joined up in pairs to form double bonds. However, this would
mean that the surface carbon atoms would have to be sp? hybridised, rather than
sp? as they are in the inside of the crystal. The mystery was solved by studying
the surface of very clean diamond crystals using sensitive techniques such as
photoelectron spectroscopy and scanning tunnelling electron microscopy.

The spare valencies are used up by bonding with atoms other than carbon. It was
discovered that under normal conditions the surface of a diamond crystal is covered
with hydrogen atoms, each atom singly bonded to a carbon atom. Diamond is
therefore not an element in the true sense, but a hydrocarbon (a polyeyclic alkane)
with a very high carbon-to-hydrogen ratio!

By heating a diamond crystal to a temperature of 1000°C in an extremely high
vacuum, it is possible to drive off the hydrogen atoms. The resulting surface is highly
reactive, and can bond strongly to other atoms, such as oxygen, amine (—NH;)
groups, other carbon-containing molecules such as alkenes and even some large
biological molecules such as DNA. There is hope that new molecular semiconducting
devices might be constructed on wafer-thin diamond surfaces in the future, making
computers even smaller and more powerful.

4.6 lonic bonding — monatomic ions

TIonic bonds are typically formed between a metallic element and a non-metallic
element. Unlike covalent bonds, which involve the sharing of one or more pairs
of electrons between two atoms, ionic bonding involves one atom (the metal)
totally giving away one or more electrons to the non-metallic atom. This results in
electrically charged atoms, called ions, being formed (see Figure 4.11).

+ -
Li x . F : Li : F :
Li F it F
3p* 9p* 3p* 9p*
3¢ Se 2 10e”
overall charge: 0 0 +1 -1

We shall delay taking a detailed look at the energetics of ionic bond formation until
Topic 20 (though the panel on page 77 gives a brief account). It is instructive at
this stage to compare the formation of an ionic bond with that of a covalent bond.
We saw in section 3.11 that bonds between atoms of different electronegativities
are polar, with an uneven distribution of electrons, and hence of electrical charge.
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We can consider ionic bonding to be an extreme case: when the electronegativity
difference between the two atoms is large enough, the bonding electrons will become
completely transferred to the more electronegative atom, and an ionic bond results
(see Figure 4.12).

Figure 4.12 lonic bonds are formed between il 0 gt M
atoms of high electronegativity difference, " ‘F. . .F. . H .F_ . L 'F' x
electronegativities: 4.0 4.0 ; 2.2 4.0| ||.0 4.GI
I I
difference: 0 1.8 30

When forming ionic bonds, metals usually lose all their outer-shell electrons. Their
ionic valency therefore equals their group number. Likewise, non-metals usually accept
a sufficient number of electrons to fill their outer shells. Their ionic valency therefore
is (18 — g) where g is the group number. (See Table 4.4, page 79, for a comprehensive
list of ionic valencies.) The resulting ions combine in the correct proportions so as to
cancel their charges. The compound is therefore electrically neutral overall.

In lithium oxide, for example, each lithium ion loses the electron in its second shell,
and the oxygen atom accepts two electrons (one from each of two lithium atoms),
forming a full octet in its second shell (see Figure 4.13). Its empirical formula is

therefore Li,O.
Figure 4.13 The formation of lithium oxide aa "
b e
[0 i) ¥ [ Li ]
. % 4 - s R Rl 2_
= e ) ge—————= i Lo

Worked example

Draw dot-and-cross diagrams showing the electronic configuration and charges in
magnesium fluoride.

Answer
The 12 electrons in magnesium are arranged in the configuration 2.8.2. The Mg?* ion has
lost two outer-shell electrons, so it has the configuration 2.8.

The nine electrons in fluorine are in the configuration 2.7. The F~ion has gained an
electron, so it has the configuration 2.8. We need 2 x F~ (see Figure 4.14).

Figure 4.14 S
: B gt
. - ]
¥ (Mg =z

PLF 13
Draw dot-and-cross diagrams with - -
charges showing the ionic bonding in (Mote the simplified representation of electronic configuration used here. Magnesium is
magnesium oxide, Mg0, lithium nitride, 152252 2p535?, shown as 2.8.2 by grouping together the electrons in each shell. Similarly,
LizN, and aluminium oxide, Al;Os. fluorine is 1s% 2s? 2p°, which becomes 2.7.)
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Figure 4.15 The formation of the
ammaonium ion

Flgure 4.16 The formation of the ammonium
ion — a different view

Solids, liquids and gases

Energetics of ionic bond formation - a brief summary

Ionic bonding involves a separation of charge, which is usually an unfavourable
endothermic process. The reason why it becomes more favourable with metals is
their comparatively low ionisation energies. In lithium fluoride, LiF, for example,
the outer electron is fairly easily lost from the lithium atom, and becomes more
attracted to the fluorine nucleus than to its original lithium nucleus. The benefits of
total electron transfer are completed by the resulting electrostatic attraction between
the cation and anion that are formed. Look carefully at the state symbols in the
equations below. (For further descriptions of the terms used here, see Topic 20.)

Li(g) — Lit(g) + e~ AH® = +513 kJ mol ! (ionisation energy)
Fig)+e™ — F(g) AH® = —328k] mol™! (electron affinity)

Therefore, in the gas phase:
Li(g) + F(g) — Lit(g) + F(g) AH® =513 — 328 = +185 Kk mol !

The fact that AH* is positive means that this is an energetically unfavourable process.
But when the ions form a solid lattice, the ions attract one another, and much
energy is released:

Lif(g) + F(g) — LitF(s) AH® = -1031k] mol ! (lattice energy)
So the overall energy change, from gas-phase atoms to solid compound, is:
Li(g) + F(g) — LitF(s) AH® =185 — 1031 = =846 kK mol ™!

The complete process is seen to be highly exothermic, and therefore favourable.

4.7 lonic bonding — compound ions

The ions that make up ionic compounds are not always monatomic (that is, they do
not always contain only one atom). Several common ions contain groups of atoms
which are covalently bonded together, and which have an overall positive or negative
charge. Here are a few examples, some of which we came across in Topic 3.

The ammonium ion, NH;™

We first mentioned the ammonium ion in Topic 3 (pages 50 and 55). It is formed from
one nitrogen atom and four hydrogen atoms, minus one electron (see Figure 4.15).

H # electron lost

—+
=
HY H
i wwt, S W
H « x
N — [H® N Z3H | — HZ N IH
® x H » .
e )
H H
H + L -~

An alternative way of looking at its creation is by forming a dative bond from an
ammonia molecule to a proton (see page 50). Figure 4.16 shows this approach.

— —+
H H
+
Higi N = H — Hi N EH
e ®e
H H
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Figure 4.17 The carbonate ion

Figure 4.18 The sulfate ion
1
QF
S'm. 1
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o

Figure 4.19 In the sulfate ion, the charge is
delocalised, and the bonds are all equivalent.

0
LR
Figure 4.20
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Either description can be used — the first method emphasises that all four bonds are
exactly the same, while the second is a better representation of how the ammonium
ion is usually formed, by reacting ammonia with an acid:

NH;(g) + HCl(g) — NH, CI(s)

The carbonate ion, CO5*"

To understand the bonding in polyatomic anions, it is often easier to look first at their
corresponding acids. Chemically, carbonate ions are formed by reacting carbonic acid
with a base, that is, by removing hydrogen ions from the acid. If this is done, we can
see that the two hydrogen atoms leave their electrons on the carbonate ion, giving it
a —2 charge (see Figure 4.17).

The delocalisation that occurs in this ion was discussed in section 3.16.

- I, e,
Hp g
H o c—0,
A nleof
C » 8]
- -
& . L
H . 0 '_O'\
> 2HY + /c:c_n:
carbonic acid et

The sulfate ion, SO,%"

To study the sulfate ion, let us look first at the corresponding acid. The bonding in
sulfuric acid is best described as follows. The sulfur atom has six electrons in its outer
shell. It can use four of these to form two double bonds to two oxygen atoms (just as
sulfur dioxide, SO,, see section 3.9). The other two electrons in the outer shell of sulfur
can form two single bonds to the other two oxygen atoms. These singly-bonded oxygen
atoms then in turn form single bonds to two hydrogen atoms (see Figure 4.18). (This
bonding arrangement fits in with the respective covalencies given in Table 3.1, page 49.)

H=5-0; “o" <0 -o°
"N N
. N SN\

H-E ’:/\_ - (o) 0.
sulfuric acid

We can form sulfate ions by removing two hydrogen ions from sulfuric acid. Just as in
the carbonate ion, delocalisation occurs, making all four 5—0O bonds equivalent. The
shape of the SO# ionis a regular tetrahedron (see Figure 4.19).

Worked example

2 Deduce the formula of the ion formed by the loss of the H ions from boric acid, H3BO;.
b What will be the overall charge on this ion, and hence the charge on each oxygen atom in it?
¢ Suggest a shape for the ion.

Answer

a If all three hydrogen atoms are lost as H* ions, the resulting ion will be BO3*.

b The overall charge will therefore be =3, and each oxygen will have a charge of —1.
¢ Boron uses all its electrons in bonding with the oxygen atoms, so the shape will be

triangular planar (see Figure 4.20).
e
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Predict the shape of the ions derived from the following acids, and work out the fractional
charge on each oxygen atom in each ion.

1 phosphonic acid, H3PO4
2 chlorictV) acid, HCIO4
2 chlorictVIl) acid, HCIO4

4.8 The ionic valency table

The ionic valency of a single atom from Groups 1, 2 and 13-17 can easily be worked
out from its group number. However, it is not so easy to predict the ionic valency of

a transition metal, or of a compound ion. Table 4.4 includes all the valencies you will
need to know.

:ga:oi.guggglijocr;isc valencies of some Catlons ADIONE
Name Formula Name Formula
hydrogen H* hydride H™
lithium Li* fluoride E
sodium Na* chloride cr
potassium K+ bromide Br
silver Ag* jodide IF
copper(l) cut oxide o
magnesium Mg?* sulfide 5
calcium Ca2 nitride NF
barium Ba?t hydroxide OH-
copper(ll) cu?t nitrite or nitrate(ll) NO;~
zinc n* nitrate or nitrate(v) NO5™
iron(ll) Fa?* hydrogencarbonate HCOs
lead Pb* hydrogensulfate HSO,~
alurninium AP+ carbonate coz*-
iranIiny Fe® sulfite or sulfata{|v) S05*
chromium ot sulfate or sulfate(Vl) | so,*
ammoniurn NH4* phosphate PO+

Tonic inorganic compounds are named according to the following general rules.

1 The name of the compound is usually made up of two words, the first of which is
the name of the cation (the positive ion), and the second is the name of the anion
(the negative ion).

The oxidation state (oxXidation number) is the formal charge on a particular
element in a compound or ion. Where elements can exist in different oxidation
states (see section 7.2), the particular oxidation state it shows in the compound

[ 3]

in question is represented by a Roman numeral. Therefore iron(III) represents
iron with the oxidation number 43 (Fe*"), and so iron(I1) chloride is FeCl;. This
is particularly useful when referring to compound ions — the nitrogen atom in the
nitrate(IIl) ion, NO,™, has an oxidation number of +3, whereas the nitrogen in the
nitrate(V) ion, NO5~, has an oxidation number of +5.

3 Anions containing just a single atom have names ending in “-ide’. Anions containing
oxygen as well as another element have names ending in ‘-ate’. If there is more
than one anion containing a particular element combined with oxygen, the
oxidation number of that element is indicated as in rule 2.
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1 Use Table 4.4 to write the correct

formula for:

a iron{ll) fluoride

b magnesium nitride
¢ copperi]) oxide

o iron{lll) hydroxide
e calcium phosphate
f ammonium sulfate
o copperill) nitrate.

2 Write the names of the following ionic
compounds.
a FeS50,

b BaS
© Mg(HCOs3);
d KNO;

3 Which of the following formulae are
incorrect? For each incorrect formula,
write the correct one.

a AgO

b Ba{OH);

C Pb{NO]);
d All,

e FeylSOy);

-

4+ For some anions, the ending “-ite’ is used in the traditional name to indicate
that the particular element is combined with some oxygen, but not its maximum
amount of oxygen. The recommended name uses the oxidation number instead.
For example:

NOy is either nitrite or nitrate(I11)
NO4~ is nitrate or nitrate(V)

SO,% is either sulfite or sulfate(IV)
S0,4% is sulfate or sulfate(VI).

Worked example =

Use the ionic valency table (see Table 4.4) to predict the formula of:
a Zinc nitrate
b aluminium sulfate.

Answer
a Zinc ions are Zn?*, and nitrate ions are NO5~. To obtain a compound that is electrically
neutral overall we need two nitrate ions to every one zinc ion:

Zn?* + 2NO5~ = Zn{NO3);

b Aluminium ions are AI**, and sulfate ions are 50,47, so we need two AP (total
charge = +6) for every three 50,7 (total charge =—6):

2AP* + 350,47 = Aly(504);
L

4.9 lonic lattices

Co-ordination number

The sections above have described how individual ions form:; we now consider
how they collect together in a lattice. Clearly, oppositely charged ions will attract
each other; also, ions of the same charge will repel each other. Each cation in

an ionic lattice will therefore be surrounded by a number of anions as its closest
neighbours, and each anion will be surrounded by a number of cations. We never
find two cations adjacent to each other, nor can two anions be adjacent to each
other. The number of ions that surround another of the opposite charge in an ionic
lattice is called the co-ordination number of that central ion. The co-ordination
number depends on two things — the relative sizes of the ions, and their relative

charges.

The relative sizes of the ions

If one of the ions is very small, there will not be room for many oppositely charged
ions around it. With Zn™, for example, the maximum co-ordination number is usually
4, If the cations and anions are nearly equal in size, one ion can be surrounded by
eight others. The intermediate case of six neighbours occurs, as might be expected,
when one ion is bigger than the other, but not by very much.

The relative charges of the ions

To gain electrical neutrality, a cation with a charge of +2 needs twice as many —1 ions

as does a cation of charge +1. We therefore find that the Ca*t ion in calcium chloride,

CaCl,, is surrounded by twice as many CI” ions as is the Li* ion in lithium chloride, LiCl.
These two factors are detailed in Table 4.5. Two of the ionic lattices from the

table — those of sodium chloride, NaCl, and caesium chloride, CsCl — are shown in

Figure 4.21, which clearly illustrates the differing co-ordination numbers of the ions in

the structures.
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Compound | Catlon Anlon Anion radius | €o-ordinatlon | Co-ordination
radius/nm | radius/nm Cationradie. number of number of
catlon anlon
Zns 0.08 0.19 24 4 4
Nacl 0.10 0.18 1.8 5] 6
MgO 0.07 0.14 2.0 5] [
CsCl 0.17 0.18 1 8 8
CaF, 0.10 0.13 1.3 8 4

lon polarisation and charge density

We saw in section 3.11 that many covalent bonds involve a slight separation of charge,

due to the different electronegativities of the two atoms involved in the bond. This

confers a small degree of ionic character on the covalent bond.




PHYSICAL CHEMISTRY

Figure 4.23 |on polarisation between a small,
highly charged cation and a large anion

Table 4.6 Small, highly charged ions bond
strongly, leading to high melting points.
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Starting from the other extreme, we find that a small degree of covalent character
is apparent in some ionic bonds. This is due to polarisation of the (negative) anion
by the (positive) cation. It occurs to the greatest extent when a small or highly
charged cation is bonded to a large anion. The outer electrons around the large
anion are not very firmly held by its nucleus, and can be attracted by the strong
electric field around the small, highly charged cation. This causes an increase

in electron density between the two ions, that is, a degree of localised covalent
bonding (see Figure 4.23).

The idea of ion polarisation is important in explaining the thermal decomposition of
metal carbonates and nitrates (see section 10.4).

The strong electric field around small, highly charged cations attracts not only the
outer-shell electrons in anions, but also the lone pairs on polar molecules such as
water. We shall see in Topic 20 that the enthalpy changes of hydration of small ions
are much more exothermic than those of larger ions.

The concept of charge density is a useful one for explaining the influence that an
ion (usually a cation) has on the electrons in adjacent ions or molecules.

Imagine two +1 ions, one with a radius of 0.1nm and one with a radius of 0.2nm.
For each ion, the +1 charge is spread over the surface of a sphere, for which the
first ion has a surface area of 0.125nm? (47r2, with »= 0.1). The surface area of the
second ion is 0.50nm?, which is four times as large as the first (area == ).

The charge density (sometimes called surface charge density) is the amount

of charge per unit area of surface. This is = 8 electron units per nm® in the first

a2
case, and OLS = 2 electron units per nm® i?l thz second. The extent of polarisation
(and hence }he attraction) of the electrons in adjacent anions, lone pairs and bonds
depends on the charge density of the cation.

Small, highly charged ions (such as A") have a greater charge density than large,
singly charged ions (such as Cs*). If two ions have similar charge densities, this often
results in their having similar properties.

4.10 Properties of ionic compounds

Melting and boiling points

In an ionic lattice, there are many strong electrostatic attractions between oppositely
charged ions. We therefore expect that ionic solids will have high melting points.
On melting, although the regular lattice is broken down, there will still be
significant attractions between the ions in the liquid. This should result in high
boiling points also. As we shall see in Topic 20, the ionic attractions are larger when
the ions are smaller, or possess a larger charge. This is apparent from Table 4.6.

Compound | Cation Anlon Cation Anion Melting
radius/nm radlus/nm charge charge polnt/°C
NaCl 0.10 0.18 +1 =1 801
NaF 0.10 0.13 +1 =1 993
MagF; 0.07 0.13 +2 =1 1261
MgQ 0.07 0.14 +2 =9 2852




4 Solids, liquids and gases

Strength and brittleness

If an ionic lattice is subjected to a shear or bending force, that is, a force that attempts
to break up the regular array of ions, this will inevitably force ions of the same charge
closer to each other (see Figure 4.24). The lattice resists this strongly. Ionic lattices are
therefore quite hard and strong. If, however, the shearing force is strong enough, the

lattice does not ‘give’, but breaks down catastrophically — the crystal shatters into tiny
pieces. The strength of an ionic lattice is an ‘all-or-nothing’ strength.

Figure 4.24 A shearing force will shatter an
ionic crystal.

repulsion

Electrical conductivity

The conduction of electricity is the movement of electrical charge. The individual ions

that make up ionic compounds have a net overall electrical charge. If they are able to
move, as they can when the compound is either molten or dissolved in water, then
an electric current can flow. When in a solid lattice, however, the ions are fixed. Solid
ionic compounds do not conduct electricity.

The electrical conductivity of a solution of an ionic compound increases as its
concentration increases, because there are more ions to carry the current. Similardly,
for the same concentration (say 1 moldm™), a salt solution that contains highly
charged ions, such as aluminium chloride, conducts better than a salt solution with
ions of a small charge, such as sodium chloride.

The conduction of electricity through metals and other solid conductors is due to
the movement of electrons (see below). When ions that are moving in a solution give
up their charge to a solid conductor placed in the solution (an electrode), interesting
chemical reactions take place. This process, called electrolysis, is described in Topic 23.

4.11 Metallic lattices

Table 4.7 Metallic bonding is much stronger All metals conduct electricity. They are also malleable (easily beaten or rolled into
than the instantaneous diPC"E‘_ forces i_” argor, sheets), ductile (easily drawn into rods, wires and tubes) and shiny. These properties
but not as strong as bonding in the giant are due to how the atoms of the metal interact with their neighbours in the lattice.

covalent lattice of carbon.
In a pure metallic element, all the atoms are identical. If we look closely at most

Flerment Melting point/°C metallic lattices we find that the atoms are arranged in a very similar way to the argon
atoms in solid argon, with each atom being surrounded by 12 others (see Figure 4.4,

argon =13 page 72). But clearly there are greater attractions between them, for the typical

sitver 962 melting point of a metal is at least 1000°C higher than that of argon (see Table 4.7).

copper 1083 On the other hand, an element whose atoms are strongly bonded in a macromolecular

iron 1535 covalent lattice, such as carbon, has a melting point 2000 °C higher than the typical

carbon 3550 metal. So metallic bonding is strong, but not as strong as some covalent bonding,.

A clue to the nature of metallic bonding comes from looking at the atomic
properties of metallic elements — they all have only one, two or three electrons in
their outer shells, and have low ionisation energies. The bull property that is most
characteristic of metals — their electrical conductivity — often increases as the number
of ionisable outer-shell electrons increases. Electrical conductivity itself depends on the
presence of mobile carriers of electric charge. We can therefore build up a picture of
a metal structure consisting of an array of atoms, with at least some of their outer-shell
electrons removed and free to move throughout the lattice (see Figure 4.25a). These
delocalised electrons (see section 3.16G) are responsible for the various characteristic
physical properties of metals, as detailed below.
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Figure 4.25 a The structure of a metallic a
lattice. b When a shearing force is applied,

adjacent layers of cations can slide over one

another, and the metal |attice can be deformed

without shattering. nuclei and delocalised
inner-shell outer-shell
elactrons, electrons
i.e. cations

Allotropes are two (or more) forms of
the same element, in which the atoms or
molecules are arranged in different ways.

Table 4.8 The properties of diamond and
graphite

—

= =y = N, stress
® &~
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o After some electrons have been removed from the metal atoms, the atoms are left
as positive ions. The attraction between the delocalised electrons and these positive
ions is responsible for the strengths of the metallic lattices, and for their fairly high

melting points.
® Electrons are very small, and move fast. When a potential difference is applied

across the ends of a metallic conductor, the delocalised electrons will be attracted
to, and move towards, the positive end. This movement of electrical charge is what
we know as an electric current.

@ The partially ionised atoms in a metal lattice are all positively charged. But they
are shielded from each other's repulsion by the ‘sea’ of delocalised electrons in
between them. This shielding is still present no matter how the lattice is distorted.
As a result of this, and unlike ionic lattices, metal lattices can be deformed by
bending and shearing forces without shattering (see Figure 4.25b). Metals are
therefore malleable and ductile.

# The shininess and high reflectivity of the surfaces of metals is also a property as-
sociated with the delocalised electrons they contain. As a photon of light hits the
surface of a metal, its oscillating electric field causes the electrons on the metal’s
surface to oscillate too. This allows the photon to bounce off the surface without
any loss of momentum.

4.12 Graphite and the allotropy of carbon

On page 74 we looked at the macromolecular covalent structure of diamond. Carbon’s
other common allotrope, graphite, is very different in its properties (see Table 4.8).

Property Dlamond Graphite
colour colourless and transparent black and opaque
hardness very hard —the hardest naturally very soft and slippery — over 500

occurring solid times softer than diamond

very poor —a good insulator
(resistivity = 1 % 10'2 Qem)

very good along the layers

electrical conductivity (resistivity = 5 x 10-5Qcm)

density 3.51gecm™ 2.27gem™




Figure 4.26 The structure of graphite

Solids, liquids and gases

These differences in properties are due to a major difference in the bonding
between the carbon atoms in the two allotropes. In diamond, each carbon atom
is tetrahedrally bonded to four others by single, localised covalent bonds. A
three-dimensional network results. In graphite, on the other hand, each carbon
atom is bonded to only three others (using planar spz orbitals, see section 3.14).
A two-dimensional sheet of carbon atoms is formed. Each carbon atom has a
spare Zp orbital, containing one electron. These can overlap with one another
(just as in benzene, see section 3.16) to form a two-dimensional delocalised

n orbital spreading throughout the whole sheet of atoms. A graphite crystal is
composed of many sheets or layers of atoms, stacked one on top of another
(see Figure 4.26). Each sheet should be thought of as a single molecule. There
is no bonding between one sheet and the next, but the instantaneous dipole
attraction between them is quite substantial, because of the large surface area
involved.

delocalised orbital formed
by overlap of 2p orbitals on
adjacent carbon atoms

layers of A
delocalised
electrons

between the B
layers

Owing to its layered nature, graphite is an anisotropic material, which means
that its properties are not the same in all directions. These properties of graphite
can be clearly related to its structure, and result in a variety of uses, outlined
below,

® The use of graphite as an electrical conductor — whether as electrodes for
electrolysis or as brushes in electric motors — is well known. Owing to its
delocalised electrons, graphite is a good conductor along the layers. But because
electrons keep to their own layer, and cannot jump from one layer to the next,
graphite is a poor conductor in the direction at right angles to the layers. The
same is true for the conduction of heat. Graphite therefore finds a use in large
crucibles, where the conduction of heat along the walls needs to be encouraged,
but the transference of heat directly through the bottom is not wanted (see
Figure 4.27).
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Flgure 4.27 Graphite conducts heat along
its layers.

layers of graphite

heat conducted
up sides of crucible ‘

HEAT

® The weak bonding between the layers allows them to slide over one another
easily. One of the first uses of graphite (named from the Greek grapho, meaning ‘to
draw’) made use of this property — layers of carbon atoms could easily be rubbed
off a lump of graphite, leaving a black trace on paper or parchment. Apart from its
continued use in pencils, graphite is also used today as a component of lubricating
greases. The easy sliding of the layers over one another combines with a strong
compression strength across the layers. This prevents a weight-bearing axle from
grinding into the surface of its bearing (see Figure 4.28).

Figure 4.28 Graphite layers slide over one downward pressure from vehicle
another, making it a useful lubricant.

layers of graphite in grease

As well as diamond and graphite, carbon also forms other allotropes. The structure of
one of these, buckminsterfullerene, is compared with those of diamond and graphite
in Figure 4.29.

Figure 4.29 The structures of a diamond,
b graphite and ¢ buckminsterfullerene, Cgy

Single sheets of the graphite lattice are called graphene. Graphite, fullerenes and

graphene all have one thing in common: delocalised electrons. Unlike diamond

therefore, they are capable of conducting electricity, although with the smaller simple-

molecular fullerenes this would only be around the surface of the molecule itself.
Fullerene is the generic name applied to simple molecular forms of carbon in

the form of a hollow sphere, an ellipsoid or a tube. A whole series of fullerenes is



Figure 4.30 Geodesic domes at the Eden
Project in Cornwall, England

Figure 4.31 The structure of
buckminsterfullerene

Solids, liquids and gases

now known. The first of these to be discovered was Cg,. It was obtained by firing a
powerful laser at a sample of graphite at a temperature of 10000°C. Tts discoverers,
Harold Kroto. Robert Curl and Richard Smalley, were awarded the 1996 Nobel Prize

in Chemistry for their work. They named Cg, buckminsterfullerene in honour of

the architect R. Buckminster Fuller, who used the principle of the geodesic dome in
many of his buildings. (The alternating 5- and 6-membered rings in Cg; give a bonding
pattern similar to the struts in a geodesic dome — see Figure 4.30.) Other known
fullerenes have the formulae Cyy, Gy, Cpg, Crg, Cayy Cop and Coy. More are likely to be
synthesised as this exciting new area of chemistry develops.

Cgy itself is a highly symmetrical spherical football-shaped molecule (see Figure 4.31).
Most of the higher fullerenes are derived from this basic shape by inserting rings of
carbon atoms around the centre. Eventually, nanometre-sized tubes of carbon atoms
are formed. Since the surface of a fullerene is covered by a cloud of delocalised
electrons (as in graphite), these carbon nanotubes (CNTs) may find applications as
small-scale conductors (see page 85).

Adding functional groups to spherical fullerenes, such as Cg, allows them to interact
with biclogical systems, and they are finding uses in cancer therapy and the targeted
delivery of antibiotics. In the electrical field, they are showing promise as high
temperature superconductors,

In graphene, as in graphite, the carbon atoms are arranged in a regular two-
dimensional hexagonal lattice (see Figure 4.32). Graphene is the thinnest material known
but is also extremely strong. It is an excellent conductor of both electricity and heat.

Single sheets of graphite were thought not to be stable on their own — it was
assumed they would spontaneously clump together to re-form graphite, but in 2003
they were produced in quantity at the University of Manchester (UK) by Andre Geim
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Figure 4.32 Graphene: a single sheet of

carbon atoms

Table 4.9 A comparison of the tensile

strength of some materials

Materlal Tenslle
strength (GPa)

multi-walled nanotube 70

single-walled nanotube 33

Kevlar 37

stainless steel 0.8

and Kostya Novoselov, Geim and Novoselov were awarded the 2010 Nobel Prize in
Physics for their work. Billions of dollars are presently being invested in graphene
research: the material has many potential applications, such as flexible touch screens
for mobile phones; electrodes in lightweight batteries; and single molecular sensors.

Graphene can be rolled into tubes, or two sheets can be combined to form bilayer
graphene. The sheets can also be ‘doped’ with other atoms and ions, for example
potassium, K'. All of these forms have interesting electrical properties, and are now
finding uses in nanosized electronic devices.

Carbon nanotubes (CNTs) are tubes whose walls are made of graphene sheets joined
edge-to-edge. They could be considered either as forms of graphene, or as extended
open-ended fullerenes, but their properties are sufficiently unique to class them
separately from either, The longest nanotubes that have been made have a length
approaching 20cm, but with a diameter of only approximately 1nm, their length-to-
diameter ratio becomes an enormous 20 000000. The walls of some CNTs are just one
sheet thick, whereas others have walls composed of two, three or more graphene
sheets, concentrically arranged. They are finding uses in electronics (as field-effect
transistors, FETs) and optics, and their high thermal conductivity will encourage their use
in other applications. They are also remarkably strong, as the data in Table 4.9 show.

ﬂ L!m! _%!q _Eﬁ-im. _

' In a particular carbon nanotube of length 20cm, the wall consists of rings of six hexagons,
s0 a particular slice through the wall contains 12 carbon atoms. If the distance along the
tube between each ring of 12 carbon atoms is 0.10nm, what is:

a the relative molecular mass, M,, of the carbon nanctube
b its mass in grams?

Graphene and CNTs are being developed for several important energy applications.

® The use of CNTs in place of graphite at the positive electrode in lithium ion
batteries. This will allow a much shorter recharge time.

@ The use of CNTs for the storage of hydrogen gas in fuel cells, and in hydrogen
fuelled vehicles.

# The use of CNTs, coupled with fullerenes and conducting polymers, to enhance the
efficiency, and reduce the cost, of photovoltaic solar cells.

@ The manufacture of ultracapacitors that can store electrical energy more effectively
than batteries. These capacitors will not only have as much electrical storage capacity
as lithium ion bartteries, but they will be able to be recharged in only a few minutes.
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4.13 The ideal gas equation

Experiments on gases — volume, pressure and
temperature

Some of the first quantitative investigations in chemistry, in the seventeenth and
eighteenth centuries, were into the behaviour of gases. Air in particular was readily
available, and its volume was easily and accurately measurable. Scientists including
Robert Boyle, Jacques Charles and Joseph-Louis Gay-Lussac studied how the volume
of a fixed amount of air changed when either the pressure on the gas, or the
temperature of the gas, was altered.

Their results are summarised below.

Boyle's Law
The volume V of a fixed mass of gas at a constant temperature is inversely proportional to
the pressure p on the gas:
V== i or pV=constant
p

The graphs in Figure 4.33 show three ways of plotting the Boyle's Law relationship
between the volume and the pressure of a gas.

Figure 4.33 These three graphs all show the L 4
Boyle's Law relationship,

g g
0 > 0 -
0 pressure 0 1
pressure
3
s
g
'."3- *
3
g
&
0 -
0 pressure
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Figure 4.34 A simple barometer (left) and the
vernier scale used to read the height to the

nearest 0.1 mm

Charles's Law (also called Gay-Lussac’s Law)
The volume V of a fixed mass of gas at a constant pressure is directly proportional to its
temperature T:

VeT or = constant

~|=<

The units of pressure

The pressure of a gas is the force it exerts on a given area of its container. The 5I
unit of pressure is the pascal, Pa, which results from a force of one newton acting

On an arca Df one square meire:
1Pa=1Nm?2

On this scale, the pressure the atmosphere exerts on the surface of the
Earth at sea level is about 1 x 10°Pa. The atmospheric pressure at a particular
point on the Earth's surface, however, changes with the weather. It also
decreases with height above sea level. The variation with weather can be 10%
or so, ranging from (.95 x 10°Pa during a depression to 1.05 x 10°Pa on a fine,
‘high-pressure’ day.

Scientists have defined standard atmosphere as a pressure of 1.01325 x 10°Pa.
For most purposes, however, the approximation

latm =1 x 10°Pa

is adequate. The unit 1.00 x 10°Pa has been given the name bar. The bar is now
replacing the standard atmosphere as the most convenient unit of pressure.
Boyle would have measured his pressures with a mercury barometer (see
Figure 4.34). The pressure of the atmosphere can support a column of mercury
about 0.75m high. ‘Standard atmosphere’ was originally defined as the pressure
that would support a column of mercury exactly 760 mm high. This is why the
conversion factor from atmospheres to pascals is not an exact power of 10.

Atmospheres, bars and pascals are all used today as pressure units. The first is more
often used by chemical engineers, whereas laboratory scientists usually use pascals.
Two other scales are in common use: car tyre pressures are often measured in
pounds per square inch (Ibin™), or in kilograms per square metre (kgm™).



Figure 4.35 This graph illustrates Charles’s
Law and shows the theoretical derivation of

absolute zero.

Figure 4.36 The relationship between the
absolute termperature scale and the Celsius

scale

volume/dm?

Solids, liquids and gases

Absolute zero and the kelvin temperature scale

When the volume of a gas is plotted against its temperature using the Celsius
temperature scale, a straight line of positive slope is obtained. If this line is extrapolated
back to the point where it crosses the temperature axis, we find the temperature at
which the volume of gas would be zero. Accurate measurements show that this point
occurs at —273.15 °C (see Figure 4.35). The same temperature is found no matter what
volume of gas is used, or at what pressure the experiment is carried out. What is more,
the same extrapolated temperature is found no matter what gas we use,

[

\ volume/dm?

| =

-273.15 0 temperature/C

This is a universal and fundamental point on the temperature scale. Below this
temperature, Charles’s Law predicts that gases would have negative volumes. That

is clearly impossible. So presumably it is impossible to attain temperatures lower

than —273.15°C. This point is known as the absolute zero of temperature, and
experiments in many other branches of chemistry arrive at the same conclusion, and
the same value for the absolute zero of temperature. Not only is it impossible to attain
temperatures lower than absolute zero, it is impossible even to equal it.

Chemists use a temperature scale which starts at absclute zero. As mentioned in
section 2.0, it is called the absolute temperature scale, and its unit is the kelvin (K).
On this scale, each degree is the same size as a degree on the Celsius scale, so the
conversion between the two is easy:

temperature/K = temperature/°C + 273.15
or, more usually:
temperature/K = temperature/°C + 273

Figure 4.36 shows the Charles's Law relationship of volume plotted against temperature
in both °C and K.

-273.15

temperature/C 273.15 temperature/K
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.

1 Convert the following temperatures
from degrees Celsius to kelvin.
a —197°C
b +273°C

2 Convert the following from kelvin to

degrees Celsius.
a 198K
b 500K

o

92

Worked example

What are the following temperatures on the absolute temperature scale?
a 26°C

b -0.5°C

c —15°C

Answer

In each case, we add 273 to the temperature in =C.

a Absolute temperature = 273 + 25 = 208K

b Absolute temperature = 273 - 0.5 = 272.5K

¢ Absolute temperature= 273 — 15 = 258K

L = = e s

Amount of substance and volume

One other clear influence on the volume of a gas is the amount of gas we are
studying. If we perform experiments on 2.0 g of gas rather than 1.0g, we expect that
under the same conditions of temperature and pressure the first sample will have
twice the volume of the second. This is found to be the case:

The volume of gas, under identical conditions of temperature and pressure, is proportional
to the amount (in moles) of gas present:

Ven

Arriving at the ideal gas equation

We can combine all three influences on the volume of a gas into one relationship:

1
Ve — VeT Ven so Vucﬂ

We can convert this relationship into an equation by introducing a constant of
proportionality. This is the gas constant. Chemists have given it the symbol .

Foe P ey Vil | ar itk
p p

This equation is the ideal gas equation. The definition of an ideal gas is one which
follows this equation exactly, under all conditions of pressure and temperature. The
behaviours of many real gases, such as air, and its main components nitrogen and
oxygen, together with hydrogen, helium and neon, do fit in with the equation fairly
accurately. Some other gases, however, follow the equation only approximately when
experiments are carried out at low temperatures or high pressures. The next section
will look at why this is the case.

One surprising discovery was that all gases, no matter how they differ in their
chemical reactions, or in the sizes or shapes of their molecules, obey the equation (at
least approximately). Their points of zero volume () are all —=273.15°C, and R has
the same numerical value for all of them, namely 8.31JK ' mol™.

To understand why this is the case, we must return to the major difference between
liquids and gases. We saw in section 4.1 that water expands 1833 times when it forms
steam at 100 °C. This means that water molecules take up only one part in 1833 of
steam (the molecules themselves do not expand when converting from the liquid to

the gaseous state). The rest, which amounts to 99.95% of the volume (= 100 x @),

1833
is empty space. This empty space is common to all gases, no matter what sort of

molecules they contain. The properties of gases are not the properties of empty space,
of course. They arise from the molecules moving about and colliding with one another
within that empty space. But as long as the different molecules of various gases move

and bump into one another in a similar way, the values of R and Ty will be the same.
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Worked example

Calculate the volume taken up by 1 mol of an ideal gas at room temperature and pressure
(25°C and 1.01 x 10°Pa).

Answer
We rearrange the ideal gas equation to:
V= il n=1.0mol
p R=831JK"mol! [=831NmK"mol']
T=273+25=298K
p=1.01%x10°Pa [=1.01 x 10°Nm™?
v 10 x8.31x 298
T 10Ix 107
=2.45x10?%m?
=24.5dm?

Note that when carrying out calculations using the ideal gas equation, volumes must be in
cubic metres. In calculations we often use the approximate value of 24dm? (2.4 x 107 m?)
for the volume of 1 mol of an ideal gas at room temperature and pressure.
e =

How many moles of ideal gas are there in the following volumes?

1 2.8dm? of gas at a pressure of 1.01 x 10°Pa and a temperature of 10°C
2 54dm? of gas at a pressure of 5.0 x 10%Pa and a ternperature of 600°C
3 92cm? of gas at a pressure of 9.5 x 10%Pa and a temperature of 100°C

Avogadro's Law

One consequence of the fact that all gases consist mostly of empty space is that the
volume of a gas does not depend on the type of molecules it contains. The Ttalian
chemist Amedeo Avogadro was the frst to realise this general property, and it can
be summarised as follows:

Under the same conditions of temperature and pressure, equal volumes of all gases will
contain equal numbers of molecules.

4.14 The behaviour of real gases

Assumptions about ideal gases

It is possible to derive the ideal gas equation from the basic principles of mechanics. The
kinetic theory of gases starts by making the following assumptions about an ideal gas.

® The molecules of an ideal gas behave as rigid spheres.

® There are no intermolecular forces between the molecules of an ideal gas.

# Collisions berween molecules of an ideal gas are ‘perfectly elastic’ — that is, there is
no loss of kinetic energy during collision.

@ The molecules of an ideal gas have no volume.

The theory then considers that the pressure exerted by the gas is due to the
bouncing of the gas molecules off the sides of the container. It calculates the
magnitude of this pressure by assuming that the molecules are in constant random
motion, and that no kinetic energy is lost during collisions with one another or with
the walls of the container.

None of the above four assumptions is 100% true for real gases, however. We saw
in Topic 2 that atoms, and hence molecules, are not rigid, but are rather fuzzy around
the edges. And we saw in Topic 3 that there are various ways in which intermolecular
forces can arise. Both of these factors will cause inelastic collisions. Finally, it is
clearly the case that molecules do have a volume greater than zero. a3
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How some real gases behave

The behaviour of some real gases is compared with that of an ideal gas in Figure 4.37.
As we might expect, the ways in which real gases depart from ideal gas behaviour
are different for each gas, because their molecules are different shapes and sizes. In
general, though, we can see that the deviations become greater at high pressures.

Figure 4.37 Some real gases depart from 4
ideal behaviour, particularly when the pressure N
is high.

co,

pV

ideal gas

pressure

If we now look at how one particular gas behaves as a result of changing the temperature
(see Figure 4.358) we see that the deviation is greatest at low temperatures.

Figure 4.38 The behaviour of nitrogen 4

departs from ideal behaviour to a greater
extent as the temperature is lowered. 250 K

pVv

pressure

We can summarise these findings as follows:

The behaviour of real gases is least like that of an ideal gas at low temperatures and high
prassures.
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Explaining deviation from ideal behaviour

When we increase the pressure on a gas, we decrease its volume (Boyle's Law).

We are forcing the molecules closer together, and the empty space between them is
becoming less. Let us take our example of steam, which is 99.95% empty space at
atmospheric pressure. 1g of water occupies 1cm?, and this expands to 1833 cm®
when it forms steam at 100°C (see section 4.1). If we compress 1.0g of steam to

20 atmospheres (which is about the pressure inside the boiler of a steam locomotive),

the volume deceases to L of its original 1833 cm?, which is 92em?. The volume

of the molecules is still 1 cm?, which as a percentage of the total volume is now
1
9—2 * 100 = 1.1%. When compressed, the molecules occupy a higher percentage

of the gas than the 0.05% they occupy at atmospheric pressure.

The main reason why gases behave less ideally at high pressures is because the volume
of their molecules becomes an increasingly significant proportion of the overall volume
of the gas.

Looking now at the effect of temperature, we know that decreasing the temperature
of a gas also decreases its volume (Charles’s Law) and hence reduces the empty
space between the molecules. But, in addition, decreasing the temperature of a gas
also decreases the kinetic energy the molecules possess. They travel more slowly, and
bounce into one another with less force. The less the bouncing force of collision, the

The main reason why gases behave less more significant will be the forces of attraction that exist between the molecules. If

ideally at low temperatures is because the they are moving more slowly, they are likely to stick to one another more effectively.
intermolecular forces of attraction become This causes the collisions to become less elastic. Eventually, on further cooling, the
comparable in size to the bouncing forces intermolecular forces become larger than the bouncing force, and the molecules

the molecules experience. This causes the spend more time sticking together than moving between one another. This is the
5015'15*'0”5 between the molecules to be molecular explanation of why a gas condenses to a liquid when it is cooled to below
inelastic.

its boiling point.

1 Explain the following observation in terms of the sizes of the molecules and the
intermolecular forces between them.
= At room temperature, carbon dioxide can be liquefied by subjecting it to a pressure
of 10atm. Nitrogen, however, cannot be liquefied at room temperature, no matter
how much pressure is applied.
2 Place the following gases in order of decreasing ideality, with the most ideal first.
Explain your reasons for your order.
CH,J_ CH]BF C|2 HCI Hz

\ )

® The major differences between the structures of solids, liquids # Metals and graphite conduct electricity because of the

and gases are whether or not their particles are touching one delocalised electrons they contain.

another, and whether they are fixed in position or moving. e Metallic lattices are malleable, ductile, and have reasonably
e Crystalline solids are composed of lattices, which can be high melting points.

simple molecular, macromolecular, metallic or ionic. The ® Graphite is an anisotropic material, owing to the layer nature

major physical properties of a solid depend on the type of lattice of its lattice.

it has. e The ideal gas equation, pV/= nRT, can be derived by applying
e Simple molecular lattices have low melting points, and are the simple principles of mechanics to a collection of gas

electrical insulators under all conditions. particles.
® Macromolecular lattices have high melting points, and are @ Although the behaviour of many real gases approximates

electrical insulators under all conditions. roughly to that of an ideal gas, real gases are least likely to
o lonic compounds are formed between (usually) metallic cations behave like an ideal gas at low temperatures and at high

and non-metallic anions. pressures.

o lonic lattices have high melting points, are brittle, and only
conduct electricity when maolten or in solution.
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provide the long, steady power output comparable to a
conventional battery, as well as a supercapacitor’s quick
burst of high energy. The device can be rolled, twisted,
folded, or cut into shapes with no loss of strength or
efficiency. The 'paper’ batteries can also be stacked, like a
pile of printer paper, to boost the total power output.

conventional battery ‘paper’ battery vt

electrolyte electrolyte

Conventional batteries produce electrons through a
chemical reaction between electrolyte and metal.

Chemical reaction in the 'paper’ battery is between
electrolyte and carbon nanctubes.

Electrons collect on the negative terminal of a battery.
Electrons must flow from the negative terminal, through
the external circuit to the positive terminal for the chemical
reaction to continue.

. X
Examination pra ctice qUEStI ons
Please see the data section of the CD for any A4, values you
may need.
1 A new method of making very light, flexible batteries using
nanotechnology was announced in August 2007. Read the
passage and answer the questions related to it.
Researchers have developed a new energy-storage device
that could easily be mistaken for a simple sheet of black
paper. The nano-engineered battery is lightweight,
Itra-thi d letely flexible. It i ed t d .
55 . n Icolmp % Y Teoa s e . il a From your knowledge of the different structures of
meeting the difficult design and energy requirements of . :
. . : ; carbon, suggest which of these is used to make
tomorrow’s gadgets, such as implantable medical devices
: nanotubes. [1]
and even vehicles. b Suggest a property of this structure that makes it suitable
Researchers soaked ‘paper’ in an ionic liquid electrolyte S A RISy
: : T . for making nanotubes. [1]
which carries the charge. They then treated it with aligned W L , ,
: . i ¢ Carbon in its bulk form is brittle like most non-metallic
carbon nanotubes, which give the device its black colour. : : ;
solids. Suggest why the energy storage device described
The nanotubes act as electrodes and allow the storage : ;
. 5 . . can be rolled into a cylinder. [1]
devices to conduct electricity. The device, engineered A ,
: : d Name an example of an ‘ionic liquid electrolyte’ (not a
to function as both a battery and a supercapacitor, can solution) 1]

[Cambridge International AS & A Level Chemistry 9701,
Paper 41 Q8 Novemnber 2009]

2 Solids exist as lattice structures.

Giant metallic lattices conduct electricity. Giant ionic

lattices do not. If a giant ionic lattice is melted, the

molten ionic compound will conduct electricity.

Explain these observations in terms of bonding, structure

and particles present. [3]

The solid lattice structure of ammonia, NHz, contains

hydrogen bonds.

i Draw a diagram to show hydrogen bonding between
two molecules of NH; in a solid lattice. Include

relevant dipoles and lone pairs. [2]
ii Suggest why ice has a higher melting point than solid
ammonia. [2]

Solid Si0; melts at 1610°C. Solid SiCly melts at —=70°C.

Neither of the liquids formed conducts electricity.

Suggest the type of lattice structure in solid Si0; and in

solid SiCl, and explain the difference in melting points in

terms of bonding and structure. [5]
[OCR Chemistrv A Unit F321 Q5 May 2011]
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5 Energy changes in chemistry

Chemistry is the study of how atoms combine and (| =

recombine to form different compounds. Energy changes Learnmg outcomes

take place during these reactions. In this topic, the By the end of this topic you should be able to:
importance of energy changes in chemistry is discussed.
Measurement of them allows us to find out why chemical
reactions take place in the way that they do, and also

to discover the strengths of the bonds that hold atoms
together.

5.1a) explain that some chemical reactions are accompanied by
energy changes, principally in the form of heat energy;
the energy changes can be exothermic (AH is negative) or
endothermic (AH is positive)

5.1b) explain and use the terms enthalpy change of reaction
and standard conditions, with particular reference to
formation, combustion, hydration, solution, neutralisation,
atomnisation; and bond energy (AH positive, i.e. bond
breaking) (part, see also Topic 20)

5.1c) calculate enthalpy changes from appropriate experimental
results, including the use of the relationship: enthalpy
change, AH=—mcAT

5.2a) apply Hess's Law to construct simple energy cycles,
and carry out calculations involving such cycles and
relevant energy terms, with particular reference to
determining enthalpy changes that cannot be found by
direct experiment, e.g. an enthalpy change of formation
from enthalpy changes of combustion, and average bond
energies (part, see also Topic 20) 3

2% 5.1 Chemical energy revisited —
introducing enthalpy

We saw in section 2.6 that chemical energy is a combination of kinetic energy and
potential energy. The potental energy is made up of the electrostatic attractions
bhetween the particles and, under the usual conditions of temperature and pressure, is
usually the larger of the two.

Enthalpy and enthalpy changes

The total chemical energy of a substance is called its enthalpy (or heat content).
Values of enthalpy are large because the particles attract one another strongly,
and it is measured for a very large number of particles, usually for one mole

(6.0 % 107, see section 1.5). If this same number of particles is considered in each
case, then a comparison of the enthalpies of different substances gives a valid
comparison of the forces of attraction that exist between the particles in these
substances.
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Na{(g) + Cl~(g) In chemical reactions there are changes in chemical energy and therefore changes
K= & = in enthalpy. An enthalpy change is given the symbol AH. The Greek letter delta, A,
means ‘change’, and H is the symbol for enthalpy.

It the products of a reaction have greater energy than the reactants, then AH is
positive. For example, we can represent the pulling apart of the ions in one mole of

energy

+500 kJ mol~! sodium chloride (see section 2.6) by the following equation:

et + —~
e Na'Cl(g) — Na'(g) + Cl'(g)

Because the potential energy of the system is increased, AH is large and positive (see

Figure 5.1 If energy is added to the system, Figure 5.1). It has a value of 500000 joules per mole. This is written as:
AH s positive. The products have more energy
than the reactants. AH = 4500 kJ mol™!

If the energy of the system is decreased, AH is negative, for example when a mole of
sodium ions and a mole of chloride ions react together in the reverse of the process
above (see Figure 5.2).

_Natlg) +CIlgy This is shown by the following equation:

Na'(g) + Cl'(g) — Na"CI(s) AH = —500k] mol™?

When dealing with enthalpy changes, it is important to specify the physical state of

energy

~500 kJ mol™’ each species in an equation: as the above equation shows, changes of state can be
associated with very large changes of enthalpy.

Na*Cl(s) Gaseous sodium and chloride ions exist only at extremely high temperatures, so
they cannot be studied under normal laboratory conditions. They can be studied in
Figure 5.2 If energy is removed from the solution, however. We can represent the dissolution of sodium chloride in water by

system, AH is negative. The products have less  the following equation:
energy than the reactants.

Na'Cl(s) — Na'(aq) + Cl(aq) AH = +4k] mol ™t

Two questions can be asked at this stage.

® How has this value of +4k] mol™ been measured?
® Why is this enthalpy change so much smaller than the enthalpy change for the
gas-phase reaction?

The first question is answered in section 5.2. The second question requires a
knowledge of how sodium and chloride ions pack together in the solid and how
they associate with water molecules when in solution. These points are discussed

in Topic 20.

Worked example 1

What type of kinetic energy is present in ice? Explain your reasoning.

Answer
lce is a solid, and the atoms are fixed in position (see section 2.6). The only motion is
vibration, so the atoms have vibrational kinetic energy.

Worked example 2

State the sign of AH when ice changes to water. Explain your answer.

Answer
When ice melts, some intermolecular bonds are broken, so energy is taken in and AH is
positive.



e For exothermic reactions, AH is
negative. The temperature of the
surroundings increases and the
potential energy of the system (that
is, the reacting chemicals) decreases.

e For endothermic reactions, AH is
positive. The temperature of the
surroundings decreases and the
potential energy of the system (the
reacting chemicals) increases.

The enthalpy change of a reaction, AH,
is the change in enthalpy accompanying
the complete conversion of one male of
reactants into products.

thermometer

e e i e e e

polystyrene cup

solution

Figure 5.3 A basic calorimeter, used for
simple heat experiments

Energy changes in chemistry

5.2 Measuring enthalpy changes directly

Exothermic and endothermic reactions

The Law of Conservation of Energy states that energy cannot be created or destroyed;
it can only be converted into another form of energy.

The enthalpy change of a reaction usually appears as heat, which means that there is
a temperature change. If the products have less enthalpy than the reactants, there is
an enthalpy decrease during the reaction (AH is negative) and an equivalent amount
of heat energy must be given out by the reaction; the reaction is said to be
exothermic. The heat given out is passed to the surroundings — that is, the
environment around the reaction — where it can be measured. Most chemical
reactions are exothermic, but there are some in which the enthalpy increases (AH is
positive), and the reaction is then said to be endothermic. These reactions take in
heat from the surroundings because the enthalpy of the products is more than the
enthalpy of the reactants.

It is not surprising that most chemical reactions are exothermic. In everyday life,
the changes we observe are usually those in which the potential energy decreases
and the kinetic energy increases in the form of heat. If we push a book to the side
of a desk, we expect to see it fall from the desk to the floor (its potential energy
therefore decreases). We would be very surprised if it suddenly rose back up again
(its potential energy would increase). Both processes are possible in theory, as they
do not break the Law of Conservation of Energy.

The direction of a chemical change is determined by the relative energy levels
of the reactants and products. If the enthalpy of the reactants is higher than that
of the products (exothermic, AH negative), the reaction is thermodynamically
possible. Tt might not, however, take place because the rate is too slow; it is then
said to be kinetically controlled. These kinetic factors are considered in Topic §).

Measuring temperature changes and
calculating AH

If we measure the heat given out or taken in during a reaction, we can find this
enthalpy change. The simplest way of measuring it is to use the energy to heat (or
cool) some water or a solution. We need to make the following measurements:

® the mass of the reactants
@ the mass of water, m (or its volume, since its density is 1.00gcm‘3’)
@ the rise (or fall) in temperature of the water or solution, AT,

We also need to know the amount of energy needed to raise the temperature of
water by one degree. This is known as the specific heat capacity of water and is
given the symbol ¢. It has the value 4.18] g K™, (Note that we can measure the
temperature change using a thermometer marked in degrees Celsius, because a
change in temperature is the same on either the Celsius or the kelvin scale.)

If we represent the heat change as g, we have the following equation:

q = mcAT

If we are dealing with aqueous solutions rather than pure water, it is the mass of
water in the solution that should be included as the ‘m’ in this equation. Since the
solutions are often quite dilute, and since the volume and heat capacity of a dilute
solution are about the same as those of the water it contains, we normally use the
following equation:

g=4.18 x v x AT, where v = volume of the solution in cm?

Figure 5.3 shows a simple apparatus that can be used measure the heat change. The
expanded polystyrene cup has a lid to keep heat losses to a minimum.
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Under these conditions all the heat produced is used to raise the temperature of
the contents of the plastic cup, which therefore behaves as both the system and the
surroundings. An apparatus used for measuring heat changes in this way is called a
calorimeter.

epernar

To find the enthalpy change of solution of
ammonium nitrate

The enthalpy change of solution, AH,, of a substance is the enthalpy change
when one mole of the substance is dissolved in water. Ammonium nitrate is used

in this experiment because the temperature change when it dissolves is quite large.

A known volume of water is placed in the calorimeter and the initial temperature is
measured. The finely powdered solid is weighed in a beaker and then tipped into the
water. The water is stirred until all the solid has dissolved, and the lowest temperature
is recorded. The worked example below shows how the enthalpy change of solution

>

may be calculated from measuring a temperature change in this way.

Worked example

Some powdered ammonium nitrate was added to water in a plastic beaker and the
following results were obtained. Calculate the enthalpy change of solution, AH, of
ammonium nitrate.

mass of water =100g
specific heat capacity of water =4.18Jg 'K~
mass of ammonium nitrate =7.10g
initial ternperature =18.2°C
final temperature =12.82C
Answer
q= mcAT
=100x4.18 x(12.8 - 18.2) (remember that ‘A’ means ‘final — initial’)
=-2260]
M{NHsNO3) = 14.0 + 4.0 + 14.0 + 48.0=80.0
50 M = 80.0gmal™
m_ 7.10
NH4NO;) = —=——=0.089 mol
niNHNOs) = =800 L
0.089 mol takes in 2260
so  1.0mol takesin 226(; =25x10%)

Because heat is taken in, the reaction is endothermic and AH,y is positive.
A,y = +25 kimel!

It is usual to show the sign of AH, even when it is positive.
e

Measuring other enthalpy changes 1

The enthalpy change of neutralisation, AH, ., of an acid is the enthalpy change
accompanying the neutralisation of an acid by a base to give one mole of water.

To find it, a known amount of acid in solution is placed in a polystyrene cup and
its temperature is recorded. An equivalent amount of base is added and the rise in
temperature is measured.

altt
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Worked example

— - -

E0crm? of 2.0moldm= sodium hydroxide solution were added to 50cm? of 2.0mol dm™
hydrochloric acid in a polystyrene cup.

HCl{ag) + NaOH(aqg) — NaCl(ag) + H;O(l)
The following results were obtained:

initial temperature of HCI  =17.5°C
initial ternperature of NaOH = 17.9°C
final temperature =31.0°C

Calculate the enthalpy change of neutralisation, AHng,, for this reaction.

Answer
Average temperature of the HCl and NaOH = 17.7°C
(We can take the average temperature because the volumes of acid and base solutions
are equal. Because the solution is very dilute, its specific heat capacity is taken to be the
same as that of water, namely 4.18Jg~ K-\, This approximation is always used in
calculations involving reactions in dilute aqueous solution.)
q =mcAT
=(50+50) x4.18 % (31.0-17.7)
= 55601

nHC) = n(NaOH) = c x V(in dm? (see section 1.12)

2.0 E.:h 0.10mol
=2.0x 3505 =0-10mo

0.10mol gives out 5560
so 1.0mol gives out % =56 x 10°)

Because heat is evolved, we know that the reaction is exothermic and AHgy is negative.
AHpar=—56 kimol™! (that is, per mole of water formed)
e

In a similar way, the temperature change can be measured for a variety of reactions
which take place on mixing, and AH can be calculated. If one of the reactants is

in excess, it is then only necessary to know the exact amount of the reactant that

is completely used up, as it is this reactant that determines the energy change. For
example, if magnesium ribbon is dissolved in excess hydrochloric acid, it is the quantity
of magnesium that determines the energy change. The actual amount of hydrochloric
acid has no effect on the amount of heat given out. The mass of the solution must,
however, be known in order to measure the heat evolved, using the formula g = mcAT.

m ,

1 25cm’ of 1.0moldm™ nitric acid, HNO3, were placed in a plastic cup. To this were
added 25cm? of 1.0moldm™ potassium hydroxide, KOH. The initial temperature of
both solutions was 17.5°C. The maximurm temperature reached after mixing was
24.1°C,

a Calculate the heat given out in the reaction.
b Caleulate the number of moles of nitric acid.
¢ Hence calculate AH for the neutralisation.

2 75cm’ of 2.0moldm™ ethanoic acid, CH3COzH, were placed in a plastic cup. The
temperature was 18.2°C. To this were added 75¢cm? of 2.0 moldm™ ammonium
hydroxide, NH4OH, whose temperature was 18.6°C. After mixing, the highest
temperature was 31.0°C. Calculate AH for the neutralisation.

3 0.48g of magnesium ribbon was added to 200 cm? of hydrochloric acid in a plastic
beaker. The temperature at the start was 20.0°C, and after the magnesium ribbon had
dissolved the temperature rose to 21.2°C.

a Write an equation for the reaction of magnesium ribbon with dilute hydrochloric
acid.
b Calculate AH for this reaction.
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5.3 Enthalpy changes of combustion

The enthalpy change of combustion, AH,, of a substance is the enthalpy change
accompanying the complete combustion of one mole of the substance in oxygen.

Most organic compounds burn readily and give off a lot of heat. This provides our
main source of energy for homes and for industry.

Energy sources
Fossil fuels

Our main source of energy is the combustion of fossil fuels, namely coal, oil and
natural gas. They give out large amounts of energy when burnt, but there are two main
disadvantages to their use. The first is that supplies are finite and may run out in the
foreseeable future. The second is that this combustion produces carbon dioxide, which
contributes to the greenhouse effect (see section 13.4), and also other pollutants.

Coal, oil and natural gas are respectively solid, liquid and gaseous fuels. The
following considerations are made when choosing which to use.

* Ease of combustion — solid fuels are difficult to ignite and do
not burn at a constant rate. For this reason, coal is often
powdered before being injected into a furnace.

* Storage and ease of transport — for local use, natural gas does
not need to be stored, as it is carried by pipeline from the
source. Oil is easily stored and can also be distributed by
pipeline. In both cases, expensive pipelines must be laid, Coal
has the disadvantage that it needs to be carried by road or rail to
where it will be used. To transport methane without a pipeline,
it must be liquefied, which requires expensive refrigeration.
This makes natural gas of limited use as a vehicle fuel, though
propane and butane are more useful as they can be liquefied
by pressure alone (and are then called liquefied petroleum
gas, LPG). LPG is an important fuel for cooking and heating in
rural areas without piped natural gas. As increasing numbers
of pipelines for natural gas are installed throughout the world,
for example in India and China, the use of LPG in factories and
homes is gradually being phased out. But it will still be the fuel
of choice in most rural areas of the world. The use of coal for
driving steam engines and trains was once important but is now
of only historical interest throughout the world.

* Pollution — coal contains many impurities and, when burnt,
gives off much sulfur dioxide (see section 10.6). The same is
true of oil, unless it is carefully refined before use. Crude oil
is notorious for the environmental damage caused by spillage
from tankers or from the oil extraction and flaring of the
associated natural gas.

s Economic and political considerations — the relative prices

of coal, oil and gas must take into account the costs of
transport, storage and pollution-reducing measures, as

Figure 5.4 A coal-burning power station. Coal has the highest well as political expediency, and are subject to wide local
energy density of the fossil fuels, giving out 76 kJ of energy for

variations. Fuel taxes raise revenue for governments, and
each cm? of coal burnt. i ;

the resulting increased price of fossil fuels may encourage
people to reduce their energy consumption.
Because there are serious problems associated with burning fossil fuels, much
research has been carried out to find alternative energy sources. These are
increasingly important, but it is unlikely that they will provide more than a quarter
of our energy demands during the next few years. Many alternative energy sources
are renewable — they can be replaced as fast as they are used.
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Alternative energy sources

Alternative energy sources do not rely on the
combustion of fuels. The following are some of those
in current use.
* Hydroelectric power — there are many places
in the world where rivers have been dammed
and the resulting difference in water level used to
provide energy to generate electricity, for example
at Kariba on the Zambezi river between Zimbabwe
and Zambia, at Itaipu on the Parana river between
Brazil and Paraguay, and the Three Gorges dam on
the Yangtze river in China. The last two examples
alone generate over 6 x 10'7] of energy per year,
the equivalent of burning 6 % 107 tonnes of coal
in a coal-fired power station. This saves pumping
millions of tonnes of carbon dioxide into the
atmosphere. However, there can be resultant

Figure 5.5 Wind farms provide pollution-free energy, but have a visual effect damage to the environment, which needs to be
on the landscape.

considered as it may be unacceptable.

= Tidal and wave power — these are little used, even though the large-scale tidal power
generator at La Rance in northern France first produced electricity 50 years ago.

= Wind power — the use of wind turbines is increasing, although there is some
objection to the construction of large windmills in isolated regions as they have
a dramatic effect on the landscape. The wind speed is not always high enough
to turn the blades in summer, but it usually is in winter, when the demand for
electricity is highest. Another difficulty is that the places which are the most windy
(and therefore the most suitable for the production of wind power) are often not
the most populous, so the power has to be transported to where it is needed or
power lines constructed to link to a national grid.

» Geothermal power — potentially this could be an easy way to provide energy for
home heating, though it can only be carried out at sites with particular geological
features. Water is pumped from deep under the ground and comes to the surface at
a temperature near to boiling point. It is not usually possible to use this hot water
to produce electricity, because superheated steam is needed in order to obtain a
reasonable energy conversion. However, the Philippines, New Zealand and Costa
Rica obtain a reasonable proportion of their energy from this source.

= Solar panels — the direct conversion of sunlight into electricity using solar cells
used to be quite expensive, but the application of conducting polymers has
reduced the cost of these, and in sunny places, for example in California, Spain
and India, solar energy is now economically viable.

= Nuclear power — the use of nuclear reactors based on fission reactions, in
which large nuclei split into two smaller nuclei and give out nuclear energy, has
sharply declined as a result of accidents such as that at Chernobyl in 1986. There
is much debate over the long-term implications of the disposal of nuclear waste,
and most countries had cut back on their nuclear programmes until a few years
ago, when concern for the rise in atmospheric carbon dioxide caused a rethink.
There is the possibility that reactors using fusion reactions, in which lighter
nuclei join to form a heavier one, may be developed in the next few decades.
These provide the best hope for a long-term solution to the energy problem,
because they are ‘cleaner’ and do not produce radioactive waste.

Renewable fuels

Most of the alternative energy sources listed above are renewable because they are
powered by the Sun, and so are always available. Some fuels are made out of resources
that can be replaced quickly. For example, tropical countries such as Brazil can grow
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The standard enthalpy change of
combustion, AH%, is the enthalpy change
when one mole of the substance is
completely burnt in excess oxygen at 1
bar or 1 atm pressure and at a specified
temperature (usually 25°C).
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fast-ripening crops such as com or sugar cane which can be used to produce ethanol
cheaply (see section 16.4) and this can be used mixed with petrol in motor vehicles.

Hydrogen is another renewable energy resource. It has the advantage of being
pollution free, since its combustion produces water only, and can be used in fuel
cells (see section 23.6). Its great disadvantage is the difficulty of transporting it (being
much lighter than natural gas, it is difficult to contain it), though there is hope that
the use of metal hydrides (compounds of transition metals with hydrogen) may
overcome this problem.

For special applications, for example in space rockets (see page 107), special
synthetic fuels are being developed.

Standard enthalpy changes

We can measure enthalpies of combustion very accurately, and they give us
information about the forces of attraction that exist between the atoms in molecules.
The conditions of the reaction need to be stated very precisely. For example, the
following equation shows the combustion of methane:

CHylg) + 20,(g) — COa(g) + ZH,O(1)

The enthalpy change for this reaction at room temperature is about 10% greater than
it is at 200 °C. By convention, it has been agreed that standard conditions of both
reactants and products are at a pressure of either 1 bar (10° Pa) or 1 atm
(1.013 ¥ 10° Pa) and, unless otherwise specified, at a temperature of 25°C. The bar
and atm are so nearly the same that interchanging them usually makes no significant
difference to quoted standard thermodynamic data. Under these conditions, the
enthalpy change is known as the standard enthalpy change of combustion and is
given the symbol AH 2, the ‘¢’ indicating combustion and the ‘@ indicating that it was
measured and calculated under standard conditions.

It is also important to specify exactly the amount of substance involved in the
change. Two common ways of writing the combustion of hydrogen are as follows:

H, () + 30,(g) — H,0(l)
7H,(g) + O, — 2H,00

The first equation, in which one mole of hydrogen gas undergoes combustion,
represents AH P, The enthalpy change for the second reaction is 2 x AH 2.

The bomb calorimeter

Highly accurate values of AH? can be found only by using a specially
constructed apparatus called a bomb calorimeter, shown in Figures 5.6 and
5.7. The ‘bomb’ is a sealed pressure vessel with steel walls. The fuel is placed
in the crucible and the ‘bomb’ filled with oxygen at a pressure of 15atm. The
‘bomb’ is then placed in an insulated calorimeter containing a known mass of
water. The fuel is ignited by an electric current and the temperature change
measured to within 0.01 K. To eliminate heat losses, the calorimeter is placed in
another water bath whose temperature is raised with an electric heater so that
it just matches the average temperature in the calorimeter. The apparatus is first
calibrated using benzoic acid, the enthalpy of combustion of which is recognised
as a standard and which can be readily obtained in a high state of purity. There
are a number of small corrections which must be applied to the results, but
values accurate to ().1% can be obtained.

Figure 5.6 Bomb calorimeters are used
to measure the energy content not only
of fuels but also of foods.
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Figure 5.7 In a bomb calorimeter, accurate

values of the enthalpy change of combustion _ Ao |
can be measured because heat losses to the air i
are minirmised.
I i
water. _— -
|
‘bomb’
calorimeter ?J
oxygen under pressure
heated wire crucible containing
to ignite sample fuel under test
stirrer
outer heated
water bath |\

Experiment

To measure AH €

A simple apparatus

Figure 5.8 shows a simple apparatus to measure the enthalpy change of combustion
for a fuel such as methanol. A known volume of water is placed in a copper
calorimeter and its temperature is measured. The calorimeter is clamped so that its
base is just a few centimetres above a spirit burner, which contains the fuel. The
spirit burner is weighed, placed under the calorimeter and lit. The water in the
calorimeter is stirred with the thermometer. When the temperature has risen about
10°C, the flame is put out, the temperature is noted and the spirit burner re-weighed.

Figure 5.8 A simple apparatus used to M
measure enthalpy changes of combustion
thermometer
copper
calorimeter I
water. L

spirit burner

105



PHYSICAL CHEMISTRY

thermometer

to suction pump

heat

exchanger

water

oxygen
supply

Figure 5.9 In Thigmann's fuel ca

fuel

lorimeter,

asupply of oxygen ensures complete
\\combustion, and heat loss to the air is reduced.

Thiemann's fuel calorimeter

When determining AHY using a copper calorimeter, there are two major sources
of error:
# the methanol is not all completely burnt to carbon dioxide and water (some
incomplete combustion takes place)
s not all the heat given off is passed to the water.
These errors can be reduced by means of Thiemann'’s fuel calorimeter (see
Figure 5.9). The fuel is burnt in a stream of oxygen to ensure complete
combustion, and the gases are sucked through a copper spiral placed in water
{a heat exchanger) so that very little heat is lost to the air.
Measurements similar to those with the simple copper calorimeter experiment
are made. The cap is replaced on the spirit burner after putting out the flame
to reduce losses of fuel by evaporation before re-weighing. The oxygen should
be supplied fast enough so that the fuel burns with a clear blue flame. The
suction pump is usually fully on, but it may need to be mmed down if the
suction is so vigorous that the flame is pulled off the spirit burner. Thiemann’s
apparatus can give results to within 80% of quoted values.

J
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Worked example

In an experiment to determine AHE for methanol, CH;0H, the following readings were
obtained. Calculate AH? for methanol.

mass of water in calorimeter =200g
mass of methanol and burner at start = 532.68¢g
mass of methanol and burner at end =531.729g

temperature of water at start =183°C
temperature of water at end =29.6°C
Answer

We shall ignore the heat taken in by the calorimeter.
temperature rise of water = 11.3K
q= mcAT
=200 x 4.18 x 11.3=9447])
mass of methanol burnt = 0.96g and M(CH;0H)=32.0

so amount of methanol burnt = %: 0.030mol

Because heat is evolved, we know that the reaction is exothermic and AHZ is negative.
~9447
g —_ 3 -1 or —. 1
AHZ= 0.030 315 x 10° Jmol™' or=315kimol

m ™

1 a What is meant by 'standard conditions'?

b Why is it necessary to specify the conditions of a reaction?

2 A burner containing hexanol, CeH130H, had a mass of 325.68q. It was lit and
placed under a copper calorimeter containing 250cm? of water. The temperature
of the water rose from 19.2 °C to 31.6°C. Afterwards the burner’s mass was
324.37 g. Calculate:

a the heat evolved
b AH: for hexanol.

3 a State the two main sources of error in the experiment described in question 2.

b Explain how these two errors are made as small as possible in Thiemann's apparatus.




Figure 5.10 The solid fuel boosters of this
spacecraft burn ammonium chlorate(Vll) and
aluminium. Clouds of aluminium oxide are
produced as well as the gases that propel the
craft into space.

Energy changes in chemistry

Rocket fuels

To launch a rocket into space, an explosive fuel called a propellant is needed. All
propellants have two main components:

s a combustible fuel
» an oxidising agent (oxidant).

In the atmosphere, the oxidant is oxygen from the air, but since a rocket operates

in space it needs to carnry its own oxidising agent. When the fuel combines with the
oxidising agent, it gives out a large amount of heat, which causes the gases produced
to expand. This expansion provides thrust for the rocket. The efficiency of the rocket
engine is determined by the temperature and volume of the gaseous products.

The fuel and oxidant of a rocket motor make up most of the mass of the rocket,
The main function of the propellant is to produce as much energy for a given mass
as possible. Cost may be of secondary importance to the heat evolved per kilogram.
So, while cars that operate in the atmosphere use a cheap fuel (see Topic 13), rocket
fuels are often expensive chemicals.

There are two types of rocket fuels — liquid and solid.

» Liquid fuels are often relatively cheap but may need refrigeration, so the rocket
can only be fuelled immediately before lift-off.

# Solid fuels have the advantage that they can be stored in the rocket. They are used
in small rockets, for example fireworks, as well as in large launcher rockets, for
example the space shuttle. They have the disadvantage that they produce solid as
well as gaseous products, and this limits their power output.
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reactants
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¥

AH,
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&H,

products ¥

Figure 5.11 Hess's Law: AH is independent of

the path taken, and AH = AH; + AH:.
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Liquid propellants

Liquid propellants may contain relatively common chemicals, such as liquid oxygen
with a hydrocarbon or liquid hydrogen fuel. They must be refrigerated and have a
relatively poor power-to-weight ratio.

More exotic liquid fuels are also used. The lunar module used to transport
astronauts from the Apollo command module to the Moon's surface was powered
with liquid dinitrogen tetraoxide, N;Oy, and dimethylhydrazine, (CH3);NNH;. These
react as follows:

2N,0,(D) + (CH3),NNH,(1) 3 2CO,(g) + 3N,(g) + 4H,0(g)
AH® = —1800 k] mol™ =—(980k] (kg of reagents)™

Fuels with an even higher power-to-weight ratio have been investigated (for
example, fluorine and boron hydride), but they are too toxic for use on the ground.

GF4(g) + BHg(g) — GHF(g) + 2BFs(g)
AH® = -2800 kJmol™ = —10900 k] (kg of reagents)

Solid propellants

The most familiar of solid propellants is the mixture of carbon, sulfur and potassium
nitrate known as gunpowder or ‘black powder’ that is used in fireworks. The
simplified chemical equation for the reaction is as follows:

3C(s) + 5(s) + 2ZKNO;3(s) — K;8(s) + 3C0,(g) + Na(g)
AH® =-280k] mol™ = —1040 k] kg™

The booster stage of the space shuttle used a mixture of ammonium chlorate(VII),
NH4CIOy4, and aluminium powder:

10AI(s) + 6NH,ClO(s) — SALO,(s) + 3N,(g) + 6HCI(g) + 9H,0(g)
AH® =-3250k] mol™ = —9850 k] kg™

5.4 Hess's Law and enthalpy change of
formation

Introducing Hess’s Law

There are very few reactions whose enthalpy change can be measured directly by
measuring the change in temperature in a calorimeter. Fortunately, we can find enthalpy
changes for other reactions indirectly. To do this we make use of Hess’s Law, which states
that the value of AH for a reaction is the same whether we carry out the reaction in one
step or in many steps, provided that the initial and final states or conditions are the same.

Hess's Law states that the enthalpy change, AH, for a reaction is independent of the path taken.

This law is illustrated in Figure 5.11. If (AH,| + AH,) was greater than AH, we would
be able to get energy ‘for nothing’ by going round the cycle: reactants, intermediate,
products, reactants. This would break the Law of Conservation of Energy (page 99).
An example of the use of Hess's Law allows us to find AH for the decomposition of
calcium carbonate:

CaCQOjs(s) — CaO(s) + COsl(g)

This reaction is slow and requires a high temperature to bring it about. Direct
measurement of the temperature change is therefore impracticable. We can,
however. carry out two reactions that take place readily at room temperature

and use their enthalpy changes to find the AH value that we want. These are the
reactions of calcium carbonate, and of calcium oxide, with dilute hydrochloric acid:



5
Cac_oam Ca0rs) + CO,(a)
217\ +2HClGw /195
5 4
CaCly(aq) + H,00) + CO(a)

Figure 5.12 Hess's Law cycle for the
decomposition of calcium carbonate. All figures
are in kimot".
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CaCOs(s) + 2HCl{aq) — CaCly(aq) + H,O() + COs(g)
AHS =-17Kmol™ (1)

CaO(s) + 2ZHCl{aq) — CaCly(aq) + H,O(l) AHS = —195k] mel™ (D)

There are two ways in which we can use these values to find the enthalpy change for
the decomposition of calcium carbonate.

Method 1: Subtracting equations

If we subtract equation (2) from equation (1), we have:

CaCO4(s) — CaO(s) — CTO,(g) AH® = —17 — (~195) = +178 k] mol™*

This equation is equivalent to CaCO4(s) — CaO(s) + CO,(g), which is the equation we
want.

In this method we have taken away ‘2ZHCl{aq)’ from the left-hand sides of
equations (1) and (2) and "CaCly(aq) + H;O(1)' from the right-hand sides. These
terms are associated with a fixed amount of energy, and we are taking away this
same amount of energy from both equations, so this has no effect on the final

ANSWET.

Method 2: Constructing a Hess's Law diagram

This method is preferred with more complicated examples. We draw a diagram like
that in Figure 5.12 to indicate the two routes by which the reaction can be carried
out. The diagram is not intended to give any indication of the actual energy levels
(that is why Hess's Law diagrams are not drawn vertically).

In order to go from ‘CaCO4(s) to ‘CaClylaq) + HO(D) + CO4(g), we can go either
directly or via ‘CaO(s) + CO.(g).

Considering the enthalpy change involved for both routes gives us AH:

AH +(=193) = =17
so AH=-17 — (=195) = +178 k] mol™

CusO, +5H,0m 7 - Cuso,5H,00

f

AH,
0 /
Cu?*(ag) + 50, (aq)

Figure 5.13 Hess’s Law cycle to find
the enthalpy change when anhydrous
copperll) sulfate crystals are hydrated

To determine the enthalpy change when
copper(ll) sulfate is hydrated

The equation for the hydration of copper(Il) sulfate is as follows:
CuSQOy(s) + 5H,O(l) — CuSQO4.5H,0(s)

The enthalpy change for this reaction cannot be found directly: if we add five moles
of water to one mole of anhydrous copper(Il) sulfate, we do not produce hydrated
copper(I) sulfate crystals. These can only be made by crystallisation from a solution.
The enthalpy change can, however, be found indirectly by determining the enthalpy
change of solution of both anhydrous copper(Il) sulfate and hydrated copper(II)
sulfate (see Figure 5.13).

According to Hess's Law, AH, = AH + AH,. 0.10mol of anhydrous copper(I)
sulfate is added to 100cm?® of water in a plastic cup, fitted with a lid and a
thermometer. When the solid has dissolved, the change in temperature can be used
to calculate AH,.

The experiment is repeated using 0.10mol of powdered hydrated copper(I)
sulfate, but using only 91 cm® of water (because the hydrated salt already contains
9cm? (0.5mol) of water). The change in temperature when the hydrated copper
sulfate dissolves can be used to calculate AHS,.

The required enthalpy change of reaction AH is given by AH = AH, — AH,.
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Experiment

Figure 5.14 Hess's Law cycle for the
decomposition of sodium hydrogencarbonate

To find the enthalpy change of decomposition of i
sodium hydrogencarbonate

On heating, sodium hydrogencarbonate decomposes:
ZNHHCOJCS} — NachS(S) + HQ_O(D + Cog(g)

The enthalpy change for this decomposition may be found by measuring the
enthalpy change when sodium hydrogencarbonate and sodium carbonate react
separately with hydrochloric acid (see Figure 5.14):

NaHCOs(s) + HCl(aq) — NaCl(aq) + H,O(l) + CO,(g) AH,
Na,COs(s) + 2HCl(aq) — 2NaCl(aq) + H,O() + CO,(g) AH,

NaHCOH9 4H . NayCO,6+ H,00 + CO(a)

i

2AH,\  +2HClea | AH,
\ /
2NaClag) + 2CO,(g) + 2H,00

Note that AH, is multiplied by 2 in Figure 5.14. This is because the first equation
must be multiplied by 2 in order for the equations to subtract correctly. 100 cm?

of dilute hydrochloric acid are placed in a plastic cup, fitted with a lid and
thermometer. (.05 mol of sodium hydrogencarbonate is added. The temperature rise
is used to calculate AH,. The value of AH; is found by repeating the experiment
using 0.05mol of anhydrous sodium carbonate. The required enthalpy change can
then be calculated, as A = 2AH, — AH,.

J
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Enthalpy change of formation

Although actual values of the enthalpy contained in individual substances are not
known, it is possible to obtain accurate values of a quantity that is related to it,

namely the standard enthalpy change of formation, AHF

The standard enthalpy change of formation of a substance, AHF, is the enthalpy
change when one mole of the substance is formed from its elements in their standard
states. A substance in its standard state is at a pressure of 1.0 bar or 1.0atm and at a
specified temperature, often 298 K.

The values of AH % for a few compounds, such as oxides, can be determined
experimentally but those for maost other compounds must be calculated using Hess's Law.

The value of AH §of the oxide often has the same value as AH 2 of the element.
For example, for carbon:

Cfs) + Oa(g) — COa(g) AHZ(CO,(g)) = AHZ(C(s)) = —393.5k] mol™
and for hydrogen:

Hlg) + 30:() = H,O)  AHF(H,OM) = AH2(H (g)) = ~285.9 1 mol™

In other examples, the two are not the same because the two processes are
represented by different equations. For example, for aluminium:

2A1(s) + 150,(g) — ALOL(s) AH$ = —1675.7k] mol

AI(s) + 70,(g) = TALO4(s) AH® = -837.8K] mol !



Figure 5.15 Hess's Law cycle to find the
enthalpy change for the decomposition of
calcium carbonate using standard enthalpy
changes of formation

NO(g) +30,(a) - AR NO3(g)
k #

AHP(NO@)', | AHF(NO @)

N + 030)

Figure 5.16 Hess's Law cycle for the
conversion of nitrogen monoxide to nitrogen
dioxide. The enthalpy of formation of the
element oxygen is zero, so this term can be
ignored.

Energy changes in chemistry

The value of AH ?{AIZOi(S}} is twice that of AH T(Al(s)).
We can use values of AH ¥ to calculate AH® for a reaction. On page 109 we
showed how to use Hess's Law to find the value of AH® for the reaction:

CaCO4(s) — CaO(s) + CO,lg)

Another method uses standard enthalpy changes of formation in a different cycle to
find this enthalpy change, AH® . as shown in Figure 5.15.

CaCOzfs) — ' Cao+ CO(o)
i_ 4
AHF{CaCO;6) | | AHF(Ca0iE) + AHF(CO(a))
Cafs) + Cls) + 130,(0)

AH §(CaCO4(s)) + AH® = AHR(Ca0(s)) + AHF(CO,(g))
—1200.9 + AH® = -635.5 + (—393.5)
AH® =-1029.0 — (=1206.9) = +177 9k mol™?

If an element in its standard state appears in the equation, it can be ignored in the
caleulation because its AHF value is zero. For example, to calculate AH® for the

reaction:
|
NO(g) + EOZ ) — NO,(g)

we have the cycle shown in Figure 5.16.

AHZ(NO(Z)) + AH® = AHF(NO,(g))
+90.4 + AH® =+433.2
AH® = +33.2 — (+90.4) = =572 k] mol™!

5.5 Bond enthalpies

Average bond enthalpies

When two atoms come together, they may form a bond (see section 3.2). To break
this bond and separate the two atoms requires energy (AH is positive). This is
because a force is required to pull the atoms apart, which increases the potential
energy of the system. For example, to break the bond in a chlorine molecule requires

242k mol™;
Cl,y(g) — 2CI(g) AH = +242 K] mol™?

The situation is more complicated if the molecule contains more than two atoms,
but fortunately we find that the energy needed to break a particular type of bond
between the same atoms is about the same even in different molecules. This value
is called the average bond enthalpy (or average bond energy). If a bond joins
an atom of X to an atom of Y, the bond enthalpy is represented by the symbol
EX—Y).

The average bond enthalpy, E(X—Y), is the enthalpy change when one mole of bonds
between atoms of X and atoms of Y are broken in the gas phase:

X¥(g) — X(@)+ Yig) AH = EX—Y)

11
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Figure 5.17 The bond-breaking and bond-
making steps in the synthesis of hydrogen
chloride. The figures are published bond
anthalpies, in kimof,
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Explaining reaction enthalpies - the formation of
hydrogen chloride

The average bond enthalpies of many bonds have been collected together in tables of
data. We can use these values of bond enthalpies to explain why some reactions give
out so much energy. For example, consider the reaction of hydrogen and chlorine to

give hydrogen chloride:

Hi(g) + Clig) — 2HCl(g)
H—H + Cl—Cl - H—Cl + H—Cl

We can break the reaction down into three steps, as shown in Figure 5.17.

all molecules split into atoms H+H+Cl+Cl
+136
; =i H—H + Cl + Cl
chlorine molecules split into atoms _862
+242
elements in their standard states H—H + Cl-CI
AH
hydrogen chloride molecules H—Cl + H—CI
The changes can be represented by equations:
H,(g) — 2H(g) AH = E(H—H) = +436 k] mol?
Cly(g) — 2Cl(g) AH = E(CI—CI) = +242k] mol!

2H(g) + 2Cl(g) — 2HClE)  AH = —2E(H—Cl) = -2 x 431 = —862 k] mol ™!

(The first two changes represent bond breaking, an endothermic process, and thus
the AH values are positive. The third change represents bond making, an exothermic
process, and thus AH is negative.)

We can use Hess's Law to add these three equations, to obtain:

H,(g) + Cly(g) — 2HCl(g) AH =-184k mol™!

If we study the values of the bond enthalpies above, we see that while the H—H and
H—CI bonds are strong and have similar values, the CI—Cl bond enthalpy is much
smaller. It is the weakness of the CI—Cl bond that is the principal reason why the
reaction is so exothermic.

Notice that in this reaction we broke two bonds (the H—H and Cl—Cl bonds) and
formed two bonds (two H—CIl bonds), and that AH equalled the bond enthalpies
of the bonds broken minus the bond enthalpies of the bonds formed. For most
reactions, the number of bonds broken equals the number of bonds formed.

AH for a reaction = the bond enthalpies of the bonds broken minus the bond enthalpies of
the bonds formed
Number of bonds broken = number of bonds formed

The combustion of hydrogen
Consider a more complicated example, the combustion of hydrogen, whose

measured enthalpy change is as follows:

2Hig) + O, — 2H,0(g) AH = —483 k] mol™
H—H + H—H + O=0 — H—O—H + H—O0—H



Energy changes in chemistry

Notice that we specify H,O(g) and not the usual state of water under standard

conditions, which is H;O(l). Liquid water has intermolecular forces between the

molecules and these have to be formed as well as the O—H bonds, making the

energy of H;O(l) lower than that of H;O(g). Bond enthalpies are always quoted for

the gas phase so that intermolecular forces do not have to be taken into account.
If we consider forming H,O(g), we can look up the following bond enthalpies:

bonds broken bonds formed
2EH—H) = 2 x 436 k] mol™ 4E(O—H) = 4 % 460k] mol™
B O=0) = 497 k] mol™!
total 4 bonds total 4 bonds
AH = enthalpy of bonds broken — enthalpy of bonds formed
= 1369 — 1840
= —471 k] mol™?

This calculated value for the enthalpy change is slightly different from the accurate
experimental value (—483kjmol‘1}. showing that we must not always expect exact
agreement between measured energy changes and those calculated from bond
enthalpy values. However, this exercise enables us to suggest why the reaction is so
exothermic. At first sight all the bonds appear to be of similar strength, but that for
oxygen is for two bonds, so that the average for one bond is Dﬂ.l?% kI mol™. It is the
weakness of the O=0 bond that is the principal reason why combustion reactions
are so exothermic and therefore so important as sources of energy in everyday life.

Worked example 1

a Explain what is meant by the H—I bond enthalpy.

b Write the symbol for the H—I bond enthalpy.

< Write an equation that shows the change brought about in determining the H—I bond
enthalpy.

Answer

a This is the energy required to break one mole of H—I bonds in the gas phase.
b EH—T)

¢ HIlg) — Hlg) + I(g)

Worked example 2

a Write an equation to show the breakdown of methane, CHylg), into atoms.
b How is AH for this reaction calculated using the C—H bond enthalpy?

Answer

a CHalg) — Clg) + 4H(g)

b AH=4 % HC—H)
e

5.6 Finding bond enthalpies

Enthalpy change of atomisation

One useful piece of data in chemistry is the standard enthalpy change of
atomisation, AH 5, This is the energy required to produce gaseous atoms from an
element or compound under standard conditions. It is a quantitative indication of

the strength of the bonding in the substance. If a solid breaks up into atoms, it may
first melt (accompanied by the standard enthalpy change of fusion, AH), then
evaporate (accompanied by the standard enthalpy change of vaporisation, AH 33‘,)
and finally, in the gas phase, any remaining bonds break (the sum of all the bond
enthalpies). So

AHS, = AHS, + AH S, + bond energy terms
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Figure 5.18 Hess's Law cycle to find the
average bond enthalpy in methane. All figures
are in kJmol-'.

Figure 5.19 Hess's Law cycle to find the
average bond enthalpy in tetrachloromethane
All figures are in kimol™
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For elements, AH %, is the enthalpy change when one mole of atoms is produced.
For compounds, it is the enthalpy change when one mole of the substance is broken
down completely into atoms.

The standard enthalpy change of atomisation, AHS;, for:

s an elerment is the enthalpy change that occurs when one mole of gaseous atoms is
produced from the element in its standard state under standard conditions

s compounds is the enthalpy change to convert one mole of the substance in its standard
state into gaseous atoms under standard conditions.

Using enthalpy changes of atomisation, we can find bond energies in simple
molecules.

Finding the bond enthalpy in simple molecules

The enthalpy change of atomisation of a compound includes the bond enthalpies
for all bonds in the substance. This enthalpy change can be found, using Hess’s Law,
from the enthalpy change of formation of the substance and the enthalpy changes
of atomisation of the elements it contains. For example to calculate the enthalpy
change of atomisation of methane, we can construct the Hess's Law diagram shown
in Figure 5.18.

AHZ,(CH
CH () T Cig) + 4H(g)
AHPICH,) . 7 AHE(Q) +AAH3(H)
C&h 2Hz{m P J

We can see that

AHF(CHy) + AHZ(CH,) = AHS(C) +4AH 5 (H)
—74.8 + AHS =4714.7 + 4 x +218
AHS, =7147+ 872+ 74.8
= +1661.5k] mol™!
This enthalpy is the energy needed to break four moles of C—H bonds. Because the
16?'5 kJ mol™ for one
mole of bonds. This gives a value for the average bond enthalpy of the C—H bond in
methane, E(C—H), of 415k] mol ™.

The same calculation can be carried out for tetrachloromethane, CCly, to find

four bonds in methane are identical, it is reasonable to allacate +

E(C—CI). The bonds need to be broken in gaseous tetrachloromethane, rather than
the liquid, which is its normal state under standard conditions. This means that

we must include the enthalpy change of vaporisation of tetrachloromethane in the
calculation. Figure 5.19 shows the Hess's Law cycle used.

AHZ(CCl
CClyta) ={CCl) Cla) + 4Cltg)
b o
AHFICCl) + AHZ,CCl, 7 AHZ(Q) + 4aHZ(Cl)
s 2Che

We can see that:

AH(CCL) + AH $,,(CCL) + AHS(CCly) = AH $(C) + 4AHS(CD
—1355 + 127 + AHS, = +714.7 + 4 x 121.1
AHS = 7147 + 4844 + 1355 - 12.7
= +1321.9k] mol™

This gives a value for BLC—Cl) of 13219 330k mol™!,
4



Calculate the average bond enthalpies of
the following bonds, using the data given
below (all in kJ mol™").

1 H—Br

2 0—H

3 p—Cl

[AH $(HBr(g)) = —36.2;

AHT(H,0()) = -285.9;

AHRIPCI () =-272.4;

AHSp(Ho0) = +44.1; AHS,,(PCly) =+30.7;
AHS(H)=+218.0; AHS(B =+111.9;
AH%{0) = +249.2; AHE(P) =+333.9;
AHZICH =+121.3]

b o

Figure 5.21 Hess's Law cycle to find the
enthalpy change of atomisation of water

Energy changes in chemistry

Many other covalent substances are liquids under standard conditions, and it is
essential to remember to include an enthalpy change of vaporisation term in the
calculation of bond enthalpy.

Worked example

= What data are required to calculate the average bond enthalpy of the N—H bond in
ammaonia, NH3?
b Calculate the average bond enthalpy, E(N—H).

Answer
2 The data required are:
AH F(NH;(g)) = -46.0k) mol!
AHS(H) = 218.0klmol™!
AHS(N) = 472. 7 kImol™!
b Figure 5.20 shows the Hess's Law diagram.

Figure 5.20 NHs AHG(NH3) G
ey —
\ 7
MHNQ\ AHZN) + 3AHS(H)
N r

AHINH) + AH SINH3) = AH Z(N) + 3AH S(H)
AHS(NH3) = AH SIN) + 3AH S(H) — AHT (NH3)
=472.7+3x218.0+46.0
=+1172.7k mal™!

& 172.7
3

This gives a value for E(N—H) =391kImol-,

Finding a bond enthalpy using other known
average bond enthalpies

So far we have considered how to find the bond enthalpy in molecules that contain
only one type of bond. Many molecules contain several types of bonds. To calculate the
bond enthalpies of all of them, we must make the assumption that the bond enthalpy
of a bond is the same even though it may be in a different molecule. Bond enthalpies
do vary slightly from molecule to molecule so we cannot take their values as being
constant to more than a few per cent. However, the universal nature of average bond
energies makes them very useful in calculating enthalpies of many different reactions.

Consider the O—H bond. We can calculate its strength from the enthalpy of
atomisation of water (see Figure 5.21).

. AHZ(H,0) -

H:0@ = Ota) + 2Hia)

* A
\ 4
\\\- -;/
AHEH0) + AHS(H,0) /BHZ(0) + 28H5(H)
'/
\\, — — ,--"(-
© Hylg) + 1O4(@) -

AHEH,0) + AH 3, (H,0) + AH 3(H,0) = AH$(0) + 2AH $(H)
—285.9 + 44.1 + AHS(H,0) =+249.2 + 2 % 218.0
AHE(H,0) = 249.2 4+ 436.0 + 285.9 — 44.1

=927 kI mol™!
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This gives a value for HO—H) of % = 464 k] mol™L,

We can now use this value to find the strength of the O—0O bond in H;O; (see
Figure 5.22).

Figure 5.22 Hess's Law gycle to find the AHZE{H,0.)
enthalpy change of atomisation of H,0, H,0s(a) R
kL

20(g) + 2H(g)

 d
AHZTH,0,()) + AHZ, (H,0,) i 20H2(0) + 28H2(H)

H,(g) + 02(9)

AHF(H,O,() + AH?EP(HzOZ) + AHS(H,0,) = 2AH S(0) + 2AH 5,(H)
—187.6 + 52 + AHZ(H,0,) = 2 X 249.2 + 2 x 218
AHE, =498.4 + 436 + 187.6 — 52
= 1070 kJ mol™*

H,O; contains two O—H bonds and one O—O bond. If we assume that the value of
F(O—H) is the same as that in water,

2 % 464 + E(O—O) = 1070
so HO—O) = 142k] mol™

This low value explains why H,O; so readily breaks down into water and oxygen.

e The enthalpy change of a reaction is the difference in enthalpy  Some key definitions
between the reactants and the products. @ Standard conditions are 1.0 bar or 1.0 atm pressure and a
e The enthalpy change of solution, AH%,, is the enthalpy specified temperature, usually 298 K.
change when one mole of the substance is completely dissolved @ The standard enthalpy change of a reaction, AH®, is the
in water. enthalpy change when moles of the reactants as indicated by
e Enthalpy changes can be found directly by measuring the heat the equation are completely converted into products under
given out or taken in during a reaction, using a calorimeter. standard conditions.
What is measured is the temperature change; the rest is e The enthalpy change of neutralisation, AH, o, is the
calculated according to the equation g= mcAT, where m is the enthalpy change when an acid is neutralised by base to give one
mass of water in grams (or the volume of solution in cm?), mole of water.
¢ is the specific heat capacity of water and AT is the change in e The standard enthalpy change of combustion, AHE, is the
temperature. enthalpy change when one mole of the substance is completely
e The enthalpy change is given by the equation AH = —g/n, where burnt in oxygen under standard conditions.
n is the number of moles of reactant taking part in the reaction, e The standard enthalpy change of solution, AHS,, is the
or moles of product formed. enthalpy change when one mole of the substance is completely
® For an exothermic reaction AH is negative; for an endothermic dissolved in water.
reaction AH is positive. @ The standard enthalpy change of formation, AH%, is the
e Most reactions are exothermic, with negative AH. enthalpy change when one male of the substance is formed
® Hess's Law states that AH for a reaction is independent of the from its elements under standard conditions.
path taken. If AH for a reaction cannot be measured directly, it e The average bond enthalpy, E(X—Y), is the enthalpy change
may often be found using Hess's Law. when one mole of bonds between atoms of X and Y are broken
® The enthalpy change for a reaction in the gas phase is equal in the gas phase:
to the bond enthalpies of the bonds broken minus the bond
enthalpies of the bonds formed. X—Y(g) - X(@) + Y(g) AH = EX—Y)
® A study of bond enthalpies indicates why AH for some reactions @ The standard enthalpy change of atomisation, AHF, of
is so large. an element is the enthalpy change when one mole of atomns is
@ Enthalpy changes of atomisation can be used to calculate bond formed from the element in fts standard state.
enthalpies.
N

116



5 Energy changes in chemistry

- N\
Examination practlce qUEStIOHS
Please see the data section of the CD for any A, values you d Carbon disulfide reacts with nitrogen monaoxide, NO, in a
may need. 1:2 molar ratio. A yellow solid and two colourless gases

are produced.
i Construct a balanced equation for the reaction.
ii What is the change in the oxidation number of
sulfur in this reaction? [3]
[Cambridge International AS & A Level Chemistry 9701,
Paper 23 Q1 June 2013]
3 Many organisms use the aerobic respiration of glucose,
CgH 4,06, to release useful energy.
a The overall equation for aerobic respiration is the same as
for the complete combustion of CH,;05.
i Write the equation for the aerobic respiration of CgH,,04.
(1]

ii Explain, in terms of bond breaking and bond forming,

1 With the prospect that fossil fuels will become increasingly
scarce in the future, many compounds are being considered
for use in internal combustion engines. One of these is DME
or dimethyl ether, CH;OCH;. DME is a gas which can be
synthesised from methanol.

Methanol can be obtained from biomass, such as plant

waste from agriculture.

a Define, with the aid of an equation that includes state
symbols, the standard enthalpy change of combustion,
AHE, for DME at 298K, (3]

b DME may be synthesised from methanol. Relevant
enthalpy changes of formation, AHF, for this reaction are
given in the table below.

why this reaction is exothermic. 2]
Compound AH%/kImot1 b The table shows some enthalpy changes of combustion,
CHsOH() -239 AH_.
EHAOEHAE) =18 Substance AH/kimol™
HzO() -286 Cis) -394
Use these values to calculate AHE,_ ., for the synthesis H,(g) _286
of DME, using the following equation. Include a sign in CeH12015) _2801
your answer.
2CH,0H() — CH;O0CHs(g) + H,0() (3] i What is meant by the term enthalpy change of
combustion, AH_? [2]

[Cambridge International AS & A Level Chemistry 9701,
Paper 23 Q3 a & b June 2012]
2 Carbon disulfide, CS,, is a volatile, flammable liquid which
is produced in small guantities in volcanoes.
a The sequence of atoms in the CS; molecule is sulfur to 6C(s) + 6Ha(g) + 305(g) — CeH1204(s)
carbon to sulfur.

ii The enthalpy change of formation, AH;, of glucose,
CgHq;06, cannot be determined directly. The equation
for this enthalpy change is shown below.

Suggest why the enthalpy change of formation of

i Draw a 'dot-and-cross’ diagram of the carbon disulfide CgH1,05 cannot be determined directly. 1]
8 molecule. Show outer electrons only. iii Use the AH; values in the table to calculate the
ii Suggest the shape of the molecule and state the bond enthalpy change of formation of C;H,,0k. 3]
angle. (31 [OCR Chemistry A Unit F322 Q1 May 2011]
b Carbon disulfide is readily combusted to give CO, and
S0,.

i Construct a balanced equation for the complete
combustion of C5S,.
ii Define the term standard enthalpy change of
combustion, AHE. 3]
¢ Calculate the standard enthalpy change of formation
of C5; from the following data. Include a sign in your
answer.,
standard enthalpy change of combustion of
CS;=—1110 kJ mol™!
standard enthalpy change of formation of
CO, =-395 ki mol™’
standard enthalpy change of formation of
L 50, =-298 kJ mal™’! 3]
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6 Acids and bases

in this topic the Brensted-Lowry (| = 3
theory of acids and bases is Lea rming outcomes
introduced. This theory describes By the end of this topic you should be able to:
st.:'bstance.f as acids or bases .when 1.5a) write and construct balanced equations (see also Topic 1)
dissolved in i and also in ‘_'the_r 1.5b) perform calculations, including use of the mole concept, involving volurmes and
solvents. The important quantitative concentrations of solutions, and relate the number of significant figures in your
techmq.'ue oftrtraﬂo.n is discussed. answers to those given or asked for in the question (part, see also Topic 1)
A detailed explanation of the mole 1.5¢) deduce stoichiometric relationships from calculations such as those in 1.5b)
c?ncep.tm trt.rat:on calculations is 7.2a) show understanding of, and use, the Bransted—Lowry theory of acids and bases,
given, including the use of the mole including the use of the acid-1 base-I, acid-TI base-II concept
I DoeE com,c:-.fex Hatons which 7.2b) explain qualitatively the differences in behaviour between strong and weak acids
adds emphasis to its importance. and bases and the pH values of their agueous solutions in terms of the extent of
dissociation.
| S

6.1 The Arrhenius theory

What is an acid?

Two hundred years ago, substances were called acids if they tasted sour (the Latin
for sour is acidus) or if they changed the colour of some plant extracts (see

Figure 0.1). The essential feature of their chemistry was unknown and it was many
years before the present-day definition of an acid was recognised. The following is a
brief history of how the modern idea of an acid developed. As you can see, it was a
very international quest.

® 1778 — because most non-metallic oxides dissolved in water to give acidic solutions,
the Frenchman Antoine Lavoisier proposed that all acids contain oxygen. This is
why he chose the name for the gas oxygen — the word comes from the two Greek
words oxys, meaning ‘acidic, or sharp tasting’ and goros, meaning ‘generator’.

@ 1816 — the British chemist Humphry Davy showed that Lavoisier's view was

incorrect when he proved that hydrochloric acid contained hydrogen and
chlorine only.

this red cabbage leaf extract.

® 1384 — the German Justus von Liebig suggested that acids react with metals to
give hydrogen.

® 1354 — as a result of his work on the conductivity of electrolytes, the Swedish
chemist Svante Arrhenius defined an acid as a substance that gives hydrogen ions
in water.

Arrhenius thought that the hydrogen ion was simply HY, but we now know that this
ion, which is just a proton, only exists by itself in a vacuum. When dissolved in water,
a hydrogen ion will be datively bonded to a water molecule to give an oxonium ion,
H;O" (which is also called the hydroxonium ion). This is further hydrated by
hydrogen bonding (see Figure 6.2). In chemical equations, it is best to avoid writing
just H, but instead to write H;O" or HyOMaq) or HY(aq).
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Figure 6.2 The simple hydrogen ion initially
forms a dative bond with a water molecule to
give the oxonium ion, which is then further
hydrated by hydrogen bonding to give mainly
H:O;" and HyOy4'

Acids and bases

OH,

H H H

L v s/
H% " IO —= H—O0 H,O0——-H——0
Ny h Ny

\\.
“OH,

oxonium ion further hydration

Bases and alkalis

The word ‘alkali’ comes from the Arabic al galiy, which is the calx, or calcined ashes,
formed when some minerals or plant or animal material have been strongly heated in
air. The ashes would have contained potassium carbonate (pot-ash) and the oxides
of various metals. All of these neutralise acids, forming salts. Alkalis were important
in the ancient world because soaps were made by heating animal fats with the ashes
from plants such as wormwood. (The alkali hydrolysed the glyceryl esters in the fats,
to give the sodium or potassium salts of long-chain carboxylic acids, which are the
constituents of soap.)

The word ‘base’ was originally applied to chemistry by the French chemist Guillanme
Francois Rouelle in 1754, for substances that reacted with volatile acids to change them
into solid salts. It was then considered to be any substance that reduced the sourness
of an acid. Arrhenius limited bases to substances that react with acids (the hydrogen
ion) to give the non-acidic product water. This meant that on his definition only metal
oxides and hydroxides were bases. We would now consider anything that neutralises
an acid to be a base and so would include other substances, such as carbonates.

Today, especially in common usage, the words ‘alkali’ and ‘base’ (and the
adjectives ‘alkaline’ and ‘basic’) are interchangeable, although the following system
allows a distinction to be made between them.

® A base is a substance that reacts with an acid.

® An alkali is a base that is soluble in water. Alkalis include the hydroxides of the
Group 1 elements (the alkali metals), the soluble hydroxides of the Group 2 elements
(the alkaline earth metals), ammonia and the soluble organic amines.

All alkalis produce a pH between 7 and 14 when dissolved in water.

Some salts, such as the carbonates and carboxylates of the alkali metals, also
produce solutions in which the pH is greater than 7, because they produce hydroxide
ions by reaction with warter:

CO;5*(aq) + H,O() = HCO; (aq) + OH (aq)
R—CO,aq) + H,O() = R—CO,H(aq) + OH(aq)

They are, therefore, alkalis as well as bases.

lonic equations

The formation of ionic compounds was discussed in Topic 4. Many ionic compounds
dissolve in water to form solutions in which the ions separate from one another and
attract water molecules, for example:

NaCl(s) + water — Na*(ag) + Cl'(aq)

The *(aq) indicates that the ions are in aqueous solution and are hydrated, that is,
surrounded by water molecules. These solutions conduct electricity.

Many of the reactions undergone by ionic compounds in solution are in fact
reactions of the individual ions rather than of the compound as a whole. An example
is the common test for the chloride ion, in which a white precipitate is formed when
silver nitrate is added to a solution of a chloride, for example sodium chloride:

AgNO;(aq) + NaCl{aq) — NaNO;(aq) + AgCl(s) (1)
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The white precipitate forms when aqueous silver nitrate is added to a solution of
amny chloride, for example magnesium chloride:

2AgNO;(aq) + MgCly(aq) — Mg(NO,),(aq) + 2AgCl(s) (2

Moreover, the silver salt does not have to be the nitrate: any soluble silver salt will
give the same reaction. For example:

Ag,S0,(aq) + 2KCl(aq) — K,SO0,(aq) + 2AgCl(s) (3)

The reaction is therefore seen to be one between the two ions Ag+(aq) and Cl™(aq)
only: any soluble silver salt will react with any soluble chloride to give the white
precipitate, that is:

Agt(aq) + Cl(aq) — AgCl(s)

This is the ionic equation for the reaction.

Deriving ionic equations from full chemical equations

The procedure consists of the following steps.

* Write the full balanced chemical equation, including state symbols.

* For any ionic compound in aqueous solution, replace the full formula with those
of the separate aqueous ions.

# ‘Cancel’ any ions that appear on both sides of the equation. These do not take
part in the reaction, and are described as spectafor ions.

e What is left is the ionic equation for the reaction.

Worked example

Derive the ionic equation for reaction (1) above.

Answer

There are three aqueous ionic compounds in this equation: AgNO;(aq) and NaCl(ag) on
the left-hand side, and NaNOs(aq) on the right-hand side. These formulae are replaced by
those of their separate ions:

Agtlag) + NO5(aqg) + Natlag) + Cl-{ag) — Na*lag) + NOy{ag) + AgClis)

(Mote that AgCl(s) is not written as its separate ions, since the Ag*and CI~ ions do not
exist independently as individual ions in the solid, but are associated with one anotherin a
fixed lattice.)

The 'spectator ions’ common to both sides of the equation, Na*(aq) and NO5~(aq), are
cancelled:

Agt(aq) +}a((aq} hqa((aq) + cl~(aq) —>Nqi(aq) +\NOQ‘(aq) + Agcls)

So the resulting ionic equation is:

Agtag)+ CHlag) — AgCl(s)

The scope of ionic equations

There are three areas in chemistry where ionic equations are useful:

s precipitation reactions (as in the worked example above)
* acid-base reactions
* redox reactions, including acid-metal and water—metal reactions.

The following worked examples cover each of these areas in turn. In each case,
the ionic equation is simpler, yet more universal, and shows more clearly than the
full chemical equation how reactions are related.
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Write the ionic equations for, and list the
spectator ions in, the reactions between
aqueous solutions of the following pairs
of compounds.

1 sodium carbonate and calcium chloride

2 lithium hydroxide and magnesium
sulfate

\ ”

‘ N

Write the ionic equations for, and list the
spectator ions in, the reactions between
aqueous solutions of the following pairs
of compounds.

1 hydrochloric acid and limewater

(Ca(OH)laq))
2 sulfuric acid and potassium hydroxide

- r

Acids and bases

Precipitation reactions

Worked example

Write the ionic equation for the reaction between barium chloride and potassium sulfate.

Answer
» The full balanced equation is:

BaClylaqg) + K;50,(ag) — 2KCl{ag) + BaSOyls)

+ Separate all aqueous ionic compounds into their separate ions, and cancel the spectator
ions that appear on both sides:

BaZt(aq) + 2€|(aq) + 2K (aq) + 50,2 (aq) —)\ZIQ{aq) + 2€|(aq) + BasSO,(s)

* What remains is the ionic equation:

Ba®*(aq) + SO42(ag) — BaS0O,ls)

Acid-base reactions

Worked example
Write the ionic equation for the reaction between nitric acid and sodium hydroxide.

Answer
+ The full balanced equation is:
HNOs(aq) + NaOH(ag) — NaNOxlag) + H;O()

+ Separate all aqueous ionic compounds into their separate ions, and cancel the spectator
ions that appear on both sides:

H*(aq) +\Q((aq) +\Na:(aq) + OH™(aq) — N3 (aq) hﬂoq‘(aq) + H00

* What remains is the ionic equation:
H*(aq) + OH(aq) — H,0(1)

(Note that H,0 is almost completely a covalent compound: only two molecules in
1000 million are ionised as H and OH.)

Redox reactions

Worked example 1

Write the ionic equation for the following reaction:

chlorine water + potassium iodide — iodine + potassium chloride
solution solution solution

Answer
» The full balanced equation is:
Cly(ag) + 2KI{aq) — 2KCl(ag) + Iy(aq)

Separate all agueous ionic compounds into their separate ions, and cancel the spectator
ions that appear on both sides:

Cly(aq) —h&*’(aq) + 21 (aq) — 2K (aqg) + 2CI~(ag) + 15(aq)

{(Note that it is only the K*(aq) ions that are common to both sides — the Iaq) ions have
been oxidised to I;(aq).)
What remains is the ionic equation:

Cly(ag) + 2T {aq) — 2CHag) + Llag)
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Write the ionic equation for the following

reaction:

zinc metal + hydrochloric acid —
zinc chloride solution + hydrogen gas

Write full equations and ionic equations
for the following reactions.

1 sulfuric acid with sodium hydroxide
2 hydrochloric acid with iron(u)
hydroxide
IL3 nitric acid with zinc oxide

%

122

Worked example 2

Write the ionic equation for the reaction between magnesium and dilute sulfuric acid.

Answer
» The full balanced equation is:

Magis) + Hz504(ag) — Mg50,(aq) + Hylg)

* Separate all aqueous ionic compounds into their separate ions, and cancel the spectator
ions that appear on both sides:

Ma(s) + 2H*(ag) + 58,2 (aq) — Mg2*(aq) + 58,2~ (aq) + Halg)

* What remains is the ionic equation:

Ma(s) + 2H*(aq) — Ma?{aq) + Hy(g)

Ionic equations for redox reactions can also be written using redox half-equations,
which are often listed in books of data (see section 7.1 for a description of this method).

Representing acid-base reactions

We now recognise that in an acid—base reaction, as in some other reactions (see
pages 120—122) the ions making up the salt are spectator ions — they do not take
part in a chemical reaction. We can therefore represent these reactions by an ionic
equation which omits such spectator ions. For example, in the equation for the
neutralisation of hydrochloric acid with sodium hydroxide, the ionic equation is:

Hf(aq) + OH (aq) — H,O()

Using simplified ionic equations in this way has the advantages of showing which
bonds are being broken and which are formed, and of showing that many apparently
different acid-base reactions are, in fact, identical.

According to the Arrhenius theory, acid—base reactions can be divided into three
main types:

® between an acid and an alkali:
H*(aq) + OH (aq) — H,O()

® between an acid and an insoluble metal oxide, for example copper(Il) oxide or
aluminium oxide:

2H'(aq) + CuQ(s) = H;OW) + Cu’*(aq)
6H™(aq) + ALOs(s) — 3H,O + 2A1% (aq)

® between an acid and an insoluble metal hydroxide, for example magnesium
hydroxide or iron(IIT) hydroxide:

2H*(aq) + Mg(OH),(s) — 2H,O() + Mg**(aq)
3H"(aq) + Fe(OH);(s) — 3H,0() + Fe*(aq)

Worked example 3

Write the full equation and the ionic equation for the action of nitric acid on magnesium oxide.

Answer
The products are magnesium nitrate and water. The full equation is:

MgO(s) + ZHNO5lag) — Ma(NOs)(ag) + HOf)

The NO;~(aq) ions are unchanged and can be omitted in the ionic equation, but the
Mg?*ion changes from the solid to the agueous state and must be included:

MgOis) + 2H*(ag) — Mg**{ag) + HyO()
L =



Acids and bases

€ 6.2 The Bronsted-Lowry theory

The Brensted-Lowry theory of acids
and bases

* Anacid is a proton donor.

* A base is a proton acceptor.

Donating and accepting protons

The Arrhenius theory can only be applied to reactions in aqueous solution. Many
similar reactions take place in solvents other than water or under anhydrous
conditions. For example, the reaction:

CuOf(s) + 2ZHCl(g) — CuCl,(s) + H,O()
is very similar to:
CuO(s) + 2ZHCl(aq) — CuCly(aq) + H,O()

and should therefore be classified as an acid—base reaction.

The Danish chemist Johannes Bronsted and the English chemist Thomas Lowry were
working independently but both realised thar the important feature of an acid—base
reaction was the transfer of a proton from an acid to a base. They therefore defined an
acid as a substance that could donate a proton and a base as a substance that could
accept a proton.

According to this theory, we might expect that any substance containing a
hydrogen atom could act as an acid. In practice, a substance behaves as an acid only
if the hydrogen atom already carries a slight positive charge, —X*—H®". This is the
case if it is bonded to a highly electronegative atom, such as oxygen, nitrogen, sulfur
or a halogen, which are found on the right-hand side of the Periodic Table.

In order to accept a proton, a base must contain a lone pair of electrons that it can
use to form a dative bond with the proton (see section 3.7). So, like an acid, a base
must contain an atom from the right-hand side of the Periodic Table.

In general, therefore, an acid—base reaction is usually the transfer of a proton from
one electronegative atom to another electronegative atom.

Conjugate acid-base pairs

When an acid such as hydrochloric acid loses a proton, a base such as CI™ is formed
(although in this case CI” is quite a weak base). A proton could return to this base
and re-form HCI This HC/CI™ system is known as a conjugate acid-base pair. The
changes can be represented by the equations:

H+ClL = H* ¥ CI- and SCH+Hv = HCl

acid proten.  conjugate base hase proton comjugate acid
Hydrochloric acid can donate just one proton — it is called a monoprotic acid.

Some acids can donate more than one proton. For example, sulfuric acid is diprotic — it
can lose two protons in two different steps:

H,80, —» HSO, +H" stepl
HSO,” — 8O,” +H"  step2
Similarly, some bases can accept more than one proton. The carbonate ion is
diprotic — it can gain two protons in two ditferent steps:
CO;* +H' = HCO;~  step 1l
HCO; +H' - H,CO; step?
* Acids that can donate a maximum of one, two or three protons are called monoprotic,
dipratic or triprotic respectively.

* Bases that can receive a maximum of one, two or three protons are called monoprotic,
diprotic or triprotic respectively.

Water is an exceptional substance as it can behave both as an acid and as a base.
Such a substance is called an ampholyte and shows amphoteric behaviour.

H;O0 + HY = HyO" water behaving as a base
H,O - H" + OH water behaving as an acid
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1 Show the bonding in the conjugate
bases of the following acids.
a HBr
b HNO;
C HzSOq
d HSO,~
e H5™
2 Show the bonding in the conjugate
acids of the following bases.
aF
b HS-
c CO%
d HSO,~
2 Hzo
f NH3
-
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Worked example 1

Show the bonding in the conjugate base of hydrogen sulfide, H;S.

Answer
Hydrogen sulfide behaves as an acid:

H=S=—H—=H-=5I"+Ht
and HS™ is the conjugate base.

Worked example 2 :

Show the bonding in the conjugate acid of the ethanoate ion, CH;CO;.

Answer
The ethanoate ion behaves as a base:

CH,CO+ 0!~ + H* 5 CH,CO+ 0+ H

and ethanoic acid, CH3CO;H, is the conjugate acid.

6.3 Bronsted-Lowry acid-base reactions

When an acid gives up its proton to a base, a proton-transfer reaction has taken
place. This is a Bronsted—Lowry acid-base reaction.

An example is dissolving hydrogen chloride in water. The hydrogen chloride is the
acid, and water acts as a base:

HCl—» H+ + CI-
acid proton conjugate hase

H,0: + H* - H,0*
base

proton conjugate acid

The change can be shown by ‘curly arrows’. Each curly arrow shows the movement
of a pair of electrons: the ‘tail’ shows where the pair of electrons are positioned at
the start of the reaction, and the arrow “head’ shows where they finish. These two
changes can be represented as follows:

& ™
H—+Cl— H*+:Cl” and H;O: H*— H,0*

The HyO% ion is produced by the water molecule forming a dative bond with the
proton:

H\
. +
/O.—>H
H

But, just as all four bonds in the ammonium ion, NH,', are equivalent (see section 3.7),
so are the three bonds in the H;O" ion:

So we have two half-equations which represent proton movements that happen
during the reaction:

HCl—H"'+Cl" and H,0+H'— H;O"
acid-1 base-l base-II acid-I1



For each of the following equations,
decide whether the underlined species
is acting as an acid or a base, and state
which species is its conjugate base

or acid.

1 Br + HSO,~ — HBr + S0,
2 H,50; + HNO;3 — HSO4~ + HyNOz*
|3 NH3 +Hz0 — NHy*+ OH-

Acids and bases

These can be combined to give the complete equation:

HCl(g) + H,O(1) — Cl (aq) + H;O (aq)
acid-1 base-II base-I acid-II

Notice that there must be four species in the equation: two conjugate acid-base pairs.
If the acid or base is diprotic, there are two possible neutralisation reactions. For
example, in the neutralisation of sulfuric acid with sodium hydroxide, the following
reactions may happen:

H,80, — IHt + 3041_ reaction 1, when acid : base ratio = 2
H,80,— H' + H8O, reaction 7, when acid:base ratioc £ 1
This gives two possible neutralisation reactions, depending on the proportions of acid

and base present in the reaction.

® With excess acid:

acid-1 base-II base-l
® With excess base:

H,80,(aq) + 20H (ad) — SO, (aq) + 2H O
b e

acid-1 ase-]] a
The HSOy (aq) ion acts as base in reaction (1) but it can also act as an acid (that is, it
is amphoteric):

HSO, (aq) + OH_(aq) — 80, (aq) + H,OQ)
i T e il acid ]

Worked example 1

The carbonate ion is diprotic. Write two overall ionic equations for the reaction of dilute
nitric acid with agueous sodium carbonate, with an excess of either acid or carbonate.

Answer
With an excess of acid:

2H;0%ag) + CO:%(ag) — HyCO5lag) + HyOfl)
acid-I base-II acid-II base-1

With an excess of carbonate:

H30aq) + CO57(aq) — HCO5lag) + H0(l)
acid-T base-I1 acid-II base-1

Worked example 2 &

Write the relevant half-equations and the overall ionic equations for the possible reactions
when solid sodium chloride is treated with concentrated sulfuric acid.

Answer
The half-equations are as follows.

* With an excess of acid:

H,S0,4 — HSO + H* and CF+H* = HCl
* With an excess of base:

H3504 — SO + 2H" and CF +H* = HCl
The overall equations are as follows.
* With an excess of acid:

CH(s) + HyS04(1) — HSO4(s) + HCl(g)
base-II  acid-I bass-1 acid-11

* With an excess of base:

2CH(s) + Ha504il) — 504%(s) + 2HCl(g)
base-II  acid-I base-I acid-I1

N
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Table 6.1 Some common acids and bases in
order of their strengths
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6.4 Strong and weak acids

According to the Arrhenius theory, a strong acid is one that is completely ionised
in aqueous solution, or nearly so, while a weak acid is one that is ionised to only a
small extent (possibly less than 10%).

According to the Bronsted-Lowry theory, a strrong acid is one that gives up a
proton more easily than the H3O% ion does. This means that when a strong acid
such as hydrogen chloride is dissolved in water, the following reaction takes place:

HCI(g) + H,O() — H;0%(aq) + Cl(aq)

A similar reaction takes place with other strong acids such as sulfuric acid and nitric
acid. If the acid is strong, it has a great tendency to give up a proton, and so its
conjugate base must be very weak, as it has very little tendency to accept a proton. In
the above example, the CI” is a very weak base.

A weak acid is one that gives up a proton less easily than the HyO" ion does. So if a
weak acid such as ethanoic acid, CH3CO,H, is dissolved in water, it hardly ionises at all:

CH:;COEH(D + Hgoﬂ) = H30+{aqj + CH;COI_(aq}

Since ethanoic acid has little tendency to give up a proton, its conjugate base, the
ethanoate ion, must be a fairly strong base, because it has a tendency to accept a
proton.

For acids at equal concentrations, the pH values of aqueous solutions of weak
acids are higher than those of strong acids, since the concentration of H*(aq) ions
is less.

By cbserving that stronger acids have a tendency to donate protons to the
conjugate bases of weaker acids, an approximate order of acid strength can be
found, as shown in Table 6.1. A quantitative basis for this order is discussed in
Topic 22.

Acld Strength Base Strength
H250, very strong (pH < 0} HSO,~ very weak
A
HCl -
HNOS NO5
HiO* fairly strong (pH = 1) H,O weak
HSO4 S0
CH5CO,H CHsCO5
H2CO3 weak (pH = 5) HCO5 less weak
NH,* NH;
HCO5™ Co%
¥
H,0 very weak (pH = 7) OH strong

The direction in which an acid-base reaction takes place is governed by energy
changes (see Topic 3), just as with any other chemical reaction. The energy
change is greatest when a strong acid reacts with a strong base, and these are
therefore the ones thar react together most readily. If a weak acid reacts with a
weak base, the reaction will not go to completion (see Topic 9), and there will
be a significant proportion of the original acid and base remaining at equilibrium.
For example:

NH; + CH3CO;H = NH," + CH3CO;™



Figure 6.3 The stages in camying out a
titration:

a A standard solution is made up of one
reactant.

b A measured volume of this standard solution
is put into a flask and a solution of the other
reactant is run in from a burette.

¢ The end-point is detected using an indicator,
and the volume is read off the burette.

Acids and bases

6.5 Solvents other than water

The Bronsted—Lowry theory can be applied to acids in solvents other than water. One
of the first solvents to be used instead of water was liquid ammonia, with a boiling
point of —33°C. Ammonia, like water, is an ampholyte and can behave as an acid or
a base.

As an acid:

NH; — NH, + H*
As a base:
NH; + H" — NH,"

So in liquid ammonia, ammonium chloride, NH4+Cl_. behaves as a strong acid, and
sodamide, Na"NH; ", behaves as a strong base.

Write the full balanced equation and the ionic equation for the reaction between
ammonium chloride and sodamide in liguid ammonia.

Another solvent that may be used for acid-base reactions is concentrated sulfuric
acid. This is used both as an acid and as a solvent in the nitration of benzene (see
section 25.3). Very strong acids such as chloric(VII) acid protonate the solvent sulfuric
acid:

HCIO, + H,80, — ClO,” + H,80,"
whereas "bases’ such as water deprotonate the solvent:

H,0 + H,80, — H;0" + HSO,~

6.6 Acid-base titrations
Calculations involving acid-base reactions

Quantitative information about acid-base reactions can be found by titration (see
Figure (.3). Thisis a technique that is often used in analytical chemistry to measure
with a high degree of accuracy the concentration of an acid or base in a sample, by
comparing it to the concentration of base or acid in a standard solution (a solution
in which the concentration of solute in moldm™ is known accurately).

A known volume of a solution of one reactant is measured using a pipette. Into
this is run a solution of the other reactant from a burette, until the reaction between
the two substances is just complete. For an acid—base reaction, the completion of
the reaction is usually found by noting a colour change of an indicator that has been

added to the reaction mixture.
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Calculate the concentration of each of the
following solutions.

1 1.50g of potassium hydrogensulfate,
KHSO,, in 250cm?

2 2.45g of potassium hydrogenphthalate,
CgHe0,4K, in 100cm? of salution
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The results of a titration can either be used to find the concentration of one of the
solutions or to establish the stoichiometry of a chemical reaction, that is, to find
how many moles of one substance react with one mole of another substance.

Both of these uses require calculations involving the following two equations,
which we met in Topic 1.

The basic equations used in titrations

n= n = amount (in mol), m = mass (in g), M= molar mass (in grmol™')

2|3

n= c= concentration (in moldm=3), V= volume (in dm?)

1
Sometimes volumes are measured in cm? rather than dm?. Since 1cm?® = mdﬂ'ls, the

following equation is used in place of the second equation above:

(2

1000
Here, ¢ is the concentration in moldm™ and v is the volume in em®. This equation

n=cX

is often used in the form:

1000
th

C

xn

The first step in a titration is usually to make a standard solution. This is done by
dissolving an accurately weighed amount of the pure substance in pure water, and
making the solution up to a known volume (often 250 cm?) in a calibrated flask. It is
essential that the solution is well mixed. Do not do this by shaking but by turning the
flask up and down at least five times.

Worked example 1 Y

0.3609 of sodium hydroxide was made up to 250cm? in a calibrated flask. What is the
concentration of the solution?

Answer
The molar mass of sodium hydroxide, NaOH, is (23.0+ 16.0 + 1.0) = 40.0gmol™".
pac L o 0380 o 05102 ol
M 40.0
_ 1000 _ 1000 i3
C= v Xn= 5 x 9.00 x 10

=3.60 x 102 moldm or 0.0360 moldm™
In titration calculations, it is usual to work to 3 significant figures.

Worked example 2

1.778q of hydrated ethanedioic acid, H;C30,.2H,0, were made up to 100cm? in a
calibrated flask. What is the concentration of the solution?

Answer
The molar mass of HyC;04.2H,0 is (2.0 + 24.0 + 64.0 + 2 % 18.0) = 126.0gmal™
m 1.778
m e e el % 102 mol
c=1000 ;1000 41 %1072
v 100

=1.41x 10 "'moldm™ or 0.141moldm™
L. e

Carrying out a titration

Having made a standard solution, the next step is to carry out the titration using this
solution and the solution whose concentration we want to find. One of the sclutions
(usually the acid) is placed in the burette, and a known volume of the other solution is



Figure 6.4 When reading a burette, the
volume noted is the level of the bottom of the
meniscus. \What are the two burette readings,
and what volume has been run out of the
burette shown in the photographs?

Table 6.2 The colour changes of two
commonly used indicators

Acids and bases

placed in a conical reaction flask using an accurately calibrated pipette. Before their use,
the burette and the pipette are thoroughly cleaned and then rinsed out with the solutions
they will eventually contain, to ensure that the concentrations remain constant. A few
drops of the indicator are added to the flask, and the solution from the burette (called
the titrant) is slowly added, with shaking, until the first permanent colour change is
noted (this is the end-point). There are several points to note about the procedure:

@ The first and final readings of the burette should be recorded (Figure 6.4).

® Readings should be recorded to the nearest 0.05 cm?, which is the approximate
volume of one drop. So readings are recorded as, for example, 25.00, 25.05 and
26.00cm?’.

@ During the first titration, the end-point is often missed through overshooting, that
is, adding slightly more titrant than is necessary just to change the indicator colour.
However, the reading should still be recorded as a ‘rough’ titration.

® Further titrations should then be done so that the results of two consecutive
titrations differ by no more than 0.10 cm’.

AS =
/385 ‘=;-~—2F9I
o Ea

Yos ml =

A =

o

Jﬂll_

T

LTI
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Indicators

The two most common indicators that are used in titrations are methyl orange and
phenolphthalein. Their colour changes are shown in Table 6.2 and Figure 6.5.

Indicator Colour change when acld Colour change when alkall
Is run from the burette Is run from the burette

methyl orange yellow to first tinge of orange red to first tinge of orange

phenolphthalein pink to just colourless colourless to just pink

Finding the concentration of a solution

We are provided with two solutions, A and B, which react together, Solution A, is a
standard solution and so its concentration is known. The two volumes used in the
titration, one from the pipette and one from the burette, are found by experiment.
The balanced chemical equation shows how many moles of B react with one
mole of A.
To find the concentration of solution B, the known values can be set out as shown
in Table 6.3. The steps are as follows.

@ First work out the amount (in maoles) of reactant A:

Uy

1000

My =Cy X
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Flgure 6.5 The colour changes of methyl orange {(a — b and ¢ — d) and phenolphthalein (e — f and g — h) at the end-point

Table 6.3 The basis of a titration calculation solution A Solution B
concentration known = cs concentration to be found = =7
volume from titration = vy volume from titration = vy
amount (in moles) = Ny ————————= amount (in moles) = ng

® Then use the chemical equation to find the number of moles of B that react with
one mole of A.

@ In this way you can calculate the amount (in moles) of B used in the titration.

@ Finally, work out ¢ using the equation:

Worked example 1

25.00cm? of 0.0500 mol dm sedium hydroxide neutralised 20.00cm? of hydrochloric acid.
What is the concentration of the hydrochloric acid?

Answer
First work out n{NaOH):
B v
n= {'Xm

=0.0500 x 20 1.25 x 102 mol
1000
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Next write a balanced equation:
NaOH(ag) + HCl(ag) — NaCl(ag) + H,0(l)
This shows that 1 mol of NaOH reacts with 1mol of HCl. To find c(HC), use:

1000
C=——xnN
v

=@x 125 %1073
20

= 0.0625moldm3

Worked example 2 _

23.65cm? of 0.0800meldm™ hydrochloric acid were neutralised by 25.00cm? of a solution
of sodium carbonate according to the equation:

2HCl(ag) + Na;CO4lag) — 2NaCl(aq) + H,01{) + CO4lg)

What is the concentration of the sodium carbonate solution?

Answer
v 2365 3
A(HC) =cx 1000_0.(}80(}x 000~ 1.892 % 10~ mol

Since 2 mol of HC| react with 1 mol of Na;CQO4,

niNa;CO3) = %x 1.892 % 102 =9.46 x 10*moal

1000

so  cNa;CO3) = —, xn

=
= 25.00

= 0.0378 moldm
L

% 9.46 x 107

Finding the purity of a substance, or the amount
of water of crystallisation

One use of titrations is to find the purity of a chemical or to find the number of
molecules of water of crystallisation in a substance. The following worked examples
illustrate these uses.

Worked example 1 v

0.982g of an impure sample of sodium hydroxide was made up to 250cm?. A 25.00cm?®
pipette-full of this solution was neutralised by 23.50cm? of 0.100 mol dm™2 hydrochloric
acid run in from a burette. What is the percentage purity of the sodium hydroxide?

Answer
v 23.5
nHC=cx —— =0.100 % —— =2.35 % 103 mol
tHeD 1000 1000

Since 1 mol of NaOH reacts with 1 mol of HC,

n(NaOH) in 25em?®= 2.35 x 103 mol

250

- 3_ e
niNaOH) in 250cm? =2.35% 10~ » 0

=2.35 % 102 mol
Since M{NaOH) = 40.0gmol™,
mass of pure NaOH = 2.35 x 1072 x 40.0 =0.940¢g

Hence,

0
0082 x 100 =95.7%

percentage purity of NaOH =
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M N

1 1.250g of concentrated sulfuric acid
were dissolved in water and made up to
250cm?. A 25.0cm? pipette-full of this
solution was neutralised by 24.85 cm?
of 0.102mel dr™? sodium hydroxide.
The equation for the reaction is:

H250,(ag) + 2NaOH(ag) — Na;50,(aq)
+ 2H;0()

What is the purity of the concentrated
sulfuric acid?

2 Ethanedioic acid has the formula
H5C;0,4.xH;0. 0.900g of the acid were
made up to 250cm?. 25.0am? of this
solution were neutralised by 26.75 cm?
of 0.0532 moldm™ sodium hydroxide.
The equation for the reaction is:

H2C;04(ag) + 2NaOHlag) —
NayC;0,(ag) + 2H,0()

What is the value of x, and hence what
is the formula of ethanedicic acid?

25.0cm? of 0.0765 mol dm™ potassium
carbonate, K;CO3, neutralised 22.35dm’
of 0.0850 moldm™ hydrochloric acid,
using phenolphthalein as an indicator.
Construct an equation for the reaction
between potassium carbonate and
hydrochloric acid under these conditions.

.

o
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Worked example 2

Washing soda has the formula Na;CO5.xH;0. A mass of 1.42809 of washing soda was
made up to 250 cm?. 25.0cm? of this solution were neutralised by 20.0cm? of
0.0500 mol dm = hydrochloric acid run in from a burette.

The equation for the reaction is:

Na;CO5lag) + 2HClag) — 2MNaCl(ag) + CO4lg) + H; O(l)
Find the value of x, and the formula of washing soda.

Answer
200

v
H(HC”— Cx m = 0.0500 % W =

Since 1mol of HCl reacts with 1Emul of Nay;C0,,

1.00 x 103 mol

n(Na;CO4) in the pipette = % % 1.00 x 1072 =5.00 % 10% mol

250
niMa;CO3) in 250cm®=5.00 x 107* % 5= 300x% 10~ mol
Since M(Na;CO4) = 106.0gmal™,

mass of anhydrous NazC03zin 250cm? = 5.00 x 1072 x 106.0 = 0.530g
mass of water in the washing soda= (1.4280 — 0.530)= 0.898¢g

Since M(H;0) = 18.0gmol™,

n(H,0) = %: 4.99 x 1072 mol
So 5.00 x 10 mol of Na;CO5 combine with 4.99 x 107 mol of H;0.
, . 4991072
Therefore 1 mol of Na;CO; combines with T00x10° - 9.98mol of Hy0.

S0, to the nearest whole number, 1 mol of Na;CO5 combines with 10mol of Hz0.
Therefore x = 10 and the formula of washing soda is Na;C03.10H;0.
A eSS

Finding the stoichiometry of a reaction

Titration can also be used to work out the stoichiometry of an acid-base reaction. If both
the acid and the base are monoprotic, then one mole of the acid must react with one
mole of the base. But if one of them is diprotic, there are two possible neutralisation
reactions. For example, sulfuric acid and sodium hydroxide could react in two ways:

H,80,(aq) + NaOH(aq) — NaHSO,(aq) + H,O(
H,80,(aq) + 2NaOH(aq) — Na,80,(aq) + 2H,O()

By making standard solutions of both the acid and the base, the stoichiometry can be
found by titration.

Worked example

25.0cm? of 0.105 moldm = sodium carbonate neutralised 24.50cm? of 0.213moldm™—
hydrochloric acid, using methyl orange as an indicator. Construct an equation for the
reaction of sodium carbonate with hydrochloric acid under these conditions.

Answer
v 25.0 4
niNa;C0x) =cx 7000 = 0-105 x === = 2.625 x 10 mal

1000

2450

AHC) = cx —— = 0.213 x =5.2185 x 103 mol
(HEl 1000 1000

5.2185x 107

2.625x10°°
Therefore 1 mol of Na;CO5 reacts with 2 mol of HCl (to the nearest whole number).

The equation is:
NayCO5(ag) + 2HClag) — 2NaCl(ag) + CO4(g) + H; O(D)
e

So 1mol of NayCO; reacts with = 1.988mol of HCl.



Back titration

(acid used) = (acid at start)
— (acid left at end)

Acids and bases

6.7 Back titrations

Sometimes there is no definite end-point to a reaction. One example is when calcium
carbonate is being used as the base. Because it is insoluble in water, it reacts very slowly
with acid and this means that there is no sharp end-point when an indicator is used.

To overcome this difficulty, a known number of moles of acid, which is calculated
to be an excess of that required to react with all the CaCOj, is added to the calcium
carbonate. After the reaction has finished, the amount of acid left over can be found
by titration against a soluble base such as sodium hydroxide. The acid used up by the
calcium carbonate is the total acid added at the start minus the acid left at the end.
This method is known as back titration.

Worked example 1

0.765g of an impure sample of calcium carbonate was dissolved in 25.0cm? of
1.00meldm™ hydrochloric acid. The resulting solution was made up to 250cm? in a
calibrated flask. 25.0 cm? of this solution were neutralised by 24.35cm? of 0.050 moldm=
sodium hydroxide. What is the purity of the calcium carbonate?

Answer
+ First find the amount of acid at the start:
v 250 ;
n(HCl) added = € = 1000~ 1.00 % e 2.50 % 107“maol

Then find the amount of acid left at the end:

amount of NaOH used =c x 10!:10 =0.050 x ::4'3; =1.2175 x 103 mol

Since 1mol of NaOH reacts with 1 mol of HCI,
n(HC) left over in 250cm? flask = % x 1.2175 x 1072
=1.2175 x 102mol
+ Mow find the amount of acid used up in reaction with calcium carbonate:

n(HCI) used by CaC03=2.50% 1072 1.2175 x 1072
=1.2825 x 102 mol

+ The equation for the reaction is:
CaCO4ls) + 2HCl(ag) — CaCliag) + H0l) + COslg)
Since 1 mol of HC| reacts with %moi of CaCO;,
n(CaC0;) = %x 1.2825% 102=6.413 x 103 mol
» Since M(CaCO4) =40.1 + 12.0+ 48.0=100.1gmol™,

mass of pure CaCO3 in sample=6.413 x 1072 % 100.1 =0.6419g

0.6419

and purity of CaCO3 =376t % 100=83.9%

.

S

Worked example 2

3.9204g of an oxide of formula MO were completely dissolved in 30.0cm? of 2.00 moldm=
sulfuric acid. The resulting solution was made up to 100cm?. 25.0cm? of this solution were
neutralised by 27.50cm? of 0.100moldm™ sodium hydroxide. What is the relative atomic
mass of M7 Identify the metal.

Answer
» First find the amount of acid at the start:
n(H;50,) added = ¢ x ﬁ =2.00 % % = 6.00 x 102 mol
+ Then find the amount of acid left at the end:
v 27.50 o
n(NaOH) = cx 1000 = 0.100 X 3000 = 2.75 % 10 mol

As the Hy;50y is in excess, the equation for the reaction is:

H.504(ag) + 2NaOHlag) — Na;SQ4lag) + 2H,0()
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Since 1 mol of NaOH neutralises %mol of H;50,,

100
n({H;504) left over in 100em? flask = % ®x2.75%x 107 % >t

=5.50 % 10~*mol
» MNow find the amount of acid used up in reaction with MO:
n(H;504) used by oxide = 6.00 x 1072 = 5.50 x 107? = 5.45 x 102 mol
+ The oxide MO reacts with H;S0, as follows:
MO(s) + HzS0,(aq) — MSO,(aq) + HOfl)

We know that 5.45 x 1072 mol of H,S04 reacted with the oxide. Since one mole of acid
reacts with one mole of oxide, the amount of oxide used is 5.45 x 10-2mol, which has a
mass of 3.920g.
mass 3920
~moles  5.45%10%

=71.9gmol!

A (M) + A(O) = 72 (to nearest whole number)
AlM)=72-16="56
The metal is iron.

1 A0.7894g sample of impure magnesium oxide, MgO, was dissolved in 25.0cm? of
1.00 mol dm™ sulfuric acid. The resulting solution was made up to 100cm?® with water.
25.0crm? of this final solution were neutralised by 27.80crm?® of 0.100 moldm= sodium
hydroxide. Calculate the percentage purity of the magnesium oxide.

2 A0.421 g sample of hydrated lithiur hydroxide, LIOH xH50, was dissolved in water
and made up to 250cm?. 25.0cm? of this solution were neutralised by 20.05¢cm? of
0.0500mol dr? hydrochloric acid. What is the value of x?

2 (Harder) A 10.00 g sample of a fertiliser which contained ammonium sulfate, (NHz)250,,
was boiled with 25.0cm? of 2.00 mol drm= sedium hydroxide. The ammonium sulfate
released ammonia as shown by the following equation:

(NH,),50,(s) + 2ZNaOH(aq) — Na,50,(aq) + 2NH;(g) + 2H,0(l)

The resulting solution was made up to 250 cm?. 25.0cm? of this final solution were
neutralised by 24.55ecm? of 0.0500 meldm™ hydrochleric acid. What is the percentage
by mass of ammonium sulfate in the fertiliser?

® According to the Bronsted-Lowry theory of acids and bases, Key reactions and skills
an acid is a proton donor and a base is a proton acceptor. @ You needto know, or to be able to work out, equations for the
® Astrong acid has a weak conjugate base, and a weak add has a reactions of hydrochloric, nitric and sulfuric acids with:
strong conjugate base. # soluble hydroxides, such as sodium hydroxide, NaQH, or
® Some acids are diprotic, and can donate up to two protons (for ammoniurm hydroxide, NH,OH
example, sulfuric acid). Some bases are diprotic, and can accept # insoluble hydroxides, such as magnesium hydroxide,
up to two protons (for example, the carbonate ionj. Mgl{OH),, or iron(lll) hydroxide, Fe(OH);
® The end-point at which an acid is exactly neutralised by a base # insoluble oxides, such as copper(ll) oxide, CuQ, or iron(lll)
can be determined using an indicator such as methyl orange or oxide, Fe; 05
phenolphthalein. @ soluble carbonates, such as sodium carbonate, Na;CO;
® A standard solution is a solution made up such that its @ insoluble carbonates, such as calcium carbonate, CaCOs.
concentration in maldm= is known. @ You need to be able to use the following mathematical formulae in
® In atitration, a standard solution takes part in a neutralisation titration calculations:
reaction. The volumes of both solutions are measured accurately, m . ;
; e nN=— where n = amount {in mol}, m = mass (in g}
so that, for example, the unknown concentration of the other M ; 1
; and M = molar mass (in gmol™')
solution may be calculated.
e In a back titration, the titration is used to calculate the amount e n=cV where ¢ = concentration {in moldm=3) and
of acid or base left in a solution after reaction with, for example, V = volume of solution (in dm?)
a solid reactant. a n:cxﬁ o C:WOng
where ¢ = concentration (in moldm=) and v = volume of
1 solution (in cm?).
i
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6 Acids and bases

s G =y ; .
Examination practice questions

Please see the data section of the CD for any 4, values you ¢ After carrying out the titration in b, the student left

may need.

1 A student carries out experiments using acids, bases and
salts.
a Calcium nitrate, Ca(NOs),, is an example of a salt.
The student prepares a solution of calcium nitrate by

reacting dilute nitric acid, HNO5, with the base calcium

hydroxide, Ca(OH),.

the resulting solution to crystallise. White crystals were

formed, with a formula of Na;S0,4.xH;0 and a molar

mass of 322.1 gmol=".

i What term is given to the '.xH;0’ part of the formula?
[1]

i Using the molar mass of the crystals, calculate the
value of x. [2]
[OCR Chemistry A Unit F321 Q2 (part) January 2010]

i Why is calcium nitrate an example of a salt? [1] . 3
ii Write the equation for the reaction between dilute 4 Usling th.e symbo[l HEw rlepresent " Brensﬁecll-l.owry
ot T ; J acid, write equations which show the following
nitric acid and calcium hydroxide. Include state .
svmbols 2] substances acting as Brensted-Lowry bases.
L e L . NH; + —
iii Explain how the hydroxide ion in aqueous calcium
; : R CH30H + —
hydroxide acts as a base when it neutralises dilute B _
e i i ii Using the symbol B~ to represent a Brensted-Lowry
b A student carries out a titration to find the concentration base, whte eq:iatFOﬂS Whithishow:tha f9!!ow1ng
B substances acting as Brensted-Lowry acids.
of some sulfuric acid. —
The student finds that 25.00cm? of 0.0880 mol dm? 3
dium hycroxide, NaOH, is neutralised b -k o
?c;uﬁe {? :;goo fn:;i?utg SL?:irii,ac? d H, 155{: EHARIERL Y [Cambridge International AS & A level Chemistry,
: Tl o 9701, Paper 41 Q3 a Novemnber 2013]
H;504(aq) + 2NaOH(aq) — Na;S04(aq) + 2H;0(1) 3 a Explain what is meant by the Bronsted-Lowry theory of acids

and bases. [2]

e CaIcha‘Fe the amount, " moles, of NaOH used. (1) [Cambridge International AS & A level Chemistry,
ii Determine the amount, in moles, of H;504 used.  [1]
; : 3 9701, Paper 4 Q1 a June 2009]
ili Calculate the concentration, in moldm™, of the

sulfuric acid. [1]

.

>
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Physical chemistry

7 Oxidation and reduction

In Topic 6, acid-base reactions were shown to involve - .

proton transfer. In this topic we show that oxidation— Learnmg outcomes

reduction (redox) reactions involve electron transfer. The By the end of this topic you should be able to:
concept of oxidation number is introduced and used to find
the oxidation state of an element. This enables us to write
half-equations and, from these, full balanced equations.
Volumetric analysis using either potassium manganate(VIl)
or iodine can be used to find the number of electrons
transferred in a reaction.

4.3b) discuss the finite nature of materials as a resource and the
importance of recycling processes

6.1a) calculate oxidation numbers of elements in compounds
and ions

6.1b) describe and explain redox processes in terms of electron
transfer and changes in oxidation number

6.1c) use changes in oxidation numbers to help balance
chemical equations

7.1 What are oxidation and reduction?

Losing and gaining electrons

Oxidation and reduction processes have been in use for about 7000 years in the
extraction of metals from their ores, as well as to determine the colours of glazes
for earthenware pots. One of the first ‘textbooks' about the extraction of metals, De
Re Metallica, was written by the German scientist Georg Agricola and published in
1556 after his death. As long ago as 1741, the word ‘reduce’ was used to describe the
process of extracting metals from their ores. ‘Reduction’ referred to the fact that the
mass decreased when the ore was converted into its metal. In the eighteenth century,
the French nobleman Antoine Lavoisier recognised that these ores were oxides, and
by the beginning of the nineteenth century the idea that reactive metals were easily
oxidised had become established.

These observations formed the basis of the original definitions of oxidation as
the addition of oxygen and reduction as the removal of oxygen. With the use of
electrolysis for the extraction of reactive metals such as sodium and aluminium from
their ores, this definition became too limited. The reduction of an oxide by heating it
with hydrogen or carbon and its reduction in an electrolytic cell are similar chemical
processes — both involve the addition of electrons to a positively charged metal ion.
The modern definition of oxidation, therefore, is the removal of electrons from a
substance, while reduction is the addition of electrons to a substance. Reduction
takes place at the negative electrode (cathode) of an electrolytic cell, and oxidation
takes place at the positive electrode (anode).

s Oxidation is the removal of electrons.
* Reduction is the addition of electrons.

During electrolysis:

» oxidation takes place at the anode — the anode accepts the electrons
» reduction takes place at the cathode — the cathode provides the electrons.
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In a redox reaction, the number of
electrons lost = the number of electrons
gained.

Oxidation and reduction

Half-equations and redox reactions

The processes of oxidation and reduction happen at the same time in oxidation—
reduction reactions (also called redox reactions) — one substance is oxidised
while the other is reduced. Redox reactions can therefore be broken down into two
half-reactions, represented by half-equations that show the electron loss or gain. For
example, for the combustion of magnesium to form magnesium oxide:

halfequation 1 (oxidation): Mg — Mg™" + 2™ or Mg— 2 — Mg
halfequation 2 (reduction): O, + 4™ — 205

These half-equations are similar to those used to describe acid—base reactions in
Topic 6.

The oxidation half-equation above is written in two ways. The first method
shows more clearly that charge is being conserved, while the second method
shows more clearly that electron loss is taking place. We will generally use the
first method.

To balance the two half-equations together, the number of electrons lost from the
magnesium must be the same as the number gained by the oxygen. This can be
achieved in two ways:

@ add 2 x (half-equation 1) to (half-equation 2) so that 2mol of magnesium react with
1mol of oxygen:

2Mgls) + O,(g) — IMgO(s)

® add (half-equation 1) to % # (half-equation 2) so that 1 mol of magnesium reacts
with %mol of oxygen:

Mg(s) +70,(g) — MgO(s)

The complete equation for the combustion of magnesium could easily have been
written without using half-equations. With more complicated redox examples, this
would be much harder. For example, consider the reduction of aqueous iron(III}
sulfate by metallic zinc. The first stage is to identify the oxidised and reduced species.
The Feg‘*(aq) ions are reduced to Fe(s) while the Zn(s) is oxidised to an'*i:aq) ions.
We can now write the relevant half-equations:

oxidation: Zn — Zn™ + 2&
reduction: Fe 4+ 3¢ — Fe

We must multiply the first equation by 3 and the second equation by 2 in order to
balance the electron transter:

37n — 3Zn°" + 6e”
2Fe™ 4 6e” — 2Fe

Adding these together gives:
37n(s) + 2Fe*(aq) — 3Zn**(aq) + 2Fe(s)

This reaction proceeds because Zn(s) is a more powerful reducing agent than Fe(s).
Alternatively, we can say that Fe*'(aq) is a more powerful oxidising agent than
Zn**aq). This can be found out qualitatively by carrying out the reaction in a test
tube: if powdered zinc is added to a yvellow-brown solution of Fe}"(aq) ions, the
grey zinc dissolves, to be replaced by black specks of iron metal, the brown solution
fades to colourless as the Fe*(aq) ions are replaced by Zn®(aq) ions, and the tube
becomes warm as the exothermic reaction takes place.

To compare strengths of oxidising and reducing agents quantitatively, we need to
combine the two half-reactions into an electrochemical cell and measure the voltage
produced, as we shall see in Topic 23.
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Worked example 1 s

2 Which species has been oxidised and which has been reduced in the following reaction?
Zn(s) + CuSOylag) — ZnS04aqg) + Culs)
b Write the two relevant half-equations for the reaction in part a.

Answer
a Znis) is oxidised, and Cu?*{aq) is reduced. (Note that it is not CuSQ,(aq) that is reduced.)
b Oxidation: Zn — Zn? + 2e™; Reduction: Cu? +2e™ — Cu

Worked example 2

In each of the following reactions, identify whether the underlined species has been
oxidised, reduced or neither.

a Alls) + garzm — AlBrals)

b 2Mag(s) + TiOy(s) — 2MgO(s) + Ti(s)
¢ Agtlag) + Cllag) — AgCl(s)

d Clalag) + SnCly(ag) — SnClalag)

Answer
a Oxidised b Reduced ¢ Neither d Reduced

e
1 Write half-equations and then full equations for the reactions that take place between:
a aqueous sulfuric acid and magnesium metal
b liguid bromine and lithium metal
¢ oxygen gas and aluminium metal
d zinc metal and aqueous silver nitrate.
2 In each of the following reactions, identify which species has been oxidised and which
has been reduced.
a Fe(s) + S(s) — FeS(s)
b MnO5(s) + 4HCl(ag) — MnCl(ag) + Clalg) + 2H,0(1)
¢ 2FeCly(ag) + Cly(g) — 2FeCls{ag)
d Culls) + Culs) — Cu,0l(s)
3 In each of the following reactions, identify whether the underlined species has been
oxidised, reduced or neither.
a CuOis)+ Hy50,(aq) — CuSOy4laq) + HyO()
b PbOy(s) + 4HCl(ag) — PbCly(aq) + Clalg) + 2H,0()
¢ 4Fe(OH);(s) + O5(g) + 2H,0() — 4Fe(OH)s(s)
d Zn(s) + 2V**(aq) — Zn**(aq) + 2V**(aq)

7.2 Oxidation numbers

So far we have restricted oxidation and reduction to elements and their ionic
compounds. For redox reactions of this type, it is quite clear which species are losing
or gaining electrons. However, many compounds contain covalent bonds and for
these a simple ionic treatment is inappropriate.

Oxidation number and simple ionic compounds

To get round this difficulty, the concept of oxidation number has been developed.
This idea applies to both ionic and covalent compounds. For simple ionic
compounds, the oxidation number of the element is the same as the charge on the
species containing the element, together with its sign. This means that all elements
have the oxidation number 0, cations have positive oxidation numbers and anions
have negative oxidation numbers. The oxidation number is written in Arabic numbers
in brackets, immediately after the species (without a space). So Cly(g) contains CI(0),
FeCl, contains Fe(+2) and MgO contains O(=2).



What is the oxidation number of the
underlined element in each of the
following compounds?

1 CLo,
2 PRy

3 CHCl
4 NapHy

5 NH,OH

i,

Oxidation and reduction

The convention is helpful when a metal can exist in more than one oxidation
state. Iron, for example, can have oxidation numbers of +2 and +3, which are
distinguished in their formulae by using roman numerals, for example, Fe50y is
iron(Il) sulfate and Fe;(SOy); is iron(II) sulfate.

Oxidation number and covalent molecules

The only covalent substances that contain bonds with no ionic character at all are
molecules that contain only a single element, such as hydrogen, H;, or sulfur, Sg.
The atoms of such substances are given an oxidation number of 0. All other covalent
bonds have some ionic character, whose magnitude depends on the electronegativity
difference between the two bonded atoms (see section 3.10). Oxidation numbers

are assigned as though the bond is completely ionic, rather than partially ionic. For
example, in carbon dioxide, CO,, oxygen is more electronegative than carbon. Each
oxygen is given the oxidation number —2, just as in an ionic metal oxide. In order

to maintain electrical neutrality, the carbon must be assigned the oxidation number
+4. In this case it is helpful to include the “+ sign, as in other compounds carbon
can have other oxidation numbers, including —4. Of course, we do not suggest that
carbon dioxide is actually composed of one C* and two O% ions, but the convention
indicates that the oxidation of carbon to carbon dioxide is equivalent to a four-
electron transfer.

With a few exceptions that will be discussed later, oxygen in its compounds always
has an oxidation number of —2. Similarly, in most of its compounds, hydrogen has an
oxidation number of +1. This often helps in working out the oxidation numbers of
other elements in covalent compounds.

* The oxidation number of atoms in a pure element is 0.

* In a compound, the more electronegative element is given a negative oxidation number
(fluorine always has oxidation number —1).

* The sum of all the oxidation numbers in a molecule is 0.

* In most compounds, the oxidation number of oxygen is -2 and that of hydrogen is +1.

Worked example 1

What is the oxidation number of carbon in each of the following compounds?
a CHd b CCM c CHzclz

Answer

a Carbon is more electronegative than hydrogen. Each hydrogen has oxidation number +1,
so that of carbon is —4.

b Chlorine is more electronegative than carbon. Each chlorine has oxidation
number —1. Let the oxidation number of carbon be x. Then x + 4(—1) = 0, so the oxidation
number of carbon is +4.

¢ If the oxidation number of carbon is x, we have x + 2(+1) + 2(-1) = 0, so the oxidation
number of carbon is 0.

Worked example 2 _

What is the oxidation number of the underlined species in each of the following
compounds?
a 503 b LCl c ;_)203

Answer

In each case let the unknown oxidation number be x.

a x+3(=2)=0, giving x=+6, 50 5=+6.

bhx+(1)=0,gvingx=+1,501 =+1.

¢ 2x+3(=2)=0, giving x =43, so P=+3. (Notice that each atom has its own oxidation
number — so each P has an oxidation number of +3.)

L. aaa
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In an ion, the sum of the oxidation
numbers equals the charge on the ion.

What is the oxidation number of:

a Alin AlO;
¢ Vin Vo
& Pb in PbClZ

b Pin HPO;*~
d Cin G0
f Snin Sn(OH)E2?
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Oxidation number and ‘complex’ ions containing
covalent bonds

Many ions are not simple, but are made up of several covalently bonded atoms. A
familiar example is the sulfate ion, 5042_ . The oxidation number of each oxygen is -2,
but it is not immediately clear what the oxidation number of the sulfur atom is. We
can, however, work out the oxidation number of sulfur in potassium sulfate, K,50,,
because the sum of all the oxidation numbers is (. If the oxidation number of sulfur is
x, then 2(+1) + x + 4(=2) =0, giving x = +6. This must also be the oxidation number of
sulfur in the SO4* ion. It can be found directly by letting the sum of the oxidation
numbers equal the charge on the ion: x + 4(=2) = -2, giving x = +0 as before.

Worked example

What is the oxidation number of:
a CrinCrr0;> b Vin VOs*

Answer

Let the unknown oxidation number be x.

a 2x+7(-2)=-2, giving x=+6

b x+2(-2)=1, giving x =+5

... ——

The oxidation numbers of oxygen and hydrogen

Oxygen is the second most electronegative element, and in most of its compounds it
has an oxidation number —2. There are two exceptions.

@ As fluorine is more electronegative than oxygen, compounds of oxygen and
fluorine are known as oxygen fluorides rather than fluorine oxides. (The names of
compounds usually start with the least electronegative element.) For example, in
the fluoride OF;, each fluorine has an oxidation number of —1 and oxygen has an
oxidation number of +2.

@ Peroxides contain the O—O bond. In both the peroxide ion, Ozz'. and in covalent
peroxides such as hydrogen peroxide, H,O;, each oxygen atom has an oxidation
number of —1.

In most of its compounds, hydrogen is joined to a more electronegative element
such as carbon or oxygen, so in these compounds the oxidation number of hydrogen
is +1. But there are also compounds in which hydrogen is combined with a metal
that is less electronegative than hydrogen (for example, lithium hydride, LiH). In these
compounds, the oxidation number of hydrogen is —1.

The usefulness of oxidation numbers

There are two main uses for oxidation numbers.

e In quantitative work, particularly volumetric analysis (as we shall see later in the
topic), it is necessary to know the stoichiometry of the reaction being studied, and
this is most easily found using oxidation numbers.

® When converting one compound into another, it is necessary to know if the reaction
involves oxidation and reduction. This is most easily found by using oxidation numbers,

Oxidation numbers can readily be calculated if the compound is not too complicated.
For example, the oxidation number of each carbon in ethane, C;Hy, is —3. For
propane,C3Hg, the average oxidation number of carbon is —%, that is, —2%. This is
not very meaningful. If we calculate the oxidation numbers of the individual carbons,
it is =3 for the two end carbons and -2 for the middle one, even though they are all
considered to be in very similar chemical environments to those in ethane.

We can therefore see that calculating oxidation numbers in organic compounds
does not tell us very much. However, changes in oxidation numbers in organic
compounds can be useful.



Oxidation and reduction

In the conversion of ethane into bromoethane:
C,Hg + Br; — C,H:Br + HEBEr

it is not very helpful to state that the (average) oxidation number of the carbon atoms
has increased from —3 to —2. It does show that a two-electron transfer reaction has
taken place, but this is more easily established by noting that the two Br(0) atoms
have changed their oxidation number to —1. If we calculate the oxidation number of
each carbon atom separately, we see that the —CH; carbon remains unchanged at —3,
but the —CH,Br carbon has increased from —3to—1 (x+ 2— 1 =0, so x=—1).

In more complicated redox reactions, which may not be quantitative, [O] is often
used to indicate the addition of oxygen and [H] the addition of hydrogen. In this way,
the oxidation of ethanol to ethanoic acid can be represented by:

C,;Hs0OH + 2[O] — CH3CO;H + H,O

which shows that a four-electron transfer reaction has taken place (2[0] + 4~ — 20(-2)).
Similarly, the reduction of propene to propane can be represented by:

CiHg + 2[H] — C3Hp

which shows that a two-electron transfer reaction has taken place (2[H] — ZH(+1) + 2e7).
As we saw above with propane, it is best to avoid fractional oxidation numbers.

If a simple calculation gives a fractional oxidation number for one type of atom in a

formula, this usually means that some atoms have one integer oxidation number and

other atoms have another. In Fe,O,, for example, the average oxidation number of iron

is +2§, but a better description is to assign one iron atom as Fe(+2) and two as Fe(+3).

7.3 Balancing redox equations

An important use of oxidation numbers is to help establish the stoichiometry of an
unknown redox reaction. The overall reaction can be found by combining the half-
equations for the oxidation and reduction reactions.

Writing the half-equations
Some half-equations are easy to work out, for example the oxidation of iron(Il) ions
to iron(III) jons:
Fe*—e” 5 Fe®* or Fel* s Re* 4 e
Others are more difficult, for example the oxidation of nitrite ions to nitrate ions in

acid solution. The following stages lead to the relevant half-equation.

& Work out oxidation numbers — nitrite, NO;™, is N(+3} and nitrate, NOj3, is N(+5).
@ Balance for redox — we know that this is a two-electron transfer reaction from the
oxidation numbers given (N(+3) — N(+5) + 2e™::

NO;, — NOy + 2e
® Balance for charge — because the reaction is being carried out in acid solution, we

add H' ions to one side of the equation. We need 2H" on the right-hand side of
the equation so that the overall charge is the same on both sides, in this case -1:

NO,  — NO; + 2+ 2HT

(If the reaction had been carried out in alkaline solution, we would balance by
adding OH™ ions to one side of the equation.)

® Balance for hydrogen — this is done by adding water to one side of the equation.
We need to add H;O on the left-hand side of the equation to balance the 2HY on
the right-hand side:

NO; + H,O - NO5; + 2 +2HT

® Check for oxygen — the half-equation is now balanced, but it is a good idea to
check that it is correct by confirming that the oxygen atoms balance.
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To produce a balanced half-equation

» Work out oxidation numbers.

s Balance for redox — add the correct number of & to account for the difference between
the two oxidation states.

# Balance for charge — add the correct number of H* (or OH) to one side of the equation
so that the total charge is the same on both sides.

* Balance for H — add the correct number of H,0 to one side of the equation so that both
sides have the same number of H atoms.

s Check for O — there should now be an equal number of O atoms on both sides of the
equation.

Worked example

Produce a balanced half-equation for the reduction of manganate(VIl) ions to manganese (Il)
ions in acid solution.

Answer
Work out oxidation
numbers: MnO,~ is Mn(+7) and Mn2+is Mn(+2).
Balance for redox:  MnQ4 +5e” — Mn%*
Balance for charge:  MnQ, + 5e™ + 8H* — Mn>*
{In acid solution, so xH* ions are added to one side of the equation
to balance for charge: =1 + (=5) + x(+1) = +2, giving x= 8.)
Balance for H: MnO,~ +5e™ + 8H* — Mn?* + 4H,0
{This is done by adding yH,0 to one side of the equation. With 8H*
on the left-hand side, we need 4H,0 on the right-hand side.)
Check for O: There are 40 on both sides of the equation.

Produce half-equations for the following changes:

1 the oxidation of Cr(OH); to CrO,“ in alkaline solution
2 the reduction of VO;* to V?* in acid solution

3 the oxidation of H;C;0,4 to CO; in acid solution

4 the reduction of Cr;07% to Cr?* in acid solution

5 the reduction of 105 to I; in acid solution

& the reduction of oxygen in alkaline solution

7 the reduction of H;05 to water in acid solution

& the oxidation of H;0; to oxygen in alkaline solution

"

Producing a full equation from two
half-equations

A full equation can be written by adding the two half-equations for the oxidised
and reduced species together. It is essential that the electrons balance between the
two half-equations, and to this end one (or both) of them may have to be multiplied
throughout by an appropriate factor.

After adding the half-equations together, the moles of any substance that appears
on both sides of the equation (for example, water) can be cancelled.

To produce a full equation

* Write down the two half-equations.

s Multiply each equation so that the number of electrons being given by the reducing
agent equals the number of electrons required by the oxidising agent.

Add the half-equations together.

Simplify if possible.

Check that the equation balances for charge.

Add state symbols.



Figure 7.1 Oxidation of iodide, I-, by
iodatelV), I05~. The diagram shows that one
iodate ion oxidises five jodide ions.

Oxidation and reduction

Worked example [

Produce a balanced equation for the oxidation of iron(ll) ions with acidified manganate(VIl) ions.
Answer
The two relevant half-equations are:

oxidation: FeZt — Felt+e

reduction: MnO, + Se™ + 8H* — Mn?* + 4H,0
We must multiply the first half-equation by 5 so that the electrons will cancel:

SFe?* — GFet + 5g~
On addition, we then have:

MnQ, + SFe?+ + 8Ht — Mn?+ + SFe? + 4H,0
Checking for charge, there are 17 positive charges on both sides of the equation. Finally, we
add the state symbols:

MnQ,(ag) + 5Fe?*(aq) + 8H*lag) — Mn?*(aq) + 5Fe®*(ag) + 4H,0(])
e

m "

1 Produce balanced equations for the following reactions:
a the reduction of iodate(\V) ions, I05~, to iodine, I3, by iodide ions in acid solution
b the oxidation of NO;~ to NO3~ with manganate(Vll) ions, MnQ,4~, in acid solution
¢ the reduction of VO to V> with metallic zinc in acid solution
o the oxidation of Fe{OH); to Fe(OH); by oxygen.

2 (Harder) Write balanced equations for the following reactions:
a the reduction of Cra04% to Cr3 with metallic magnesium in acid solution
b the reduction of nitrate(V) to ammonia with metallic aluminium in alkaline solution
¢ the oxidation of Cr(QH); to CrO,4% by H,0; in alkaline solution.

. .

Disproportionation

If an element has three or more oxidation states, then it can act as its own oxidant
(oxidising agent) and reductant (reducing agent). Usually, the higher the oxidation
state of the element, the more powerful an oxidant it is. If a compound that contains
the element in a high oxidation state is mixed with a compound that contains the
element in a low oxidation state, the result is that the intermediate oxidation state is
formed. For example, if vanadium(+5) is mixed with vanadium(+3), the result is a
compound containing vanadium(+4):

VO,'(aq) + V**(aq) = 2VO™(aq)
If iodine(+5) is mixed with iodine(—1), the product is iodine(0) (see Figure 7.1).

oxidation state of iodine

+5 105"
S5I(aq) + 105 7(aq) + 6H*(aq) — 3I3(aq) + 3H,0M
0 I,
i
=1 5I°
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Figure 7.2 The disproportionation of
hydrogen peroxide, H,0,. The diagram shows
that each molecule of H;05 is converted into
one HyO and ltjz.

2
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Measurements of the voltages of electrochemical cells (see Topic 23) can show why
the high oxidation state oxidises the low oxidation state.

Occasionally, the intermediate oxidation state is a more powerful oxidant than
the higher oxidation state. This is because the intermediate state has a structure
that malkes it unstable. The intermediate state then disptroportionates and breaks
down to a mixture of the substances in the higher and lower oxidation states. A
familiar example is hydrogen peroxide, H;O,, containing O(-1). This spontaneously
breaks down to oxygen, O(0), and water, which contains O(-2) (see Figure 7.2).

oxidation state of oxygen
0 10
A ke
-1 H,0, H,05(aq) —= H,0() +10,0)
Y
-2 H,0

Some more examples of disproportionation are described in section 11.2.

7.4 Redox titrations

Redox titrations involve calculations similar to those described for acid—base titrations
(see section 6.6).

The basic equations used in titrations — a reminder

m
n= —
M
I=GX — ar c=!—xn
1000 v

n = amount {in mol), m= mass (in ), M = molar mass (in gmol"),
¢ = concentration (in moldm3), v = volume (in cm?)

Redox titrations are used for two main reasons:

@ to find the concentration of a solution
® to determine the stoichiometry of a redox reaction and hence to suggest a likely
equation for the reaction.

If the concentration of a solution is unknown and is to be found by a redox
titration, a standard solution {one whose concentration is known) that reacts with
the unknown solution is required. The balanced equation gives the number of moles
that react together. After having carried out the titration, the stages in the calculation
are as shown in Table 6.3, page 130. The balanced chemical equation allows us to
calculate the number of moles of B from the number of moles of A. This then leads
us to the concentration of solution B.

If, instead, the stoichiometry of the reaction is to be found, then the concentrations
of both solutions A and B must be known. The volumes from the titration enable us
to calculate the numbers of moles that react together.

Although a wide range of oxidising agents can be used in redox titrations, we shall
concentrate on two — potassium manganate(VI[) and iodine.



Figure 7.3 The top of the meniscus is read
when using potassium manganate{VIl) in a
titration. Compare the readings with those in
Figure 6.4 (page 129).

Figure 7.4 To avoid the solution turning
brown, warm the solution or use plenty
of acid.

Oxidation and reduction

Titrations using potassium manganate(VIl)
as the oxidant

Usually potassium manganate(VID) titrations are carried out in acid solution. Under
these conditions, the following half-equation is relevant:

MnO, +5¢ +8H' — Mn™ + 4H,0

You will meet this equation often in redox reactions, and it is a good idea to leam it.
The deep purple manganate(VII) ion is used as its own indicator. This solution

is run into the flask from the burette, and in the course of the reaction the colour

changes from purple to colourless as nearly colourless manganese(Il) ions are

produced. At the end-point, the first extra drop of manganate(VID) ions makes the

solution tum pink. The following experimental details should be noted.

@ Potassium manganate(VII) is not very soluble, and the highest concentration used is
0.02mol dm™,

@ The reaction is carried out in the presence of sulfuric acid at approximately 1 moldm™.

@ It is usual to read the top, rather than the bottom, of the meniscus of potassium
manganate{VII) in the burette because the deep purple colour cbscures the reading
at the bottom (see Figure 7.3). Because the volume delivered is the difference
between the readings, it does not marter whether we read the top or bottom of the
meniscus, as long as we do the same for both readings.

e If the titration is carried out too quickly, the solution may turn brown (see
Figure 7.4). This is due to the formation of manganese(IV) oxide, MnO,. This can
be avoided either by increasing the acidity of the solution or by warming it.

~ = ——

—
g

Worked example 1 "

In a titration, 25.0cm? of a solution of iron(ll) sulfate required 22.4cm? of 0.0200mol drm=
potassium manganate(VIl) solution at the end-point. What is the concentration of the
solution of iron{ll} sulfate?

Answer 294

: L _ -4
n(KMnQOy)=cx T 0.0200 x 7000 4.48 % 107" mal

oxidation: Fe?* — Fe?* + &
reduction:  MnO4 + 5e™ + 8H" — Mn?* + 4H,;0
To balance the electrons, 5 mol of Fe?* react with 1 mol of KMnO,. Therefore:

niFe?) used is=5 x 4.48 x 10~*=2.24 x 10~3mol
clFe®) = _10?00 xn

A %x2.24 %1072
25.0

=0.0896 moldm™
e
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Worked example 2

25.0cm? of a 0.0200mel drm= solution of ethanedioic acid, H,C50,, reacted with 20.0cm?
of 0.0100 moldm= potassium manganate({VIl) solution.

How many moles of ethanedioic acid react with 1 mol of potassium manganate(VIl)?
Suggest a likely equation for the reaction.

Answer
n(HCD}:ch n(KMnO =5
7 1000 Y 7000
=0.0200 x 220 — 5,00 x 10%mol ~0.0100x 220 _ 200 102mol
1000 1000

Therefore 5 mol of H;C;0,4 react with 2 mol of KMnOy4 {or Z%mol react with 1mol). We
know from the half-equation for manganate(VIl) that 2 mol of KMnOy receive

2 % 5= 10mol of electrons, so 5 maol of H,C;0,4 donate 10mol of electrons, and 1 mol of
H G0y dcnatesg = 2mol of electrons.

The oxidation number of C in H;C304 is +3. During the oxidation, 2C lose 2 electrons, so
each changes oxidation number from 43 to +4. This suggests that CO; may be produced.
We shall write the half-equation assuming this:

oxidation: HyC304 — 2C0; + 26 + 2H*; reduction: MnQO4~ + 5 + 8H — Mn?* + 4H,0
We multiply the first half-equation by S and the second by 2, and add them together:
2MnO,~ + 5H;C;0, + 16H* — 2Mn2* + 8H,0 + 10CO; + 10H*
Simplifying and adding state symbols:
2Mn0,(aq) + 5H2C504(aq) + 6HYag) — 2Mn?taq) + 8H,0() + 10C0,(g)

{Check the charges balance: four positive charges on both sides.)

M b

1 A steel nail with a mass of 2.47 g was dissolved in aqueous sulfuric acid and
the solution made up to 250cm? in a standard flask. 25.0cm? of this solution
reacted with 18.7 cm? of 0.0105 moldm™? potassium manganate(VIl} solution.
Calculate:

a the concentration of the iron solution
b the mass of iron present in the 250cm? flask
¢ the percentage by mass of iron in the steel nail.

2 25.0cm’ of acidified 0.0370 mol dm™ sodium nitrate(lll), NaNO,, solution reacted with
23.9cm? of 0.0155 mol dm potassium manganate(VIl) solution.

a Calculate the number of moles of sodium nitrate(lll) that react with 1 mol of
rmanganate(\VIl).
b Suggest a likely equation for the reaction.

2 A 1.31g sample of hydrated potassium ethanedioate, K3C504.xH,0, was dissolved
in acid and made up to 250cm? in a standard flask. 25.0cm? of this solution reacted
with 28.5cm? of 0.0100 moldm™ potassium manganate(VIl) solution. Calculate:

a the amount of potassium manganate(VIl) in 25.0cm? of solution
b the amount of potassium ethanedioate in 250cm? of solution

C Mr(K1C204‘ﬂ420)

d the value of x.

Titrations using iodine as the oxidant

Iodine is a weak oxidising agent, but it is often used to oxidise the thiosulfate ion,
52032_, to the tetrathionate ion, 54062_:

Laq) + 28,057 (aq) — 2I(aq) + 5,04 (aq)

This is another reaction that you will meet often, so it is helpful to know the
equation well.



Figure 7.5 The end-point of an iodine
titration is made much sharper using starch. A
few drops of starch solution are added when
the solution is pale yellow; the end-point
occurs when the intense blue colour

just disappears

Table 7.1 Some oxidising agents that can be
estimated using iodine/thiosulfate. Each mole
of iodine reacts with two moles of thiosulfate.

Oxidation and reduction

The colourless thiosulfate solution is placed in the burette. The iodine solution
is initially brown in colour, and as the thiosulfate is added it fades to pale vellow
(see Figure 7.5). Finally at the end-point the solution becomes colourless. The
end-point is rather indistinct and it is usual to add a few drops of starch solution.
This forms an intense blue colour with iodine. The end-point is then a sharp
change from blue to colourless. when all the iodine has been used up. The starch
solution is not added until the iodine solution is pale yellow — if it is added at the
start of the titration, clumps of blue solid may be formed which are difficult to
break up.

This titration is not often used just to find the concentration of an iodine solution.
There is a large number of oxidising agents that oxidise iodide ions to iodine, and
the iodine titration is used mainly to analyse such reactions. If an excess of aqueous
potassium iodide is added to the oxidising agent, the amount of iodine liberated is
directly related to the amount of oxidising agent used. Table 7.1 lists some of the
axidising agents that may be estimated in this way.

Oxlidising agent | Equation nithiosulfate)
n{oxidising agent)

Ch Cly+2I = 2C +L, 2

Br, Bry+2F — 2Br- +I; 2

105 105~ + BH* + 5I- — 31, + 3H,0 6

MnO4 MnO,~ + 51 + BHY — Mn2++%12+4H;O 5

cu? Cu? 420 s Cul+ 1, 1
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Thiosulfate oxidation numbers

The thiosulfate ion, 52053", is an example of the inappropriate use of oxidation
numbers.
The equation:

Iy(aq) + 28,03 (aq) — 2I'(aq) + $40¢" (aq)

shows that the half-equations are as follows:
oxidation: 28,057 — 8,04 + 2¢”
reduction: I, + 2e” — 2T7

So each thiosulfate ion receives one electron. Some books suggest that the oxidation
number of each sulfur atom has changed from +2 to +2%. Others compare the $,0,%

ion with the 5042_ ion, and assign S(+0) to the central sulfur atom and S(=2) to the
other one. On oxidation, the S(=2) atom then becomes 5(—1). This may show what is
taking place during the reaction more accurately.

| I ﬁ ﬁ
‘O—ﬁ—S‘ % ‘S—ﬁ—O‘ ey ‘O—ﬁ—S—S—ﬁ—O‘
O O s 0

As can be seen, oxidation numbers cease to be useful when applied to the thiosulfate
ion. All that needs to be known is that each 5;0,% ion loses one electron when it
reacts with iodine — it is not necessary to know the oxidation number of each sulfur
atom.

Worked example

Although the active ingredient in a commercial bleach is chlorate(l) ions, CIO™, the
concentration is often quoted in terms of free chlorine. This is because the concentration is
estimated by liberating iodine from potassium iodide. 10.0cm? of the bleach were made up
to 250.0cm? in a standard flask. 25.0cm? of this solution were added to an excess of
aqueous potassium iodide.

The iodine liberated reacted with 22.0cm? of 0.105 moldm= thiosulfate solution.
Calculate:

a the concentration of ‘chlorine’ in the diluted bleach solution
b the concentration of ‘chlorine’ in gdm™ in the commercial bleach. A{Cl)= 35.5.

Answer
a First we calculate the amount of thiosulfate used:
TN o W 220 _ 3
niS;055) =cx 7000 =0.105 % 10{}0—2.31 » 107*mol

The ratio in Table 7.1 (page 147) tells us that n{Cl3) in 25.0 cm? of diluted bleach
solution is:

%xZ.B'E % 107=1.155 x 10-3mol

Therefore:
1000 1000
Cl) = — = —_—
e

=0.0462 moldm™

b M/(Cl;) = 2 x 35.5gmol™". The original bleach was diluted 25 times. Therefore the
concentration of chlorine in the bleach is:

25 % (2 x 35.5) x 0.0462 = 82.0gdm™3
L

%1.155 % 1073



Oxidation and reduction

M .

1 A 25.0cm® sample of 0.0210moldm™ potassium peroxodisulfate(Vl), K;5,0g, was
treated with an excess of potassium iodide. The iodine liberated reacted with 21.0cm?
of 0.0500 mol dm™ thiosulfate. Calculate:

2 the amount of 5;0g%, and the amount of I~ used by the peroxodisulfate
b the amount of I” that reacts with 1 mol of 5,052,
< Suggest a likely equation for the reaction between K;5;05 and KL

2 A 1.00g sample of brass (an alloy of copper and zinc) was dissolved in nitric acid and
made up to 250cm? in a standard flask. To a 25.0 cm? sample of this solution was
added an excess of aqueous potassium iodide.

Cu?t+ 21 —s Cul +%I2

The iodine liberated reacted with 27.8 cm? of 0.0425 moldm™? thiosulfate.
Calculate:

a the concentration of Cu?t in the solution

b the total mass of copper dissolved

¢ the percentage of copper in the sample of brass.

7.5 Some uses of electrolysis

The electrolysis of brine

If concentrated aqueous sodium chloride is electrolysed, hydrogen is given off at the
cathode and chlorine at the anode.
@ At the cathode:

H,O() — H'(aq) + OH (aq)
2H*(aq) + 2¢” — Halg)

Because hydrogen ions are being used up, hydroxide ions are left behind. Adding
the equations:

2H,O() + 2 — H,lg) + 20H (aq)
® At the anode:
2CI'(ag) — Cly{g) + 2e”
The products, therefore, are hydrogen, chlorine and sodium hydroxide:
2NaCl(aq) + 2H,O() —2NaOH(aq) + Cly(g) + Hale)

For most purposes, the chlorine, hydrogen and sedium hydroxide solution need to
be collected separately, which can be done using a diaphragm cell (see Figure 7.6).
This contains an asbestos diaphragm that allows the ions to flow from the anode
compartment to the cathode compartment. This flow is established by having the
level of the electrolyte higher on the anode side of the diaphragm than on the
cathode side.

The incoming solution is saturated brine containing about 25% sodium chloride.
The outgoing solution contains about 10% sodium hydroxide and 15% sodium
chloride. This solution is evaporated to about one-fifth of its volume, when nearly all
the sodium chloride crystallises out, leaving a solution containing 50% of almost pure
sodium hydroxide. This can be used as a solution or evaporated to dryness to give
the solid product.

Modern plants use a membrane rather than a diaphragm in the cell (see Figure 7.7).
The membrane is made of a polymer containing PTFE (see section 28.1), which
allows cations but not anions to pass through it. The resulting solution is pure sodium
hydroxide, uncontaminated by sodium chloride. The chlorine and hydrogen gases are
collected separately.

The principal uses of the three chemicals are listed in Table 7.2.
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Figure 7.6 Outline diagram of the diaphragm

cell used for the electrolysis of brine

Figure 7.7 Modern plants use a membrane
rather than a diaphragm in the cell. This yields
very pure sodium hydroxide.

Table 7.2 Principal uses of the products of

the electrolysis of brine,
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saturated | o
MNaCl(ag) in

CI(aq) — 3Cl,(a) + &

Cly(a)
W Hata)
2 T
o
-UO |
i Na®(aq) o
20w b o
oD .0' 9
o -}
o
H,0m

H,00) == H"(aq) + OH (aq)

| NaOHiaqg) +
out  NaCliag)

| H*(ag) + & —=1H,(a)

titanium anode

diaphragm - |

steel cathode

" o
o

Sodium hydroxide

Hydrogen

making soaps and detergents

in making ammonia

for sterilisation and bleaching

converted into sodium
carbonate

for the hydrogenation of
oils {see section 14.3)

to make insecticides

oxide (see below)

used in refining aluminium

in welding using an
oxy-hydrogen flame

to make solvents such
as dichloromethane and
tetrachloromethane

for making paper

to make CFCs (see section 15.1)

to make PVC (see section 28.1)

The extraction of aluminium

Most molten aluminium compounds do not conduct electricity. Molten aluminium oxide,

AlLOj5, is a conductor, so its electrolysis yields aluminium. However, it has an extremely
high melting point (2060°C). The oxide is therefore dissolved in molten cryolite,
sodium hexafluoroaluminate, NayAlFg, which has a melting point lower than 1000°C.

There are three main stages in the manufacture of aluminium:

e the extraction and purification of the ore, bauxite

® the preparation of cryolite

@ clectrolysis.



Figure 7.8 Paul Heroult (1863-1914) and
Charles Hall (1863-1914), designers of the
electrolytic process to produce aluminium

Figure 7.9 Outline diagram of the electrolytic
cell used to produce aluminium

Oxidation and reduction

Bauxite is a relatively abundant ore. It is mainly aluminium oxide, but its principal
impurity is hydrated iron(III) oxide; it may contain silica and titanium oxide as well.
The bauxite is dissolved in 10% aqueous sodium hydroxide under 4atm pressure
at 150°C. The impurities are largely insoluble and can be filtered off as a sludge.
Aluminium hydroxide, AICOH);, is then precipitated from the clear solution by cooling
it for three days. This precipitation is accelerated by ‘seeding’ the solution with a
crystal of aluminium hydroxide. The hydroxide precipitate is filtered off and heated to
convert it into pure aluminium oxide.

AlLOj(hydrated) + 20H (aq) + 3H,O() — 2Al(OH), (aq) Other impurities are

insoluble
Al(OH), (aq) = AI(OH)s(s) + OH (aq) precipitation on cooling
ZAIOH)s(s) — Al Oa(s) + 3H,Olg) dehydration on heating

The sludge is composed of iron oxide and other impurities. It is washed free of
sodium hydroxide before being buried. This treatment is important as untreated
sludge is an unattractive brown colour and leaves the soil too alkaline for plants to
grow. The sodium hydroxide produced during the precipitation is recycled and used
to dissolve more aluminium oxide.

Cryolite is made by dissolving NaAl(OH)4 in hydrofluoric acid and precipitating the
product with sodium carbonate:

NaAl(OH),(aq) + 6HF(aq) + Na,COs(s) — Na;AlF(s) + 5H,0(1) + CO,(g)

The electrolysis is carried out in a steel box whose floor is lined with carbon. This
acts as the cathode connection (see Figure 7.9).

graphite
anodes solid crust of
electrolyte
steel box L
| molten cryolite
at 1000°C
graphite lining—] containing 5%
of AI203
| molten
“';oh‘_*“. aluminium
aluminium
run off

The anodes are blocks of graphite suspended in the molten cryolite. Because
aluminium is more dense than cryolite, it sinks to the bottom of the cell as

it is formed, creating a molten pool which acts as the cathode. Periodically
the aluminium is removed and more aluminium oxide added to maintain a
concentration of 5%.

The exact nature of the electrolyte is unknown — it has been suggested that

the principal ions present are AIO" and AlO;™. The reactions taking place at the
electrodes may be written as follows, although this is certainly a simplification:

at the cathode:  2ADPT + 667 — 2AIQD
at the anode: 30T 5 1%02(5'} + Ge”

The oxygen given off at the anode reacts with the carbon, producing carbon dioxide.
The graphite blocks therefore have to be renewed regularly.

The process requires enormous amounts of electricity — up to 15kWh are needed
to praduce 1kg of metal. A typical cell operates at 4.5V and 3 % 10°A, and two-thirds
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Figure 7.10 Aluminium is the most abundant
metal in the Earth's crust, occurring largely as
the ore bauxite. Its high extraction costs mean
that recycling is a much more economical way
of producing ‘new’ metal. The photograph
shows the effect of aluminium extraction on
the landscape.

of the energy goes in heating the cell. Fortunately, aluminium is easy to recycle and

this requires only 5% of the energy required to produce it from bauxite. Up to 60%
of aluminium used in Europe is from recycled material.

Aluminium is the second most used metal after iron. It has a good strength-to-
weight ratio and is resistant to corrosion, especially when anodised (that is, covered
with a thin protective oxide film by anodic oxidation). Its principal uses are as
follows:

® in lightweight alloys to build cars, ships, aeroplanes, etc.
e for building work, such as for window frames

@ in overhead electric cables

® to make packaging, such as cans, foil, etc.

The purification of copper

A major use of copper is for electrical wiring. As the conductivity of copper
increases ten-fold when it is more than 99.9% pure, impure copper is purified
to this high degree by electrolysis. The impure copper is made the anode of
an electrolysis cell, and a small strip of pure copper the cathode. A potential
difference of about 0.2-0.4V is applied. Ions of copper and any more reactive
metals go into solution from the anode but the more reactive ions are not
discharged and stay in solution as the copper ions gain electrons and are
discharged onto the cathode.

Any metals that are less reactive than copper do not dissolve from the anode.
These metals drop off the anode as the copper around them dissolves, and fall to
the bottom as ‘anode sludge’. This contains rare and useful elements, such as silver,
gold and selenium. Subsequently this sludge is removed and the rare elements
extracted.

of electrons.

of electrons gained.

e Oxidation is the removal of electrons; reduction is the addition half-equations, suitably combined together, give the whole

oxidation—reduction equation.

® In a redox reaction, the number of electrons lost = the number @ Titrations can be carried out based on redox reactions. The

most important redox titrations use potassium manganate(Vll) or

e To work out the number of electrons lost or gained, oxidation iodine.
numbers may be used. @ Electrolysis is used in many industrial processes, such as

® Oxidation numbers can also be used to work out the oxidation the electrolysis of brine, the extraction of aluminium and the
and reduction half-equations for a redox reaction. The two purification of copper.
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7 Oxidation and reduction

i cn =y ; : A
Examination pra ctice qUE‘StIOI'IS
Please see the data section of the CD for any 4, values you 2 Chlorine is manufactured by electrolysis from brine,
may need. concentrated agqueous sodium chloride.

a i Describe, with the aid of a fully labelled diagram, the
industrial electrolysis of brine in a diaphragm cell.
State what each electrode is made of and show dearly
the inlet for the brine and the outlets for the products.
Write a half-equation, with state symbols, for the
reaction at each electrode.

1 Radium was discovered in the ore pitchblende by Marie and
Pierre Curie in 1898, and the metal was first isolated by
thermn in 1910,

The metal was obtained by first reacting the radium present
in the pitchblende to form insoluble radium sulfate which
was converted into agueous radium bromide. This solution

was then electrolysed using a mercury cathode and a shokle
cathode
carbon anode. : ; ; S
; . . : . iii Name the chemical that is produced in solution in this
a During their electrolysis of agueous radium bromide, the :
electrolytic process. [

Curies obtained radium at the cathode and bromine at
the anode. Write half-equations for the two electrode
reactions that take place during this electrolysis. [2]
{Cambridge International AS & A Level Chemistry 9701,
. Paper 21 Q2 b November 2009]

[Cambridge International AS & A level Chemistry,
9701, Paper 22 Q4 June 2011]

/
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Physical chemistry

8 Rates of reaction

Topic 5 looked at enthalpy changes
for reactions. While the sign of

AH may indicate the direction

of chemical change, it gives no
information on how fast a reaction
occurs. This can only be found out by
experiment. The rate of a reaction
depends on a number of factors, each
of which can be studied separately. It
is found that, for a reaction to take
place, not only must the molecules of
the reactants collide, but they must
collide with sufficient energy to get
over an activation energy barrier. In a
typical chemical reaction, only a tiny
fraction of collisions are effective in
bringing about chemical change.
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Learning outcomes
By the end of this topic you should be able to:

5.2b) construct and interpret a reaction pathway diagram, in terms of the enthalpy
change of the reaction and of the activation energy

8.1a) explain and use the term rate of reaction

8.1b) explain qualitatively, in terms of collisions, the effect of concentration changes on
the rate of a reaction

8.2a) explain and use the term activation energy, including reference to the Boltzmann
distribution

8.2b) explain qualitatively, in terms both of the Boltzmann distribution and of collision
frequency, the effect of temperature change on the rate of a reaction

8.3a) explain and use the term catalysis

8.3b) explain that catalysts can be homogeneous or heterogeneous

8.3c) explain that, in the presence of a catalyst, a reaction has a different mechanism,
i.e. one of lower activation energy, and interpret this catalytic effect in terms of
the Boltzmann distribution

8.3d) describe enzymes as biological catalysts (proteins) which may have specificity.

8.1 Why do reactions take place at
different rates?

How quickly a reaction goes, that is, the rate of a reaction, is defined and
measured in terms of how quickly a reactant is used up, or how quickly a product
forms. The rate of reaction varies greatly for different reactions, and under different
conditions.

Enthalpy of reaction revisited

In Topic 5, it was seen that the sign of AH indicates the likely direction in which

a reaction will take place. Most reactions are exothermic, that is, AH negative, and
very few are endothermic, that is, AH positive. We might be tempted to think that
if a reaction is highly exothermic, so that the energy of the products is much less
than the energy of the reactants, then it will take place very rapidly. This, however,
is not necessarily the case. For example, a mixture of methane and oxygen shows
no sign of reaction at room temperature and pressure even though AH® for the
reaction is =890 k] mol™!. On the other hand, the reaction between hydrochloric acid
and sodium hydroxide takes place very rapidly, even though AH® for this reaction is
only —56kJmol™, The study of the rates of chemical reactions is called kinetics, while
the study of energy changes is called thermodynamics (as we saw in Topic 3).

The activation energy barrier

AH cannot indicate the rate of reaction because there is an energy barrier between
the reactants and products that has to be overcome. This can be thought of as



8 Rates of reaction

similar to a ridge along the edge of a desk, over which a book must be pushed
before it will fall to the floor. Before the book will fall, we first have to push it
harder for it to rise over the ridge. In chemical reactions, this ridge is called the
activation energy. and it is given the symbol E,. The size of the activation energy
(the height of the ridge) does not depend on the size of AH (the height of the desk
off the floor).

We can draw an energy diagram for a reaction, as shown in Figure 8.1. Such a
diagram is sometimes called a reaction profile. The reactants are higher in energy
than the products, but the top of the activation energy peak is higher still.

Figure 8.1 Reaction profiles for the

combustion of methane and the neutralisation ) ]
reaction between sodium hydroxide and
h}fdrc_)chlqriclacid. The label 'progress of no activation energy
reaction’ indicates the change from reactants v 5
to products over time. 4@ + 20,0
2 NaOHaaq) + HCl(zq)
=
-1
2 E =56 kimol™ | Naciaq + H,00)
&
-890 kJ mol™'
CO,(a) + 2H,0()
progress of reaction progress of reaction

There are therefore two factors that determine whether a reaction takes place or not -

the sign of AH and the value of E,.

® If AH is positive, the reactants are lower in energy than the products. The reactants
are said to be thermodynamically stable with respect to the products. Such
reactions are unlikely to take place.

# Even if AH is negative, the reaction may still not be observed to take place because
it has a high activation energy. Because of this, the rate of the reaction is negligible
at room temperature. The reactants are said to be kinetically inert (or kinetically
stable),

Table 8.1 summarises the effect of the four combinations of AH and E, on the rate
of a reaction.

Table 8.1 The rate of a reaction depends on

both the enthalpy change and the activation o E Rﬁu“

energy, +ve low usually no reaction, reactants are thermodynamically stable
+ve high usually no reaction, reactants are thermodynamically and kinetically stable
—va low reaction likely
—ye high usually no reaction, reactants are kinetically stable

€ 8.2 Measuring rates of reaction

Rates of reaction are studied for two reasons:

® to discover the best conditions to make the reaction go as quickly as possible
@ to gather information about the mechanism of a reaction, that is, how the reaction
actually takes place.
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Figure 8.2 Apparatus used to study the rate
of a reaction that gives off a gas

Figure 8.3 A typical graph of volume against
time for a reaction that gives off a gas.The
gradient gives the rate of reaction at that
point The rate is greatest at the start, then
decreases and finally reaches zero at the end of
the reaction.
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In this topic, the factors controlling rates are considered, while reaction
mechanisms are looked at in more detail in Topic 21, Reaction mechanisms are
particularly important when studying organic reactions.

This section deals with how the rates of reactions are measured.

What to measure?

Simple observation tells us that some reactions go faster than others, but to measure
the precise rate it is necessary to find out how fast one of the products is being
produced or how fast one of the reactants is being used up. This can be achieved
using either a physical method or a chemical method of analysis. A physical method
can be more convenient than a chemical method, because it does not disturb the
reaction being studied. It depends on there being a change in some physical property
such as volume, mass or colour during the course of the reaction.

Physical methods of analysis - measuring the
volume of a gas given off

The reaction between hydrochloric acid and calcium carbonate may be studied using
a physical method of analysis:

CaCOs,(s) + 2HCl(aq) — CaCl,(aq) + H,O0) + CO,(g)

The reaction gives off a gas, whose volume can be measured. A suitable apparatus
is shown in Figure §.2. If we plot a graph of the volume of carbon dioxide collected
against time (see Figure 8.3), the rate of the reaction is given by the slope (or
gradient) of the graph. The steeper the gradient, the higher is the rate. The rate

is greatest at the start, then decreases and finally becomes zero at the end of the
reaction.

|
20| 30 40 50 & 70 B0 80 100

gas syringe

small

test tube

CaCOgis)

A
rate in middle rate at end = zero
rate at start

£
2

time
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Figure 8.4 A typical graph of mass against
time for a reaction that loses a gas to the
atmosphere. The rate of the reaction is the
negative gradient of the graph.

Figure 8.5 Outline diagram of a colorimeter

absorbance

time

Figure 8.6 A typical graph of absorbance
against time. This is equivalent to the volume-
against-time graph in Figure 8.3,

Rates of reaction

Physical methods of analysis — measuring the
decrease in mass

An alternative method of monitoring the same reaction involves carnrying out the reaction
in an open flask placed on a top-pan balance. As the gas is given off, the mass of the
flask decreases. If we plot a graph of mass against time, the rate of the reaction is the
negative gradient of the graph (see Figure 8.4). Note that rates of reaction must always be
positive, since a negative rate would mean that the reaction was going backwards. The
gradient in Figure 8.4 is negative, so if we take its negative value, we get a positive rate,
The rate of this reaction can be measured under different conditions, for example
by changing the temperature, the concentration of acid or the surface area of calcium
carbonate, to investigate the conditions under which it will proceed the fastest.

Physical methods of analysis - measuring a change
in colour

Sometimes a change in colour of a solution can be used to measure the rate of a
reaction. An example of a reaction whose rate can be measured in this way is the
oxidation of aqueous potassium iodide by aqueous potassium peroxodisulfate(VI),
K;5;0%, during which iodine is released:

8,04 (aq) + 21 (aq) — 280,* (aq) + Iy(aq)
Iodine dissolves in an excess of potassium iodide to give I3~ ions, which are brown:

L(aq) + I'(aq) — I (aq)
brown

All other chemical species in this reaction are colourless.

The intensity of the brown colour may be measured using an instrument called a
colorimeter (see Figure 8.5). In this device, light from a light source passes through
a filter that selects just one colour of light. This then shines onto a cell containing the
reaction mixture, and a detector monitors the amount of light passing through the solution.

coloured
solution

variable slit filter photocell :
visible
light source digital output
of absorbance

Iodine solution is brown because it absorbs in the blue part of the spectrum and
transmits other wavelengths. We therefore select a blue filter for this experiment
(see page 412). The colorimeter is first adjusted to zero using water in the cell.
The colorimeter provides readings of absorbance, which is proportional to the
concentration of the iodine. A graph of absorbance against time (see Figure 8.6) is
obtained, which is similar in shape to the volume-against-time graph in Figure 8.3.

Chemical methods of analysis - sampling and
‘clock’ reactions

Chemical methods of analysis interfere with the reaction being studied. Because of
this, either a new reaction mixture needs to be set up for each measurement taken,
or small amounts of the reaction mixture, called samples, can be extracted and
analysed. Unless something is done to stop the reaction, it will continue to take place
in the sample while it is being analysed. Therefore, it is necessary to ‘freeze’ the
reaction in the sample as soon as it has been extracted. This can be carried out in one
of two ways: either by suddenly cooling the reaction (for example, by running the
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Figure 8.7 Carrying out a ‘clock’ reaction

Figure 8.8 The graphs show two reactions
A and B. They may vary in, for example,
concentration or temperature. At y, all the
sodium thiosulfate has been used up and
the iodine reacts with the starch. The rate of
reaction A is approximately equal to w'ty, and
the rate of reaction B is approximately equal
to Witz This means that the ratio of the times
taken for the ‘dock’ to stop gives the ratio of
rateof A 1,

the rates: ==
rateof B 1,

m !m ",

Hydrogen peroxide reacts with potassium
manganate(VIl} as follows:
2MnOy4 + 5H;0; + 6HY
— 2Mn?*+50; + 8H;0

Suggest two physical methods of

measuring the rate of this reaction. For
each method, sketch a graph showing
how the physical quantity you measure

would change over time.
N
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sample onto ice) or by neutralising a catalyst (for example, hydrogen ions) that may
be present. Both methods are time consuming and are avoided if possible.

An alternative is to use a ‘clock’ method. The rate of the reaction between
potassium peroxodisulfate(VI) and potassium iodide described above may be followed
in this way. A separate experiment is set up for each determination of rate. The
two reactants are mixed in the presence of a known amount of sodium thiosulfate,
NazS5;0s, and a little starch. The sodium thiosultate reacts with the iodine produced,
converting it back to iodide, in the reaction we met in section 7.4:

L(aq) + 28,05 (aq) — 2I(aq) + 8,04’ (aq)

The amount of sodium thiosulfate present is much smaller than the amounts of all
the other reagents. When all the sodium thiosulfate has been used up, the iodine
(which is still being produced by the reaction) reacts with the starch to give an
intense blue colour (see Figure 8.7). For a fixed amount of sodium thiosulfate, the
faster the reaction, the shorter the time, ¢, this takes. The rate of the reaction is
then approximately proportional to 1/¢ (see Figure 8.8). A ‘clock’ reaction is very
convenient but can only be used with a limited number of reactions.

S

amount of iodine produced (equivalent to
amount of thiosulfate added)

Worked example i

Suggest methods of measuring the rates of the following reactions:
a zinc powder with aqueous copper sulfate

b hydrogen peroxide decomposing to give water and oxygen

¢ (CH3)5CBr + Hy0 —s (CH3):COH + H¥ + Br

Answer

a Allow the zinc to settle, then measure the change in colour of the solution using a
colorimeter.

b Measure the volume of gas given off, or measure the decrease in mass.

¢ Measure the conductivity of the solution.

EENNNEESEREERSSSR. s



Table 8.2

Figure 8.9

Rates of reaction

8.3 Making a reaction go faster —
increasing the collision rate

At the molecular level, the rate of reaction depends on two factors:

® how often the reactant molecules hit one another
® what proportion of the collisions have sufficient energy to overcome the activation
energy barrier.

The effect of concentration

We can increase the rate at which the reactant particles collide in several ways. The
simplest is to increase the concentration of the reactants. At a higher concentration,
the reactant molecules are closer together and so will collide more frequently. The same
is true if we increase the pressure for gaseous reactions — the volume gets smaller and
so the molecules are closer together. However, changing the pressure has virtually no
effect on reactions in the solid or liquid phase, because their volume changes very little
when put under pressure, so their particles do not move closer together.

The concentrations of the reactants decrease during the course of a reaction and so
the rate also goes down with time (see Figure 8.3). At the end of the reaction, at least
one of the reactants has been used up completely and the rate is then zero.

If we repeat the reaction using more concentrated reactants, the initial rate of
the reaction will be higher. However, it must not be assumed that if, for example,
we double the concentration, the rate will be twice as high. The actual size of the
increase in rate is impossible to predict and can only be found by experiment. This
study of quantitative kinetics is explored in Topic 21.

Worked example

When 2 g (an excess) of powdered calcium carbonate were added to 50cm? of
0.10 moldm=2 hydrachloric acid, the results shown in Table 8.2 were obtained.

Time/s 10 20 30 40 50 60 70 20
Volume of CO; given off/cm? | 25 45 60 70 75 78 80 80

2 Plot a graph of these results.
b Use the graph to find the rate at the start of the reaction.
¢ Explain the shape of the graph.

Answer
a

volumelcm?
|

30

20—

10

timefs
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160

Table 8.3

Table 8.4

b The gradient of the graph at the beginning shows that 25 cm?® would be given off
in 10s. Thisis a rate of 2.5em3s™,

¢ The rate decreases (the reaction slows down) as the reaction proceeds, because the acid
becomes more dilute. The reaction finally stops when all the acid has been used up.

m .

1 The experiment in the worked example above was repeated a using 50cm? of
0.20moldrm hydrochleric acid and b using 50cm? of 0.050 meldm™ hydrachloric
acid. Draw sketches of the graphs you might expect to be produced and comment on
the differences between each graph and that in Figure 8.9.

2 Solutions of potassium iodide and potassium peroxodisulfate{Vl) were mixed together
and a clock started. A sample of the mixture was placed in the cell of a colorimeter
and the absorbance measured at suitable time intervals. The results shown in Table 8.3
were obtained.

Time/s 30 60 80 120 | 150 180 | 210 | 240 |270
Absorbance | 0.072 |0.13 [ 039 | 025 |0.29 (032 | 034 |035 |0.35

a Plot a graph of absorbance against time.
b Find the rate of the reaction i after 60s and ii after 120s.
¢ Explain why these two reaction rates differ.
3 When hydrochloric acid is added to sodium thiosulfate, Na;5;0s(ag), a fine precipitate
of sulfur appears:

2HCl{ag) + Na;S;04lag) — 2NaCllag) + HyOfl) + SO4(aq) + S(s)
This gradually makes the solution opaque. The rate of the reaction may be determined
by measuring how long it takes for the solution to become so opaque that a cross
marked on a piece of paper placed under the beaker containing the reaction mixture

just becomes invisible (see Figure 8.10).
The results shown in Table 8.4 were obtained.

Experiment number | Concentration/moldm== | Time/s
Hcl Na,5,0;

1 0.20 0.40 39

2 0.20 0.30 50

3 0.20 0.20 B3

4 0.20 0.10 170

a Plot a graph of the reciprocal of time (1/time} against the concentration of sodium
thiosulfate.

b Explain why the rate changes with the concentration of sodium thiosulfate.

¢ Estimate the concentration of sodium thiosulfate that would give a time of 60 s.

e 7

The effect of changing the amount of reactants

If we keep the concentrations of all the reactants the same but, for example,
double their amounts, the actual rate of the reaction will be unaffected although
the amount of product will be doubled. This means that if we measure the

rate from the volume of gas evolved or the mass lost, we will obtain different
results for the rate. The actual rate of reaction between calcium carbonate and
hydrochloric acid is unaffected if we double the mass of calcium carbonate and
double the volume of the acid even though twice the volume of gas is evolved.
However, if we are using the apparatus in Figure 8.2 (page 156) the measured rate
of reaction will appear to be twice as great because twice as much gas is evolved
in the same time. For quantitative work, it is important to define what we mean by
the rate of reaction more carefully, and this is considered further in Topic 21.




Flgure 8.10 The reaction between
hydrochloric acid and sodium thiosulfate
produces a precipitate of sulfur. This allows us
to study the rate of the reaction —when the
cross is no longer visible, the clock is stopped.

Table 8.5

Rates of reaction

The effect of temperature

We can increase the rate of collision by raising the temperature. This causes the
particles to move faster (increases their kinetic energy) and so they collide more
frequently. The increased rate of collision has only a very small effect on the rate
of reaction; the main effect of increased temperature is from the increase in energy,
which will be considered later in this topic.

Particle size

Many reactions are homogeneous, that is, the reactants are uniformly mixed, either
as gases or in solution. Others are heterogeneous — there is a boundary between the
reactants (for example, between a solid and a solution). In such reactions, the rate

of collision will increase if we make the surface area of this boundary as large as
possible. For example, powdered sugar dissolves faster than lump sugar, water drops
evaporate faster than a large puddle, and powdered zinc dissolves in acid faster than
lumps of zinc do. The size of the boundary between the reactants in a heterogeneous
reaction is described by the state of division — for example, a powdered solid is
described as ‘finely divided’. The efficiency of solid catalysts is also increased if they
are finely divided (see page 166).

Worked example

When 2 g (an excess) of lump calcium carbonate were added to 50cm? of 0.10moldrm™
hydrochloric acid, the results shown in Table 8.5 were obtained.

Time/s 10 |20 |30 |40 |50 |s0 |70 |80
Volume of CO; givenoffiem® 5 |10 |14 |18 |22 |25 |28 |3

a How does the rate compare with that found in the worked example on page 1597
b Explain why the rate is different.
¢ What would be the final volume of carbon dioxide? Explain your answer.

Answer

2 The rate is lower.

b The surface area of lump calcium carbonate is smaller than that of powdered calcium
carbonate, so there are fewer collisions taking place every second.

¢ The final volume of carbon dioxide would be 80cm?. The final amount of carbon dioxide
is determined by the amount of acid, because the calcium carbonate is present in excess.

dEEEEEEEEEE—————ee s -
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Figure 8.11 The energy profile for a reaction,
with and without a catalyst
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8.4 Making a reaction go faster -
overcoming the activation energy barrier

On page 161 it was stated that the energy of the collisions between reacting particles
is more important than the rate of collision. Even if a reaction has a small activation
energy, only a tiny fraction of the collisions that take place have enough energy to
overcome it. These collisions are the effective collisions. A typical fraction might

be one in ten thousand million (1 in 10, This is the reason why many reactions are
slow at room temperature. There are two ways in which we can increase this fraction:

o give the collisions more energy
o find another route with a lower activation energy.

Giving the collisions more energy

The usual way of increasing the energy of the collisions is to raise the temperature.
Although this increases the rate of collision, the main effect is that a higher
proportion of the collisions now have enough energy to get over the activation
energy barrier — there is a greater number of effective collisions. If we raise the
temperature from 25°C to 125°C, for example, the increase in the rate of collision
goes up by a factor of only 1.2, but the fraction of reactant molecules able to get
over the energy barrier could increase by 1000 times. A useful working rule is to
say that ‘a 10°C rise in temperature doubles the rate of reaction’. 5o, for a rise in
temperature from 25°C to 125°C, the rate might increase by 2% or 1024 times.

Finding another route with a lower activation
energy

The second way of increasing the number of collisions that have sufficient energy to
overcome the activation energy barrier is to lower the height of the barrier. This is
most easily achieved by using a catalyst.

A catalyst is a substance that speeds up a chemical reaction without being chemically
used up itself.

The catalyst provides an alternative pathway for the reaction, and this pathway has a
lower activation energy than that of the uncatalysed reaction (see Figure 3.11).

L

uncatalysed

energy

progress of reaction
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The height of the activation energy barrier may also be changed if a different solvent
is used for the reaction. Many inorganic reactions are carried out using water as a
solvent, but most organic substances are insoluble in water and so must be dissolved
in a different solvent. This has a marked effect on the rate of reaction.

Worked example 1

Return to your graph plotted from Table 8.2 (page 159) for the reaction between
hydrochloric acid and calcium carbonate, which was carried out at 25 °C. On the same
axes, sketch the graph you might expect if the experiment were repeated at 35°C rather
than at 25°C.

Answer

The graph should show an initial gradient twice as steep, since the rate will be about
twice as fast. The final volume will be the same, because there is the same amount of
hydrochloric acid.

Worked example 2 o

Sketch an energy profile for a slow reaction with a large negative AH.

Answer
Since the reaction is slow, there will be a high activation energy. Since AH is large and

negative, the products are much lower in energy than the reactants.
-~

1 a Add to your graph from Worked example 1, above, a sketch of the graph you might
expect if the experiment were conducted at 15 °C rather than at 25°C.
b Explain the differences and similarities in the graphs.
2 Sketch energy profiles for the following reactions:
a a fast reaction with AH small and negative
b a fairly fast reaction with AH small and positive.

8.5 The collision theory

Rates of collision

As has been discussed, in order for a reaction to take place, the reactant molecules
must first collide and secondly have sufficient combined energy to get over the
activation energy barrier.

For gaseous reactions, it is possible to calculate how often the molecules collide.
This depends on three main factors:

® the size of the molecules — the bigger the molecules, the greater the chance of collision

@ the mass of the molecules — the larger the mass, the slower the molecules move at
a given temperature and the fewer the collisions

® the temperature — as the temperature is raised, molecules move faster and the rate
of collisions increases.

Bigger molecules have larger masses, so the first two factors tend to cancel out. The
collision rate therefore depends largely on temperature. So, at a given temperature,
most molecules have similar collision rates. At room temperature and pressure, in
each cubic decimetre of gas there are about 1 x 10* collisions every second. If every
one of these collisions produced a reaction, all gaseous reactions would be over in a
fraction of a second.

For molecules in liquids, there is no simple way to estimate their rate of collision.
We would expect the rate to be lower than in gases, because the molecules are
moving more slowly and because the solvent molecules get in the way. On the other
hand, there are situations when reactant molecules can become trapped in a ‘cage’ of
solvent molecules and this increases their chance of collision. The two effects tend to
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Figure 8.12 James Clerk Maxwell, 1831-79,
(left) and Ludwig Boltzmann, 18441906 (right)

Figure 8.13 The Maxwell-Boltzmann energy
distribution curve

Figure 8.14 The effect on the energy
distribution curve of increasing the temperature
by 100°C. The curve moves to the right as the
temperature rises. The curve is slightly flatter,
so that the area under it remains constant.
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cancel each other out. Studies on reactions both as gases and in solution suggest that
the rates are often not much different from one another.

Energy of collision - the energy distribution curve

The molecules in a sample of gas have a range of energies. In order to estimate

what fraction of collisions will have sufficient energy to get over the activation
energy barrier, we need to know how many molecules in a sample have various
different energies — in other words, what their energy distribution is. This was first
calculated by James Clerk Maxwell and Ludwig Boltzmann (Figure 8.12). The energy
distribution curve is shown in Figure 8.13. We can see that there are very few
molecules with very low energy values. Most molecules have a moderate amount of
energy, as shown by the highest point on the graph — this shows the most probable
energy. There are a few molecules with very high energy values.

[

energy distribution

energy E,
At a given temperature, the shape of the curve is the same for all gases, as it depends
only on the kinetic energy of the molecules, which (as we have mentioned) depends
only on temperature. The area under the graph gives the total number of molecules.
The line E, is marked, showing a high activation energy for a particular reaction. The
shaded area shown is the fraction of molecules with energy greater than this E,.

If we increase the temperature, the curve has a similar shape but the maximum
moves to the right, showing that the most probable energy increases. The energies
become more spread out, so there will be fewer molecules with the most probable
energy and the maximum is slightly lower. Figure 8.14 shows the effect of raising
the temperature by 100°C. We can see that the shaded area showing the fraction of
molecules with energy greater than E, is much larger at the higher temperature.

3

temperature =T

T+ 100

energy distribution

energy
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1 a Sketch a graph of the energy distribution of gas molecules at room temperature.
Label the graph 'T". Draw a line to show the activation energy, E,, of a reaction.
b On the same axes, sketch the energy distribution at a temperature of about
100 °C below room temperature. Label the graph 'T— 100°. Shade the areas
that show the fractions of molecules with energy greater than E; at the two
temperatures.
2 a Sketch another graph of the energy distribution of gas molecules at room
temperature.
b Draw a line to show the activation energy, £, of a reaction.
¢ Draw another line to show E; for a catalysed reaction, in which the activation energy
is halved.
d Explain why the catalysed reaction is so much faster than the uncatalysed
reaction.
3 Explain why the collision rate is approximately the same for all gases at room
temperature.

8.6 Catalysts

A catalyst speeds up a reaction by providing a pathway with a lower activation
energy. The effect can be readily shown on the energy distribution graph. On
Figure 8.13. if E, is made smaller, the shaded area is much larger and so the rate is
increased.

Catalysts may be homogeneous, that is, uniformly mixed with the reactants, or
heterogeneous, in which case the catalyst and the reactants are in different physical
states. There is also an important class of biochemical catalysts called enzymes.
These three classes will be considered separately.

Homogeneous catalysis
Homogeneous catalysis occurs in both the gas phase and in solution.

@ The production of the harmful gas ozone from oxygen near the ground is catalysed
by nitrogen dioxide, which is produced in car engines:

Os(g) + NO1(g) = NO(g) + Os(g
NO(g) +10,(g) — NO,(g)

@ Nitrogen dioxide may also catalyse the oxidation of sulfur dioxide to sulfur
trioxide in the atmosphere, and hence speed up the production of acid rain (see
section 10.6):

NO»(g) + SO1(g) — SOs(g) + NO()
NO(g) +10,(g) = NO,(g)

® The presence of chlorine atoms from CFCs in the upper atmosphere is responsible
for the catalytic destruction of ozone (see section 15.4).

@ The rates of many redox reactions are increased by the use of catalysts, usually
transition metal compounds. Some of these are considered in section 24.6.

® Many reactions are catalysed by the H*(aq) ion. Examples are the formation and
hydrolysis of esters, for example methyl ethanoate:

H*(aq)
CH;CO,H + CH;0H == CH,CO,CH; + H,0

The overall mechanism is explained in detail in Topic 18.
@ Enzymes are homogeneous catalysts. These are described below and in
section 28.4.
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Figure 8.15 A catalyst in the form of a
gauze. This provides a large surface area, but
prevents the catalyst being swept away in the
stream of gases.

Heterogeneous catalysis

Two important examples of the use of solid heterogeneous catalysis are in the
Contact process and the Haber process (see Topic 10), in which both reagents and
products are gaseous. The reaction takes place on the surface of the catalyst, which
should ideally be in the form of a fine powder. This is often impracticable because
the catalyst would then be lost in the flowing stream of gas. The catalyst is therefore
usually made into pellets, a gauze or a fluidised bed.

In the Contact process, the vanadium in the catalyst changes its oxidation state. The
mechanism is considered in more detail in section 10.6. The Haber process for the
manufacture of ammonia involves a hydrogenation reaction (see section 10.5). Other
hydrogenation reactions include those of the alkenes (see Topic 14) and carbonyl
compounds (see Topic 26). Many transition metals catalyse hydrogenation reactions,
for example platinum and nickel (see section 14.3). This is because they are able
to absorb large quantities of hydrogen and form interstitial hydrides. In these
hydrides, hydrogen atoms are held in the spaces between the metal atoms in the
lattice. These hydrogen atoms are able to add on to the multiple bond of a malecule
that becomes adsorbed on to the metal surface nearby. There are three stages in
catalysis involving surface adsorption.

® Adsorption — the reactants are first adsorbed onto the surface of the catalyst. The
metal catalyst chosen must adsorb the reactants easily but not so strongly that
the products do not come off again. Once adsorbed, the bonds in the reacting
molecules are weakened.

@ Reaction — the reactants are held on the surface in such a position that they can
readily react together.

o Desorption — the products leave the surface, as the bonds between the product
and the catalyst are very weak.

The rate of the reaction is controlled by how fast the reactants are adsorbed and
how fast the products are desorbed. When the catalyst surface is covered with
maolecules, there can be no increase in reaction rate even if the pressure of the
gaseous reactants is increased.

The efficiency of the catalyst depends on the nature of the catalyst’s surface. This is
shown by the following effects.

o Poisoning — many catalysts are rendered ineffective by trace impurities. For
example, hydrogenation catalysts are poisoned by traces of sulfur impurities. This
is one reason why nickel is preferred to platinum as a catalyst. Nickel is relatively
inexpensive; if a large amount of nickel is used, even if some of it is deactivated
by poisoning, enough will remain for it still to be effective. However, platinum is
expensive; if a small quantity of platinum is used, all of it might be poisoned.

& Promotion — the spacing on the surface of a catalyst is important. For example, it
is known that only some surfaces of the iron crystals act as effective catalysts in the
Haber process (see section 10.5). The addition of traces of other substances may
make the catalyst more efficient by producing active sites where the reaction takes
place most readily.

The three-way catalytic converter

Ideally, the hydrocarbons in unleaded petrol are converted completely into carbon
dioxide and water when burned in a vehicle engine. These are non-polluting
products, though the additional carbon dioxide probably has an effect on the Earth’s
climate (see section 13.4). In practice, however, three other products are formed
which are immediately harmful:

s unburnt hydrocarbons
s carbon and carbon monoxide, from incomplete combustion of the fuel
» oxides of nitrogen formed from the nitrogen in the air.



Figure 8.16 A catalytic converter

Figure 8.17 Proteins are like a necklace of
beads — an enzyme may contain 500 amino
acids. The enzyme folds into a globular shape,
but it is easily denatured, for example by heat,
when it becomes ineffective as a catalyst.

Rates of reaction

The amount of each impurity produced depends on the type and efficiency of the
engine. When starting up and when idling, the proportions of impurities are higher
than when driving on the open road. Diesel engines produce higher quantities of
carbon particles than petrol engines do. To reduce the amounts of these impurities,
engines are fitted with catalytic converters (see Figure 8.10). These catalyse the
following reactions:

CO(g) + NO(g) — CO,(g) + I N,(g)

CO(g) + $O4(g) — CO1(g)
hydrocarbons + Os(g) — CO,lg) + H.O(g)

The exhaust gases are passed through the converter, which contains metals such as
platinum and rhodium supported on a honeycomb support. Because lead poisons
this catalyst, it is essential to use unleaded petrol in a car fited with a catalytic
converter,

gases from
engine

catalyst on
honeycomb support

Enzymes

Chemical reactions that take place in living cells are very fast, even though they take

place at just above room temperature and at low concentrations. This is because they
are catalysed by efficient catalysts called enzymes. Enzymes are proteins, which are
polymers made up of units called amino acids. These units are joined in a chain, like
beads in a necklace, to make a polymer. A typical enzyme may contain 500 amino
acids and have a relative molecular mass of 50000.

Enzymes are globular proteins. In this type of protein, the amino-acid chain
coils into an approximately spherical shape (see Figure 8.17). Globular proteins
are soluble in water, but if their globular structure is changed, they become
insoluble. An example of this process, which is called denaturing, is the setting
of egg white when the egg is boiled. Because globular proteins are water soluble,
they are homogeneous catalysts, although their mechanism of action resembles
heterogeneous catalysis in that the reaction takes place at a specific point on their
surface, called the active site.

amino acid

unfolded enzyme in its globular form denatured
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qubstrate

active site
enzyme

substrate binds
to active site
(like a key in a lock)

enzyme-substrate
complex

reaction

products leave
' active site

Figure 8.18 Only a molecule of the correct
size and shape can attach to the active site and
be converted into products.

Figure 8.19 Formulae of three compounds
now made industrially by the use of genetically
engineered enzymes

Most enzymes catalyse only one reaction, or one group of similar reactions.
A reactant molecule will only attach to the active site if it has the right size
and shape. Once in the active site, the reactant molecule is held in the correct
orientation to react and form the products of the reaction. The products leave
the active site and the enzyme is then ready to act as a catalyst again. This
mechanism of action of an enzyme is described as the lock-and-key hypothesis,
illustrated in Figure 8.18. The reactant that fits the enzyme's active site is called
the substrate.

Some examples of enzyme-catalysed reactions are as follows.

# Yeast contains a mixture of enzymes called zymase, which converts sucrose into
ethanol and carbon dioxide:

C12H2:041(aq) + H,O(l) — 4C;HsOH(aq) + 4CO;(g)
sucrose ethanol

® Hydrogen peroxide is harmful to cells. It is produced in many metabolic reactions
but is rapidly decomposed to water and oxygen in the presence of the catalyst
catalase:

H,0;(aq) — H,O() +10,(g)

® When ethanol is metabolised, it is first converted into ethanal by removing two
hydrogen atoms in the presence of an enzyme called a dehydrogenase:

C,HsOH(aq) — CH;CHO(aq) + 2[H]
ethanol ethanal

Every living cell contains at least 1000 different enzymes, each catalysing one of the
many different chemical reactions that take place inside the cell. Some enzymes are so
efficient that one molecule can catalyse the reaction of 10000 reactant molecules every
second. This means that virtually every collision of the substrate with the active site
leads to reaction, showing that enzyme-catalysed reactions have very low activation
energies.

In many industrial processes, the enzymes are extracted from the organisms in
which they were made (usually a bacteria) This allows specific reactions to be carried
out, such as the following:

o conversion of glucose to the sweeter-tasting fructose, using glucose isomerase
@ manufacture of new antibiotics, using penicillin G acylase
e manufacture of laundry detergents, using proteases.

Recently, new enzymes have been made using genetic engineering, and these
enzymes are now used on the industrial scale. The following compounds are now
made industrially with genetically engineered enzymes:

e 1,3-propanediol for making polymers

o sitagliptin, used in the treatment of type 2 diabetes
@ paclitaxel (Taxol) for the treatment of breast cancer
® esters used in cosmetics.

NH, O

1,3-propanediol sitaglyptin paclitaxel



Figure 8.20 Photochromic sunglasses which

darken on exposure to light

v

Ag-lv

Figure 8.21 Electron transfer in silver
bromide

AgBr*

Rates of reaction

8.7 The effect of light on chemical
reactions

A few reactions are affected by light. These are called photochemical reactions,
and they fall into two main types:

e endothermic reactions in which light provides the energy input
® exothermic reactions that are started off by light.

Most photochemical reactions are of the first type. They use the energy of
the light to bring about the reaction. Examples include the breakdown of silver
chloride to silver and chlorine, and the bromination of alkanes. The most important

photochemical reaction is photosynthesis (see page 210).

Black-and-white photography
The effect of light on silver chloride was observed by Robert Boyle in the
seventeenth century. All the silver halides undergo a photochemical reaction in

which the halide slowly decomposes into silver and halogen:

AgX(s) — Agls) +3%,(e)

A reaction similar to this forms the basis of black-and-white photography. In a black-
and-white film, the usual halide is silver bromide, grains of which are suspended in
an emulsion of gelatin. On exposure to light, the silver bromide undergoes a
photochemical change. It absorbs a photon of light, and an electron is transferred
from the bromide ion to the silver ion (see Figure 8.21), leaving the silver bromide
in a high-energy state, represented by AgBr®.

When a photograph is taken, the areas of film exposed to light therefore have
high-energy silver bromide on them. The film is then ‘developed’. The first stage in
the development process is reduction of the high-energy silver bromide to silver.
This is carried out using a reducing agent, and alkaline benzene-1,4-diol (old name

hydroquinone) is the most common:

2AgBr + HO@OH — O:©:O+2.Ag+2HBr
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Care must be taken over the timing of this stage of the development process. If the

reducing agent is left in contact with the film for too long, some of the unexposed

silver bromide may be reduced and the film becomes “fogged’.

The film is then ‘fixed’ by being treated with a solution of sodium thiosulfate,

Na,S;05(aq), which photographers call *hypo'. This dissolves any unchanged silver

bromide, preventing it from reacting further when the film is exposed to light:

AgBr(s) + 28,057 (aq) — Ag(S,0,),> (aq) + Br (aq)

The film is washed thoroughly at this stage to remove all the silver-thiosulfate

complex. What remains is a ‘negative’ of the image, with light areas of the image

showing as dark silver areas.

Chain reactions

A few photochemical reactions are chain reactions. These are exothermic reactions

that have a high activation energy. The light breaks a bond homolytically in one

of the reactants, forming an atom. This free atom is energetic enough to react with

another reactant molecule and produce another free atom.
The process then repeats, building up into a chain reaction. The light has
provided the energy to overcome the activation energy barrier. Examples of chain

reactions include the reaction of hydrogen with chlorine, and the chlorination of
alkanes (see section 13.5)

# Kinetics is the study of the rates of reactions.

@ The rate of a reaction is defined as how fast a product appears
or how fast a reactant disappears.

# The rate of a reaction is determined by the height of the
activation energy barrier, and not by the value of AH.

® Physical methods of finding the rate of reaction include:

@ measuring the volume of gas given off over time
® measuring a change in mass over time
e following a change in colour over time using a colorimeter.

# Chemical methods of finding the rate of reaction include:

@ removing samples at timed intervals, *freezing’ them and
then using chemical analysis, for example titration
@ using a ‘clock’ method.

@ The rate of reaction at a given time is shown by the gradient
of the graph of amount of product against time (or the
negative gradient of the graph of amount of reactant
against time).

The rate increases if the reactants are made more
concentrated, because the molecules collide more frequently.
For the same reason, increasing the pressure of a gaseous
reaction increases the rate.

The rate increases if the temperature is raised, mainly because
there are more collisions with sufficient energy to react.

A 10°C rise in temperature often doubles the rate of reaction.
The area under the energy distribution curve shows the
fraction of molecules within a certain energy range.

Only the fraction of molecules with energy greater than the
activation energy, E,, can react. These are shown by the area to
the right of E; on the energy distribution curve.

A catalyst provides an alternative pathway of lower activation
energy.

The rate of a reaction in solution is usually changed if a
different salvent is used.

Some reactions go faster in the presence of light.
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£ L
Examination pra ctice qUE‘StIOI'IS
Please see the data section of the CD for any 4, values you a i Draw a new distribution curve, clearly labelled T' for
may need. the same mixture of gases at a higher temperature, T';
. . . ii Mark clearly, as H, the position of the activation energy
1 Catalysts speed up the rate of a reaction without being & thie macion at-the Bigher tArperaiis, T 3]

consumed by the overall reaction.
a Chlorine radicals in the stratosphere act as a catalyst for
ozone depletion.

i Research chemists have proposed possible reaction
mechanisms for ozone depletion. The equations below
represent part of such a mechanism.

Complete the equations.

b Explain the meaning of the term activation energy [2]
¢ The reaction between nitrogen and hydrogen to produce
ammonia in the Haber process is an example of a
large-scale gaseous reaction that is catalysed.
i State the catalyst used and give the operating
termperature and pressure of the

Haber process.
G5 =g o R ii On the energy axis of the graph, mark the position,
ClO+ i PR 5 o [2] clearly labelled C, of the activation energy of the

reaction when a catalyst is used.
iii Use your answer to ii to explain how the use of a
catalyst results in reactions occurring at a faster
rate. [3]
2C0(g) + 2NO(g) — N,(g) + 2C04lg) d Two reactions involving agueous NaOH are given below.
CH3CHBrCH; + NaOH — CH3CH(OH)CH, + NaBr reaction 1
HC/+ NaOH — NaC/+ H,0 reaction 2
In order for reaction 1 to occur, the reagents must be
heated together for some time.
On the other hand, reaction 2 is almost instantaneous at
room temperature.
Suggest brief explanations why the rates of these two

ii Write an equation for the overall reaction in i. 1]
b One of the catalysed reactions that takes place in a
catalytic converter is shown below.

The catalyst used is platinum/rhodium attached to a

ceramic surface.

Outline the stages that take place in a catalytic converter

to allow CO to react with NO. [4]
¢ Explain, using an enthalpy profile diagram and a

Boltzmann distribution, how the presence of a catalyst

increases the rate of reaction. 71 3 ;s
d Explain why many industrial manufacturing processes use rachions sty cifterent, [4]
f - y Y 9P [Cambridge International AS & A level Chemistry,
A . _ 9701, Paper 21 Q2 June 2010]
Include in your answer ideas about sustainability, 3 In many countries, new cars have to comply with regulations
economics and pollution control. [4] ¥ : P 2

which are intended to reduce the pollutants coming from
their internal combustion engines. Two pollutants that may
be formed in an internal combustion engine are carbon
monoxide, CO, and nitrogen monoxide, NO.
a Outline how each of these pollutants may be formed in
an internal combustion engine.
b State the main hazard associated with each of these
pollutants. [4]
[Cambridge International AS & A level Chemistry,
9701, Paper 22 Q2 e November 2010]

[OCR Chemistry A Unit F322 Q4 (part) January 2011]
2 The diagram below shows, for a given temperature T,
a Boltzmann distribution of the kinetic energy of the
molecules of a mixture of two gases that will react together,
such as nitrogen an