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Getting the most from this book 

Getting the most from this book 
At the rtart of each Sectior, yov 
will fl,.,d tt..e learr,ir,9 objectiver 
for that Sectior,. 

Welcome to the Edexcel Internat ional GCSE and Certificate Chemistry 
Student Book. This book has been divided into five Sections, following the 
structure and order of the Edexcel Specification, which you can find on the 
Edexcel website for reference. Section 1 has been divided into two parts to 

help you structure your learning. 

Ea.eh Section has been divided into a number of smaller Chapters to help 
you manage your learning. 

The following features have been included to help you get the most from 
this book. 

n,., ..... i...w,i.._,...-_.,, ............. ..., ................ .......,.....,. __ ~ __ .....,... 
,u: ;;as:~ s;p 

Ol;t,,i"""'-"·--1...,..~i--..-_....., ____ _ 
.... _.. .. HCII" . .....,.,.._ . ...,_ ---*--~­,.,._,oo.,_,.,...... =-·-.....--, .....,, __ _ 
-,m11111.~ 
___ ,.....,._ ........,_.,_ ... _.. ... ,.,. ___ 

_._~~--.-""'~c.....­_.... ... ~~~ ............ *' ...... .,.,_.,.._....,,._,_"'._._ulll_..,_ --.. ~ ,..._ •• llllll\,Ol""""*ol----·-~ .. --..... _., ___ .....,..~ .............. -..00 -~--bWt-~lll,lilil~---­
.,...,~ ...... -----~·----~ Mtl-~--"(11 .. _,.. ... <fW'IW__,._.__ .,,.._., ... ...._,_ ....... 
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' 'OoW_-*"t __ _.._.,,M"'9M __ _ 

~..-n.,. ........... .,......,~ 

Try the activity before you start, and 
then have a look at it again once you 
have corn pleted the Section to see if 
your responses are different before and 
after learning more about the topics. 

Practical boxes hig hi ight the 

practical work covered in the book. 

They provide hints on key things to 
remember, or alternative practical 

work that you can do to help you 

learn more about that topic. 

..., ..... ,."" ......... ,, ..... --
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Getting the most from this book 

•i:t-H•iit 
' Exam tips throughout the book will 

. ... 

guide you in your learning process. _ ..... _ . 
- ·-= .... ----........ ....: 

At 1he end of each Chapter you 
will find Study Questions. Work 
1hrough these in class or on your 
own for homework. Answers are 
available online. 
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Yov will f;,.,d Exam-style qvef/ior,f 
atthe er,d of each Sectior, cover­
ir,9 the cor,ter,t of that rectior, ar,d 
tJ.e differer,t types of qvemo...r 
yov will f;,.,d ir, ar, examir,atior, . 
(V Mark schemer are avoilable 
or,theCD. 
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At tt.e er,d of each Sectior,, yov 
will f;,.,d a rvmmary checklirt, 
hi9hli9htir,9 the key facts that 
yov r,eed to kr,oW ar,d vr,der-
5ta,..di a,..d key fkillf that yov 
learr,t ir, tJ..e 5ectior,. - ••·' Formvlae have beer, hi9hli9hted 

• so tJ..at yov car, easily f;,.,d them 
""" as yov Work throv9h the book . ... - EXTEND AND CHALLENGE 

When you have completed all the Exam­
style questions for the Section, t ry the 
extension activity. 
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1 Make a I ist of 20 items you have 
used today. Separate them into 
two groups: those that are good 
conductors of electricity and those 
that are poor conductors. Can 
you suggest why some materials 
conduct electricity and others do 
not? 

2 Find out what a shorthand typist 
used to do. Suggest what use 
'shorthand' might be in chemistry. 

3 There are two methods for making 
a chemical fertiliser. One method 
turns 60% of the raw materials 
into the fertiliser. The other 
method converts gQOfo of the raw 
materials into the fertiliser, but 
uses four times as much energy. 
Suggest the· economic and 
environmental advantages of each 
process. 

Everything around us, everything we use, and even our bodies, 
depend on taking raw materials like this iron ore and transforming it 
into useful substances. The cars we ride in depend on the chemical 
processes that turn the iron ore into steel. 

Why are some substances solids, others liquids and some gases? 

What are the rules governing chemical reactions? How can we predict 
what will happen in different reactions? How can we describe to other 
people easily in a universal language what is happening when two 
substances react together? 

To understand all of these we need to know the science of substances -
the principles of chemistry. 

By the end of this section you should: 
• be familiar with the states of matter 
• know how to obtain pure substances 
• be able to describe the structure of an atom using information from 

the Periodic Table of elements 
• be able to describe the electronic configuration of the first 

20 elements of the Periodic Table 
• be able to calculate the relative formula mass of a compound. 



Section 1 Principles of chemistry 1 

If possible, get some sugar and 

stir it into a cup of warm water 

(Figure 1.2). Watch the sugar 

disappear as you stir the water. 

Sugar dissolving is practical 

evidence for particles. 

Evidence for particles 
How does the liquid get through the filter paper when filter coffee is 
made? The coffee grains don't get through the paper. Why is this? 

When sugar is added to hot tea or coffee, it dissolves quickly. The 
s ugar seems to disappear. What happens to the sugar when it 
dissolves? Where does the sugar go? 

Figure 1.1 Everyday evidence for particles. 

• Dissolving is evidence 
Look at the photos and cry co answer the questions above. In order co answer 
these questions, you will need to use the idea that: 

All materials are made up of particles. 

We can explain how the sugar dissolves and disappears using the idea of 
particles. Both sugar and water are made up of very small particles. These 
particles are much coo small to see, even under a microscope. \Vhen sugar 
dissolves, tiny particles break off each solid granule. These tiny invisible 
sugar particles mix with the water particles in the liquid. The .solution tastes 
sweet even though you cannot see the sugar. 

water particles magnified 
millions of times 

sugar added to water 

sugar 
dissolves 
on stirring 

sugar particles mixed 
with water particles 

sugar dissolved in water 

Figure 1.2 Explaining what happens when sugar dissolves in water. 



1.1 Evidence for particles 

• How large are the [Particles of substances? 
Anyone who cooks knows that a small amount of pepper, ginger or curry 
powder will give food a really strong caste. Too much spice can spoil 
the whole meal. This suggests chat tiny particles in the spice can spread 
throughout the whole meal. 

Figure 1.3 shows an experiment that will help to give you some idea about 
the size of particles. 

Dissolve 1 g of dark purple potassium manga.nate(VII) crystals. in 1000 cm3 

of water. 
2 Take 100 cm3 of this solution and dilute it to 1000 cm3 with water. 
3 Now cake 100 cm3 of the once-diluted solution and dilme this co 1000 cm3 

with more water. 
4 Carry out further dilutions until you gee a solution in which you can only 

just see the pink colour. It is possible to make six dilutions before the pink 
colour is so faint that it is only just noticeable. 

When potassium manganate(VII) dissolves, its particles spread throughout 
the water making a dark purple solution. When this solution is diluted, the 
particles spread further apart. 

This experiment shows that the tiny particles in only 1 g of potassium 
mangana.te(VII) can colour 1 OOO OOO OOO ( one thousand million) cm3 

of water. This suggests that there must be millions and millions of tiny 
particles in only 1 g of potassium manganate(VII). 

Similar experiments show that the particles in all substances a.re extremely 
small For example, there are more air particles in a tea cup than grains of 
sand on a large beach. 

add to 

1 g potassium 
manganate(VII) 

~ 
1000 cm• 

water 

remove 
100 crrr once-diluted 

solution 

Figure 1.3 Estimating the size of particles in potassium manganate(VI I). If you try this 
experiment w ear eye protection. 
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STUDY QUESTIONS 

1 Krisnan and Christine were talking about dissolving 
sugar in tea. Krisnan thought that the sugar would 
weigh less when it had dissolved because it would be 

floating in the tea. 
a) What -do you think happens to the mass of a 

substance when it dissolves? 
b) Plan an experiment to test your suggestions in 

part a). 

c) If possible, carry out your suggested experiment 
Explain your resu Its. 

2 Get into groups of two orthree. Use the idea of 

partic les to discuss and explain what happens when: 
a) water in a kettle boi Is to produce steam 
b) you add water to a clay flower pot and the outside 

of the pot becomes wet 

c) puddles disappear on a fine day 
d) tightly tied balloons go down after some time. 

3 Look back at Figure 1.3 and the experiment involved. 

Suppose that 1 g of potassium manganate(VI I) has 
a volume of 1 cm9 and that there is one particle of 

potassium manganate(VII) in every drop of the final 

1 000000 OOO cm3 of faint pink solution. 
a) Estimate the number of drops in 1 cm3 of the 

faint pink solution. 
b) How many particles of potassium manganate(VII) 

are there in 1 OOO OOO OOO cm3 of Vhe faint pink 

solut ion? 
c) Calculate the volume of one particle of potassium 

manganate(VI I) in the crystal. 



1.2 Particles in motion 

u o~ Particles in motion 

Figure 2.2 Why is it possible to smell the 
perfume that someone is wearing from 
several metres away? 

Fish and chips have a delicious smell. How does the smell get from 
the fish and chips to your nose? 

Figure 2.1 Fish and chips. 

• Diffusion 
The way that smells travel from their source suggests that particles, whether 
from fish and chips or from perfume, move through the air. This movement 
of particles is called diffusion. 

Gases consist of tiny particles moving at high speeds. The particles collide 
with each other and with the walls of t heir container. Sooner or later, gases 
like those from the fish and chips will diffuse into all the space they can 
find. 

Diffusion also occurs in liquids, buc it takes place much more slowly than in 
gases (Figure 2.3). This means that liquid particles move around more slowly 
than gas particles. Diffusion does not happen in solids. 

two drops of 
blackcurrant juice 

water 
1 day later 

e:'.E ====:> 

Figure 2.3 Demonstrating diffusion in a liquid. 

( "", 
' 

_,. 
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Figure 2.4 Particles in a solid. 

You can investigate diffusion in liquids using blackcurrant juice. 

1 Add 2 drops of blackcurrant juice very carefully to a glass of water. The 
juice colours a small pare ofche water purple. 

2 Leave the glass in a safe place where it cannot be disturbed. The purple 
juice moves away from the cop of the water. 

3 Check the glass again after 1 day. All the water is now a pale lilac colour. 
Particles in the purple juice have moved about and mixed with the water 
particles. 

Diffusion is very important in living things. le explains how the food you 
eat gets inco your bloodstream, where it is carried by your blood co different 
parts of your body. After a meal, food passes into your stomach. Here, large 
particles are broken down into smaller particles. These smaller particles can 
diffuse through the walls of the intestines into the bloodstream. 

Particle motion and temperature 
As the temperature rises, particles have more energy and they move about 
faster. This means chat gases and liquids diffuse faster when rhe temperature 
rises. 

• The kinetic theory of matter 
The idea that all substances contain incredibly small moving particles is 
called th e kinetic theory of matter. The word 'kinetic' comes from a Greek 
word meaning moving. 

The main points of the kinetic theory are: 

• All matter is ma.de up of tiny, invisible, moving particles. These particles 
are atoms, molecules and ions. 

• Particles of different substances have different sizes. Particles of elements, 
like iron, copper and sulfur, are very small. Particles of compounds, like 
petrol and sugar, are larger, but still very small. 

• Small particles move faster than larger particles at the same temperature. 
• As the cemperamre rises, the particles have more energy and move around 

faster. 
• In a solid, the particles are very close and arranged in a regular parcem. 

They can only vibrate about fixed positions (Figure 2.4). 
• In a liquid, the particles are not in a regular arrangement. They have more 

energy and they can slide past each other (Figure 2.5). 
• In a gas, the particles are far apart. They move very fast and randomly in 

all the space they can find (Figure 2.6). 

' / 

Figure 2.5 Particles in a liquid. Figure 2.6 Particles in a gas. 
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SOLID _______ ~ LIQUID 

melting 

Figure 2.7 Changes of state. 

STUDY QUESTIONS 

1.2 Particles in motion 

• Changes of state 
The kinetic theory can be used to explain how a substance changes from one 
state to another. A summary of the different changes of state is shown in 
Figur e 2.7. These changes are usually caused by hearing or cooling. 

Melting and freezing 
When a solid is heated, its particles gain energy. The particles vibrate faster and 
faster until eventually they break away from their fixed positions. The particles 
begin co move around each other and the solid has melced to form a liquid. 

The temperature at which the s.olid melts is called the melting point. 

The temperature at which a solid melts tells us how strongly its particles 
are h eld together. Substances with. high melting points have strong forces 
of attraction between their particles. Substances with low melting points 
have weak forces of attraction between their particles. Metals and alloys, like 
iron :and steel, have high melting points. This suggests that there are strong 
forces of attraction between their particles. This is why metals c:an be used as 
girders and supports. 

Evaporating and boiling 
The particles in a liquid can move around each other. Some particles nea.r 
the surface of the liquid may have enough energy co escape from the liquid 
into the air. When this happens, the liquid waporaces to form a gas. 

If the liquid is heated, its particles move faster. This gives more of them 
sufficient energy to escape from the surface. So, evaporation increases as the 
temperature of the liquid rises. 

On further heating, the liquid particles are moving so rapidly that bubbles 
of gas form inside the liquid. 

The temperature at which evaporation occurs in the bulk ofd1e liquid is 
the boiling point. 

Boiling points tell us how strongly the particles are held together in liquids. 
Volatile liquids, like petrol, evaporate easily and boil at low temperatures. 
They have weak forces of attraction between their particles. 

1 What do you understand by the following terms: 

diffusion, kinetic theory, states of matter, melting 
point, boiling point? 

can smell hot sizzling onion several metres away, but 
you have to be near cold onion to smell it; (iii) liquids 
have a fixed size but not a fixed shape; (iv) solid 

blocks of air freshener disappear w ithout leaving any 
solid; (v) you can smell some cheeses even when 

they are wrapped in clingfilm. 

2 What happens to the particles of a liquid: (i) as it 
cools down, (ii) as it freezes? 

3 Use the kinetic theory to explain why: (i) gases exert 
a pressure on the walls o f their container; (ii) you 
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~ o~ Atoms and molecules 

Figure 3.1 This photo of a gold crystal 
was taken through an electron microscope. 
What do you think the yellow blobs are? 

Figure 3.2 John Dalton, who called the 
smallest particle of an element an 'atom'. 
He was born in 1 766 in the village of 
Eaglesfie ld in Cumbria. His father was a 
weaver. For most of his I ife, Dalton taught 
at the Presbyterian College in Manchester. 

In ancient times the Greeks thought that everything was made from 
just four substances: earth, fire, wind and water. The Greeks called 
these the four 'elements'. 

Chemists now know that none of these are elements - two are 
mixtures, one a compound and fire is a chemical reaction taking 
place. We now recognise 118 different elements, the simplest types 
of substances that all other substances are made from. They are all 
listed in the Periodic Table. The smallest particle of an element is an 
atom. 

• What is an atom? 
An atom is the smallest particle of an element. The word 'atom' comes from 
a Greek word meaning 'indivisible' or ' unsplittable'. At one time, scientists 
thought chat atoms could not be split. We now know that ato ms can be 
split. But, if an atom of one element is split, it becomes a different element. 

Elem ems contain only one kind of atom. 

Copper contains only copper atoms and carbon contains only carbon atoms. 

So far we have learnt that all substances and all materials are made of 
particles. There are only three different particles in all substances - atoms, 
molecules (see the next page) and ions. Ions are atoms or molecules chat 
are electrically charged. There is more about ions in Chapters 1.8, 1.11, 
1.14 and 1.18. 

Electron microscopes can magnify objects more than a million times. In 
1958, scientists in Russia identified individual atoms for the first time using 
an electron microscope. The atoms they identified were those of barium and 
oxygen. Figure 3.1 shows an electron microscope photo of a gold crystal. The 
magnification is 40 OOO OOO times. Each yellow blob is an individual gold 
atom. 

• Representing atoms with symbols 
The word 'acorn' was first used by John Dalton in 1807 when h e put 
forward his 'Atomic Theory of Matter'. Dalton suggested the name atom 
for the smallest particle of an element and he also suggested a method 
of representing atoms with symbols. Figure 3.3 shows some of Dalton's 
symbols. The modern symbols that we use for different elements are based 
on Dalton's suggestions. 

Table 1 gives a list of the symbols for some of t he common elements. (A 
longer list of symbols appears on page 268). Notice that most elements have 
two letters in their symbol. The first letter is always a capita.I, the second 
lerrer is always small. These symbols come from either the English name 
(0 for oxygen, C for carbon) or from the Latin name (Au for gold- Latin: 
aurum; Cu for copper - Latin: cuprum). 



ELE.l\ll ENTS-
0 Hydr1,)5('R 'J Q S1rontian 
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Figure 3.3 Dalton's symbols for some 
common elemen1s. 

1.3 Atoms and molecules 

Table 1 The modem symbols for some elements 

Element Symbol Element Symbol Element Symbol 

aluminium Al hydrogen H oxygen 0 

argon Ar iodine I phosphorus p 

bromine Br iron Fe potassium K 

calcium Ca krypton Kr silicon Si 

carbon C lead Pb silver Ag 

chlorine Cl magnesium Mg sodium Na 

chromium Cr mercury Hg sulfur s 
copper Cu neon Ne tin Sn 

gold Au nickel Ni uranium u 
heliu1m He nitrogen N zinc Zn 

• Compounds and atoms 

A compound is a substance that contains atoms of two or more elements 
combined together chemically. 

Water contains both hydrogen and oxygen atoms combined together 
chemically, and carbon dioxide comains both carbon and oxygen. 
Compounds always contain atoms from more than one element . 

Mixtures are different from compounds as the different substances are not 
combined together chemically. 

• What is a molecule? 

A m olecule is the smallest particle that can have a separate, independent 
existence. 

When atoms of the same element join together the result is a molecule of 
an element. When a.toms of different elements join together the result is a 
molecule of a compound. 

For example, a molecule of water contains two a.toms of hydrogen combined 
with one atom of oxygen. A molecule of carbon dioxide contains one atom 
of carbon combined with two a.toms of oxygen (Figure 3.4). 

® 

Figure 3.4 Atoms of hydrogen, oxygen and carbon above molecules of water and carbon 
dioxid'e. 
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symbol O 

an oxygen atom 

formula 0 2 

an oxygen molecule 

Figure 3.6 An atom and a molecule of 
oxygen. 

STUDY QUESTIONS 

Molecular formulae 
The symbols for elements can also be used to represent molecules and 
compounds. So, water is represented as H20 - two hydrogen atoms (H) and 
one oiqgen atom (0). Carbon dioxide is writ ten as C02 - one .carbon atom 
(C) and two oxygen atoms (0). 

'H20' and 'C02' are called molecular formulae or just formulae, for shore. 
Numbers are written after symbols as subscripts if there are two or more 
atoms of the same element in a molecule. 

A molecular formula shows the numbers of atoms of the different 
elements in one molecule of a substance. 

Some other pictures (structures) of molecules and their chemical formulae 

are shown in Figure 3.5. 

NH3 iHCI C2H50H 
ammonia hydrogen chloride ethanol 

Figure 3.5 Pictures (structures) of three molecules and their formulae. 

Some molecules are very simple, such as hydrogen chloride (HCl) and water 
(H2 0). Others are more complex, such as ethanol (C2H50H). Others, such as 
chlorophyll, are very complex (C5 1H720.N..Mg). 

Atoms and molecules of elements 
Almost all elements, for example iron (Fe), alwninium (Al) and copper (Cu), 
can be represented simply by their symbols, because they contain single 
atoms. Bue, this is not the case with °"·'Ygen, hydrogen, nitrogen or chlorine. 

These elements exist as molecules containing two atoms combined together. 

So, oxygen is best represented as 02 and not 0 , hydrogen as H 2 not H, 
nitrogen as N2 and chlorine as Cl2 (Figure 3.6). These molecules of elements 
containing two atoms are described as diatom ic m olecules. 

1 Find out about the life and work of John Dalton. Prepare 
a short talk about Dalton for the rest of your class. 

a) What do we call 'Azote' and 'Platina' today? 
b) Six of the substances in Dalton's lisll a re 

compounds and not e lements. Pick out two 
of these compounds and write the ir correct 
chemical names. 

2 How many a toms of the diffe rent e lements a re 
the re in one molecule of: (i) methane (na tura l gas), 
CH,, (ii) sulfuric acid, H~O,, (iii) sugar, C12H22011, 
(iv) chloroform, CHCl3? 

3 The formula for nitrogen is N2- What does this mean? 
4 Look at Dalton's symbols for the elements in 

Figure 3.3. 

c) Whidh one of Dalton's symbols do you think is 
the most appropria te? Why do you think it is 
appro priate? 



~ ocB Separating materials 

Figure 4.1 To find the value, the money 
must be counted. 

Figure 4.2 Filtering coffee. The filter bag 
is made of filter paper. It has tiny holes that 
let the liquid through, but are too small for 
the solid coffee grains to pass through. 

• RESERVOIR 

How much money has been saved in the jar? It is hard to count the 
money when it is all mixed up together. You need to separate the 
mixture. If you did this by hand you would put coins of the same value 
in piles of ten and count them up. Suggest how the coin-counting 
machine separates the different coins. 

Most naturally occurring materials are mixtures. Very often these 
mixtures have to be separated before we can use the materials in 
them. The methods that we choose to separate mixtures depend on 
the different properties of the substances in them. 

• Separating an insoluble solid 
from a liquid 

Filtration 
Usually, it's easy to separate an insoluble solid from a liquid by filtering. 
This method is used to make filter coffee by separating the r esidue ( coffee 
grains) from the filtrate (filter coffee). Notice how the equipment used to 
make filter coffee in Figure 4.2 is similar to that which you would use for 
filtration in the lab. 

Clean water for our homes 
Filtration plays an important pare in obtaining clean water for our homes. 
Figure 4.3 shows the main stages in the purification of our water supplies. 

1 The water is first stored in a reservoir where most of the solid particles 
can settle out. 

2 As the water is needed, it is filtered through clean sand and gravel which 
trap smaller part icles of mud and suspended solids (Figure 4.4). 

3 After filtering, the water is created with small amounts of chlorine to kill 
harmful bacteria in the water. 

4 The purified water is finally pumped to storage tanks and water towers 
from which it flows to our homes. 

Filtration is also used to separate beer from its sediment (yeast) before 
bottling. The beer is filtered by forcing it through filter cloths co catch tl1e 
sediment. 

• FILTRATION water to water from river, lake 
or underground well 

to store water and 
allow solids to settle 

• CHLORINATION 
to kill bacteria 

• STORAGE 
in tank or 
water tower 

homes, schools , 
factories, etc . ~ > 

Figure 4.3 stages in the purification of our water supplies. 
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water 
from 
reservoir 

concrete 
r--- --"+--walls and 

floor 

,:_..~.,-,,_-tine sand 
i,.;......-,"""""''.1--coarse sand 
..;....;;.;.'"<'1._coarse gravel 

clean water outlet 

pebbles 
porous or 
perforated 
bricks 

Figure 4.4 Water for our homes, schools 
and workplaces is filtered through layers of 
sand and grave I, which trap small particles. 

Figure 4.5 Crystallisation is used to obtain 
large quantities of sea salt from seawater 
in hot countries. 

Centrifuging 
Sometimes, solid particles in a liquid are so small that they can pass 
through a filter paper, so filtration is useless. The tiny solid particles float 
in the liquid as a suspension. In this case, the solid can be separated by 
centrifuging. The mixture is poured inco a cube and spun round very 
rapidly in a centrifuge. This forces the denser solid particles to the bottom 
of the cube and the liquid can be poured off easily. Centrifuging is used in 
hospitals co separate denser blood cells from blood plasma (liquid). It is also 
used in dairies co separate milk from cream. 

• Separating a soluble solid from a solution 
Tap water is clean but not pure. It contains dissolved gases including oxygen 
from the air and dissolved solids from the soil and river beds over which it 
flowed. Tap water is a solution. Seawater (brine) is another example of a 
sofotion. It contains salt and many other substances dissolved in water. You 
can't see the salt in clear seawater, but it must be t11ere because you can caste 
it. The s.alt has been broken up i:nco tiny particles which are too small to be 
seen even with a microscope. These particles are so small that they can pass 
through the holes in filter paper during filtration. 

The mixture of dissolved salt and water forms a solution. 
The substance that dissolves is called the solute. 
The liquid in which the solute dissolves is the solvent. 

Solids, such as s.alt and sugar, which dissolve are described as solnble. 
Solids, such as s.a:nd, which do not dissolve are insoluble. 
The easiest way to obtain a soluble solid from its solution (such as the salt in 
seawater) is by allowing the solvent, which is water in this case, co evaporate. 

Extracting salt from seawater 
When seawater is left in a bowl, white salt is left behind as the water 
evaporates. Next time you are at the seaside, look for white rings of salt 
around the edges of rock pools. 

This process during which a liquid turns to a vapour is called evaporation. 

If the solvent evaporates slowly from a solution, the solute is often left 
behind as large, well-shaped crystals. 

This process of obtaining crystals by evaporating the solvent from a 
solurion is called crystallisation. 

Usually, evaporation is carried out more rapidly by boiling the solurion. In 
this case, the solute is left behind as small, poorly shaped crystals. 

In some hot countries, salt is obtained from seawater on a large scale by 
crystallisation. The sea is allowed to flood flat areas in shallow ponds called 
salt pans. As the water evaporates, sea salt is left behind as white crystals. 



It is very important to be able to 

separate a pure substance from a 

mixture. Make sure you know these 

techniques and can use them. 

• Separating a solvent from a solution 
Sometimes, the part of a solution t hat you want is the liquid solvent and 
not the solute. In this case, distilla tion can be used to collect the solvent. 
Distillation can be used to separate pure water from seawater (Figure 4.6). 
When the seawater is boiled, water evaporates off as steam. The steam then 
passes inco a water-cooled sloping rube called a conden ser . Here the steam 
cums back to water. This pure water is called the distillate. 

The process during which vapour changes to liquid is called condensation. 

Notice from the process of distillarcion in Figure 4.6 t hat : 

distillation = eva.poration + condensation 

Distillation is an important process in: 

• obtaining pure drinking water from seawater in pares of the Middle Ease 
where fuel is cheap 

• making 'spirits' such as whisky, gin and vodka from diluted alcoholic 
solutions. 

distillation 
flask 

seawater 

tt 
heat 

thermometer 

cooling 
water out 

adapter 

coJin~~ i I II k water ,n con ea as 

distillate 

Figure 4.6 Separating pure water from seawater by distillation. 

• Separating liquids which mix completely 
If alcohol is added to water, the two liquids mix completely to form a single 
layer. Liquids like these which mix completely are described as miscible. 
Miscible liquids can be separated by a special form of distillation called 
fractional distillation . The method works because the different liquids 
have different boiling points. When the mixture is heated, different liquids 
boil off at different temperatures as each one reaches its boiling point. The 
liquid with the lowest boiling point is collected first, then the one with the 
next lowest boiling point, and so on. 

Fractional distillation is important in separating the different fractions in 
crude oil (Chapter 5.4). 
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Figure 4.7 Whiisky is made by distilling a 
liquid called wo rt in large copper vessels. 
Wort is like weak beer. It is made by 
fermenting barley. 

Figure 4.9 This scientist is using 
chromatography to study new dyes. 

• Separating similar substances 
Chromatography can sometimes be used co separate very similar 
substances. For example, it is used co separate dyes in ink, different sugars in 
urine, and drugs in the blood. 

Figure 4.8 shows how dyes in ink can be separated by d1romatography. 
A spot of ink is applied to a piece of chromatography paper. This is then 
placed in a solvent. As the solvent moves up the paper, the dyes in the ink 
spot separate. Some dyes stick to the paper strongly, while other dyes tend co 
dissolve in the solvent. The dyes that dissolve more readily in the solvent u-ill 
travel further up the paper. 

chromatography 
paper 

pencil 
line 

small 
spot of 
green 

ink 

Hang paper 

in solvent+ 
and allow I solvent to 
soak up 
the paper 

solvent front 

start lin.e for 
spots above 
solvent level 
in beaker 

small spot 
of red ink solvent (water or large beaker 

other liquids) 

Figure 4.8 Separating the dyes in inks by chromatography. How many dyes are there in 
(i)tthe green ink, (ii) the red ink? 

This method was initially used co separate mixtures of coloured substances. 
It was called chromatography from the Greek word 'khroma' meaning 
colour. 

Chromatography is also used co separate colourless substances. After the 
solvent has soaked up the paper, it is dried and then sprayed with a locating 
agent. The locating agent reacts with each of the colourless substances co 
form a coloured product that can be seen. 

Rr values and chromatograms 
Figure 4.10 shows two chromatograms. They were made at different times, 
but the results need co be interpreted together. You cannot just compare the 
dots. Scientists discovered that if you use the same solvenc and the same type 
of paper, then the relative distance moved by the chemical when compared 
to the solvent front (the distance moved up the paper by the solvent) is 
always the same. They called this theR1 value. You can calculate it using this 
equation: 

distance moved by chemical 
Rt distance moved by solvent front 

The R1 value is always less than 1. 
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Figure 4.10 Comparing two eh romatog rams. X has an R1 value of 4.8/8.0 = 0.6 and 
C has an R1 value of 1.8/3.0 = 0.6. So X is the same substance as C. 

STUDY QUESTIONS 

1 What are the main stages in the purificatio n of water 
for our homes? 

2 Your younger brother and sister are playing at cooking. 
They decide to mix sugar with sand. Fortunately, you 

have a good chemistry sel Describe how you would 
separate dry sand and sugar crystals from their mixture. 

3 You are given a yoghurt pot some pebbles and some 
sand. 
a) Design a small-scale filtration plant w hiich you 

could use to clean muddy river water. Draw a 
diagram of your design. 

b) How could you check how well your model works? 

4 How would you obtain dry. well-shaped crystals from 

a solution of salt water? 

5 How would you prepare a jug of filter coffee? In 
your answer, use the words: solution, solvent solute, 
dissolve, soluble, insoluble, filtrate. 

6 Whisky is obtained by distilling a solution made 
from fermented grains such as barley. The solution 
contains ethanol (bo iling point 78 °C) and water 

(boiling point 100°c). 
a) Which liquid boils at the lower tempera ture: 

ethanol or water? 
b) Which of these liquids evaorates more easily? 
c) If beer is distilled, w ill the distillate contain a 

larger or smaller percentage of ethanol? 
d) Why is w hisky more alcoholic than beer? 
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~ o® The structure of atoms 

Figure 5.1 In the 19th century atoms 
were thought to be like billiard balls. 

During the 19th century atoms were thought to be solid particles that 
were all identical. At the end of the 19th century (1896), a scientist 
called J.J. Thomson found evidence of a smaller particle. He called 
it an electron. The electron was found to be negatively charged, and 
could be produced out of neutral atoms. This caused some problems 
with the idea of atoms as the smallest particle. These were overcome 
by suggesting the existence of a small positively charged particle as 
part of the atom. 

• Discovering atomic structure 
In 1909 two scientists, Hans Geiger and Ernest Marsden, discovered chat 
radioactive particles called alpha particles fired at chin sheets of gold 
foil could travel straigh t through but were sometimes deflected. These 
results were explained in 1911 by Ernest Rutherford, who suggested that 
an atom had a small central po sitive nucleus chat was very heavy, and 
a cloud of negative electrons round it. Most of the acorn was an empty 
space! 

Th e model was very successful in explaining atomic structure but there 
was still one problem, the mass of an atom. Only for hydrogen did the 
nllmber of protons in the nucleus add up to the mass ofche atom. This 
problem was solved in 1932 when James Chadwick discovered a neutral 
particle, the neutron, with the same mass as a proton that was also in the 
nucleus. 

Mose hydrogen atoms have one proton, no neutrons and one electron. 
Since the mass of the electron is almost zero compared to the mass of t he 
proton and neutron, a hydrogen atom has a 'relative mass' of one nnit ( one 
proton mass). Mose helium atoms have two protons, two neutrons and two 
electrons. The two protons and two neutrons give a helium acorn a relative 
mass offom units. 

Figure 5.2 James Chadwick discovered neutrons in 1932 when he was working 
with Rutherford in Cam bridge. In 1 935, he won a Nobel Prize for this achievement. 



Figure 5.3 If the nucleus of an atom was 
enlarged to the size of a pea and put on 
top of a pyramid, the electrons furthest 
away would be on the sand below. 

1.5 The structure of atoms 

Table 1 The relative masses of hydrogen and helium 

Hydrogen atom Helium atom 

number of protons 1 2 

number of neutrons 0 2 

relative mass 1 4 

• Protons, neutrons and electrons 
Scientists now know that: 

• all atoms are made up from three basic particles - protons, neucrons and 
electrons 

• the nuclei of atoms contain protons and neutrons 
• the mass of a proton is almost the same as that of a neutron 
• protons have a positive charge, but neutrons have no charge 
• electrons move in the space around the nucleus, in 'shells' 
• the mass of an electron is negligible compared to that of a proton 
• electrons have a negative charge 
• the negative charge on an electron is equal in size, but opposite in sign, to 

the positive charge on a proton 
• in any atom, the number of elec trons is equal to the number of protons 
• all atoms of a particular element have the same number of protons 
• atoms of different elements have different numbers of protons. 

The positions, relative masses and relative charges of protons, neutrons and 
electrons are summarised in Table 2. 

Table 2 Properties of the three sub-atomic particles 

Mass (relative to Charge (relative lo that 
Particle Position a proton) on a proton) 

proton nucleus 1 +1 

rneutron nucleus 1 0 

electron shells 1 / 1840 -1 

Explaining elements 
Different atoms have different numbers of protons, neutrons and electrons. 
The hydrogen atom is the simplest of all atoms. le has one proton in the 
nucleus, no neutrons and one electron (Figure 5.4). The next simplest atom 
is that ofheliwn, with two protons, two neutrons and two electrons. The 
next, lithium, has three protons, four neutrons and three electrons. Heavier 
atoms can have large numbers of protons, neutrons and electrons. For 
example, atoms of uranium have 92 protons, 92 electrons and 143 neutrons. 

Notice that hydrogen, the first element in the Periodic Table, has one proton. 
Helium, the second element in the Periodic Table, has two protons. Lithium, 
the third element in the Periodic Table has three protons and so on. So, the 
position of an element in the Periodic Table cells us how many protons it 
has. This is shown on all Periodic Tables as the atomic number, or proton 
n mnb er. 
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•:f:MHO• 
: Remember that atoms have equal 
: numbers of protons and electrons, 

so that the positive charges (on 
the protons) balance the negative 
charges (on the electrons). 

the hydrogen atom 
(1p, On, 1e) 

the helium atom 
(2p, 2n, 2e) 

0 0 
0 0 

Figure 5.4 Protons, neutrons and electrons in a hydrogen atom and a helium atom 
(@ = proton, O = neutron, e = electron). 

STUDY QUESTIONS 

1 What are the charges, relative masses and positions 

in an atom of protons, neutrons and electrons? 
2 How many protons, neutrons and electrons are there 

in one: 
a) H atorm 

b) N atom 
c) Li atom 
d) Ar atom? 

(Refer to a Periodic Table. There is one on page 267.) 

3 Oxygen i s the eighth element in the Periodic 
Table. How many protons and electrons are there 

in one: 
a) 0 atom 
b) 0 2 molecule 

c) H20 molecule? 
4 Make a timeline of important dates, scientists, and facts 

in the development of our ideas about atomic structure. 



1.6 Atomic number and mass number 

~ o® Atomic number and 
mass number 

Figure 6.1 Two numbers can describe 
trousers - the waist measurement and the 
length of the legs. 

Atoms are like trousers. There are two numbers that must be used 
to adequately describe each one. For atoms, these numbers are 
the atomic number or proton number and the mass number. Like 
trouser measurements, these numbers refer to different features of 
each atom, in this case the number of protons (and electrons) in the 
atom and how heavy the atom is. The atomic number (or number of 
protons) decides the type of the atom; the mass number how much it 
weighs. 

• Atomic number 
Hydrogen atoms are the only atoms with one proton. Helium atoms are the 
only atoms with cwo protons. Lithium atoms are the only atoms with three 
protons, and so on. It is the number of protons in the nucleus of an atom 
chat decides which element it is. 

Chemists refer to the number of protons in the nucleus of an atom as the 
atomic number. So, hydrogen has atomic number 1, helium has atomic 
number 2, and so on. 

atomic number = number of protons 

Aluminium has 13 protons so it s atomic number is 13. In the Periodic Table 
the elements are arranged in order of atomic number, so aluminium is t he 
thirteenth element in the Periodic Table (there is more about the Periodic 
Table in Chapter 2.2). 

Using the Periodic Table, we can find the atomic number of any element. 
The sixth element in the Periodic Table has atomic number 6, the twentieth 
element has atomic number 20, and so on. 

• Mass number 
Protons do not account for all the mass of an atom. Neutrons in the nucleus 
also contribute co the mass. Therefore, the mass of an atom depends on the 
number of protons plus the number of neutrons. This number is called the 
mass number of the atom. 

mass number = number of protons + number of neut rons 

Hydrogen atoms (with one proton and no neutrons) have a mass number of 
1. Helium atoms (two protons and two neutrons) have a mass number of 4 
and lithium atoms (three protons and four neutrons) have a mass number 
of 7. 
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STUDY QUESTIONS 

• Atomic symbols 
We can write the symbol iLi (Figure 6.2) co show the mass number and the 
atomic number ofa lithium atom. The mass number is written at the top 
and to the left of the symbol. The atomic number is written at the bottom 
and to the left. A sodium atom (11 protons and 12 neutrons) is written 
as~Na. 

mass number 

atomic number 

Figure 6.2 The atomic symbol for lrthiu m. 

• Isotopes 

7 
3 

• 
I 

If the mass number of an element is the sum ofche number of protons and 
the number of neutrons in the nucleus, every relative atomic mass should 
be a whole number. Looking at the Periodic Table, this is not true. Some 
elements have relative atomic masses chat are nowhere near whole numbers. 
For example, the relative atomic mass of chlorine is 35.S and that of copper 
is 63.5. At one time, chemists could not understand why the relative atomic 
masses of these elements were not close to whole numbers. In 1919, 
F.W. Aston discovered the answer to this problem when he built the first 
m ass sp ectrometer. 

Using his mass spectrometer, Aston could compare the masses of acorns. 
He discovered that some elements had atoms with different masses. 
When atoms of these elements were ionised and passed through the mass 
spectrometer, the beam of ions separated into two or more paths. This 
suggested that one element could have acorns with different masses. 

Atoms of t he same element wid1 different masses are called isotopes. 

Isotopes have the same number of protons, but different numbers of 
neutrons. Each isotope has a relative mass close to a whole n umber, but 
the average atomic mass for the mixture ofisotopes is not always close to a 
whole number. This is called the relative atomic m ass. 

1 Explain the following terms: (i) atomic number, 
(ii) mass number, (iii) isotope. 

3 a) What do 16, 8 and O mean w ith reference to the 

symbol, ·~o? 
2 a) What is the atomic number of fluorine? (Refer to a 

Periodic Table - see page 267.) 
b) How many protons, neutrons and electrons are 

there in one fluorine atom of mass number 19? 

b) How many protons, neutrons and electrons are 

there in one r,Na atom? 
4 Why do some elements have relative atomic masses 

which are not close to whole numbers?' 



~ otl Isotopes 
The isotopes of some elements are radioactive. Some of them are 
relatively harmless if used with care and are used in medical imaging 
as in the photo of a pulmonary scan. They help doctors decide if 
a patient has a disease such as cancer, where the tumour is, and 
the possible treatment options. Some isotopes are also used in the 
treatment and cure of cancers and other illnesses. 

Figure 7.1 Some isotopes are radioactive. Th is can make them very useful. This patient 
has a bone cancer, identified by the scan of the lungs. 

• What is an isotope? 
Isotopes are atoms of the same element with different masses. All the 
isotopes of one element have the same number of protons. Therefore, 
they have the same atomic number. As isotopes have the same number of 
protons, t hey must also have the same number of electrons. This gives them 
the same chemical properties because chemical properties depend upon t he 
number of electrons in an acorn. 

Isotopes do, however, contain different numbers of neut rons. Th is means 
that: 

Isotopes have the same atomic nnmber but different m ass umnbers. 

Isotopes of neon 
Neon has two isotopes (Figure 7.2). Each isotope has 10 protons and 10 
electrons and therefore an atomic number of 10. But one of these isotopes 
has 10 neutrons and the other has 12 neutrons. Their mass numbers are 
therefore 20 and 22. They are sometimes called neon-20 and neon-22. 
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neon-20 neon-22 

20N 22N 
10 e 10 e 

number of protons 10 10 

number of electrons 10 10 

atomic number 10 10 

number of neutrons 10 12 

m ass number 20 22 

Figure 7.2 The two isotopes of neon. 

These two isotopes of neon have the same chemical properties because 
they have the same number of electrons. But they have different physical 
properties because they have different masses. Samples offoNe and ~e have 
different densities, difforent melting points and different boiling points. 

Similarities and differences 
We have mentioned the similarities and difference between the isotopes of 
neon. All isotopes have the follo·wing similarities and differences: 

Isotopes have the sam e: Isotopes have dlifferen t: 

• number of protons • number of neutrons 

• number of electrons • mass number 

• atomic number • physical properties. 

• chemical properties. 

• Relative atomic mass 
Most elements contain a mixmre of isotopes. This explains why the relative 
atomic masses of some elements are not whole numbers. 

The relative atomic mass of an element is the average mass of one atom, 
(taking account of its isotopes and their relative proportions), relative to 
1 

12 
of the mass of an atom of carbon-12. 

Look at the mass spectrometer trace for chlorine in Figure 7.3. This shows 
that chlorine consists of two isotopes with mass numbers of 35 and 37. 
These isotopes can be written as t~I and nc:1. 
If chlorine contained 100% f:,CI, its relative atomic mass would be 35. If it 
contained 100% t?Cl, its relative atomic mass would be 37. A 50:50 mixture 
off:,Cl and t~l would have a relative atomic mass of36 (see Table 1). 



STUDY QUESTIONS 

Table 1 The relative atomic mass of chi orine for different mixtures of its isotopes 

~ ntage of ?tcl rno 75 50 25 0 

Percentage of l?CI 0 25 50 75 100 
>-
Relative atomic mass 35 35.5 36 36.5 37 

___________________ ~ Cl ___________________________ _ 

., 
------------------- - ----------------------------· 

33 38 39 

Figure 7.3 A mass spectrometer trace for chlorine. 

Figure 7.3 shows that naturally occurring chlorine contains three times as 
much f~Cl as f?Cl, i.e. 75% to 25%. This gives a relative atomic mass of35.5, 
as shown in Table 1. 

The relative atomic mass can be calculated as: 

75% chlorine-35 + 25% chlorine-37 

_ 75 25 
- 100 X 35 + 100 X 37 

= 26.25 + 9.25 
= 35.5 

1 There are three isotopes of hydrogen with mass 
numbers of 1, 2 and 3. (Naturally occurring hydrogen 

is almost 100% lH.) How many protons, neutrons 
and electrons do each of the three isotopes have? 

c) Neon in the air contains 90% on8Ne and 100/o o f 
~Ne. What is the relative atomic mass of neon in 
the air? 

3 Discuss the following questions with two or three 

others. 2 Neon has two isotopes, with mass numbers of 20 

and 22. 
a) How do you think the boiling point of a sample of 

~ Ne w ill compare with a sample of ~&Ne? 

Explain your answer. 
b ) Suppose a sample of neon contains equal 

numbers of the two isotopes. What is the relative 

atomic mass of neon in this sample? 

a) Why do isotopes have the same chemical 
properties, but different physical properties? 

b) Why do samples of natural uranium from different 

parts of the world have slightly different relative 
atomic masses? 

c) Why ca111 chlorine form molecules of Cl2 w ith three 

different relative molecular masses? 
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~ offi The arrangement 
of electrons 

Figure 8.2 Filling shells with electrons is 
I ike filling shelves in a shop. The lowest 
shells (shelves) are fi lied first Each shell 
(shelf) only holds a I imited number of 
electrons (items). 

Early ideas about the arrangement of electrons in the atom suggested 
they orbited the nucleus like planets orbiting the Sun. These ideas 
were quickly discovered to be too simple. The Danish scientist Niels 
Bohr suggested that orbiting electrons were grouped together in 
layers or shells. Each shell could only hold a limited number of 
electrons. The arrangement of electrons in the shells of the atom is 
called the electronic configuration. 

Figure 8.1 Are atoms really like mini solar systems? 

• Filling the shells 
Th e first shell is nearest the nucleus. The electrons in it are strongly 
attracted co the nucleus. It can hold only two electrons. When the first shell 
con tains two electrons, it is full and the electrons in it are stable (Figure 8.3). 

nucleus containing 
protons 

second shell (layer) which 
can hold 8 electrons 

Figure 8.3 A model for the arrangement of electrons in the first and second shells. 



the noble gases 

helium 

He 
2 

neon 

Ne 
2, 8 
argon 

Ar 
2, 8,8 

Figure 8.4 Electronic configurations of 
the first three nob le gases. 

1.8 The arrangement of electrons 

As the atomic number increases, when the first shell is full, the second 
shell stares to fill. This shell is further from the nucleus and the electrons 
in it have more energy. The second shell can hold a maximum of eight 
electrons. 

For larger atoms again, once the second shell is full, the third shell starts 
filling. This shell is further from the nucleus again. 

• Electronic configuration and the 
noble gases 

Ideas about electrons in shells have helped us co understand why the 
noble gases are so unreaccive. The first shell is full when it contains two 
electrons. This corresponds exactly with helium. Heliwn has two electrons. 
They both go into the first shell, which is then full. 

The second shell is full when it contains eight electrons. So the next element 
to be very unreactive like helium will have two electrons filling the first shell 
and then eight electrons filling the second shell. This corresponds to neon, 
the tenth element in the Periodic Table with ten electrons. Because neon has 
two electrons in the first shell and eight electrons in the second .shell, we say 
its el ectronic configuration is 2, 8 (Figure 8.4). 

Argon, the 18th element in the Periodic Table has 18 electrons in total. The 
electronic configuration of argon is written as 2,8,8 (Figure 8.4). 

• Electronic configLJ1rations of 
other elements 

Figure 8.5 shows the first 20 elements, in Periodic Table order. The atomic 
number of each element is written below its symbol, and the electronic 
configuration is shown below that. When the first shell is full at helium, 
further electrons go into the second shell. So the electronic configuration of 
lithium is 2, l ; beryllium is 2,2; boron is 2, 3; etc. When the second shell is 
full at neon, electrons start to fill rhe third shell, and so on. 

Electronic configuration helps us to explain why elements in the same group 
(coltimns in the Periodic Table) have similar properties. 

Group 1: the alkali metals 
Look at Figure 8.6. Notice that atoms of the alkali metals lithium, sodium 
and potassium have one electron in the outer shell. Alkali metals can lose 
this outer electron very easily to form ions with one positive charge 
(Li+, Na+, K+). 

Alkali metals have similar properties co one another because they have 
similar electronic configurations to one another. 

• They are very reactive because they lose their single outer electron so easily. 
• They form ions with a charge of 1+, so the formulae of their compounds 

are similar. 
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the alkali metals 

lithium 

Li 
2, 1 
sodium 

Na 
2, 8, 1 
potassium 

K 
2, 8, 8, 1 

Figure 8.6 Electronic configurations of 
the first three alkali metals. 

the halogens 

fluorine 

F 
2, 7 

chlorine 

Cl 
2,8, 7 

Figure 8.7 Electronic configurations of 
two halogens. 

Period 1 H He 
atomic no. 1 2 

electronic • • • 
configuration 1 2 

Period 2 Li Be B C N 0 F Ne 
atomic no. 3 4 5 6 7 8 9 10 

• • • • • • • • • • • • • • • • • • • • • 
electronic • • • •• •• •• •• •• • • •• •• •• •• • • •• •• • • 

configuration 2, 1 2, 2 2, 3 2,4 2, 5 2, 6 2, 7 2, 8 

Period 3 Na Mg Al Si p s Cl Ar 
atomic no. 11 12 13 14 15 16 17 18 

• • • • • • • •• • • • • • • •• • • • • • • • • • •• • • • • • • •• • • •• • • • • • •• •• • • •• • • • • •• •• •• • • •• • • 
electronic •• ••• ••• ••• ••• • •• ••• ••• ••• ••• ••• ••• ••• • •• • •• ••• 

configuration 2. 0. 1 2, 8,2 2 , 8, 3 2, 0. 4 2, 8, 5 2, 8, 6 2,8, 7 2, 8,8 

Period 4 K Ca 
.atomic no. 19 20 

•• •• •• •• •• • • •• • • •• • • •• • • 
electronic ••• •••• •••• •••• 

configuration 2, 8, 8, 1 2, 8, 8, 2 

Figure 8.5 The electronic configurations of the first 20 elements in the Periodic Table. 

As the atomic number of the alkali metals increases, the outer electron is 
further from the positive nucleus. This means chat the electron is held less 
strongly by protons in the nucleus. So, the electron is lose more readily and 
this explains why the alkali metals become more reactive as their atomic 
number increases. 

Group 7: the halogens 
AU halogen atoms, such as fluorine and chlorine, have seven electrons in 
their outer shell (Figure 8.7). By gaining one electron, they form negative 
ions (F-, c1-). 

Halogens have similar properties to one another because they have the same 
number of electrons in their outer shell. 

• They are reactive because they easily gain one electron. 
• They form ions with a charge of 1-, so the formulae of their compounds 

are similar. 

As the atomic number of the halogens increases, the outer shell is further 
from the nucleus. This means that an electron is attracted less readily 
into the outer shell. So, halogens get less reactive as their atomic number 
increases. 

Elements in the same group of the Periodic Table have similar properties 
because they have the same nwnber of electrons in their outer shell. 



•tOHIII 
: Ions are atoms that have gained 
: or lost one or more electrons. 
: The charge on the ion is 1 +, 2+ 
: or 3+ if the at om has lost 1, 2 or 
: 3 electrons. It is 1-, 2- or 3- if 
: the atom has gained 1, 2 or 3 
: electrons. 

1.8 The arrangement of electrons 

Figure 8.8 Chlorine is the most useful and most common halogen. It is added in very 
small quantities to water in swimming pools to kill bacteria and other micro-organisms. 

Group number and outer electrons 
We have seen that all Group 1 elements all have one electron in the outer 
shell, and all Group 7 elements all have seven electrons in the outer shell. 
This is the case for all main group elements. You can therefore deduce the 
number of outer electrons in a main group element from the group co which 
it belongs. 

So, for example, all the elements in Group 1 have one electron in the outer 
shell; all the elements in Group 2, including magnesium and calcium, 
have two electrons in their outer shell; all elements in Group 3 have three 
electrons in the outer shell, and so on. 

• Atoms, ions and the Periodic Table 
Look at Table 1. This shows the electronic configurations of the acorns and 
ions of elements in Period 3 of the Periodic Table. 

Table 1 Electronic configurations of the atoms and ions of elements in Period 3 

~ p> 1 2 3 4 5 6 7 0 

Elements in Period 3 Na Mg Al Si p s Cl Ar 
>-
Electronic 2,8, 1 2,8,2 2,8,3 2,8, 4 2,8,5 2,8,6 2,8,7 2,8,8 
configuration 

No. of electrons in 1 2 3 4 5 6 7 8 
outer shell 
>-
Common ion Na• - Mg2• Al3 • - - s2- c1- -

Electronic 2,8 2,8 2,8 - - 2,8,8 2,8,8 -
configuration of ion 



Section 1 Principles of chemistry 1 

STUDY QUESTIONS 

• The elements in Groups 1, 2 and 3, for example sodium, magnesium 
and aluminium, have only 1, 2 or 3 electrons in their outer shell. These 
elements at the beginning of the period lose electrons to form positive 
ions (Na+, Mg2+, AP+). Their ions have an electronic configuration the 
same as the previous noble gas. 

• The elements in Groups 6 and 7, for example sulfur and chlorine, have 
outer shells that are nearly full. These elements near the end of the period 
gain electrons to form negative ions (S~, et-). Their ions have an electronic 
configuration the same as the next noble gas, argon. 

• Elements in Groups 4 and S, for example silicon and phosphorus, have 
outer shells which are roughly half full of electrons. These elements in 
the middle of the period do not usually form ions. Instead, they form 
chemical bonds by sharing electrons. We shall study this further in 
Section lB. 

• The acorns of the elements in Group 0, for example argon, do nor easily 
Jose or gain electrons. These elements, at the end of a period, do not 
usually form compounds. 

Figure 8.9 Electric light bulbs are fi lied with argon or krypton. These ine rt gases are so 
unreactive that the metal filament cam be above 1 OOO •c without reactirng with them. 

Now watch the Animation Formation of ionic compounds. 

1 Why are the noble gases so unreactive? 3 Write the electronic configuration for: 

2 a) Write down the electronic configuratio ns of 

magnesium and calc ium. 
b) How m any electrons are there in the outer shell 

of an atom o f an element in Group 2·? 

c) What ,charge w ill ions of Group 2 elem ents have? 

a) Li 
b) Li+ 
c) 0 
d) 0 2- . 



1.9 Measuring atoms 

~ o® Measuring atoms 

an atom 

Atoms are so small it can be really difficult to understand their size. 
It's also difficult to measure them using simple apparatus. There are 
lots of problems to be overcome, such as how do you know when 
you have an atom? There have been some clever ideas about how 
to measure the size of atoms easily; today we use very expensive 
equipment to do this. 

ew York to London = 4500 km 

Figure 9.1 If atoms were magnified to the size of marbles, on the same scale a marble would have a diameter of about 1 500 km - this 
is one-third the distance between New York and London. 

Using a drop ot cooking oil is a 
clever method fo try to estimate 

the size of an atom or molecule. Try 
to think of some sources of error 

in obtaining a thin layer of oil one 

molecule deep on the water. 

• How small are atoms? 
Experiments with thin films of oil on water show chat olive oil particles 
are about 1/ 10 000000 cm thick. Bue olive oil particles are large molecules 
containing more than 50 atoms. Ifwe estimate that one molecule of olive oil 
is about 10 atoms thick, how big is a single atom? 

Eleccron microscope photos and X-ray diffraction st udies suggest that 
atoms are about one hundred millionth (1/100 OOO OOO) ofa centimetre in 
diameter. So, if you put 100 million of them in a straight line, they would 
still only measure one centimetre. It's very difficult to imagine anything 
as small as this, but Figure 9.1 should give you some idea. If atoms were 
magnified to the size of marbles then, on the same scale, marbles would have 
a diameter of 1500 km - one-third of the distance between New York and 
London. 

How small is small? 
Figure 9.2 will also help you co appreciate just how small acorns are. le shows 
a seep-by-seep decrease in size from 1 cm to 1/ 100 OOO OOO cm. Each object 
is 100 times smaller than the one before it. The dice on t he left is about 1 
cm wide. In the next picture, the grain of sand is about 1/ 100 cm across. The 
bacterium in the middle is 100 times smaller again -about 1/ 10000 (lo-4) 
cm from end to end. In the next picrure, the molecule of haemoglobin 
is 100 times smaller than this - about 1/ 1 OOO OOO (10-6) cm in diameter. 
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~ ~ • 
• 

dice grain of sand bacterium molecule of atom 
haemoglobin 

1 cm 1 
100 cm 

1 
10 OOO cm 

1 
1 OOO OOO cm 100 OOO OOO cm 

Figure 9.2 step-by-step to the size of atoms. 

Finally, in the right-hand picture, the atom is one-hundredth ofche size of 
the haemoglobin molecule - about 1/ 100 OOO OOO (10-8

) cm in diameter. 

Table 1 The relative atomic masses of a 
few elements 

Relative 
Element Symbol atomic mass 

carbon C 12 

hydrogen H 1 

chlorine Cl 35.5 

magnesium Mg 24 

oxygen 0 16 

iron Fe 56 

copper Cu 63.5 

gold Au 197 

•i2M•O• 
: The values of re lative atomic 

masses have no units because 
: they are relative. 

STUDY QUESTIONS 

• How heavy are atoms? 
The relative masses which scientists use for different acorns are called 
refative atomic masses. 

TI1e element carbon is the standard for relative atomic masses. Carbon-12 
atoms are given a relative mass of exactly 12. 

A few relative atomic masses are listed in Table 1. Other relative atomic 
masses are given on page 268. 

The symbol for relative atomic mass is A,. So, we can write A, (C) = 12, 
A, (Mg) = 24, or simply C = 12, Mg = 24, etc. 

1 The radius of a potassium atom is 2/ 1 00 OOO OOO cm. d) Which element has atoms that, on average, are 

four -times as heavy as oxygen? How many potassium atoms can be arranged next to 
each other to make a line 1 cm long? 

2 Use the relative atomic masses on page· 268 to 
answer the following questions. 
a) Which element has the lightest atoms? 
b) Which element has the next lightest a toms? 
c) On average how many times heavier are silicon 

atoms than nitrogen atoms? 

3 Put the following in order of size from the largest to 
the smallest. 

a bacterium, the thickness of a human hair, a 
molecule of sugar (which contains about 50 atoms), 

a smoke particle, a copper atom, a fine dust particle 



1.10 Using relative atomic masses 

~ o ~ ® Using relative atomic 
masses 
How do you make sure you have the right number of very small atoms 
when doing a reaction? The atoms are too small to either weigh or 
handle individually. Instead, scientists use ideas that other people 
have used. 

Look at Figure 10.1. You can weigh the brick to find out how much 
the pallet of bricks weighs. Alternatively, you could weigh the pallet 
of bricks to find the mass of one brick. For both methods you need to 
know the number of bricks. Scientists use these ideas to help them 
use the right number of reactants in chemical reactions. 

Figure 10.1 Knowing the number of a bricks in the pallet and the mass of a brick allows 
builders to find the mass of the pallet of bricks. 

• The mole 

The relative atomic mass of an element in grams is sometimes called one 
mole (abbreviated as mol). 

The word ' mole' comes from a Latin word meaning a heap or a pile. 

So, 12 g of carbon = 1 mol of carbon, C 

1 g of hydrogen = 1 mol of hydrogen, H 

24 g of carbon = 2 mol of carbon, C 

mass 
Number of moles = 

1 
. . 

re at1ve acouuc mass 
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• C 

Figure 10.2 The photo shows an 
aluminium colander (mass 1 08 g), a 
copper bracelet (mass 3 1.8 g), some iron 
nails (mass 5.6 g) and some barbecue 
charcoal (mass 1 50 g). How many moles 
of each elemen1 do the objects contain? 
(Relative atomic masses: 
Al = 27, Cu = 63.5, Fe = 56, C = 12) 

So, for example, you can find the number of moles of aluminium in an 
aluminium colander by weighing it and dividing by the relative atomic mass 
(Figure 10.2). 

• The Avogadro number 
Relative atomic masses show chat one atom of carbon is 12 times as heavy as 
one atom of hydrogen. So, 12 g of carbon will contain the same number of 
atoms as 1 g of hydrogen. An atom of oxygen is 16 times as heavy as an atom 
of hydrogen, so 16 g of oxygen will also contain the same number of atoms 
as 1 g of hydrogen. 

The relative atomic mass in grams (i.e. one mole) of every element ( 1 g of 
hydrogen, 12 g carbon, 16 g oxygen, etc.) will contain the same number of 
atoms. This number is called the Avogadro number. The term was chosen 
in honour of the Itilian scientist Amedeo Avogadro. 

Experiments show that theAvogadro number is 6 X 1023• Written out in full 
this is 600 OOO OOO OOO OOO OOO OOO OOO. Thus: 

1 mole ofan element always contains 6 X 1023 atoms. 

Using moles 
Using the mole idea we can coum (calculate) the number of atoms in a 
sample of an element. For example: 

12 g ( 1 mol) of carbon contains 6 X 1023 atoms 

so 1 g (¥12 mol) of carbon contains Yt2 X 6 X 1023 atoms 

~ 10 g (1°/12 mol) of carbon conrains 10/ 12 X 6 X 1023 = 5 X 1023 atoms 

Chemists often need to count atoms. In industry, nitrogen is reacted with 
hydrogen to form ammonia, NH3, which is then used to make fertilisers. 
In a molecule of ammonia, there is one nitrogen atom and three hydrogen 
atoms. In order to make ammonia, chemists must therefore react: 

1 mol of nitrogen atoms+ 3 mol of hydrogen atoms 

(14 g of nitrogen) (3 X 1 g = 3 g of hydrogen) 

not 1 g of nitrogen and 3 g of hydrogen. 

Because chemists often need to measure amounts that contain a known 
nwnber of atoms, it is helpful to work in moles, as one mole ( or 1 mol) of 
atoms of an element always contains 6 X 1Q2l atoms. So chemists use the 
mole (and not the kilogram) as their unit for the amount of an element. In 
eff'ect, it is their counting unit. 

• Finding formulae 
We have used some fonnulae already, but how do we know what the formula 
of a compound is? How do we know, for example, that the formula of water 
is H20? All formulae are obtained by doing experiments to find the masses 
of elements which react. 



Table 1 Finding the formula of water 

masses reacting 

mass of 1 mole 

:. moles reacting 

ratio of atoms 
~ formula 

H 0 

2g 16 g 

1 g 16 g 

2 1 

2 1 

H20 

crucible containing 
magnesium ribbon 

"----pipe clay triangle 

'n-- -"-''-----.ll..._tripod 

Figure 10.3 Heating magnesium to form 
magnesium oxide. 

This experimenit is a good way to 
work out a formula. It often appears 
in exams where the reacting 
masses are given and you have to 
work out the formula. 

1.10 Using relative atomic masses 

When water is decomposed inco hydrogen and oxygen, results show that: 

18 g of water gives 2 g of hydrogen + 16 g of oxygen 

= 2 mol of hydrogen atoms, H + 1 mol of oxygen atoms, 0 

= 2 X 6 X 1023 atoms of hydrogen + 6 X 1023 X acorns of oxygen 

12 X 1023 hydrogen atoms combine with 6 X 1023 atoms ofm.'Ygen, so 2 
hydrogen acorns combine with 1 oxygen atom. Therefore, the formula of 
water is H 20. 

These results are sec our in Table 1. By finding the masses of reacting 
elements, we can use relative atomic masses to calculate the number of 
moles of acorns chat rea.cc. This gives the ratio of atoms that react and so 

gives the empirical formula of a compound. 

Finding the formula of magnesium oxide 
When magnesium ribbon is heated, it burns with a very bright flame to form 
white, powdery magnesiwn oxide. 

magnesium + oxygen ~ magnesium oxide 

If you cry this experiment, wear eye protection . 

Weigh accurately 2.4 g of clean magnesium ribbon. Hear this strongly in a 
crucible until all of it forms magnesium oxide (Figure 10.3). Have a lid on 
the crucible to stop magnesium oxide escaping, but keep a small gap so 
that air can enter. When the magnesium has finished reacting, reweigh the 
crucible + lid + magnesium oxide. 

Calculate the mass of oxygen reacting from the mass of magnesi um oxide 
minus the mass of magnesium. 

Table 2 shows how to obtain the formula of magnesium oxide from the 
results. 

Table 2 Finding the formula of magnesium oxide 
Mass of magnesium reacting = 0.24 g 
Mass of magnesium oxide produced = 0.40 g 

Mg 0 

masses reading 2.4 g 1.6 g 
mass of 1 mole 24 g 16 g 

:. moles reacting 0.0 1 0.0 1 

ratio of moles 1 1 

:. ratio of atoms 1 1 

~ empirical formula MgO 
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STUDY QUESTIONS 

1 How many moles are there in: 
a) 52 g chromium (Cr = 52) 
b) 2.8 g nitrogen (N = 14) 

c) 0.36 g carbon (C = 12) 
d) 20 g bromine (Br = 80)? 

2 What is the mass of: 
a) 3 mol of bromine atoms (Br = 80) 

b) 1;, moll of calcium atoms (Ca = 40) 
c) 0.1 mol of sodium atoms (Na = 23)? 

3 Methane in natural gas is found to contain 75% 

carbon and 250/o hydrogen. Calculate the empirical 

formula of methane using a method like that in 

Tables 1 and 2. 
4 What are the empirical formulae of the following 

compounds? 
a) A compound in which 10.4 g chromium (Cr = 52) 

combines with 48 g bromine (Br = 80). 
b) A nitride of chromium in which 0.26 g chromium 

forms 0.33 g of chromium nitride (N = 1 4). 

5 a) What masses of calcium, carbon and oxygen react 
to form one mole of calcium carbonate (CaC03)? 
(Ca = 40, C = 12, 0 = 16) 

b) What are the percentages by mass of calcium, 
carbon and oxygen in calcium carbonate? 

6 A student heated 12.7 g of copper in oxygen to 
make some copper oxide. After five minutes the 
student weighed the sample, then heated the sample 
for another minute and re-weighed it. The student 

repeated the heating and weighing until the mass 

was 15.9 g on two consecutive weighings. 

a) Why did the student keep heating and weighing 
until the mass was constant? 

b) Use the masses given to calculate: 

i) the mass of oxygen that reacted with the 

copper 

ii) the formula of the copper oxide made 
c) Calculate the number of moles of copper oxide 

made. 



Summary 

Summary 
{:! Make sure you can answer all the questions in the Interactive quiz. 

I am confident that: 

./ I understand the arrangement of particles in 
solids, liquids and gases, and how these are 
interconverted 
• Solids melt to become liquids that boil to become 

gases. 
• Gases condense to become liquids which freeze to 

become solids. 

./ I understand methods of separating mixtures, 
including: 
• filtration. and crystallisat ion 
• simple distillation and fractional distillation 
• paper chromatography, and I can calculate Rt 

values from provided data. 

./ I understand the differences between elements, 
mixtures and compounds in terms of atoms and 
their bonding 
• Atoms are the smallest particles of elements. 
• Compounds are made from atoms of two or more 

different elements chemically combined. 
• Mixtures are substances with more than one type 

of particle that are not chemically combined. 

./ I am able to describe the structure of an atom in 
terms of: 
• protons, neutrons in the nucleus 
• electrons orbiting the nucleus in shells. 

./ I understand that the Periodic Table is an 
arrangement of elements in order of atomic 
number, and I can use the Periodic Table to find: 
• the number of protons of an atom 
• the number of neutrons of an atom 
• the relative atomic mass (A,) of an atom. 

./ I can work out the electronic configurations of 
the first 20 elements from their positions in the 
Periodic Table 
• Find the element's number of electrons. 
• Then place them into shells, 2 in the first shell, 

8 in the second shell, 8 in the third shell, and the 
rest in the fourth shell. 

./ I can work out the number of outer electrons in 
a main group element from its position in the 
Periodic Table 
• The number of outer electrons an atom has is t he 

same as the Group number of the element. 

./ I can calculate the relative atomic mass of an 
element from the relative abundances of its 
isotopes 
• Multiply the atomic mass of each isotope by its 

abundan ce, either as a percentage or in terms of 
the ratio of atoms. 

• Then ad d the values together and divide by 100 
if percentages are used, or by the total number of 
atoms in the ratio. 
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Exam-style questions 
1 A few crystals of a green salt are placed in a beaker of 

cold water. The crystals start to dissolve. 

water 

salt crystals 

a) Describe how the appearance of the contents of 
the beaker change over a period of a few days. [2] 

b) Name d1e process that occurs after the crystals 
dissolve. [ l] 

c) How will the results of the experiment differ if hot 
water is used in place of cold water? Explain your 
answer. [2] 

2 a) The diagrams below show the particles present in 
four gases. Each circle represents an atom. 

D 
A 

~ 
~ 

B 

~~ 
LI ~ 

C D 

Which diagram represents: 

i) nitrogen 

ii) steam 

iii) a mixture of gases 

iv) a monatomic gas? [4] 

b) Copy the next diagram and draw circles in the box 
to represent the arrangement of particles in a solid 
element. One particle has been drawn for you. [2] 

u 

c) Describe how the arrangement and movement of 
particles in a solid change when it is heated until it 
~liqcid. ~ 

3 Use words from the following list to complete the 
sentences. Each word may be used once, more than 
once or not at all. 

allotropes 
elements 

carbon compounds electrons 
hydrogen neutrons protons 

a) Atoms of the same element always contain the 
same number of [l] 

b) Isotopes are atoms of the same element which 

contain different numbers of [l] 

c) Substances containing atoms all with the same 
number of protons are [1] 

d) Substances whose molecules contain more than 
one element are [1] 

e) The negatively charged particles in an acorn 
are ____ _ [ l] 

f) In the definition of relative atomic mass, the mass 
of an atom is compared to the mass of an atom 
of [fj 

4 A sample of copper contains two isotopes. 

a) What are isotopes? [2] 

b) i) Copy and complete the following table for these 
isotopes of copper. 

Number Number Percentage of 
Atomic Mass of of each isotope 
number number protons neutrons in sample 

29 63 69 
29 36 31 [3] 

ii) Use information from the table to calculate the 
relative atomic mass of this sample of copper. 
Give your answer to one decimal place. [2] 

c) Identify the element, and its mass number, which 
is used in the definition of relative atomic mass. [2] 

d) Why do the two isotopes of copper h ave the same 
chemical properties? [1] 

5 a) Atoms contain smaller particles. Copy and 
complete the table to show the relative mass and 
relative charge of each particle. 

Particle Relative mass Relative charge 

electron 

neutron 1 

proton +1 (4) 



b) Use the Periodic Table on page 267 to name 
an element whose atoms have the electronic 
configuration 2, 8, 4 (l] 

c) Scientists think they will soon make an element 
that will go directly below astatine in the Periodic 
Table. Suggest how many electrons an atom of this 
element would have in its outer electron shell. (l] 

d) The diagrams show the electronic configurations 
of helium and neon. 

i) What is the similarity in the outer electron 
shells of these two atoms? (l ] 

ii) What effect does this similarity have on the 
chemical reactivity of helium and neon? (l] 

6 Scientists have been able to make new elements 
in nuclear reactors. One of these new elements is 
fermium. An atom of fermium is represemed by the 
symbol below. 

IfoFm 

a) How many protons does this acorn contain? 

b) How many neutrons does this atom contain? 

(l] 

(l] 

7 Sodium chloride or cooking salt can be obtained by the 
purification of rock salt. Rock salt is a mixture of sand 
and sodium chloride. Sodium chloride dissolves in water. 

A student wanted to obtain a pure sample of sodium 
chloride from some crnshed rock salt. 

a) The student dissolved the rock salt in hot water. 

i) Suggest u-ny the student used hot water. (l] 

ii) How could the student separate the sand from 
the salt solution? (l] 

b) The student then obtained tl1e salt from the salt 
solution. 

i) Describe in detail how the student did this. (2] 

ii) The student then placed the damp salt crystals 
obtained in an oven. What did this do to the 
damp salt crystals? [ l] 

Exam-style questions 

8 Two students were given a mixture of ethanol and water. 
They placed the liquid in the apparatus shown below. 

thermometer 

tt 
heat 

a) Name the process being used. 

b) Name the liquid in the beaker. 

c) i) Name the part labelled Q. 

ii) What happens in pare Q? 

beaker 

d) What is left in the flask at the end of che 
process? 

e) Explain how heating the ethanol and water 
mixture separates the two liquids. 

(l] 

(l] 

(l] 

(l] 

[ l] 

(3] 

9 A, B,C, D, and E are five different inks. The dyes in the 
inks can be separated using chromatography. This 
chromatogram shows the results. 

• 
• • • 

• • 
• • 
- - - - -
A 8 C D E 

a) Which two inks have the san1e dyes in them? 

b) Which ink has only a single dye? 

(l] 

(l] 

TheJyvalue for a dye can be used to identify a dye. It 
is calculated using this formula: 

R = distance moved by dye 
f distance moved by solvent front 

c) In the ink chromatogram the solvent front is 8 cm 
above tl1e position of the original ink spots. Calculate 
cheJyvalue of the dye in ink C that has moved2.8 cm 
from its original position. (2] 
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EXTEND AND CHALLENGE 

DNA testing: a tricky separation 

Have you ever watched CS/: Miami? If your answer is 
'yes: then you have watched the world's most popular 
television seri es. Many people, wherever they live, enjoy 
crime-based television dramas, which expla ins why 
these programmes are so popular. 

Figure 1 A glamorous location, but full of crime 

according to CS/: Miami. 

The CS/ serfos of programmes are particularly popular 
and have led to a great increase in the number of 
people want ing to be forensic science investigators. 
There has been a downside to thi s, however, as fewer 
people come forward as witnesses to crimes. This is 
because CS/-style programmes lead them to think that 
crimes can always be solved by the evidence left behind 
as DNA, w itlhout the need for people to confirm this 
evidence. 

A DNA sam pie is obtained, usually from saliva or blood. 
The DNA is separated from the nucleus of the cell 
and then mixed with enzymes. These break down the 
large DNA molecules into smaller sections and some 
of these, known as short tandem repeats (STRs), are 
analysed. These STRs are highly specific to individuals. 
In the USA 13 different types of STRs are used; in the 
UK only 11 types. 

The actual DNA testing is an electrical current-assisted 
form of chromatography. There are two types, gel 
electrophoresis and capillary electrophoresis. The STR 
mixture is placed on a gel that behaves in a similar way 
to a piece of wet chromatography paper. An electric 

current is passed through the gel, and this separates 
out the different STR sections, producing an image 
like the one in Figure 2. False matches are extremely 
unlikely. When they do occur they are usually the result 
of contamination of a sample by the DNA of another 
person. 

- -
- --- ---I!!! =--- -- ----

Figure 2 A gel electrophoresis DNA profile. 

Sometimes at the scene of a crime there is insufficient 
DNA evidence. This has led to the development of 'low 
count' methods of analysis. The small amo unt of DNA 
collected is subjected to the same enzymes that make 
DNA replicate (reproduce). The small amount of DNA 
then makes more identical DNA until there is sufficient 
to test 

1 What is the difference between paper chromatogra-
phy and gel electrophoresis? 

2 What does STR stand for? 
3 What are STRs? 

4 Suggest two ways in which using an electric current 
may help the separation of different STRs. 

5 A contaminated DNA sample explains most false 
DNA matches, but there is another cause of false 

matches. Suggest what it is, and explain why it 
occurs. 

6 Describe the effect of carrying out a DNA test w ith 
insufficient amounts of DNA. 

7 At first 'low count' DNA testing was not accepted 

as evidence in courts. Prepare a short summary 
to explain to a judge why 'low count' DNA testing 

techniques shou Id be accepted. 



1 Over 20 different European 

countries are members of 
European Organization for Nuclear 
Research. Suggest why so many 
countries are all working together 
to investigate the structure of 

matter. 
2 The cost of building the 

Large Hadron Collider was 

approximate ly $ 1 0 billion. List 
two or three other things we 

might have spent the money on 
that would have helped peo pie 
across the world. Do you think 
the cost of the Large Hadron 
Col lider is justified? Exp lain your 
answer. 

3 Find out the contribution of these 
scientists to the study of matter. 
John Dalton, Ernest Rutherford, 

Hans Geige:r, J.J. Thomson, James 
Chadwick and Enrico Fermi. 

In chemistry we study the interactions of atoms, because the atom model 
we use is still the best way to explain how substances are made· and how 
they can be changed from one substance into other more useful materials. 
Research into the structure of matter at sub-atomic level continues. 

Probably the most important research facility into the structure of matter 
today is at CERN, Geneva, shown in the aerial photo. This is the centre and 
research facility of the European Organization for Nuclear Research. Lying 
beneath the houses and fields is the Large Hadron Collider, a 27-kilometre 
circular tunnel (see inset photo) used to investigate the fundamental particles 
of matter. In July 2012 CERN announced the discovery of a small particle 
known as the Higgs boson, believed to link energy and matter. 

In the short term the discovery of the Higgs boson is unlikely to make a large 
impact on our lives, but it will contribute further to our understanding of how 
matter is joined together and how it behaves on a cosmological scale. 

By the end of this section you should: 
• be able to calculate empirical and molecular formulae 
• be able to describe a chemical reaction with a word equation and a 

balanced symbol equation 
• be able to calculate reacting masses and percentage yields 
• be able to describe the differences between ionic and covalent 

compounds in terms of their bonding and electronic configurations 
• know the structures of ionic crystals, giant covalent structures and metals 
• be able to describe the processes taking place during electrolysis. 

~ 
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A 

H-CI HCI 

Figure 11.2 Ways of representing 
molecules of water and hydrogen chloride. 

O= C= O 
Figure 11 .3 Bonding in carbon dioxide 
showing the double bonds between atoms. 

Writing formulae 
The formula of any compound is very useful. It tells you the elements 
in the compound, how many atoms of each element are present, and 
is a quick way of writing the compound without using the words. If you 
look at the bottles of chlorides you will see that they each have different 
numbers of chlorine atoms. Knowing the formula of a compound 
can give you more information about the elements in the compound. 
Although the only sure way of knowing the formula of a compound is by 
experiment, the formulae of most compounds can be predicted from a 
few simple rules. 

Figure 11.1 Bottles of chlorides, showing their different formulae. 

• Compounds of non-metals with noin-metals 
Water, carbon dioxide and hydrogen chloride are examples of compounds 
con taining non-metals combined or bonded with other non-metals. 

In these compounds, the acorns combine in small groups to form m olecules. 
For example, water contains one oxygen atom bonded to two ]1ydrogen 
atoms and the formula of the molecule is H20. Hydrogen chloride contains 
one hydrogen atom bonded to one chlorine atom and the formula of the 
molecule is HCI. 

Figure 11.2 shows three ways of representing molecules of water and 
hydrogen chloride. Models like those in the first structure in each case 
represent the atoms as little spheres. 

These compounds of non-metals which are composed of small molecules 
are usually called molecular compounds. It is possible co work out the 
formulae of most non-metal compounds if you know how many bonds the 
atoms usually form (Table 1). 

Sometimes there are double bonds and even triple bonds between the acorns 
in non-metal compounds. 

Figure 11.3 shows the bonds in carbon dioxide and its formula. Carbon 
atoms form four bonds and oiqgen atoms form two bonds. To satisfy and 



Figure 11.4 Camping GAZ. is mainly 
methane. This con,tains carbon atoms with 
four bonds and hydrogen atoms with one 
bond. Its formula is CH4. 

1.11 Writing formulae 

Table 1 The symbols, number of bonds and colour codes of some non-metals 

Number of bonds Colour in 
Element Symbol formed molecular models 

carbon C 4 black 

nitrogen N 3 blue 

oxyg:en 0 2 red 

sulfUJr s 2 yellow 

hydrogen H 1 white 

chlorine Cl 1 green 

link all the bonds, two oxygen atoms combine with one carbon atom by 
double bonds, so the formula of carbon dioxide is C02. 

Notice that there is a strict colour code for the atoms of different elements 
in molecular models. These colours are shown in Table 1. 

In practice, it is not possible to predict the formulae of all non-metal 
compounds. The bonding rules in Table 1, for example, cannot account for 
the formulae of carbon monoxide, CO, or sulfur dioxide, S02• 

• Compounds of metals with non-metals 
Common salt (sodium chloride), iron ore (brmm iron oxide) and copper 
sulfate are compounds of metals with non-metals. These metal/ non-metal 
compounds are usually called ionic compounds because they a.re composed 
of ions and not molecules like compounds of non-metals. 

Ions are charged particles formed from atoms by the loss or gain of 
electrons. For example, sodium chloride consists of sodium ions, Na•, and 
chloride ions, et-. Its formula is NaCl because the single positive charge on 
one Na• ion is balanced by the single negative charge on one c1- ion. The 
formula of sodium chloride is sometimes shown with the charges as Na•c1-. 

Brown iron oxide is composed of iron ions, Pel+, and oxide ions, 02-. Its 
formula is Fe20 3 because the six positive charges on cwo Pel+ ions are 
balanced by the six negative charges on three 02- ions. 

The correct chemical name for brown iron oxide is iron(ID) oxide. It is called 
iron(III) oxide and not simply iron oxide because iron can form two ions, 
Fe3+ and Pei+. So there is a second iron oxide, correctly called iro:n(II) oxide, 
with the formula Pe2•02-, or FeO for short. 

The only other common metal chat can form two different ions is copper, 
which forms cu• and Cu2•. Copper(!) compounds are very rare. 

In metal/ non-metal compounds, che metal ions are always positive and the 
non-metal ions are negative. 
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•:f2M•O• 
: You must learn the formulae and 
: the charges of the ions in Table 2. 

Rules for the ions in metal/non-metal compounds 

Positive metal ions 
There is one simple rule that you must learn for the charges on metal ions. 

All common metal ions have a ,charge of2+ except: 

• Ag', Na .. and K+ (remember t his as 'agnak') with a charge of l+ 

• Cr:i+, Al3+ and Pe3+ (remember this as 'cralfe') with a charge of3+. 

Negative non-metal ions 
The charges on common ions of non-metals are shown in Table 2. Notice 
that some ofche negative ions contain two non-metals. 

Table 2 The charges on some common negative ions 

Name of ion Formula Name of ion Formula Name of ion Formula 

oxide 02- chloride c1- carbonate C032-

SUilfide si- hydroxide OH- sulfate so,2-
nit ride N3- nitrate N03 sulfite S032-

When you write the formulae of metal/ non-metal compounds, be careful 
not co confuse nitride, N~, and n itrate, N03; also sulfide, si--, .sulfate so.2-
an<l sulfite SO/'-. 

Using the rules 
Let 's practise these rules for positive and negative ions by ,.vorking our the 
formula for aluminium sulfate. 

From the rules for positive ions, you should know that the formula of an 
aluminium ion is Al3+. From Table 2, you will see that the formula of a 
sulfate ion is so.2-. When ionic compounds form, the positive and negative 
charges must balance. So in this case, the six positive charges on two Al3' 
ions will balance the six negative charges on three so.2- ions, and the 
formula of aluminium sulfate is Alz(S04h or (Al3 .. )i(So/~)3. 

Notice chat brackets are needed around the sulface ions in Ah(S0.)3 because 
the S042- ion is a single unit con taining one sulfur and four oxygen atoms 
bo:nded together with a charge of2- . 

Other ions containing two or more atoms, such as OH-, N0 3- and C032-, 
must also be treated as single units and put in brackets when there is more 
than one of them in a formula. 



1.11 Writing formulae 

Figure 11.5 The Taj Mahal is composed largely of marble, which is mainly calcium 
carbonate. What ions does calcium carbonate contain and what is its formula? 

STUDY QUESTIONS 

1 Write symbols for these pairs of elements: 

a) potassium and phosphorus 
b) cobalt and copper 
c) nitrogen and nickel 
d) silver and silicon. 

2 Use the different ways shown in Figure 11.2 to 
represent the following compounds: 
a) methane 
b) carbon d isulfide. 

3 Work out th e formulae of: 
a) hydrogen sulfide 
b) dichlorine oxide 

c) hydrogen nitride (ammonia). 
4 The formula of calcium hydroxide must be written as 

Ca(OHh Why is Ca0H2 wrong? 
5 Write the fo rmulae of the following: 

a) copper(I I) chloride 
b) lead nitrate 

c) sodium sulfide 

d) iron(I I) sulfate 

e) zinc carbonate 
f) iron(l 11) hydroxide 

g) silver oxide 
h) chromium sulfite 

i) aluminium nitride. 

6 Give the name and number of each type o f atom in 

the following formulae. 
a) NaCl 

b) MgBr2 
c) AgNOa 
d) K2S04 

e) CaCOa 
f) Cu(NOg)2 

g) FeiS0.)3 
h) H2S04 

i) Ca(OH) 2 

j) C2H50 H 
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~ o ~ ~ Particles in reactions 
equations 

Figure 12.1 Sparklers produce yellow 
sparks using the reaction of iron powder 
with oxygen in the air. 

The sparks from these sparklers are bits of burning magnesium. 
Sparklers are made by gluing gunpowder and metal filings such as 
magnesium to a steel wire. The burning gunpowder ignites the metal 
filings, letting them burn with oxygen from the air. 

Chemists describe reactions such as magnesium burning with oxygen 
with equations. Word equations describe the reactants (the starting 
substances) and the products (the final substances). Chemical or 
symbol equations describe what happens to the atoms, and how many 
of each there are in the reaction. 

• Burning magnesium 
When magnesium burns in air, it reacts with oxygen to form magnesium 
oxide. The word equation for this is: 

magnesium + oxygen~ magnesium oxide 

Chemists usually write symbols and formulae rather than names in 
equations. So, in this word equation, we should write Mg for irhe element 
magnesium, 0 2 for oxygen and MgO for magnesiwn oxide, wh ich is 
composed ofMg2'+ and 02- ions. 

But, notice that this doesn't balance. There are two oxygen atoms in 0 2 on 
the left and only one oxygen atom in MgO on the right. So, MgO muse be 
doubled co give: 

Mg + 0 2 ~2Mg0 

Unfortunately, the equation still doesn't balance. There are now two Mg 
atoms on the right in 2Mg0, but only one on the left in Mg. This is easily 
cor rected by writing 2Mg on the left to give: 

2Mg + 0 2 ~ 2Mg0 

The numbers of different atoms. are now the same on both sides of the 
arrow. This is a balanced chemical equatioJL 

• Writing a balanced equation 
A balanced chemical equation is. a summary of the starring substances 
(reactants) and the products in a chemical reaction, in which d1e numbers of 
atoms of each element are the same on both sides of the arrow. 

The example above shows the three key steps in writing an equation. These 
can be summarised as follows. 



•:f:IMNIII 
• Remember that fluorine, oxygen, 

nitrogen, hydrogen and chlorine 
are diatomic so they are written 
as F2, 0 2, N2, H2 and Cl2- All other 
elements are .shown as single 
atoms, i.e. Zn for zinc, C for carbon, 
etc. 

1.1 2 Particles in reactions - equations 

Step 1 Write a word equation for the reaction: 
e.g. hydrogen + oxygen ~ water 

Step 2 Write symbols for the elements and formulae for the compounds in 
the word equation: 

e.g. H2 + 02 ~ H20 

Step 3 Balance the equation by making the number of atoms of each 
element t he same on bot h sides: 

e.g. 2H2 + 02 ~ 2H20 

Remember that you must never change a formula co make an equation balance. 
The formula for water is always H20 and never HO or H02 . Similarly, the 
formula of magnesium oxide is always MgO. 

You can only balance an equation by putting numbers in front of symbols or 
in front of formulae, i.e. 2Mg and 2H20. 

• Why balanced equations are so useful 
Balanced chemical equations are more useful than word equations because 
they.show: 

• t he symbols and formulae of t he reactants and products 
• the relative numbers of atoms and molecules of the reactants and 

products. 

Balanced equations also help us co understand how the atoms are 
rearr.anged in a reaction. You can see this even better using models as in 
Figure 12.2. 

2H2 
two hydrogen 

molecules + 

+ 

0 2 
one oxygen 

molecule 

2H20 
two water 
molecules 

Figure 12.2 Using models to represent the reaction between hydrogen arnd oxygen to 
form water. 

• State symbols 
Seate symbols are used in equations to show the state of a substance. (s) after 
a formula indicates the substance is a solid. (l) is used for liquid; (g) for gas 
and (aq) for an aqueous solution (i.e. a substance dissolved in water). For 
example, 

zinc + sulfuric acid~ zinc sulfate + hydrogen 

Zn(s) + H2S0,(aq) ~ ZnSO,(aq) + Hi{g) 
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Figure 12.3 When natural gas burns, 
methane (CH.) reacts with oxygen in the 
air to form carb on dioxide and water. Write 
a word equation and then a balanced 
chemical equation for this reaction. Figure 12.4 The copper dome on Brighton Pavilion is green because the copper has 

reacted with oxygen in the air to form copper(II) oxide (CuO). This has then reacted very 
slowly with water and carbon dioxide to form basic copper(I I) carbonate, a compound 
containing both copper(II) hydroxide (Cu(OH):0 and copper(II) carbonate (CuC03) . Write 
word equations and then balanced eh emical equations for these two reactions. 

Now work through the Tutorial Making compounds 

STUDY QUESTIONS 

1 Write balanced chemical equations for the following 

word equations. 

a) sodium+ oxygen ~ sodium oxide (Na20) 
b) sodium oxide + water~ sodium hydroxide 

(Na OH) 

c) hydrogen + chlorine ~ hydrogen chlo ride 

d) zinc + hydrochloric acid (HCI) ~ zinc chloride 

(ZnCl,0 + hydrogen 

2 Look at tlhe photos on this page and answer the 

questions in the captions. 

3 Write word equations and then balanced chemical 

equation s for the following reactions: 

a) aluminium with oxygen to give aluminium oxide 
b) coppe r oxide with sulfuric acid to give 

copper(I I) sulfate and water 

c) nitrog en with hydrogen to give ammonia 

d) charcoal (carbon) burning in oxygen to g ive 

carbon dioxide 

e ) iron w ith chlorine to give iron(!! I) chlo ride. 



1.13 Formulae and'. equations 

~o ~ ~ Formulae and 
equations 
After a plane is manufactured it is easy to weigh it The problem aircraft 
designers have is to make sure before they build a new aircraft that the 
mass of the components used will be equally distributed over the entire 
frame, so the aircraft doesn't fly with one wing lower than the other, or 
nose down. The designers estimate the mass of every component and 
place them so that the mass of each wing is identical. They know if 
they add up the mass of each component, then the total mass of each 
wing should equal the sum of the components. Chemists use the same 
idea to work out the relative formula mass of compounds. 

Figure 13.1 How do you design a jumbo jet so the mass is evenly distributed, so it will fly 
level? 

• Relative formula masses 
We have learnt that relative atomic masses can be used co compare the 
masses of different atoms. Relative atomic masses can also be used to 
compare the masses of molecules in different compounds. The relative mass 
of a compound is called the relative formula m ass (symbol M,}. 

Calculating relative formula masses 

The relative formula mass of a compound is obtained by adding up the 
relative atomic masses of all the atoms in its formula. 

For example: 

The relative formula mass of water, H20, is: 

M (H O) = 2 X relative atomic + relative atomic 
' 

2 mass of J1ydrogen mass of oxygen 

= (2 X 1) + 16 = 18 
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Figure 13.2 The saucer contains 58.5 g 
(one mole) of common salt, sodium 
chloride (NaCl). 

M, (NaCl) = A (Na)+ A (Cl) 
= 23 + 35.5 = 58.5 

The relative formula mass of sulfuric acid, H2SO., is: 

M,(H2SO•) = 2 X A,(H) + Ar(S) + 4 X Ar(O) 
= 2 X 1 + 32 + 4 X 16 = 98 

The relative formula mass of aluminium oxide, Al20 3, is: 

M,(A(i03) = 2 X A,{Al) + 3 X Ar(O) 

= 2 X 27 + 3 X 16 = 54 + 48 = 102 

Relative formula masses and moles 
The relative formula mass of a compound in grams is sometimes called one 
m ole in the same way that the relative atomic mass of an element in grams is 
als.o called a mole. So: 

1 mole of water is 18 g 
0.1 mole of water is 0.1 x 18 = 1.S g 
1 mole of aluminium oxide is 102 g 
3 moles of aluminium oxide is 3 x 102 = 306 g 

Calculating the percentage of an element 
in a compound 
Relative atomic masses can also be used to calculate the percentage of 
different elements in a compound. For example: 

carbon dioxide (C02) contains 12 g of carbon and 2 X 16 g of oxygen in 44 g 
of carbon dioxide. 

So, in terms of mass, it contains g parts ca.rbon and 32 parts oxygen 

12 32 
44 44 

=-x 100 = 27%carbonand - x 100 = 73%oxygen 
44 44 

• Using equations to calculate the amounts 
of reactants and products 

In industry, and wherever chemists convert reactants to produces, it is 
important to know the amounts of reactants that are needed for a chemical 
process and the amount of product that can be obtained. Chemists can 
calculate these amounts using equations with relative atomic and formula 
masses. 

There are four important steps in solving problems using equ.ations. 

Step 1 Write a balanced equation for the re.action. 
Step 2 Write down the amounts in moles of the relevant reactants and 

products. 
Step 3 Calculate masses from the amounts in moles. 
Step 4 Scale the masses to the quantities required. 

As an example, let's calculate how much tin, Sn, we could obtain by heating 
1 kg of pure tin(IV) oxide (Sn02) with coke (carbon). (Sn = 119, 0 = 16) 

Step 1 cin(IV) oxide + carbon --+ tin + carbon monoxide 
Sn02 + 2C--+ Sn + 2CO 

Step 2 1 mol Sn02 --+ 1 mol Sn 



.. lr 
graduated 100 cm3 gas syringe 

dilute hydrochloric acid 

small piece of magnesium 

Figure 13.3 Measuring the volume of 
hydrogen produced when magnesium 
reacts with dilute hydrochloric acid. 

This is a good way to measure small 
quantities of gas accurately. 

1.1 3 Formulae and'. equations 

Step 3 M, (Sn02) = 119 + (2 X 16) = 151 
A, (Sn) = 119 

so, 151 g Sn02 ~ 119 g Sn 

Step 4 151 gSn02 ~ 119 g Sn 

1 g Sn02 ~ 119 g Sn = 0.79 g Sn 
151 

1 kg of pure Sn02 produces 790 g of tin 

Now try to answer Study Questions 1-3. 

• Volumes of gases in reactions 
The volume of a gas depends on three things: 

• t he amount of gas in moles 
• the temperature 
• the pressure. 

At a fixed temperature and fixed pressure, the volume of a gas depends 
only on t he amount of gas in moles. The kind of gas and its formula don't 
matter. 

After hundreds of measurements, chemists have found that the volwne of 
1 mole of every gas is 24 dm3 (24 OOO cm3

) at room temperature and pressure 
(r.t.p.), which is 25 °C and 1 arm. 

This volume of 1 mole of gas at r.t.p. is called the molar volume. 

So, 1 mole of oxygen (02), 1 mole of nitrogen (N2) and 1 mole of carbon 
dioxide (C02) each occupies 24 dm3 at room temperature and pressure. 
Therefore, ac r.t.p.: 

2 moles of 0 2 will occupy 48 dm3 

0.5 moles ofN2 will occupy 12 dm3 

10 moles ofC02 will occupy240 d.m3
• 

Notice from these simple calculations that: 

volume of gas in cm3 at r.t.p. = amount of gas in moles x 24 OOO cm3 / mol 

Measuring the volumes of gases in reactions 
The apparatus in Figure 13.3 can be used to measure the volume of 
hydrogen produced and from this work out t he equation for the reaction 
when magnesium reacts with hydrochloric acid. 

A small piece of magnesium (mass 0.061 g) was added to excess dilute 
hydrochloric acid (HCl)(aq). A vigorous reaction occurred and 60 cm3 of 
hydrogen gas (H2) was produced at r.t.p. 

Eventually, all the magnesium had reacted and the reaction stopped. 
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Changing gas volumes to moles 
During the experiment reacting magnesium \\~th hydrochloric acid: 

0.061 g magnesium (Mg) produces 60 cm3 of hydrogen (H2) at r.t.p. 

:. 0-061 mol Mg produce__iQ___ mol ofH 
24 24000 

2 

~ 0.0025 mol Mg produce 0.0025 mol ofH2 

: . 1 mol Mg produces 1 mol of H2 

Asswning that magnesium chloride, MgC12, is also a product, we can write a 
balanced equation for the reaction, with state symbols, as: 

Mg(s) + 2HCl(aq) ~ MgC[z(aq) + H2(g) 

Gas volume calculations 
When all the relevant substances in a reaction are gases, gas volume 
calculations are fairly straightforn'ard. In these cases, the ratio of the 
number of moles in the equation is the same as the ratio of gas volumes in 
the reaction. 

Example 
What volume of hydrogen will react with SO cm3 of nitrogen and what 
volume of ammonia is produced if all volumes are measured at room 
temperature and pressure? 

Answer 
The equation for the reaction is: 

So 

nitrogen + 
N2(g) + 

1 molN2 
:.24000 cm3 

~ lcm3 

:. 50 cm3 

+ 

hydrogen ~ 

3Hz(g) ~ 

3molH2 ~ 

3 x 24000 cm3 

3cm3 

150 cm3 

ammonia 
2NH3(g) 

2 mol NH3 
2 x 24000 cm3 

2cm3 

100 cm3 

So, 50 cm3 nitrogen \\ ill react with 150 cm3 of hydrogen to produce 100 cm3 

of ammonia. 

• Percentage yields 
If a chemical reaction is totally efficient, all the starting reactant is converted 
to the product according co the "balanced equation for tl1e reaaion. This 
gives a 100% yield. It is the maximum possible yield if the reac tion goes 
exactly as shown in the balanced equation. This maximum possible yield is 
usually called the th eoretical yi eld. In practice, very few reactions give 100% 
yields and many reactions give low yields. There are various reasons why the 
act ual yields in reactions are not 100%. 

• The reactants may not be pure. 
• Some of the product may be lost during transfer from one container co 

another when it is separated from the reaction mixture. 
• There may be side reactions in which the reactants form different 

products. 
• Some of the reactants may not react because tl1e reaction is too slow 

(Chapter4.9) or because it comes co equilibrium (Chapter 4.13). 
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Figure 13.5 A modern gas-fuelled lime 
kiln. 

1.13 Formulae and'. equations 

In order to assess the efficiency of reactions, we can calculate the percentage 
yield. This is the actual yield as a percentage of the theoretical yield. 

. acrual yield 
percentage yield = x 100% 

theoretical yield 

Figure 13.4 The production of ibuprofen is an excellent example of improving percentage 
yields. Ibuprofen is an important med icin.e which reduces pain and swelli ng1 in joints. In the 
1960,s, ibuprofen was made in five steps with a very poor percentage yield. Now, it can be 
produced in just two steps with a much higher percentage yield. 

Calculating percentage yields 
Example 
Figure 13.S shows a modern gas-fuelled lime kiln. Kilns like this produce 
about SOO kg of calcium oxide, Cao (quicklime), from 1000 kg of crushed 
calcium carbonate, CaC03 (limestone). What is the percentage yield of 
calcium oxide? 

Answer 
We know the acrual yield of calcium oxide is SOO kg. So, we must use the 
equa-cion for the decomposition of calcium carbonate to calculate the 
theoretical yield of calcium oxide from 1000 kg of CaC03. 
(Ca= 40,C = 12, 0= 16) 

The equation for the reaction is: 

calcium carbonate ~ calcium oxide + carbon dioxide 
CaC03 ~ Cao + C02 

So, 1 mol ofCaC03 ~ 1 mol ofCaO 

M, (CaC03) = 40 + 12 + (3 X 16) = 100 

M,(CaO) = 40 + 16 = 56 

100 g CaC03 ~ 56 g Cao 

and 1 g CaC03 ~ 0.56 g Cao 

~ lOOOkgCaC03~S60kgCaO 
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So, the theoretical yield ofCaO = 560 kg 

and the actual yield ofCaO = SOO kg 

:. percentage yield of Cao = SOO x 100= 89% 
560 

STUDY QUESTIONS 

1 60 g of a metal M (M = 60) combine with 24 g of 

oxygen (O = 16). 
a) How many moles of O react with one mole of M? 

b) What is the empirical formula of the oxide of M? 
2 The fertiliser 'Nitram' (ammonium nitrate) has the 

formula NH,NOa-
a) What are the masses of nitrogen, hydrogen and 

oxygen in 1 mole of Nitram? (N = 14, H = 1, 
0 = 16) 

b) What are the percentages of nitrogen,, hydrogen 

and oxygen in Nitram? 
3 Iron is manufactured by reducing iron or-e (Fe20a) 

w ith carbon monoxide (CO). 

Fe20 3 + 3CO -t 2Fe + 3C02 
a) What does this equation tell you? 

b) What mass of iron is obtained from 1 mole of 

Fe203? (Fe = 56, 0 = 16) 
c) What mass of iron is obtained from one tonne of 

Fe203? 
4 How many moles of gas at r.tp. are there in: 

a) 240 OOO cm3 of hydrogen 
b) 480 cm3 of oxygen 
c) 6 dm3 of nitrogen? 

5 What is the volume at r.t.p. of: 
a) 5 mol of ammonia 

b) 0.02 mol of argon? 

6 a) Copy and balance the following equation: 

CH,(g) + - 02(9) -t COlg) + -H20(g) 
b) What volume of oxygen reads with 600 cm3 

of methane (CH.) and what volume of carbon 
dioxide is produced? (All volumes are measured 

at r.t.p.) 
c) What is the mass of carbon dioxide produced? 

7 Aluminium is manufactured by electrolysis of molten 
aluminium oxide. The products are aluminium and 

oxygen. (Al= 27, 0 = 16) 
a) Write a balanced equation for the decomposition 

of aluminium oxide forming aluminium and 

oxyg,en. 
b) What is the theoretical yield of aluminium from 

1 tonne (1000 kg) of aluminium oxide? 

c) The actual yield of aluminium from t tonne 

of aluminium oxide is 440 kg. Calculate the 
percentage yield of aluminium. 

8 When ethanol, C2H60, is manufactured by hydration 
of ethene, C2H4, the percentage yield is 50%. 
a) Write an equation for the reaction involved. 

b) What mass of ethene is required to produce 
10 tonnes of ethanol? 
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~ o ~~ Chemical bonding 
Whenever you want to stick things together at home you get out the 
glue. Bricklayers stick bricks together with a special glue called mortar 
made from sand, cement and water. For scientists, the glue that holds 
atoms together are the outer electrons of the atoms. How they interact 
is the key to making molecules and compounds. 

Figure 14.1 Mortar is used to stick bricks together to make a wall. What sticks atoms 
together to make compounds? 

• Types of bonding 
When atoms react together to form compounds their outer electrons 
interact to form chemical bonds. Depending on the types of atoms reacting 
together, either ionic bonds or covalent bonds are formed. 

• Metal atoms often lose electrons and become charged particles called 
positive ions. 

• Non-metal atoms can eit her gain electrons and become negatively 
charged ions, or they can share some of their electrons with other non­
metal atoms. 

These ideas form the basis of the ,electronic theory of chemical 
bonding. This theory says that when some atoms react, they lose, gain or 
share electrons in order to get an electronic configuration like a noble gas. 

Two kinds of bond are formed when atoms react with each other - ionic 
bond s and covalent bonds. 

Ionic bonds are formed when metals react with non-metals. Metals form 
posicive ions and non-metals form negative ions. The attraction. between 
ions of opposite charge forms the ionic bond. Ionic bonds are sometimes 
caIIed electrovalent bonds. 

Covalent bonds are formed when non-metals react with each other. Covalent 
bonds involve a sharing of electrons. The positive nucleus of each non-metal 
attracts the shared negative electrons and this forms the covalent bond. 



Section 1 Principles of chemistry 2 

• Ionic bonding: transfer of electrons 
Figure 14.2 shows what happens when sodium chloride (Na•cJ-) is formed. 
Electronic configurations are shown for the sodium and chlorine atoms and 
for their respective ions . 

.. 
Figure 14.2 Electron transfer during the formation of sodiUJm chloride. 

sodium ion 
(2, 8) 

The sodium acorn has one electron in its outer shell and chlorine has seven. 
During the reaction, the sodium transfers its one outer electron into the 
outer shell of the chlorine atom. This produces: 

• a sodium ion (Na•) with the same electronic configuration as the noble 
gas neon, and 

• a chloride ion (Cl-) wit h the s.ame electronic configuration as the noble 
gas argon. 

So, the formation of sodium chloride involves the complete transfer of an 
electron from a sodium atom to a chlorine atom, forming Na+ and c1- ions. 

Ionic ( electrovalent) bonds result from the electrical at traction 
between oppositely charged ions. 

Using dot and cross diagrams for ionic bonding 
The formation of sodium chloride in Figure 14.2 can be summarised by 
showing only the outer shell electrons. 

XX 

Na • + ... 
XX 

(2,8, 1) (2, 8 , 7) (2, 8) (2. 8 , 8) 

Figure 14.3 'Dot and cross' diagram for the formation of sodium chloride. 

This is called a 'dot and cross' diagram because the electrons of the different 
acorns are shown as either dots or crosses. Remember though that all 
electrons are identical. 

Compounds containing ions with ionic bonds are called ionic compounds. 
The st ructure, bonding and prop erties of ionic compounds are discussed in 
Ch apter 1.20. 
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Figure 14.5 Electron sharing in the 
covalent bond of a chlorine molecule. 

1.14 Chemical bonding 

magnesium fluoride 
X )( )()( 

[~ fx ~r [Mgr· [~ fx ~-~F "+ •Mg •+ X F ~ .. 
•• XX 

(2, 7) (2, 8, 2) (2, 7) (2, 8) (2, 8) (2, 8) 

lithium oxide 
XX 

[Li T [; 2 ;]2- [ Li T Li • + X O X + •Li .. 
XX 

(2, 1) (2, 6) (2, 1) (2) (2, 8) (2) 

Figure 14.4 Electron transfers in the formation of magnesium fluoride and lithium oxide. 

Figure 14.4 shows two more dot and cross diagrams of electron transfer and 
ionic bonding. Notice the following points in these dot and cross diagrams. 

• Transfer of electrons to form ionic bonds is typical of the reactions 
between metals and non-metals. 

• Atoms sometimes form ions with electronic configuration like noble 
gases, e.g. helium (2), neon (2,8) and argon (2, 8, 8). This mak,es them 
stable. 

• One magnesium atom has two electrons in its outer shell (Figure 14.4). 
It reacts with two fluorine atoms, each of which takes one ele-ctron. The 
Mg2• ion and the two P- ions all finish with an electronic configuration 
like neon. 

• Two Li atoms react with one O :atom to form lithium oxide (Figure 14.4). 
In this case, the two Li+ ions have an electronic configuration like helium 
and the 02- ion has an electronic configuration like neon . 

• Covalent bonds: sharing electrons 

Bonding in chlorine (Cl2) 
A chlorine atom is very unstable. Irs outer shell contains seven electrons. At 
normal temperatures, chlorine atoms join up in pairs to form C12 molecules. 
Why is this? If two chlorine atoms come close together, the electrons in their 
outer shells can overlap. Each chlorine atom can share one of its electrons 
with the other atom (Figure 14.S). The two atoms share a pair of electrons 
and each acorn obtains the electronic configuration of argon. 

The shared electrons attract the positive nuclei of both atoms and this holds 
the acorns together. This attraction forms a covalent bond. Notice in the dot 
and cross diagram in Figure 14.S that: 

• the shared pair of electrons contribute to the outer shell ofboth chlorine 
atoms 

• circles are used to enclose the outer shell electrons of each chlorine atom 
• the chlorine atoms have bonded together forming an uncharged 

molecule. 

A covalent bond is formed by t he sharing of a pair of electrons between 
two atoms. Each atom contributes one electron to the bond. 
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STUDY QUESTIONS 

1 Look at Figure 14.4. 

Other non-metal covalent molecules 
When non-metal acorns react, they form molecules. In these molecules, 
the atoms are joined by covalent bonds. The covalent bonding and electron 
struct ures of some common molecules are shown in Figure 14.6. 

H-0-H 

H-CI 

H-N-H 
I 
H 

water 

hydrogen chloride 

ammonia 

O=O 

o=c=o 

H 
I 

H-C-H 
I 
H 

oxygen 

carbon dioxide 

methane 

Figure 14.6 The covalent bonding and electron structures of some common molecules. 

Check the following points in Figure 14.6. 

• All the atoms have an electronic configuration like a noble gas. 
• The electronic configurations of these molecular compounds can be 

related co the displayed formulae shown on the left-hand side of each 
dot and cross diagram. In the displayed formulae, each cova.lenc bond is 
shown as a line between atoms (e.g. H-0-H for water). 

• H atoms always have one bond. Cl atoms always have one bond. Oxygen 
atoms have two bonds, nitrogen atoms have three bonds and carbon 
atoms have four bonds. 

• Double covalent bonds result from the sharing ofcwo pairs of electrons, 
as in oxygen and carbon dioxide. 

Now work through the Tutorial Bonding 

a) How many electrons do lithium and oxygen atoms 

lose or gain in forming lithium oxide, Li20? 

fluorine to form potassium fluoride, KF. Show the dot 

and cross structures and electronic configurations. 
3 Draw do,t and cross diagrams to show the bonding in: 

b) Which noble gases have electronic configurations 
like the ions in lithium oxide? 

c) Why do two lithium atoms react with one oxygen 

atom in forming lithium oxide? 

2 Draw a diagram similar to those in Figur-e 14.4 to 
show what happens when potassium reacts with 

a) hydrogen, H2 
b) nitrogen, N2 
c) ethane, CHs- CHs 
d) ethene, CH,r=CH2• 
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~ o ~ ~ Electricity 
in everyday life 
It's hard to imagine life without electricity. Every day we depend on 
electricity for cooking, for lighting and for heating. At the flick of a 
switch, we use electric heaters, electric kettles and dozens. of other 
electrical gadgets. All these electrical appliances use mains electricity. 
The electricity is generated in power stations from coal, oil, natural 
gas or nuclear fuel. Heat from the fuel is used to boil water. The 
steam produced drives turbines and generates electricity. In this way, 
chemical energy in the fuel is converted into electrical energy. 

In addition to the many appliances which use mains electricity, there 
are others, like torches, mobile phones and calculators, that use 
electrical energy from cells and batteries. 

Figure 15.1 A ci1y at night How could we survive without electrici1y? 

• Electricity and chemistry 
The many everyday uses of eleccriciry show why it is so important in our lives. 

• It can be used co transfer energy easily from one place to another. 
• It can be converted into other forms of energy and used to warm a room, 

light a torch or cook a meal. 

Electriciry can also be used to manufacture some important chemicals. For 
example, salt (sodium chloride) cannot be decomposed using hear, bur it can 
be decomposed using electricity. Sodium hydroxide, chlorine and hydrogen 
are manufactured by passing electr icity through concent rated sodium 
chloride solution (brine). 

electricity 
sodium chloride solution sodium hydroxide + chlorine + hydrogen 
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Figure 15.2 Plastic and glass insulators 
are used to hold the cables carrying 
electricity to pylons. 

Figure 15.3 The cut-away end of an 
electrical cable carrying copper wires used 
in the electricity circuits in our homes. 
Copper is used because it is such a good 
conductor. Plastic covering around the 
copper provides insulation and protection. 

• Electrical conductors and insulators 
Some materials, like wood, rubber and plastics, will not allow electricity 
co pass through them. These materials are called insulators. Plastics like 
polythene and PVC are used to insulate electrical wires and cables. 

Materials, like metals, that do allow electricity to pass through them are 
called conductors. See Table 1. 

Table 1 Some conductors and insulators 

Conductors 
>--- -~ 
Good Moderate Poor Insulators 

metals, e.g. carbon (graphite) water plastics, e.g. 

copper silicon polythene 

aluminium PVC 

iron rubber 

wood 

glass 

ceramics 

• What is an electric current? 
Copper, iron and aluminium, which are easily made into wire, are used for 
fuses, wires and cables in electrical machinery. Copper is used more than any 
other metal in electrical circuits because electricity moves through it easily. It 
is a very good conductor of electric charge. 

An electric current is a flow of charge. 

When a copper wire is attached to both terminals of a battery (Figure 15.4), 
negative electrons in the outer parts of the copper atoms are attracted 
cowards the positive terminal of the battery. At the same time, extra 
electrons are repelled into the copper wire from the negative r.ermina1 of the 
battery. 

Electrons flow through the copper rather like water flows through a pipe or 
traffic moves along a road. 
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Figure 15.4 An electric current in a metal wire is a flow of electrons. 

STUDY QUESTIONS 

1 Electricity is used more widely than gas for our 

energy supplies. Wny is this? 
2 a) List four important uses of electri city in your 

home. 
b) How mightthe jobs in a) be done witho ut 

electricity? 
3 What is: 

a) an electric current 
b) a conductor 

c) an insulator? 

4 a) Name f.our elements which conduct electri city 

when solid. 
b) Name four elements which conduct electricity 

when liquid. 
c) Name four elements which do not conduct 

electricity when solid. 

5 Design an experiment to compare the conduction of 

electricity by thin copper wire and thick copper wire. 
a) Draw a diagram of the apparatus you would use. 

b) Say what you would do. 
c) Say what measurements you would make. 

d) Say how you would compare the two w ires. 
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u O u® Which substances 
conduct electricity? 

battery 3 volts switch 

~~ 

A ammeter 

solid under test small bulb 

Figure 16.2 Which solids conduct? 

The type of bonding present in a molecule or compound is reflected 
in its properties. Some substances do not conduct electricity at all; 
others conduct electricity in some circumstances, but not in others. 
Some substances have low melting points and others have high 
melting points. All these properties give us clues as to how the atoms 
in the substances are chemically combined or bonded to each other. 

Figure 16.1 Water and solid sodium chloride do not conduct electricity. Dissolve the salt 
in the water and the solution conducts electricity. How can this knowledge help us to 
understand the bonding in substances? 

• Which solids conduct electricity? 
The apparatus in Figure 16.2 can be used co test whether a solid conducts 
electricity. If the solid conducts, what happens when the switch is closed? 
Experiments like this show chat: 

The only common solids which conduce electricity are metals and graphite. 

When mecals and graphite conduce electricity, electrons flow through the 

material, but there is no chemical reaction. 

No solid compounds conduct electricity. 

• Which liquids conduct electricity? 
Pure water does not readily conduct electricity. But, water containing a 
little sulforic acid will readily conduce electricity. Unlike metals, the dilute 
sulfuric acid changes when it conduces electricity. It is decomposed, forming 
hydrogen and oxygen. Electricity is a form of energy like heat. We can use it 
co boil water, co cook food and co cause chemical reactions. 

The decomposition of a substance, such as dilute sulfuric acid, by electricity 

is. called electrolysis. 

The compound which is decomposed is called an electrolyte and we 
say that it has been electrolysed. Compounds which don't conduct 
electricity and don't get decomposed a.re called non-electrolytes. 



It is importa nt to know how to test 
both solids a nd liquids, including 
solutions , for conductivity. 
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Figure 16.3 Which liquids conduct? 

1.16 Which substances conduct electricity? 

Conductivity of liquids and aqueous solutions 
Figur e 16.3 shows how we can test the conductivity of liquids. The terminals 
through which the current enters and leaves the electrolyte are called 
electrodes. The electrode connected to the positive terminal of-rhe battery 
is positive itself and is called the anode. The electrode connected to the 

negat ive terminal of the battery is negative itself and is called the cathode. 

Table 1 shows the results of tests on various liquids and aqueous solutions. 

Table 1 Testing to see which liquids andl aqueous solutions conduct 

Does the liquid Does the solution 
Pure liquids conduct? Aqueous solutions conduct? 

bromine· no sugar (C,2H22011) no 

merc ury' yes ethanoic acid (CHsCOOH) yes 

molten sulfur' no 1 M solution yes 
su~uric acid (H2S0..) 

molte n zinc· yes copper(II) sulfate (CuSO..) yes 

wate r (H20) no potassium iod ide (Kl) yes 

ethanol (alcohol) no ethanol (alcohol) C2H50 H yes 
(C2HsOH) 

molte n sodium yes sodium chloride (NaCl) yes 
chloride (NaCl) 

molte n lead bromide yes 
(PbBr2Y 

• Do not test 1hese in the lab. 

Analysing the results 

Look at the results in Table 1. 

1 Do the liquid metals conduct elecrricity? 
2 Do the liquid non-metals conduct electricity? 
3 Do the compounds containing only non-metals (covalent compounds) 

co nduce: (i) when liquid, (ii) in aqueous solution? 
4 Do the compounds containing both metals and non-metals (ionic 

co mpounds) conduct electricity: (i) when liquid, (ii) in aqueous solution? 

The answers to these questions are summarised in Table 2. 

Table 2 The conduction of electricity by elements and compounds 

Elements Compounds 

Non-metals 
Metal/non-metal, I Does the Metals and except Non-metal, 

substance graphite graphite ionic (e.g. NaCl, covalent (e.g. 
conduct as a ... (e.g. Fe, Zn) (e.g . Br., S) cuso.> C2HsOH, CCI,) 

solid yes no no no 

liquid yes no yes no 

aqueous solution yes (and acids) no (except acids) 
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STUDY QUESTIONS 

Figure 16.4 Aluminium is manufactured by electrolysis from aluminium oxide. At this 
factory, molten aluminium is removed from the electrolysis tanks using the suspended 
and moveable vat shown in the photo. 

Notice the following points from the results in Table 2. 

• Ionic metaljnon-mecal compounds conduct electricity when they are 
molten (liquid) and when they are dissolved in water (aqueo us). These 
compounds are decomposed during electrolysis. 

• Covalent non-metal compounds do not conduct in the liquid state or in 
aqueous solution (except aqueous solutions of acids). 

1 Explain the following words: electrolysis, electrolyte, 

electrode, anode, cathode. 

calcium, carbon disulfide, copper sulfate solution, 
lead, carbon, water, methane (natural gas), 

phosphorus, dilute sulfuric acid 2 From the following list name: 

a) two mietals 
b) two non-metals 

c) two electrolytes 
d) two pure liquids at 20 °C 

e) two elements which conduct 
f) two compounds that are gases at 1 1 0 °C 
g) three compounds that are non-electro lytes. 

3 a) Write down the rule about the conduction 

of electricity by compounds containing only 

non-metal elements. 
b) Write down the rule about the conduction of 

electri city by compounds containing metal and 
non-metal elements. 
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Figure 1l2 Investigating the products 
when solutions are electrolysed. 

This drawing of an old chemical works producing sodium hydroxide 
by electrolysis from sodium chloride looks a lot cleaner than the 
works probably did in operation. Using electrolysis to break down 
compounds into their elements or to make more useful chemicals can 
be very hazardous, as often lots of toxic gases are produced that need 
to be dealt with safely. 

Figure 17.1 An early chemical works using electrolyis to produce sodium hydroxide and 
chlorine. 

• What are the products of electrolysis? 
When compounds are electrolysed, new substances are produced at the 
electrodes. For example, when electricity is passed through molten sodium 
chloride, pale green chlorine gas comes off at the anode and shiny molten 
sodium forms at the cathode. 

The products at the electrodes \.\nen aqueous solutions are electrolysed 
can be investigated using the apparatus in Figure 17.2. \Vhen copper 
sulfate solution is electrolysed using this apparatus, a pink deposit of 
copper appears on the cathode (see Table 1 on the next page). Bubbles ofa 
colourless gas st ream off the anode and collect in the inverted test tube. This 
gas relights a glowing spline, showing that it is oxygen. 

Table 1 also lists the products formed ac the electrodes when various other 
liquids and aqueous solutions are electrolysed. Note that the products may 
come from the water when aqueous solutions are electrolysed. 

Which types of element are produced at the anode? Which types of element 
are produced at the cathode? 

When acids and ionic (metal/ non-metal) compounds conduct e:Jectriciry, 
new substances are formed as follows. 

• A metal or hydrogen is formed at the cathode. 
• A non-metal (except hydrogen) is formed ac che anode. 
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Figure 17.3 Explaining the electrolysis of 
molten sodium -chloride 

Figure 17.4 

Table 1 The products formed at the electrodes when some I iquids and aqueous solutions 
arG electrolysed 
Substance electrolysed Product at anode Product at cathode 

molten sodium chloride pale green chlorine gas sodium 

molten lead bromide orange-brown bromine gas lead 

aqueous potassium iodide iodine which colours the hydrogen 
solution brown 

aqueous copper su If ate oxygen copper (deposited on the 
cathode) 

dilute hydrochloric acid chlorine hydrogen 

dilute sulfuric acid oxygen hydrogen 

aqueous zinc bromide bromine which colours the zinc (deposited on the 
solution brown cathode) 

aqueous sodium chloride chlorine hydrogen 

When acids and ionic (metal/ non-metal) compounds are electrolytes, the 
compounds are decomposed by electrical energy. An element is produced at 
each electrode. This is very different from metals, which are not decomposed 
when they conduct electricity. The first two electrolyses in Table 1 can be 
summarised in word equations as: 

sodium chloride 
electrical ene rgy 

sodium + chlorine 

lead bromide 
electrical energy 

lead + bromine 

• Explaining electrolysis 
Sodium and chlorine are manufactured by t he electrolysis of molten sodium 
chloride. When an electric current passes through molten sodium chloride, 
a shiny bead of sodium is produced at the cathode and chlorine gas forms at 
the anode (Figure 17.3). This decomposition is caused by electrical energy in 
the current, but how does this happen? 

From Chapter 1.14 we know that metal/ non-metal compounds are 
composed of ions - positive metal ions and negative non-mecal ions. Sodium 
chloride is a compound of the metal sodium and the non-metal chlorine, 
and consists of positive sodium ions, Na+, and negative chloride ions, CJ-. Its 
formula is Na•c1-, or simply Na.Cl because the positive charge on one Na• 
ion balances the negative charge on one c1- ion to produce neutral NaCL 

Half-equations 
During electrolysis charged ions move cowards the electrode of opposite 
charge. 

So, when molten sodium chloride is electrolysed, Na• ions move towards the 
negatively d1arged cathode. Here, they combine with negative electrons on 
the cathode co form neutral sodium (Figure 17.4). 

Na• + e- Na 

sodium ion in electron on sodium atom 
sodium chloride cathode from in metal 

electrolyte battery 
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Figure 17.5 

STUDY QUESTIONS 

The c1- ions are attracted to the positive anode. Here they lose an electron co 
the anode leaving neutral chlorine atoms (Figure 17.5). 

c 1-

chloride ion in 
electrolyte 

e­

electron given 
to anode 

+ Cl 

chlorine atom 

The Cl atoms then join up in pairs co form molecules of chlorine gas, Clz. 

d + d ""7 Clz 

chlorine atom chlorine atom chlorine molecule 

So, overall for the reaction at the cathode where chloride ions become 
chlorine gas: 

2c1-(aq) - 2c- ""7 Cl2(g) 

These equations show that during electrolysis Na• ions take electrons from 
the cathode and c1- ions give up electrons to the anode. The electric current is 
being carried through the molten sodium chloride by ions. The electrolysis of 
other molten and aqueous substances can also be explained in terms of ions. 

The equation summarising the reaction at one electrode is called a half­
equa tion because it represents only half of the overall electrolysis. 

When aluminium oxide is electrolysed, the half-equations are: 

AP·(l) + 3e- ""7 Al(s) 
202-(1) - 2e- ""7 02(g) 

1 When molten lead bromide, PbBr2, is electrolysed 
lead forms at the cathode and orange-brown bromine 

gas forms at the anode. 

3 What are the products at the electrodes when the 

following compounds are electro lysed? 
a) molten calcium chloride 

a) What ions are present in PbBr2? 
b) Write ha.If-equations for the reactions at the 

anode and cathode during electrolysis. 
2 Which of the following substances are electrolytes? 

copper, molten wax, hydrochloric acid, alcohol, 
aqueous magnesium chloride 

b) hydrobromic acid 
c) aqueous zinc sulfate 

4 Copy and balance the following half-equations for 
reactions at electrodes. 

a) H+ + e- ""7 H2 
b) 0 2- ""7 e- + 02 
c) Al9• + e- ""7 Al 
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~ o ~ ffi Charges on ions 
In industry when using electrolysis to obtain aluminium or other 
chemicals it's important to know how much electricity is being used. 
It is no good selling your product for less money than it costs you to 
make, and electricity is very expensive. 

Figure18.1 At home the electricity bil I can be a lot of money. Imagine what the bill is for 
run1ning an aluminium electrolysis works! 

• Measuring electric charge (electriciity) 
If 1 coulomb (C) of electric charge passes along a wire in 1 second, then 
the rare of charge flow (i.e. the electric current) is 1 coulomb per second or 
1 ampere (A). If3 coulombs pass along the wire in 2 seconds, then the current 
is 1 coulombs per second or f A. So, when Q coulombs flow along a wire in t 
seconds, the electric current (I) is given by: 

I = Q 
t 

This equat ion can be rearranged to give: 

Q 

charge 
(in coulombs) 

.·. lAforlsecond= lXl = lC 
2A for 1 second= 2x 1 = 2C 
2A for 5 second = 2x 5 = lOC 

I 

currenc 
(in amps) 

X t 

time 
(in seconds) 

The equation: charge = current x time, can be compared to the flow of water 
along a pipe since: 

amount of water passed = rate of flow of water x time 
(i.e. current) 

So far, we know chat during electrolysis: 

• a metal or hydrogen forms at the negative cathode 
• a non-metal ( except hydrogen) forms at the positive anode. 



When measuring the electric 
charge using the method shown in 
Figure 18.2, it is important that the 
ammeter reading remains constant 

1.18 Charges on ions 

The negative cathode attrac ts positive ions and the positive anode attracts 
negative ions. This helps to confirm that: 

• metals and hydrogen have positive ions - these ions are called catio ns 
because they are attracted to the cathode 

• non-metals (except hydrogen) have negative ions - these ions arc called 
a nions because d1ey are attra.cccd to the anode. 

• How much electric charge (electricity) is 
needed to deposit 1 mole (63.5 g) of copper? 

Using the apparatus in Figure 18.2, we can find the amount of charge 
required to deposit 1 mole of copper (63.S g) on the cathode during 
electrolysis. From this result, we can decide how much charge the copper 
ion has (i.e. whether d1e copper ion should be written as Cu+, Cu2+, Cu3• , 

etc.). The rheostat (variable resistor) is used co keep the current constant and 
quite low. If the current is coo large, the copper deposits too fast and drops 
off the cad1ode. 

switch 

cr--~ 
rheostat u,---

copper sulfate solution 

Figure 18.2 Measuring the electric charge in the electrolysis of copper sulfate solution. 

Make sure the copper cathode is clean and dry and then weigh it . Connect 
up the circuit and pass about 0.15 A for at least 45 minutes. Now, remove the 
cathode, wash it in distilled water and then acetone. When it is completely 
dry, reweigh it. 

1 Why must the cathode be clean and dry when it is weighed before 
electrolysis? 

2 Why is the cathode washed in distilled water and then acetone after 
electrolysis? 
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Figure 18.3 Copper-plated sheets being 
removed from an electroplating bath. 

Table 1 The amount of charge needed to 
produce 1 mole of atoms, for five elements 

Number of coulombs 
required to produce 

Element 1 mole of atoms 

copper 193000 

sodium 96500 

silver 96500 

aluminium 289 500 

lead 193000 

Here are the results of one experiment like that shown in Figure 18.2. 

Mass of copper cathode before electrolysis = 43.53 g 
Mass of copper cad10de after electrolysis = 43.66 g 
.·. Mass of copper deposited = 0.13 g 

Time of electrolysis = 45 min = 2700 seconds 
Current = 0.15 A 
Quantity of electric charge used = Ix t 

= 0.15 X2700 
= 405 coulombs (C) 

0.13 g copper is produced by 405 C 

. d d b 405 :. 1 g copper LS pro uce y --C 
0.13 

so, 1 mol of copper (63.S g) is produced by 
405 

x 63.S 
0.13 

= 198000 C 

• How the electric charge needed cain be 
predicted from a metal's charge 

Ac.curate experiments show that 1 mole of copper is deposited by 193 OOO 
coulombs. This amount of electricity would operate a two-bar radiant 
electric heater for about 6 hours,just to make 63.S g of copper. 

All the copper obtained from copper ore is purified using electrolysis. 
Figure 18.3 shows a small-scale purification works. The impure copper is 
placed in the electrolysis cell as the anode and pure copper is obtained at the 
cathode. Imagine the cost of electricity needed to make 1 kg of copper. 

Table 1 shows the amount of charge required to produce 1 mole of atoms 
for five different elements. Notice that twice as much charge is required to 
produce one mole of copper as i:s required to produce one mole of sodium; 
and three times as much charge is required to produce 1 mole of aluminium. 

When molten liquids and aqueous solutions are electrolysed, the quantity 
of electricity needed to produce one mole of an element is always a 
multiple of 96 SOO coulombs (i.e. 96 SOO or 193 OOO (2 x 96 500) or 289 SOO 
(3 x 96 SOO)). Because of this, 96 SOO coulombs is called a fara day (F), in 
honour of Michael Faraday. Faraday was the first scientist to measure the 
masses of elements produced during electrolysis. 

Charges on ions 
During electrolysis, the positive charge on 1 mole of sodium ions requires 
96 SOO C (i.e. one faraday) of negative charge from electrons on the cathode 
to form 1 mole of sodium atoms. 

This is summarised in the half-equation: 

1 mol of sodium 
ions 

+ 
1 mol of electrons 

Na 

1 mol of sodium 
atoms 



Figure 18.4 Copper has two oxides and 
two chorides. 

1.18 Charges on ions 

So, 1 faraday (96 SOOC) is the charge on 1 mole of electrons 
(6 x 1023 electrons). 

Twice as much charge (193000 C) is required to produce 1 mole of copper as 
is required co produce 1 mole of sodium (96500 C).Therefore the charge on 
one copper ion is twice as great as that on a sodium ion, and the copper ion 
is written as cu2•. 

Look ac Table 1. 

1 How much charge is required co produce 1 mole of silver? 
2 What is the charge on one silver ion? 
3 What is the formula for a silver ion? 

In this way, chemists have built up a list of ions with their charges, like 
chose in Table 2. Notice that copper can form two ions, cu• and cuz+. We 
show this in the names of the corn pow1ds by using the names copper(!) and 
copper(II). Thus, copper forms two oxides, two chlorides, two sulfates, etc. 
The correct names for its two oxides are copper(!) oxide which is red, and 
coppcr(II) oxide which is black (Figure 18.4). Most of the common copper 
compounds are copper(II) compounds. These include copper(II) oxide and 
blue copper(II) sulfate. Iron can also form two different ions, Fe2+ and Pel+, 
and we use the names iron(II) and iron(III) for their respective compounds. 

As we found in Chapter 1.11, common metal ions have a charge of2+ 
except: 

• Ag+, Na• and K· with a charge olf l + (co remember these, say'agnak') 
• eel+, Al3• and Fe3

• with a charge of3+ (to remember these, say 'cralfe'). 

Notice in Table 2 that some negative ions are made from a group of acorns. 
For example, nitrate, (N03-) contains one nitrogen atom and three oxygen 
atoms. 

Table 2 Common ions and their charges 

Positive ions (cations) Negative ions (anions) 

hydrogen H• chloride Ci 

sodium Na• bromide Br 
potassium K• iodide 1-

silver Ag• nitrate NOs-

lithiurm u• hydroxide OH-

copper(!) Cu• oxide 02-

copper(II) c u:i. carbonate COs2-

magnesium Mg2+ sulfide 52-

calci1Um ca:i. sulfate so,2-

zinc zn:i. 

iron(III) Fe2' 

iron(IIII) Fe3' 

aluminium A13+ 

Now watch the Animation Charges on ions. 
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Figure 18.5 Liming the soil. Lime is calcium oxide. It contains calcium ions and oxide ions. 
Wh.at are the formulae of these ions? 

• Calculating the amounts of products 
during electrolysis 

From the half-equations for par;cicular ions and the quantity of electric 
charge that passes, you can calculate the masses and volumes of elements 
produced during electrolysis. 

Example 
What masses oflead and bromine are produced at the electrodes when a 
current of2A passes through molten lead bromide for 30 minutes? 

What volume would the bromine gas occupy at r.t.p.? 

(Pb = 207, Br = 80, molar volume = 24000cm3/ mol at r.t.p.) 

Answer 
The half-equations at the electrodes are: 

Cathode(- ) Pb2+ + 2e- -t Pb 

Anode(+) 2Br--t Br2 + 2e-

The quantity of charge passed = I x t 

= 2 X 30 X 60 = 3600C 

We know that the charge on 2 moles of electrons (2 faradays) produces 1 
mole of Pb and 1 mole ofBr2• 



1.18 Charges on ions 

193 000C produces 1 mol of Pb and lmolofBr2 

1 1 
~ lC produces 

193000 
mol. of Pb and 

193000 
mol ofB:r2 

3600 3600 
So 3 600 C produces 

193000 
mol of Pb and 

193 000 
mol of Br2 

3600 
:. Mass oflead produced = 

193000 
x 207g = 3.86g 

. 3600 
Mass ofbromme produced = 

193000 
x 160g = 2.98g 

. 3600 
And volume ofbromme produced= 

193000 
x 24000 = 448cm3 

STUDY QUESTIONS 

1 Explain the meaning of the following. 

cation, anion, the faraday 
2 The current in a small torch bulb is 0.25 A. How much 

electricity flows if the torch is used for 15 minutes? 
3 When nicke·I electrodes were used in a solution of 

nickel nitrate, 0. 11 g of nickel was deposited in 
60 minutes using a current of 0.10 A. 
a) What quantity of electric charge passes when a 

current o f 0.1 0 A flows for 60 minutes? 

b) How many coulombs will deposit 1 g of nickel? 
c) How many coulombs will deposit 1 mole (59 g) of 

nickel? 

4 a) Write a half-equation for the formation of 
hydrogen at the cathode when dilute sulfuric acid 

is electrolysed. 
b) What volume of hydrogen is produced if a current 

of 0.1 92 A flows for 50 minutes? 

(H = 1, molar volume = 24 000cm3/ mol at r.l p.) 

5 Prepare a short talk about the life and work of 

Michael Faraday for the rest of your dass. 
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u o u ® Giant ionic structures 

Figure 19.2 Chalk cliffs are composed 
of an ionic corn pound, calcium carbonate, 
containing calci.um ions (Ca2•) and 
carbonate ions (C032-). 

Whenever you grow crystals of sodium chloride or copper sulfate they 
always have the same shapes. An early space experiment was to see 
if the shape of crystals could be changed by growing them without 
gravity. It made no difference. Crystal shapes reveal something about 
the arrangement of the particles in the crystal, which is always the 
same. 

Figure 19.1 Sodium chloride and copper sulfate crystals always have the same shapes. 
Why is this? 

• Forming ionic compounds by electron 
transfer 

We saw in Chapter 1.14 that ionic compounds form when metals react with 
non-metals. For example, "11en sodium bums in chlorine, sodium chloride 
is formed. This contains sodium ions (Na+) and chloride ions (Cl-). 

Na 

sodium atom 

+ Cl 

chlorine atom sodium ion chloride ion 

These ions form by transfer of electrons. During the reaction, each sodium 
atom gives up one electron and forms a sodium ion. 

Na ~ Na• + e-

The electron is taken by a chlorine a.tom to form a chloride ion. 

Cl + e-~ c 1-

When ionic compounds form, metal atoms lose electrons and form positive 
ions, while non-metal atoms gain electrons and form negative ions. This 
transfer of electrons from metal:s to non-metals explains the formation of 
ionic compounds. 

Figure 19.3 shows what happens when calcium reacts with oxygen to form 
ca.lcium oxide. In this case, two electrons are transferred from each calcium 
atom to each oxygen atom. 



Figure 19.4 The arrangement of ions in 
one layer of a sod ium chloride crystal. 

1.19 Giant ionic structures 

Ca + 0 Ca2+ 
calcium atom oxygen atom calcium ion oxide ion 

calcium oxide 

Figure 19.3 

• Bonding and structure 
In solid ionic compounds, the ions are held together by the attraction 
between positive ions and negative ions. This force of attraction between 
oppositely charged ions is called an ionic or electrovalen t bond. 
Figure 19.4 shows how the ions are arranged in one layer of sodium 
chloride and Figure 19.5 is a 3-D model of its structure. Notice that Na• 
ions are surrounded by c1- ions and that c1- ions are surrounded by Na• 
ions. 

This kind of arrangement in which large numbers of ions are packed 
together in a regular pattern as a giant three-dimensional lattice is an 
example of a gian t structure. 

Giant ionic structures are held together very firmly by ionic bonds - strong 
electrostatic attractions between oppositely charged ions. This explains the 
properties of ionic compounds. 

Figure 19.5 A 3-0 model of the structure of sodium chloride. The larger green balls 
represent c1- ions (A,= 35.5). The smaller red balls represent Na• ions (A, = 23). 
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Table 1 The names and formulae of some 
ionic corn pounds 

Name of ionic compounds Formula 

calcium nitrate· Ca2• (N03-)2 
or Ca(NOg)2 

zinc sulfate zn2+so,2-
or ZnS04 

sodium carbonate (Na•)2C032-
or Na2C03 

potassium iodide K•r or Kl 

STUDY QUESTIONS 

• Properties of ionic compounds 
• Ionic compounds h ave high melting points and high b o iling points. 

In general, the melting points and boiling points of ionic compounds 
increase as the charges on the ions increase, because larger charges result 
in stronger ionic bonds. For example, the melting point of sodium 
fluoride, Na+F-, is 993 °C, whereas that of sodium oxide, (Na•)io2-, is 
1275 °C and that of magnesium fluoride, Mg2+(P-)z, is 1261 °C. 

• Ionic compounds do not conduct electricity wh en solidi, because 
the ions can only vibrate abouc fixed positions in the solid lattice. They 
cannot move freely cowards the electrodes. 

• Ionic compounds conduct electricity wh en m olten or in aqueous 
sol ution as the charged ions can move freely in the liquid cowards the 
electrode of opposite charge (see Chapters 1.17 and 1.18). 

• The formulae of ionic compounds 
The formulae of ionic compounds, like sodium chloride (NaCl) and calcium 
oxide (CaO), can be obtained by balancing the charges on their positive and 
negative ions (Chapter 1.11 ). For example, the formula of calcium chloride is 
Ca2•(cJ-)2 or simply CaCl2• Here, two c1- ions balance the charge on one Ca2• 

ion. 

Can you see that the number of charges on an ion is a measure of its 
'combining power'? Na• has a combining power of 1, whereas Ca2+ has a 
combining power of 2. This means chat Na• can combine with only one 
CJ+ co form Na•c1-, whereas ca2+ can combine with two cJ- ions co form 
cai+(cJ-)z. 

Table 1 shows the names and formulae of some ionic compounds. Notice 
chat the formula of calcium nitrate is Ca(N0 3) 2• The brackets around N03-

show that it is a single unit with. one negative charge. Thus, c:wo N0 3- ions 
balance one ca2+ ion. Other ions such as S042-, C032-and OH- must also be 
put in brackets when there are two or three of them in a formula. 

1 Which of the following substances conduct electri city 3 Write the symbols for the ions and the formulae of 
the following compounds. a) when liquid 

b ) when solid? 

diamond, potassium chloride, copper, carbon disulfide, 

sulfur 
2 Look at Figures 19.4 and 19.5. 

a) How many c 1- ions surround one Na• ion in the 
3-D crystal? 

b ) How many Na• ions surround one Cr ion in the 
3-D crystal? 

potassium hydroxide, iron(I II) nitrate, barium chloride, 

calcium carbonate, silver sulfate, sodium sulfate, 

aluminium oxide, zinc bromide, copper(! I) nitrate, 
magnesium sulfide 

4 Sodium fluori de and magnesium oxide lhave the 

same crystal structure and similar distainces between 

ions. The melting point of NaF is 993 °C, but that of 
MgO is 2640 °C. Why is there such a b:ig difference 

in their melting points? 



1.20 The structure of substances 

~ 0 ~@ The structure of 
substances 
The uses of materials depend on their properties. For example, copper 
is used for electrical wires and cables because it can be drawn into 
wires and it's a good conductor of electricity. Clay is used for pots and 
crockery because it's soft and easily moulded when wet, but becomes 
hard and rigid when heated (fired) in a furnace. 

Figure 20.1 Metal was used to make suits of armour in the Middle Ages. Why do you 
think metal was used? 

• The importance of particles 
All substances are made up of part icles. Ifwe know how these particles 
are arranged (the structure) and how the particles are held together (the 
bonding), we can explain the properties of substances. For example, copper 
is a good conductor because its metallic bonding allows electrons to move 
through the structure when it is connected to a battery. And copper can be 
drawn into wires because its layers of atoms can slide over each other in their 
close-packed structure. 
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Figure 20.2 Soft wet clay is easily 
moulded to make objects that, when fired, 
are hard and rig id. What do you think 
happens to the structure of the damp clay 
when fired? 

Wee clay is soft and easily moulded because water molecules can get between 
its flat two-dimensional structure. When clay is fired, all the water molecules 
are driven out. Atoms in one layer bond to those in the layers .above and 
below. This gives the clay a three-dimensional structure, making it hard, 
rigid and useful for pots and crockery. 

Notice how: 

• the structure and bonding of a substance determine its properties 
• the properties of a substance determine its uses. 

• Linking structure, bonding and properties 
The links from structure and bonding to properties help us to explain the 
uses of materials. They explain "11y metals are used as conductors, why 
graphite is used in pencils and why clay is used to make pots. 

Using X-ray ana.Jysis, we can find our how the particles are arranged in a 
sub stance (its structure), but it is more difficult to study the forces between 
these particles (its bonding). 

You know chat all substances are made up from only three kinds of 
particle - atoms, ions and molecules. These three particles give rise co 
four different types of solid structures: 

• giant ionic structures 
• simple molecular strucrures 
• giant covalent structures 
• giant meta.Ilic structures. 

Table 1 shows the particles in these four structures, the types of substances 
they form and examples of these substances. 

Table 1 The four types of solid structure and the particles they contain 

Particles in the Types of 
Type of structure structure substance Examples 

giant ionic ions compounds Na•c1- (salt) 
of metals with Ca2•02- (lime) 
non-metals Cu2•SQ,2-

(copper(II) sulfate) 

simple molecular small molecules non-metals, or I, (iodine) 
containing a few non-metal 02(oxygen) 
atoms compounds H20 (water) 

C02 (carbon dioxide) 

giant covalent very large non-metals, or diamond, graphite, 
molecules contain- non-metal corn- polythene, sand 
ing thousands of pounds (silicon dioxide, Si0,0 
atoms 

giant metallic atoms metals and alloys Na, Fe, Cu, steel, 
(mixtures of metals) brass 

Giant ionic structures and the properties they lead co have been considered 
in Chapter 1.19. Simple molecular, giant covalent and metallic structures 
will be considered in the next three chapters. 
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Figure 20.3 A large natural diamond 
embedded in volcanic igneous rock How 
do the structure and properties of diamond 
lead to its use in jewellery? 

Figure 20.4 A sample of lead sulfide 
(galena) crystals. What particles will lead 
sulfide contain? How do you think the 
particles are arranged? 

STUDY QUESTIONS 

1 Get into a small group w ith two or three others. 
Look at the photos in this chapter and discuss the 

questions in the captions. 
2 Look atTable 1. Suggest two differences in the 

properties of simple molecules with covalent bonding 

and giant covalent structures. 

3 What type o f structure w ill the following substances 
have? 
chlorine, limestone (calc ium carbonate), silver, air, 

rubber, polyvinylchloride (PVC), bronze, wood 

4 Conductivity tests can give evidence for the particles 
in a substance and its type o f structure. Describe: 

a) the tests you would carry out 
b) the results you would expect 

c) the conclusions you would make from your resul ts 

for each structure type. 
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~ o~~ Simple molecular 
substances 

weak intermolecular forces 
between separate water 
molecules 

Figure 21.2 Covalent bonds and 
intermolecular forces in water. Water is 
a simple molecular substance. In each 
water molecule, there are strong covalent 
bonds between the two hydrogen atoms 
and the oxygen atom. But the separate 
water molecules are held together by only 
relatively weak intermolecular forces. 

Water is an extraordinary compound. As well as being a liquid between 
o•c and 1 oo•c, it is one of the few substances that expands on 
cooling. So ice is less dense than water, and floats on the surface of 
lakes and the seas. Life can exist in the liquid water beneath the North 
Pole's ice, insulated from the extreme cold. Without these properties 
life on Earth could never have evolved. 

Figure 21 .1 Under the North Pole there is liquid water and life. 

• What is a simple 1molecular substance? 
0}..-ygen (02) and water (H2 0) are good examples of simple m olecular 
substances. They have simple molecules containing a few atoms. Mose non­
metals and non-metal compounds are also made of simple molecules. For 
example, hydrogen is H2, chlorine is Ch, carbon dioxide is C0.2 and methane 
in natural gas is CH4• Sugar (C12H220 11) has much larger molecules than 
these substances, but it still counts as a simple molecule. 

Forces of attraction between molecules 
In simple molecular substances, the atoms are held together in each 
molecule by strong covalent bonds, but there are only weak forces between 
the separate molecules (Figure 21.2). The weak forces between separate 
molecules are called int ermolecular forces or Van der Waals forces ('inter' 
means between; 'Waal' is pronounced 'Vaal'). 

• The properties of simple molecular 
substances 

The properties of simple molecular substances can be explained in terms 
of their structure and the weak forces between their molecules. In simple 
molecular substances, there are no ions (as in ionic compom1ds) or freely 
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Figure 21.3 A simple picture of atomic 
structure. 

1.21 Simple molecular substances 

moving electrons (as in metals). So there are no forces between oppositely 
charged ions, or between electrons and positive ions, holding them together. 
Some simple molecular substances, like water and sugar, exist as liquids and 
solids, so there must be some forces holding their molecules together. 

• Simple molecular substances are soft. The separate molecules in simple 
molecular substances, like sugar, are usually further apart than atoms in 
metals and ions in ionic structures. The forces between the molecules are 
only weak and the molecules are easy co separate. Because of this, crystals 
of these substances are usually soft. 

• Simple molecular substances have low melting points and boiling 
points. Because of their weak intermolecular forces, it takes much less 
energy co separate the molecules in simple molecular substances than 
co separate ions in ionic compounds, or acorns in metals. So, simple 
molecular compounds have much lower melting points and boiling 
points than ionic compounds and metals. 

• Simple molecular substances do not conduct electricity. Simple 
molecular substances have no mobile electrons like metals. They have no 
ions either. This means that they cannot conduct electricity as solids, as 
liquids or in aqueous solution. 

• Molecular compounds 
Metals can be mixed to form alloys, bur they never react with each other co 
form compounds. For example, zinc and copper will form the alloy brass, 
but the two metals cannot react chemically because they both wane co lose 
electrons and form positive ions. 

Unlike metals, non-metals can react with each other and form a compound. 
These non-metal compounds consist of both simple molecular compounds 
and giant covalent compounds, like silica (silicon dioxide, Si02) and 
polymers. They are collectively called molecular compounds. 

Forming molecular compounds - electron sharing 
All atoms have a small positive nucleus, surrounded by a very large region 
in which negatively charged electrons move ( Chapter 1.5). The negative 
charge on the electrons is balanced by positive charge in the nucleus, so that 
the whole atom is neutral. Almost all the mass of the atom is concentrated 
in the nucleus (Figure 21.3). Different acorns have difforent numbers of 
electrons. Hydrogen atoms are the smallest with only one electron, helium 
atoms have two electrons and oxygen atoms have eight electrons. 

When two non-metals react co form a molecule, the regions of e.1ecrrons in 
their atoms overlap so that each atom gains negative charge. The positive 
nuclei ofboch atoms attract the electrons in the region of overlap and this 
holds the atoms together (Figure 21.4). This type of bond formed by electron 
sharing between non-metals is a covalent bond (Chapter 1.14). Notice chat 
covalent bonding, like ionic bonding, involves attraction between opposite 
charges. 

Covalent bonds hold atoms together within a molecule but there are also 
intermolecular forces holding the separate molecules together in simple 
molecular liquids like water and simple molecular solids like sugar. 
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region of electrons 
in oxygen atom 

regions of electrons 
shared by hydrogen 
and oxygen atoms 
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region of electrons 
in hydrogen atom 

Figure 21.4 The simple structure of a molecule of water. 

Formulae of molecular compounds 
Table 1 includes the formulae and structures of some well-known simple 
molecular compounds. In some simple moleculer substances, such as °"·'Ygen 
(0.2) , two atoms share two pairs of electrons and so have two covalent bonds 
(a double bond) holding them together. 

Formulae that show all the bonds between atoms in a molecule, such as 
H-H for hydrogen and O = C= O for carbon dioxide, are called displayed 
formulae. These show the number of covalent bonds to each atom. Notice 
that hydrogen can form one bond with other atoms (H-), so its combining 
power (Chapter 1.19) is 1. 

Table 1 Formulae and structures of some simple molecular substances 

Name and formula Displayed formula Model of structure 

hydrogen, H2 

oxygen, 02 

methane, CH, 

hydrogen chloride, 
HCI 

chlorine, Cl2 

carbon dioxide, C02 

H-H 

O = O 

H 

I 
H- C -H 

I 
H 

H- CI 

Cl - Cl 

O = C = O 



Figure 21.5 This model of a molecule was 
drawn using a computer to analyse the 
results obtained du ring the investigation of 
various organic substances. 

STUDY QUESTIONS 

1 Explain the meaning of the following. 

1.21 Simple molecular substances 

The combining powers of chlorine and bromine are also 1. Oxygen forms 
two bonds with other acorns (-0- or 0 =). Its combining power is therefore 
2. Nitrogen atoms form three bonds and carbon acorns form four bonds, so 
their combining powers are 3 and 4 respectively. 

Although we can predict the formulae of molecular compounds from the 
number of bonds which the atoms form, the only sure way of knowing a 
formula is by chemical analysis. For example, carbon forms four bonds and 
oxygen forms two bonds, so we would predict that carbon and oxygen will 
form a compound O = C= O. This compound, carbon dioxide, does exist, but 
so does carbon monoxide, CO, which we could not predict. 

covalent bond, intermolecular force, simple molecule, 
displayed formula, nucleus 

4 What properties does butter have to show that it 
contains si1mple molecular substances? 

5 Assuming t he usual combining powers of the 
elements, draw the structures of the following 
compounds (show each bond as a line - ). 
dichlo rine oxide (Cl20), tetrabromomethane (carbon 
tetrabromide, CBr .), nitrogen trichloride (NCla), 
hydrogen peroxide (H20 2) , ethane (C2Hs), 

2 Simple molecular substances often have a smell, but 
metals do not Why is this? 

3 A substance is a non-conductor of electricity in the 
sol id state. It melts at 21 7 •c and boils at 685 •c. 
Could this substance be: (i) a metal, (ii) a non-metal, 
Gii) a giant covalent substance, (iv) an ionic solid, (v) 
a s imple molecular solid? 

e thene (C2H.) 
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~ o~~ Diamond and graphite 
giant covalent 

structures 

Figure 22.2 An 'open' model of the 
diamond structure. Each black ball 
represents a carbon atom and each line is 
a covalent bond. 

Diamond and graphite are both made of pure carbon but these two 
solids have very different properties and uses. Diamond ·is hard and 
clear, whereas graphite is soft and black. Diamonds are used to cut 
stone and engrave glass, but graphite in pencils is used by artists to 
achieve a soft, shaded effect 

Figure 22.1 Diamonds that are not g:ood enough for jewellery are used in glass cutters 
and in diamond-studded saws. Th is photo shows an engraver using a diamond-studded 
wheel to make patterns in a glass vase. 

• Allotropes of carbon 
The different forms of solid carbon are ca.lled allotropes. A few other elements 
also have allotropes. Oxygen has two allotropes - 01,.'Ygen (02) and ozone (03). 

Allotropes are different forms of the same element in che same state. 

Diamond and graphite have different properties and different uses because 
they have different structures. They both contain carbon, bur the carbon atoms 
are packed in different ways. The arrangement of carbon atoms in diamond 
and graphite has been studied by X-ray analysis. 

• Diamond 
In diamond, carbon atoms are joined to each other by strong ,covalent 
bonds. Inside the diamond structure (Figure 22.2), each carbon atom forms 
covalent bonds with four other carbon acorns. Check this for yourself 
in Figure 22.2. These strong covalent bonds extend through the whole 
diamond, forming a three-dimensional giant structure. 



1.22 Diamond and graphite - giant covalent structures 

The structure of diamond is described as a giant covalent structure. Only 
a small number of atoms are shown in the model in Figure 22.2. In a real 
diamond, this arrangement of carbon atoms is extended millions and 
millio ns of times. Every perfect diamond is a giant structure with covalent 
bonds linking one carbon atom to the next. 

The properties and uses of diamond 
• Diamonds are very hard because the carbon atoms are linked by very 

strong covalent bonds. Another reason for its hardness is that the atoms 
are not arranged in layers so they cannot slide over one another like the 
atoms in metals. Most industrial uses of diamond depend on its hardness. 
Diamonds chat are not good enough for gems are used in glass cutters 
and in diamond-studded saws. Powdered diamonds are used as abrasives 
for smoothing very hard materials. 

• Diamond has a very high m elting point. Carbon atoms in diamond 
are held in the giant structure by very strong covalent bonds and there 
are many of them. This means that the atoms cannot vibrate fast enough 
to break away from their neighbours until very high temperatures are 
reached. So, the melting point of diamond is very high. 

• Diamond d oes n ot conduct el ectricity. Unlike metals, diamond has no 
free electrons. All the electrons in the outer shell of each carbon atom are 
held firmly in covalent bonds. So there are no free electrons in diamond 
to form an electric current. 

• Graphite 
Figure 22.3 shows a model of part of the structure of graphite. Notice that 
the carbon atoms are arranged in parallel layers. Each layer contains millions 
and millions of carbon atoms arranged in hexagons. Each carbon atom is held 
strongly in its layer by strong covalent bonds to three other carbon atoms. So 
graphite is a giant covalen t structl'l.r e, like diamond. The distance between 
neighbouring carbon atoms in the same layer is only 0.14 nm, but the distance 
between the layers is 0.34 nm. 

Figure 22.3 A model of the structure of graphite. Notice the layers of hexagons, one on 
top of the other. 
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Figure 22.4 A can of lubricating oil 
containing graphite. Graphite has a layered 
structure. The layers slip and slide over one 
another very easily. Th is makes graphite 
an excellent material to improve the 
I ubricating action of oils. 

< 

layers of carbon atoms 
slip easily in this direction 
like wet microscope slides 

Figure 22.5 The layers in graphite slide 
over each other like wet microscope 
slides. The wet slides stick together and it 
is difficult to pu 11 them apart But. a force 
parallel to the slides pushes them over 
each other easily and smoothly. 

STUDY QUESTIONS 

The properties and uses of graphite 
• Graphite is a l ubricant. In graphite, each carbon acorn is linked by 

strong covalent bonds to three other acorns in it s layer. But, the layers 
are 2V2 times further apart than carbon acorns in the same layer. This 
means that t he forces between t he layers are weak. If you rub graphite, 
the layers slide over each other and once your fingers. This property 
has led to the use of graphite as t11e 'lead' in pencils and as a lubricant. 
The layers of graphite slide over each other like a pile of wet microscope 
slides (Figure 22.5). 

• Graphite has a high melting point. Although the layers of graphite 
move over each other easily, it is difficult to break the strong covalent 
bonds between carbon atoms wit11in one layer. The covalent bonds are 
strong and there are so many of them. Because of this, graphite does 
not melt until 3730°C and it does not boil until 4830°C. So, it is used 
to make crucibles for molten metals. The bonds between carbon atoms 
in the layers of graphite are so strong that graphite fibres with the layers 
arranged along the fibre are stronger than steel. These fibres are used to 
reinforce metals and broken bones. 

• Graphite conducts electricity. The forces of attraction between the layers 
of graphite are fairly weak. The electrons can move along the layers from 
one atom to the next when graphite is connected to a battery. So graphite 
will conduct electricity, unlike diamond and other non-metals. Because of 
this unusual property, graphite is used for electrodes in industry and as 
the positive terminals in dry cells (batteries). 

Figure 22.6 Graphite fibres have been used to reinforce the shaft of this badminton racket 

1 Why is diamond called a 'giant structure'? 

2 a) Give two uses of diamond. 

b) Expla in w hy the melting point of graphite is very 

high. 

b) Explain how these uses depend on tlhe properties 
and structure of diamond. 

3 The largest natural diamond is the Cullinan diamond. 

This weighs about 600 g. 

a) How m any moles of carbon does it contain? 

(C = 12) 
b) How m any atoms of carbon does it contain? 

4 'Diamonds are a girl's best fri end'. Is this true? What 

do you think? 
5 a) Oescri be the structure of graphite. 

6 Make a table to show the similarities and differences 

between diamond and graphite. 

7 a) Why is a zip-fastener rubbed with a soft pencil to 

make it move more freely? 

b) Why is pencil used rather than oil? 

c) Why us graphite better than oil for lubricating the 

moving parts of hot machinery? 

8 Graphite powder is mixed with clay to m ake pencil 

'lead'. How does the hardness of a penc il depend on 

the amounts of g raphite and clay in it? 



1.23 The properties of metals 

~o~~ The properties 
of metals 

Figure 23.2 Blacksmiths rely on the 
malleability of metals to hammer and bend 
them into useful shapes. 

For thousands of years people have known that you can bend metals 
to make the shape you want. This is different from non-metals, where 
attempting to bend and shape them in this way usually means they 
break There is something different about the arrangement of atoms in 
metals compared with that of non-metals that allows metals to change 
their shape without breaking. 

Figure 23.1 This metal press is cold-pressing parts for the body work of a motor car. Why 
does the metal bend into shape rather than shatter? 

• Classifying elements 
For centuries chemises have classified elements as metals and non-metals. 

• Metals are elements that conduct electricity (Chapter 1.16) and have basic 
oxides (Chapter 2.9). 

• Non-metals are elements that don't conduct electricity and have acidic 
oxides. 

Classifying elements in this way is not always clear cut, but it has proved very 
useful. 

• Properties of metals 
Metals are important and useful materials. Just look around and notice the 
uses of different metals - cutlery, cars, ornaments, jewellery, pipes, radiators, 
girders and bridges. The properties of metals lead to these and many other 
important uses. 

In general, metals: 

• have high densities 
• have high melting points and high boiling points 
• are good conductors of heat and electricity 
• are malleable (can be hammered into different shapes). 
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Figure 23.3 Close packing of atoms in a 
metal. 

Density 
X-ray analysis shows that the atoms in most metals are packed as close 
together as possible. This arrangement is called close packing. Figure 23.3 
shows a few atoms in one layer of a metal. 

Notice chat each atom in the mi<lclle of the crystal touches six other atoms in 
the same layer. When a second layer is placed on top of the first, atoms in the 
second layer sink into the dips between atoms in the first layer. This allows 
atoms in one layer co get as close as possible co those in the next layer. This 
close packing of atoms in metals helps to explain their high densities. 

Melting and boiling points 
High melting points and high boiling points suggest chat there are strong 
forces holding the atoms together in metal crystals. Chemises think that the 
outermost electrons in metal atoms move about freely. So, the metal consists 
of positive ions surrounded by a 'sea' of moving electrons (Figure 23.4). As 
the electrons move about freely and are not localised in one position, they 
are described as delocalised electrons. The negative 'sea' of delocalised 
electrons attracts all the positive ions and so cements everything together. 
These forces of attraction between closely packed acorns result in high 
melting points and high boiling points. 

positive metal atom nucleus free outermost electron 

Figure 23.4 The outermost electrons of each atom move around freely in the metal 
structure. 

Conductivity 
When a metal is heated, energy is transferred co the electrons. The electrons 
move arow1d even faster and conduct the heat (energy) to other parts of the 
metal 

When a metal is connected to a battery in a circuit, freely moving electrons 
in the metal move towards the positive terminal. At the same rime, electrons 
can be fed into the other end of the metal from the negative terminal 
(Figure 23.5). This flow of electrons through the metal forms the electric 
current. 
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Figure 23.5 Electrons flowing along a rrnetal wire form an electric current. 

Malleability 
The forces of attraction between ions and delocalised electrons in a metal are 
strong, bur they are not rigid. When a force is applied to a metal, the layers 
of ions can 'slide' over each other. This is known as slip. After slipping, the 
ions .settle into position again and the close-packed structure is restored. 
Figure 23.6 shows the positions of ions before and after slip. This is what 
happens when a metal is hammered into different shapes. 

(a) (b) 

Figure 23.6 The positions of ions in a nnetal crystal, (a) before and (b) afte r 'slip' has 
taken place. 

1 Explain the following terms: close packing, slip, 
malleable. 

A it burns to form an oxide 

B it reacts w ith non-metals 

2 Explain why metals: 

a) have a high density 

b ) have a high melting po int 

c) are good conductors of heat 

d ) are malleable. 

3 Answer true or false to parts A to F. Some reasons 

for classifying magnesium as a metal are: 

C it reacts only with non-metals 

D it is magnetic 

E it condu cts electricity 

F it has a high density. 

4 a) Why do you think blacksmiths dip red-hot steel 

objects into cold water? 

b ) Why do you think sodium has a much rower 

density and melting point than most metals? 
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Summary 
Make sure you can answer all the questions in the Interactive quiz. 

I am confident that: 

./ I understand the terms atomic number, mass 
number, isotope and relative atomic mass (A,) 

./ I can calculate relative formula masses (M,) from 
relative atomic masses (A,) 
• Add together the relative atomic mass of each 

atom in t he formula. 

./ I can carry out calculations using the mole and 
molar volumes 
• 1 mole of an element is the relative atomic mass in 

grams. 
• 1 mole of a compound is the relative formula 

mass in grams. 
• 1 mole of a compound or element always contains 

Avogadro's number of particles. 
• 1 mole of gas always has a volume of 24 dm3 at 

room cemperacure and pressure (r.t.p.). 

./ I can work out the formula of a compound from 
the charges on its ions 

./ I can work out the formula of a compound from 
experimental data that gives the reacting masses 
of the elements that make up the compound 
• Work out the ratio of atoms of each element by 

dividing the mass or percentage by the relative 
atomic mass of the element. 

• Then divide each element's ratio by the lowest 
ratio co find the numbers of each acorn in the 
compound, and so its formula. 

./ I can write word and balanced chemical 
equations 
• Use the correct formulae of each reactant and 

product. 
• Balance the equation, remembering to leave the 

balancing of oxygen and hydrogen to t he end. 
• Use state symbols (g), (1), (g) and (aq) to describe 

each substance in the equation. 

./ I can calculate the masses of reactants and 
products and the percentage yield 
• Find the reacting ratio of the reactant co the 

product. 
• Calculate the number of moles used by dividing 

the mass of reactant by its relative formula . 
• Calculate the amount of product formed, 

multiplying the reacting ratio and the number of 
moles used to find then umber of moles made. 

• Then multi ply the number of moles made by the 
relative atomic or formula mass of the product . 

• Percentage yield= 
actual yield + theoretical yield x 100% 

./ I can describe how ions are made by the gain or 
loss of electrons 
• Positive ions have lost electrons. 
• Negative ions have gained electrons. 
• The number of electrons lost or gait1ed is given by 

the number of the charge. 

./ I can use electronic configurations of atoms to 
work out the charge on an element's ion 
• Ions have the electronic configuration of the 

nearest noble gas . 
• For metal elements the outer electro ns are lost to 

empty the outer shell. 
• For non-metal elements electrons are gained to fill 

the outer shell. 

./ I can use dot and cross diagrams to explain the 
formation of ionic compounds 

./ I know that ionic compounds form enormous 
three-dimensional crystals 
• The oppositely charged ions are eleccrostatically 

attracted co one another. 
• The crystals have very strong structures. 
• They have high melting and boiling points. 
• The melting and boiling points increase as the 

number of charges on the ions increase. 
• The crystals do not conduce electricity. 

./ I know that a covalent bond is a shared pair of 
electrons between two atoms 
• More than one shared pair of electrons can hold 

atoms together. 



./ I can use dot and cross diagrams to explain the 
bonding of: 
• the elements hydrogen, chlorine, oxygen and 

nitrogen 
• the compounds hydrogen chloride, water, 

methane, ammonia and carbon dioxide. 

./ I understand why compounds with simple 
molecular s.tructures have low melting and 
boiling points 
• The intermolecular forces are weak. 

./ I know that some covalent substances such 
as diamond and graphite form giant covalent 
structures 
• The structures of diamond and graphite are 

very different and this explains their different 
properties and uses. 

• They bot11 have high melting points. 
• Graphite conduces electricity buc diamond does 

not. 

./ I can explain the electrical conductivity and 
malleability of metals 
• The atoms are arranged in a lattice as positive 

nuclei with delocalised electrons that are free co 
carry charge through the metal. 

• The flow of electrons is an electric current. 
• The atoms in the lattice can slide past each other 

when a force is applied. 

Summary 

./ I can exp la in the differences in conductivity 
between covalent compounds and ionic 
compounds and use this to identify the bonding 
in a compound 
• When molten or in solution, ions are free co 

move, carrying electric charge and so -conducting 
electricity . 

• Covalently bonded compounds have 110 ions so 
they cannot conduct electricity. 

./ I understand that electrolysis involves the 
formation of new substances 
• An elecrric current can flow through the molten 

or dissolved substance. 
• The electric current flow transfers electrons from 

negative ions to positive ions, turning the ions 
back to atoms. 

• Sometimes these atoms react with the water 
solution to produce hydrogen or oxygen gas. 

• The positive ions are attracted to t he negative 
electrode, and the negative ions are attracted to 

the posi rive electrode . 

./ I can write ionic half-equations for the reactions 
at the anode and the cathode during the 
electrolysis of: 
• sodium chloride 
• lead bromide 
• copper sulfate 
• dilute sulfuric acid . 

./ I know that 1 faraday is one mole of electrons 
and can use this to calculate the amounts of 
products in an electrolysis experiment 
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Exam-style questions 
1 Look at the Periodic Table on page 267. 

a) Give the symbol ofrhe element that has the 
atomic number of 12. [I] 

b ) Give rJ1e symbol ofrhe element that has a relative 
atomic mass of 12. [1] 

c) Give the number ofrhe group that contains the 
noble gases. [1] 

d) Which group contains elements whose atoms 
form ions wit11 a 2+ charge? [1] 

e) Which group contains elements whose atoms 
form ions with a 1 - charge? [ 1] 

2 Epsom salts are hydrated magnesium sulfate. Their 
formula is sometimes written as MgSO .. xH20. 
Knowing that Epsom salts decompose on strong 
hearing to form anhydrous magnesium sulface, a 
student obtained the following results. 

Mass of dry rest tube = 5.30 g 

Mass of dry test cube + Epsom salts = 6.30 g 

Mass of dry test cube + anhydrous salt= 5.79 g 

a) The student heated the anhydrous salt left in t he 
test tube a second time and found d1at the mass 
of the dry rest tube + anhydrous salt was still 
5.79 g. Why did he do this? [1] 

b) From the results above calculate: 

i) the mass of hydrated magnesiu m sulfate 
taken 

ii) the mass of water in this hydrated sale 

iii) the mass ofMgS04 in this hydrated salt. 

c) Calculate the relative formula mass of: 

i) wacer,H20 

ii) magnesium sulfate, Mgso •. 

d) Work out the number of water molecules in 
Epsom salts. 

3 Lithium and fluorine react together to form the 
ionic compound lithium fluoride. 

[1] 

[1) 

[1] 

[ 1] 

[ 1] 

[4] 

a) i) What is the formula of each of the elements 
before the reaction occurs? [2] 

ii) What is the symbol of each of the ions 
formed in the reaction? [2] 

b) The diagrams show the electronic configurations 
of lithium and fluorine atoms. 

Draw a diagram to show how lithium atoms and 
fl uorine atoms bond together. [2] 

4 The table shows some properties of diamond and 
graphite. 

Diamond Graphite 

colourless, transparent crystalline solid black, shiny solid 

very hard but brittle flakes easily 

non-conductor of electricity conductor of electricity 

a) Why might you expect diamond and graphite co 
have chesame properties? [1] 

b) Explain why diamond and graphite have 
different properties. Your answer should refer co 
their different structures. (4] 

c) Explain why graphite conducts electricity but 
diamond does nor. [2] 

5 Potassium chloride, KC!, is an ionic compound. 

a) Explain why KC! has a high melting point and a 
high boiling point. [2] 

b) Explain why molten KC! conduces electricity, but 
solid KC! does nor. [l ] 

c) Chlorine gas, Ch, consists of molecules. Name 
the type of bonding between: 

i) Cl atoms in Cl2 [ l ] 

ii) Ch molecules in Ch. [ 1] 

6 a) Magnesium, atomic number 12, reacts with 
sulfur, atomic number 16, to form magnesium 
sulfide. 



i) Give the electronic configuration of the two 
elements magnesium and sulfur. (2] 

ii) Explain, by means of a diagram or otherwise, 
the electronic changes that take place during 
the formation of magnesium sulfide. Include 
the charges on the ions. [2] 

iii) Explain why the bonding in magnesium 
sulfide produces a solid with a high melting 
point. [l ] 

b) Hydrogen, atomic number 1, forms hydrogen 
molecules, H2• 

By means of a diagram show the bonding in a 
hydrogen molecule. [2] 

7 This question is about magnesium oxide and its 
formation from acorns of magnesium and oxygen. 

a) Copy and finish the sentences below by choosing 
the best words from this list. 

atoms, covalent, giant, high, ionic, ions, low, 
molecular 

Magnesium oxide is an example of a substance 
with bonding. It has a ___ _ 
structure made up of ____ _ 

Strong, attraction forces between the particles in 
the structure cause magnesium oxide co have a 
_____ melting point. [ 4) 

b) The table below shows the electronic configurations 
of a magnesium atom and an oxygen atom. 

At:om Electronic configuration 

Mg 2,8, 2 

0 2,6 

Describe the changes in electronic configuration 
that take place when magnesium oxide is formed 
from magnesium and oxygen. [3] 

8 Calcium is produced industriaJJy by electrolysing 
molten calcium chloride. 

Calcium is formed at the cathode and chlorine at 
the anode. 

a) The half-equation for the formation of calcium 
at the cathode is: 

ca2• + 2e-~ Ca 

Explain why this reaction is classified as 
reduction. [2] 

Exam-style questions 

b) When 200 faradays of electric charge were 
passed through molten calcium chloride, the 
acc:ual yield of calcium was 3.8 kg. 

What was the theoretical yield of calcium? 
~a = ~ ~ 

9 Use the Periodic Table of elements on page 267 to 
help you answer this question. 

Sodium chloride (NaCl) can be made by burning 
sodium metal in chlorine gas. 

a) Copy and balance this equation for the reaction: 

Na(s) + Cli(g) ~ NaCl(s) 

b) Use dot and cross diagrams to show the 
arrangement of the electrons in: 

i) an atom of sodium 

ii) an ion of sodium 

iii) an atom of chlorine 

iv) a chloride ion. 

c) Chlorine gas has covalent bonds. 

i) What is a covalent bond? 

ii) Draw a dot and cross diagram to show the 

(l] 

[ 1] 

[ 1] 

[ 1] 

[ 1] 

[1] 

bonding in a molecule of chlorine. [2] 

d ) Sodium chloride is an ionic compound. 

i) How are the ions attracted co one another in 
sodium chloride? [1] 

ii) Draw a dot and cross diagram to show how a 
sodium atom and a chlorine acorn bond. [3] 

10 A student made some magnesium chloride by 
reacting 1.2 g of magnesium with an excess of dilute 
hydrochloric acid. 

a) Copy and balance this equation for the reaction: 

Mg(s) + HCl(aq) ~ MgCli(aq) + H2(g) 

b) i) What is meant by an excess? 

[l] 

[l] 

ii) How did the student know when the reaction 
had been completed? [l] 

iii) Calculate the amount, in moles, of 
magnesium that had been used. 

iv) Calculate the relative formula mass of 
magnesium chloride. 

[2] 

[2] 

v) Calculate the amount, in grams, of 
magnesium chloride that should be made. [3] 
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c) The student then obtained the magnesium 
chloride chat had been made. 

i) Describe how the student could obtain all the 
magnesium chloride that had been made. [3] 

ii) The student weighed the magnesium chloride 
that had been made. It weighed 3.61 g. Use 
your answer to part b) v) co help you calculate 
the yield of the student's reaction. [2] 

EXTEND AND CHALLENGE 

Gra phene, a breakthrough for dis play screens 

Graphene is a new 'wonder' materia l. It is made of a 
sheet of graphite that is only one layer of hexagons 
thick. It is daimed to be a better electrical conductor 
than any me tal and threatens to replace s ilicon chips 
completely. A million sheets of graphene have a 
thickness of 1 mm. 

. . '. ' • • -· -.. • .. 
' • .. 
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Figure 1 Artist's impression of a sheet of graphene. 

James Hone of Columbia University said, 'Our research 
establishes ,graphene as the strongest materia l ever 
measured, some 200 times stronger than s tructural 
steel! 

1 Use your knowledge of the structure of g raphite 
and how metals conduct electric ity to suggest how 
graphene is able to conduct electricity. A diagram 
may help your explana tion. 

Samsung industries are already using graphene to 
make flexible display screens, like the one in Figure 2, 
for mobile phones. 

d) Calculate the volume of hydrogen gas chat would 
be produced at r.t.p. by the student's reaction. 

(Assume 1 mole of gas at r.t.p. has a volume of 
24 OOO cm3

.) [3] 

Figure 2 Flexible display screen. 

Advertisers and packaging companies are· also 
investigating poss ible applications for graphene. 
Computer companies are predicting the roll-up portable 
computer. 

2 You have been asked to market the idea of a roll-up 
compute r screen to a computer manufacturer. 
Suggest five points, with reasons, that you could 
make to persuade them that flexible computers are 
the next great innovation. You should also consider 
some good answers to any possible objections they 
may have. 

The researchers who discovered graphene also 
discovered that a good way of obtaining a layer of 
graphene was to get a piece of graphite, cover it with a 
s trip of self-adhesive tape, and then rip the tape off. 

3 Explain how this produced a piece of grnphene from 
the graphite and suggest how you could separate 
the graphene from the self-adhesive strip. 
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1 There are many different possible 
patterns in which you could arrange 
the files on your computer, each 
with its own benefits. Think of 
four ways of arranging your files. 
Suggest the benefits of each way of 
organising your files. Which method 
do you prefer? 

2 The pattern of chemical elements 
we use today was developed over 
a period of 75 years. Think of the 
possible ways you could organise 
the chemical elements based on 
the information you know. How 
could you decide if the pattern you 
chose was useful? 

3 There were only 64 known 
elements when the Periodic 
Table was developed. There are 
now 118 known elements. What 
features did the Periodic Table 
need to be able to cope with 
the large number of elements 
discovered after it was developed? 

Everywhere you look, life is organised according to patterns. An internet 
search allows you to find the most popular web reference to a subject, 
and then lists the other sites in decreasing popularity. Why is this? 

A library uses a pattern to help you find books easily. Fiction books 
are usually arranged by author's name, non-fiction books by a number 
system that groups books on the same topic on the same .shelves. 

Chemists use patterns to help explain chemical reactions and to 
predict possible useful substances. In developing pharmaceutical 
drugs, chemists look for chemicals that are effective, then look for 
other chemicals with similar structures that might be even better. 
They are following patterns. 

By the end of this section you should: 
• understand the Periodic Table, what it is, and how it is useful in 

chemistry 
• know some of the reactions of Group 1 and Group 7 elements 
• k:now the gases in the air and the proportions of those gases 
• be able to describe the reactions of some metals with dilute acids, 

and other metal salt solutions, and use this information to construct 
a reactivity series of metals 

• boe able to describe a reaction as a thermal decomposition, oxidation, 
reduction or redox reaction 

• be able to test unknown compounds and gases to identify the 
substances present 
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Patterns of elements 
A shuffled deck of playing cards has absolutely no order or pattern. 
That is why card games are games of chance. Each card contains 
three pieces of information: colour, number and suit. You can sort the 
cards in a variety of ways that will allow you to predict the next card in 
the deck. 

At the start of the 19th century the chemical elements were just like 
a deck of shuffled playing car,ds, except no one knew which pieces of 
information were important, some of the information was not accurate 
and some of the cards were missing. The question was how to bring 
order and a useful pattern to the elements. 

Figure 1.1 There are many ways to organise a deck of playing cards. Which one wou Id 
you choose, and why? 

• Early attempts at classifying the elements 
As soon as chemists understood that elements were the simplest substances 
they began to classify them. One of the most useful ways of classifying 
elemencs is as metals and non-metals, bur it is not easy co classify some 
elements this way. 

Take, for example, graphite and silicon. They both have high melting and 
boiling points like metals, but low densities like non-metals. T hey conduct 
electricity better than non-metals, but not as we!I as metals. Elements with 
some properties like metals and other p roperties like non-metals are called 
metalloids. 

By the mid-19th century, chemists realised that it was impossible to classify 
all elements neatly as metals and non-metals. They began to look for 
patterns in the properties of sma!Ier groups of elements. 



.......... ,r1e_ 
Figure 1.3 Dmitri Mendeleev (1834-1907) 
was the first chellilist to successfully 
arrange the e leme n1s into a pattern linking 
their properties and relative atomic masses. 

2.1 Patterns of elements 

• Newlands' octaves 
In 1864,John Newlands, an English chemise, arranged all the known elements 
in order of their relative atomic masses. He found that one element often 
had properties like those of the element seven places in front of it in his list. 
Newlands called this the 'law of octaves'. He said that 'the eighth element is a 
kind ofrepecicion of the first, like the eighth note of an octave in music'. 

Figur e 1.2 shows the first three ofN ewlands' octaves. Notice that similar 
elements sometimes occur seven places on and in the same column. For 
example, the second column contains lithium, sodium and potassium. 

H Li Be B C N 0 

F Na Mg Al Si p s 

Cl K Ca Cr Ti Mn Fe 

Figure 1.2 Newlands ' octaves. 

The regular periodic repetition of elements wich similar properties led to 
the name Perio dic Table. 

Unfortunately, Newlands' classification grouped together some elements 
which were very different. For example, iron (Fe) was placed in the same 
family as oxygen (0) and sulfur (S). Because of this, Newlands was ridiculed. 
His ideas were criticised and rejected. 

• Mendeleev's Periodic Table 
In spite of the criticism ofNewlands' ideas, chemists carried on searching for 
a partern linking the properties and relative atomic masses of the elements. 

In 1869, the Russian chemise, Dmitri Mendeleev, produced new ideas to 

support the theory that Newlands had suggested five years earlier. 

Figur e 1.4 shows part ofMendeleev's Periodic Table. Notice that elements 
with similar properties, such as lithium., sodium and potassium, fall in the 
s.ame vertical column. Which other pairs or trios of sin1ilar elements appear 
in the s.ame vertical column ofMendeleev's table? 

In Mendeleev's (and our modem) Periodic Table: 

• The vertical co!Ulllns of similar elements (i.e. the chemical families) 
are called groups. 

• The horizontal rows are called p eriods. 

Mendeleev was more successful than Newlands because of three brilliant 
steps he rook with his Periodic Table. 

• He left gaps in his cable so that similar elements were in the same vertical 
group. Pour of these gaps are shown as asterisks in Figure 1.4. 

• He suggested that elements would be discovered to fill the gaps. 
• He predicted the properties of che missing elements from the properties 

of elements above and below them in his table. 
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GROUP 

I II Ill IV V VI VII VIII 

Period 1 H 

Period 2 Li Be B C N 0 F 

Period 3 Na Mg Al Si p s Cl 

K Ca * Ti V Cr Mn 
Period 4 Fe Co Ni 

Cu Zn * * As Se Br 
Rb Sr y Zr Nb Mo * Period 5 Ru Rh Pd 

Ag Cd In Sn Sb Te I 

Figure 1.4 Part of Mendeleev's Periodic Table. 

Why Mendeleev's Periodic Table was successful 
Initially, Mendeleev's Periodic Table was nothing more than a curiosity. 
But it encouraged chemists to search for further patterns and look for 
more elements. Within 15 years ofMendeleev's predictions, three of the 
missing elements in his table had been discovered. They were named 
scandium, gallium and germanium, and their properties were very similar 
to Mendeleev's predictions. 

The success ofMendeleev's predictions showed that his ideas were probably 
correct and this sparked off even more research. His Periodic Table was 
quickly accepted as an important'summary of the properties of elements. 

STUDY QUESTIONS 

1 Explain the following terms in relation to. the Periodic 

Table: periodic properti es; group; period. 

2 In 187 1 Mendeleev made the following predictions 
for the missing element in Period 4 below silicon. 

• Grey metal with density 5.5 g/cm3
• 

• Relative atomic mass = average of re lative atomic 

masses of Si and Sn= 
29
•/

9 
= 73.5 

• Melting point higher than that of tin - perhaps 
800°c. 

• Formula ofoxide w ill be X02 w ith a density of 
4.7 g/cm3• 

This element was discovered in 1886. 

a) What is the name for this element? 
b) Use a data book to find the properti,es of the 

element and check Mendeleev's predictions. 
c) How accurate were Mendeleev's predictions? 

3 Look at !Figure 1.2. 
a) Why did Newlands use the word 'octaves'? 

b) How does the order of elements in Newlands' first 
three octaves compare with the order of elements 
in Mendeleev's table? 

c) Suggest the name of an element discovered 

between 1864 and 1869. 
4 Why was Mendeleev more successful than Newlands? 



2.2 Modern Periodic Tables 

~o~ Modern Periodic Tables 
Mendeleev's Periodic Table was a model to help explain the behaviour 
of the known elements. It has be en modified over time, but still retains 
all the key features that Mendeleev stated. The discovery of helium in 
1895 required the Periodic Table to add a whole new group we now 
call the noble gases, and to start a search for the rest of the group that 
had not been discovered. A good scientific model is one that allows 
new discoveries to be incorporated successfully into it. The Periodic 
Table is such a model. 

Figure 2.1 This airship contains helium, an element discovered in 1895, and successfully 
added into the Periodic Table. 

• The modern Periodic Table 
AU modern Periodic Tables are based on the one proposed by M endeleev 
in 1869. A modern Periodic Table is shown in Figure 2.2. The elements 
are numbered along each horizontal period, starting with Period 1, then 
Period 2, etc. The number given to each element is called its atomic number 
{Chapter 1.6). Hydrogen has an atomic number of 1, helium 2, lithium 3, 
and so on. 

Ther,e are several points to note about the modern Periodic Table. 

1 The most obvious difference benveen modern Periodic Tables and 
Mendeleev's is t he position of the transition elem en ts. These have been 
taken out of the numbered groups and placed between Group 2 and 
Group 3. Period 4 is the first to contain a series of transition elements. 
These include chromium, iron, nickel, copper and zinc. 

2 Some groups have names as well as numbers. These are summarised in 
Table 1. 

3 Metals are clearly separated from non-metals. The 20 or so non-metals 
are packed into the top right-hand corner above the thick stepped line 
in Figure 2.2. Some elements close to the steps are metaUoids. These 
elements have some properties like metals and some properties like 
non-metals. 
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• 1 2 3 4 5 6 7 0 
Group Alkali Alkaline Halo;igns Noble 

meta.ls -earth gases 
Period metals 

_!_ Key 

[±] -
1 

~ symbol He 
name hellum 
atomic number 2 

Li Be B C N 0 F Ne 
2 111111um tie1y111un ooron ca<t>on ntt,ogen oxygen """"' "'"' 3 4 5 6 7 8 9 10 

3 
Na Mg transition elements Al Si p s Cl Ar 

&CdOm n,ag,eslum a111rn1n1um ,1,oon ph06pl'IOrU! "'"" a,1or1ne argon 
11 12 " . 13 14 15 16 17 18 

4 
K Ca Sc Ti V Cr Mn Fe Co Ni Cu Zn Ga Ge Ae Se Br Kr 

potastlt.m caldum a-.romlll'll manganese IIOO co- znc broml'le k/yl>U>n 
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36 

s Rb Sr y Zr Nb Mo Tc Ru Rh Pd Ag Cd In Sn Sb Te I Xe .... on IOdlne 
37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 512 53 54 

6 
Cs Ba La' Hf Ta w Re Os lr Pt Au Hg TI Pb Bi Po At Rn 

tantnarum p!adl'IJll'l go• mercury , ... 
55 56 57 72 73 74 75 76 77 78 78 eo 81 82 83 84 85 86 

7 
Fr Ra Ac' Rf Ob Sg Bh Ha Mt De Rg 

acdnllm 
87 88 89 104 10 5 106 107 108 109 110 111 

Figure 2.2 The modern Periodic Table ("the lanthan ides (atomic numbers 58- 71) arnd the actinides (atomic numbers 90-103) have 
been omitted). 

4 Apart from the noble gases, the most reactive elements are near the left­
and right-hand edges of the Periodic Table. The least reactive elements 
are in the centre. Sodium and potassiwn, two very reactive metals, are on 
the left-hand edge. The next most reactive metals, such as calcium and 
magnesium, are in Group 2, whereas less reactive metals (such as iron and 
copper) are in the centre of the table. Carbon and silicon, unreaccive non­
metals, are also near the centre of the Periodic Table. Sul.for and oxygen, 
which are nearer the right-han d edge, are more reactive. Fluorine and 
chlorine, the most reactive non-metals, are very close co the right-hand 
edge. 

Table 1 The names of groups in the 
Periodic Table 

Group 
number Group name 

1 alkali metals 

2 alkaline-earth metals 

7 halogens 

0 noble (inert) gases 



Group 

Period 
1 

Period 
2 

Period 
3 

Period 
4 

Period 
5 

Period 
6 

Period 
7 

Li 

Na 

K 

Rb 

Cs 

Fr 

2 

Be 

Mg 

Ca Sc 

Sr y 

Ba La 

Ra Ac 

[:] 

Ti V Cr Mn 

Zr Nb Mo Tc 

Hf Ta w Re 

Rf Db 

Figure 2.3 Blocks of similar elements in the Periodic Table. 

STUDY QUESTIONS 

Fe 

Ru 

Os 

1 In modern Periodic Tables, you can pick out five 
blocks of elements with similar properties. These 

blocks are shown in different colours in Figure 2.3. 
a) The five blocks of similar elements are called 

non-metals, noble gases, poor metals, reactive 

metals and transition metals. Which name belongs 
to whicn coloured block in Figure 2.3? 

b) Which groups make up the reactive metals? 
c) In the transition metals, the elements resemble 

each other across the series as well as down the 

groups. Pick out two sets of three elements to 
i II ustrate these similarities. 

d) Some non-metals have properties like poor 

metals. Give two examples of this. 
e) The noble gases are very unreactive. The first 

noble gas compound was not made until 1962. 

Today, several compounds of them are known. 
i) The noble gases were once called 'inert 

gases'. Why was this? 
ii) Why do you think their name was changed? 

iii) Why are there no noble gases in Mendeleev's 
Periodic Table? 

2 Draw an outline of the Periodic Table similar to 

Figure 2.3. On your outline, indicate where you would 

find: 

Co 

Rh 

lr 

2.2 Modern Periodic Tables 

3 4 5 6 7 0 --

Ni Cu Zn 

Pd Ag Cd 

Pt Au Hg 

A metals 
B non-metals 

C metalloids 

B C 

Al Si 

Ga Ge 

In Sn 

TI Pb 

He 

N 0 F Ne 

p s Cl Ar 

As Se Br Kr 

Sb Te I Xe 

Bi Po At Rn 

D elements with atomic numbers 11 to 18 inclusive 
E the alkaline-earth metals 

F the most reactive metal 
G the most reactive non-metal 

H an element that is used as a disinfectant 

I gases 

J a magr1etic element 
K an element used in jewellery 

L elements with the highest densities. 
3 Suppose you are Mendeleev. The year is 1869. You 

are just about to announce the creation of your 
Periodic Table by writing a letter to the President of 
the Russian Academy of Sciences. Write down what 

you would say. 
4 A metal 'M' is in Group 3 of the Periodic Table. Its 

chloride has a formula mass of 1 76.5. 
a) Write the formula for the chloride of M. 

b) Calculate the relative atomic mass of M (chlorine 
has relative atomic mass = 35.5). 

c) Which element is M? 
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~o~ The noble gases 

0 --
3 4 5 6 7 

He 

B C N 0 F Ne 

SI p s Cl Ar 

e r Kr 

I Xe 

Rn 

Figure 3.2 Group 0: the noble gases. 

In 1868, an orange line was noticed in the spectrum of light from the 
Sun. The wavelength of this light could not be identified, so scientists 
concluded that the Sun's atmosphere contained an element that had 
not been found on the Earth. The element was named he lium, which 
comes from the Greek word helios meaning Sun. The first noble gas 
had been identified. 

Helium 

Figure 3.1 Emission spectrum of helium showing the yellow spectral line first observed in 
1868 in the Sun's spectrum. 

Figure 3.2 shows the position of the noble gases in Group O of the Periodic 
Table. After the discovery of helium, scientists realised chat there must be 
other noble gases. They looked for chem and gradually discovered each one. 
The discovery of the noble gases showed the value of the Periodic Table in 
encouraging research. 

• Finding helium on Earth 
In 1890, two scientists cried to prepare pure nitrogen by removing OJqgen, 
water vapour and carbon dioxide from air. Bue, the density of the gas they 
obtained was 0.5% greater than that of pure nitrogen. Further experiments 
on the impure nitrogen from the air showed that it contained another new 
element, argon, with a relative atotnic mass of 40. 

In 1894, traces of helium were found on Earth and the gas was shown co be 
very siinilar to argon. These two elements were very different from any ot her 
elements, which suggested that t here was another group in the Periodic 
Table. The group was called Group O and the search began for the other 
elements in it. 

The fractional distillation of liquid air in 1898 led to the discovery of neon, 
krypton and xenon. Radon, Rn, was discovered in 1900 as a product from 
the breakdown of the radioactive element radium. 
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Figure 3.3 A graph showing the increase 
in the melting points of the noble gases as 
their relative atomic masses increase. 

Figure 3.4 Electronic configurations of 
neon and argon. 

2.3 The noble gases 

• Properties of the noble gases 
Table ! lists some properties of the noble gases. They are all colourless gases 
at room temperarure with very low melting points and boiling points. Their 
melting points, boiling points and densities show a steady increase as their 
relative atomic mass increases. The graph in Figure 3.3 shows th e steady 
increase in melting point with relative atomic mass. 

Table 1 Properties of the noble gases 

Relative I Melting point I Boiling point I Density al 20°c and 
Element atomic mass •c ·c aim. pressure I g/ dm• 

heliuim 4 - 270 - 269 0.1 7 
neorn 20 - 249 - 246 0.83 

argon 40 -1 89 -1 86 1.7 

krypton 84 -1 57 -1 52 3.5 
xenon 131 -11 2 -1 08 5.5 

The noble gases all exist as separate single atoms (i.e. monatomic molecules). 
Other gaseous elements at room temperature are diatomic, e.g. hydrogen 
(H2), oxygen (02), nitrogen (N2), fluorine (F2) and chlorine (Cl2). 

Until 1962, no compounds of the noble gases were known. Chemists 
thought they were completely unreactive. Because of this, they were called 
the inert gases. Nowadays, several compounds of t hem are known and the 
name inert has been replaced by noble. The word noble was chosen because 
unreactive metals like gold and silver are called noble metals. 

Figure 3.4 shows the electronic configuration of neon and argon. They have 
no electrons to share (covalent bonding), and no electrons to give away so they 
are unreactive with ot her atoms. They find it difficult to make compounds. 

• Obtaining the noble gases 
Neon, argon, krypton and xenon are obtained industrially by the fractional 
distillation of liquid air. There are only minute traces of helium in air. It is 
more economical to extract helium from the natural gas in oil wells. 

• Uses of the noble gases 
Helium is used in meteorological balloons and airships because of its very 
low densiry and because it is non-flammable. 

The noble gases produce coloured glows ,.vhen their atoms are bombarded 
by a stream of electrons. The st ream of electrons can be produced from a 
high voltage across terminals either in a discharge t ube or in a laser. Neon 
and argon are used in discharge cubes to create fluorescent advertising signs 
(neon - red; argon - blue), whilst krypton and xenon are used in lasers. 
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Figure 3.5 A technician inflates a res·earch balloon with helium. The balloon will carry 
instruments to measure the levels of ozone in the upper atmosphere over the Arctic. 

Argon and krypton are also used in electric light bulbs. If there is a vacuum 
inside the bulbs, metal atoms evaporate from the very, very hot tungsten 
filament. To reduce this evaporation and prolong the life of the filament, 
the bulb is filled witl1 an unreactive gas which cannot react with the hoe 
tungsten filament. 

Figure 3.6 The bright fluorescent lights of Las Vegas. 

STUDY QUESTIONS 

1 a) Which elements make up the noble gases? 
b) Why are they called noble gases? 
c) Why were they once called inert gases? 

2 Use the values in Table 1 to plot a grapn of the 
boiling points of the noble gases (vertically) against 

their relative atomic masses (horizontally). 
a) How do the boiling points vary w ith re lative atomic 

mass? 
b) Explain the pattern shown by the graph. 

c) Use the graph to predict the boiling point of radon 
(A, (Rn) = 222). 

3 Suppose liquid air contains oxygen (boil ing point= 
-1 83°C), ni trogen (boiling point= -1 96 °C) water 
(boiling JPOint = 100°C), neon, argon, krypton and 

xenon. In fractional distillation, the liquid w ith the 
lowest boiling point distils off firsl If liquid air is 

fractionally distilled, what is the order in which the 

constituents boil off? 

4 Make a summary of the properties of fue noble 
gases. 



2.4 Group 1 elements 

~o~ Group 1 elements 

Figure 4.1 Potassium ignites when it 
comes into contact with water. 

Group t 

LI 

Na 

K 

Rb 

Cs 

Fr 

Alkali metals 
Figure 4.2 

You should be able to describe the 
reactions of lithium, sodium and 
potassium with water. 

The Group 1 metals are all highly reactive. Unlike other metals, they 
react very easily with water. The world would be very different if many 
metals were this reactive. Their ease of reactivity has enabled scientists 
to understand how ions form, and the reactivity of the metals. 

• Properties of Group 1 metals 
The elements in Group 1 are sometimes called alkali m etals because they 
reacr with water to form alkaline solutions. Lithium, sodium and potassium 
are the best known alkali metals. The other elements in Group 1 are 
rubidium, caesium and francium (Figure 4.2). Some properties of lithium, 
sodium and potassium are summarised in Table 1. 

Table 1 Some properties of lithium, sodium and potassium 

Property Character 

appearance Shiny grey but quickly form a du II layer of ox ide 

hardiness Not as hard as other metals. Easily cut with a knife and 
becoming softer from lithium to potassium 

m.pt and b.pt. Low corn pared with other metals 

density Less than 1.0 g/cm3 - float on water 

reaction with air Burn vigorously forming white oxides, e.g. 
sodium+ oxygen -4 sodium oxide 

4Na + 02 -4 2N~O 

reaction with cold water Lithium reacts steadily, sod ium vigorously, potassium 
violently. The metal floats, gets hot as it reacts, melts and 
moves around the surface of the water. The products are 
hydrogen and an alkaline solution of the metal hydroxide, 
e.g. 
sodium + water -4 sodium hydroxide + hydrogen 
2Na + 2H20-4 2NaOH + H2 

colour of compounds The alkaline solutions which form give a blue colour with 
litmus. Compounds are white solids which dissolve in 
water to form colourless solutions (unless the anion is 
coloured) 

type of corn pound and Compounds are ionic. Ions have a charge of 1 +, so their 
ions corn pounds have similar formulae, e.g. oxides are Li20, 

Na20, K20 

Alkali metals have some unusual properties for metals. 

• They are soft enough to be cur with a knife. 
• Their melting points and boiling points are unusually low (Figure 4.4). 
• Their densities are so low that they float on water. 

Notice how t he elements react more vigorously with water moving down the 
group from lithium co potassium. 
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Figure 4.4 The melting points of the alkali 
metals. 

STUDY QUESTIONS 

Figure 4.3 The electronic configurations of lithium, sod ium and potassium. 

The alkali metals become more reactive as their relative atomic mass 
increases. 

This trend in reactivity is largely due co the increasing size of their atoms. 
As their atoms get larger, the outer electrons are further from the nucleus 
(see Figure 4.3) and a.re not attracted to it so strongly. This allows the outer 
electrons to be Jost more easily, forming compounds containing ions with a 
charge of 1 +. 

Look at the physical properties of lithium, sodium and potassium shown in 
Table 2. These properties and the reactions of alkali metals ill uscrate another 
important feature of the Periodic Table. 

Although the elements in a group have similar properties, there is a 
steady change in property from one element to the next. 

Table 2 The physical properties of lithium, sodium and potassium 

Relative Melting Boiling Density I 
Element atomic mass point I •c point I •c g/cm• 

lithium 7 180 1330 0.53 

sodium 23 98 892 0.97 

potassium 39 64 760 0.86 

Figure 4.4 shows the steady change in the melting points of the alkali metals. 

Once we know the general properties of the elements in a group, and how 
these properties vary from one element to the next, we can predict the 
properties of other elements in the group. 

1 Write word equations and then balanced equations 

w ith symbols for the reaction of potassium with: 

a) What products w ill form when: (i) magnesium 

reacts with oxygen, (ii) calcium reacts with water? 
(i) oxygen, (ii) water, (iii) chlorine. 

2 Rubidium (Rb) is in Group 1 below potassium. Use 
the information in Tables 1 and 2 to predict: (i) its 

boiling point, (ii) its density relative to tha t of water, 
(iii) the symbol o f its ion, (iv) the formula of its oxide 

and chloride, (v) its reaction w ith water, (vi) how it 
burns in a ir. 

3 The metals in Group 2 are similar to those in Group 1, 
but not so reactive. Magnesium and calc ium are the 

commonest metals in Group 2. 

b) Whidh do you think is the more reactive, 

magnesium or calc ium? 
4 a) Use a data book to f ind the boiling points and 

relative atomic masses of rubidium and caesium. 
b) Use your values from part a) and those in Table 2 

to plo t a graph of boiling point (verti cally) against 
relative atomic mass for the elements in Group 1. 

c) How do the boiling points of the alkali metals 

change as their relative atomic masses 
increase? 
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~o~ Group 7 elements 

Figure 5.1 Chlorine was used as a 
weapon du ring the First World War. 
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Figure 5.2 The halogens in Group 7 of 
the Periodic Table. 

In the First World War (1 914-1918) the gas chlorine was used to kill 
soldiers on both sides. Chlorine is an element in Group 7 of the Periodic 
Table. It is vital for life in the compound sodium chloride, but deadly as 
the pure element 

• The halogens 
The elements in Group 7 of the Periodic Table are called halogens 
(Figure 5.2). They are a group of reactive non-metals. The common elements 
in the group are fluorine (P), chlorine (Cl), bromine (Br) and iodine (I). 
The final element, astatine (At), does not occur naturally. It is an unstable 
radioactive element which was first synthesised in 1940. 

• Sources of the halogens 
The halogens are so reactive that they very rarely occur naturally as elements. 
They are usually found combined with metals in sa.lts such as sodium 
chloride (NaCl) and magnesium bromide (MgBr2). This gives rise to the 
name 'halogens', which means 'salt formers'. 

The most widespread compound containing fluorine is fluorspar or fluorite 
{CaF2) which occurs in some rocks. The commonest chlorine compound 
is sodium chloride (NaCl) which occurs in seawater and in rock salt. Each 
kilogram of seawater contains about 30 g of sodium chloride. Seawater also 
contains small amounts of bromides and traces of iodides. Certain seaweeds 
also contain iodine. 

Figure 5.3 Laminaria is a type of seaweed which contains iodine. You can often find 
Laminaria at low tide on rocky beaches. 

• Patterns in the physical properties 
of halogens 

The haiogens are typical of non-metals - soft when solid, like iodine, poor 
conductors of heat and electricity with low melcing points and boiling 
points. Table 1 lists some physical properties of chlorine, bromine and 
iodine. Look at the cable and note how their properties change as relative 
atomic mass increases. 
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Table 1 Physical properties of chlorine, bromine and iod ine 

Relative atomic Colour and stale Melting point I Boiling point I 
Element mass at room temperature Colour of vapour Structure ·c ·c 
chlorine 35.5 

bromine 80 

iodine 127 

• Cl2 

:---0.19--: 
nm 

Br2 

nm 

Figure 5.5 Sizes of halogen molecules 
(1 nm= 1Q-Gm). 

pale green gas pale green Cl2 molecules -101 - 35 

red brown liquid orange Br2 molecules - 7 58 

dark grey solid purple 12 molecules 114 183 

As the relative atomic mass of the haiogen increases: 

• the state at room temperature changes from gas to liquid to solid 
• the colour of vapour becomes darker 
• the melting point increases (Figure 5.4) 
• the boiling point increases (Figure 5.4). 

200 12 

~ 
150 

-c 100 Br2 ·g_ 
C) 

.£ 50 
'6 .,, 

0 'O Cl2 a 
c -50 ·o 
a. 
C) 

-100 C 

~ 
E -150 

F2 
- 200 

19 35.5 80 127 
relative atomic mass 

Figure 5.4 Melting points (green) and boiling points (red) of the halogens. 

The halogens have diatomic molecules 
All the halogens exist as simple molecules containing two atoms - F2, Cl2, 

Br2 and 12• These are called diatomic molecules. Strong bonds hold the two 
atoms together as a molecule, but the forces of attraction between separate 
molecules are weak. This means that the molecules are easily separated, 
so they have low melting points and low boiling points. The relative sizes 
of these molecules {Figure 5.5) explain the changes in melting point and 
boiling point with increasing relative atomic mass. 

The trend in melting and boiling points 
Moving down the group, the halogen molecules get larger and heavier. The 
larger the molecule, the harder iris to break up the orderly arrangement 
within the solid and form a liquid. le is also more difficult to separate larger 
molecules and form gas. This is because there are stronger intermolecular 
forces between che larger molecules than the smaller ones. Th us, more 



STUDY QUESTIONS 

1 What are the halogens? 
2 State a source of: 

a) chlorine 
b) bromine 

c) iodine. 

2.5 Group 7 elements 

energy is needed to melt and to boil the larger molecules. So the melting 
points and boiling points increase \\~th relative molecular mass. F2 and 
Ch, the smallest halogen molecules, are gases at room temperature. Br2 is a 
liquid and 12 is a solid. 

Figure 5.6 Chlorine gas, bromine liquid and sol id iodine. 

a) fluorine· 
b) astatine. 

colour, state at room temperature, structure, melting 
point, boiling point 

3 List the characteristic physical properties o f the 

halogens. 

5 Explain the meaning of the following terms which are 
used in this chapter. 

unstable radioactive element, synthesised, diatomic 
molecule, intermolecular forces 4 Use the information in this chapter to predict the 

following properties of: 
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~o® Reactions of the 
halogens 

Properti es of 
CHLORINE 

• pale green gas 

• choking smell 

• poisonous (toxic) 

, d enser than air 

• d issolves in and 
reacts with water 

, bleaches dyes 
and indicators 

• reacts v igorously 
with most metals 

Figure 6.2 The properties of chlorine. 

The halogens are very useful elements. Their high reactivity means 
they readily form compounds that are very useful to us. Figure 6.1 
shows just a few of the uses of chlorine in our everyday lives. A glance 
at the ingredients on many household products reveals the presence 
of fluorine, chlorine, iodine and bromine. You can spot chlorine as 
either chlorides or 'chloro' in the chemical names. Think how you 
could spot the presence of bromine or iodine in a product 

' 

Figure 6.1 Just a few of the many uses of chlorine. 

• Uses of halogens 

• 
:I: 
u 
<( 
w 
..J m 

~----_,. 

Chlorine is the most important element in Group 7. Its properties are listed 
in Figure 6.2. Figure 6.1 shows so me of its more familiar uses, but it has 
other uses. Most swimming pools use chlorine compounds to kill bacteria 



Figure 6.3 Fluorides are added to 
tooth paste to help in the development of 
strong teeth. 

Table 1 The colours of the halogens in 
water 

Name of halogen 
solution Colour 

chlorine water very pale green 

bromine water orange-brown 

iodine solution dark brown 

•UM•U/a 
: Note that the trend in reactivity 
: of the halogens is opposite to the 
: trend in Group 1 where the alkali 
• metals get more reactive with 
: increasing relative atomic mass. 

2.6 Reactions of the halogens 

in che pool, making ic safe for us all to swim together. When you have your 
cloth es dry cleaned, then the 'dry' solvent they use is a compound called 
cetrachloroethene. Each solvent molecule has four chlorine acorns in it. 

The other halogens also have familiar uses. Fluorine is used to m ake Teflon, 
the non-stick covering on cooking pans and baking trays. It is also used 
in PI'FE tape co make watertight p lumbing joints. Fluorides are added to 
toothpaste to harden the tooth enamel, and in some areas they are added to 
the water supply for che same reason. Bromine is used co make medicines, 
as is iodine. If you've had a minor operation the doctor may cover your skin 
with a brown liquid containing iodine to kill bacteria. Before the discovery 
of antibiotics iodine was widely used as an antiseptic. 

• Reactions with metals 
The halogens react with a n umber of metals to form ionic compounds. 
These ionic compounds are salts, for example sodium chloride (NaCl, 
common salt) and calcium fluoride (CaF2). The halogens occur as negative 
ions in sales - fluoride (F-) , chloride (CJ-) , bromide (Br) and iodide (I-). 
Because of this, the salts are somet imes called halides. 

• Displacement reactions of halogens 
Halogens dissolve easily in water and can be used to investigate the relative 
reactivity of each halogen. Bromine dissolves in water to form a solution 
called bromine water, which is coloured orange-brown. The colours of the 
halogens in water are shown in Table 1. 

If some bromine water is added to a solution of sodium iodide, The mixture 
changes colour to become dark brown as the bromine reacts with the 
sodium iodide to produce iodine. 

bromine water + sodium iodide ~ iodine water + sodium bromide 
Brz(aq) + 2Nal(aq) ~ 12(aq) + 2NaBr(aq) 

The iodine has been displaced by the bromine atoms from the sodium 
iodide. The reaction occurs because the bromine atoms are more reactive 
than iodine and can take electrons from the iodide ions, leaving· the iodine 
asacoms. 

This is called a displacement reaction . 

Adding chlorine water co sales conra.ining either bromide or iodide ions 
results in displacement reactions. This shows that chlorine is more rea.ccive 
than either bromide or iodide ions (see Figure 6.4). 

T he halogens get less reactive as their relative atomic mass increases. 
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You should be able to describe 

how to carry out a displacement 
reaction between a halogen 
dissolved in water and a halide sail 
You should be able to describe the 

colour changes that occur in these 

displacement reactions and explain 

the changes in terms of atoms 
becoming ions and ions becoming 

atoms, using ionic equations. 

STUDY QUESTIONS 

Figure 6.4 Adding chlorine water to solutions of sodium chloride, sodium bromide and 
sodium iodide. Which is which? 

Displacement reactions are examples of 
oxidation and reduction 
When chlorine water reacts with lithium bromide the following reaction 
takes place. 

chlorine water + lithium bromide~ bromine water + lithium chloride 

The chlorine acorns gain electrons and are said to be reduced, while the 
bromide ions lose electrons and are said co be oxidised. 

Cl2(aq) + 2LiBr(aq) ~ Br2(aq) + 2LiCl(aq) 

As one reactant is reduced in the reaction and another reactant is oxidised in 
the reaction, chemises refer co these reactions as red ox reaction s. 

Redox reactions are discussed fur ther in the next chapter. Later, in Chapter 
2.11, you will learn how these reactions can be considered as the gain and loss 
of electrons. 

1 Describe experiments which show the re lative 
reactivity of bromine, eh lorine and iodine. Write 

equations for the reactions you describe. 

3 The following poem by Vernon Newton is called 
'Mistress Fluorine'. 

Fervid FI uorine, though just nine, 
Knows her aim in life: combine! 2 Arrange the following pairs of elements in order of 

decreasing vigour of reaction. 
lithium and iodine 

potassium and chlorine 

potassium and fluorine 
sodium and chlorine 
sodium and iodine 

In fact o f things that like to mingle, 
None's less likely to stay single. 
a) Find the meaning of 'fervid' Qine 1) and 'mingle' Oine 3). 
b) Why is fluorine described as G) 'fervid'? (ii) 1ust nine'? 

c) What does the poem say about the properties of 
fluorine? 



2.7 Oxidation and reduction 

~oY Oxidation and 
reduction 

Figure 7.1 What happens when you strike 
a match? 

Figure 7.2 When food goes bad, substances 
in the food combine with oxygen in the air. 
The process involves oxidation. Carbon 
dioxide and water are produced. 

The burning of a match is a redox reaction. Match heads contain 
phosphorus or antimony compounds and substances containing 
oxygen. The head of the match or the strip on the box also contains 
finely powdered glass. When the match is struck, friction caused 
by the powdered glass creates heat to start a reaction in which 
phosphorus or antimony is oxidised to its oxide. 

• Burning, respiration and rusting 
Many reactions in everyday life involve substances reacting with oxygen to 
form oxides. Burning, respiration and rusting are three important examples. 

During burning, fuels containing ca.rbon and hydrogen react with oxygen to 

form carbon dioxide and water (hydrogen oxide). 

fuel + oxygen ~ carbon dioxide + water 

During respiration , foods containing carbon and hydrogen react with 
oxygen to form carbon dioxide and water. 

food + oll.ygen ~ ca.rbon dioxide + water 

During rusting, iron reacts with oxygen and water to form hydrated iron oxide. 

iron + oxygen + water ~ hydrated iron oxide 

Chemists use a special word for a reaction in which a substance combines 
with oxygen. They call the reaction oxida tion and the substance is said to 

be oxidised. 

Bue if one substance combines wirh and gains oxygen, another substance 
(possibly oxygen itself) must lose oxygen. 

Substances which lose oxygen in chemical reactions are said to be reduced 
and we call the process reduction . 

Oxidation and reduction always happen together. If one substance combines 
with oll.ygen and is oxidised, another substance must lose oxygen and be 
reduced. We call the combined process redox (REDuction + OXidation). 

Notice that some redox reactions, like burning and respiration, are very 
useful, bur other redox reactions like rusting and the spoiling of food 
(Figure 7.2), are a problem. 
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• Redox in industrial processes 

Welding steel 
A redox reaction is sometimes used in welding steel. A mixture of powdered 
aluminium and iron oxide (known as 'thermit') is used. Aluminium is 
more reactive than iron, so it removes oxygen from the iron oxide to form 
aluminium oxide and iron (Figure 7.3). 

r 
reduction 

heat 
iron oxide + aluminium iron + aluminium oxide 

l~_oxid_ation ~j 
Figure 7.3 In a reaction oxidation is always accompanied by reduction. 

Aluminium gains oxygen and is oxidised. The iron in iron oxide loses oxygen 
and is reduced. The whole process involves both oxidation and reduction. It 
is an example ofredox. 

This reaction between aluminium and iron oxide releases a lot of energy. The 
iron is produced in a molten state. As the iron solidifies, it will weld together 
two pieces of steel. Welding together railway lines using this method has 
increased the average 'life' of track from 23 to 30 years. Figure 7.4 shows the 
process in action. 

Figure 7.4 The redox reaction between aluminium and iron oxide can be used to weld 
railway lines together. Molten iron from the reaction runs into a mou Id around the rails to be 
joirned. When the iron has cooled, the mould is removed and excess metal is trimmed off. 



STUDY QUE STIONS 

2.7 Oxidation and reduction 

Extracting iron 
Redox reactions also occur in the manufacture of metals. In a blast 
furnace, iron is extracted from iron ore (iron oxide) by reaction with carbon 
monoxide. 

iron oxide + carbon monoxide~ iron + carbon dioxide 
(iron ore) 

In this process, the iron in iron oxide is reduced co iron, while carbon 
monoxide is oxidised co carbon dioxide. 

Extracting zinc 
Zinc is extracted from zinc oxide by reaction with coke ( carbon). 

zinc oxide + carbon ~ zinc + carbon monoxide 
(coke) 

Which substance is oxidised and which substance is reduced in this process? 

Redox is studied furtl1er in Chapter 2.11. 

1 Look at the photo of grapes going bad (Fig ure 7.2). 3 a) Will copper oxide and magnesium react on 
heating? Explain your answer. a) What chemical processes occur when food decays? 

b) What methods and precautions do we use at 
home to stop food going off? 

c) How do these methods work? 
2 Which element is oxidised and which is reduced in 

each of the following redox reactions? 
a) aluminium+ water ~ aluminium oxide + hydrogen 
b) hydrogen+ oxygen ~ water 
c) copper oxide + hydrogen ~ copper+ water 

b) Will magnesium oxide and copper react on 
heating? Explain your answer. 

c) Element W reacts with the oxide of element X but 
not with the oxide of element Y. Write W, X, and Y 
in order of reactivity (most reactive first). 
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Figure 8.1 River water and seawater 
contain dissolved oxygen. Fish take in 
water through their mouths. This flows 
over their gills, which extract oxygen from 
the water. 

You need to be able to explain 
how to find the percentage of 
oxygen in air experimentally using 
all three meihods shown in this 
chapter. You should also be able to 
explain how to show air contains 
both water vapour and carbon 
dioxide. 

Air is all around us. We need it to live. We need it to burn fuels to keep 
warm. We also obtain useful products from the air. These products 
include oxygen and nitrogen. Air is a mixture, but the substance in it 
that we need for both breathing and burning is oxygen. 

• What percentage of the air is oxygen? 
Figure 8.2 shows an experiment to find the percentage of oxygen in air. Air 
is passed over heated copper. The hot copper reacts with oxygen in the air co 
form copper oxide. 

copper + oxygen~ copper oxide 

This removes oxygen from the air and its volume decreases. 

hard glass tube 

ifiir 

heat 
plunger glass syringe 

Figure 8.2 Finding the percentage of oxygen in the air. Wear eye proteclion if you try 
this experiment 

At the beginning of the experiment, one syringe is empty and the other is 
filled with 100cm3 of air. The hard glass tube is then heated strongly. When 
the copper is red hot, the syringes are used co push the air forwards and 
backwards over the heated copper, so that all the oxygen in the air reacts 
wich the copper. The cube is now allowed co cool and the volmne of gas in 
the syringes measured. Finally, the heating and cooling are repeated until 
the volume of gas that remains in the syringe is constant. Table 1 shows the 
results from one experiment. 

Table 1 The results of an experiment to find the percentage of oxygen in air 

volume of air in syringe before heating 100cm3 

volume of gas after fi rst heating and cooling 82cm3 

volume of gas after second heating and cooling 79cm3 

volume of gas after third heating and cooling 79cm3 

1 Has all the oxygen been used up after the first heating? 
2 Has all the oxygen been used up after the second hearing? 
3 Why is the heating and cooling repeated three times? 
4 How much oxygen did the copper remove? 
5 What is the percentage of oxygen in the air? 



•:f:f!Hllt 
• Remember that there are small 

amounts of carbon dioxide and 
noble gases in the air, but no 
hydrogen. 

2.8 The air 

• Gases in the air 
Table 2 gives some information about the main gases in clean, dry air. 

Table 2 The main gases in the air 

% of air by Boiling 
Gas volume point I •c Important uses 

nitrogen 78.1 -1 96 making ammonia for nitric acid and 
fertilisers 

oxygen 20.9 -1 82 steel making and welding (see 
Chapter 2.9) 

argorn 0.9 -1 86 filling electric light bulbs (argon is very 
unreactive) 

Clean, dry air also contains small percentages of carbon dioxide, neon, 
krypton and xenon. Together, these gases make up about 0.1% of clean, 
dry air. Although clean, dry air contains nitrogen, oxygen, argon and small 
percentages of the four gases j use mentioned, ordinary air also contains 
some water vapour and waste gases from industry (Chapter 5.5). 

• Other methods for determining the 
percentage of oxygen in air 

Using iron 
Some iron wool is placed in a measuring cylinder full of air and inverted over 
a trough ofwacer as shown in Figure 8.3. The apparat us is left for a week. 
The iron reacts with the oxygen in the air to form rust, and the water level 
inside the measuring cylinder rises co replace the oxygen used up. 

The percentage of oxygen in the air can be calculated by measuring the 
change in volume of the water in the measuring cylinder and dividing it by 
original volume of the air in the cylinder, then multiplying by 100. 

iron w::1---~o 

I 
trough I 
water 

measuring 
cylinder 

.. 
after a week 

I t 

Figure 8.3 Another method for finding tihe percentage of oxygen in air. 

height water 
has risen 
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STUDY QUESTIONS 

Using phosphorus 
Phosphorus is a non-metal element which has to be scored under water. If it 
is allowed co dry our it will burst into flame in the air. If a small dry piece of 
phosphorus is left inside a very large beaker of air it will ignite and burn with 
the oxygen in the air to form phosphorus oxide, which dissolves in water. 
Figure 8.4 shows the experiment. 

In this experiment, co make the arithmetic easier, the height is used instead 
of the volume. This works because the volume equals the height x the area, 
and you assume the area remains constant inside the beaker. You calculate 
the change in height of the water and divide it by the original height of air, 
then multiply by 100. 

height 
of air 

trough 

C 

-- large beaker 

phosphorus in 
/ evaporating 

/ I basin 

water 

start of experiment after the phosphorus 
has burned 

Figure 8.4 A third way of finding the !Percentage of oxygen in air. 

air without 
oxygen 

height water 
has risen 

water with 
dissolved 
phosphorus 
oxide 

1 Iron readls slowly with oxygen and water to form 
hydrated iron(III) oxide. A student placed wet iron 
filings in -the end of a burette and set it up as in 

Figure 8.5. 

Over several days the water rose up the burette and 

eventually reached a constant level. The starting 
level of water in the burette was at 19.00 cm9 on the 

burette and the final level was at 24.50 cm3• 

trough- ,.. -
- ,... 

Figure 8.5 

..E.1I iron filings rsolL_ 
-=' 

~ 
f -burette 

40 ~ 

I 
~ -=c • 

00 ~ - a,r 
~ 
i .. ~ ,. 
:;! .., 
i - 1oi -
1 .. - - - water 

00 ~ 

a) Why does the water ri se up the burette? 
b) Why is it not possible to calculate the initial 

volume of air in the burette? 
c) i) What other volume do you need to know in 

order to calculate the initial volume of air in 

the burette? 
ii) If this other volume is 5.50cm3, calculate the 

initial volume of air in the burette. 

d) Now calculate: 
i) the final volume of gas in the bur ette 

i i) the volume of oxygen that reacts w ith the iron 

filings 
iii) the percentage by volume of oxygen in the air. 



2 .9 Oxygen 

~o® Oxygen 

Make sure you know how oxygen 
is produced using manganese(IV) 

oxide and hydrogen peroxide. 

Iron from the blast furnace contains carbon and sulfur impurities. 
Before it can be called steel most of these impurities have to be 
removed. Oxygen is blown through the molten iron to react with the 
carb,on to make carbon dioxide, and the sulfur reacts to become sulfur 
dioxide. These two gases then bubble out of the molten iron, leaving 
behind steel. For every 10 tonnes of steel made, 1 tonne of oxygen 
gas is needed. 

Figure 9.1 Using oxygen to remove impurities from molten iron to make steel. 

• Preparing oxygen 
It is not usually necessary to prepare oxygen in the laboratory because 
cylinders of oxygen are normally available. However, oxygen can be prepared 
if it is needed by decomposing compounds that contain high proportions of 
oxygen. The most convenient compound of this kind is hydrogen peroxide. 

Hydrogen peroxide solution decomposes very slowly at room tem perature to 
form water and oxygen. 

hydrogen peroxide ~ water + oxygen 
(hydrogen oxide) 

Ifche hydrogen peroxide is mixed with manganese(IV) oxide, it decomposes 
much more quickly. The manganese(IV) oxide helps the hydrogen peroxide 
to decompose more easily, but it is not used up during the reaction. The 
manganese(IV) oxide acts as a catalyst (Chapter 4.12). 

A suitable arrangement of apparatus for preparing and collecting oxygen in 
the laboratory is shown in Figure 9.2. 

The aqueous solution of hydrogen peroxide should be added slowly co the 
solid manganese(IV) oxide. As soon as the hydrogen peroxide touches the 
manganese(IV) oxide, there is a vigorous reaction and Olqgen is produced. 
The first gas jar co be filled with gas should be discarded as it will contain 
mainly air displaced from the flask and delivery t ube. The oxygen can be 
collected over water even though it is slightly soluble. 
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OXYGEN is 

• a gas at room 
temperature 

• colourless 

• odourless 

• about the same 
density as air 

• slightly soluble 
in water 

• able to help 
substances 
burn 
( e.g. relights a 

_,.,. g lowing splint) --... 

Figure 9.3 Properties of oxygen. 

~·~"'·-i; aqueous 
hydrogen 
peroxide 

aqueous 
hydrogen 
peroxide 

Figure 9.2 Preparing oxygen in the laboratory. 

--1----oxygen 

1----gas jar 

--!----water 

• How does oxygen react with elements? 
Some of the properties of oxygen are shown in Figure 9.3. One ofits most 
important properties is the way it helps things to bum. If a substance burns 
in .air, it will burn much more easily in oxygen. 

The test for oxygen 

Tbe simple test for oxygen is that it will cause a glowing splint to relight 
(Figure 9.4). 

glowing t wood __ 
splint 

Figure 9.4 Testing for oxygen. 

insert 

glowing 
splint 

yellow 
flame"-

Reaction with oxygen on heating 
Most elements will react with oxygen on heating. Some elements react slowly 
at room temperature. Iron slowly develops a layer of rust (iron oxide) on 
exposure to the air. Similarly, shiny aluminium surfaces become dull with a 
layer of white aluminiwn oxide. The iron and aluminium have reacted with 
oxygen in the air. Table 1 shows the results obtained when various elements 
are heated strongly in air. 



2.9 Oxygen 

•QMMII. Table 1 Comparing the reactions of some elements with oxygen in air 

: You should be able to describe the 

reactions of magnesium, carbon I 
I Shake product with 

: and sulfur with oxygen in air. 

•tOHlh• 
: Make sure you know that metals 
: make basic oxides (pH greater 
: than 8) and non-metals make 
; acidic oxides (pH less than 7). 

Figure 9.5 A Venn diagram showing 
alkaline oxides as a sub-set of basic 
oxides. 

Reaction with I water, then add 
Element oxygen in air Product universal indicator 

sodium bright yellow white solid dissolves 
flame - white smoke (sodium oxide) pH= 11 alkaline 
and powder 

magnesium dazzling white white solid d isso Ives slightly 
flame - white (magnesium oxide) pH = 8 alkaline 
clouds and powder 

iron glows red hot and black-brown solid insoluble 
burns with sparks (iron oxide) 

copper does not burn, but the black solid insoluble 
surface turns black (copper oxide) 

carbon glows red hot colourless gas dissolves 
reacts slowly (carbon dioxide) pH= 5 acidic 

sulfur burns readily with colourless gas dissolves 
a blue flame (sulfur dioxide) pH= 3 acidic 

All the elements burn better in oxygen than in air. The substances produced 
are called oxides. 

sodium + oxygen---+ sodium oxide 
carbon + oxygen ---+ carbon dioxide 

Notice in Table 1 that: 

• The metal oxides (e.g. sodium oxide, magnesium oxide, iron oxide and 
copper oxide) are all solids. So are other metal oxides. 

• The non-metal oxides (carbon dioxide and sulfur dioxide) an-e both 
gases. 

• How do oxides react with water? 
Look at Table 1 again. Each of the oxides was shaken with water and the 
solution produced was then tested with universal indicator. 

Sodium oxide and magnesium oxide both react with water to form alkaline 
solutions with a pH greater than 7. 

sodium oxide + water---+ sodium hydroxide 
magnesium oxide + water---+ magnesium hydroxide 

• The oxides of metals are called basic oxides. Basic oxides are bases -
they react wit h acids to form salts (Chapter 4.3). Most metal oxides 
are insoluble in water but a few, like sodium oxide and magnesium 
oxide, react with it to form alkaline solutions. These oxides are called 
alkaline oxides. Figure 9.5 shows the relationship between basic 
oxides and alkaline oxides in a Venn diagram. 

• The non-metal oxides react with water to form acidic solutions with a 
pH less than 7. These oxides of non-metals which give acids in water 
are called acidic oxides. 

carbon dioxide + water---+ carbonic acid 
sulfor dioxide + water---+ sulfurous acid 
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STUDY QUESTIONS 

As the chemical opposites of basic oxides, acidic oxides react with solutions 
ofbases (alkalis) co form salts. 

This distinction between metal oxides as basic and non-metal oxides as 
acidic has helped chemists in their classification of elements as either metal 
or non-metal (Chapter2.1). 

1 a) What are the main uses of oxygen? 

b) Why do rockets carry liquid oxygen? 

a) Is barium a metal or a non-metal? 
b) Write word equations for the reactions described 

above. 2 What is meant by the following 
a) basic oxide 
b) acidic oxide 
c) alkaline oxide? 

3 Barium burns in air to form a solid oxide. This oxide 
reacts w ith water to give an alkaline solution. 

c) Which of the following elements would react like 
barium? 

copper, sulfur, sodium, iron, nitrogen, calcium, 

carbon, potassium 



2.10 Carbon dioxide 

~ o ~ ® Carbon dioxide 

Figure 10.2 'Dry ice' (solid carbon dioxide) 
being used to create a misty effect. 

Carbon dioxide is an important simple molecular compound. It 
links respiration and photosynthesis, and is produced when carbon 
compounds burn. Carbon dioxide also has some important uses, 
which you will learn about here. 

Figure 10.1 A firefighter demonstrates the use of a small carbon dioxide fire extinguisher. 

• Uses of carbon dioxide 
Fire extinguishers 
Liquid carbon dioxide and carbon dioxide gas at high pressure are used in 
fire extinguishers. When the extinguisher is used, carbon dioxide gas pours 
our and smothers the fire. Carbon dioxide is denser than air so it covers the 
fire and stops m.ygen getting to it. The fire 'goes out' because car bon dioxide 
does not bum and substances will not bum in it. 

Soda water and fizzy drinks 
Solutions of carbon dioxide in water have a pleasant taste - the taste of 
soda water. Soda water and other fizzy drinks are made by dissolving carbon 
dioxide in them at high pressure. When a bottle of the drink is opened, it 
fizzes because the pressure falls and carbon dioxide gas can escape from the 
liquid. 

Refrigeration 
Solid carbon dioxide is used for refrigerating ice-cream, soft fruit and meat. 
The solid carbon dioxide looks like ordinary ice, but it is colder and sublimes 
(solid to vapour) without going through a messy liquid stage. This is why it 
is called 'dry ice' or 'Dricold'. 
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You should be able to describe how 

carbon dioxide can be prepared by 
reading a metal carbonate with an 

acid or by thermal decomposition o f 

a metal carbonate. 

• Making carbon dioxide 
Carbon dioxide can be obtained from mecal carbonate rocks such as calcium 
carbonate (CaC03) or copper carbonate (CuC03). 

Reacting carbonates with acids 
Strong acids, like hydrochloric acid, sulfuric acid and nitric acid, react with 
carbonates to form carbon dioxide and water. 

acid + carbonate ~ water + carbon dioxide 

Small amounts of carbon dioxid e are usually prepared from marble chips 
(calcium carbonate) and dilute hydrochloric acid (Figure 10.2). 

calcium hydrochloric calcium carbon 
carbonate + acid ~ chloride + water + dioxide 

CaC03(s) + 2HCl(aq) ~ CaCh(aq) + H20(l) + C02(g) 

The carbon dioxide may be collected by downward delivery or over water. 

marble chips 

Figure 10.2 Making carbon dioxide in the laboratory. Wear eye protecti on if you are 
doing this. 

Heating a metal carbonate 
Heating a metal carbonate strongly breaks the compound down to carbon 
dioxide and the metal oxide. Green copper carbonate changes into black 
copper oxide and carbon dioxide gas. 

copper carbonate""' copper oxide + carbon dioxide 
CuC03(s) -t CuO(s) + C02(g) 

This type of reaction where heating causes a compound to break down into 
two or more compounds is known as thermal decomposition. 



Properties of 
CARBON DIOXIDE 

• colourless 

• no smell 

• dens er than air 

• slightly soluble 
in water 

• does not burn 

• substances will 
not bum in it 

Figure 10.3 The properties of carbon 
dioxide. 

STUDY QUESTIONS 

2.10 Carbon dioxide 

• The properties of carbon dioxide 
Carbon dioxide is a typical non-metal oxide. It is acidic, gaseous and simple 
molecular. Figure 10.3 shows some other properties of carbon dioxide. 
Notice that it is slightly soluble in water. The dissolved gas provides water 
plants, like seaweed, with the carbon dioxide they need for photosynthesis. 
About 1 % of the gas which dissolves in water reacts to form carbonic acid 
(H2C03). 

The solution of carbonic acid is a very weak acid. It turns blue Ii tmus paper 
only a purplish-red. 

Testing for carbon dioxide with limewater 
The cest for carbon dioxide uses its acidic property. Limewater is calcium 
hydroxide solution - a dilute alkali. When carbon dioxide is bubbled into 
limewater, the liquid goes milky as a white precipitate of calcium carbonate 
forms. Why does this precipitate form? First, the carbon dioxide reacts with 
OH- ions in the alkali co form carbonate ions (CO/'). 

C02(g) + 20H-(aq) ~ col-(aq) + H20(l) 

Then, c0:i2- ions react with calcium ions in the limewater ro form insoluble 
calcium carbonate. 

caz+(aq) + C032-(aq) ~ CaCOa(s) 

1 Explain why carbon dioxide is used in: 4 a) How is carbon dioxide obtained from a carbonate? 
a) fi zzy drinks 

b) fire extinguishers. 

2 Give two reasons why 'dry ice' is better than ordinary 

ice for refrigeration. 
3 Carbon dioxide can be poured from a gas j ar onto a 

lighted candle and the candle goes out. What does 

this simple ,experiment show about the properties of 
carbon dioxide? 

b) Write an equation for the reaction in part a). 

c) Why ca111 the carbon dioxide be collected either by 
downward delivery or over water? 

d) How would you show that limestone is a 

carbonate? 



Section 2 Chemistry of the elements 

a 

.. -

Figure 11 .2 All these foods contain acids 
that can react with metals. 

The reactions of metals 
Archaeologists excavating sites often find objects made from copper, 
gold and silver, but rarely iron. They find evidence of iron objects as 
areas of iron oxide or rust. The evidence suggests that the inhabitants 
of the site could make and use iron implements, so why is only rust 
found? The answer is in the reactivity of the metals. Only gold, silver, 
copper and platinum are found naturally occurring in the ground. All 
the other metals are found in rocks that we call ores. The metal is 
joined with other elements as compounds - the metal has reacted. 

Figure 11.1 These archaeological iteims are made from gold, silver and copper. Why are 
there no objects made from iron? 

• Metals and acids 
The foods in Figure 11.2 contain acids that can react with most metals. 

Table 1 shows what happens when different metals are added co dilute 
hydrochloric acid at room temperature (21 °C).This acid is more reactive 
than those in foods, but the results show how different metals are attacked 
by acids. 

Notice in Table 1 that aluminium does not react at first. This is because its 
surface is protected by a layer of aluminium oxide. The oxide reacts slowly 
wit h the acid, but this exposes aluminium, which reacts more vigorously. 

Table 1 Reactions of metals with dilute hydrochloric acid 

Highest 
temperature 

Metal used Reaction with dilute hydrochloric acid recorded 

aluminium no reaction at first, but hydrogen is produced rapidly 85°c 
after a time 

copper no reaction, no bubbles of hydrogen 21 °C 
iron slow reaction, bubbles of hydrogen produced slowly 35°c 
magnesium very vigorous reaction, hydrogen is produced rapidly 95°c 
zinc moderate reaction, bubbles of hydrogen are produced 55°c 

steadily 



potassium 

sodium 

lithium 

calcium 

magnesium 

aluminium 

zinc 

iron 

copper 

silver 

gold 

most 
reactive 

least 
reactive 

2.11 The reactions of metals 

Look at the results in Table 1. Use these results to draw up a 'reactivity series' 
for the five metals used. Pur the metals in order from the most reactive to 
the least reactive. 

Metal for cooking pans and cutlery 
The metals used most commonly for pans and cutlery are aluminium, 
copper and iron (steel). Copper is the only one which does not react with 
the acids in food. Bur copper is so expensive that aluminium and steel 
are used for most of the saucepans sold today. A thin oxide coating on 
aluminium protects it from most of the weak acids in foods. However, acetic 
acid (ethanoic acid) in vinegar does react wit11 alwninium and this 'cleans' 
the saucepan during cooking. Iron (steel) which is used in cutlery is also 
attacked very slowly by acids in food. 

Storing food in metal cans 
Foods containing acids are best stored in unreactive containers made of 
glass or plastic. Food cans ('tin cans') are also used to store acidic foods like 
pineapples and grapefruit. The cans are made of steel coated on both sides 
with tin and then covered on the inside with a thin layer of unreactive plast ic 
between the tin and its contents. 

Metal reactions with hydrochloric acid 
All the metals in Table 1 except copper react with dilute hydrochloric acid. 
The products of the reaction are hydrogen and the chloride of the metal. 

metal + hydrochloric acid~ metal chloride + hydrogen 

Using Mas a symbol for the metal and assuming M forms M2+ ions, we can 
write a general equation as: 

M(s) + 2HCl(aq) ~ MC'2(aq) + Hi(g) 

Metal reactions with sulfuric acid 
A similar reaction occurs between metals and dilute sulfuric acid. This time 
the products are hydrogen and a metal sulface. 

metal sulfuric metal 
I 

cir 
(above copper) + acid ~ sulface + 1Y ogen 

For example, when magnesium reacts with dilute sulfuric acid d1e products 
are magnesium sulfate and hydrogen. 

• Using metal reactions to make 
a reactivity series 
From these reactions of metals with dilute acids and from the reactions of 

Figure 11 .3 The reactivity series of metals. metals with air ( oxygen) and water, we can draw up an overall reactivity 
series. This is shown in Figure 11.3. 
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•:f:MHO• 
: Describing how reactions of metals 
: with water and with dilute acid 
: can be used to make a reactivity 
: series is very important Make sure 
: you know that the more reactive 

a metal is, the higher it is in the 
: series. 

Figure 11 .4 What is the problem with 
using iron to make the water boiler in a 
steam train? 

• Summarising the reactions of metals 
The order of reactivity of metals is the same with air ( oxygen), u-ith water 
and with acids. This is not really surprising because metal atoms react to 

form metal ions in each case. The higher the metal in the reactivity series, 
the more easily it forms its ions. 

Reaction with air (oxygen) 
Metals lose electrons co form metal ions. The electrons are taken by oxygen 
molecules (02) fonning oxide ions (02-). 

metal + oxygen ~ metal oxide 
2M + 0 2 ~ 2M2•02-

Reaction with water 
The metals lose electrons co form positive ions. The electrons are taken by 
water molecules which form hydroxide ions (OH-) and hydrogen (H2). 

metal + water ~ metal hydroxide + hydrogen 
M + 2Hi0 ~ M2+(0 H-)z + H2 

Reaction with acids 
This time, the metals give up electrons to H· ions in t he acids and hydrogen 
(H2) is produced. 

metal + acid ~ metal compound + hydrogen 
M + 2H·~ Mi. + H2 

(above copper) 

The reactivity series (Figure 11.3) is a very useful summary of t he reactions 
of metals. Metals at the cop of the series easily lose electrons and form ions. 
Metals at che bot tom of the series are just the opposite. Ions of these metals 
more easily gain electrons and form atoms. 

• Oxidation and reduction 
Gaining or losing oxygen 
When elements react with oxygen, they form products called oxides. These 
reactions in which elements and other substances gain oxygen are called 
oxida tions. 

Sometimes, it is possible co remove oxygen from an oxide. For example, if 
mercury oxide is heated strongly, it will thermally decompose to mercury 
and oxygen. 

mercury oxide 
heat 

+ 
strongly 

mercury oxygen 

2Hg0 2Hg + 02 

I reduction t 
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Reactions like this in which a substance loses oxygen are called r eductions. 

So, oxidation is gain of oxygen, reduction is loss of oxygen. 

Gaining or losing electrons 
When magnesium reacts with oxygen, the product is magnesium oxide 
(MgO). 

2Mg + 0 2 ~ 2Mg2'-02-

During this reaction, each magnesium atom (Mg) loses two electrons (2e-) to 
form a magnesium ion Mg2•. This means chat four electrons are lose by the 
two magnesium atoms in the last equation. 

2Mg ~ 2Mg2+ + 4e-

These four electrons are gained by the two oxygen atoms in the oxygen 
molecule (02) to form two oxide ions (202-). 

02 + 4e- ~ 202-

Now we know char magnesium is oxidised in this reaction and oiqgen is 
reduced. So, instead of defining oxidation in terms of oxygen, we can also 
define it in terms of electrons. Magnesium which loses electrons in the 
reaction is oxidised and oxygen which gains electrons is reduced. 

In general, oxidation is the loss of electrons, reduction is the gain of 
electrons. 

• Redox reactions 
By defining oxidation as the loss of electrons and reduction as the gain 
of electrons, it is easy to see that oxidation and reduction muse always 
occur together. If one substance lo ses electrons in a reaction, then another 
subst ance must gain them. 

Because red uction and oxidation always occur together, these reactions are 
often called redox reactions. 

Redox is not just about oxygen 
When oxidation and reduction are defined in terms of electrons, many more 
reactions can be classified and understood as redox reactions. Th ese include 
the reactions of metals with water and with acids. When metals react with 
water, the products are the metal hydroxide and hydrogen. 

M + 2H20 ~ Mz+(oH-)z + H2 

In this reaction, the metal (M) loses electrons and is oxidised to its ions 
(M2

•). The water (H20) gains electrons and is reduced to hydroxide ions 
(OH-) and hydrogen (H2). 

When metals react with acids concaining hydrogen ions (H'), the products 
are a meta.I compound containing ions of t he meta.I (Mi.) and hydrogen (H2). 

M + 2H+ ~ M2+ + H2 
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In this case, the metal (M) loses electrons again and is oxidised to its ions 
(M2'). The hydrogen ions (H') in the acid gain electrons and are reduced to 
hydrogen (H2). 

• Substances such as 0 2, H20 , H+ and Cli, which take electrons in redox 
reactions, are called oxidising agen ts. 

• In contrast, metals t hat give up electrons in redox reactions are called 
r ed ucing agents. 

Therefore, oxidising agents are rl1emselves reduced and reducing agents are 
oxidised in redox reactions. 

• Metal displacement reactions 
Reactions between metals and metal oxides 
When a powdered mixture of aluminium and iron(III) oxide is heated, 
an intensely exothermic reaction occurs producing aluminium oxide and 
molten iron which quickly solidifies. 

2Al(s) + Pe203(s) ~ A120J(s) + 2Fe(s) 

The reaction involves redox. Atoms of Al have been oxidised co Al3+ ions by 
the loss of electrons, while Pe3• ions have taken these electrons and have been 
reduced to Fe atoms. 

Al o:>cidation Af3+ + 3e_ 

Fe3+ + 3e- rcduc<ion Fe 

The reaction occurs because aluminium is more reactive than iron and more 
readily forms ions. So, aluminium has formed Af3+ ions at the expense of 
Pe3

• ions, which have been reduced co iron. The reaction can be regarded 
as a displacemen t reaction in which a more reactive metal, higher in the 
reactivity series, has displaced a less reactive metal lower in the reactivity 
series, from its oxide. In general, ifMb is a higher metal and M1 is a lower 
metal in the reactivity series: 

M h + M 12+ 02-~ Mb2+02- + M 1 

Reactions between metals and their compounds 
in aqueous solution 
If a more reactive metal can displace a less reactive metal from its oxide, it is 
likely that a more reactive metal will also displace a less reactive metal from 
its aqueous solutions. 

Figure 11.5 shows an experiment to investigate what happens when strips of 
magnesium ribbon are placed in solutions of sodium chloride, zinc sulfate 
and copper(II) sulfate. 



•iUHiii 
• Remember, w hen interpreting the 

reaction of a metal with different 
metal compound solutions, if there 
is a reaction or change, then the 
metal is highe r in the reactivity 
series than the metal in the 
compound. If t here is no reaction, 

: the metal is lower in the series 
: than the metal in the compound. 

2.11 The reactions of metals 

tube A 

sodium chloride 
solution 

no change 

Mg 
ribbon 

tube B 

zincsulfate 
solution 

dark grey deposit on Mg 

tube C 

oopper(II) 
sulfate solution 

brown deposit on Mg 

Figure 11. 5 The reactions between magnesium and solutions of sod ium eh loride, 
zinc sulfate and copper(II) sulfate. 

There is no change in tube A. In cube B, the magnesium ribbon cums dark 
grey and in tube C it t urns red-brown. 

• In tube A, there is no reaction. Sodium is more reactive than magnesium 
and it's already present as a compound. 

• In tube B, a dark grey deposit appears on the magnesium ribbon. This 
is .zinc. Magnesiwn is more reactive t han zinc. So magnesium has gone 
into solution as its ions. The electrons it gives up have been taken by zinc 
ions in the solution to form zinc atoms which have deposited on the 
magnesium ribbon as dark grey zinc metal. 

This is the equation for the reaction: 

Mg(s) + znso.(aq) ~ MgS04(aq) + Zn(s) 

This is how the atoms, ions and electrons change: 

Mg(s) ~ Mg2•(aq) + 2e­
Zn2•(aq) + 2e-~ Zn(s) 

• In cube C, a similar reaction has occurred to that in rube B. This time ic is 
brown copper that has deposited on the magnesium ribbon. Magnesium 
has displaced copper from copper sulfate solution: 

Mg(s) + CuS04(aq) ~ MgS04(aq) + Cu(s) 

These displacement reactions between metals and their oxides and between 
metals and their compounds in aqueous solution can be used to work out 
the position of a metal within the reactivity series. 
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STUDY QUESTIONS 

1 Look at tlhe photograph of the steam train 
(Figure 11.4). Answer the question in the caption to 

the photo. 
2 Plan an experiment that you could do to find the 

position of lithium in the reactivity series. Say what 

you would do and how you would ensure that your 

test is fair. 

3 Metal P w ill remove oxygen from the oxide of metal 
0, but not from the oxide of metal R Wri te P, 0 and 

R in their order in the reactivity series (most reactive 
first). 

4 Write word equations and balanced symbol equations 
for the reactions of: 

a) copper with oxygen 
b) aluminium w ith oxygen 

c) calcium with water 
d) zinc w ith di lute hydrochloric acid 
e) iron w ith dilute sulfuric acid. 

5 a) Why is copper better for saucepans than 
aluminium? 

b) Why is copper not used for most pans today? 
c) Why is aluminium less reactive than expected with 

acidic: foods? 
d) How are tin cans protected from acids in their 

contents? 
6 When a metal is added to copper{II) sulfate solution, 

the following reaction may occur: 

metal + copper(! I) sulfate ~ metal sulfafo + copper 

a) What name is given to this type of reaction? 
A student added different metals to copper(II) 

sulfate solution. He measured the tern perature of the 
copper(! I) su lfate solution before adding the metal 

and again 2 minutes after adding the metal. 
b) State three variables that should be kept constant 

to make the experiment a fair test. 
c) The student carried out the experiment three 

times for each metal and obtained the following 

results. 

Temperature changes in the, throe 
Metal experiments I •c 
iron 6.5 7.6 6.6 

lead 3.2 3.6 8.4 

nickel 4.5 5.1 4.8 

i) Calculate the average temperature change for 

each metal. 
ii) Which metal has the least reliable results? 

Explain your answer. 
iii) Why are the temperature changes different 

for the three metals? 

iv) Write the three metals and copper in an order 

o f reactivity (most reactive first). 
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Figure 12.1 steel parts on a bicycle rust 
more quickly when the bike is left out in 
the rain than when it is kept in a shed. 

You need to know how the 
conditions are varied in each of the 
test tubes so that the variables that 
affect rusting are separated and 
investigated properly. 

Articles made of iron and steel rust much faster if they are left outside 
in wet weather. This suggests that water plays a part in rusting. 

When aluminium is exposed to air, it becomes coated with a layer of 
oxide. The metal has reacted with oxygen in the air. If rusting is similar 
to this, iron may also react with oxygen in the air. 

• What conditions are needed for rusting? 
The apparatus in Figure 12.2 can be used to investigate whether water and 
oxygen are involved in rusting. The test tubes are set up and left for several 
days. Tube 1 is the control experiment. It is the standard which we use to 
compare the results in the other tubes. It contains iron nails in moist air. 
Tube 2 contains iron nails and anhydrous calcium chloride which absorbs 
water vapour and keeps the air dry. Tube 3 contains nails covered with 
boiled distilled water. The water has been boiled to remove any dissolved air. 
The fayer of olive oil prevents air dissolving in the water. Tube 4 contains 
iron nails in distilled water and pure oxygen. 

The nails in tubes 1 and 4 rust, but those in cubes 2 and 3 don't rust. 

1 Does iron rust if there is: 
(i) no water, (ii) no air, (iii) no oxygen? 

2 What conditions are necessary for rusting? 

tube 1 tube 2 

air 

iron nails 

distilled water 

dry air 

anhydrous 
calcium 
chloride 

tube 3 

air 
layer of 
olive oil 

boiled 
distilled 

tube4 

pure oxygen 

distilled water 

Figure 12.2 Investigating whether water and oxygen are involved in rusting. 

• What happens when iron rusts? 
During rusting, iron reacts with oxygen to form brown iron oxide. 

iron + oxygen ~ brown iron(ill) oxide 

As the iron oxide forms, it reacts with water to form hydrated brown iron 
oxide. This is rust. 

iron(III) oxide + water ~ hydrated iron oxide (rust) 
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zinc coating 
on dustbin lid 

oxygen reacts 
with zinc, but 
not with iron 

Figure 12.3 On a galvanized dustbin, zinc 
reacts before the iron, even when the zinc 
coating is scratched or broken. 

Figure 12.4 Food cans are made of steel, 
protected from water and dissolved oxygen 
in their contents by a very thin layer of 
plastic or an unreactive metal like tin. This is 
why they are often called tin' cans or tins'. 

STUDY au ESTIONS 

1 a) What is rust? 

b) How does rust form? 

Su bscances, like rust, that have water as part of their structure are described 
as hydrated and we call them hydrates. 

Iron will only rust if both Oll.'Ygen and water arc present. 

Although iron and steel rust more easily than several other metals, steel is 
used for ships, cars, bridges and other structures because it is cheaper and 
stronger than other building materials. 

• How is rusting prevented? 
In order to prevent the rusting of iron and steel, we must protect them from 
water and oxygen. There are a number of important ways of doing this. 

Painting 
This is the usual method of preventing rusting in ships, vehicles and bridges. 
Paint covers the iron (steel), bur if the paint is scratched, then rusting starts. 

Oiling or greasing 
The moving parts of machines cannot be protected by paint which would get 
scratched off. Instead, they are oiled or greased. This also helps to lubricate 
the moving parts. 

Coating (plating) with a more reactive metal 
Zinc is often used to coat steel dustbins and gates. This process using zinc is 
described as galvanizing. Zinc is more reactive than iron, so oxygen in the 
air reacts with the zinc before it reacts with the iron. Zinc is 'sacrificed' to 

protect the iron and this is sometimes called sacrificial protection 
(Figure 12.3). Other articles, like taps and kettles, are pl-ited with chromium. 
This is more expensive than galvanizing and the chromium is only slightly 
more reactive than iron. So, the sacrificial protection is poorer, but the 
chromium plating is more attractive. 

Covering with plastic 
Steel is sometimes coated with plastic in articles such as garden chairs, dish 
racks, towel rails and food cans. The plastic is cheap and can be coloured to 

look attractive. 

4 What experiments would you do to find ·out whether: 

a) iron rusts more quickly in seawater or in distilled 

2 What methods are used to stop rusting? 

3 Explain the following statements. 

water 

b) steel rusts more quickly than iron? 

a) Iron objects rust away completely in time. 

b) The bottom parts of iron railings rust more quickly 

than the top. 

c) Iron on shipw recks in deep seawater rusts very 

slowly. 

Draw a labelled diagram of the apparatus you would 

use in each case. What results would you expect? 
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~ o ~ ~ Tests for ions, gases 
and water 

Figure 13.1 In 2012 every Olympic 
medal winner was tes1ed for banned 
performance-enhancing drugs. 

Table 1 The flame colours from some cations 

Cation present 
in substance Flame colour 

K+ lilac 

Na• yellow 

Li' red 

Ca2' brick red 

cu2+ blue•green 

You need to know all the tests in 
this chapter and how to interpret 
the results from them. 

Scie.ntists need to be able to test substances to find out what they 
are. In sport, to make sure that competition for medals is fair, urine 
samples from athletes are tested see if they contain performance­
enhancing drugs that are banned. These tests are very sophisticated 
and more substances can be identified every year. 

How do we identify simple compounds? We can identify different 
substances using tests for the atoms and ions in them. The best way 
to identify a substance is to find a property or a reaction which is 
shown only by that substance and is easy to see. 

• Testing for positive ions 
Positive ions, or cations, can be tested for using three different methods. The 
method you choose depends on what you suspect the cation to be. 

Flame tests 
When substances are heated strongly, the electrons in them absorb extra 
energy. We say that the electrons are excited. The excited electrons soon 
release this excess energy as radiation and they become stable again. For 
some cations, the radiation is emitted as coloured light which colours the 
flame. The cations that produce these flame colours are listed in Table 1. 

You can check the flame test for a potassium or a copper compound using 
the following method. 

Dip a nichrome wire in concencrated hydrochloric acid and then heat it in a 
roaring Bunsen until it gives no colour to t he flame. The wire is now clean. 
Dip it in hydrochloric acid again, and then in the substance to be tested. 
Heat t he wire in the Bunsen and note the flame colour. 

Figure 13.2 Carrying out a flame test for potassium. If you do a flame test, wear eye 
protection. 



Section 2 Chemistry of the elements 

, -- '1' 

Figure 13.3 What tests would you carry 
out to see whether iron tablets contain 
Fe2• or Fe3• ions? 

Better flame tests 
Chemists have developed special instruments called emission spectroscopes 
which can measure the wavelengths of radiation emirted during flame 
tests. This allows chem co identify the substance under test. Emission 
spectroscopes enable chemises to identify certain ions very accurately and 
very rapidly, even when the amo unr of substance to be tested is very small. 

Emission spectroscopes are used to monitor substances in the environment, 
in the water we drink and in the food we eat. 

Using sodium hydroxide solution 
The hydroxides of all metals (except those in Group 1) are inso luble. 
These insoluble hydroxides form solid precipitates when aqueous sodium 
hydroxide, containing hydroxide ions (OH-), is added co a solution of metal 
ions. For example: 

cuz+(aq) 
blue solution 

+ 20H-(aq) -+ Cu(OH)z(s) 
blue precipitate 

Table 2 shows what happens when: 

i) a little sodium hydroxide solution, NaOH(aq) 
ii) then excess sodium hydroxide solution 

is added to solutions of some common cations. 

Table 2 Testing for cations with sodium hydroxide solution 

3 drops of NaOH(aq) 10 cm• of NaOH(aq) 
Cation in added to 3 cm• of solution added to 3 cm• of 
solution of cation solution of cation 

Fe2• a green precipitate of Fe(OH2) forms green precipitate remains 
Fe2• + 20H-~ Fe(OH)2 

Fes. a brown precipitate of Fe(OHs) forms brown precipitate remains 
Fe3• + 30H-~ Fe(OH)J 

Cu2+ a blue precipitate of Cu(OH)2 forms blue precipitate remains 
Cu2• + 20H-~ C u(OH)2 

Testing for ammonium ions, N Ht 
The ammonium cation, NH4 • , can be identified by adding sodium hydroxide 
solution and then warming the mixcure. If ammonium ions are present this 
produces ammonia gas (NH3), which turns damp red litmus paper blue. 

• Testing for negative ions 
Negative ions are sometimes referred to as anions. To identify anions 
successfully there are three different tests you can try. 

Identifying compounds containing carbonates 
Add a few drops of dilute hydrochloric acid co the substance you are testing. 
Ifie is a carbonate there will be a reaction. The compound will produce 
bubbles of clear odourless gas, which is carbon dioxide. To prove the gas 
contains carbon dioxide you should do the test for carbon dioxide described 
later in this chapter (page 136). 



2.13 Tests for ions, gases and water 

Identifying compounds containing sulfates 
Add dilute nitric acid to a solution of the substance. Then add barium 
nitrate solution. If the substance contains sulfate (S0.2·t a thick white 
preci pirate of barium sulfare (BaS04) forms. 

Bau(aq) + 5042-(aq) ~ BaS04(s) 

Identifying compounds containing chlorides, 
bromides or iodides 
Add dilute nitric acid to a solution of the substance. Then add silver nitrate 
solution. 

• Chlorides (CJ-) give a white precipitate of silver chloride. 

Ag+(aq) + CJ-(aq) ~ AgCl(s) 

• Bromides (Br) give a cream precipitate of silver bromide. 

Ag+(aq) + Br-(aq) ~ AgBr(s) 

• Iodides W) give a yellow precipitate of silver iodide. 

Ag+(aq) + 1-(aq) ~ Agl(s) 

• Testing for gases 

Hydrogen 
Collect a sample of the gas you suspect is hydrogen in a test tube. Light a 
thin wooden splint and place the lighted splint into the test tube. If the gas 
is hydrogen you will hear a loud ' pop' as the hydrogen burns with oxygen 
from the air. 

Figure 13.4 The 'pop' test for hydrogen. 

Oxygen 
Collect a sample of the gas you suspect is oxygen in a test tube. Light a thin 
wooden splint and blow it out. Place the glowing splint into the test tube. If 
the gas is oxygen the splint will burst into flame. 



Section 2 Chemistry of the elements 

Carbon dioxide 
Bubble the gas you suspect is carbon dioxide through some limewater. 
Figure 13.S shows a metal carbonate reacting with diluce hydrochloric acid 
in the test for a carbonate. The suspected carbon dioxide is being bubbled 
through limewater. If the gas contains carbon dioxide the limewater will 
rum milky or cloudy white with a precipitate of calcium carbonate. If more 
carbon dioxide is bubbled through, then the limewater will become clear. 

dilute hydrochloric acid limewater 

metal carbonate 

Figure 13.5 Testing the gas released! by a metal carbonate for carbon dioxide. 

Ammonia and chlorine 
Both ammonia and chlorine produce a reaction with damp red litmus paper 
(or solution) and with universal indicator. 

Bubble the gas through the solution, or direct the gas at the damp paper. 

• If the gas contains ammonia the red litmus paper or solution will turn 
blue. Universal indicator paper or solution will also tum blue. 

• If the gas is chlorine the red litmus paper or solution will be bleached. 
Universal indicator paper or solution will also be bleached. 

• Testing for water 

Testing that water is present 
When blue copper(!!) sulfate crystals are heated, steamy watei: vapour is 
given off and the blue crystals change co a white powder. Experiments show 
that the blue crystals contain both copper(II) sulfate and water combined 
together. Substances like this, which contain water as part of t heir structure, 
are described as hydrated, and we call them hydrates. So, blue copper(II) 
sulfate is often called hydrated copper sulfate. 

When the blue crystals are heated, they decompose, losing water vapour and 
leaving behind pure white copper(II) sulfate. This copper(II) sulfate without 
water is cailed anhydrous copper(!!) sulfate. 

neat 
hydrated copper(II) sulface ~ anhydrous copper(II) sulfate + water 

(blue) (white) 

Ifwarer is now added to the white anhydrous copper(II) sulfate, synthesis 
takes place and blue hydrated copper(II) sulfate re-forms. 

anhydrous copper(II) sulfate + water ~ hydrated copper(II) sulfate 
(white) (blue) 



2.13 Tests for ions, gases and water 

This reaction provides a simple chemical test for water. Just add a li ttle of 
any liquid co white anhydrous copper(II) sulfate and if it turns blue then 
water is present. But note that this test only indicates the presence of water. 
It does not mean that the liquid tested is pure water. 

add 

liquid 
white anhydrous blue hydrated 
copper sulfate copper sulfate Remember - wear eye protection. 

Figure 13.6 The test for water using anhydrous copper(! I) sulfate. 

Testing if a liquid is pure water 

Remember to give both the test and 
the expected result if you are asked 
to identi fy a gas or other ion. 

Place a small sample of the liquid you suspect is water into a boiling cube 
with a thermometer. Heat the liquid until it boils and then measure its 
boiling point. Ifche boiling point is 100 •c then you can be sure che liquid is 
pure water. 

STUDY QUESTIONS 

1 a) How would you carry out a flame test oin a sample 
of chalk? 

b) What colour should the flame test g ive7 
c) Why mus t eye protection be worn during flame 

testing? 
d) What causes flame colours from certa iri cations? 

2 a) A garden pesticide is thought to contain copper 
sulfate. Describe two tests that you would do to 
find out w hether it conta ins C u2• ions. 

b) How would you show that the pesticide conta ins 
sulfate? 

3 Sodium chlo ride and sodium iodide are both white 
crystals. You have two bottles of white crysta ls 
labe lled X a nd Y. Describe how you would show that 

X contained sodium chloride and Y contained sodium 
iodide. 

4 You have a white powder you have been told is 
ammonium chloride. 
a ) Descri be how you could show thatth e compound 

contains both ammonium ions and chlo ride ions. 
b) When you heat a sma ll sample of the w hite 

powder it gives off a gas. You think it may be 
chlorine gas. How would you test to show the gas 
produced is chlorine gas? 

5 You have three unlabelled boiling tubes of gas. One 
tube conta ins hydrogen, the second oxygen, the third 
carbon dioxide. Describe how you can ide ntify which 
tube has w hich gas in it 
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Summary 
t/ Make sure you can answer all the questions in the Interactive quiz. 

I am confident that: 

./ I know the positions of metals and non-metals in 
the Periodic Table and understand the meaning 
of groups and periods 

./ I understand why elements in the same group 
have similar chemical properties 
• Each element in a group has the same number of 

outer electrons. 

./ I am able to classify elements as metallic or 
non-metallic, from: 
• Their electrical conductivity 
• the pH of their oxides. 

./ I can explain why the noble gases (Group O) are 
unreactive 
• They have completely filled outer electron shells. 
• They have no electrons co share or lose or gain. 

./ I am able to describe the reactions of lithium, 
sodium and potassium: 
• with \V.ater 
• with oxygen. 

./ I can describe and explain the relative reactivity 
of the Group 1 elements 
• As the atoms get larger down the group, the 

distance of the outer electrons from the nucleus 
increases. 

• There is a weaker attraction of the outer electron 
to the n ucleus as the acorn size increases. 

./ I know the physical states and colours of Group 7 
elements, chlorine, bromine and iodine at room 
temperature, and can predict the properties of the 
other two halogens 

./ I can describe and explain the relative reactivity 
of the Group 7 elements 
• As the atoms get larger down the group, the 

distance of the outer electrons from the nucleus 
increases. 

• There is a greater attraction of free electrons co 
the nucleus as the atom size increases. 

./ I can describe and predict the result of halogen 
displacement experiments 
• A more reactive halogen element displaces a less 

reactive halogen ion from a solution of one of its 
salts. 

• These reactions are redox reactions. 

./ I know the percentage composition of gases in 
the air 

./ I can describe experiments to show the percent­
age volume of oxygen in the air 

./ I can describe how oxygen and carbon dioxide 
can be prepared in the laboratory 
• Oxygen is prepared by decomposing hydrogen 

peroxide with a manganese(IV) oxide catalyst. 
• Carbon dioxide is prepared by reacting calcium 

carbonate with dilute hydrochloric acid. 

./ I can describe the reactions of magnesium 
carbon a.nd sulfur with oxygen and the pH of the 
oxides formed 
• The pH of the oxide identifies the elements as 

metal or non-metal. 

./ I know how metal carbonates thermally 
decompose to make metal oxides and carbon 
dioxide gas 

./ I can describe the solubility and density of carbon 
dioxide 
• Its properties explain its use in carbonated drinks 

and in fire extinguishers . 

./ I understand that carbon dioxide is a greenhouse 
gas and that it may contribute to global warming 



./ I can describe the reactions of dilute hydrochloric 
acid and sulfuric acid 
• with magnesium, aluminium, zinc and iron 
• and can describe how to test the hydrogen gas 

they may produce in these reactions. 

./ I can describe tests to show whether: 
• water is present in a liquid 
• the liquid is pure water. 

./ I can describe how the reactions of metals and 
their compounds can be used to make a reactivity 
series 
• The reactivity series of metals is: potassium, 

sodium, l ithium, calcium, magnesium, 
aluminium, zinc, iron, copper, silver, gold. 

• Displacement reactions between metals and their 
oxides, and between metals and their s.alts in 
aqueous .solutions, determine the position of a 
metal in the reactivity series. 

Summary 

./ I can describe oxidation and reduction 
• Oxidation is the addition of oxygen, or the loss of 

electrons. 
• Reduction as the removal of Oll.ygen, or the gain of 

electrons. 
• Reactions involving oxidation and reduction are 

known as redox reactions. 
• The substance providing the Oll.ygen is the 

oxidising agent, and the substance accepting the 
oxygen is the reducing agent . 

./ I understand the conditions needed for rusting 
• Rusting of iron needs both water and oxygen to 

take place. 
• The use of galvanizing and sacrificial metals in rust 

prevention is explained by the reactivity series. 

./ I can describe tests and the positive results for 
cations: 
• Li+, Na+, K+, Ca1,> using flame tests 
• NH;, C u2

• , Fe2
•, Fe3

• using sodium hydroxide 
solution . 

./ I can describe tests and the positive results for 
anions: 
• ci-, Br, 1- using silver nitrate solution and nitric acid 
• so.2- using barium chloride and hydrochloric acid 
• co32- using hydrochloric acid and limewater . 

./ I can describe tests and the positive results for 
these gases: hydrogen, oxygen, carbon dioxide, 
ammonia and chlorine 
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Exam-style questions 
1 A student tests a solution to see if it contains co/~ 

ions. The first part of the test involves this reaction: 

2H•( .... ) + co/-(aq) ~ H20( .... ) + C02( .... ) 

a) One state symbol is given in the equation. Copy 
and complete the equation by writing the other 
state symbols in the spaces provided. [1] 

b) Name a reagent that can provide the H· ions in 
the reaction. [ 1] 

c) Give the name for each of the fol!O\ving fonnulae: 

i) co/- ii) C02 

d) The second part of the test involves using 
Ca(OH)2 ro detect the C02. 

i) What is the chemical name for Ca(OH)z? 

[2] 

[1] 

ii) The Ca(OH)z is dissolved in waterto make a 
solution when doing the test for C02• What is 
the common name for this solution? [1] 

iii) \Vhat is seen during the test for COi? [1] 

iv) Copy and complete the chemical equation for 
the reaction between these two substances: 

Ca(OH)z + C02 ~ [ __ ] + [ __ [2] 

e) C02 is present in air. What effect does it have on 
rainwater? [ 1] 

2 Part of the modern Periodic Table is shown below. 
-
,•• 

,s ,c , N ,o 9F ,J<• 

----.-. --, ---- JI 146i ,,P ,.6 ,f,I .,.., 

' ' 
-- . : --- : ---

a) Copy .and complete the sentence below by writing 
in the missing words. 

Elements in the modern Periodic Table are 
arranged in order of increasing [ ] . [ 1] 

b) i) Nameametalind1esarnegroupasberyllium. [1] 

ii) Name a non-metal in the same period as 
sodium. [1] 

c) The following table contains some information 
abour two elements. 

Number of 

Element Symbol protons neutrons electrons 

fluorine F 9 10 9 

chlorine Cl 17 18 17 
chlorine Cl 17 20 17 

i) In terms of atomic structure, state one feature 
that both these elements have in common. [ 1] 

ii) There are two isotopes of chlorine shown in 
the table. How do these isotopes differ? [2] 

iii) Explain, in terms of electron arrangement, why 
fluorine is more reactive than chlorine. [2] 

d) Sodium reacts with chlorine co form the 
compound sodium chloride. 

2Na + Cl2 ~ 2NaCl 

Describe, in terms of electron arrangement, the 
bonding in: 

i) a molecule of chlorine 

ii) the compound sodium chloride. 

3 Use the Periodic Table on page 267 to help you 
answer tl1ese questions. 

a) In 1869, Mendeleev produced a periodic table. 
His periodic table had the elements in order of 
increasing relative atomic mass. 

Find the elements potassium and argon in the 
Periodic Table. 

[2] 

[2] 

i) What problem is caused if relative atomic mass 
is used to place these elements in order? [ 1] 

ii) H ow is this problem solved for potassium and 
argon in a modern Periodic Table? [l] 

The table below gives information about some 
elements in Period 3 of the Periodic Table. 

Electron Formulae 
Element Symbol arrangement of chloride 

sodium Na NaCl 

magnesium Mg 2, 8, 2 

aluminium Al AICl3 

silicon Si Si Cl, 

phosphorus p PCl5 



b ) There is a pattern in the electron arrangements of 
the elements in this period. 

i) Copy and complete the missing electron 
arrangements in the table. [3] 

ii) What is the connection between the electron 
arrangement and the position of an element 
in the Periodic Table? [l] 

c) There is a pattern in the formulae of chlorides 
in Period 3. State the formula for magnesium 
chloride. [l] 

d) Potassium is in the same group of the Periodic 
Table as sodium. 

i) Write down the electron arrangement in a 
potassium atom. [l] 

ii) Explain, in terms of electron structure, why 
potassium is more reactive than sodium. [3] 

4 When sodium reacts with chlorine it forms sodium 
ions and chloride ions. 

The diagrams below represent the electron 
arrangements of some acorns and ions. 

A 

2,8 

B C D E 

2,8, 2 2,8, 7 2,8,8 

Which of the diagrams, A co E, represents the 
electron arrangement of each of the following? 

i) a sodium atom, Na 

ii) a sodium ion, Na• 

iii) a chlorine atom, C 

iv) a chloride ion, c1- [4] 

5 Calcium is a reactive metal. 

a) State two metals which can be displaced from 
solutions of their salts by calcium. [2] 

b ) State one metal which cannot be displaced from 
solutions ofits salts by calcium. [l ] 

6 a) i) Describe what is seen when a small piece of 
sodium is dropped onto water [3] 

ii) Write a chemical equation for the reaction. [2] 

Exam-style questions 

iii) Give one observation that will be different if 
rubidium is used in place of sodium. [1] 

b) Sodium reacts readily with oxygen to form the 
ionic compound sodium oxide. 

i) The diagram shows the electron 
configuration of an atom of sodium and 
an atom of oqgen. 

Describe, in terms of electrons, what 
happens when sodium acorns react with 
oxygen acorns. [3] 

ii) Sodium oxide has a melting point of 1275 ° C. 
Explain why sodium oxide has a high melting 
point. [3] 

iii) Magnesium oxide, MgO, has a melting point 
of2852 °C. Suggest why magnesi um oxide 
has a higher melting point than sodium 
oxide. [2] 

7 A colourless gas A relights a glowing splint. 

A reacts with copper to give a black solid B. 

A reacts with a hot dark grey solid C to give a 
colourless gas D. 

D t urns limewarer milky. 

B and D are produced when the green powder E 
decomposes on heating. 

a) Identify the substances A co E. [5] 

b) Write word equations and balanced equations for 
the reactions: 

i) of A with C 

ii) ofE becoming B + D. [4] 

c) Use the terms ionic,giant covalent or simple molecular 
co identify the structures of A co E. [5] 
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8 Use information from the table to answer this question. 

Colour of a 
solution of 

Name of Colour of solid the metal(II) 
metal metal sulfate 

magnesium grey colourless 
zinc grey colourless 1 

increasing iron dark grey green 
activity copper pink-brown blue 

a) When zinc is added to magnesium sulfate 
solution, no reaction occurs. Explain why. [1] 

b) When iron filings are added to copper(II) sulfate 
solution, a reaction takes place. 

i) Write a chemical equation for this reaction. [2] 

ii) Describe the colour changes during this reaction: 

• colour change of solid 

• colour change of solution. 

[2] 

[2] 

c) When copper is added to dilute sulfuric acid, no 
reaction occurs. When iron is added to dilute 
sulfuric acid, hydrogen gas and iron(II) sulfate 
solution are formed. What does this show about 
the reactivity of hydrogen compared to the 
reactivity of copper and the reactivity of iron? [2] 

9 A student has four solutions labelled A, B, C and D. 

Each solution contains one compound from the 
following list. 

KN03 FeC[z Fe(N03}3 Cuso. NH.Cl 

The student does some simple tests to identify the 
compounds present. The table shows che tests and 
observations. 

Add sodium Add dilute nitric 
hydroxide acid and silver 

Solution Colour solution nitrate solution 
A colourless pungent gas white precipitate 

given off 

B blue blue precipitate no change 
C colourless no change no change 
D green green precipitate white precipitate 

a) i) What is the pungent gas formed by 
solution A? [1] 

ii) Which ion must be present in A for the white 
precipitate to form? [1] 

iii) Which ion must be present in B for the blue 
precipitate to form? [1] 

iv) Which ion must be present in D for the green 
precipitate to form? [1] 

b) i) Which compound in the list can be identified 
using barium chloride solution? [1] 

ii) State one compound in the list than can be 
identified using a flame test. Seate the colour 
of the flame. [2] 

c) Silver nitrate solution, AgN03(aq), is added to a 
solution oflithium iodide, LiI. 

i) Describe what is seen. [1] 

ii) Write the chemical equation, including state 
symbols, for the reaction. [3] 

10 Part of the Periodic Table published by Mendeleev in 
1869 is shown below. 

Group Group Group Group Group Group Group 
1 2 3 4 5 6 7 

Period 1 H 

Period 2 Li Be B C N 0 F 

Period 3 Na Mg Al SI p s Cl 

K Ca • TI V Cr Mn 
Period 4 

Cu Zn • • As Se Br 

Rb Sr y Zr Nb Mo • 
Period 5 

Ag Cd In Sn SI> Te I 

a) Name two elements in Group 1 ofMendeleev's 
table which are not in Group 1 of the modern 
Periodic Table. [2] 

b) Which group of elements in the modern Periodic 
Table is missing from Mendeleev's table? [1] 

c) Copy and complete the following sentence. 

In the modern Periodic Table elements are 
arranged in the order of their [ ]. [ 1] 



11 The diagram below summarises the reactions of 
sodium, an element in Group 1. 

Products in the reactions are labelled, W, X, Y 
and Z 

white 
power 
(W) 

no reaction 

oil 

air ~ chlorine 

1 1 
. sodium .----lliJo~I l water 

colourless 
solution (Y) 

and 
colourless gas (Z) 

white 
power 

(X) 

a) i) State the chemical names of the products W, 
X,YandZ. [4] 

ii) Copy, complete and balance the chemical 
equation for the reaction that occurs when 
sodium burns in air. Include state symbols. 

......... Na + ......... ~ ......... Na20 [2] 

iii) Which reaction, in the diagram above, helps 
to explain why sodium is described as an 
alkali metal? Explain your answer. [2] 

b ) Explain, in terms of electronic configuration , 
why Group l elements become more reactive as 
relative atomic mass increases. [2] 

12 a) What name is given co the block of elements in 
the middle of the Periodic Table which includes 
titanium? [1] 

b) Some of the properties of titanium are listed 
below. 

• It has a high melting point. 

• It is solid at room temperature. 

• It conducts electricity. 

• It is a good conductor of heat. 

• It forms coloured compounds. 

• It forms crystalline compounds. 

• It forms compounds that are catalysts. 

Select three properties, from the list, which are 
not typical ofa Group 1 metal. [3] 

Exam-style questions 

c) 80g of an oxide of titanium was analysed and 
found to contain 48 g of titanium. Calculate 
the formula ofchis titanium oxide. Show your 
working. (Ti = 48, 0 = 16) [ 4] 

13 This question is about the halogen elements in 
Group 7 of the Periodic Table. 

The reactivity of the elements in Group 7 decreases 
down the group. 

a) Write down the name and symbol of the most 
reactive element in Group 7. [1] 

b) The table gives information about three elements 
in Group 7. 

Melting Boiling State at room 
point I point I temperature 

Element Colour ·c ·c and pressure 

chlorine greenish· - 101 - 34 gas 
yellow 

bromine red - 7 60 liquid 

iodine dark grey 114 185 solid 

Astatine (At) is in Group 7 of the Periodic Table. 
It is below iodine. 

Use the information in the table above and your 
knowledge to answer the following questions . 

i) Predict the state of astatine at room 
temperature and pressure. [1] 

ii) Suggest a melting point for astatine. Explain 
your answer. [1] 

iii) Predict the colour of astatine. [1] 

iv) Suggest the name and fonnula of the 
compound formed by sodium and astatine. [2] 

14 Use the Periodic Table on page 267 to help you 
answer this question. 

a) Identify the most reactive metallic element in the 
Periodic Table. [1] 

b) Give the formula of the compound formed 
between sodium and the most reactive element in 
Group 7. [1] 

c) All of the metals in Group l react with water. There 
are similarities between the reactions. Write out 
three of the following statements which apply co 
the reactions of all Group 1 metals wirh water. 

• a flame is seen 

• a solution of the metal hydroxide is formed 
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• a solut ion of t he mecal oxide is formed 

• carbon dioxide is formed 

• hydrogen is formed 

• the metal sinks 

• the solution formed is acidic 

• the .solution formed is alkaline. [3] 

d) The elements in Group O were originally thought 
to be totally unreactive. However, in 1962 the 
first compound of xenon was made, bur it was 
not until 2000 chat the first compound of argon 
was made. 

What does this order of discovery suggest about 
the trend in reactivity of the elements in 
Group O? [1] 

15 Air contains abouc 20% oxygen. When a fuel 
bums in .air, it reacts with the oxygen. A student 
investigated the length of time a candle burns when 
it is covered by an upturned beaker. The diagram 
shows the apparatus she used. 

beaker ----1 

candle 

air 

gum to fill gap 
formed by spout 
of beaker 

She repeated the experiment using different sizes of 
beaker. 

a) Before she started the experiment, the student 
sketched a graph to show how she thought the 
length of time the candle would burn would 
depend on the volume of air in the beaker. 

volume of air in beaker 

i) Describe t he relationship shown in her sketch 
graph. [2] 

ii) Suggest why she thought the graph was t his 
shape. (2] 

iii) Why is it important to seal the spout of the 
beaker with gum? [ 1] 

The results the student obtains are shown in the 
table. 

Volume o f air Time for which candle Mean 
in beaker I burned I seconds time I 

Beaker cm• Run 1 Run 2 Run 3 seconds 

A 

B 

C 

D 

E 

240 14 16 18 16 
460 27 28 29 28 

700 59 61 66 62 
1020 68 69 73 70 
1250 95 96 9 1 

b) Suggest a method the student could use to 
measure the volume of the beaker used in each 
run accurately. [ 1] 

c) Calculate the mean time for beaker E. [1] 

d) i) D raw a graph of the mean time for which the 
candle burned (vertically) against the volume 
of air in the beaker (horizontally). (4] 

ii) Which one of the points on your graph is 
anomalous? [ 1] 

iii) Suggest and explain what may have happened 
in the experiment co produce this anomalous 
point. [2] 

iv) The student was not sure whether or not the 
graph line went through (0. 0). What further 
practical work should she do to help her 
decide? [1] 

e) Another student repeats the experiment using 
pure oll.ygen in place of air. She finds the candle 
burns for about five times longer than when air is 
used. 

i) Explain why the candle bums about five 
times longer in pure oxygen than in air. [1] 

ii) Use your graph to help you calculate how 
long a candle would bum in a beaker 
containing 600 cm3 of oxygen. You muse 
show your working. [2] 



16 a) i) What percentage of the air is oxygen? (l] 

ii) Write a word equation for the reaction which 
occurs when copper is heated strongly in 
air. [l] 

b) Copy and complete the table below co: 

i) name nvo gases present in the air other than 
oxygen 

ii) give the percentage, by volume, of each of 
these gases present in a sample of unpolluted, 
dry air 

iii) scare an industrial use for each of these 
gases. [4] 

Name of gas Percentage in dry air Industrial use of gas 

17 By observing their reactions with water and dilute 
sulfuric acidic is possible co puc metals in order of 
their reactivity. 

A, B, C and Dare four metals. 

Reaction with Reaction with dilute 
Metal water sulfuric acid 

A no reaction reacts slowly 

B no reaction no reaction 

C little reaction reacts quickly 

D vigorous reaction violent reaction 

a) Put mec.als A, B, C and Din order of their 
reactivity from most reactive to least reactive. [3] 

b) The metals used were copper, magnesium, 
sodium and zinc. Which of these metals was A, B, 
C and D? [3] 

18 Most of the cans used for drinks are made from 
aluminium. 

a) i) Aluminium is an element. What does this 
mean? [l] 

ii) Metals are malleable and this makes chem 
suitable to make drinks cans. What is meant 
by 'malleable'? [l] 

b) The reaction between aluminium and iron oxide 
is used to join lengths of railway track. It is called 
the thermir reaction. 

Exam-style questions 

i) Why does aluminium react with iron 
oxide? [1] 

ii) What does the (1) after Fe in che chemical 
equation mean? [l] 

iii) Suggest why the chermit reaction can be used 
to join lengths of railway track. [l] 

19 a) Chlorine is an element in Group 7 of the 
Periodic Table. Chlorine reacts with hydrogen 
to form hydrogen chloride gas. Hydrogen 
chloride gas dissolves in water co form 
hydrochloric acid. 

i) What common name is used for the elements 
of Group 7? [l] 

ii) Name an element in Group 7 that is a dark-
coloured solid at room temperature. [l] 

iii) The cable shows some information about 
chlorine, hydrogen chloride and hydrochloric 
acid. 

Copy and complete the table. [6] 

Effect 
on damp 

blue 
Name of State litmus 

substance Colour symbol paper 

chlorine pale 
green 

hydrogen chloride g 

hydrochloric acid paper 
turns red 

b) A scudent adds chlorine to a solution of sodium 
bromide. The solution changes from colourless 
to yellow-orange. 

i) Write a word equation for the reaction chat 
occurs. [l] 

ii) Seate the type of reaction chat occurs. [l] 

c) Another student adds bromine to a solution of 
sodium chloride. Why does no reaction occur? [ l] 
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EXTEND AND CHALLENGE 

Using trends in the Periodic Table 

Dmitri Mendeleev used predictions when devising his 
Periodic Table. These predictions helped his version of 
the arrangement of the elements become accepted. 

Mendeleev suggested that gaps should be left for 
elements that had not as yet been discovered. He made 
several predictions about these missing elements. His 
predictions were based on the what was already known 
about other elements. At first his predictions were 
dismissed as guesses by other scientists. 

Eka-silicon was the name given by Mendeleev to one 
undiscovered element Table 1 gives some details about 
the elements surrounding eka-silicon that Mendeleev 
knew. 

Table 1 Some data on elements near to eka-sili'con in the 
Periodic Table 

silver-coloured solid dark grey-coloured solid white-
metal non-metal coloured solid 
mass 27 mass 28 non-metal 

mass 3 1 

dull silver-co:loured ? grey-coloured 
metal eka-silicon semi-metal 
mass 70 mass 75 

silver-coloured silver-coloured grey-coloured 
metal metal semi-metal 
mass 11 5 mass 11 9 mass 122 

1 Use the trends shown by the information about the 
other eiglht elements to suggest: 
a) the colour of eka-silicon 
b) if eka-silicon is a metal, semi-metal or non-metal 

c) the possible atomic mass of eka-silicon. 
2 Now use the Periodic Table to find the name of 

eka-silicon. You could check your predictions on the 
internet. 

The chemical element astatine is a strange member 
of the halogen family of elements. Unlike fluorine, 
ch lorine, bromine and iodine, all its isotopes are 
radioactive. As such it has very limited uses. Each 
radioactive i sotope exists for only a few nours before 
changing into a different isotope of astatine or 
bismuth, polonium or radon. It has been estimated 
that at any moment there is no more than 30 g of 
astatine on Earth. It is produced by the radioactive 
decay of other elements. 

Since there is so little astatine, and it is a lso 
radioactive·, many of the properties of astatine were at 
first estimated. 

The early investigators of astatine knew it was 
a halogen element They knew the physical 
properties of the other halogens shown in Figure 2 
and Table 2, and they used these to predict the likely 
properties of astatine. 

Table 2 Some physical properties of the halogens 

Atomic Atomic Melting Boiling Density 1 

Element number mass point t ·c point t •c g/cm• 

fluorine 9 19 53 85 1.1 

chlorine 17 35.5 172 239 1.56 

bromine 35 80 266 331 3.1 2 

iodine 53 127 387 456 4.94 

astatine 85 

Rather than guess, they plotted graphs of atomic 
number against each physical property, extrapolated 
(extended the trend line), and then read off the likely 
value for astatine (atomic number 85) from the graph. 
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Figure 1 Graph of atomic number against density for the 
halogens. 

3 Use graphs to estimate 
a) the atomic mass of astatine 
b) the melting point of astatine 

c) the boiling point of astatine. 

100 



1 Th ink about everything you've 
touched since you woke up 
this morning. Make a table to 
show those items that need 
chemicals from oil to be made, 
and those tlhat you think didn't 
Compare your list with a friend's. 
See if you agree about your 

classification. 
2 There are predictions made about 

when crude oi I will run out. In the 
1950s it was thought it would 
run out by the 1990s. Today 
we think it may last until 2050. 
Suggest some reasons why these 
predictions are so different. 

3 Some people think these 
predictions are I ittle more than 
guesses. Make a I ist of as many 
variables as you can that will 

affect how long crude oi I supplies 
wi II last The re are more than you 
think! 

In the early 19th century organic chemistry was the study of the 
chemicals found inside the organs of dead bodies, and it is from this 
that it gets its name. Analysis of crude oil in the mid-19th century 
showed great similarities between the chemicals from corpses and 
the chemicals in crude oil. This is not surprising, since crude oil is 
made from the fossilised remains of living things. 

Today organic chemistry is concerned with compounds containing mainly 
carbon and hydrogen that either come from crude oil or have the same 
characteristics. The photo of a living room shows just how dependent we 
are on making items from the chemicals in crude oil. Every item in the 
picture has at some stage been dependent on organic chemicals for its 
material or manufacture. Many of these come from crude oil. 

Crude oil is a non-renewable source of organic chemicals. Much of it is 
burnt to provide fuel for vehicles. Eventually it will get very scarce and 
too expensive for everyone to use. What will happen then? 

By the end of this section you shou1d: 
• know that organic chemistry is the study of chemicals that are found 

in living things, and of substances such as crude oil that were once 
living things 

• know that organic compounds can be grouped together according to 
their structure in homologous series 

• know that hydrocarbons have only carbon and hydrogen in their molecules 
• know the difference between saturated and unsaturated compounds 
• understand the differences between general, molecular and 

displayed formulae, and how the same general formulae can have 
several different molecular or displayed formulae known as isomers. 



Section 3 Organic chemistry 

Alkanes from oil 
and gas 
The developed countries of the world consume large quantities of 
hydrocarbons from crude oil and natural gas. Developing nations 
need progressively more crude oil and natural gas to develop their 
economies. Just what is it about crude oil and natural gas that makes 
their molecules so useful to us all? 

Figure 1.1 Crude oil and natural gas are vital sources of carbon compounds we cal I 
hydrocarbons. 

• Crude oil and hydrocarbons 
Most of the substances in crude oil and natural gas are made from just two 
elements, hydrogen and carbon. Substances that contain only hydrogen and 
carbon are called hydrocarbons. 

Crude oil contains dozens of difforen t hydrocarbons. These vary from 
methane (CH4 ) with just one cai:bon atom per molecule to very complex 
hydrocarbons with more than 30 carbon atoms per molecule. 

All these different hydrocarbons exist because carbon atoms can form strong 
covalent bonds with each other. Atoms of other elements cannot do this. 

Because of these strong C-C bonds, carbon forms molecules containing 
straight chains, branched chains and even rings of carbon atoms. There 
are thousands of different hydrocarbons and millions of different carbon 
compounds. 

• Alkanes 
The four simplest straight-chain hydrocarbons are methane, ethane, 
propane and butane. Table 1 shows the molecular formulae, displayed 



Table 1 The fi rst four alkanes 

Name 

Molecular 
formula 

Displayed 
formula 

Dot and 
cross 
diagram 

Molecular 
model 
(black 
balls for 
carbon, 
white for 
hydrogen) 

Methane 

CH, 

H 
I 

H- C-H 
I 
H 

H 

• x 
H 

Figure 1.2 The teitrahedral arrangement of 
bonds in methane.. 

Ethane 

H H 
I I 

H- C- C-H 
I I 
H H 

H H 
X • • X 

H ~ C ~C ~ H 
• x x • 
H H 

3.1 Alkanes from oil and gas 

Propane 

CsHa 

H H H 
I I I 

H- C- C- C-H 
I I I 
H H H 

H H H 
X • • X X • 

H; c :: c ; c ~H 
• x x • • x 
H H H 

Butane 

C,H,o 

H H H H 
I I I I 

H- C- C- C- C-H 
I I I I 
H H H H 

H H H H 
x • • x x • • x 

H; c ~c ; c ~c ; H 

formulae, dot and cross diagrams and molecular models for these four 
hydrocarbons. The displayed formulae show which atoms are attached to 
each other. But they cannot show t he three-dimensional structures of the 
molecules which you can see from the molecular models. 

There are four covalent bonds to each carbon atom. Each of these bonds 
consists of a pair of shared electrons. The four pairs of electrons around a 
carbon atom repel each other as far as possible. So, the bonds around each 
carbon atom spread out tetrahedrally, as in methane (Figure 1.2). 

Methane, ethane, propane and butane are members of a series of compounds 
called alkanes. All other alkanes are named from the number of carbon atoms 
in their chain. So C5H12 with five carbon atoms in its chain is pencane; C~14 is 
hexane; C7H16 is heptane; and so on. The names of all alkanes end in - ane. 

• Alkanes are a homologous series 
Look ac the formulae of methane, CH4; ethane, C2H6; propane, C3H8; and 
butane C4H10• Notice that the difference in carbon and hydrogen atoms 
between methane and ethane is CH2• The difference between ethane and 
propane is CH2 and the difference between propane and butane is also CH2• 

This is an example of a homologo us series. 

A homologous series is a family of compounds with similar chemical 
properties and in which the formulae differ by CH2• 

Can you see from the displayed formulae in Table 1 chat if an alkane has n 
carbon acorns, it will have 2n + 2 hydrogen atoms? (Every carbon atom in the 
chain has two hydrogen atoms, except the two C atoms at the ends of t he 
chain, both of which have an extra H atom.) 

This allows us to write a general formula for alkanes as c.H2 ••. 2• 
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Figure 1.3 A small blue butane cylinder 
used to fuel a camping cooker. 

• Isomerism 
We mentioned on page 148 rhar carbon could form a large m1mber of 
compounds. There are even more compounds than you might expect, 
because it is sometimes possible to join the same set of atoms in different 
ways. For example, take the formula c.H10. We know already from Table 1 
that butane has the formula C4H 10 • But there is another compound which 
also has this formula, called methylpropane (Table 2). Notice that each 
carbon atom in butane and in methyl propane has four bonds and each H 
atom has one bond. Butane and methylpropane are two distinct compounds 
with different properties as shown in Table 2. 

Compounds like this with the same molecular formula, but different 
displayed formulae and ditferem properties are called isomers. 

Table 2 Isomers with the formula C,H,0 

Name Butane I Methylpropane 

Molecular formula C,H,o C,H,o 
H 

H H H H I 
I I I I 1+-C-H 

H I H 
Displayed formula H- c - c - c - c -H I I 

I I I I H- C - C - C-H 
H H H H I I I 

H H H 

Melting point 1°C -1 38 -1 59 

Boiling point 1°C 0 -1 2 
Density I gl cm3 0.58 0.56 

• Empirical and molecular formulae 
The formula of a compound, such as NaCl for sodium chloride or C02 for 
carbon dioxide, shows the relative number of atoms of each efamenc in it. 
The formula of any compound can be calculated provided we know the 
actual masses of the different elements in a sample of the compound and 
the relative atomic masses of the elements. For example, when ethane is 
analysed, it is found to contain 80% carbon and 20% hydrogen. 

C H 

reacting masses 80 g 20 g 

massofl mol 12g lg 

: . reacting moles 80 20 
12 1 

6.67 20 

ratio of moles 1 3 

: . ratio of acorns 1 3 

::::} formula = CH3 

This formula for ethane shows on ly the simplest ratio of carbon atoms to 
hydrogen atoms. The actual formula showing the correct number of carbon 



Figure 1.4 Two red propane cylinders, 
s1ored outside. 

3.1 Alkanes from oil and gas 

atoms and hydrogen atoms in one molecule of ethane could be Clil, CJf6, 
C38g, etc., since all of these formulae give CH3 as the simplest ratio of acorns. 

The simplest formula for a substance, such as CH3 for ethane, is called the 
empirical formula. This shows the simplest whole-number ratio for the 
acorns of different elements in the compound. 

In the case of simple molecular compounds such as ethane, it is usually 
more helpful co use the molecular formula. This shows the accual number 
of atoms of the different elements in one molecule of the compound. 

Experiments show that the relative molecular mass of ethane is 30. But 
the relative molecular mass ofCH3 is only 15, so the molecular formula of 
ethane is C2H6• 

In ionic compounds, such as sodium chloride, Na+c1-, it is meaningless co 
talk of molecules and molecular formulae. In this case, the formulae we use 
are empirical formulae showing the simplest ratio for atoms of different 
elements in t he compound. 

The word 'empirical' comes from a Greek word meaning 'experimental' and 
an empirical formula is the simplest formula obtained from experimental 
results. 

• The properties of alkanes 

Low melting points and low boiling points 
Alkanes are typical molecular (non-metal) compounds. They have low 
melting points and low boiling points. Alkanes with one to four carbon 
atoms per molecule are gases at room temperature. Methane (CH4 ) and 
ethane (C2H6) make up about 95% of natural gas. Propane (C3H8 ) and butane 
(C4H 10) are the main constituents of'liquefied petroleum gas' (LPG). The 
best known uses of LPG are as 'Calor Gas' and 'GAZ: for camping, caravans 
and boats. 

Afka.nes with 5 co 17 carbon atoms are liquids at room temperature. Mixtures 
of these liquids are used in gasoline (petrol), kerosene, diesel and engine oil. 
Afkanes with 18 or more carbon atoms per molecule, such as bitllmen (tar), 
are solids at room temperature. Even so, they begin to melt on very hot days. 

Notice that alkanes become less volatile and change from gases co liquids 
and then to solids as their molecules get larger down the series. 

Insoluble in water 
Alkanes are insoluble in water, but they dissolve in solvents like petrol. 

Poor reactivity 
Alkanes do not contain ions and their C-C and C-H bonds are strong. So 
they have very tew reactions. They do not react with metals, acids or alkalis. 
It may surprise you, but gasoline (which contains mainly alkanes) will not 
react with sodiwn, concentrated sulfuric acid or sodium hydroxide. You 
m ust not try any experiments with gasoline. It is highly flammable. 
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There aren't many reactions that can 
be started by shining a light at them, 
but this reaction of methane and 

bromine is one of them. It also works 
with chlorine and fluorine gases. 

Reaction with oxygen (combustion) 
The most important reactions of alkanes involve burning. In a plentiful 
supply of air or oxygen, alkanes are completely oxidised to carbon dioxide 
and water when they burn. 

C4H 10 + 6!()2 ~ 4C02 + SH20 
(butane in GAZ) 

Burning reactions are very exothermic: they release energy. Because of this, 
namral gas and crude oil, which contain mainly alkanes, are used as fuels. 

When a carbon-based fuel burns, if it has lots of oxygen it produces only 
carbon dioxide and water vapour. If it hasn't got enough oxygen it produces 
some carbon monoxide instead of some of the carbon dioxide as well as the 
water vapour. 

If there is too little air or oxygen, alkanes are only partially oxidised during 
burning and combustion is incomplete. In this case, soot (carbon) and 
carbon monoxide are formed as well as carbon dioxide and water. 

Carbon monoxide has no smell and it is very poisonous (toxic). It reacts with 
haemoglobin in the blood forming carboxyhaemoglobin and this reduces 
the capacity of the blood to carry oxygen. Because of this, it is dangerous to 
burn carbon compounds in a poor supply of air or in faulty gas appliances. 

Reaction with halogens 
Chlorine and bromine are very reactive non-metals. It is not surprising that 
these ha.!ogens react with alkanes on exposure to ultraviolet (UV) light. 

During the reaction, hydrogen atoms in the alkane molecules are replaced 
(substituted) by halogen atoms. For example, when methane and bromine 
vapour are mixed together in strong sunlight, a steady re..'lction takes place 
forming bromomethane and hydrogen bromide. 

CH4(9) 

Figure 1.5 

+O=Q 

+ 

sunlight 

(UV light) 

+ 

One of the H atoms in methane is substituted by a Br atom, forming 
bromomethane. Chlorine reacts in a similar way to bromine, initially 
forming chloromethane and hydrogen chloride. 

HBr(g) 

The reaction is started by breaking bonds in the halogen molecules, which 
requires energy. This energy is provided by UV light. The energy splits the 
halogen molecules into highly reactive free atoms. 



3.1 Alkanes from oil and gas 

UV light 
2 

2Br(g) 

Figure 1.6 

These highly reactive free atoms can now react with the relatively unreactive 
methane molecules. In a similar way, the heat from a spark or from a 
bunting match is required to initiate the reaction of methane and other 
aikanes with oxygen. If methane is mixed with oxygen or with bromine in 
the dark at room temperature, there is no reaction. 

Now watch the Animation The hydrocarbon series. 

STUDY QUESTIONS 

1 Explain the meaning of the following. 
hydrocarbon; alkane; homologous seri es; isomerism; 
empirical formula 

2 a) IN'ny is C8H18 called octane? 
b) Draw a d isplayed formula for C8H,8• 

c) How many H atoms will the alkane with 10 carbon 

atoms have? 
3 IN'ny can a homologous series of compounds be 

compared to a group of elements in the Periodic Table? 
4 a) Draw the displayed formula for the a lkane pentane. 

b) Write the molecula r formula of pentane. 
c) There a re two isomers of pentane. Draw the 

displayed formulae of these two isomers. 
5 a) Write a balanced equation for the comple te 

combusiiion in oxygen of octane (one of the 
a lkanes in gasoline). 

b) What are the products when octane burns in a 

poor supply of oxygen? 
c ) Why is ut dangerous to a llow a car engine to run 

in a garage with the door closed? 
6 IN'ny do the diffe rent a lkanes change from gases to 

liquids and then to solids as the ir molecula r size 
inc reases? 

7 a) Use molecular models to build a molecule of 
hexane. 

b) Write the empirical, molecular and displayed 
formulae of hexane. 

c) Draw two other displayed formulae with the same 
molecular formulae as hexane. 

d) Build molecula r models of your structures in 
pa rt c). 
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~o~ E±hene 

Figure 2.2 In nature, ethene acts as a 
trigger for the riipening of fruit particularly 
bananas. 

Ethene is a 'wonder' molecule. All the items in the photo can be made 
from ethene, as well as thous ands of other ones. It is a very special 
molecule because it is highly reactive, and can be easily converted 
into a wide range of products. It is a by-product of the manufacture 
of petrol and diesel to keep transport moving. It is also used to help 
ripen fruit! 

Figure 2.1 Just some of the items that can be made from ethene. 

• Making ethene 
Ethene is an important industrial chemical It is manufactured by breaking 
up long-chain alkanes into two smaller molecules. The smallest molecule 
has just two carbon atoms joined together by a double bond like this: 

H H 
'\ / 
C=C 

/ '\ 
H H 

ethene 

The process is called cracking. (There is more about cracking in Chapter 5.6.) 

Ethene can be made on a small scale from kerosene (an alkane with between 
6 and 16 carbon acorns) by heating the kerosene using appararus like that 
in Figure 2.3 but with kerosene in place of ethanol (there is more about 
cracking in Chapter 5.6). This preparation from kerosene produces a 
mixture of alkenes. Purer samples of ethene are obtained by dehydration of 
ethanol, C2H50H, using the apparatus in Figure 2.3. 

C2H50H ~ C2H. + H20 



Remember to wear eye protection 

and remove the delivery tube from 
the water BEFO RE removing the 

heal 

Properties of 
ETHEN I: 
• colourless gas 

• faint sweet smell 

• about the same 
density as air 

• insoluble in water 

• burns with a 
yelfow flame 

• turns yellow­
orange bromine 
water colourless --------

Figure 2.4 Properties of ethene. 

The reaction of alkenes with 
bromine water is a test for the 

presence of a double bond su eh as 
that present in ethene. 

3.2 Ethene 

Do n ot attempt to carry out this preparation unless you have permission 
from your teacher. When the porous pot/aluminium oxide is heated, heat 
energy is conducted along the tube to vaporise the ethanol. Ethanol vapour 
passes over the hot catalyst (porous pot/aluminium oxide), where it is 
broken down to form ethene and water vapour. 

C~O(g) -t C2H..(g) + H20(g) 
ethanol ethene 

mineral wool 
soaked in ethanol 

broken porous 
pot or powdered 
aluminium oxide 

Figure 2.3 Preparing ethene by dehydration of ethanol. 

• Alkenes 
Figure 2.4 shows some important properties of ethene. Ethene is the first 
member of the homologous series of alkenes. The second member of the 
series is propene, C3H6• The structures of alkenes are like alkanes but with 
a double bond in place of one carbon-carbon single bond. The general 
formula for alkenes is c.H2 •• 

Alkenes are much more reactive than alkanes. The most stable arrangement 
for the four bonds to a carbon acorn is a tetrahedral one with four single 
bonds (Chapter 3.1). This means t hat a C= C bond is unstable. 

Testing for ethene 
Some molecules can 'add across' the double bond in cthene (and other 
molecules with C= C bonds) to make two single bonds. Alkenes readily 
undergo such addition reactions. This explains why yellow-orange bromine 
water becomes colourless (decolorises) on shaking with an alkene, like 
ethene. The bromine molecules add across the double bond in echene, 
forming dibromoechane. 

H H 
'\ / 
C=C + Br2 _. 

/ '\ 
H H 

ethene bromine 

H H 
I I 

H- C - C -H 
I I 

Br Br 

di bromoethane 
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Figure 2.5 The relative amounts of double 
bonds in polyunsaturated vegetable oils, 
such as sunflower oil, can be measured 
by timing how long it takes to decolorise 
bromine water. 

STUDY QUESTIONS 

• Comparing alkanes with alkenes 
Ethane and other alkanes are fairly unreactive. They have substitution 
reactions with chlorine and bromine when heated or in ultraviolet light, but 
they do not react with bromine water. 

In comparison, ethene and other alkenes are very reactive. They have 
addition reactions with chlorine and bromine at room temperature and they 
readily decolorise yellow-orange bromine water. 

Saturated or unsaturated 
The reaction between ethene and bromine water shows chat t he double bond 
of ethene can be broken and more atoms added to the molecule. We say that 
any molecule that has double bonds is unsaturated , which means that more 
atoms can be added to it. Ethane, which has only single bonds, is saturated­
it cannot have any more atoms added to it as there are no double bonds 
present that can be broken up to allow extra atoms to be added to it. 

1 The displayed formula of propene is shown below. b) Look at the displayed formula of ethanol on 

page 158. Using displayed formulae write an 

equation to show what happens when ethanol is 
dehydrated. 

H H H 
I I I 

H-C - C = C 
I I 
H H 

a) Write ,equations for the reactions of propene with: 

(i) hydrogen, Gi) bromine. 
b) Draw the displayed formulae of the products in 

part a). 
2 a) Hydration is addition of water. What i s 

dehydration? 

c) In what ways is the dehydration of e·thanol similar 

to the cracking of alkanes? 
3 Look at-the structures of alkanes and a lkenes in 

Chapter 3.1 and this chapter. Why is the general 

formula for alkenes C.H2.? 



3 .3 Alcohol - from ethene or sugar 

~o~ Alcohol from ethene 
or sugar 
When people talk about alcohol, they really mean ethanol. Ethanol is 
the substance which makes alc-oholic drinks intoxicating. It is also the 
major constituent in methylated spirits (meths). After water, ethanol is 
the most widely used industrial solvent. 

Figure 3.1 Foam in a copper brewery tank What causes the foam? 

• Manufacturing ethanol 
At one time, all ethanol, including methylated spirits, was produced by 
fermentation of sugars. Today, fermentation is still important in brewing 
and wine making, but most indust rial ethanol and methylated spirits is 
manufactured from ethene. 

Manufacturing ethanol by fermentation of sugars 
The starting material for fermentation is a sugary solution. In countries 
where sugar beer and sugar cane grow well and are readily available, 
industrial alcohol is manufactured from sugar extracted from these plants. 
The starting material in wine making is a sugary solution of grape juice and 
in beer making it is a sugary solution of malted barley. 

Natural yeasts in the plant materials and, in some cases, added yeast, contain 
enzym es that break down the suga r. The first product is glucose, which is 
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59 glucose dissolved in 
50cm3 water + 1 spatula 

measure of yeast 

Figure 3.2 Making ethanol by fermentation 
on a small scale. Leave the apparatus in 
a warm place for five days. Why does the 
limewater go milky? Then filter the solution 
in the conical flask and separate ethanol 
from the filtrate by fractional distillation. 
The first few drops of distillate will burn like 
ethanol. 

Figure 3.3 Methylated spirits is used as 
a solvent in table polishes to spread the 
polish and obtain a smooth, shiny surface. 

then broken down co ethanol and carbon dioxide (Figure 3.2). The process 
takes place at about 30 •c. 

C12H220u + H20 ~ 2C6H1206 
sugar glucose 

C6H120 6 ~ 2CH3CH20H + 2C02 

glucose ethanol 

Fermentation can only produce a weak solution of ethanol in water 
because the yeasts are killed if the solution is more than 15% ethanol. But 
fermentation is ideal for wine making (about 12% ethanol) and beer (about 
3% ethanol). Fractional distillation is used to obtain higher concentrations 
of ethanol for industrial use and for producing whisky, gin and vodka. These 
drinks contain a.bout 40% erha.1101. 

Manufacturing ethanol from ethene 
Mose industrial ethanol and methylated spirits is manufactured by an 
addition reaction between echene and steam (water). The ethene is obtained 
from crude oil by cracking (Chapter 5.6). Ethene and steam are passed over a 
catalyst of phosphoric acid at 300°C and a pressure of60-70 atm. 

ethene + water ---+-

H H 

ethanol 

H H 
I I \. / 

C=C 
/ \ 

+ HP ---+- H - C - C - OH 
I I 

H H H H 

A reaction like this, which involves the addition of water, is described as 
h ydration. 

Large quantities of ethanol are used in industry as solvents for paints, dyes, 
glues and soaps. Ethanol is miscible with both oils and water .so it can be 
used wid1 a wide range of solutes. It also evaporates quickly which makes it 
useful as a solvent for perfumes and aftershave lotions. 

Most of the ethanol used in industry and in our homes is sold as methylated 
spirits (meths). This contains about 90% ethanol, 5% water and 5% 

methanol. The methanol gives the mechs a bitter taste and makes it unfit co 
drink. 

Evaluating methods of ethanol production 
The two methods of producing ethanol are compared in Table 1. The key 
factor in deciding which method to use for industrial ethanol is usually the 
relative availability of sugar cane and crude oil. 

• Ethanol and alcohols 
Ethanol is a member of a large class of compounds called alcohols. All 
alcohols contain an -OH group attached co a carbon atom. Th e simplest 
alcohol is methanol, CH30H. The -OH group gives alcohols most of their 
characteristic properties and reactions. Because of this, it is sometimes 
described as the functional group in alcohols. In the same way, the 
functional group in alkenes is C= C. 



Table 2 The homologous series of 
alcohols 

CH90 H methanol 

CHsCH20 H ethanol 

CHsCH2CH20H propanol 

CH3CH9CH2CH20 H butanol 

STUDY QUESTIONS 

1 Explain the words: 

fermentation ; enzyme; alcohol. 

2 a) Why is fermentation important? 

3.3 Ethene 

Table 1 Comparing the methods of producing ethanol 

Fermentation Hydration of ethene 

Type of batch process using fixed continuous process - ethene 
process amounts of sugary solution and steam fed in continually 

Raw sugar (or starch) - a renewable ethene from cracking crude oil -
material resource a non-renewable resource 

Rate of slow - process takes days at fast - process is catalysed at 
reaction about 30°C soo·c and 60- 70 atm 

Quality of % of ethanol is low, flavour is 100>/o ethanol can readily be 
product usually more import ant produced 

Main use alcoholic drinks - beers, wines industrial solvent and fuel 
of p roduct and spirits 

Cost batch process and slow continuous process and fast 
reaction - expensive reaction - cheaper 

Alcohols form a homologous series like alkanes and alkenes (see Table 2). 
They have similar chemical properties which show a gradual change from 
one alcohol to the next as che molecular formula increases by units ofCH2. 

Notice from Table 2 that alcohols have names derived from the .alkanes with 
the same number of carbon atoms (i.e. methanol from methane, ethanol 
from ethane, etc.). 

• Using ethanol to make ethene 
With the increasing cost of crude oil there is a method of converting ethanol 
back to ethene. The ethanol is obtained from sugar crops by fermentation. 
The ethanol is then vaporised and dehydrated to ethene by passing the 
vapour over a hot catalyst of aluminium oxide. 

H H 
I I 

H- C - C- OH 
I I 
H H 

H H 
\ I 
C=C + H20 

I \ 
H H 

The reaction is a dehydration as each ethanol molecule loses a molecule 
of water as the double bond is formed. The benefit of the process is that it 
offer.s a route to produce ethene for manufacturing sustainable polymer 
products. However, the use of food crops for che production of chemicals 
such as ethanol and ethene can cause food shortages and food prices to rise. 

4 Look at the formula of propanol in Table 2 . 
a) Draw the structural formula of another isomer of 

propanol which is also an alcoho l. 

b ) What are the main products of the fermentation of 

sugar with yeast? 

b) Use molecular models to construct propanol and 

its isomer from part a). 

c) What causes the fermentation process? 

d ) Why are there two important and viable methods 

for the p roduction of ethanol? 

3 a) If an alcoho l has n carbon atoms, how many 

hydrogen atoms w ill it have? 

b) Write a general formula for the family of alcohols. 

5 Draw a flow chart showing all the stages [n the 

conversion of sugar in sugar cane to ethene gas. 

At each stage w rite a chemical equation for the 

reaction, aind state the conditions needed. 
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Summary 
I.Y Make sure you can answer all the questions in the Interactive quiz. 

I am confident that: 

./ I can explain the terms 
• homologous series 
• hydrocarbon 
• saturated 
• unsaturated 
• general formula 
• displayed formula 
• isomerism 

./ I know that alkanes are made from only carbon 
and hydrogen 
• Alkanes have the general fonuula C.,H2 • • 2• 

• They have only single bonds. 
• They are fairly unreactive. 

./ I can draw displayed formulae for straight-chain 
alkanes with up to four carbon atoms and name 
them 
• These are methane, ethane, propane and butane. 

./ I know the products of complete and incomplete 
combustion of hydrocarbons 
• Complete combustion produces only water and 

carbon dioxide. 
• Partial incomplete combustion produces water 

and carbon monoxide. 
• Incomplete combustion produces water and 

carbon (soot). 

./ I can describe the UV light-initiated substitution 
reaction of methane with bromine 
• I can write a balanced equation using displayed 

formulae 

./ I know that alkenes are made from only carbon 
and hydrogen 
• Alkenes have the general formula c.H2 •• 

• They have at least one double carbon=carbon 
bond. 

• They are very reactive . 

./ I can draw displayed formulae for the alkenes 
ethene and propene 

./ I can describe the addition reaction of alkenes 
with bromine 
• The decolorisation of bromine war er is a test for 

alkenes. 

./ I can describe how ethanol can be manufactured 
by: • 

• the reaction of ethene with steam 
• the fermentation of sugars such as glucose by yeast . 

./ I know the advantages and disadvantages of the 
two methods of manufacturing ethanol 
• I can select the most appropriate one for a given 

situation 
• I can give reasons for my choice for the given 

situation . 

./ I can describe how ethanol may be dehydrated to 
ethene 
• A hoe aluminium oxide catalyst is used. 



Exam-style questions 

Exam-style questions 
1 Echene, C2H4, and methane, CH., are the first 

members of two different homologous sei:ies. 

a) One characteristic of a homologous series is chat 
all its members have the same general formula. 

i) State two other characteristics of a 
homologous series. [2] 

ii) What is the name of the homologous series 
to which methane belongs? [1] 

iii) What is the general formula of this 
homologous series? [1] 

b) i) Use the Periodic Table on page 267 to help you 
copy and complete the diagrams to show the 
electronic configuration of hydrogen and of 
carbon. 

b) Draw the displayed formula of ethene. 

c) Alkenes can be shown to be unsaturated 
using bromine water. Describe the colour 
change chat occurs when an alkene reacts 
with bromine water. 

3 Ethanol is manufactured in cwo ways. 

a) By the fermentation of a carbohydrate. 

[1] 

[2] 

i) What must be present in the solution of 
carbohydrate co make fermentation occur? [1] 

ii) What process is used to separate ethanol from 
the formenration mixture? [1] 

b) By the hydration of ethene. 

i) Write a balanced chemical equation, including 
state symbols, for the hydration of echene co 
produce ethanol [2] 

ii) Scace the conditions for this reaction. [2] 

[2] c) Country A is a relatively poor councrywith no oil 

ii) Draw a doc and cross diagram to show the 
covalent bonding in a methane molecule. [2] 

iii) The shape of a methane molecule is shown in 
the following diagram. 

What name describes this shape? 

c) The alkane c.H,o exists as two isomers. 

i) What are isomers? 

[1] 

[2] 

ii) Draw the displayed formula of each isomer. [2] 

2 Alkenes are unsaturated hydrocarbons. 

a) Seate the general fonnula of all alkenes. [1] 

reserves. The climate is ideal for growing crops. 

Country B is relatively rich and has its own oil 
reserves. 

Explain which method of ethanol production 
(fermentation or hydration) is likely to be used in 
each country. [2] 

d) Erhene can be prepared by dehydrating ethanol 
using aluminium oxide. 

i) Copy and complete the equation for this 
process. 

[1] 

ii) Calculate the maximum volume of ethene, at 
room temperature and atmospheric pressure, 
that can be obtained from 2.30 g of ethanol. 
(C = 12,H = l,0 = 16) 

( 1 mol of gas occupies 24.0 dm3 at room temperature 
and pressure) [3] 
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EXTEND AND CHALLENGE 

Fracking for gas 

All across the world oil companies are starting a hunt for 
more natura l gas using a technique called 'fracking'. This 
involves injecting high-pressure water and chemicals 
into rocks known as shales in orderto release trapped 
methane (CIH4) or natural gas. The methane is trapped 
in the structure of the shale, and the rock needs to be 
broken up to release the gas. 

One area where fracking has been carri ed out is in the 
Fylde part of Lancashire, UK, near Blackpool. Here a 
rock formation known as the Bowland Basin is estimated 
to contain as much as 20 trillion cubic metres of gas. 

Figure 1 A fracking site in the UK. 

In 2011 fracki ng was suspended after two mi nor 
earthquakes of magnitudes 2.3 and 1.5 on the Richter 
scale hit the Fylde that the British Geological Survey 
concluded had been caused by the fracking. By 2012 
over 50 minor earth tremors had been recorded in the 
area since tracking began. 

1 Why do we need to recover methane from shale 
rocks? 

2 Describe the process of fracki ng. 
3 Suggest how tracking might cause earthquakes. 

In response to concerns expressed by those living 
nearby, the company's scientists suggested that they 

would cease fracking should an earthquake of scale 1.7 
or greater occur, while investigations as to t he cause 

are carried out This was described by the company as 
being well below the threshold for damage to buildings. 

Table 1 The Richter scale 

Richter scale Description Effect 

less than 2.0 micro not felt 

2.0-2.9 minor often not felt, but recorded 

3.0-3.9 minor often felt, but rarely causes 
damage 

4.0-4.9 light noticeable shaking of indoor 
items, rattling noises, little 
damage 

5.0-5.9 moderate major damage to poorly 
constructed buildings over 
small regions 

6.0- 6.9 strong major damage in areas up 
to about 160 ikm across in 
populated areas 

7.0 -7.9 major major damage over wider 
areas 

8.0-8.9 major damage in areas 
several hundred kilometres 

great across 

9.0-9.9 devastating in areas several 
thousand kilometres across 

The UK's Department of Energy and Climate Change 
(DECC) recommended that the threshold lbe set at 0.5 
on the Richter scale, as small earthquakes often occur 

before much larger ones. 

Friends of the Earth are strongly opposed to fracki ng, 
on several grounds. They are concerned of the risk 
of man-induced earthquakes, but also water and air 

pollution. Additionally they are concerned that burning 
the methane produced will increase greenhouse gases 
in the air. Friends of the Earth think that using w ind and 

wave power are more environmentally friendly methods 

of obtaining energy for our needs in both the short and 
long term. 

4 Use the Richter scale in Table 1 to determine how 

much damage was caused by the earthquakes. 

5 Suggest why the company recommencled a 
limit of 1.7 on the Richter scale, but the DECC 
recommended a much lower value of 0.5 at which 

to stop fracking. 

6 An oil company has proposed to carry out tracking 
near to your home. Write a letter or email for your 

local paper explaining why you are in favour of 

tracking, or against it You shou Id mention both the 
risks to the area and the benefits. 



1 Products for use around the 

home for cleaning often suggest 
that you soak the surface to be 
cleaned with the product before 
attempting t o clean it Suggest 
reasons why this is good for the 
manufacture r, the consumer and 

the environment. 
2 Microwave cookers have several 

heat settings. Discuss with a 
friend why this is and how it can 
be used to control the chemical 

reactions in food when cooking. 
3 The explosive used in the picture 

to break up the rock is placed into 
small holes that are then sealed 

up. Explain how this might make 
the explosion more effective. 

Explosions are good examples of the use of reaction rates. Gunpowder 
can be either very destructive or just a disappointment An open container 
of gunpowder when ignited just burns, producing some smoke, but if the 
gunpowder is ignited in a sealed container the effects are spectacular -
the reaction happens in a very short time and is far more useful. So 
gunpowder can drive rockets into the sky, propel bullets and cannonballs 
a long way, or just do very little. 

For many chemical reactions in industry, the rate of reaction is a 
critical factor in whether the process is competitive and can make the 
company money. 'How fast?' and 'How far?' are questions often asked 
about a chemical reaction. 

By the end of this section you should: 
• know about acids, alkalis, bases and salts 
• know how to make a named salt 

know that chemical reactions can produce heat energy, or need heat 
energy to occur, and how chemists describe these reactions 
know the factors that affect the rate of a reaction, and how they can 
be controlled 
understand that some reactions are reversible 
know that some reversible reactions make a mixture of products 
and reactants and are in equilibrium when the ratio of reactants to 
products becomes stable. 

II 



Section 4 Physical chemistry 

pH 0 2 3 

strongly acidic 

Acids and their 
properties 
The sharp taste of lemon juice and vinegar is caused by acids. Some 
adds can be identified by their sharp taste, but it would be highly 
dangerous to rely on taste to identify all acids. 

Figure 1.1 Lemons and vinegar contain acids which give them their characteristic tastes. 

• Testing for acids 

The most convenient method of testing for acids is to use indicators, 
like litmus and universal indicator. Indicators are substances which 
change colour depending on how acidic or how alkaline a solution is. 

• Acidic solutions mrn litmus red and give an orange or red colour with 
universal indicator (Figure 1.2). 

• Alkaline solutions rum litmus blue and give a green, blue or violet colour 
with universal indicator. 

4 5 6 7 8 9 10 11 12 13 14 

weakly acidic 
A 

neutral weakly alkaline stirongly alkaline 

increasing acidity increasing alkalinity 

litmus 

0 2 3 4 5 6 7 8 9 10 11 12 13 14 

universal 
indicator 

Figure 1.2 The colours of litmus and universal indicator with solutions of different pH. 



Determining the acidity or alkalinity 

of a substance is a key skill. Make 
sure you know the colours of litmus, 

universal indicator, phenolphthalein 

and methyl orange in acidic, alkaline 
and neutral solutions. 

4.1 Acids and their properties 

• The pH scale 
It would be imprecise co just use the colour of an indicacor to describe how 
acidic or how alkaline something is. So, chemists use a scale of n umbers from 
about zero to 14, called the pH scale. The pH ofasolutiongivesameasureof 
its acidity or alkalinity. On this scale: 

• acidic solutions have a pH below 7 
• alkaline solutions have a pH above 7 
• neut ral solutions have a pH of 7. 

Measuring pH 
Using universal indicator, it is possible to measure the approximate pH 
values of solutions. From these pH values, solutions can be classified as 

strongly acidic, weakly acidic, neutral, weakly alkaline or stongly alkaline 
(Figure 1.2). For example, battery acid containing sulfuric acid i:s strongly 
acidic, lemon juice containing ethanoic (acetic) acid is weakly acidic, water is 
neutral, and drain cleaner containing sodium hydroxide is strongly alkaline. 

Other indicators include phenolphthalein and methyl orange (Figure 1.3). 

methyl orange 

t 
I I I I I I I 

11 
2 4 6 7 8 10 12 

pH 
yellow 

/ 
orange as indicator changes colour 

phenolphthaleln 

f 

I I I I I I I 

11 
2 4 6 7 8 10 12 

pH 
colourless I 

/ 
pink/lilac as indicator changes colour 

Figure 1.3 The colours of phenolphthalein and methyl orange indicators at different 
pH values. 

• Properties of acids 
We have seen that acids have a sharp taste and they give characteristic 
colours with indicators. They also have a characteristic sec of reactions. 

Acids react with metals 
Acids react with metals chat are above copper in the reactivity series 
(Chapter 2.11) to form a salt and hydrogen. 

metal + acid ~ salt + hydrogen 

For example, Zn + 2HCL ~ ZnCl2 + H2 

Nearly all sales contain a metal and at lease one non-metal. They are ionic 
compounds wit h a cation (e.g. Zn~+, Cu2+, Mg2+) and an anion (cl- , so,i-, 
N0 3). Sodium chloride (Na+c1-) is known as common salt. 
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Figure 1.4 This gravestone is made from 
I imestone. The worn and pitted appearance 
has been caused by the action of sulfurous 
acid, sulfuric ac id and nitric acid in 'acid 
rain'. 

Acids react with bases 
Acids react with bases (such as metal oxides and hydroxides) to form a salt 
and water. These reactions are called ueutralisations. Neutralisation is 
studied in detail in Chapter 4.2. 

base + acid ~ salt + water 

For example, when black copper oxide is added to warm dilute nitric acid, 
the black solid disappears and a blue solution of copper nitrate forms. 

copper oxide + nitric acid~ copper nitrate + water 

CuO + 2HN03 ~ Cu(N03)z + HzO 

Acids react with carbonates 
Acids react with carbonates to give a salt plus carbon dioxide and water. 

carbonate + acid~ salt + C02 + H20 

This explains why the sulfuric acid in acid rain 'attacks' buildings made of 
limestone (calcium carbonate). 

calcium sulfuric calcium carbon 
b + 'd ~ sL1l"ate + di 'd + water car onate ac, " oXJ e 

CaC03 + H2S04 ~ Caso. + C02 + H20 

Notice that carbonates neutralise acids like metal oxides and hydroxides. So, 
we must also classify carbonates as bases. 

Acid solutions conduct electricity and are 
decomposed by it 
Their conducting property sho\\'S that solutions of acids contain ions 
(Table 1 ). All acids produce hydrogen at the cathode during electrolysis 
(Chapter 1.17). This suggests that all acids contain H+ ions. 

Table 1 Some acids and the ions they form in solution 

Name of acid Formula Jons produced from acid 

acetic acid CH3COOH H• + CH3COO-

carbonic acid H2C03 2H• + cos2-
hydrochloric acid HCI W+ c1-
nit ric acid HNOs W + N03-

su'ifuric acid H~O• 2H· + so,2-

• The part of water in acidity 
All these properties of acids apply to solutions of acids in water. But what 
happens when water is not present? 

Dry hydrogen chloride (HCI) and pure dry echanoic (acetic) acid have no 
effect on dry litmus paper or on magnesium. So substances that we call 
acids do not behave as acids in the absence of water. When a little water 
is added, they show acidic properties straight away. Blue litmus paper turns 
red and bubbles of hydrogen are produced with magnesium. 



4.1 Acids and their properties 

To study the pare water plays with acids, we can compare a solution of 
hydrogen chloride in water (hydrochloric acid) with a solution of hydrogen 
chloride in merhylbenzene (a solvent with properties like gasoline). Table 2 
shows what happens. Look at it carefully. You will see chat hydrochloric acid 
in methylbenzene has no acidic properties. It does nor conduct electricity 
and therefore it contains no ions. 

Table 2 Comparing solutions of HCI in water and HCI in methylbenzene 

Solution of HCI in Solution of HCI in 
Test water methylbenzene 

colour of dry blue litmus paper in the 
red blue 

solution 

add dry magnesium ribbon to the solution 
bubbles of hydrogen no bubbles form 
are produced 

add dry anhydrous sodium carbonate to bubbles of carbon 
no bubbles form 

the s elution dioxide are produced 

does the solution conduct electricity? yes no 

When hydrogen chloride in water (hydrochloric acid) is electrolysed, it 
produces hydrogen at the cathode and chlorine at the anode. This shows 
that it contains H+ ions and c1- ions. 

Chemists now know that it is the H+ ions that cause the typical properties of 
acids with indicators, metals, metal oxides and carbonates. 

This gives a definition for an acid. 

An acid is a source of hydrogen ions, H+, or a substance which can donate 
(give) H+ ions. 

Hydrogen chloride splits up into aqueous H+ and c1- ions when it dissolves 
in water. 

water 
HCl(g) ~ H+(aq) + cl-(a.q) 

hydrochloric acid 

This explain why water is necessary for HCl to show acidic properties. 

When acids are added ro water, H·( aq) ions are produced and these cause 
che typical properties of acids. 

• Concentrated and dilute acids 
Concentrated acids contain a lot of acid in a small amount of water. 
Concentrated sulforic acid has 98% sulfuric acid and only 2% water. 

Dilute acids have a small amount of acid in a lot of water. Dilute sulfuric 
acid has about 10% sulfuric acid and 90% water. 

Concentration of a solution 
Concentration tells us how much substance is dissolved in a certain volume 

of solution. It is usually given as the number of grams or the number of 
moles of solute per cubic decimetre ( dm3

) of solution (1 dm3 = 1 OOO cm3
). 

Dilute acids usually have concentrations of 1.0 mol per dm3 (molfdm3
) of 

solution or less. 
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•:f:UHOI 
: The calculation of concentrations 
: in terms of grams per decimetre 

cubed (g/dm3) or moles per 
decimetre cubed (mol/dm3) of 
solution can be applied to all 
solutions, not just acids. 

For example, a solution of sulfuric acid containing 1.0 mol/ dm3 has 1.0 mol 
of sulfuric acid (98g H2S04) in 1 dm3 of solution. This is sometimes written 
as 1.0M H 2S04. 

O.lM H2S04 (i.e. 0.1 molfdm3 H2S04) contains 9.8g H2S04 in ldm3 of solution. 

Calculating the concentration of a solution 
The following examples will help you co understand concentrations in g/dm3 

and molf dm3 of solution. 

Example 1 
Some vinegar contains 3 g of ethanoic acid (CiH40 2) in 100cm3 of the liquid. 
What is the concentration of ethanoic acid in the vinegar in: 
a) g/dm3 b)moljdm3? (C = 12, H=l, 0 = 16) 

Answer 
a) 100cm3 of the vinegar contains 3g echanoic acid 

=> 1 cm3 of vinegar contains _2_g ethanoic acid 
100 

=> 1000cm3 (1 dm3
) of vinegar contains _2_x l000 g ethanoic acid 

100 

:. concentration of ethanoic acid in the vinegar= 30 g/ dm3 

b) The relative formula mass of ethanoic acid, Mr(C2H.02) 

= 2 x A~C) + 4 x A,(H) + 2 x A,(O) 
=(2 x 12) + (4 x 1) + (2 x 16) = 60 
:. molar mass of ethanoic acid = 60g/ mol 
concentration of the ethanoic acid = 30 g/ dm3 

Example 2 

30 g/dm3 

60 g/mol 

= 0.5 moljdm3 or 0.5 M 

When 25 cm3 of seawater was analysed, it contained 0.70 g of sodium 
chloride. \Vhat is the concentration of sodium chloride in the seawater in: 
a) g/dm3 b) moljdm3? (Na= 23, Cl= 35.5) 

Answer 
a) 25 cm3 seawater contains 0.70 g sodium chloride 

=> 1000cm3 seawater concains 
0

·
70 

x 1000 g = 28 g sodium chloride 
25 

:. concentration of sodium chloride in seawater= 28 g/ dm3 

b) The relative formula mass of sodium chloride, M,(NaCI) 
= A,(Na) + A~CI) = 23 + 35.5 = 58.5 
:. molar mass of sodium chloride= 58.5 g/ mol 

:. concentration ofNaCl in seawater 28 g/dm
3 

58.S g/ mol 

= 0.48 molf dm3 



pH 
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- 7 -- water 
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4 -- carbonic acid 

3 -- ethanoic (acetic) acid 
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hydrochloric acid 
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sulfuric acid 

Figure 1.5 The plH of solutions of various 
acids (all solutions have a concentration of 
0.1 mol/ dm3). 

4.1 Acids and their properties 

• Strong and weak acids 
When different acids with the same concentration in moles per d.m3 are 
tested with the same indicator, they give different pHs (Figure 1.5). 

The different pH values mean that some acids produce H+ ions more readily 
than others. The results in Figure 1.5 show that hydrochloric acid, nitric acid 
and sulfuric acid produce more H+ ions in solution than the other acids. We 
say that they ionise (split up into ions) more easily. We call them strong acids 
and che others weak acids. Strong acids and weak acids also show a difference 
in their reactions with metals. Strong acids react much, much faster than weak 
acids. 

We can show the difference between scrong and weak acids in th e way we 
write equations for their ionisation. 

hydrochloric acid: 

ethanoic acid: 

HCl(aq) ~ H+(aq) + Ci-(aq) 

CH3COOH(aq) ;= H+(aq) + CH3COO- (aq) 

A single arrow, as in the hydrochloric acid equation, shows that all the HCl has 
formed H+ and c1- ions in aqueous solution. The arrows in opposite directions 
for ethanoic acid show that some of the CH3COOH molecules have fonned H+ 
and CH3Coo- ions, but most ofit remains as CH3COOH molecules. 

• S trong acids are completely ionised in water. 
• Weak acids are onry partly ionised in water. 

Concentration is not the same as strength 
Notice the difference between the terms ' concentration' and 'strength'. 

• Concentration tells us how much solute isdissolvedinsolucion,and we use 
th.ewords 'concenrrated' and 'dil ute'. 

• Stren gth tells us the extent to which the acid is ionised and we use the words 
'strong' and 'weak'. 

We can distinguish between strong and weak acids by using the pH scale or by 
their rateofreaction with metals. 

Figure 1.6 Formic acid is used to descale kettles. Notice the 'CORROSIVE' hazard label. 
Formic acid is a weak acid. Why is hydrochloric acid not used as a descaler? 
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STUDY QUESTIONS 

1 Look carefully at Figure 1.3. 
a) Over what range of pH does methyl orange 

change colour? 
b) What colour is methyl orange in: 

i) diluie sulfuric acid 
ii) sodium hydroxide solution? 

c) What colour is phenolphthalein in: 
i) water 

ii) carbonic acid? 

d) A solution is colourless in phenolphthalein but 

yellow in methyl orange. What is its approximate 

pH? 
2 Make a table to summari se the properties and 

chemical reactions of acids. 
3 a) Why can vinegar (which contains ethanoic acid) 

be used to descale kettles? 
b) Why is sulfuric acid not used to descale kettles? 

c) Classify vinegar (1.0 M CHsCOOH) and battery 

acid (4.0 M H~O.) as 
i) concentrated or dilute 

ii) stro ng or weak 

4 a) What part does water play in acidity? 
b) Why does dry HCI gas not act like an acid? 

c) What is an acid? 

5 Write word equations and balanced equations for the 
following reactions. 
a) iron + su If uric acid 

b) aluminium + hydrochloric acid 
c) sodium oxide + sulfuric acid 

d) zinc oxide + hydrochloric acid 

e) copper oxide + nitric acid 

f) copper carbonate + hydrochloric acid 
6 Concentrated sulfuric acid is 12.0 M. Acid in car 

batteries (battery acid) is 4.0 M sulfuric acid. 

a) What is the concentration of battery acid in: 
i) moles per dm3 

ii) grams per dm3 

of H~O,? 
b) Battery acid can be made by diluting concentrated 

sulfuric acid with water. How much concentrated 

sulfuric acid and how much water are needed to 

make 6 dm9 of battery acid? 



4.2 Neutralisation 

~o~ Neutralisation 

Figure 2.1 What s ubstances in an antacid 
help to neutralise -acids in the stomach? 

weakly acidic 

more acidic 

Adverts for indigestion cures usually mention 'acid stomach' or 'acid 
indigestion'. Medicines which ease stomach ache (such as Milk of 
Magnesia, Rennies and Gaviscon) are called antacids beca.use they 
neutralise excess acid in the stomach. 

• Substances which neutralise acids are called bases. 
• Bases which are soluble in water are called alkalis. 
• The reactions between acids and bases are called n eutralisations. 

The bases in indigestion tablets include magnesium hydroxide and calcium 
carbonate. 

• Examples of neutralisation 
Making fertilisers such as ammonium nitrate ('Nitram') 
This is a very important industrial application of neutralisation. 
Ammonium nitrate is manufactured by neutralising nitric acid (HN03) 

with ammonia (NH3). Fertilisers are studied in detail in Chapter S.10. 

Dental care 
Toothpaste neutralises the acids produced when food breaks down in the 
mout h (Figure 2.2). These acids react with the enamel on teeth when the pH 
falls b elow S.S. 

8.00 am 9.00 am 10.00 am 11 .00 am 12.00 1.00 pm 2.00 pm 3.00 pm 4.00 pm 5.00 pm 6.00 pm 7.00 pm 8.00 pm 
noon 

~ ff 
Figure 2.2 This shows how the pH in your mouth changes during the day. Notice how the pH becomes lower and more acidic du ring 
and just after meals. Th is is because sugars in your food are broken down into acids. These acids react with tooth ename I when the pH 
falls below 5.5. 

Treating stings from plants and animals 
The stings from certain plants and animals contain acids or bases, so 
they can be treated by neutralisation. For example, nettle stings and wasp 
stings contain complex bases like histamine. They are treated with acidic 
subst ances called antihistamines. Unlike wasp stings, bee stings are acidic. 
So, they are treated with bases. 
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Titra tion is an important method 
to determine the concentra tion of 
either an acid or alkali. It works 
by knowing the volume and 
concentra tion of one solution 
needed to ne utra lise the othe r. 
From this yo1U can calculate the 
unknown concentration. 

safety pipette filler 

mark scratched on pipette 
--a, 25 cm3 level 

conical flask 

Figure 2.3 Measure 25.0 cm3 of 
1.0 mol/dm3 NaOH(aq) using a pipette. 

Table 1 

Volume of 1.0 mol/dm• Colour of 
HCl(aq) added/cm• indicator 

0 purple 

5.00 purple 

10.00 purple 

15.00 purple 

20.00 purple 

21.00 purple 

22.00 lilac 

23.00 lilac 

24.00 pale lilac 

25.00 colourless 

26.00 colourless 

27.00 colourless 

28.00 colourless 

29.00 colourless 

30.00 colourless 

• How much acid and base react? 
When an acid is neutralised by a base, the pH of the solution changes. We 
can follow t his pH change using an indicator to find out how much base just 
reacts with the acid to produce a neutral salt solution. 

This method of adding one solution from a burette to anoth er solution in 
order to find out how much of the two solutions will just react with each 
other is called a titration. \Vhen the two solutions just react and neither is 
in excess, we have found the end point of the titration. 

How to carry out a titration 
In this titration experiment, we will use phenolphthalein to determine 
how much hydrochloric acid just reacts with 25 cm3 of sodium hydroxide 
solut ion of concentration 1 mol/ dm3

• 

1 Measure 25.0 cm3 of sodium hydroxide solution containing 1.0 molf dm3 

(1.0M NaOH(aq)) into a conical flask using a pipette (Figure 2.3). 
2 Add 5 to 10 drops of phenolphthalein and note the colour. 
3 Add 5.00 cm3 of 1.0 mol/ dm3 hydrochloric acid from a burette (Figure 

2.4), mix well and record the colour again. 
4 Record the colour also when 10.00, 15.00 and 20.00 cm3 of hydrochloric 

acid have been added. 
5 Now add 1.00 cm3 of hydrochloric acid and record the colour again. 

Repeat the addition of 1.00 cm3 nine more times and note the colour each 
time. 

Table 1 shows t he results char you should get. Notice rhac the indicator 
is colourless when 25.00cm3 of hydrochloric acid has been added. So, 
25.00 cm3 of 1.0 mol/ dm3 hydrochloric acid just neutralise 25.0 cm3 of 
1.0 mol/ dm3 sodium hydroxide. 

:. 0.025 mol ofHCl react with 0.025 mol ofNaOH 

~ 1 mol of HCI reacts with 1 mol of NaOH 

Figure 2.4 Adding 1.0 mol/ dm3 HCI from a burette to 25.0 cm3 of 1.0 mol/ dm3 NaOH. 



Table 2 The names of salts 

Base Name of salt 

magnesium oxide magnesium-

potassium hydrox ide potassium-

zinc oxide zinc-

Acid Name of salt 

sulfuric - sulfate 

nitric -nitrate 

carbonic - carbonate 

hydrochloric - chloride 

STUDY QUESTIONS 

1 a) What causes indigestio n? 

4.2 Neutralisation 

We can write the left-hand side of t he reaction equation as: 

HCl(aq) + NaOH(aq) ~ 

If all the water in the end-point solution is evaporated, the only product which 
remains is sodium chloride, NaCl(s). The complete equation is therefore: 

HCl(aq) + NaOH(aq) ~ N aCJ(aq) + H20(l) 

1 rnol ofHCI reacts with 1 mol of NaOH to give 1 mol of N aCl and 
1 mol ofH20. 

Substances like sodium chloride which form when acids react with bases are 

salts. Sodium chloride is usually known as common salt. Other important 
salts include copper sulfate (CuS04), potassium chloride (KC!) and 

ammonium nitrate (NH.N03). 

• Naming salts 
Look at Table 2. This shows how the name of a salt comes from its parent 

base and acid. So, magnesium oxide and nitric acid would produce 
magnesium nitrate. 

Acids with names ending in '-ic' form salts with names ending in '- a te'. 
(Hydrochloric acid is an exception - its sales are called chlorides.) 

b ) How do indigestion cures like Re nnies work? 
4 Explain the meaning of the following. 

base, indicator, titratio n, e nd point 

2 Desig n a n experime nt to find out which ind igestion 
tablets a re the best at ne utralis ing acid. 

3 Complete the following. 
a ) magnesium oxide + sulfuric acid ~ __ + __ 
b) potassium hydroxide + __ ~ 

nit ra te + wate r 
c) __ + hydrochlo ric acid ~ zinc __ + __ 

5 30 cm3 of 2 .0 mol/dm3 NaOH just reacts with 
10 cm3 of 3.0 mol/ dm3 H2S04• 

a ) How ma ny moles of NaOH read? 
b) How ma ny moles of H2S04 read? 
c) How ma ny moles of NaOH react with 1 mole of 

H~04? 
d ) Write an equatio n for the reaction. 
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~o~ Bases and alkalis 

Generally, alkalis are more 
dangerous to the eyes than acids of 
the same concentration. 
So, you mustt always wear eye 
protection when using alkalis. 

The compounds shown in Figure 3.1 are all bases, but two of them are 
alkalis. How do we know which is which, and what is the difference? 

Figure 3.1 White sodium oxide, green copper carbonate, black copper oxide and white 
calcium hydroxide are all bases, but two are also alkalis. 

• Bases 
Bases are substances which neutralise acids. They are the chemical opposites 
of acids. The largest group of bases are metal oxides, hydroxid es and 
carbonates, such as sodium oxid e, copper oxide, sodium hydroxide and 
copper carbonate. 

• Alkalis 
A special sub-set of bases are called alkalis. Alkalis are bases that are 
soluble in water. Their solutions have a pH above 7. They t urn litmus 
biue and give a green, blue or purple colour with universal indicator. 

The most common alkalis are sodium hydroxide (NaOH), calcium hydroxide 
(Ca(OH)i) and ammonia (NH3). Calcium hydroxide is much less soluble 
than sodium hydroxide. A solution of calcium hydroxide in water is often 
called 'limewater'. Sodium oxide (NaiO), potassium oxide (K20) and calcium 
oxide (CaO) react with water to form their hydroxides. So, the reactions of 
these three metal oxides with water produces alkalis. For example: 

NaiO(s) + H20(1) ~ 2NaOH(aq) 

CaO(s) + H20(1) ~ Ca(OHh(aq) 

Mose other metal oxides and hydroxides are insoluble in water. These 
insoluble metal oxides and hydroxides are bases but not alkalis. 

Like acids, alkalis can be classified by the extent of their ionisation in water. 



4.3 Bases and alkalis 

• Strong alkalis, such as sodium hydroxide and calcium hydroxide, are 
completely ionised in water, for example: 

• Weak alkalis, such as ammonia, are only partly ionised in water: 

NH3(aq) + H20(l);:::: NH/(aq) + OH- (aq) 

All alkalis dissolve in water to produce hydroxide ions, OH- . This has led to 
alkalis being defined as sources of hydroxide ions. 

• More about acids, bases and neutrallisation 
During the 19th century it was suggested chat acids were substances whid1 
split up into ions (ionised) in water to produce hydrogen ions, H1-. 

For example, 

At che same time, it was suggested that bases were substances which reacted 
with H+ ions from acids to form water. For example: 

b ase + acid salt + water 

sodium hydroxide + hydrochloric acid--+ sodium chloride + water 

NaOH(aq) + HCl(aq) --+ NaCl(aq) + H20(l) 

copper oxide 

CuO(s) 

+ sulfuric acid --+ copper sulfate + water 

+ H2S04(aq) --+ CuS04 (aq) + H20(1) 

According to this theory, bases contained either oxide ions (02- ) like 
copper oxide, or hydroxide ions (OH-) like sodium hydroxide. During 
neutralisation, these ions react with H+ ions in me acids co form water. 

2H+ + 0 2- --+ H20 

H+ + OH- --+ H 20 

These ideas helped chemists to understand neutralisation and to see mac 
bases were the chemical opposites of acids. 

More recent definitions are that: 

Acids are substances which donate H+ ions and bases are substances 
which accept H+ ions. 

Using these definitions, carbonates can also be classified as bases by 
accepting H+ ions. 

co/- + 2H+ C02 + H20 
carbonate acid --+ carbon dioxide water 

And The reaction between hydrogen chloride gas and ammonia gas is also an 
acid-base reaction. 

HCl(g) + NH3(g) --t N H. +cqs) 

In this reaction, HCl has donated H+ to NH3 forming NH4 + and c1- ions. 

So, th ese last two reactions are clearly acid-base reactions. 
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STUDY QUESTIONS 

1 Suppose your best friend has missed the last few 
lessons on acids, bases and salts. How would you 
explain to him or her what the difference is between: 
a) acids and bases 

b) bases and alkalis 
c) bases and salts? 

2 Explain the following: 
a) A ll alkalis are bases, but all bases are not alkalis. 

b) Limestone, slaked lime and quicklime are all 
bases, but only slaked lime is an alkali . 

3 Write word equations and then balanced equations 

for the following reactions: 
a) the reaction of quicklime (calcium oxide) w ith 

water 
b) the reaction of zinc oxide with hydrochlori c acid. 

4 The labels on a tray of acids and alkalis have fallen 
off the bottles. 

a) Using only a pipette and a lump of calcium 
carbonate, describe how you could separate the 
acids from the alkalis. 

b) Write a balanced chemical equation forthe 

reaction of the calcium carbonate w ith the 

hydrochloric acid. 

5 A neutralisation reaction between any acid and any 
base or alkali can be written as: 

Explain why this equation can be used to summari se 
the neutralisation reaction. 



4.4 Salts 

cBocB ...:,,,,C..S ....a,..Jal~±se_ ____ _ 
Across the world sodium chloride or 'salt' is obtained for our use. 
Sodi.um chloride is just one of an enormous number of compounds 
that ·chemists refer to as salts. 

Figure 4.1 Sea salt is one example of common salt, sodium chloride. 

• What are salts? 
Salts are formed when acids react with metals, bases or carbonates. Most 
saits contain a positive metal ion and a negative ion composed of one or two 
non-metals. 

Sales have properties in common. They: 

• are ionic compounds 
• have high melting points and boiling points 
• are electrolytes 
• are often soluble in water. 

• Commonly occurring salts 
The best known salt is sodium chloride, NaCl, which is often called 
'common salt'. Many ores and minerals are composed of sales. These include 
chalk and limestone (calcium carbonate), gypsum (calcium sulfate) and iron 
pyrites (a mixture of copper sulfide and iron sulfide). 

Salt crystals, like those of sodium chloride, are often formed by 
crystallisation from aqueous solution. When this happens, water molecules 
sometimes form part of the crystal structure. This occurs in Epsom Salts 
(MgS04.7H20), gypsum (CaS04.2H20) and washing soda (Na2C03.lOH20). 
The water which forms part of the crystal structure is called water of 
crystallisation. Sales containing water of crystallisation are called h ydrates 
or hydrated salts. 
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Figure 4.2 Purple cubic crystals of fluorite 
(calcium fluoride). Calcium fluoride is 
a salt It is added to toothpaste so that 
we take in sma ll amounts of fluoride. 
This helps to make our teeth and bones 
stronger. 

Make sure you know which salts a re 
insoluble. You will the n know which 
me thod of salt preparation to use. 

• Soluble and insoluble salts 
If you are using a salt or making a salt, it is important to know whether it is 
soluble or insoluble. 

Table 1 shows t he solubilities of various salts in water ac 20°C. Notice the 
wide range insolubilities, from silver nitrate (217 g per 100 g water) co silver 
chloride (0.000 OOO 1 g per 100 g water). 

Table 1 The solubilities of various salts 

Salt Formula Solubility (g per 100 g water at 20 °C) 

ba rium chloride BaCl2 36.0 

ba rium sulfate Baso. 0.000 2 4 

calcium fluoride CaF2 0.0018 

calcium chloride CaCl2 74.0 

calcium sulfate Caso, 0.21 

copper(! I) sulfate CuSO, 20.5 

lead(I I) sufate PbSO, 0.004 

sil.ver chloride Ag Cl 0.000 OOO 1 

sil'ver nitrate Ag NOa 217.0 

sodium chloride NaCl 36.0 

sodium nitrate NaN03 87.0 

It is usefol to divide salts into two categories - soluble and insoluble. Salt s 
wit h a solubility greater than 1 g per 100 g water are classed as soluble; salts 
wit h a solubility less than 1 g per 100 g water are classed as insoluble. 

Table 2 summarises the general .rules for the so lubilities of commo n salts. 

Table 2 General rules for the solubilit.ies of common salts 

{ sodium } 
all potassium salts are soluble 

ammonium 

all nitrates are soluble 

all sulfates are soluble except 
{ Ag2SO,. Caso. 

Baso., PbSO, 

all chlorides are soluble except AgCI, PbCl2 

all carbonates are insoluble except those of 
{ Na+, K• 

and NH,• 

• Preparing insoluble salts 
The method used co prepare a salt depends on whether the sa.lt is soluble 
or insoluble. Methods of preparing soluble sa.lcs are described in the next 

chapter. Insoluble sales, like lead chloride, silver chloride, calcium carbonate 
and barium sulfate, are prepared by precipita tion - making the salt as a 
precipitate. 



STUDY QUESTIONS 

1. Mix solutions 

4. Leave 
precipitate ~ 
to dry ~ 

Figure 4.3 Preparing an insoluble salt 

2. Filter off the 
precipitate of 
insoluble salt 

3. Wash the 
precipitate 
with water 

4.4 Salts 

Suppose you are making insoluble silver chloride, AgCl. You will need co mix 
a soluble Ag+ salt and a soluble chloride. 

• Which Ag+ salt is certain co be soluble? Look at Table 2. 
• Which chloride is certain co be soluble? Look at Table 2. 

These questions show that you can precipitate any insoluble salt (say XY) by 
mixing solutions ofNaY and XN0 3• Both NaY and XN0 3 are soluble, since 
all sodium salts and all nitrates are soluble. 

Figure 4.3 shows how an insoluble sale is precipitated and then purified. 

1 Mix two solutions, one containing the positive ion in the insoluble salt 
and the other containing the negative ion. 

2 Filter off the precipitate of the insoluble salt. 
3 Wash the precipitate with water. 
4 Leave the precipitate to dry at room temperature. 

1 Explain the following terms: hydrated, water of 
crystallisation, precipitation, insoluble. 

b) Describe how you would prepare a pure sample 
o f insoluble barium sulfate. 

2 What units are used for: 
a) concentration 

b) solubility? 

3 a) Summarise the stages in preparing an insoluble 

salt. 

c) Write an equation for the reaction which occurs. 

4 Make a table to show whether the following salts are 

soluble or insoluble. 

Pb(N0)2, CuC03, K2SO,, NH,CI, FeS04 

5 Epsom Salts have the formula MgSO,. 7H20. What 
does this tell you about Epsom Salts? 
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~o~ Preparing soluble salts 

Figure 5.1 The bright yellow substance 
in 'no parking' Ii nes is lead chromate, an 
insoluble salt 

Wear eye protection if you try any 
of the experiments in this chapter. 

metal, base or 
carbonate 

dilute 
acid 

Figure 5.2 

1. Add small amounts of 
solid until all the acid 
has reacted (warm the 
acid if necessary) 

Lead chromate is used to paint yellow lines on roads as it is so bright. 
It is a salt that does not dissolve in water, unlike common salt or 
sodium chloride. Lead chromate is insoluble. It has to be, otherwise it 
would just wash off the road whenever it rained! 

• Soluble or insoluble? 
When you are making a salt, the first question co ask is 'Is the salt soluble or 
insoluble?'. 

If the salt is insol uble, it is usually prepared by precipitation , described 
in the last chapter. 
If che salt is soluble, it is usually prepared by r eacting an acid with a 
n1etal, a base or a carbon ate. 

metal + acid ~ salt + H2 
base + acid ~ salt + H20 

carbonate + acid ~ salt + C02 + H20 

• Preparing soluble salts 

Method 1: Using metals, insoluble bases 
and insoluble carbonates 
Figure 5.2 shows the main stages in this method. 

excess-v 
solid solution 

~ 

2. Filter solution 
to remove 
excess solid 

of salt 

3. Evaporate solution 
until crystals of salt 
start to form around 
the edges of the basin 

4. Set solution 
aside to cool 
and crystallise 



solution of base 
or carbonate 

1. Add base or carbonate 
a little at a time to 
the acid. Stir wall 

Figure 5.3 

glass rod 

4.5 Preparing soluble salts 

Zinc sulface can be made by method 1, using sulfuric acid with either zinc, 
zinc oxide or zinc carbonate. 

Zn + HiSO. -+ znso. + H2 
zno + H2so.-+ znso. + H2o 

ZnC03 + H2SO. -+ znso. + C02 + H20 

To obtain dry crystals from d1e sol ution obtained in step 4, the .solution and 
crystals are filtered. The crystals obtained can then be dried in a cool oven. 

Method 2: Using soluble bases (alkalis) 
and soluble carbonates 
In method 1, we can tell when the acid has been used up because unreacted 
metal, base or carbonate remains in the liquid as undissolved, insoluble 
solid. Bue, if the base or carbonate is soluble (like sodium hydroxide or 
sodium carbonate), we can not tell when the acid has been used up because 
excess solid will dissolve even after the acid has been neutralised. To get 
round this, we must use an indicator to tell us when we have added just 
enough base or carbonate co neutralise d1e acid. Figure S.3 shows the main 
stages involved. 

Potassium chloride can be made by t his method using hydrochloric acid 
wid1 either potassium hydroxide o r potassium carbonate. 

KOH + HCI -+ KC! + H20 
K2C03 + 2HCI -+ 2KCI + C02 + HiO 

Method 2 is used to make the salts of sodium, potassium and ammonium 
because the bases and carbonates containing sodium, potassium and 
ammonium are all soluble. O ther soluble sales are usually made by method 1. 

Figure S.4 is a flowchart showing how you can prepare a particular salt. 

2. Check pH after each 
addition by transferring 
a drop, of the solution 
to indicator paper 

3. Whan the acid is just 
neutralised, evaporate 
the salt solut ion to 
crystallising point 

4. Sat solution aside 
to cool and crystallise 
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You should be able fo select the 
best method to prepare a particular 

salt. Figure 5.4 summari ses the 
three ways to make a salt. 

START 

Use precipitation 

Mix solutions with 
ions in the insoluble 
salt. 
Filter, wash and dry. 

Figure 5.4 How to prepare a salt. 

STUDY QUESTIONS 

1 Look at method 1 for preparing soluble salts 
(Figure 5.2). 

a) Why is this method not used with sodium? 
b) How can you tell when all the acid is used up if 

the solid is: (i) zinc, (ii) copper oxide, (iii) copper 

carbonate? 
c) Why is the salt produced not contaminated with: 

(i) the acid used, (ii) the solid added? 
d) Why is method 1 no good for insoluble salts? 

e) Why is method 1 no good if the solid added 
dissolves in water? 

j metal j H2 
Use acid + base Q salt + H20 

carbonate H2o + Co2 

Use excess solid + 
acid 

Filter off, excess 
solid, evaporate 
solution until it is 
ready to cool 
and crystallise. 

Use indicator method 

Add base/carbonate 
to acid untll solution 
is just neutral, 
evaporate and then 
crystallise. 

2 Look at method 2 for preparing salts (Figure 5.3). 
a) Why is the pH o f the solution tested using 

indicator paper rather than putting indicator 
solution into the acid? 

b) Describe how you would make sodium nitrate by 

this method. 
c) Write a word equation and a balanced symbolic 

equation for the reaction in b). 



4.6 Energy changes and enthalpy changes 

cBo© Energy changes and 
enthalpy changes 
Burning a fuel such as gas is a chemical reaction. The reaction of 
the gas with the oxygen in the air releases heat energy, which is the 
reason why the gas is burned. We do not need the carbon dioxide or 
water vapour made, just the heat energy. The study of heat energy 
changes during reactions is call.ed thermodynamics, from thermo 
meaning heat and dynamics meaning changes. 

Figure 6.1 Using the energy change of a chemical reaction to heat water. 

• Energy changes 
The study of energy d1anges during chemical reactions is important. By 
measuring the energy changes that occur in chemical reactions, d1emists can 
calculate the strength of chemical bonds. 

The term 'system' is important in studying energy changes in reactions 
and it has a precise meaning. The 'system' means only the materials or the 
chemicals being studied. Everything around the system (the container, any 
other apparatus, the air in the laboratory, etc.) is called ' the surroundings'. 

air around flask 

Figure 6.2 A system and its surroundings. 

air 

conical 
flask 

surroundings 
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Figure 6.3 Hot packs in self-warming 
cans involve exothermic reactions. The 
heat energy produced from a reaction 
in a separate sealed compartment 
heats up the contents. 

• Exothermic and endothermic reactions 
When chemical reactions occur, there is almost always a temperature change. 
The temperature change occurs because energy in the form of heat energy is 
eitl1er given out to the surroundings or taken in from the surroundings as 
the substances react. 

Exothermic reactions 
Most chemical reactions are exothermic, giving out heat energy to the 
surroundings as substances in the system react. Burning fuels are obvious 
examples of exothermic reactions. Fuels provide most of the heat and energy 
we use in our homes and industries. Respiration is another exothermic 
reaction, in which food substances are oxidised, providing the energy for 
living things co grow, move and keep warm. 

Endothermic reactions 
A smaller number of reactions take in heat energy from their surroundings 
and these are described as endothermic reactions. Melting is an obvious 
endothermic change ( although not a chemical reaction), as heat energy is 
taken in by a substance as ic changes from solid to liquid. Photosynthesis is 
an endothermic chemical change. In this reaction, planes take in energy (light) 
from the Sun in order to produce glucose from carbon dioxide and water. 

Figure 6.4 shows the difference between exothermic and endothermic 
processes. 

Exothermic 
processes 

gL've out heat 
energy. 

This warms 
tlhe mixture 

and then heat 
energy Is lost 

to the 
surround! ngs 

e.g. cao (s) + H20(I) 
.. Ca (OHh (aq) 

Figure 6.4 Exothermic and endothermic processes. 

Endothermic 
processes 
take In heat 

energy. 
The mixture cools 

at first and 
then heat energy 
Is gained from the 

surroundings 

e.g. NH4N03{S) + (aq) 
... NH4NO,i (aq) 

When 1 mole of solid calcium oxide reacts with water to form a solution 
of calcium hydroxide, 1070 kJ of energy are given out. The system (solid 
calcium oxide + water) loses energy in the form of heat . At first, this warms 
the mixture well above room temperature. Then heat energy is lost to the 
surroundings, and the system (calcium hydroxide solution) cools down to 
room temperature. The reaction is exothermic. 

When ammonium nitrate dissolves in water, the separation of the 
ammonium ion and nitrate ion .requires energy. At first this causes the 
temperature of the solution to fall, then energy is taken in from the 
sur roundings. This is an endothermic process. 



Increasing 
energy 

reactants: CaO(s) + H20(Q 

H = -1067 kJ/mol 

product: Ca(OH)2 (aq) ----------~----

course of reaction 

Figure 6.5 An energy level diagram for 
the reaction of caiciu m oxide with water. 

4.6 Energy changes and enthalpy changes 

• Enthalpy changes and 13.H 
The heat energy transferred between a system and its surroundings in a 
chemical reaction is described as an enthalpy change. Enthalpy means 'energy 
content' so an enthalpy change is a measure of the change in the energy 
content of reactants as they form p.roducts. The enthalpy change for a reaction 
is given the symbol Af{ and its units are kilojoules per mole (kJ/mol). 

For an exothermic reaction, the sign of Af{ is negative because energy is lost 
co the surroundings when the temperature rises as a reaction takes place, 
and the products eventually come to the same temperature as the initial 
reactants. 

For an endothermic reaction, Af{ i.s positive because t11e system needs energy 
for the reaction to occur; the temp erature dt·ops and the system gains energy 
from the surroundings. 

Scientists use the Greek capital letter delta, d, for the change in a physical 
quantity. So, Af{ means change in enthalpy (heat content). 

So, for the exothermic example in Figure 6.4 we can write: 

CaO(s) + H20(l) ~ Ca(OH)i(aq) Af{ = -1070 kJ/ mol 

And, for the endot hermic example we can write: 

Af{ = + 25 kJ/ mol 

When an enthalpy change relates to one mole of a particular reactant, as in 
the equations above, it is sometimes described as a molar enthalpy ch ange. 
So the molar enthalpy change of solution for ammonium nitrate is 
+ 25 kJ/ mol. 

• Energy level diagrams 
The energy changes in chemical processes can be summarised in energy 
level diag rams. Figure 6.5 shows t he energy level diagram for the reaction 
of calcium oxide with water. Energy (heat) is lost to the surroundings as the 
reactants form the produce, so the product is at a lower energy level. 

Endothermic reactions take in energy (heat) from the surroundings, so the 
energy content of the produces is greater than that of the reactants. This 
means that the products a.re at a higher energy level t han the reactants in the 
energy level diagram for an endothermic process (Figure 6.6). 

incresing 
energy 

product: NH4 N03 (aq) --------------

H= +25kJ/mol 

reactants: NH4N03(s) + (aq) 

course of reaction 

Figure 6.6 An energy level diagram for 
dissolving ammonium nitrate in water. 
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Now watch the Animation Exothermic and endothermic reactions. 

STUDY QUESTIONS 

1 Which of the following changes are exothermic and 
which are endothermic? 
a) boiling water 
b) burning coal, 

c) forming icicles 
2 When 1 mole of methane, CH,, burns completely, 

880 kJ of heat energy is given out. 
a) Write an equation for the reaction w ith state 

symbo ls and show the enthalpy change. 
b) Draw an energy level diagram for the reaction 

showing the enthalpy change. 

3 The energy change for the manufacture of lime 
(CaO) from calcium carbonate (CaCOg) can be 

written as: 
CaCOis) ~ CaO(s) + C02(g) 11H = + 178 kJ/mol 

a) Is the reaction exothermic or endothermic? 
b) Do the products contain more or less energy than 

the reactants? 

c) Draw an energy level diagram for the reaction. 
4 When 1 g of carbon (charcoal) burns completely in a 

barbecue, 33 kJ of heat energy are produced. 
a) Write an equation for the reaction when carbon 

burns completely. 
b) How much heat energy is produced when 1 mole 

of carbon burns completely? 
c) What is the molar enthalpy change o f combustion 

for carbon? 
d) Draw an energy level diagram for the reaction 

including the enthalpy change. 



cBo'z7 Measuring enthalpy 
changes 

Figure 7.1 Measuring the temperature 
change of a chemical reaction. 

•:f:tM•III 
: Different substances need to 
: absorb different amounts of energy 
: to increase their temperature by 
: 1 °C for each gram or kilogram 
: of mass. This amount of energy is 
: called the specific heat capacity 
: and is measured in joules per 

: gram per degree, or kilojoules per 
: kilogram per degree. 

The amount of heat energy given out or taken in by a chemical 
reaction can be measured simply by recording the temperature 
change of the system. In Figure 7.1, however, the full temperature 
change is not being measured, as some energy has been lost to the 
surroundings. Scientists have devised sophisticated methods to 
reduce the heat losses to the environment, or to find out how much 
energy has been lost in this way. 

• Enthalpy changes of combustion 
le is useful co know how much heat energy is produced when different fuels 
burn. This can help us co decide the best fuel for a particular use. Figure 7.2 
shows the simple apparatus chat can be used to measure the heat energy 
given out from a liquid fuel like meths. 

In th.e experiment, we will assume that all the heat energy produced from 
the burning meths warms the water in the metal can. The results of one 
experiment are shown in Table 1. 

Calculating the enthalpy change of combustion 
From the mass of water in the can (250 g), its temperature rise (10 °C) and 
its specific h eat capacity ( 4.2 J/ gf°C), we can work out the heat energy 
produced from the barning mechs using the formula: 

energy produced 0) = mass of water (g) X specific heat capacity 0/ gf°C) 
X temp. change (0 C) 

So, energy produced = 250 X 4.2 X 1 O 

= 10500] 

metal can 
(calorimeter) 

measured 
volume 
of water 

~ ....... ~ -·· 
& spirits 

Figure 7.2 Measuring the heat energy 
given out when meths burns. Wear eye 
protection if you try this experiment and 
remember that I iquid fuels are highly 
flammable. 

Table 1 The results of an experiment to 
measure the heat energy produced when 
meths burns 

mass of bu mer + meths at start of 
experiment = 271.8 g 

mass of burner + meths at end of 
experiment = 271.3 g 

:. mass of meths burned = 0.5 g 

volume of water in can = 250 cm3 

:. mass of water in can = 250 g 

rise in temp. of water = 1 0°C 
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In the experimenial method for 

determining fue enthalpy change for 

a reaction, you need to know that 

the mass of water (in grams) X 
4.2 (specific heat capacity of water 
in joules per gram per degree) X 

the temperature change ("CJ can 

be used to find the energy released 

by the reaction. If you know the 

mass of the reaciant, you can then 

use the energy value to work out 

the enthalpy change per mole of 

reaciant. 

From the loss in mass of the liquid burner, we can find the mass of mechs 
which has burned (0.5 g). 

So, 0.5 g ofmechs produces. 10 500 J of energy 

1 
.·. 1 g ofmeths produces 10 500 x - = 21 OOO J ofheac energy, or 21 kJ 

0.5 

Meths is mainly ethanol, C2H,;OH. Ifwe asswne that meths is pure ethanol 
(M, = 46) then: 

heat energy produced when 1 mol of ethanol burns = 46 X 21 kJ = 966 kJ 

So we can write: 

!11{ = - 966 kJ/ mol 

This means that the molar enthalpy change of combustion of ethanol is 
- 966 kilojoules per mole. 

• Enthalpy changes in solution 
The enthalpy changes of reactions in solution can be measured using 
insulated plastic containers like the polystyrene cup in Figure 7.4. 
Polystyrene is ideal because it is an excellent insulator. Its specific heat 
capacity is also very low, which means that any heat energy lost or gained 
from the polystyrene cup can be ignored compared to chat transferred to or 
from the reaction mixture. 

If a reaction is exothermic, the heat energy given out cannot escape because 
polystyrene is such an excellent insulator. So, the heat energy produced 
warms up che reaction mixture. If a reaction is endothermic, h eat energy 
cannot get in from the surroundings, so it is taken from the reaction 
mixture which cools down. 

If the solutions in the reaction mixcure are dilute, the enthalpy changes 
can be calculated by assuming chat the solutions have the same density 
and specific heat capacity as wacer. So, it can be assumed that 1 cm3 of each 
sollution has a mass of 1 g and that 4.2 J raises the cemperacure of 1 g of 
solution by 1 °C ( 1 K). 

Figure 7.3 Scientis1s use bomb 
calorimeters Ii ke the one in this photo to 
measure the energy produced by different 
fuels and foods. 

th ermom eter -10 to 50 °C 

polystyrene cup and lid 

- - reaction mixture 
I 

Figure 7.4 Measuring the enthalpy change 
for a reaction in solution. 



0-50 °C thermometer 

50 cm3 1.0 mol/dm3 

HCI (aq) at room 
temp. 

50 cm3 1.0 mol/dm3 NaOH (aq) 
at room temp. 

._ 

I 

< D 

-
-

I 

J 
add the acid to a polystyrene add the sodium hydroxide stir continuously and note the highest 

cup and measure its temperature solution to the acid temp. over the next few seconds 

Figure 7.5 Measuring the enthalpy change for the neutralisation of hydrochloric acid by 
sodium hydroxide solution. Wear eye pro tection for th is experiment 

Measuring an enthalpy change of neutralisation 
The enthalpy change for the neutralisation of hydrochloric acid by sodium 
hydroxide solution was carried out using the method shown in Figure 7.5. 

Results 
Temperature of hydrochloric acid before reaction = 23.5 °C 

Temperature of sodium hydroxide solution before reaction = 23.5 °C 

Highest temperature of mixture after reaction 

Increase in temperature from reaction 

Volume of mixture after reaction 

Calculation 
The equation for the reaction is: 

= 29.5 °C 

= 6 °C 

= 100cm3 

HCl(aq) + NaOH(aq) ~ NaCl(aq) + H20(l) 

AmounrofHClreacting = _2Q__dm3 x l.O mol/dm3 = 0.05 mol 
1000 

Amount ofNaOH reacting = ~d.m3 x l.O moJ/dm3 = 0.05 mol 
1000 

We can assume that the solution after reaction has the same density and 
specific heat capacity as water. So, 

Mass of the solution after mixing = 100 g 

4.2 J raises the temperature of 1 g of the solution by 1 °C 

and so 4.2 X 100 X 6 J raises the temperature of 100 g of the solution by 6°C 
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So, when 0.05 mole ofHCI reacts with 0.05 mole ofNaOH, 

heat energy given out = 4.2 X 100 X 6 J = 2520 J 

When 1 mole ofHCI reacts with 1 mole ofNaOH, 

. 2520] 
heat energy given out = 50400 J/ mol = 50.4 kJ/ mol 

0.05 mol 

So, HCl(aq) + NaOH(aq) ~ NaCl(aq) + H20(1) Mi = - 50.4 kJ/ mol 

The heat energy produced during this reaction is usually described as an 
enthalpy change of neutralisation. 

Measuring an enthalpy change 
of displacement reaction 
If you add an excess of zinc to a .solution of copper sulfate a displacement 
reaction takes place. 

Zn(s) + cuso.(aq) ~ znso.(aq) + Cu(s) 

The reaction is exothermic and produces a temperarure rise. 

In an experiment using apparatus similar to Figure 7.4, an excess of 0.5 g 
of zinc was added to 25 cm3 of 0.2 mol/ dm3 of copper sulfate .solution. The 
temperature rise was 35 °C. 

Calculation 

The amounc ofCuS04 reacting is 
25 

3 
x 0.2 moJ/dm3 = 0.005 mol 

1000 dm 

Again we assume that before and after the reaction the density and specific 
heat capacity of the solution is the same as that of water. 

energy released O) = mass (g) X specific heat capacity of the solution 
0/ gf C) X temperature change of the solution (0 C) 

The mass of the solution is 25 g, t he specific heat capacity of water is 4.2 J/gf°C 
and the temperature rise is 35 °C, 

.·. energy released = 25 X 4.2 X 35 = 3675 J 

When 1 mole ofCuso. reacts with 1 mole of zinc the heat energy given out 

will be 
3675 

= 735 OOO J/ mol 
0.005 

735 OOO J/ mol = 735 kJ/ mol 

So Mi = - 735 kJ/ mol 

This value is slightly Jess than the calculated value as no account has been 
taken of the heat losses to the polystyrene cup, the tl1ermometer, losses due 
to conduction, convection or radiation, the unreacred zinc present, or the 
copper produced. 



Now watch the Video Measuring temperature changes of neutralisation. 

STUDY QUESTIONS 

1 The simple apparatus in Figure 7.2 does not give 
reliable results. The actual value for the heat energy 

produced w hen meths burns is significantly higher 
than 2 1 kJ/g. 

a) Why do you think the apparatus in Figure 7.2 
gives inaccurate results? 

b) How would you modify the apparatus to obtain 
more accurate results? 

2 Draw a diagram of the apparatus you would use 

to find the heat energy produced when 1 g of a 
firelighter burns. 

3 When 11 .1 g of powdered calcium chloride (CaCb(s)) 

dissolves in 25 cm3 of water, the temperature rises 

by 1°c. 
a) What mass of solution is warmed up? (Assume 

1 cm9 of solution has a mass of 1 g.) 
b) How many joules of heat energy are given out 

as the CaCl2 dissolves? (Assume 4.2 J raise the 

temperature of 1 g of solution by 1 °C.) 

c) What is the amount in moles of CaCl2 that 

dissolves? 
d) How much heat energy is g iven out when 1 mole 

of CaC!l2 dissolves? (This is called the molar 

enthalpy change of solution of calcium chloride.) 
4 a) A student suggested that the accuracy of the 

experiment in Figure 7.2 would be improved if 

the mass and specific heat capacity of tlhe metal 
can was included in the calculation (see pages 

187-1 88). The can was made of 250 g of 

copper. Copper has a specific heat capacity 

of 0.38 1 joules per gram per degree. Use this 
additional data to find how much heat energy 

was absorbed by the can. The temperature ri se 
was 10 °C. 

b) Use your answer to part a ) to work out a more 

accurate value for !iH for the corn bustion of 

meths. You need to refer to page 188 to find the 

amount of energy released by 1 g ethanol. 
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cBoffi Enthalpy changes 
and bonding 

a 

C 

Figure 8.1 The molecules involved in 
burning methane (CH.). 

The atoms in methane and oxygen molecules have to split apart and 
rearrange themselves as water and carbon dioxide when methane 
burns. Somehow this change in the arrangement of the atoms 
pro duces the useful heat energy change. The only change is to the 
way the bonds are organised, so the change in the bonding must be 
providing the change in the heat energy. 

• Explaining the energy changes in reactions 
When most chemical reactions occur, bonds in the reactants must break 
before new bonds can be made as the products form. Breaking bonds 
involves pulling atoms apart and this requires energy. Making bonds helps 
to make atoms more stable and this gives out energy. 

• Bond breaking is endothermic. 
• Bond making is exothermic. 

Figure 8.2 shows the bond breaking and bond making that takes place 
when hydrogen reacts with chlorine to form hydrogen chloride. The bonds 

bond breaking 
(endothermic) 

H-H +CI-CI 
hydrogen chlorine 

bonds b roken 

H + H +Cl + Cl 

1 mole of H-H bonds requires 436 kJ 
1 mole of Ct-CI bonds requires 242 kJ 

bond making 
(exothermic) 

2 (H-CI) 
hydrogen chi oride 

bonds made 
2 moles of H-CI bonds give out 

2 X 431kJ : 8·62 kJ 

Figure 8.2 Bond breaking and bond making when hydrogen and chlorine react. 



Table 1 Average bond energies 

Average bond 
Bond energy I kJ /mol 

H- H 436 

Cl-Cl 242 

H-CI 43 1 
C-H 413 
C- C 347 

O=O 498 
C=O 805 
H-0 464 

between hydrogen atoms in H2 molecules and those between chlorine 
atoms in Cl2 molecules must first break. These bond-breaking processes are 
endothermic, requiring energy. 

New bonds are then made between H atoms and Cl atoms as they form 
hydrogen chloride. This process makes the Hand Cl atoms more stable and 
energy is given our. 

• Calculating the energy changes 
from bond energy values 

Chemists have been able to determine che energy needed co break the 
bonds between atoms in various molecules such as those between hydrogen 
atoms in H2 and chlorine atoms in Cli. The energy is usually calculated 
for one mole of bonds and the term average bond energy is used for this 
measurement. So, the average bond energy for one mole ofH-H bonds 
is 436 kJ/ mol. This value and a few other average bond energies are listed 
in Table 1. Average bond energies are sometimes called bond dissociation 
energies. 

Th.e average bond energy cells us t he average amount of energy raken 
in or given out when one mole of bonds are broken or made. 

We can use the bond energies in Table 1 to work out the energy changes 
involved in the reaction shown in Figure 8.2. 

From Figure 8.2: 

total energy required for bond breaking = 436 + 242 = 678 kJ 
total energy given our on bond making = 862 kJ 

:. overall energy change = 184 kJ given out 
:. !:,H = -184 kJ/ mol 

Calculating enthalpy changes from bond energies is very helpful when the 
practical you would have co carry out to measure the enthalpy change is very 
dangerous. 

• Showing 6-H on energy level diagrams 
An energy level diagram for the reaction of hydrogen with chlorine is shown 
in Figure 8.3. In an exothermic reaction such as this, the energy released 
in forming new bonds in the produce is greater than the energy needed to 
break original bonds in the reactants. 

In endothermic reactions, the opposite is true. The energy needed co break 
existing bonds is greater than the energy released in forming new bonds and 
/:,H has a posi rive value. 
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H +H + Cl + Cl . "' bond breaking 
= + 678 kJ 

reactants: H2 + Cl2 

bond making 
= - 862 kJ 

energy 
content overall energy change 

Ll.H:-1 84 kJ 
product: 2HCI '" "'" 

course al the reaction 

Figure 8.4 Photosynthesis is very 
endothermic with a large positive t.H. 

Figure 8.3 An energy level diagram for the reaction of hydrogen with chlorine. This is 
exothermic: Ml is negative. 

It can not occur spontaneously and needs 
the input of energy in the form of sunlight 
for it to occur. The energy needed to break 
bonds in the reactants C02 and H20 is 

STUDY QUESTIONS 

1 a) Write a balanced equation with state symbols for 

the reaction of hydrogen with oxygen to form 

water vapour. 
b) Re-write your equation showing displayed 

formulae for the reactants and products. 
(Remember that 0 2 is O=O.) 

c) Draw a bond-breaking and bond-making diagram 
for the reaction similar to that in Figure 8.2. 

d) Calculate the energy input for bonds broken in 
your d iagram and the energy given out when 
bonds are made. (Refer to Table 1.) 

e) Calculate llH for the reaction. 

2 The burni'ng of natural gas, mainly methane, can be 

summari sed by the equation : 
CH.(g) + 20ig) ~ COig) + 2H 20(g) 

For the reaction in this equation, use the data in 
Table 1 to calculate: 

a) the energy input for bonds broken in the 
reactants 

b) the energy given out w hen bonds form in the 
products (remember the bonding in C02 is 

O=C= O) 
c) the overall enthalpy change. 

3 The reaction which occurs in the Haber process for 
the manufacture of ammonia is: 

Nig) + 3Hig) ~ 2NHh) llH = - x kJ/mol 

g realer than that released as new bonds 
form in the products - carbohydrates 
and 02-

a) An e1J1ergy level diagram has been started for the 
readion, shown in the figure below. Copy and 

complete the figure showing the products and 
the enthalpy change for the reaction . 

energy 

b) The table below shows the values of some 

average bond energ ies. 

Bond N=N H-HI N-H 

Bond energy kJ/mol 944 436 388 

Use the values in the table to calcula te the 

enthalpy change in the equation for the 
manufacture of ammonia. 



4.9 Studying reaction rates 

~o® Studying reaction rates 
When two cars collide there are many changes to their structure. 
The main body changes shape and some parts of the structure are 
separated. The amount of damage depends on the energies of the 
two cars. Cars which collide at slow speeds (little energy) have no 
damage. At a greater speed they can show some damage, but not 
enough to prevent them from working. At high speed the damage is 
so great the car is changed and cannot be driven afterwards. Chemical 
reactions are like this. 

Figure 9.1 The collision of these two cars has caused many changes to their structure. 

• Chemical reactions and collisions 

A chemical reaction cannot happen unless particles in the reacting substances 
collide with each other. 

This statement explains why reactions between gases and liquids usually 
happen faster t han reactions involving solids. Particles in gases and liquids 
can mix and collide much more easily than particles in solids. In a solid, only 
the particles on the surface can react. 

• Measuring reaction rate 
During a reaction, reactants are being used up and produces are forming. 
The amounts of the reactants fall as the amounts of the products rise. So, we 
can measure reaction rates by measuring how much ofa reactant is used up 
or how much of a product forms in a given rime. 

. change in amount of the substance 
reaction race=------------­

time taken 
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cotton wool to trap add epray 

Figure 9.2 Measuring the rate of reaction 
between marble chips and hydrochloric 
acid. 

For example, when 0.1 g of magnesium was added to dilute hydrochloric 
acid, the magnesium reacted and disappeared in 10 seconds. 

reaction rate 
change in mass of magnesium 

cime taken 

O.lg . d d -- = 0.01 g magnesmm use up per secon 
10 s 

0.01 g/ s 

Strictly speaking, this is the aver-age reaction rate over t he 10 seconds for 
all the magnesium to react. Although reaction rates are usually measured 
as changes in mass or volume with time, we can also use changes in 
con centration, pressure and colour with time. 

Using loss of mass to measure rate of reaction 
When marble chips (calcium carbonate) react with dilute hydrochloric acid, 
carbon dioxide is produced. 

calcium + hydrochloric ~ calcium 
carbonate acid chloride 

+ water + carbon 
dioxide 

CaC03(s) + 2HCl(aq) ~ CaCh(aq) + H20(l) + C02(g) 

The carbon dioxide escapes from the flask and so the mass of the flask and 
its contents decrease. 

The rate of the reaction can be studied using the apparatus in Figure 9.2. 
Figure 9.3 shows how you could follow such a reaction using data logging 
equipment . 

... 
Figure 9.3 Data logging equipment to follow the mass loss in an experiment 

The results of one experiment are given in Table 1. 



When a reaction produces a heavy, 
dense gas, a good way to follow the 
rate of the reaction is by measuring 
the loss in mass as the reaction 
proceeds. (The mass loss of less 
dense gases can be very difficult to 
measure.) 

4 
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i 
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Figure 9.4 

./ 
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' 2 3 4 5 6 7 8 9 
time of reactiontmin 

Plotting the res ults as a g raph 
he lps you unde rs tand the reaction. 
When the reactants a re plentiful 
the curve is steep. As the reactants 
a re used up the curve flattens, and 
it becomes horizontal when at least 
one reactant has been used up. 

STUDY QUESTIONS 

4.9 Studying reaction rates 

Table 1 The results of one experiment to measure the rate of reaction between marble 
chips and dilute hydrochloric acid 

Mass of flask Decrease in Decrease in mass for each 
Time /min and contents I g mass I g minute interval I g 

0 78.00 0.00 

1 76.50 1.50 1.50 

2 75.50 2.50 1.00 

3 74.95 3.05 0.55 

4 74.60 3.40 0.35 

5 74.41 3.59 0.1 9 

6 74.33 3.67 0.08 

7 74.30 3.70 0.03 

8 74.30 3.70 0.00 

During the first minute there is a decrease in mass of 1.5 gas carbon dioxide 
escapes. 

average rate ofreaction in the first minute 

change in mass 1.5 
------ = - = 1.5 g of carbon dioxide per minute 

time taken 1 

During the second minute (from time = 1 minute to time = 2 minutes), 
1.0 g of carbon dioxide escapes. 

average rate of reaction in the second minute 

LO 
= -

1
- = 1.0 g of C02 per minute 

Using a graph to interpret the results 
The results of the experiment are plotted on a graph in Figure 9 .4. Notice 
that the reaction is fastest at the start of the reaction when the slope of the 
graph in Figure 9.4 is steepest. During the reaction, the rate falls and the 
slope begins to level off. Eventually the reaction rate becomes zero and the 
graph becomes flat with a slope (gradient) of zero. 

Now work through the Tutorial Rates of reaction. 

1 Look a t the results in Table 1 and the graph in 
Figure 9.4. 

2 a) When magnesium reacts with dilute hydrochloric 
acid, does the magnesium react fas te r a t the sta rt 
of the reaction or a t the fini sh? a) What mass of carbon dioxide is lost from the 

flask in: (i) the third minute (time 2 to 3 minutes), 
Oi) the fourth minute (time 3 to 4 minutes), (iii) the 
fifth minute (time 4 to 5 minutes)? 

b) What is happening to the reaction rate as time 
passes? 

c) Expla in the change in reaction rate with time. 
d) Why does the graph become horizontal afte r a 

while? 

b) Give two reasons for your answer in pa rt a). 
3 a) Weedkil le rs can be added to a lawn either as solid 

pe llets o r as aqueous solutions. Which method will 
affect the weeds fas te r? Expla in your answer. 

b) The selective weedkille r 2,4-D kills dande lions in 
a lawn, but not the grass. Suggest how it might 
work. 
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c:Bo ~ ® Making reactions 
go faster 

Figure 10.1 The same amount of sugar, 
but which d isso Ives faster? 

A spoonful of sugar dissolves faster than a cube of sugar. Your 
studies in science should already have given you some ideas 
about why. The main reason for the difference is the surface area. 
Granulated sugar has a much greater surface area than the cube. In 
the cube only the outer sugar molecules are in contact with the water. 
In the granulated sugar far more sugar molecules are in ,contact with 
the water. 

• Surface area and reaction rates 
Chemical reactions go faster when there is more surface area to react. 

Some students used the reaction between marble chips (calcium carbonate) 
and dilute hydrochloric acid to study the effect of surface area on reaction 
race. 

CaC03(s) + 2HCl(aq) ~ CaCli(aq) + H20(I) + C02(g) 

Smaller marble chips have a larger surface area than larger marble chips if 
the mass is the same. 

Figure 10.2 shows their apparatus. During the reaction, carbon dioxide 
escapes from the reacting mixture and collects in the syringe. Their results 
are shown in Figure 10.3. 

In experiment I, they used five small marble chips (total mass = 2 g) and 
50 cm3 of dilute hydrochloric acid. 

In experiment II, they used one large marble chip (mass = 2 g) and SO cm3 of 
the same acid. 

\ 
graduated syringe 

dilute hydrochloric acid 

U~Q...:Q....,Q...frr- marble chips 

Figure 10.2 Investigating the effect of surface area on reaction rate. 



This is another method to measure 

the rate of a reaction. Unlike the 

experiment in Chapter 4.9, the 
volume of gas vs measured this 

t ime. 

Q) 

E 
..:! 
g 

4.10 Making reactions go faster 

80 

60 

20 

0 1 0 20 30 40 50 60 70 80 90 
time of reaction/seconds 

Figure 10.3 

There is more than enough marble in bot h experiments, so t he acid will be 
used up first. 

Look at d1e results of the experiments in Figure 10.3. 

1 Why is the final volume of carbon dioxide the same in both experiments? 
2 Why do the graphs become horizontal? 
3 Which graph shows the larger volume of C02 produced per minute at the 

start of the experiment? 
4 Which experiment begins at the faster rate? 
5 Why is the reaction rate different in the two experiments? 

• Concentration and reaction rates 
Substances that bum in air burn m uch more rapidly in oxygen. Charcoal 
in a barbecue normally burns very slowly with a red glow. But, if you blow 
onto it so d1at it gets more air and more oxygen, it glows much brighter and 
may burst into flan1es. In oxy-acerylene torches, acetylene ( or ethyne) bums 
in pure oxygen. These torches produce temperatures up co 2800 °C and the 
flame can cut through sheets of metal (Figure 10.4). 

ethyne + oxygen ~ carbon dioxide + water 
CiH2 + 2V2 02 ~ 2C02 + H20 

Reactions need collisions 
Chemical reactions occur when particles of the reacting substances collide 
with each other. 

When oxygen is used instead of air, the concentration of oxygen is greater. 
So, collisions between ethyne molecules and oxygen molecules occur more 
often. The reaction happens faster and gives off more heat. Pure oxygen 
is also used to speed up chemical changes in the body. This can help the 
recovery of hospital pat ients suffering from extensive burns. 
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In general, reactions go faster when the concentration of reactants is 
increased. 

In reactions between gases, the concentration of each gas can be increased by 
increasing its pressure. Some industrial processes will only occur at very high 
pressures. 

Figure 10.4 Oxy-acetylene flames being 
used to cut through a large sheet of steel. 
In oxy-acetylene torches, acetylene burns 
very rapidly in pure oxygen. 

STUDY QUESTIONS 

1 It takes about 1 0 minutes to fry chips, b1Ut about 
20 minutes to cook them in boiling water. Whole 

potatoes take even longer to bo il. 
a) Why can chips be cooked faster tharn boiled 

potatoes? 

b) Why do larger potatoes take longer to cook than 
small ones? 

c) In a pressure cooker water bo ils at 12 1 °C. 
Why can boiled potatoes be cooked faster in a 

pressure cooker? 

2 Why do giaseous reactions go faster if the pressure 
of the reacting gases is increased? 

3 Which of the following will affect the rate at which a 

candle burns: the temperature of the air ; the shape 
of the candle; the air pressure; the length of the 
w ick? Explain your answer in each case. 
State two other factors that will affect the rate at 

which a candle burns. 
4 Limestone (calcium carbonate) weathers (wears 

away) owing to the action of dilute nitric and sulfuric 
acids as well as carbonic acid in rainwater. Design 

an experiment to investigate the effect of acid 

concentration on the weathering of limestone. 

Do not carry out your experiment unless it has been 

checked by your teach er. 



Figure 11 .1 Fish, meat and soft fruit can 
be kept for long periods in a freezer where 
the tern perature is about - 18 •c. (The 
temperature in a f1ridge is about 5 °C.) 

This experimenit is sometimes 

called 'the disappearing cross' 

experiment You can probably guess 

why. It is important to keep control 

variables the same throughout the 

experiment A lways use the same 

cross and piece of paper, and also 

the same eye. You could control the 

variables by using data logging. Can 

you think how? 

4.11 Temperature and reaction rates 

Temperature and 
reaction rates 
Milk will keep for days in a cool refrigerator, but it turns sour very 
quickly if it is left out on a hot, sunny day. Other perishable foods, 
like strawberries and cream, also go bad more quickly at higher 
temperatures. This is because chemical reactions go faster at higher 
temperatures. 

• The effect of temperature 
Chemical reactions can be speeded up by increasing the temperature, or 
slowed down by reducing the temperature. This effect of temperat ure on 
reaction rates can be studied using the reaction between sodium thiosulfate 
solution, N~S203{aq), and dilute hydrochloric acid. 

sodium + hydrochloric sodium + + sulfur + lf 
thiosulfate acid ~ chloride water dioxide su ur 

NaiS20 3(aq) + 2HCl(aq) ~ 2NaCl(aq) + H20(1) + SOi(g) + S(s) 

When the reactants are mixed, a fine precipitate of sulfur scares ro form. 
The solution turns cloudy and slowly becomes more and more yellow 
(Figure 11.2). 

sulfur precipitate 

ink cross on paper 

Figure 11 .2 Investigating the effect of temperature on reaction rate. Wear eye protection. 

As the precipitate forms, the ink cross on white paper below the flask 
slowly disappears. We can study the reaction rate by mixing S cm3 of 
dilute hydrochloric acid with 50 cm3 of sodium thiosulfate solution and 
then measuring the time it cakes for the cross to disappear. Table 1 shows 
the results obtained when the reaction was carried oucat five different 
temperawres between 23 and 44·•c. 



Section 4 Physical chemistry 

temperature/°C 

Figure 11 .3 A graph of the reciprocal of 
the time for the cross to disappear 
( oc reaction rate) against temperature. 

Table 1 Studying the reaction between sodium thiosulfate solution and dilute 
hydrochloric acid at different temperatures 

1 

Temperature I °C Time for cross to disappear I s Time for cross to disappear 

23 132 0.0(116 

29 90 0.0111 

34 65 0.01 54 

39 46 0.0217 

44 33 0.03 13 

Interpreting the results 
The results in Table 1 show that the cross disappears more quickly at 
higher temperatures. This means that the reaction goes faster at higher 
temperatures. If the temperature rises by 10°C, the reaction rate is about 
twice as fast. For example, at 29 °C the cross disappears in 90 seconds, while 
ac39°C it disappears in about half chat time (46 seconds). 

Calculating the reaction rate 
Using the equation for reaction rate in Chapter 4.9, we can say, 

change in amount of sulfur 
reaction rate = --"--------­

time taken 

amount of sulfur precipitated 

time taken 

If other variables are controlled, the cross disappears at the same thickness 
of precipitate each time. So, when the cross disappears, the amount of sulfur 
precipitated is the same at each temperature. 

: . reaction rate oc -----
1
----­

time for cross to disappear 

Figure 11.3 shows a graph of this reciprocal against temperature. The graph 
shows clearly t hat the reaction rate increases as temperature increases. 

Higher temperatures and collisions 
At higher temperatures, particles move about faster. So they collide more 
often and this causes more react ions every second. But particles don't always 
react when they collide. Some collisions are so soft that the particles simply 
bow1ce off each other. In order to react, particles (molecules, atoms or ions) 
must collide with enough energy for bonds to screech and break. At higher 
temperatures, this is more likely because particles have more energy. 

At higher temperatures particles collide with more energy, so more 
collisions result in a reaction. 

The collisions between reacting particles can be compared to the collisions 
between cars. If particles collide with little energy, bonds cannot break 
to form new substances. If cars collide at slow speeds (with low energy), 
they hardly dent each other. But, if cars collide at high speeds (with high 
energy), they bend and break. 
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• Collision theory 
We can explain the effects of changing surface area, concentration or 
temperature using the kinetic theory (Chapter 1.2). In any reaction mixture, 
the particles are continually moving about and colliding with each other. 
And, when they collide, there is a chance that a reaction will occur. This is 
sometimes called the collision theory. 

Concentration, pressure and collision theory 
Increasing the concentration of reactants in solution means there are more 
particles in the same space. There are more collisions per second and 
therefore the reaction rate increases. Increasing the press"re of a gaseous 
mixtu re also results in more particles in the same space with a similar effect 
on the reaction rare. 

Particle size, surface area and collision theory 
When a solid reacts with a liquid or a gas, the reaction race increases if the 
solid is broken up into smaller pieces. Breaking up the solid increases its 
mrface area. This allows more collisions per second between the reacting 
particles (Figure 11.S) and so the rate ofreacrion increases. 

-­Figure 11.4 Breaking up a solid into smaller pieces increases its surface area and allows 
more collisions per second with reacting particles in a gas or solution. 

smaller surfaejj area 

0 

0 
0 ~ 

C 

larger su1ace area 

0 
Figure 11 .5 The reaction profile for a typical exothermic reaction showing the activation 
energ,y of the reaction. 
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Progress of reaction 

Figure 11 .6 

STUDY QUESTIONS 

Temperature, activation energy and collision theory 
When the temperature of a reaction increases, the particles move around 
faster, colliding more frequently and with more energy. So, more particles 
have enough energy for bonds to break when they collide and the reaction 
rate increases. Figure 11.6 shows an energy profile for a successful collision 
resulting in reaction. Chemists use the tem1 activa tion energy for the 
minimum energy that reactants must possess if they are to react. 

The energy profile in Figure 11.6 shows the average energy level of reactants 
and products for a typical exothermic reaction. Some reactant particles 
which are moving faster will have more energy than tl1e average level shown 
and otllers will have Jess energy than the average. The red curve, which 
shows the course of the reaction, indicates the activation energy. This is the 
minimum energy that colliding particles must have if they are to collide 
with sufficient energy to react. At this point, bonds in the reactants will 
have broken, allowing new bond s to form in tl1e products with tl1e release of 
energy. 

Activation energies explain why reactions go more slowly than you might 
expect if every collision led to a reaction. At room temperature, only a small 
proportion of molecules have sufficient energy to react. 

Now work through the Tutorial Energy from reactions. 

1 The curves in the graph in Figure 11.7 show the 

volume of hydrogen produced during different 
experiments to investigate the reaction between 
magnesium and hydrochloric acid. Curve X is obtained 

when 1 g of magnesium ribbon reacts wi th 100 cm3 

(excess) hydrochloric acid at 30°C. Which of the 

curves A, B, C or D would you expect to obtain when: 

5i 
~ 

-g_ 
.c 
0 
Q) 

E 
::, 
0 
> a) 1 g of magnesium ribbon reacts with 100 cm3 of 

the same acid at 50°C? 

b) 1 g of magnesium ribbon reacts with 100 cm3 of 

the same acid at 15 °C? 
c) 0.5 g o f magnesium ribbon reacts w ith 100 cm9 

of the same acid at 30°C? 

time 

Figure 11 .7 



4.12 Catalysts and reaction rates 

~ o ~ ~ Catalysts and reaction 
rates 

Figure 12.1 The most common use of a 
catalyst. 

The decomposition of hydrogen 
peroxide by manganese(IV) oxide is 
a good example of catalysis in the 

laboratory. 

Mention catalysts today and everyone thinks of catalytic converters 
on vehicles. But catalysts are us ed in many places. Adhesives that 
are very strong often need two different substances to be mixed 
together before the adhesive can work. One tube is the glue, the other 
a catalyst to make it harden quickly. So what are catalysts, and how do 
they work on a reaction rate? 

• What is a catalyst? 
Hydrogen peroxide solution, H20 2(aq), decomposes very slowly inco water 
and m.-ygen at room temperature. 

2H20 2(aq) ~ 2H20(1) + 0 2(g) 

When manganese(IV) oxide (Mn02) is added, the hydrogen peroxide 
decomposes very rapidly. The manganese(IV) oxide helps the hydrogen 
peroxide to decompose, but it is not used up in the reaction. 

The manganese(IV) oxide left at the end of the reaction weighs exactly the 
same as that at the start. This means that the manganese(IV) oxide has ac ted 
as a catalyst. 

Catalysts are substances which increase the rate of chemical reactions 
without being used up during the reaction. 

• How do catalysts work? 
Most catalysts are either transition metals or their compounds. Different 
catalysts work in different ways. Transition metal catalysts, such as 
platinum alloys in catalytic converters (Figure 12.2) and iron in the Haber 
process (Chapter 5.9), work by loosely binding (adsorbing) reactants onto 
their surface. Because of th is, they are usually given a large surface area to 

maximise their effect on the reactio n rate. Adsorption increases the reaction 
rate by holding tl1e reactants close together on the catalyst surface and 
making a reaction more likely. 
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Catalytic converters remove 90% of the polluting gases from car exhaust 
fumes. Figure 12.2 shows how the platinum alloy catalyst in a catalytic 
converter of a car's exhaust system enables poisonous gases such as carbon 
monoxide, CO, and nitrogen monoxide, NO, to react and form non-toxic 
nitrogen and carbon dioxide. 

Q<, Q:@~ (,tQ ~~~~ 
00000000 ~ 66cxxxx)o ~ 6oo66o66 ~ 00000000 

atoms on surface 
of Pt alloy 

CO and NO molecules 
move toward catalyst 

surfaoe 

CO and NO molecules 
are adsorbed onto 

the Pt alloy 

Bonds in NO molecules 
weaken and then new bonds 
form producing C02 and N2 

C02 and N2 molecules 
leave the catalyst surface 

Figure 12.2 Platinum alloy in a catalytic converter allows poisonous carbon monoxide and nitrogen monoxide to react 
more easily forming harmless nitrogen and carbon dioxide. 

Molecules of the reacting substances (CO and NO) get adsorbed on 
(attached to) t he surface of t he catalyst. This brings the reacting molecules 
close together. Bonds in the NO molecules can now stretch and break, 
forming single O and N atoms. New bonds then form between CO 
molecules and O atoms and between pairs ofN atoms, forming carbon 
dioxide, C02 and nitrogen, N2• 

Finally, the products leave the surface of the catalyst so that it can be used 
again with more CO and NO. 

+ 
nitrogen oxide 

catalytic converter 

honeycomb structure 
o f the platinum alloy 

carbon dioxide 
+ 

nitrogen 

Figure 12.3 The catalytic converter in the exhaust system of a car. 



4.12 Catalysts and reaction rates 

Transition metal compound catalysts 
Transition metal compounds which act as catalysts include manganese(IV) 
oxide with hydrogen peroxide and vanadium(V) oxide in the manufacture 
of sulfuric acid (Chapter 5.11 ). These catalysts work by forming an 
intermediate compound with one or more of the reactants. This product 
then reacts further co form the product and release the catalyst, which can 
be used again. 

For example, when vanadium(V) oxide, V20 5, catalyses the contact process 
in the manufacture of sulfuric acid, V20 5 first reacts with sulfur dioxide co 
form sulfur trioxide and vanadium(IV) oxide, V02• 

The V02 intermediate then reacts with oxygen to reform the V20 5 catalyst. 

2V02(s) + lh02(g) ~ V20 5(s) 

• Catalysts and activation energy 
Catalysts work by providing an alternative route or pathway for the reaction 
with a lower activation energy (Figure 12.4). Lowering the activation energy 
increases the proportion of molecules with enough energy to react and this 
increases the race of the reaction. 

a) 

b) 

activation 
energy 
without 
catalyst 

activation - - - - - - - -

c energy with 
lll catalyst 8 

---Ml f i ~thalpy change 

products 

course of reaction 

alternative 
--~pathway 

enthalpy change 

products 

course of reaction 

Figure 12.4 The reaction profiles for a typical exothermic reaction a) without a catalyst 
and b) with a catalyst. The dip in the profile with a catalyst shows the formation of either 
an intermediate or adsorbed reactants. 
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STUDY QUESTIONS 

The catalyst can change the reaction paci1\vay by adsorbing reactants onto its 
surface or by forming a distinct intermediate. Once the adsorb ed products 
are released or the intermediate breaks down, the catalyst is released. This 
frees the catalyst to interact with further reactant molecules and the reaction 
continues. 

• The importance of catalysts 
The use of catalysts in chemical reactions can be compared to the use 
of motorways for journeys. Catalysts provide a faster, easier pathway for 
reactions in the same way that motorways provide a faster, easier route for 
journeys. With catalysts, less energy is required for the reaction in d1e same 
way that less gasoline (petrol) is needed for motorway journeys compared to 
routes through winding, narrow roads. 

Cataiysts play an important role in the chemical industry. They are used, 
for example, in the production of gasoline (Chapter 5.6), sulfuric acid 
(Chapter 5.11) and ammonia (Chapter 5.9). Catalysts speed up these 
industrial processes and the products are obtained more quickiy. They also 
allow the processes to cake place at lower temperatures, so saving on energy 
costs. 

1 The catalysts in many reactions are transition 
metals or their compounds. Make a list of five 

reactions catalysed by transition metals or their 
compounds. 

when it catalyses the decomposition of hydrogen 
peroxide. 

3 Explain why a catalyst can lower the activation 
energy for a chemical reaction. Sketch reaction 
profil es for an exothermic reaction with and without 
a catalyst. 

2 Describe an experiment that you could carry out 
to show that manganese(IV) oxide is not used up 



4.13 Reversible reactions 

~ o ~ ~ Reversible reactions 

Figure 13.1 Baking a cake is an 
irreversible reaction. 

Figure 13.2 Ice melts as it warms up in a 
drink If the drink is cooled, ice will re-form. 
This is a reversible process. 

When you bake a cake, chemical reactions take place in the cake 
mixture. Once the cake is baked, it is impossible to turn it back into 
flour, margarine, eggs and sugar. 

• Irreversible changes 
Once you have burned charcoal in a barbecue, you can never get back the 
original materials. The charcoal, which is mainly carbon, reacts with oxygen 
in the air forming carbon dioxide. 

carbon + 
(charcoal) 

C(s) + 

oxygen ~ carbon dioxide 

C02(g) 

No matter what you do, the carbon dioxide which has formed cannot be 
turned back into charcoal and oxygen. 

Reactions like this which cannot be reversed are 
called irreversible reactions. 

• Some reversible clhanges 
Most of the chemical reactions that we have studied so far are also 
irreversible. But there are some processes that can be reversed. For example, 
ice turns into water on heating (Figure 13.2). 

ice beat) water 
H20(s) bea, ) H20(l) 

If the water is now cooled, ice re-forms. 

water cool) ice 
H20(l) cool ) H20(s) 

These two pacts of this reversible process (not a reaction) can be combined in 
one equation a.s: 

beat ::,, 

cool 

Two reversible reactions 
When blue hydrated copper sulfate is heated, it decomposes to white 
anhydrous copper sulfate and water vapour. 

hydrated copper sulfate ~ anhydrous copper sulfate + water 
CuS04.SH20(s) beat) cuso.(s) + SHzO(g) 

(blue) (white) 

If water is now added, the change can be reversed and blue hydrated copper 
sulfate re-forms. 

cuso.(s) + SH20(l) ~ cuso •. SH20(s) 
(white) (blue) 
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t 
Heat 

Figure 13.3 

--Ammonium 
chloride 

t 
Heat 

These two processes can be combined in one equation as: 
heac 

cuso .. sH20(s) :;:::===~ cuso.(s) + SH20(l) 
mix reactants: 

Reactions like this which can be reversed are called rever sible r eactions. 

Another reversible reaction is that involving ammonia, hydrogen chloride 
and ammonium chloride. Ammonia and hydrogen chloride react at 
room temperature to form a white smoke which is a suspension of solid 
ammonium chloride (Figure 13.3). 

N HJ(g) + HCl(g) ~ NH.Cl(s) 

If ammonium chloride is heated, this reaction is reversed. The ammonium 
chloride decomposes to ammonia and hydrogen chloride. So che reversible 
reaction can be summarised as: 

mix .... 
NH3(g) + HCl(g) ~ NH.Cl(s) 

Making ammonia is a reversible reaction 
The reaction between nitrogen and hydrogen to form ammonia is also 
reversible. This can be demonstrated using the apparatus in Figure 13.4. 
You sh ould n ot attempt the experiment yourself. It should only be 
demonstrated by your teacher. 

silica tube 

(tj] O/(P 71 ~ { ~ bD 
mixtuie of hydrogen heat strongly iron wool 
and nitrogen (catalyst) 

Figure 13.4 The reaction between nit rogen and hydrogen to form ammonia. 

Using the syringes, the mixture of hydrogen and nitrogen is pushed co and 
fro over the heated iron wool. The gases in the syringes are then ejected onto 
damp red litmus paper. The litmus paper cums blue showing that an1monia 
has been produced. Ammonia is the only common alkaline gas. 

nitrogen + hydrogen ~ ammonia 
Ni(g) + 3H2(g) ~ 2NH3(g) 

The experiment can be repeated, starting with ammonia in the syringes. This 
time, nitrogen and hydrogen are produced when the gas is pushed co and fro 
over the heated iron wool (which acts as a catalyst). 

2NH3(g) ~ N2(g) + 3H2(g) 

These experiments show that th,e reaction between nitrogen and hydrogen 
to form ammonia is reversible. In fact, this reaction is the basis of t he Haber 
process co manufacture ammonia (Chapter 5.9). 



STUDY QUESTIONS 

4.13 Reversible reactions 

Coming to equilibrium 
During a reversible reaction, the reactants are sometimes wmpletely changed 
to the products. But, in other cases, the reactants are only partly converted 
to the produces. Think again about the analogy of ice and water. If ice and 
water are kept at 0°C, neither the ice nor the water seems to change. We say 
the two substances are in equilibrium . 

So, a't 0°C, ice ~ water 

In th.e same way, nitrogen and hydrogen will come to equilibrium with 
ammonia in the apparatus shown in Figure 13.4. 

N2(g) + 3H2(g) ,.,,. 2NHJ(g) 

When equilibrium is reached in any reaction, the amounts and 
concentrations of the reactants and products do not change any more. 
However, both the forward reaction and the back reaction are still going on. 

So, in the equilibrium just described, nitrogen and hydrogen are still 
reacting to form ammonia, while ammonia is decomposing ro re-form 
nitrogen and hydrogen. These two processes, the forward reaction and the 
back reaction, are taking place at the same race. So, there is no change in the 
overall amounts of any substance. 

This is described as a dynamic eql'lilibrium ro indicate that substances are 
'moving' (reacting) in both directions at equilibrium. 

1 Explain the following terms: irreversible reaction; 

reversible reaction; dynamic equilibrium. 

chloride. The red litmus fi rst turns blue, then both 

pieces of I itmus turn red. 
2 Figure 13.5 shows what happens when ammonium 

chloride is heated to form ammonia and hydrogen 

---white smoke 

damp red 
--~ ~ .---litmus paper 

____ damp blue 

litmus paper 

heat 

Figure 13.5 

a) Write an equation for the decomposition of 

ammoriium chloride. 
b) Why do the gases produced separate as they 

pass up the tube through the cotton wool? 
c) Which gas is detected first and why? 
d) Why does white smoke form above the tube? 

3 When purple hydrated cobalt chloride (CoCb.6H20) 
is heated, it changes to blue anhydrous cobalt 

chloride. 
a) Write an equation for this reaction. 

b) How is the reaction reversed? 
c) How is this reaction used as a test for water? 
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Summary 
t.J Make sure you can answer all the questions in the Interactive quiz. 

I am confident that: 

./ I can describe acids, alkalis, and bases in terms 
of their effect on the indicators litmus, phenol­
phthalein, methyl orange and universal indicator 

./ 1 know the pH scale and the values for: 
• strong acids and alkalis 
• weak acids and alkalis. 

./ I can explain the difference between a strong and 
a weak acid or alkali 
• Acids are sources of hydrogen ions (H+) and that 

alkalis are sources of hydroxide ions (OH·). 
• The equation for a neutralisation is 

H•(aq) + OH·(aq) ~ H20(1). 

./ I can predict the reactions, name the products 
and write balanced equations for sulfuric acid, 
hydrochloric acid and nitric acids reacting with: 
• metals 
• metal oxides 
• metal carbonates. 

./ I understand what is meant by a salt 

./ I know the rules for predicting the solubility of salts 
• These r ules help us to choose the best way co 

make a named salt. 
• An insoluble salt can be made by precipitation. 
• A soluble salt can be made using filtration and 

crystallisation. 

./ I know the difference between an exothermic 
reaction and an endothermic reaction, and 
can describe the energy changes between the 
products and reactants 
• t),H represents the enthalpy (heat energy) change 

in exothermic and endothermic reactions . 
• t),H for an exothermic reaction is negative. 
• t),H for an endothennic reaction is positive. 
• The overall enthalpy change is th.e difference 

in energy between the energy required 
co break the bonds of the reactants (an 
endot hermic process) and the energy released 
by the formation of t he products bonds (an 
exothermic process). 

./ I can calculate the enthalpy change for a reaction, 
when given bond energy data and a balanced 
equation for a reaction 

./ I can describe experiments to measure the 
energy changes in: 
• combustion reactions 
• displacement reactions 
• dissolving 
• neutralisation reactions . 

./ I am able to calculate the molar enthalpy change 
from heat energy changes for measured masses 
of reactants, using: 
• the mass of the reactants and the temperature 

change 
• the mass of water heated, the specific heat capacity 

of water and t he temperature change. 



./ I can describe experiments to investigate how the 
rate of a reaction is affected by: 
• surface area of reactants 
• concentration of reactants 
• temperature 
• use ofa catalyse. 

./ I can use the particle collision theory to 
explain how these variables affect the rate of 
reaction 
• This explains the likelihood of reaction in terms 

of the number, speed and colliding force of the 
reactant particles 

Summary 

./ I understand the term activation energy, and can 
show it on a reaction profile diagram 
• A catalyst lowers the activation energy of a reaction. 

./ I know that some reactions are reversible and 
can happen in either direction 
• These reactions use= instead of an arrow in their 

equations. 
• Examples are the effect of heat on ammonium 

chloride and the dehydration of hydrated 
copper(II) sulphate. 

• Reversibe reactions can come to dynamic 
equilibrium. 
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Exam-style questions 
1 Acids and bases are commonly found around the 

home. 

a) Baking powder contains sodium 
hydrogencarbonate mixed with an acid. 

i) When water is added, the mixture reacts 
producing carbon dioxide. How could you 
show it is carbon dioxide? [2] 

ii) Copy our, complete and balance the 
chemicaI equation for the reaction of sodium 
hydrogencarbonate with sulfuric. acid. 

NaHC03 + H2S04 ~ ••••• + ..... + ..... [2] 

b) Indigestion tablets contain bases which cure 
indigestion by neutraiising excess stomach 
acid. 

i) One type of indigestion tablet contains 
magnesium hydroxide. This base neutralises 
stomach acid by the following chemical 
eqttation. 

Mg(OH)2 + 2HC1 ~ MgC12 + 2H20 

Write a balanced ionic equation for the 
neucraiisation reaction. 

ii) How does the pH in the stomach change 
after caking the tablets? 

c) Ammonium suifate is an important lawn 
fertiliser. Describe how you wouid prepare 
some ammonium sulfate using ammonia 
solution. 

2 a) A solurion was made by dissolving 1.62 g 
of hydrogen bromide, HBr, in 250 cm3 of 
water. 

i) Cakulate the relative formula mass of 
hydrogen bromide. (H = 1, Br = 80) 

ii) Cakulace the amount, in moles, of 

[1] 

[1] 

[ 4] 

[ 1] 

hydrogen bromide in a 1.62 g sample. [2] 

iii) Calculate the concentration, in moljdm3, 
of t11e hydrogen bromide solution. [2] 

iv) Calculate the concentration, in g/ dm3, of 
the hydrogen bromide solution. [2] 

b) Hydrogen bromide solution can be neutralised by 
adding sodium hydroxide solution. 

A 20.0 cm3 sample of a solution of 
hydrogen bromide had a concentration 
of0.200 mol/ dm3

• 

i) Write a chemical equation for this 
neutralisation reaction. 

ii) Ex.plain why this reaction is described as a 

[1] 

neutralisation rea.ction. [2] 

iii) Calcuiate the amount, in moles, of hydrogen 
bromide in 20.0 cm3 of0.200 mol/ dm3 

solution [2] 

iv) Calcuiate the volume of 0.100 moljdm3 

sodium hydroxide solution needed to 
neutralise this sample of hydrogen bromide 
solution. [2] 

v) Suggest the name of an indicator (ot her 
than litmus), and its colour change, that 
could be used to check when neucraiisacion 
was complete. 

3 a) Magnesium chloride is a soluble sale chat can 
be made by reacting magnesium carbonate with 
dilute hydrochloric acid. Magnesium carbonate 
is insoluble in water. 

Describe how you could make a dry sample of 
magnesium chloride crystals from magnesium 

[3] 

carbonate and dilute hydrochloric acid. [ 5] 

b) 25.0 cm3 of dilute sulfuric acid are placed in a 
conical flask. A few drops of phenolphthalein 
indicator are added. The acid requires 8.70 cm3 

of sodium hydroxide solution of concentration 
0.150 mol/ dm3 for neutralisation. 

The chemical equation for the reaction is: 

i) What colour change is seen when the acid is 
neutralised? [2] 

ii) Calcuiate the amount, in moles, of sodium 
hydroxide used. [2] 

iii) Calcuiate the amount, in moles, of sulfuric 
acid used. [l] 

iv) Calcuiate the concentration, in molf dm3, 
of suifuric acid. [ 1] 



4 Calcium sulface can be prepared using a precipitation 
reaction between calcium chloride solution and dilute 
s ulfuric acid. 

CaClz(aq) + H2SO.(aq) ~ caso.(s) + HCl(aq) 

a) State three steps needed to produce a pure dry 
sample of calcium sulfate from the mixture 
formed in this reaction. [3] 

b) A 5.55 g s.ample of calcium chloride (M,= 111) is 
dissolved in water to make a solution. 

i) Calculate the amount, in moles, in the sample 
of calcium chloride. [2] 

ii) What amount, in moles, of sulfuric acid is 
needed co react completely with the calcium 
chloride solution? [l] 

iii) Calculate the relative formula mass of calcium 
sulfate. 
(Ca= 40, S = 32, 0 = 16) [l] 

iv) Calculate the mass, in grams, of calcium 
sulfate formed. [2] 

c) The following equation represents a reaction used 
to prepare the salt lead(II) nitrate. 

PbC03(s) + 2HN03(aq) ~ Pb(N03)i(aq) + H20(l) + C02(g) 

In this experiment the amount of nitric acid used 
was 0.0400 mol. 

i) The concentration of the dilute nitric acid used 
was 0.500 mol/ dm3. Calculate the volume, in 
cm3, of dilute nitric acid used. [3] 

ii) In this experiment, 0.0200 mol of c.arbon 
dioxide gas was produced. Calculate the 
volume, in cm3, that this amount of carbon 
dioxide occupies at room temperature and 
pressure (r.t.p.). 

5 

6 

Exam-style questions 

Potassium chloride can be prepared from potassium 
hydroxide solution and hydrochloric acid. A 
titration is used to find the volumes of the solutions 
which just react with each other. In this titration 
the hydrochloric acid is added to the potassium 
hydroxide solution. 

a) Name the two items of equipment used to 
measure the volumes of solutions accurately 
in a titration. [2] 

b) The reaction is complete when all the 
potassium hydroxide has been neutralised 
by hydrochloric acid. How can you tell this 
point is reached? [2] 

c) The equation for the reaction is: 

KOH + HCI ~KC!+ HzO 

Calculate the maximum mass of potassium 
chloride which can be obtained from 16.8 g of 
potassilun hydroxide. 

(K= 39, O = 16, H = 1, Cl= 35.5) [4] 

Ethanol can be dehydrated co form ethene. 

a) What does dehydrated mean? [1] 

b) What conditions are required for this reaction? [2] 

c) Draw an energy level diagram (energy profile) 
for the r-eaction showing the reactants, the 
products and the energy change for the reaction. 
(<iH = +35 kJ/ mol) [2] 

d) An organic compound, with a relative formula 
mass of 62, was fow1d co have the following 
composition by mass: 

carbon 38. 7% hydrogen 9.7% 01,.ygen 51.6% 

Calculate the empirical and molecular 
formulae of the compound. [4] 

7 Zinc sulface and water are formed when zinc oxide (molar volume of any gas = 24 OOO cm3 

at r.t.p.) [l] reacts with dilute sulfuric acid. 

a) Would you expect <iH for this reaction to be 
exothermic or endothermic? [ 1] 

b) Explain your answer to part a). [2] 

c) What does <iH for a reaction represent? [ 1] 
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8 The equation for the combustion of hydrogen is: 

2H2(g) + 02(g) ~ 2H20(g) 

The reaction gives our a lot of heat. 

a) What term is used for reactions that give out heat? 
[1) 

b) Explain why hydrogen and oxygen are gases at 
room temperature. [2) 

c) The table below shows the values of three average 
bond energies. 

bond H- H O= O 0- H 
bond energy /kJ/mol 436 498 464 

Use the values in the table to calculate the energy 
change for the combustion of hydrogen. [3) 

d) Draw an energy level diagram for the combustion 
of hydrogen. [3) 

e) On cooling, H20(g) produced during the 
combustion of hydrogen condenses to H20(1). 
How does the speed of and distance between H20 
molecules change during this process? [2) 

9 Hydrogen peroxide decomposes into water and 
oxygen. 

2H20 2 ~ 2H20 + 0 2 

The reaction is very slow bur becomes faster if 
manganese(IV) oxide is added. The manganese(IV) 
oxide does not get used up during the reaction. 

a) What is the role of the manganese(IV) oxide in 
this reaction? [1) 

b) The graph below shows how the volume of 
oxygen collected changed with time when 1 g of 
small lumps of manganese(IV) oxide were added 
to 10 cm3 of hydrogen peroxide. 
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Copy the graph and sketch on it the results 
obtained when: 

i) t he experiment is repeated using 1 g of 
powdered manganese(IV) oxide. Label this 
sketch A. [2) 

ii) the same volume of hydrogen peroxide is 
used buc S cm3 of water is added to it before 
the manganese(IV) oxide is added. Label this 
sketch B. [2) 

c) Describe a test for oxygen gas and the positive 
result. [ l) 

10 Excess solid sodium hydrogencarbonate was added to 
SO cm3 of 1.0 moljdm3 ethanoic acid in a polystyrene 
container. The temperature of the mixmre fell from 
25 °C to l 7°C as the products formed. 

a) Copy and complete the following equation for 
the reaction. 

C~COOH(aq) + NaHC03(s) ~ ..... + ..... + ..... [2) 

b) The solid NaHC03 was added in small portions 
totheacid.Whywasthis? [l) 

The heat energy change of a reaction can be 
calcLtlated using this equation: 

heat energy change = mass of solution (g) 
x 4.2 ]/ gf C x temperature 
change(0 C) 

c) Calculate the energy change durin,g the reaction 
(assume the density of the final solution is 
1.0 g/ cm3

). [3] 

d) What is the amount, in moles, of ethanoic acid 
used? [2) 

e) Calculate the enthalpy change of the reaction for 
1 mole of ethanoic acid. Show the correct sign 
and u nits. [2) 



11 A student investigated the effect of temperature on 
the rare of reaction between hydrochloric acid and 
sodium thiosulface. 

• The student added 5 cm3 of hydrochloric acid 
acid to SO cm3 of a sodium thiosulphace solution 
in a flask. 

• The flask was placed over a cross. 

• The student timed how Jong after mixing it took 
for the cross to disappear. 

a) i) Copy and balance the chemical equation for 
this reaction. 

Na2520 3(aq) + HCI(aq) ~ NaCl(aq) + H20(1) 
+S02(g) +S(s) [1) 

ii) What causes the cross to disappear? [1) 

b) A graph of the results is shown. 
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i) What effect does temperature have on the 

80 

rate of this reaction? [2) 

ii) Explain why temperature has this effect on 
the rate ofreaccion. [2) 

c) Using an energy level diagram (reaction profile), 
explain how catalysts can increase the rates of 
reactions. [3) 

Exam-style questions 

12 A student wanted to find out how much heat 
energy was released by the combustion of propane! 
(C3H,OH). The student performed an experiment 
and made a table of the results. 

mass of water heated I grams 

mass of burner and propanol at the start I grams 

mass of burner and propanol at the end I grams 

temperature of the water at the start I •c 
temperature of the water at the end I •c 

a) Calculate the mass, in grams, of propane! 
burned. 

500 

52.42 

51.47 

18 

33 

[1] 

b) Calculate the heat energy released in joules 
during the experiment. (Assume the specific heat 
capacity of the water is 4.2 joules per gram per 
degree.) [3) 

c) Calculate the relative molecular mass of 
propane!. [2] 

d) Calculate the number of moles of propane! 
burned . [2] 

e) Calculate the heat energy released, in kilojoules, 
when 1 mole of propane! is burned. [2] 



Section 4 Physical chemistry 

EXTEND AND CHALLENGE 

Measuring enthalpy changes really accurately 

When you try to measure enthalpy changes in the 
laboratory by measuring the increase or decrease in 
temperature of the reactants and products, there are 
all sorts of problems. Heat energy is transferred to and 
from the environment and the apparatus used. So how 
do chemists obtain results that are both reproducible 
and accurate? 

The answer is the bomb calorimeter. Originally made 
from a bomb casing, which gives the apparatus its 
name, it is an ingenious device to ensure that virtually all 
the energy released by a burning fuel can be measured. 
How is it done? 

The sample is burned in a crucible inside the calorimeter 
(Figure 1) and the temperature of the water is monitored 
and a graph produced. The crucible is then replaced with 
a heating co il, and the water allowed to cool to its original 
starting temperature. The current is then switched on, and 
sufficient current is supplied to produce a graph curve 
identical to the original curve. By measuring the current 
used during the heating by the coil it is possible to find the 
exact same amount of energy that heated the water as 
the fuel did. This must be the energy that was produced. 

connection 
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tempe 
probe 

rature 

- 'S 

r 
I-

~ 

~ 

water 1-· 

cally heated electri 
wire to ignite sample 

~ .. 

' 

ket airjac .i1L 
!:;,A 

Figure 1 A bomb calorimeter. 

I 

1 Describe the differences between the bomb calo­
rimeter and the apparatus for measuring enthalpy 
change shown in Figure 7.2 in Chapter 4.7. 

2 Suggest what the purpose is of the following parts of 
the bomb calorimeter: 
a) the stirrer 
b) the air jacket 
c) the data logger. 

3 Suggest why there is no need to know the specific 
heat capacity of the water or the apparatus. 

4 Explain how the differences you have 91iven in 
question 1 could improve the reproduci:bil ity of the 
results obtained in the born b calorimeter. 

5 Explain why the results from the bomb calorimeter 
will be more accurate. 

•I-

bomb calorimeter 

oxygen under pressure 

crucible containing 
sample under test 

o~-
i--r---stirrer 

[.~\ 



1 Global worldl growth in 2007 was 
3.3%. Calculate how much greater 
chemical indlustry growth was than 
world growth in 2007. 

2 Why do you think so many of 
the chemicals we use today are 
mixtures? 0 ne hundred years ago 
we used far more compounds at 
home. 

3 Research your local chemical 
industry. Find out what chemicals 
are made near you, why these 
particular ones are made, and 
where the plants are located. 

The chemical industry is a very important source of employment and 
wealth around the world. Well over one million workers are employed 
across the European Union in making chemicals for industry. Even more 
workers are employed making pharamaceutical medicines. In 2007 sales 
of chemicals worldwide increased by 4.8% to over US $2 trillion. Why do 
we need so many chemicals? 

The answer is in the huge number of chemicals we all use every day for a 
wide range of uses, such as shampoo, washing-up liquid, paints, lubricating 
oil, and so on. Today's modern technological lifestyle requires chemicals 
in vast amounts to satisfy our demand for goods. A simple basic chemical 
such as sulfuric acid is not just needed for chemistry lesson experiments. 

By the end of this section you should: 
• be able to use the reactivity series to select how to extract a metal 

from its ore 
• describe how iron and aluminium are obtained 
• describe how crude oil is separated into the many useful 

compounds we all use 
• understand the chemistry of burning and the pollution produced 

when hydrocarbon fuels are burned 
• d.escribe how less useful molecules in crude oil can be converted to 

more useful ones 
• know about polymers and their uses 
• know how chemicals are made industrially in the Haber process, the 

contact process and the electrolysis of sodium chloride. 



Section 5 Chemistry in industry 

Raw materials 
to metals 
A few metals, like gold and silver, are very unreactive. They occur in 
the Earth as the metal itself. Most metals are too reactive to exist on 
their own in the Earth. They are usually found in rocks as. compounds 
with non-metals and mixed with other substances. 

Figure 1.1 Gold is so unreactive that it occurs in the Earth as the metal itself. 
You can see a vein of gold in this rock. 

• From rocks to metals 
Ro cks containing metals or met.al compow1ds from \\hich it is economic co 
extract the metal are called ores. To obtain a metal from its ore the first step 
is to mine and possibly concentrate the ore. 

Figure 1.2 An aerial view of a copper mine in Arizona, USA The ore being mined is 
copper pyrites, a mixture of copper(II) sulfide and iron(II) sulfide. 



•#t!HIII 
: You need to be able to use the 

reactivity series to decide if a 
metal is extracted by carbon or 

by electro lysis. 

Figure 1.3 Abandoned tin mine buildings 
in Cornwall. Tinstone (ti n(IV) oxide, SnOJ 
was once mined in Cornwal I and reduced 
to tin in furnaces near the mines. The 
tin ore is now virtually used up and the 
fu maces are derelict 

5.1 Raw materials to metals 

The second step is to try to reduce the ore to the metal. There are three ways 
that a metal ore can be reduced to the metal 

• If the meta.I is at the bottom of the reactivity series simply heating the ore 
in air may be sufficient to separate the metal from the rest of the ore. 

• More reactive meta.ls need their ores to be converted to the meta.I oxide 
and then heated wi th carbon or carbon monoxide to remove The m.ygen. 

• The most reactive metals are obtained by electrolysis of the molten ore. 

Table 1 shows the reactivity series and which method is used to extract the 
metals. 

Table 1 Summarising the methods used to extract metals 

Reactivity series Method of extraction 

potassium 
sodium 
lithium 

electrolysis of molten ore 
calcium 
magnesium 
aluminium 

zinc 
} reduction of ore with carbon or carbon monoxide iron 

lead 

copper heat ore in limited supply of air 

silver 
} metals occur uncombined in the Earth 

gold 

Reduction with carbon and carbon monoxide 
Metals in the midd.le of the reactivity series, like zinc, iron and lead, cannot 
be obtained simply by hearing their ores in air. They are obtained by 
reducing their oxides with carbon ( coke) or carbon monoxide. 

In these cases, carbon and carbon monoxide are more reactive than the 
metals. So, carbon or carbon monoxide can remove oxygen from the meta.I 
oxide, leaving the metal For examp le: 

zinc oxide + carbon ~ zinc + carbon monoxide 
(coke) 

ZnO + C ~ Zn + CO 

The reduction ofiron(ill) oxide to obtain iron is considered in the next chapter. 

Sometimes, these meta.ls exist as sulfide ores (Figure 1.2). These or.es must be 
converted co oxides before reduction. This is done by heating the su.lfides in air. 

zinc sulfide + oll.ygen ~ zinc oxide + sulfur dioxide 
2ZnS + 302 ~ 2Zn0 + 2S02 

Electrolysis of molten compounds 
Metals at t he top of the reactivity series, like sodium, magnesium and 
aluminium, cannot be obtained by reduction of their oxides wit11 carbon 
or carbon monoxide. This is because the temperature needed to reduce 
their oxides is too high. These merals can be obtained from their ores using 
electricity in the process of electrolysis. But the process cannot use aqueous 
solutions. This is because electrolysis wou.ld decompose the water in t he 
aqueous solution and not the metal compound. 
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STUDY QUESTIONS 

Figure 1.4 Mining bauxite, impure aluminium oxide. Aluminium is extracted from the 
purified oxide using electrolysis. 

The only way to extract these reactive metals is by electrolysis of their molten 
(melted) compounds. Potassium, sodium, calcium and magnesium are 
ob rained by electrolysis of their molten chlorides. Aluminium is obtained by 
electrolysis of its molten oxide. This is described in Chapter 5.3. 

• Purifying the metal 
Metals such as copper and iron are reduced with carbon in a furnace. The 
extracted metal often contains impurities. Copper which comes straight from 
the furnace contains about 3% impurities. Sheets of this copper are purified 
by electrolysis with copper sulfate solution (Chapter 5.3). 

Similarly, iron obtained directly from the furnace contains about 7% impurities. 
The main impurity in iron is carbon, and this is removed by injecting oxygen 
inco the molten iron. 

Now watch the Animation Obtaining metals from ores. 

1 List the three stages involved in extractiing a metal 
from its ore. 

This oxide is first converted to titanium(IV) chloride, 
Ti Cl4• Tile Ti Cl, is then reacted with a more reactive 
metal, such as sodium, to form titanium metal. This 
reaction is carried out in an atmosphere of argon. 

2 Magnesium is extracted by electrolys is o f molten 
magnesium chloride (MgCl2). 
a) What ions are present in molten MgCl2? 
b) Write an ionic equation to show the production of 

magnesium. 
c) Explain why this extraction of magnesium involves 

reduction. 
3 Ti tanium is a transition metal with a relatively low 

density. It is resistant to corrosion and forms very 
strong alnoys with aluminium. Titanium is extracted 
from the ore, rutile, which contains titanium(IV) oxide. 

a) Why are titanium alloys used for replacement hip 
joints? 

b) Suggest another possible use for titanium. 
c) Write the formula of titanium(IV) oxide. 
d) Write an equation for the reaction of titanium(IV) 

chloride with sodium to form titanium. 
e ) Why is this reaction carried out in an atmosphere 

of argon? 



5.2 Extracting iron from iron ore 

@3o~ Extracting iron from 
• iron ore 
There are blast furnaces like this one at Sestao, Spain, all over the 
world. They convert iron ore to iron metal. Iron is the most important 
metal. Most of it is made into steel and used for machinery, tools, 
vehicles and large girders in buildings and bridges. 

The main raw material for making iron is iron ore (haematite). This 
ore contains iron011) oxide. The best quality iron ore is found in 
Scandinavia, North America, Australia, North Africa and Russia. 

Figure 2.1 Blast furnace at Sestao, Spain. 

• The blast furnace 
Iron ore is converted co iron in special furnaces called blast furn aces, built 
as cowers about 15 metres tall. The name blast furnace comes fro m the 
blasts of hot air that are blown into the bottom of the furnace. T his hot air 
reacts with coke and keeps the temperature high. Figure 2.2 shows a diagram 
of a blast furnace and a summary of the process involved. 
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brick lining to furnace ----

blasts of ----1'-.=== 
hot air ---v' 

molten slag 
(impurities) 

outlet for iron 

Raw materials (iron ore, coke and limestone) are added at the top 
of the furnace 

2 Blasts of hot air are blown in near the bottom of the furnace 

3 Oxygen in the blasts of air reacts with coke (carbon) to form 
carbon dioxide 

carbon + oxygen ~ carbon dioxide 

C(s) + Oig) ~ CO:z(g) 

This reaction is very exothermic and the temperature in the 
furnace gets to 2000°C 

4 More carbon reacts with the carbon dioxide to make 
carbon monoxide 

C(s) + COig) ~ 2CO(g) 

5 As the carbon monoxide rises up the furnace, it reacts w ith the 
iron ore (iron(III) oxide) to form iron 

iron(III) oxide + carbon monoxide~ iron + carbon dioxide 

F"'203(s) + 3CO(g) ~ 2Fe(I) + 3CO:z(g) 

6 Molten iron runs to the bottom of the furnace. It is tapped off from 
time to time 

7 The molten iron is used to make steel or poured into moulds to 
solidify 

Figure 2.2 Extracting iron from iron ore in a blast fu mace. 

Why is limestone used in the furnace? 
Iron ore usually contains impurities like earth and sand (silicon dioxide, 
Si02). Limestone helps to remove these impurities. The limestone (calcium 
carbonate) decomposes at the high temperatures inside the furnace to form 
calcium oxide and carbon dioxide. 

calcium carbonate~ calcium oxide + carbon dioxide 
CaCOl(s) ~ CaO(s) + C02(s) 

The calcium oxide then reacts with sand (Si02) and other substances in the 
impurities co form molten 'slag' conra.ining calcium silicate. 

calcium oxide + silicon dioxide ~ calcium silicate 
CaO(s) + SiOi(s) ~ CaSiOl(l) 

The molten slag falls co the bottom of the furnace and floats on the molten 
iron. It is tapped off from the furnace at a different level from the molten 
iron. The slag is used for building materials and cement manufacture. 



5.2 Extracting iron from iron ore 

Blast furnaces work 24 hours a day. Raw materials are continually added at 
the cop of the furnace and hot air is blasted in at the bottom. At the same 
time, molten slag and molten iron are tapped off from time to time as they 
collect. This process goes on all the time for about two years. After this rime, 
the furnace has to be closed down so that the brick lining can be replaced. 

Figure 2.3 Molten iron being poured into a steel-making furnace. 

STUDY QUESTIONS 

1 a) Why are the furnaces used to make iron called 

blast furnaces? 

b) Why are blast furnaces usually built near coal 

fields? 

c) What materials are added to a blast furnace? 

d) What materials come out of a blast furnace? 

2 a) The pri c,es of metals are g iven in the 

'commodities' section of the more serious daily 

papers and on the internet. Look up the prices 

for iron (steel), aluminium, copper and zinc. How 

does the price of iron (steel) compare w ith other 

metals? 

b) Suggestthree reasons why iron is the cheapest 

of all metals. 

c) Suggest three reasons w hy iron is used in 

g reafor quantities than any other metal. 
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®o~ Electrolysis of 
aluminium oxide 

Figure 3.1 Aluminium alloys are used for 
the bodywork of aircraft. 

Aluminium has a relatively low density. It can also be made harder, 
stronger and stiffer by alloying with other metals, like titanium. 

• Obtaining metals by electrolysis 
Reactive metals, such as sodium and aluminium, cannot be ob tained like 
iron by reducing their oxides to the metal with carbon ( coke). These metals 
can only be obtained by electrolysis of their molten compounds. We cannot 
use electrolysis of their aqueous compounds because hydrogen (from the 
water), and not the metal, is produced at the cathode (see Chapter 1.17). 

Metals low in the reac tivity series, such as copper and silver, can be obtained 
by reduction of their compounds or by electrolysis of their aqueous 
compounds. When their aqueous compounds a.re electrolysed, the metal is 
produced at the cathode rather than hydrogen (from the water). 

Manufacturing aluminium by electrolysis 
Aluminium is manufactured by the electrolysis of aluminium oxide in 
molten cryolite. The aluminium oxide is obtained from bauxi re (impure 
aluminium oxide, Figure 1.4 on page 222). 

Aluminium oxide is not used by itself as the electrolyte because ic does not 
melt until 2045 °C. The energy needed co produce such a high temperature 
would make the process uneconomic. The aluminium oxide is dissolved in 
molten cryolite (N~AIF6) which melts below 1000°C. Figure 3.2 shows a 
diagram of the electrolytic process. 

molten electrolyte 
(aluminium oxide 

dissolved in cryolite) 

molten 
aluminium 

Figure 3.2 The electrolytic cell for aluminium manufacture. 

carbon lining 
of cell (cathode) 

G 

tapping hole 

insulation 



5.3 Electrolysis of aluminium oxide 

During electrolysis, aluminium ions in the electrolyte are attracted to the 
negative carbon cathode lining the cell. Here they gain electrons to form 
neutral aluminium atoms. 

At the cathod e (- ) AJ3+ + 3e-~ Al 

Molten aluminium collects at the bottom of the cell and is tapped off at 
intervals. It takes about 16 kilowatt-hours of electricity co produce 1 kg of 
aluminium. The cost of this electricity is a major factor. So, extraction planes 
are usually sited near sources of cheap electricity, such as hydroelectric 
power stations. 

Oxide ions (02-) in the electrolyte are attracted to the carbon anodes. Here 
they give up their electrons to form neutral oxygen atoms. 

At the anode(+) 02-~ 0 + 2e-

The oxygen atoms then combine in pairs to form oxygen gas (02). This 
oxygen reacts with the carbon of the anodes at the high temperatures in the 
cell. The product is carbon dioxide. So, the anodes slowly wear away and 
need to be replaced from time to time. 

• Which metal to use? 
The Periodic Table is foll of metals. How do we decide which metal to use 
for a particular job? We make car bodies out of steel, but aircraft out of 
aluminium alloys. In deciding which metal to use we have to consider the 
properties of the metal and compare these against what we want the item we 
make co be able co do (Figure 3.3). 

Figure 3.3 Uses of al urn in ium, iron and steel that depend on their chemical and physical 
properties. 
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Aircraft need co be light (low density) and strong so we make them from 
aluminium alloys, because the alloys are both strong and have low density. 
When flying, aircraft are exposed co water, high cemperatllres, lightning 
strikes and many other conditions which would cause them co corrode. We 
need to make aircraft from a metal that doesn't corrode. 

For car bodies the mass of the metal is Jess important, so cars do not need co 
be made from as low a density metal as aircraft. But cars need to be stronger 
as, unlike aircraft, there is a high risk of collision with other cars. Cars are 
also Jess exposed to extreme conditions t han aircraft, so steel is a sensible 
choice as cars are always painted to make them look attractive, and this 
painting helps prevent corrosion. 

Aluminium is also used to make electrical cables for overhead power lines. 
This is because the metal is a good conductor of electricity and is very light. 
If overhead cables were made from copper, we would need two or three times 
the number of pylons to hold the cables up. 

Now work through the Tutorial Electrolysis. 

STUDY QUESTIONS 

1 Suggest reasons for each of the following. 
a) Aluminium extraction plants are usually sited near 

hydroelectric power stations. 

b) Clay is the most abundant source of aluminium, 

but the metal is never extracted from clay. 
2 It takes about 16 units (kilowatt-hours) o f electricity 

to produce 1 kg of aluminium. 
a) Suppose a Hong Kong aluminium manufacturer 

pays H K $0.88 a unit for electricity. How much 
is the cost of electricity in producing 1 kg of 
aluminium? 

b) What other costs are involved in manufacturing 
aluminium besides the cost of electricity? 

3 Magnesium is manufactured by electrolysis of molten 

magnesium ch loride. 
a) Give the symbols and charges on the ions in the 

electrolyte. 

b) Draw a circuit diagram to show the directions 
in which the ions and electrons move during 
electrolysis. 

c) Write equations for the processes which occur at 

the anode and the cathode. 
d) The anode in this process is made of carbon and 

not steel, which would be cheaper. Why is this? 

4 The use of a metal often depends on its properties. 
For each metal suggest the most likely property to 

explain the use given. 
a) steel, for girders to construct buildings 

b) aluminium, to make cooking pans 
c) aluminium, to make factory roofs 
d) steel, for tools such as hammer heads. 



5.4 Crude oil 

©o~ Crude oil 

Figure 4.2 Crude oil has formed over 
millions of years from the effects of 
temperature, pressure and bacteria 
on dead sea creatures. Th is fossil of a 
prehistoric fish was left when the rest of it 
became crude oil. 

thermometer (0-350°C) 

ceramicwool Jf::*H-1<1 
soak9d in 
artificial cru.de 

tt oil 
heat g911tly at first, 
then more &trongly distillate 

Figure 4.3 The small-scale fractional 
distillation of artificial crude oil may have 
been demonstrated to you. 

Figure 4.1 An oil field in the Middle East. 

Crude oil is a major source of fuels and industrial chemicals throughout 
the world. It is a sticky, smelly, dark-brown liquid. Crude oil is a mixture 
containing hundreds of different compounds. These vary from simple 
hydrocarbons like methane (Chapter 3 .. 1) to complicated substances 
with long chains and rings of carbon atoms. Nearly all the substances 
in crude oil contain carbon. These carbon compounds are often called 
organic compounds. Coal, natural gas, wood and all living things also 
contain organic compounds. Crude oil is a non-renewable resource. 

• Separating crude oil into fractions 
The carbon compounds in crude oil have different boiling points. This 
means that crude oil can be separated by boiling off portions over different 
temperature ranges. 

These portions are called fractions and d1e process of boiling off 
fractions is called fractional distillation. 

Mose of the fractions from crude oil are used as fuel. 

Crude oil is far too toxic co distil in an open laboratory. Instead, the process 
is often demonstrated using an artificial crude oil. 

Figur e 4.3 shows the small-scale fractional distillation of artificial crude oil. 
The ceramic wool, soaked in artificial crude oil, is heated very gendy at first 
and then more strongly so that the distillate slowly drips into the collecting 
tube. Pour fractions are collected, with the boiling ranges and properties 
shown in Table 1. 

Table 1 also shows the industrial names of the fractions. Notice how the 
properties of the fractions- colour , viscosity (runniness) and flammability­
gradually change as the boiling range gets higher. 

The fractions from crude oil contain mixtures of similar substances. Each 
fraction contains compounds with roughly the same number of carbon atoms. 
As the number of carbon atoms increases, the molecules get larger and they 
have higher boiling ranges. 
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This simple distillation in the 

laboratory gives poor quality 
fractions. The industrial process 

gives consistently high quality 
fractions for a wide range of uses. 

•VU•OI 
• Make sure you know how the 

viscosity and ease of burning are 
related to the boiling range of the 

fraction. 

Table 1 The properties of fractions obtained by the small-scale fractional distillation of crude oil 

Boiling I Name of viscosity 
range ( •c) fraction Colour (runniness) How does it burn? (flammability) 

20- 70 gasoline pale runny easily with a clean yellow flame 
(petrol) yellow 

120-1 70 kerosene dark fairly viscous harder to burn, quite smoky flame 
(paraffin) yellow 

170- 270 diesel brown viscous hard to burn, very smoky flame 

From Table 1 we can see chat as the boiling range gees higher, and the 
molecules gee larger, the fractions are: 

• less volatile 
• darker in colour 
• more viscous (less runny) 
• less flammable and less easy ro ignite. 

The difficulty in igniting the higher fractions with larger molecules limits 
their use as fuels. 

• Separating crude oil for industry 
Figure 4.4 shows the products and their boiling ranges at different heights 
in .an industrial fractionating tower. Inside the cower there are horizontal 
trays at different levels. 

Boiling range 

refinery gases 

Uses Number of C atoms 
in the molecule 

------ -. -1so 1020°c fuel for gas ovens, 
LPG,GAZ, 
chemicals 

1 to 4 

gasoline (petrol) _. 20°1010°c 

crude kerosene (paraffin) 
oil _. 

120 to 110°c 

diesel _. 110 to 23o• c 

fuel oil and _. 
230 to 35o•c 

lubricating oil 

bitumen (tar) 
------ ..... 

Figure 4.4 The fractions from crude oil and their uses. 

petrol for vehicles, 
chemicals 

kerosene for heating, jet 
(aircraft) engines, chemicals 

fuel for diesel 
engines 

fuel for ships, factories, 
central heating, 

lubricants and waxes 

roofing, waterproofing, 
asphalt on roads 

4 to 12 

6 to 16 

15 to 19 

2010 40 

50 and higher 



STUDY QUESTIONS 

1 a) Why is crude oil important? 

5.4 Crude oil 

The crude oil is heated in a furnace and the vapours pass into the lower 
part of the tower. As the vapours rise up the rower, the temperature falls. 
Different vapours condense at different heights in the cower, collect on the 
horizontal trays and are then capped off. 

Liquids like gasoline, which boil at low temperatures, condense high up in 
the rower. Liquids like fuel oil, which boil at higher temperatures, condense 
low down in the rower. 

The fractions from crude oil contain mixtures of similar substances with 
roughly the same number of carbon atoms. Figure 4.4 also shows the 
number of carbon atoms in the co:nstituents and the uses of each fraction. 
The uses of the various fractions depend on their properties. 

Uses of some fractions 
• Gasoline vaporises easily and is very flammable, so it is ideal for use in car 

en gines. 
• Fuel oil and lubricating oil are very viscous and do not ignite easily. They 

are used in lubricants and as fuel in central heating systems. 
• Bitumen (tar) is solid, bur easy to melt. It is used for waterproofing and 

m:ixed with scone chippings for road surfacing. 

Now watch the Animation Crude oil. 

b) Why sho uld we try to con serve our reserves of 
crude oil? 

3 a) What does the word 'organic' mean in everyday 

use? 
b) Why do you think the study of carbon compounds 

is called 'organicchemisby'? c) How is c rude oil separated into various fractions 

at a refinery? 
2 a) List the main fractions obtained from crude oil. 

b) Give the· main uses of each fraction. 

c) To a chemist, organic compounds are simple 

molecular compounds. What physical properties 

would you expect them to have? 
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~o~ How pure is our air? 
People have worried about the purity of their air ever since our 
ancestors could make fires. Smoke from fires made their eyes water 
and the smells were unbearable. So, air pollution isn't new, but the 
concerns about air purity have increased. This is because there are 
now many more people on Earth, and more people means more 
homes, more industries, more vehicles and therefore more air pollution. 

Figure 5.1 In rush hour in Japan, air pollution is a serious problem. Some people wear 
face masks to help prevent breathing in pollution that could trigger an asthma attack. 

• What substances cause air pollution? 
Air pollution is caused by the release of poisonous and harmful gases and 
particles into the air. These harm living things. Most air pollmion is caused 
by burning fossil fuels in our homes, in our vehicles and in power stations 
(Figure 5.2). TI1e substances responsible for most air pollution are shown in 
Table 1. The table also shows their harmful effects and the possible methods 
of control. Most of these control methods have been adopted in the last 
decade, leading to a significant improvement in air quality. 

Table 1 Substances causing most air pollution 

Air pollutant Source Effects Methods of control 

soot and smoke burning fuels • deposiis of soot on buildings, etc. • use of smokeless fuels 

• smoke harms our lungs • improve supply of air to bu ming fuels 

carbon monoxide burning fuels • poisonous to humans and animals - • make vehicle engines which burn fuel 
- especially in prevenis haemoglobin in the blood from more efficiently 
vehicles carrying oxygen • fit catalytic converters 

sulfu r dioxide burning coal and oil' sulfu r dioxide and nitrogen oxides react • bum less coal and oil 
which contain small with rainwater to form su lfurous acid, • remove sulfu r dioxide from waste gases 
amounts of su lfur nitrous acid and nitric acid - 'acid rain', 

nitrogen oxides vehicle exhaust whrich 
• adjust engines so that nitrogen oxides 

gases . • hanms plants dent fonm 
• gels into rivers and lakes, hanm ing fish • fit catalytic converters 

and other aquatic species 
• reacts with limestone and marble 

chlorofluorocarbons refrigerators, CFCs destroy the protective ozone layer reduce the use of CFCs by using other 
(CFCs) aerosol sprays resulting in damage from UV radiation substances 



Figure 5.2 Motor vehicles and power 
stations are the source of most air 
pollution. 

5.5 How pure is our air? 

Carbon dioxide, carbon monoxide and soot 
When a fossil fuel such as methane (CH4) in natural gas bums in plenty of 
air (m.'Ygen) it produces two gases, water vapour and carbon dioxide. 

methane + oxygen ~ water vapour + carbon dioxide 
CH4(g) + 202(g) ~ 2H20(g) + COz(g) 

If there is not enough oxygen or air present then poisonous carbon monoxide 
is made. Every year people are killed by sitting or sleeping in rooms heated by 
natural gas where there is not enough oxygen, and carbon monoxide is made 
instead of carbon dioxide. 

methane + oxygen -* water vapour + carbon monoxide 
CH4(g) + 1 V20i(g) ~ 2H20(g) + CO(g) 

When very little oxygen is available then burning the hydrocarbon produces 
water vapour and pure carbon, or soot. 

methane + oxygen ~ water vapour + carbon (soot) 
CH4(g) + 0 2(g) ~ 2H20(g) + C(s) 

Soot is relatively harmless, just being solid black particles of carbon. Carbon 
monoxide is more dangerous as it is absorbed by the haemoglobin in your 
blood in preference to oxygen. \Vhen this happens your cells cannot get the 
oxygen you need co live, which results in death. 

Nitrogen oxides and car engines 
Car engines need large volumes of air to bum their gasoline or diesel fuels. 
When the fuel bums inside the engine a very high temperature is reached, 
and some nitrogen molecules in the air react with the Oll.'Ygen in the air co 
make nitrogen oxides. These oxides are a cause of acid rain. 

• Acid rain 
Some fuels, such as coal and coke, contain small amounts of sulfur. When 
these fuels bum, sulfur dioxide is produced. This is a colourless, toxic and 
choking gas which irritates our eyes and lungs. The sulfur dioxide reacts 
with rainwater to form sulfurous acid. Th.is is further oxidised co sulfuric 
acid and this, together with sulfurous acid, causes acid rain. 

sulfur dioxide + water~ sulfurous acid 

Nitrogen oxides from vehicle exhaust gases also contribute co acid rain. 
These nitrogen oxides react with rainwater to form nitrous and nitric acids 
which also cause acid rain (Figure 5.3 on page 234). 



Section 5 Chemistry in industry 

Acid rain harms all living things. It has been blamed for the poor growth of 
trees in Scandinavia and the death of fish in rivers and lakes. It is thought 
that the sulfur dioxide produced in the industrial areas of Scotland and 
Northern England can be carried by prevailing winds across the North Sea to 

Scandinavia. Acid rain also attacks metals and the stonework of buildings. 

sulfur dioxide + nitrogen oxides 

Figure 5.3 The formation of acid rain. 

STUDY QUESTIONS 

1 a) What a re the main substances that cause air 

pollution? 

b) How dlo they get into the air? 

c ) Suggest three ways in which air pollu tion causes 
harm o r damage. 

2 a ) What is acid rain and how is it caused? 

b) How d!oes acid rain affect: 

i) lakes 

ii) forests? 

-=-=-

chemical reactions with 
water and oxygen in clouds 

form acfds 

acjd rain 

3 a) What further steps could be taken to reduce air 

pollution in heavily industrialised areas? 

b) What problems are there with stricter controls 

over a ir pollution? 



5.6 Cracking - more gasoline from crude oil 

®o© Cracking more 
gasoline from crude oil 

Table 1 Relative amounts of the different 
fractions in crude oi I and the everyday 
demand for each fraction 

Percentage in 

Everyday 
Fraction Crude oil demand 
refinery gases 2 4 

gasoline 6 22 
naphtha 10 5 

kerosene 13 8 
diesel 19 23 
fuel oil and 50 38 
bitumen 

During the 1930s, the demand for gasoline increased much faster than 
the demand for heavier fractions containing long-chain hydrocarbons 
which make up two-thirds of crude oil (Table 1 ). This meant that 
refineries were left with large unwanted amounts of the heavier 
fractions. Fortunately, chemists found ways of converting the heavier 
long-chain hydrocarbons into shorter-chain hydrocarbons, such as 
those in gasoline and other useful products. 

Figure 6.1 Oil refineries work 24/7 1o give us all the gasoline and diesel we need. 

• Cracking heavier fractions into useful 
lighter fractions 

The main method of converting the heavier long-chain hydrocarbons from 
cmde oil into gasoline, with shorter-chain alkanes, is catalytic cracking. 

Catalytic cracking involves the thermal decomposition oflong-chain 
hydrocarbon molecules into short-chain hydrocarbons using a catalyst at 
high temperature. 
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C,J-l.2 

What are the products of cracking? 

H H HHHHHHHH 
I I I I I I I I I I 

H- C - C- C- C - C- C- C- C- C- C- H 
I I I I I I I I I I 
HHHHH H HHHH 

Figure 6.2 The displayed formula of decane. 

+ C2H4 

HH H HHH H H H H H H H H H H H H H H 
I I I I I I I I I I 

H- c - c - c - c - c - c - c - c - c - c -H ___... 
I I I I I I I I 

H- c - c - c - c - c - c - c - c -H 
\ / 

+ C = C 
I I I I I I I I I I 
H HH HH HH H H H 

I I I I I I I I 
H H H H H H H H 

/ '\ 
H H 

decane octane ethene 

Figure 6.3 When decane undergoes catalytic cracking, it forms an alkane, like octane, and an alkene, like ethene. 

H H H 
I I I 

C = C- C - C-H 
I I I 
H H H 

but-1 -ene 

H H H H 
I I I I 

H- C - C = C- C-H 
I I 
H H 

but-2-ene 

Figure 6.4 Displayed formulae of 
but-1-ene and but-2-ene. In but-1 -ene 
the double bond comes between carbon 
atoms 1 and 2 iin the chain. In but-2-ene it 
comes between carbons 2 and 3. 

Look at the long molecule of decane (C10H22) in Figure 6.2. Decane has a 
chain of 10 carbon atoms with 22 hydrogen atoms. Now, suppose decane is 
cracked (split) between two carbon atoms. This cannot produce two smaller 
alkane molecules because there are not enough hydrogen atoms to go round. 
But suppose one produce of cracking decane is the alkane, occane (C8H18). 
IfC8H 18 is split off from C10H22, the molecular formula of the remainder 
is C2H. (Figure 6.3). This is ethen e (Chapter 3.2). Notice in Figure 6.3 that 
ethene has a double bond between the two carbon atoms. This double bond 
allows all the carbon atoms in the molecule to have four bonds. 

Hydrocarbons such as ethene, which contain acarbon-cacbon double bond 
(C C) are known as alken es. 

• Alkanes and alkenes 
Naming alkenes 
The name of an alkene comes from the name of the alkane with. the same 
number of carbon atoms (see Table 1 Chapter 3.1), using the ending-ene rather 
than -ane. So, C2H, is ethene and ~H6 is propene. There ace two possible 
alkenes that could be called butene in which the carbon~-:trbon bond is in a 
different position. The displayed formulae of these isomers (Chapter 3.1) and 
their names, but-1-ene and but-2-ene, are shown in Figure 6.4. 

Saturated and unsaturated compounds 
Alkanes all have four single covalent bonds to all their carbon atoms. 
Organic compounds like these, in which all the bonds to carbon atoms are 
single covalent bonds, are described as saturated compounds. 

Alkenes, which have double bonds between some carbon atoms, are 
described as unsaturated compoun d s because they have Jess than the 
maximum number of hydrogen atoms in their molecules. 



STUDY QUESTIONS 

1 Explain the words: 
cracking; allkene; unsaturated. 

2 a) Why is cracking important? 

5.6 Cracking - more gasoline from crude oil 

• How are molecules cracked? 
Unlike disrmacion, cracking is a chemical process. It involves breaking 
a strong covalent bond between two carbon atoms. This require:s high 
temperatures in the range of 600-700°C and a catalyst of finely powdered 
aluminium oxide (alumina) or silicon(IV) oxide (silica). The catalyse does not 
react with the crude oil fractions but it does provide a very hot surface chat 
speeds up cracking. At high temperatures, the longer alkane molecules have 
more energy and they break apart, forming two or more smaller molecules. 

Cracking is important because it is used to produce more gasoline (petrol) 
and important alkenes such as eth.ene. Larger alkanes in crude oil are 
cracked to produce alkanes with about eight c.·ubon atoms like octane. 
These are the main constituents in gasoline. The gasoline obtained in this 
way is better quality than that obtained by the straightforward distillation 
of crude oil. Cracked gasoline is therefore blended with other petrols to 

improve their quality. 

Figure 6.5 The catalytic cracking plant a t an oil refinery. 

Now work through the Tutorial Fractional distillation of oil. 

3 a) What is the name of the alkene of formula 
CaHs? 

b) Draw the displayed formula of C3H,5• 
b) What conditions are used for cracking? c) Why is there no alkene called methene·? 
c ) Write an ,equation for the cracking of octane (C8 H,s) 

in which one of the products is pentane (C5H12). 

d) Draw the displayed formulae of the products in 
part c). 

e) Cracking can produce hydrogen. Write a n equation 
for the cracking of butane (C4H10) in which one of 
the products is hydrogen. 

4 a) Why are there no isomers of butene (C,Ha) called 
but-3-e ne and but-4-ene? 

b) There is a third isomer of butene similar to 
propene, but with the addition of a CH9 side 
group. Draw a displayed formula of this isomer. 

5 What changes do you think there will be in our lives 
when crude oil begins to run out? 
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®oU Addition polymers 
from alkenes 

Figure 7.1 Clingfilm is made from PVC 
(polyvinylchloride). 

H H 
\ I 

Ethene is a very valuable substance for the chemical industry. Ethene, 
propene and other alkenes are used to make important polymers 
because they are so reactive. These important polymers include 
polythene, polypropene, polyvinylchloride (PVC), polystyrene and 
perspex. 

• Poly(ethene) 
Ethene and other alkenes contain reactive cacbon-to-carbon double bonds 
(C =C). 

If the conditions are right, molecules of ethene will undergo addition 
reactions with each otherto form poly(ethene) (sometimes shortened to 
polythene). Double bonds break, leaving single bonds as the molecules join 
together (Figure 7.2). 

'Poly' means 'many'. So, poly(ethene) means 'mai1y ethenes' joined together. 

H H H H H H H H H H 
\ I \ I 

+ C=C + C=C + C=C + 
I I I I I I 

- ····· C-c-c - c - c - c .. 
I \. I \. / \. I I I I I I 

H H H H H H H H H H H H 

ethane molecules part of the poly(ethene) molecule 

Figure 7.2 Molecules of ethene can undergo addition reactions with each other. 

Making poly(ethene) 
Poly(ethene) is manufactured by heating ethene at high pressure with special 
substances called initiators. Initiators stact (initiate) the reaction by helping 
the double bonds in some ethene molecules to 'open up'. Cacbon atoms in 
separate ethene molecules can then join together to form poly(ethene). 

When ethene fonns poly(ethene), very Jong chains are produoed containing 
between 1000 and 5000 carbon atoms. The equation for this is usually 
summacised as: 

(
\ /H) high temp., high pressure 

n C = C 
/ '\ + 'initiator' 

H H 
(-~-~-) 

H H n 

In the structure of polythene, n is between SOO and 2500. 

Addition polymerisation 
Processes like this ace called addition polymerisations. 

During addition polymerisation, small molecules, like ethene, add to each 
other to fonn a giant molecule. 



Poly(ettiene) Is 

• tough 

• light 

e flexible 

• easily moulded 

• transparent 

e easily colour0e1. 

• a good insulator 

• rv$~1an1 to wat 
er, acids and alkalis 

Figure 7.3 The properties of poly(ethene). 

5.7 Addition polymers from alkenes 

The giant molecule is called a p olym er . 

The small molecules, like ethene, which add co each other are called 
m on om ers . 

Figure 7.3 lists the properties of poly(ethene). These have Jed to many 
different uses. Poly(ethene) is the most important plastic at present. It is 
used as thin sheets in plastic bags and boxes. It is moulded into beakers, 
buckets and plastic bottles. It is used to insulate underwater cables. 

• Other addition polymers 
The 1two most useful and most commonly used polymers after poly(ethene) 
are p oly(propene) and poly(chloroethene), better known as PVC. These 
are also manufactured by addition polymerisation. The structure and uses of 
these two polymers are shown in Table 1. 

Table 1 The structure and uses of poly(propene) and poly(chloroethene), PVC 

Poly(chloroethene) 
Poly(propene) (or polyvinylchoride, PVC) 

CH3 H Cl H 

" / 
Name and " / C=C 
displayed C = C 

/ " / " formula of H H H H 
monomer 

chloroelhene propane (vinyl chloride) 

Section of CH• H CH, H Cl H Cl H 
polymer I I I I I I I I 
structure - c - c - c - c - - c - c - c - c -
showing two I I I I I I I I 
repeat units H H H H H H H H 

tough, easily moulded and tough, rig id, water resistant - used in 
Major uses easily coloured - used for rain wear, insulation on electric cables, 

crates and ropes guttering, drain pipes and clingfilm 

• Making things from polymers 
Polythene, polypropene and PVC are soft, flexible and slightly elastic. They 
are often called plastics. Once a plastic has been produced, it is then turned 
into :a useful article. 

This is usually done by: 

• m oulding the warm, soft plastic under pressure, or 
• extruding (pushing out) the warm, soft plastic inro different shapes by 

forcing it through nozzles or between rollers. 



Section 5 Chemistry in industry 

Figure 7.5 A biodegradable plastic bag. 

STUDY QUESTIONS 

1 Explain the following: 

Figure 7.4 Polythene tubing emerging from an extrusion machine. The plastic is extruded 
from the container in which it is formed by hot pressurised air. 

Most plastics consist of molecules with very long, thin chains. Sometimes, 
however, the long polymer molecules can form bonds with each other 
at points along the chain. This produces cross-linked three-dimensional 
struct ures which are harder and more rigid. Melamine, resins and superglues 
(epOll.'Yglues) are examples of these cross-linked plastics. 

Addition polymers are hard to dispose of 
The main raw material for all plastics is crude oil. Although these products 
have provided us with many new materials, they have one big disadvantage. 
They are non -bio degradable. This means that, wilike wood and paper, 
they are not decomposed by micro-organisms (bacteria). So plastic rubbish 
lies around for years, littering the environment. In the lase few years, 
biodegradable plastics have been developed and used for bags, wrappings, 
bottles and other containers (Figure 7.5). 

polymer, addition polymerisation, non-biodegradable. 
2 a) How is ethene manufactured? 

5 Look at the displayed formulae of the monomers in 
Table 1. 
a) Which part of their displayed formulae do they 

have in common? b) Wny is ethene important in industry? 
3 a) Give one use of plastic rubbish. 

b) Give one disadvantage of plastic rubbish. 

4 An addition polymer has a repeat unit wi1th this 

structure: 

H H 
I I 

- c- c-
1 I 

OH H 

Draw the displayed structure of its monomer. 

b) Wnat happens w hen these monomers polymerise 

to form polymers? 
c) Polystyrene is made from the following monomer. 

C6Hs H 
'\ / 

C = C 
/ '\ 

H H 

Draw a section of polystyrene showing six carbon 
atoms in the chain. 



5.8 Condensation polymers 

~offi Condensation polymers 

Figure 8.1 The nylon rope is made from a 
polymer that is very strong. 

._____.,j_ -H + H -O - 0 
molecule of water 

taken out from between 
two larger molecules ... 

l 
._____.J_- C> + H - O -H 

... joining them together 

Figure 8.2 A condensation reaction in 
block diagram format. 

Most common plastics are addition polymers formed by addition 
reactions. However, monomers can also be joined together by 
condensation reactions, and polymers produced in this way are 
called condensation polymers. lhe best known examples of 
synthetic condensation polymers are polyester and nylon. 

• Condensation reactions 
In a condensation reaction, two larger molecules join together with the 
release of a small molecule from between t hem (Figure 8.2). The small 
molecule is usually water (hence the name of the reaction) or hydrogen 
chloride. 

Ifche two molecules that join together have reactive groups at both ends 
of the molecule, then a polymer can be formed with two or more different 
mono mers. This is shown in Figure 8.3. 

H- 0 - H + H-o-e>- o -H + H-0 -H + H- o- e>- o- H 

l 
H-D - 0 - D - 0 -0-H 

+ H2o + H2o + H2o 
Figure 8.3 Condensation polymerisation between two different monomers with reactive 
groups at both ends of the molecules . 

In the past, clothes were made from natural fibres such as cotton , wool and 
silk. Today, most clothes and many other fabrics are made from synthetic 
fibres sud1 as polyesters, nylon and similar compounds, often mixed with 
natural fibres. 

• Nylon 
The first synthetic nylon was produced by reacting a carbm.'Ylic acid 
containing two carboxylic acid groups, -COOH, with a diamine. Diamines 
are organic compounds containing two amine groups, - NH2• 

Carboxylic acid groups (- COOH) and amine groups (-NH2) are examples 
of fo.nctional groups. The - OH of an alcohol is also a functional group, 
known as a hydroxyl group. 
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The commonest form of nylon is called nylon-6,6, because it is 
manufactured by condensation polymerisation of a six~arbon dicarbm.'Ylic 
acid with a six-carbon diamine (Figure 8.4). 

0 0 
~ // 

C- CH2 CH2 CH2 CH2 - C 

H 
\. 

N - CH2 CH2 CH2 CH2 CH2 CH2 N 

H 
/ 

/ \. / \. 
HO OH H H 

hexanedioic acid diaminohexane 

This can be simplified as This can be simplified as 

0 0 

~ D // C - - C 
/ \. 

H H 
\. / 
N=()- N 

/ \. 
HO OH H H 

Figure 8.4 The monomers used to nnake nylon-6,6. 

Using the simplified block diagram format for the monomers., the 
manufacture of nylon can be summarised as shown in Figure 8.5. 

0 0 

~ D // C - - C 
/ '\ 

HO OH 

+ 

H H 
'\ () / 
N - - N 

/ '\ 
H H 

0 0 

~ D // + C - - C 
/ '\ 

HO OH 

+ 

H H 
'\ / 

:-()-N'\ 
H H 

l 
O O H H O O H H 

) -D-~-~-() -~-g-D_g _~-()-{ 
HO + H20 +~O + H20 H 

Figure 8.5 Equation summarising the manufacture of nylon. 

Figure 8.6 Nylon is so hard-wearing that it is used to make the wheels on roller blades. 



5.8 Condensation polymers 

Uses of nylon 
Fabric made of nylon fibres is particularly hard-wearing, easy co wash and it 
does not shrink on washing. Because of this, nylon is used in tights, nmning 
vests and shores, dance-wear and other clothing. Its hard-wearing structure 
also results in many other uses including ropes and machine bearings. 

Figure 8.7 Bullet-proof vests are made of a tough condensation polymer similar to 
nylon. 

STUDY QUESTIONS 

1 The substance be low can form a polymer. 

0 
II 

HO - C - CH2 CH2 CH2 CH2 - NH2 

a) What functional groups does it contain? 
b) What type of polymerisation occurs? 
c ) What sma ll molecules are produced during 

polymerisation? 

d) Draw a :sho rt length of the polymer cha in showing 
two repeat units. 

2 State two d iffe rences between addition polymeri sation 
and condensation polyme risation. 

3 What prope rties make nylon ideal for the ropes used 
by rock climbers? 

4 In a condensation reaction the re is a lot of heat 
energy produced. Suggest why these reactions 
tha t produce small molecules like wate r a.re call ed 
'cond ensaiion reactions'. 
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®o® Manufacturing 
ammonia - the Haber 

Figure 9.2 Fritz Haber (1868-1 934). In 
1 904, Haber began studying the reaction 
between nitrogen and hydrogen. By 
1 908, he had found the most economic 
conditions to make ammonia (N Ha). The 
ammonia could then be used to make 
ammonium salts and nitrates for fertilisers. 

process 
Over the last 200 years the world's population has increased from 
one billion to seven billion people. More and more crops are needed 
to feed more and more people. This has led farmers to use nitrogen 
compounds as fertilisers. 

Initially, the main source of nitrogen compounds for fertilisers 
was sodium nitrate from Chile, but this was also being used to 
manufacture explosives such as nitroglycerine and trinitrotoluene 
(TNT). By 1900, supplies of sodium nitrate in Chile were running out 
Another supply of nitrogen had to be found or many people would 
starve. The obvious source of nitrogen was the air. But how could 
thi.s unreactive gas be converted into ammonia (NHa> and then to 
ammonium salts and nitrates for use as fertilisers? 

Figure 9.1 Without modern fertilisers it would be impossible to feed the world's 
population. 

• Making nitrogen compounds from the air 
Several chemists began to research the problem at the beginning of the 20th 
century. The German chemist , Fritz Haber, was clearly the most successful. 
Haber began studying the reaction between nitrogen and hydrogen in 1904. 
By 1908, he had found the most economic conditions co mak,e ammonia 
from nitrogen and hydrogen on a large scale. By 1913, the Haber process 
had become the most important method of manufacturing ammonia. 



RAW 
MATERIALS 

air # 

natural gas 
(methane) # + 

water 
(steam) 

5.9 Manufacturing ammonia - the Haber process 

Figure 9.3 The original apparatus used by Fritz Haber to make ammonia 

The modern Haber process 
Figure 9.4 shows a flow diagram for the modern Haber process. The actua.l 
process is more complicated than t his and involves several stages in the 
production of the key reactants - nitrogen and hydrogen. 

REACTANTS 

l_ nitrogen j 

B 

HABER 
PROCESS 

iron 
catalyst 

unreacted 75% 
recycled 

PRODUCT 

Figure 9.4 A flow scheme for the Haber process. 

Notice that the raw materials for the process are: 

• air, which supplies the nitrogen, plus 
• natural gas (methane) and water to provide hydrogen. 

In some countries, hydrocarbons in the heavier fractions from c.rude oil are 
used in place of natural gas. 
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The key to the Haber process involves the reaction of nitrogen with 
hydrogen to produce ammonia. This is a reversible reaction that produces 
a dynamic equilibrium (see Chapter 4.13). The reaction is carried out under 
extreme conditions: 

• a pressure of200 atmospheres 
• a temperature of 450 °C 
• with a catalyse of iron. 

The reaction can be summarised as: 
200 atm, 450 •c 

N2(g) + 3Hi(g) 2NH3(g) 
+ iron catalyst 

Under these conditions, about 15% of the nitrogen and hydrogen are 
converted co ammonia. The hot gases from the converter are then cooled 
to about-SO °C, which liquefies the ammonia (b. pt. - 33 °C).At this 
temperature the unreacted nitrogen (b. pt. - 196 °C) and hydrogen 
(b. pt. - 253 °C) remain gaseous and are recycled. 

• Getting the most for your money 
Industrial chemists want to produce materials as fast and as d1.eaply as 
po.ssible. They want to produce as much product as possible for the money 
they spend. In order to do this, they choose raw materials and conditions 
which: 

1 use the cheapest materials (reactants) and equipment 
2 keep the reaction rate as fast as possible 
3 give the highest yield of product. 

The importance of these three points is well illustrated by the Haber process. 

Cost of materials 
The raw materials for the Haber process (Figure 9.4) are chosen so that 
ammonia is produced as economically as possible. 

• Air, which provides nitrogen, is plentiful and costs nothing. 
• Natural gas, which provides hydrogen, is plentiful and relatively cheap. 
• Water costs very little. 
• Iron, the cheapest metal, is used as the catalyse. 

Electricity is also needed and this is the most costly item. Electricity 
maintains the high temperatures for the Haber process itself and for the 
production of hydrogen from natural gas. Electricity is also needed for the 
operation of pumping equipment. 

Fast reaction rate 
These conditions ensure a high reaction rate in the Haber process: the high 
temperature and the iron catalyst. 

Catalysts are essential for many industrial processes. By using a suitable 
catalyst, it is possible co carry our difficult reactions like the Haber process. 
Other processes can be carried out at lower temperatures and lower 
pressures when a catalyst is used. This makes them more economical. 



•t!M•llt 
• You should be aware of how the 

different conditions compete, and 

how the chosen conditions are a 
compromise between yield and 
speed of reaction. 

5.9 Manufacturing ammonia - the Haber process 

Another way co ensure the most efficient conversion of the reactants to produces 
is to remove the products as fast as they form. This prevents the reverse reaction. 

In th.e Haber process, this is done by condensing and removing the 
ammonia. The unreacced nitrogen and hydrogen can then be recycled. 

High yield 
Look carefully at Figure 9.5. This shows the percentages of ammonia 
produced at equilibrium when nitrogen and hydrogen react under different 
conditions of temperature and pressure. 
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Figure 9.5 The percentage (yield) of ann mon ia at equilibrium under different 
temperatures and pressures. 

The graphs in Figure 9.5 show chat the yield (percentage) of ammonia 
increases when: 

• The pressure is increased . 
At 450 °C, the percentage yield of ammonia is 20% at 100 arm, 33% at 
200 atm and 41 % at 300 acm. 

• The temperature is d ecreased. 
At 200atm, the percentage yield of ammonia is 16% at 550°C , 33% at 
450 °C and 53% at 350 °C. 

These two conclusions suggest that the highest yield in the manufacture of 
ammonia would be at (i) high pressure and (ii) low temperature. 

The actual yields obtained in the Haber process are lower than those shown 
in Figure 9.5 because there is not enough time for equilibrium to be reached 
in the reactor. 

Why the industrial reaction uses a relatively low yield 
These conditions only relate to obtaining the highest possible yield. There 
are two other important points to consider - the costs and the reaction race. 

• High pressures require special pumps and very costly equipment to 
withstand the high pressures. 

• Low temperatures may produce a high yield of ammonia at eq uilibrium, 
but if the temperature is too low, the reaction rate becomes very slow. 
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Chemical engineers have to weigh up different factors in choosing the best 
conditions tor che Haber process. 

Very high pressures would give a high yield, but the cost of equipment would 
be excessive. Low temperatures would give a high yield, but a very slow 
reaction rate. 

In practice, they have chosen a compromise: 

• a pressure of200 arm 
• a temperature of 4S0°C. 

• How changing conditions affects equilibria 
The reaction between nitrogen and hydrogen in the Haber process can be 
summarised as: 

Ni(g) + 3H2(g) = 2NH3(g) Mi= -92 kJ/ mol 

The reaction shown by the equaition produces a dynamic equilibrium. The 
forward reaction is exothermic - heat energy is released when ammonia is 
made from nitrogen and hydrogen (and so Mi is negative). The reverse or 
backward reaction is endothermic - heat energy is taken in when ammonia 
is being converted to nitrogen and hydrogen. Changing the conditions of 
the reaction will alter the proportions of ammonia, nitrogen and hydrogen 
at equilibrium. 

Predicting the effects of changing pressure 
on equilibria 
Look at Figure 9.5. As the pressure increases, che yield of ammonia at 
equilibrium also increases. So, if the system is in equilibrium at SO arm 
pressure and the pressure is suddenly raised to 100 arm, the system will 
respond by forming more ammonia. By doing this, the system has attempted 
to reduce the pressure, turning four molecules of reactant into two 
molecules of product. 

In general, experiments with gaseous equilibria show that when the pressure 
is increased, systems move (if they can) in adireccion whid1 produces fewer 
molecules. 

Figure 9.5 shows chat when the pressure is reduced, the yield of ammonia 
at equilibrium decreases. In this case, the system responds by forming more 
nitrogen and hydrogen, increasing the number of molecules. 

From these observations, we can say that if the pressure of a gaseous system 
in equilibrium is suddenly changed, the system will respond by trying to 
restore the original pressure. 

Predicting the effects of changing temperature 
on equilibria 
A similar situation arises when the temperature is changed. 

The reaction forming ammonia is exothermic. 

Mi= -92 kJ/ mol 



5.9 Manufacturing ammonia - the Haber process 

Now look at Figure 9.5 again. You will see that, if the pressure stays 
constant, when the temperature increases, the yield of ammonia decreases. 

So when the temperature increases, the system above moves co the left, in 
the endothermic direction. 

Similarly, when the temperature olfthe NJ H2/NH3 system is red uced, more 
ammonia is produced. The system responds by moving in the exothermic 
direction. 

Le Chatelier's principle 
In 1888, the French chemist, Henri le Chatelier (1850-1936), deduced 
a general rule to summarise the effects of changes in pressure and 
temperature on a system in equilibrium. This general rule is now known as 
Le Cihatelier 's principle. This says: 

If a system in equilibrium is subjected co a change, d1e system responds 
by trying co counteract me change and restore me original situation. 

STUDY QUESTIONS 

1 What are the main factors that affect the rate of a 

chemical reaction? 
2 a) Name three industrial processes that use a 

catalyst. Say what the catalyst is in each case. 
b) Why are catalysts important in industry? 

3 At the beginning of the 20th century, Haber 
synthesised ammonia from nitrogen and hydrogen. 
Why was this so important? 

4 What conditions in the Haber process increase the 

rate of reaction between nitrogen and hydrogen? 
5 The key reaction in the manufacture of su If uric acid 

involves the contact process: 

2S0lg) + Oig) ~ 2S0a(g) t:J-1 = -1 97 kJ / mol 

a) Will high pressure or low pressure give the 

highest y ield of S03? 

b) Will high temperature or low temperature give the 

highest yield of S03? 
6 Hydrogen is produced for the Haber process by 

reacting natural gas (methane) with steam. 

CH4(g) + HP(g) ~ CO(g) + 3Hig) 
~H=+2 10 kJ/mol 

The reaction is carried out at about 750°C and a 

pressure of 30 atm using a nickel catalyst. 
a) What conditions (high or low) of temperature and 

pressure favour the highest yield of hydrogen in 
this reaction? 

b) Explain the choice of temperature and pressure 
for the industrial process. 
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®o U ® From ammonia 
to f e rt i I is e rs 

Table 1 The main uses of ammonia 

Use Approx. % 
fertilisers 85 

nitric acid 5 

nylon 5 

other uses 5 

Babies need protein to grow, and proteins contain amine (-NH2) 

groups. Adults convert waste amine groups into a compound called 
urea which is removed from our bodies in urine. Babies cannot carry 
out this chemical reaction so instead the waste amine is reacted 
with water to make very dilute ammonium hydroxide solution. The 
ammonium hydroxide solution passes out in their urine. Like all 
hydroxides, ammonium hydroxide is an alkali and can irritate the skin. 
Leaving your baby with a wet nappy for too long allows the ammonium 
hydroxide in the baby's urine to irritate the skin, causing nappy rash. 

Figure 10.1 Babies' nappies smell of ammonia, why? 

• Uses of ammonia 
Ammonia is an important chemical in industry and agriculture. About 
150 million tonnes of ammonia are manufactured throughout the world 
each year. Most of this is used to make fertilisers (Table 1). Ammonia ranks 
second to sulfuric acid in terms of the tonnage of chemical produced each 
year. 

Ammonia is a pungent, poisono us (toxic) gas. Its properties are listed in 
Figure 10.2. The uses of ammonia depend on these properties. 

You can smell ammonia in some household cleaners, such as toilet cleaners. 
Ammonia is very soluble in water because it can form strong bonds with 
water molecules. Some ofit reacts with water to form a solut ion containing 
ammonium ions (NH/) and hydroxide ions (OH-). 

NH3(g) + H20(1) ~ NH/(aq) + OH-(aq) 

The ammonia is a weak alkali because only a small proportion of it forms 
NRi + and Ofr ions. The Ofr ions make it alkaline. 



AMMONIA is 

• a gas at room 
temperature 

• colourless 

• pungent-smelling 

• poisonous (toxic) 

• very soluble in 
water forming an 
alkaline solution 

• a base reacting 
with acids to form 
ammonium salts 

Figure 10.2 Properties of ammonia 

5.10 From ammonia to fertilisers 

Testing for ammonia 
Ammonia is the only common gas which is alkaline. 
So, we can test for it using damp red litmus paper. 
Ammonia cums damp red litmus. paper blue. 

• Ammonia as a base - neutralisation 
reactions 

Ammonia is a base. It reacts with acids to form ammonium salts. This is how 
important fertilisers are made. For example, ammonium nitrate ('Nitram') is 
made by reacting ammonia with nitric acid. 

This is an example of neutralisation. The base (ammonia) neutralises 
the acid (nitric acid) co produce a salt (ammonium nitrate). 

base + acid ~ sale 
ammonia + nitric acid~ ammonium nitrate 

NH3 + HN03 ~ NH4N03 

Ammonia also has a neutralisation reaction with sulfuric acid. 

ammonia + sulfuric acid~ ammonium sulfate 
2NH3 + H2S04 ~ (~)iS04 

This reaction is used co make ammonium sulfate, also for use as a fertiliser. 

• Ammonia to nitric acid - base to acid 
Ammonia is also used to produce nitric acid Mose of the nitric acid 
produced from ammonia is used to manufacture nitrate fertilisers such as 
ammonium nitrate. 

There are three stages in the manufacture of nitric acid from ammonia. 

1 Oxidising ammonia to nitrogen monoxide (NO) using a platinum alloy 
catalyse at 900 °C. 

ammonia + oll.ygen ~ nitrogen monoxide + water 
4NH3 + 502 ~ 4NO + 6H20 

2 Oxidising nitrogen monoxide to nitrogen dioxide (N02) by mixing 
with air. 

nitrogen monoxide + oxygen~ nitrogen dioxide 
2NO + 02 ~ 2N02 

3 Reacting nitrogen dioxide and oxygen with water co form nitric acid 
(HN03). 

nitrogen dioxide + oxygen + water ~ nitric acid 
4N02 + 0 2 + 2H20 ~ 4HN03 

Nitric acid is a typical strong acid, like hydrochloric acid and sulfuric acid. 
The dilute acid shows typical acid reactions with indicators, bases and 
carbonates (see Chapter 4.1). 
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Figure 10.4 A bag of N PK fertiliser. 

• Fertilisers 
Plants need certain essential elements to grow well. These essential elements 
are called nutrients. If crops are grown every year on the same land, these 
nutrients get used up. The soil becomes infertile and plants are stunted. 
Their leaves become yellow and seeds and fruits are small. 

Figure 10.3 Nitrogen fertiliser has been added to the soil on the left of the field in the 
photograph on the right. Th is has produced greener, taller and bushier wheat plants. 

Carbon dioxide and water provide the carbon, oxygen and hydrogen which 
planes need. After these three elements, the most important nutrient for plant 
growth is nitrogen. Nitrogen is essential for the synthesis of proteins and 
chlorophyll in plants. Shortages of nitrogen in che soil are soon noticed. Planes 
become stunted and their leaves cum yellow due to a lack of chlorophyll. Plant 
roots need phosphorus to grow well, and flowers and fruit need potassium. 

For planes to grow well, any shortages of nitrogen muse be replaced. This is 
done by adding fertilisers to the soil. 

Fertilisers are substances which increase the yield from crops. 

Nitrogen fertilisers 
Nitrogen fertilisers are usually nitrates or ammonium salts. Ammonium 
nitrate (' Nitram'), NH4N03, is the most widely used fertiliser because: 

• it is soluble in water 
• it can be stored and transported as a solid 
• it contains a high percentage of nitrogen (Table 2). 

Table 2 The percentage of nitrogen in different fertilisers 

Mass of Mass of nitrogen 
Fertiliser Formula one mole in one mole 

ammonium nitrate NH4N03 80 g 28g 

ammonia NHa 17 g 14 g 

ammonium sulfate (NHJ:i$04 132 g 28g 

urea N2H4CO 60 g 28g 

% of nitrogen 

28 
- X 100 = 35 
80 

14 
- X 100 = 82 
17 

28 
- x 100 = 21 
132 

28 
- X 100 =47 
60 



Figure 10.5 Blue-green algae grow rapidly 
in water polluted with nitrate fertiliser. 

STUDY QUESTIONS 

5.10 From ammonia to fertilisers 

The higher the percentage of nitrogen in a fertiliser the better. This means 
that a higher proportion of the fertiliser transported and stored can be 
converted to nitrogen in plant proteins and chlorophyll. Other nitrogen 
fertilisers include ammonia, ammonium sulfate, urea and nitrochalk. 
Nitrochalk is a mixture of ammonium nitrate and chalk (calcium 
carbonate). This provides nitrogen for plants and it also reduces soil acidity. 

Fertilisers are essential but have drawbacks 
We cannot feed everyone in the world at present. Every year, we hear about 
people starving somewhere in the world. These problems would be ten times 
worse \vithout fertilisers. But, there are problems if fertilisers are over-used. 

• Fertilisers can change the soil pH and harm plants and animals in the 
soil. 

• Fertilisers can be washed into the ground and pollute our drinking water. 
• Elements in the fertilisers that are not required by plants can accumulate 

in the soil. 
• Fertilisers are washed off the land into streams and rivers. This allows 

algae co grow rapidly, using up all the dissolved oxygen in the water 
(Figure 10.S). Fish, water planes and algae themselves which need oxygen 
begin to die. As the dead animals and plants decay, the river becomes a 
stinking mess. This process is called eutrophication. 

1 Write equations for the reactions of nitric acid w ith: 
(i) zinc, (ii) copper(II) oxide, (iii) potassium !hydroxide, 

(iv) sodium carbonate. 

5 a) Many farmers use NPK fertiliser. What do N, P 
and K stand for? 

b) Nitrochalk can act as a fertiliser and cure soil 

acidity. Explain why it can do both of these jobs. 2 a) Why should a fertiliser be soluble? 

b) Suggest two advantages and two problems with 
using ammonia as a fertiliser. 

c) Make a list of the important properties of an ideal 

ferti Ii ser. 

3 a) Why are fertilisers important? 
b) What problems are caused by their 

over-use? 

4 a) Describe· how you would make a sample of 
ammonium sulfate. 

b) Design an experiment to see if ammonium sulfate 

acts as a ferti Ii ser for peas or beans. 

6 Ammonia was passed over a black oxide powder 
(A). The black oxide turned to a pinky-brown solid 

(B) which conducted electricity. At the same time, 
drops of a colourless liquid (C) collected on the 

cooler parts of the apparatus and an u nreactive, 
odourless and colourless gas (D) was produced. 

Liquid C boiled at 1 00 °C. 

a) Name the substances A. B and C. 
b) Write a word equation for the reaction between 

ammonia and the black oxide (A). 
c) What is gas D? 
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Figure 11 .1 Probably the most important 
chemical in the world. 

Sulfuric acid 
Sulfuric acid is probably the most important compound in the 
chemical industry. More sulfuric acid is manufactured throughout the 
world than any other compound. The worldwide annual production of 
sulfuric acid is about 200 million tonnes. 

• The manufacture of sulfuric acid 
The raw materials for the manufacture of sulfuric acid are sulfur, air 
(oxygen) and water. The manufacturing process involves four key stages. 

Extraction of sulfur 
Large quantities of sulfor are still extracted from undergroun<l deposits in 
North America, but the most important source of sulfor is now its recovery 
from hydrogen sulfide and other sulfur compounds in nacural gas and crude 
oil. 

Conversion of sulfur to sulfur dioxide 
Meleen sulfur is sprayed into a furnace and burnt in a blast of hot dry air. 
The sulfur bums with a blue flame producing sulfur dioxide. 

S(l) + 0 2(g) ~ S02(g) 

In some countries, metal manufacturing processes are an important source 
of sulfur dioxide. In these processes sulfide ores are roasted in air to form 
metal oxides and sulfur dioxide. 

Conversion of sulfur dioxide to sulfur trioxide 
This stage is often referred co as the contact process. 

Sulfur dioxide and air (oiqgen) pass through a catalyst of vanadium 
penroxide, V20 5, at about 450°C and 2atm pressure. 

2S02{g) + 0 2{g) ~ 2S03(g) 

Figure 11.2 Vanadium(V) oxide, the catalyst in the contact process. 



5.11 Sulfuric acid 

Conversion of sulfur trioxide to sulfuric acid 
Finally, sulfur trioxide is converted to sulfuric acid by rea.ccion with water. 
Ifche sulfur trioxide is added directly to water, an acid misc forms which 
remains suspended and is difficult to handle. So, the sulfur crioxide is 
dissolved in 98% sulfuric acid and then water is added. 

• The uses of sulfuric acid 
Sulfuric acid is used to make hundreds of different compounds required in 
almost every industry (Figure 11.3). By far the largest amount ofit is used 
to make fertilisers, particularly phosphate and sulfate fertilisers. Other 
important uses involve metal pro~ssing and cleaning, the production 
of fibres including paper and nylon, and tl1e manufacture of paints and 
detergents. 

fertilisers 
(phosphates 
and suttates) 

Figure 11 .3 The uses of sulfu ric acid. 

Making detergents 

28% 

Concentrated sulfuric acid can be added co a long-chain hydroc.."U'bon 
molecule. One end of the chain reacts with the sulfuric acid to produce a 
molecule chat can ace as a detergent. 
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STUDY QUESTIONS 

Making fertilisers 
Su lfuric acid is used to make fertilisers such as potassium sulfate, which 
is used to promote flowering and fruiting in planes grown for food. The 
fertiliser is only potassium rich, rather than nit rogen rich, so encourages 
flowers and fruiting rather than leaf growth, which would be the case if 
potassium nit rate was used. A simple neutralisation reaction between 
potassium hydroxide and sulfuric acid produces the fertiliser. 

Sulfuric acid is also used co produce phosphoric acid, which in cum 
produces phosphate fertilisers for stimulating root growth. 

Making paints 
Approximately 15% of worldwide sulfuric acid production is used co produce 
paints, and other related pigmented produces. 

1 Write equations for the key reactions in ithe 

manufacture of sulfuric acid. 

b) Do you think that von Liebig's statement is still 

true nearly 200 years later? Explain your 
answer. 2 In 1843, Justus von Liebig, a German chemis~ 

commented, 'It is no exaggeration to say that we may 
judge the corn mercial prosperity o f a country from 
the amount o f sulfuric acid that it consumes: 
a) Use evidence from Figure 11.3 to ex:plai n what 

von Liebig meant by his statement. 

3 Describe how ammonium sulfate fertiliser can be 

made. 

4 Find out how phosphoric acid production is 
dependent on using sulfuric acid. 



5.12 Salt - an important ionic compound 

®o ~ ~ Salt - an important 
ionic compound 

Figure 12.2 Athletes and people who 
work in hot places usually take salt tablets 
to replace the salt they lose by sweating. 
Sweat is mainly salt solution. 

You may have heard of the salt mines in Siberia, but do you know 
that there are salt mines all over the world? Under the surf.ace of 
many areas of the world there lies common salt, or rock sa It. This was 
formed when seas became land-locked and the water evaporated, 
leaving a solid layer of salt. This salt layer can be many metres thick 
and is mined. 

Figure 12.1 Inside a salt mine. 

• Why is salt so important? 
Sodiu m chloride is an important and valuable resource: 

• in our diet 
• for treating icy roads 
• as a raw material for industry. 

Sodium chloride is an essential mineral in our diet. Mose foods -contain 
salt but some foods are saltier than others. Our diet muse contain the right 
amount of salt. Too much sale may cause high blood pressure. Too little salt 
causes sharp pains ('cramp') in our muscles. 

• Obtaining salt as a raw material 
Salt for our diet is obtained in two ways. Hot water can be pumped down 
co salt deposits, and the salt water solution, or brine, is pumped back to 
the surface, where the water is evaporated co leave white salt. It can also be 
obtained as sea salt by evaporating seawater in large areas ac the coast known 
as salt pans. 

For use on the roads in winter to treat ice, and on a large scale for industry, 
salt i:s dug out of the ground in mines, and transported to where it is needed 
as solid rock salt. Rock sale contains small amounts of impurities. 
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The electrolysis of sodium chloride 

solution in the laboratory is often 

done in a Ho fmann voltameter. 

The industrial process is slightly 
different but the chemistry is the 

same. 

• Industrial uses of salt 
Salt is used in the manufacrure of three key chemicals for industry 
- chlorine, sodium hydroxide and hydrogen. These are produced by 
electrolysing a highly concentrated solution of sodium chloride (brine). The 
process is often referred co as the chlor -alkali process. Figure 12.3 shows 
the many different products that are made from chlorine, sodium hydroxide 
and hydrogen. 

HYDROCHLORIC 
ACID 
for: 

cleaning steel and manufacture of 
ammonium chloride, medicines 

and cosmetics 

for: 
·fuels as well as the manufacture 

for. sterilising water supplies, treating 

BLEACH 

for. 
household bleaches and 

swimming pools. and the manufacture of ~-­
PVC. disinfectants and pesticides 

t 

of margarine and ammonia for fertilisers 

for. degreasiITTg metals, 
manufacture of soap and 
detergents, paper making, 
artificial f.ibres 

Figure 12.3 Important products from the chlor-alkali process. 

• Electrolysis of sodium chloride solution 
in a diaphragm cell 

The chlor-alkali process is expensive, needing enormous quamities of 
electricity for the electrolysis of the concentrated sodium chloride solution 
(brine). Even so, the process is profitable because of the varied uses of the 
different products. 

Modern chlor-alkali plants use a membrane or diaphragm cell (Figure 12.4). 
This causes less pollution and is cheaper than the older methods, which 
used mercury as the cathode. 

The cell is called a membrane or diaphragm cell because a porous membrane 
( diaphragm) separates the anode from the cathode. This prevents the 
products at the two electrodes from mixing and reacting. Concentrated 
brine is slowly added to the anode compartment of the cell. This contains: 

• Na+(aq) and Ci-(aq) ions from the sodium chloride, and 
• H+(aq) and Otr(aq) ions in much lower concentration from the water. 



STUDY QUESTIONS 

5.12 Salt - an important ionic compound 

concentrated 
NaCl(aq) (brine) --

positive titanium 
electrode 
(anode) 

e 

negative steel 
electrod e 
(cathode) 

Figure 12.4 Manufacturing chlorine, sodium hydroxide and hydrogen using a membrane 
(diaphragm) cell. 

Reactions in the diaphragm cell 
As the solution passes t hrough the anode comparnnenr, chloride ions are 
accracced co the titanium anode. H ere, they give up electrons co -rhe anode 
and chlorine is produced. 

At the ano de(+) 

Na+ ions and water (containing Wand OH- ions) pass through the porous 
membrane into the cathode compartment. As the solution moves past the 
cathode, H+ ions take electrons from the steel cathode and hydrogen is 
produced. 

At the cathode(- ) 2H+(aq) + 2e-~ H2(g) 

So, c1- ions are removed at the anode and H+ ions are removed at the 
cathode, leaving Na+ and OH- ions in the solution. These flow our of the 
cathode compartment as a solution of sodium hydroxide. 

The overall reaction of the chlor-alkali process is t herefore: 

sodium chloride + water ~ sodium hydroxide + chlorine + hydrogen 
2NaCl(aq) + 2H20(1) ~ 2NaOH(aq) + CJi(g) + H2(g) 

1 Solid sodium chloride does not conduct electric ity, 
but liquid sodium chloride conducts well. 

a) Which of the following could be X? 

calcium chloride, starch, copper, sulfur, polythene, 
bronze, carbon disulfide, zinc oxide a) Explain these observations. 

b ) Wri te equations for the processes at the 

electrodes when liquid NaCl conducts. 

2 Give three important uses of sodium chloride as pure 

salt, rock salt or brine. Explain why sodium chloride 
has these uses. 

3 Substance X melts at a high temperature and when 
liquid it conducts electricity. 

b ) Explain your answers to part a). 

4 Explain the facts that salt is very unreactive, but 
sodium and chlorine, from which it is made, are both 

very reactive. 
5 Explain why cattle require a salt lick during hot 

summer months. Do some research if you need to. 
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Summary 
Cl 

Make sure you can answer all the questions in the Interactive quiz. 

I am confident that: 

./ I can explain how the method of metal extraction 
is related to the metal's position in the reactivity 
series 
• Metals high in t he reactivity series are extracted by 

electrolysis. 
• Metals lower in the reactivity series are extracted 

by reduction with carbon. 

./ I can describe the main features of the extraction 
of aluminium and iron 
• Aluminium uses electrolysis, with molten 

aluminiwu oxide dissolved in cryolite. 
• Iron is extracted using coke and limestone in a 

blast fumace. 

./ I can explain the uses of aluminium and iron in 
terms of their properties 

./ I can describe how the mixture of hydrocarbons 
in crude oil is separated using fractional 
distillation, and can name the main fractions and 
state the number of carbon atoms in each fraction 

./ I can describe the trend in boiling points and 
viscosity of the main fractions of crude oil 
• As the number of carbon atoms increases, the 

boiling point increases. 
• As the number of carbon atoms increases, the 

viscosity increases. 

./ I know that fractional distillation of crude oil 
provides insufficient short-chain hydrocarbons 
such as gasoline 
• The process of cracking makes long-chain 

hydroca.rbons into alkenes and useful 
shorter-chain hydrocarbons. 

./1 understand the complete and incomplete 
combustion of carbon-based fuels 
• Incomplete combustion produces carbon 

monoxide. 
• Inhalation of carbon monoxide is dangerous as it 

prevents absorption of oxygen in the body. 

./ I know that nitrogen in the air at high 
temperatures inside car engines can be 
converted to nitrogen oxides 
• Nitrogen oxides as well sulfur oxides contribute 

to acid rain. 

./ I know that an addition polymer is made up of 
many identical monomer units, and can deduce 
from a repeat unit the monomer from which the 
addition polymer was made 
• There are many useful addition polymers. 
• Their disposal poses difficulties . 

./ I know that some polymers such as nylon are 
made from two different monomers 
• This is known as condensation polymerisation, 

because a small molecule such as water is 
produced when the two different monomers bond 
together. 

./ I can describe how ammonia is made from 
nitrogen from the air and hydrogen from methane 
• This is known as the Haber Process:. 
• This is a reversible process that comes co dynamic 

equilibrium . 
• Changing the pressure and changing the 

temperature affect the equilibrium position and 
hence the yield of ammonia. 

• There need to be optimum conditions of 
temperature and pressure, and a catalyst, to make 
the Haber process economic. 

• Ammonia is essential in the manufacture of nitric 
acid and fertilisers. 



./ I can describe how sulfuric acid is made by the 
contact process 
• Sulfuric acid is essential in the manufacture of 

detergents, fertilisers and paints. 

Summary 

./ I can describe the electrolysis of concentrated 
brine (sodium chloride solution) in a diaphragm 
cell , and write half-equations for the reactions at 
the electrodes 
• The products are sodium hydroxide and chlorine 

gas. 
• It is known as the chlor-alkali process. 
• Sodium. hydroxide has many uses including the 

manufacture of soaps, detergents and paper 
• Chlorine has many uses including the sterilisation 

of water. 
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Exam-style questions 
1 a) The word equation for the extraction of 

aluminium is: 

aluminium oxide~ aluminium + oxygen 

The reaction is endothermic. 

i) Explain what is meant by endothermic. [1] 

ii) Suggest why this reaction is endothermic. [1] 

b) Aluminium oxide contains aluminit1m ions (A13+). 

The atomic number of aluminium is 13. 

The mass number of aluminium is 27. 

i) Copy and complete the table below showing 
the number of protons, neutrons and electrons 
in an aluminium atom (Al) and an aluminium 
ion (AlJ+). [2] 

Formula of Number of Number of Number of 
particle protons neutrons electrons 

Al 

Al3+ 

ii) Name the type of bonding present in 
aluminium oxide. [1] 

iii) State one physical property you would expect 
aluminium oxide to have. [1] 

2 The diagram shows how aluminium is extracted on 
an industrial scale. 

A 

electrode B 

a) i) Name the process used to extract aluminium. [l) 

ii) Name the material used for the electrodes 
A and B. [1] 

iii) Using the symbols + and - identify the 
polarity of the electrodes A and B. 

iv) Identify the two compounds present in 
liquid c. 

[ l] 

[2] 

v) State one major cost that makes this process 
more expensive than the extraction of iron. [l] 

b) The mixture of gases coming from electrodes A 
contains an element and a compound. 

i) Identify the element. 

ii) Identify the compound and explain how 

[ l] 

it forms. [2] 

3 The industrial electrolysis of a concenc.rated aqueous 
solution of sodium chloride is carried out in a cell 
similar to that shown below. 

sodium 
chloride 
solution chlorine hydrogen 

i LJ t '---------n----' t 

anode cathode 

sodium 
---+ hydroxide 

solution 

a) Explain what is meant by electrolysis. [ l] 

b) Explain how hydrogen is produced at the 
cathode. [ 1] 

c) Explain how sodium hydroxide is produced 
during the electrolysis. [2] 



d) The equation for the reaction at the anode is: 

2c1-~ c12 + 2e-

A currenr ofO.S amps was passed through a 
concentrated aqueous solution of sodium chloride 
for 2 hours. 

i) Calculate the number of coulombs of 
electricity passed. 

ii) How many coulombs would be needed 
co form 71 g of chlorine? 

(3] 

(2] 

(96 SOO coulombs is the amount of charge carried 
by one mole of electrons; Cl = 35.5) 

iii) Using your answers in i) and ii) calculate 
the mass, in grams, of chlorine formed. (3] 

4 Iron is extracted from iron ore in a blast furnace. 

a) Choose L-:tbels for A, B and C in the diagram of the 
blast furnace. Use only words from the box. Each 
word may be used once, more than once or 
=at ill. ~ 

coke, limestone 
and A 

r ~ 
hot waste gases 

hot air 

\. / 
~ ----------~ r ------~ 

bauxite 

molten iron 

cryolite 

sand 

B 

- c 

slag 

haematite 

b) Coke is mainly carbon which burns in d1e oxygen 
in the hot air. 

i) Write a chemical equation for the reaction. (1] 

Exam-style questions 

ii) Why is this reaction important in the blast 
furnace? [1] 

c) Limestone is mainly calcium carbonate. In the 
blast furnace it decomposes to give carbon dioxide 
and calcium oxide. 

i) Write a chemical equation for the reaction. (1] 

ii) Calcium oxide is a base. It removes silicon 
dioxide impurities. Explain how the calcium 
oxide removes the silicon dioxide. (2] 

d) Iron is produced by the reduction ofiron(III) 
oxide. An equation for the reaction is: 

Fe.z03 + 3CO ~ 2Fe + 3C02 

Why is this reaction described as the reduction of 
iron(III) oxide? [1] 

e) Aluminium is another important metal. 

i) Unlike iron, aluminium cannot be extracted 
from its ore using a blast furnace. 
Explain why. [ 1] 

ii) State one large-scale use of aluminium. Give 
a property of aluminium on which this use 
depends. (2] 

5 In some countries the exhaust gases from older cars 
must be tested each year. These exhaust gases contain 
carbon monoxide, unburned hydrocarbons and smoke. 

a) Look at t he results below from an exhaust test. 

Use these results to answer the questions. 

Item Test result Maximum limit 

carbon monoxide 4.0% 3.5% 

unbu med hydrocarbons 297ppm 1200ppm 

idle speed pass 

smoke level pass 

i) What is the maximum limit of carbon 
monoxide allowed? 

ii) This car failed its test. Why? 

b) Why is carbon monoxide dangerous? 

(1] 

(1] 

(2] 

c) As well as carbon monoxide, unburned 
hydrocarbons, smoke and water, car exhausts 
contain other gases. One of these gases may cause 
a change in the Earth's climate. 

Name this gas and explain why it can affect the 
climate. (3] 



Section 5 C hemistry in industry 

6 Crude oil is an important resource. le was formed over 
millions of years from the remains of dead plants and 
animals that were buried in sediments. 

a) The oil industry uses fractionating rowers to split 
crude oil into more useful fractions. 

i) How does the boiling point change as the 
number of carbon atoms in these fractions 
increases? [1] 

ii) Explain how the process of fractional distillation 
separates crnde oil into more useful fractions. [2] 

b) Octadecane, C18H38, is found in the diesel oil 
fraction. 

i) Octadecane can be cracked into :smaller 
molecules. One way is shown in the equation. 

C1sH3s ~ CsH16 + CsH1s + C2H4 
octadecane~octene + ___ + __ _ 

i) the highest boiling point range 

ii) molecules with the fewest c..'trbo:n atoms 

iii) the darkest colour? 

[1] 

[1] 

[1] 

b) Some long-chain hydrocarbons are ,converted into 
more useful products by a chemical process. Name 
this process and describe how it is carried our. [3] 

c) Some hydrocarbons, such as methane, are used 
as fuel s. When methane undergoes incomplete 
combustion, carbon monoxide is formed. 

i) Write a chemical equation for this reaction. [2] 

ii) Explain why it is dangerous to breathe air 
comaining carbon monoxide. [2] 

8 Sugar can be converted into poly(echene) as follows: 

~-su_ga_r_~I Reaction~ I ethanol I Reaction 2 ethane 

Copy and finish the word equation for this Reaction 3 

reaction. [ 1] 

ii) Explain why cracking long-chain compounds 
such as occadecane enables oil companies to 
make more profit. Use the equation in part b) 
i) to help you with your answer. [2] 

c) The refinery gases fraction from crude oil contains 
propene and propane. 

H CH3 H 1-1 H 
'\ / I I I c=c H-C-C-C-H 
/ '\ I I I 

H H 
H H H 

propane propane 

i) Describe a chemical test which you could use to 
distinguish between propene and propane. [2] 

ii) Explain why propene can be polymerised, but 
propane cannot. [2] 

iii) Write an equation to summarise the 
polymerisation of propene. 

7 Many useful substances are produced by the 
fractional distillation of crude oil. 

[2] 

a) Bitumen, fuel oil and gasoline are three fractions 
obtained from crnde oil There are several differences 
between these fractions. Which of these three 
fractions has: 

poly(ethene) 

a) State the type of reaction occurring in: 

i) Reaction I [1] 

ii) Reaction 2 [1] 

iii) Wh at type of polymerisation occurs in 
Reaction 3? [1] 

b) State two conditions used in the conversion of 
sugar to ethanol in Reaction 1. [2] 

c) Write a chemical equation for Reaction 2. [2] 

d) Draw the displayed formula of ethanol. [1] 

e) Many thousands of ethene molecules combine 
to form a poly(ethcne) molecule. Draw that part 
of the structure ofa poly(ethene) molecule that 
forms from three echene molecules. [2] 

f) Nylon is made by a different type of 
polymerisation. Name this type of polymerisation 
and describe how it is different from the type of 
polymerisation used to make poly(ethene). [2] 



9 a) Describe briefly how crude oil was formed. [3] 

b) Propene and propane can be produced from crude 
oil. 

i) A propene molecule (C3H6) can be represented 
by the display formula below. 

H 
'\. 

H H 
I I 

C=C - C -H 

/ I 
H H 

Draw a similar displa.yed formula for the 
structure of a propane molecule (C3H8). 

ii) Which molecule, propene or propane, is 
unsaturated? Explain your answer. 

c) The equation below summarises the 
polymerisation of propene. 

n(f=~ )-
H CHa 

(-~-{-), 
H CHa n 

i) Name the polymer produced by this 
reaction. 

ii) Explain the meaning of the term 
polymerisation. 

[1] 

[2] 

[1] 

[l] 

10 The three main stages in the manufacture of sulforic 
acid are: 

Stage 11 formation of sulfur dioxide 

Stage 2 formation ofsulfur trioxide 

Stage 3 formation ofsulfuric acid 

a) Write balanced equations for stages 1 and 2. (4] 

b) Name the substance into which sulfur trioxide is 
absorbed in stage 3. [l] 

c) Which stage 1, 2 or 3, uses a catalyse? 

d) How is this used to reduce the cost of the 
process? 

[l] 

[1] 

Exam-style questions 

11 Ammonia is manufactured by the Haber process in 
which nitrogen and hydrogen react together in a 
reversible reaction. 

a) i) State the raw material from which each 
element is obtained. 

ii) Write a chemical equation for the reaction 

[2] 

between nitrogen and hydrogen. [2] 

b) Typical conditions used in the Haber p rocess are a 
remperarture of 450 °C and a pressure of 200 arm. 

Copy an<l complete the cable to show what would 
happen ro the rate of reaction and the yield of 
ammonia if the conditions were changed as 
shown. Choose from these responses. 

decreased increased no change 

Temperature Pressure Iron 
changed to changed to catalyst 
600°C 100 atm added 

Rate of reaction 

Yield of ammonia no change 

c) i) Describe how the ammonia is separated 
from the unreacted nitrogen and hydrogen 

[S] 

gases. [2] 

ii) State what happens to the unreacced nitrogen 
and hydrogen gases. [1] 

d) Ammonia and sulfuric acid react together to make 
a compound used in fertilisers. 

i) Name the compound formed when ammonia 
and sulfuric acid react together and write a 
chemical equation for the reaction that 
occurs. 

ii) Stare the type of reaction occurring. 

[3] 

[1] 



Section 5 Chemistry in industry 

EXTEND AND CHALLENGE 

Food or fuel? 

Many food crops such as maize, sugar cane and 
vegetable oils can also be used to make biofuels 
such as ethanol or biodiesel. Since 2001 biofuel 
production lhas increased considerably across the 
world. By 2007 some 25% of the maize production 
in the USA was used to produce ethanol by 
fermentatio n for use as fuel. 

a) 

b) 

c) 

Figure 1 a) Maize to eat or for biofuel? b) Sugar to make 
ethanol or cake? c) Vegetable oi I growing, for biodiesel or 
frying your food? 

The idea of using plant materials to produce fuels is 
thought by many to be a good idea. It reduces the 
amount of fossil fuels used, so less of the carbon locked 
up in fossil fuels is released into the air as carbon 

dioxide. The carbon dioxide produced by burning the 
biofuels has only recently been removed from the air by 
photosynthesis and is considered to be carbon-neutral 
(doesn't co-ntribute to global warming). Un fortunately it 
has been estimated that if all the suitable crops grown 
in the USA. were turned into biofuels, this would only 
provide 160/o of the vehicle fuel needed in the USA. 

Figure 2 World food prices 2000- 201 2, where 100 is the 
average price in the period 2000-2004 (source FAO, UN). 

Th is use of the crops of maize, sugar cane and 
vegetable oils has had an unforeseen effect The 
price of maize in 2009 increased by 210/o and other 
food crops by similar amounts. This effect had started 
earlier and had led to the World Food price crisis of 
2007- 2008 (see Figure 2). The cri sis had several 
causes including droughts in areas that produce large 
amounts of maize, and o il price rises which made prices 
for fertili sers and fuels rise. The price cri sis led to social 
unrest in both rich and poor countries and in some 
countries food riots, as people did not have enough 
money to buy food to eat. 

1 Describe how food crops can be used to make 

ethanol (Chapter 3.3 may help). 

2 Explain why some people think that making biofuels 
w ill help provide the world w ith environmentally 

friendly fuels. 
3 Describe how the Haber process (Chapter 5.9) uses 

crude oil. 
4 Suggest two reasons why increasing oil prices would 

affect the price o f foods. 
5 'The world is facing the choice between eating and 

travelling; Evaluate this statement by giving the 

advantages and disadvantages of using food crops to 

produce biofuels, and stating, with reasons, whether 
you think we should use food crops for fuels. 



7 

Li 
Uthturn 

3 

23 

Na 
Sodium 

" 
39 

K 
PolliUUlium 
19 

85 

Rb 

II 

2 

0 

Be 
4
tJ.oryllNm 

24 

1Mg 
Mag:noe.11.1m 

"" 40 

Ca 
C::alduf'n 

20 

08 

Sr 

45 48 

Sc TI 
ScandlurTt Tl«1nk.,m 
21 22 

89 '" V Zr 
RuOIOlum s ,,cnuum VttMum Zlre,.;,r,iuff\ 
37 38 39 40 

133 1 37 130 178 

Cs Ba La Hf 
Coosium Oanvo, loc,:lhanum Matnium, 

55 ... 57 72 

223 :aaa "" Fr Ra Ac 
,eranc:uum Aa.d •um AatJnlum 
67 ... 69 • 

·s&-71 Lanthanum series 
1"90-1 0:3 ActJ.nium ser-Jes 

a. - ro1a1tvo otomlc m.Q..Ds 

X - e.c(W'r\ie aymbo' 
b • t1tomt0 number 

• 

., 52 

V Cr 
Vanadium Ctu·o~ 
23 24 

93 95 

Nb Mo 
Nltlbtuf'tl MolY""""""1 

41 4 2 

181 184 

Ta w 
Tnnto.lUl"l"I Tun~ 

73 74 

140 141 

Ce Pr 
Co.rium P-m 

58 so 

232 23 1 

Th Pa 
Thorium Pn>tactlnlum 

90 '" 

55 56 59 59 

Mn Fe Co NI 
fl.llQnQ(iU"l"!),fl.4 Iron Cobah Nlcke1 
28 '"' 27 28 

99 101 103 106 

Tc Ru Rh Pd 
Tectin&tiuffl Authenium Rhodium Pl!lltHdium 
43 44 45 46 

1 .... 190 102. 10s 

Re Os lr Pt 
Ah~ium Osmfum Iridiu m P lodnurn 

75 76 77 78 

144 147 15() 1 52 

Nd Pm Sm Eu 
Noodymlum P'l'on'\otNum Samarium £u.-opk,n, 
80 e 1 62 03 

238 237 24:i! Z43 

u Np Pu Am 
Uran,um Noptuntum Pluton,um Amot1cfum 

92 93 (M •• 

64 65 

Cu Zn 
Copp,tr Zlnc 

29 30 

108 112 

Ag Cd 
StNer C&dm(um 

4 7 46 

107 201 

Au Hg 
Gold Mof'Cuy 

79 80 

'"' ,so 
Gd Tb 

O;o.doMnlum i-Of'btum 
84 •• 

247 24:) 

Cm Bk 
Curtum Bork•Jfum ... 97 

Ill 

3 

" B ..., ...... 
D 

27 

Al 
Al~lr,iv, 
13 

70 

Ga 
O-.lli1o1m 

31 

11 5 

In 
Indium .... 

204 
TI 

Thamum 

'" 

162 

Dy 
C)yGprosiu 
ea 

2S1 

Cf 
CallfOff\lU 
96 



Relative atomic masses 
Element Symbol A, Element Symbol A. 
aluminium Al 27 magnesiunn Mg 24 

antimony Sb 122 manganese Mn 55 

argon Ar 40 mercury Hg 201 

arsenic As 75 molybdenum Mo 96 

barium Ba 137 neon Ne 20 

beryllium Be 9 nickel Ni 59 

bismuth Bi 209 nitrogen N 14 

boron B 11 oxygen 0 16 

bromine Br 80 phosphorus p 31 

cadmium Cd 11 2 platinum pt 195 

caesium Cs 133 potassium K 39 

calcium Ca 40 rubidium Rb 86 

carbon C 12 scandium Sc 45 

chlorine Cl 35.5 selenium Se 79 

chromium Cr 52 silicon Si 28 

cobalt Co 59 silver Ag 108 

copper Cu 63.5 sodium Na 23 

fluorine F 19 strontium Sr 88 

gallium Ga 70 sulfur s 32 

germanium Ge 73 tellurium Te 128 

gold Au 197 thorium Th 232 

helium He 4 tin Sn 11 9 

hydrogen H 1 titanium Ti 48 

iodine I 127 tungsten w 184 

iridium lr 192 uranium u 238 

iron Fe 56 vanadium V 51 

krypton Kr 84 xenon Xe 131 

lead Pb 207 zinc Zn 65 

lithium Li 7 



Index 
acidic oxides 119-20 
acid rain 233-4 

acids 
concentration 167-8, 169 

definition 167, 175 
electrolysis of 63-4, 166 

preparation of salts 180-2 
properties 165-6 
reaction with bases 166, 171-3, 180-1 
reaction with carbonates 122, 166, 175, 

180-1 

reaction with metals 124-5, 126, 127-8, 
165, 180-1 

role of water in acidity 166-7 

strength 169 
test for 164 

activation energy 204, 207-8 

actual yield 50-1 
addition polymerisation 238-40 
addition reactions 155, 238 
air 

composition 115 
percentage of oxygen in 114-16 
pollution 232-3 

alcohols Hi7-9 

alkali metals 25-6, 103-4 
alkaline oxides 119 
alkalis 171, 174-5 

alkanes 
formulae 148-51 

properties 151-3, 155 
structure 148-9, 236 

alkenes 
naming 236 
properties 155-6 
structure 155, 1-58, 236 

allotropes 82 
alloys 7, 79 
aluminium 

extraction 62, 65, 222, 226-7 
reaction with iron oxide 111-12, 128 
reaction with oxygen 118 
structure 19 

uses 227, 228 
aluminium sulfate 42 

ammonia 
bonding 56 
Haber process 244-9 
production 210-11 
properties 250, 251 

structure 1 O 
test for 136, 251 

uses 250-1 
ammonium chloride 210 

ammonium ions 134 
ammonium nitrate "171, 184, 185, 

252-3 

anions 67 
see also negative ions 

anodes 61 
aqueous solutions 

conductivity 61 
metal compounds in 1 28-9 

state symbol 45 
argon 25, 28,100, 101-2, 1Hi 
astatine 105, 146 

Aston, F. W. 20 
atomic number 17, 19, 21, 97 

atomic symbols 8-9, 20 
atoms 8 

mass 16-17, 20, 30 
size 29-30 
structure 16-1 8 

average bond energy 193 

Avogadro number 32 

balanced chemical equations 44-5 

bases 
ammonia as 201 
definition 174, 175 
reactions with acids 166, 171-3, 180-1 

basic oxides 119-20 

biodegradable plastics 240 
biofuels 266 
blast furnaces 223-5 
Bohr, Niels 24 
boiling points 7, 13 

bomb calorimeters 188, 218 

bonding 
covalent 53, 55--6, 79-80, 149 

energy changes and 192-3 
ionic 53, 54, 73 

bromides 135 

bromine 105-7, 108, 109 
burning see combustion 
butane 149, 1 oO 

calcium carbonate 42, 72, 122, 196, 198-9 
calcium fluoride 178 
calcium oxide 51, 70, 72-3, 184, 185 

carbon 
allotropes of 82-4 
burning 209 
covalent bonding 149 
reaction with oxygen 119 
reduction of metal oxides 221 

carbonates 
heating 122 
identification 134 

reaction with acids 122, 166, 175, 180-1 
carbon dioxide 

bonding 40, 56 
from combustion 233 

preparation 122 

properties 123 
structure 9, 1 o, 80, 81 
test for 123, 136 

uses 121 
carbon monoxide 

from combustion 152, 232, 233 
reduction of metal oxides 221 

car emissions 232, 233 

catalysts 
activation energy and 207- 8 
function 117, 205-6 

importance 208, 246 
catalytic converters 206 
catalytic cracking 235-7 
cathodes 61 
cations 67 

see also positive ions 

centrifuging 12 
Chadwick, James 16 
changes of state 7 
chlor-alkali process 258-9 
chlorides 135 

chlorine 
electronic configuration 26, 55 

isotopes 22-3 
properties 105-7, 108 
structure 10, 45, 78, 80, 106 
test for 136 

uses 27, 108 
chlorofluorocarbons (CFCs) 232 

chromatography 14-15, 38 

close packing 86 
collision theory 203-4 
combining power 74, 80-1 

combustion 
alkanes 152 

carbon 209 
enthalpy change of 187-8 
fuels 111 1 184, 232, 233 
magnesium 44 
methane 46, 233 

common salt 48, 177 
extraction 12, 257 

importance 257 
industrial uses 258 
see also sodium chloride 

compounds 9 
calculating percentage of elements in 48 

concentration 
acids 167-8, 169 
reaction rates and 199-200, 203 

condensation 7, 13 
condensation polymerisation 241-3 
condensation reactions 241 

conductivity 
acids 60, 61, 166 
allotropes of carbon 83, 84 



conductivity (continued) 

bonding and <80-2, 74, 79 
metals 75, 76, 86-7, 228 

conductors 58, 60-2 

contact process 254 
copper 

extraction from ore 68, 222 

ions 41 , 69 
properties 46, 58, 7 5, 1 25 

purification 68, 222 
copper sulfate 

electrolysis 63, 64, 67-8 
reactions 190, 209-1 O 

structure 72 
testforwater 136-7 

covalent bonding 53, 55-6, 79-80, 149 
cracking 154 
crude oil 147, 229 

composition 148 
fractional distillation 13, 229-31 

crystallisation 12, 177 

Dalton, John 8, 9 
dehydration 154-5, 159 
delocalised electrons 86 

detergents 255 
diamond 77, 82-3 
diaphragm cell 258-9 
diatomic molecul,es 1 O, 45, 106 

diffusion 5-6 

'disappearing cross' experiment 201-2 
displacement reactions 

enthalpy changes during 190 
halogens 109-10 
metals 128-9 

displayed formulae 80 
dissolving 2 

distillation 13 
fractional 13, 158, 229-31 

DNA testing 38 
dot and cross diagrams 54-5 
double covalent bonds 56 

dynamic equilibrium 211, 246, 248--9 

electric charge 
amount required for electrolysis 67-9 

measuring 66 
electric current 58-9, 66, 86-7 
electricity 57-9 

see also conductivity 
electrodes 61 
electrolysis 60 

of acids 63-4, 166 
of aluminium oxide 62, 65, 222, 226-7 
chlor-alkali process 258-9 
electric charge required 67-9 

extraction of metals 221-2, 226-7 
products 63-4, 70-1 
of sodium chloride 57, 63, 64-5, 258--9 

electrolytes 60 
electronic configuiration 24-8 

electronic theory of chemical bonding 53 

electron microscopes 8 

electrons 

atomic structure and 16-18, 24-8 

in covalent bonding 55-6, 79-80 
delocalised 86 
in electric current 58-9, 86-7 

in ionic bonding 54-5, 72-3 
in oxidation and reduction 127 

electrovalent bonding see ionic bonding 

elements 8 

c lassification 94-6 

symbols 8--9, 20 
emi'ssion spectroscopes 134 
empirical formulae 33, 150-1 

endothermic reactions 184-5, 192-3 
end point 172 

energy changes 183, 192-3 
energy level diagrams 185, 193-4 
enthalpy changes 180 

of combustion 187-8 
on energy level diagrams 193-4 

measuring 218 
of neutralisation 189-90 

reactions in solution 188-90 

equations 
balanced 44-5 
c alculating reactants and products 48-9 

half equations 64-5, 68 
word equations 44, 45 

equilibrium 211, 246, 248--9 
ethane 149, 150-1 , 155, 156 
ethanol 

dehydration ot 154-5, 159 
from fermentation 157-8, 159 
Imm hydration of ethene 158, 159 

structure 10 

ethene 
hydration of 158, 159 
production 154-5, 159 

properties 155, 156, 238 
test for 155 

eutrophication 253 

evaporation 7, 1 2 
exothermic reactions 152, 184-5, 192-3, 

194, 203, 204 
extrusion 239-40 

faraday 68-9 
fermentation 157-8, 159 

ferti lisers 171, 244, 252-3, 255-6 
filtration 11 

flame tests 133-4 
fluorine 26, 45, 107, 108 
formulae 

displayed 80 

empirical 33, t:i0-1 
finding 32-3, 40-2 
general 149 

molecular 1 O, 151 
fossil fuels 232, 233 

!racking 162 
fractional distillation 13, 158, 229~31 

fractions 229-30, 231, 235 
freezing 7 

functional groups 158, 241 

galvanizing 132 
gases 

changes ot state 7 
diffusion 5 

measuring volume 49-5 O 

particles in 6 

state symbol 45 
tests for 135-6 

Geiger, Hans 16 

general formulae 149 
giant covalent structures 76, 83 

giant ionic structure 76 

giant metallic structures 76 
giant structures 73, 76 

graphene 92 
graphite 60, 82, 83-4, 94 
Group 1 elements see alkafo metals 

Group 7 elements see halogens 

groups (Periodic Table) 95, 97, 98 
electronic configuration and 25-8 

properties of substances and 26 

Haber process 211, 244-9 

half equations 64-5, 68 
halides 109, 135 

halogens 105 
displacement reactions 109-1 o 

electronic configuration 26-7 
properties 26, 105-7, 146 
reactions with alkanes 1-52-3 
reactions with metals 109 

sources 105 
uses 108 

helium 

discovery 97, 100 
structure 16-17, 18, 19, 25 

uses 101 , 102 

homologous series 149, 159 

hydrates 132, 177 
hydration 158, 159 

hydrocarbons 148 
hydrochloric acid 

reaction with calcium carbonate 122, 196, 
198-9 

reaction with metals 49-50, 124 
reaction with sodium hydroxide 172-3, 

189-90 
reaction with sodium thiosulfate 201-2 

strength 169 
hydrogen 

structure 1 o, 16-17, 18, 19, 45, so 
test tor 135 

hydrogen chloride 1 O, 40, -56, 80 
hydrogen (H•J ions 166, 167, 

169, 175 



hydrogen peroxide 117, 118, 205, 207 
hydroxide (OW) ions 174- 5 

indicators 164, 16-5, 172 

initiators 238 
insoluble salts 178-9, 180, 182 
insoluble solids 11 -12 
insulators 58 
intermolecular forces 78, 79, 106-7 

iodides 135 
iodine 105-7, 108 

ionic bonding 53, 54, 73 
ionic compounds 54 

conductivity 61- 2, 74 
electrolysis 63-4 

formation 72-3 
formulae 41-2, 74 

properties 74 
structure 73 

ions 8, 27-8 
in acids 167, 169 
in alkalis 174-5 
charges on 41-2, 68-9 
in metal/non-metal compounds 41-2 

tests for 133-5 
iron 

extraction from or,e 113, 222, 223-5 
ions 41 , 69 
rusting 111,115,118, 131-2 

iron(IIO oxide 
extraction of iron 113, 223-4 
formulae 41 
reaction with aluminium 111-12, 128 

see also rusting 
irreversible reactions 209 

isomers 150, 236 
isotopes 20, 21-3 

kinetic theory of ma!ter 6-7, 203 

krypton 28,100,101,102 

law of octaves 95 
lead bromide 64, 70-1 

Le Chatelier's principle 249 

lime see calcium oxide 
limestone 51,224 

see also calcium carbonate 
limewater 123,136, 174 

liquids 
changes of state 7 
conductivity 60-1 
diffusion 5-6 
miscible 13 
particles in 6, 7 
separation of mixtures 13 

state symbol 45 

lithium 
properties 25, 103-4 
structure 17, 19, 20, 26 

lithium oxide 55 
locating agents 14 

magnesium 
burning 44 
reaction with hydrochloric acid 49-50 
reaction with metal compound solutions 

1:28- 9 

reaction with oxygen 119, 127 
magnesium fluoride 55 

magnesium oxide 33 
malleability 87 
manganese(IV) oxide 117, 118, 205, 207 

Marsden, Ernest 16 

mass number 19, 21 
mass spectrometers 20, 23 
melting points 7 
Mendeleev, Dmitri 95-6 

metal ions 41 , 69 
metalloids 94, 97 

metals 85 
alkali metals 25-6, 103-4 
compounds with non-metals 41-2 
displacement reactions 128-9 
extraction from ores 220-2, 226-7 
properties 7, 60, 61-2, 85-7, 227-8 

purification 222 
reactions with acids 49-50, 124-5, 126, 

127-8, 165, 180-1 
reactions with halogens 109 
reactions with metal compounds in aqueous 

solution 128-9 

reactions with metal oxides 128 

reactions with oxygen 126 
reaction with water 126, 127 
reactivity series 125-6, 221 
uses 227-8 

methane 
combustion 46, 233 
reaction with bromine 152-3 

structure 41 , 56, 78, 80, 148, 149 
methylated spirits 158 

methylpropane 150 
miscible liquids 13 
mixtures 9 

separation of 11-15 

molar enthalpy change 185, 188 
molar volumes 4 9 
molecular compounds 

formation 79-80 
formulae 40-1 , 80-1 

molecular formulae 10,151 
molecules 9-1 o, 56 

moles 31-2, 48 

monomers 239 
moulding 239 

negative ions 67 
charges 42, 69 

tests for 134-0 
neon 21-2, 25, 100,101 
neutraJisations 

enthalpy change 189-90 
examples 171, 251 

meaning 166, 175 
quantities of acid and base 172-3 

neutrons 16-18, 19, 21 
Newlands, John 95 

nitric acid 135, 166, 169, 
233,251 

nitrogen 1 o, 45, 115 
nitrogen oxides 232, 233 
noble gases 100 

electronic configuration 25, 28 
obtaining 101 

properties 101 
uses 28, 101-2 

non-biodegradable plastics 240 
non-electrolytes 60 

non-metals 85 
compounds with metals 41-2 

compounds with non-metals 40-1 

ions 42 
nucleus 16, 17 

nylon 241-3 

ores, extraction of metals 220-2, 226 
oxidation 11 o, 111, 126-7 

oxides 119-20, 126 
oxidising agents 128 

oxygen 
percentage in air 114-16 
preparation 117-18 

properties 118 

reaction with metals 126 
reactions with alkanes 152 
reactions on heating with 118-19 

structure and bonding 1 o, 45, 56, 
78, 80 

test for 118, 135 

particles 
collisions 195, 199, 202-4! 
evidence for 2-3 
in motion 5-7 
properties of substances and 75-6 

size 3, 6, 203 

percentage yield 50-1 
Periodic Table 97-8, 267 

atomic structure and 17, 19 
electronic configuration and 25-8 
Mendeleev's 95-6 

trends 146 
periods (Periodic Table) 95, 97 

phosphorus 11 6 
photosynthesis 184, 194 

pH scale 165,169 
plastics 239-40 

pollution 232-3 
poly(chloroethene) 239 

poly(ethene) 238 

polymers 239 
addition polymers 238-40 
condensation polymers 241-3 

poly(propene) 239 



positive ions 67, 69 

charges 41, 69 
tests for 133-4 

potassium 25, 26, 103-4 

potassium chloride 161 
potassium manganate(VIO 3 
precipitation 17:S-9, 180, 182 

pressure 
effect on equilibrium 248 
reaction rates and 200, 203 
yield and 247, 248 

products 
calculating 48-9 
from electrolysis 70-1 

propane 149, 1-51 

proton number see atomic number 
protons 16-18, 19, 21 

radon 100 
reactants, calculating 48-9 
reaction rates 

concentration and 199-200, 203 

measuring 195-7 
pressure and 200, 203 

surface area and 198-9, 203, 206 
temperature and 201-2, 204, 247, 248 

reactivity series 125-6, 221 
redoxreactions 110, 111-13, 127-8 

reducing agents 1 28 
reduction 110, 111 , 126-7 

refrigeration 121 
relative atomic mass 268 

calculating 22-3 

meaning 16-17, 20, 22, 30 
uses 31-3, 47-8 

relative formula mass 4 7 -8 

residues 11 

respiration 111, 184 
reversible reactions 209-11 , 246 
R,value 14-15 
rusting 111, 115,118, 131-2 

Rutherford, Ernest 16 

sacrificial protection 132 

salts 173,177 
insoluble 178-9, 180, 182 
naming 173 
preparation 1 65 
soluble 180-2 

saturated compounds 156, 236 

seawater 12, 13, 105 
separation of mix1ures 

liquid/liquid mixtures 13 

similar substances 14-15 
solid/liquid mix1ures 11-13 

shells, arrangement of electrons in 24-8 

silicon 94 
silver chloride 179 
simple molecular structures 76 

sim pie molecular substances 78 
compounds of 79-80 
formulae 80-1 

properties 78-9 
slag 224, 225 
slip· 87 
sodium 

from electrolysis 63, 64-5 
properties 25, 103-4 
structure 26, 72, 104 

sodium chloride 

electrolysis of 57, 63, 64-5, 258-9 
ionic bonding and structure 41, 54, 72, 73 

see also common salt 

sodium hydroxide 
production 258-9 
reaction with hydrochloric acid 172-3, 

189-90 

strength 174 
testing for cations 134 

sodium thiosulfate 201-2 

solids 

changes of state 7 
conductivity 60, 61 
particles in 6, 7 

separation of solid/liquid mixtures 11-13 

solubilityof 12-13 
state symbol 45 

soluble salts 180-2 
soluble solids 12-13 
solutes 12 
solutions 12-13 

aqueous 45, 61, 128-9 

enthalpy changes in 188-90 
solvents 12, 13 
soot 232, 233 

specific heat capacity 187 
state symbols 45 
steel 

protection of 132 

uses 227, 228 
welding 111-12 

structures of substances 75-7 

sugar 

dissolving 2 
fermentation 157-8, 159 

structure 78 
sulfates 135 
sulfur 

extraction 254 

reaction with oxygen 119 

sulfur dioxide 232, 233-4, 254 

sulfuric acid 
conductivity 60 
manufacture 254-5 

reactions wi1h metals 125 

uses 255--6 
sulfur trioxide 254-5 
surface area 198-9, 203, 206 

suspensions 12 
system 183 

temperature 

changes of state 7 
effect on equilibrium 248-9 
particle motion and 6 

reaction rates and 201-2, 204, 24?, 248 
yield and 247, 248 

theoretical yield 50-1 

thermal decomposition 1 22, 126 
Thomson, JJ. 16 
titration 172-3 
transition elements 97, 98, 205, 207 

unsaturated compounds 156, 236 

vanadiumM oxide 207, 25-4 
Van der Waals forces 78 
volume, measurement of 49-50 

water 

acidity and 166-7 

extraction from seawater 13 

formula 33 

purification 11-12 

reaction with metals 126, 127 
reactions with oxides 11 9-20 
structure and bonding 9, 1 O, 40, 45, 56, 

78,80 
test for presence 136-7' 

test for purity 137 
water of crystallisation 177 

welding 111-12 

word equations 44, 45 

xenon 1 00, 101 

yield 
dynamic equilibrium and 248-9 
optimising 247-8 

percentage 50-1 

zinc 113, 132,190 
zinc oxide 181 , 221 
zinc sulfate 181 
zinc sulfide 221 


