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Introduction
The Exam Success series will help you to reach your highest potential and achieve the best possible grade.  
Unlike traditional revision guides, these new books give advice on improving answers, helping to show you 
what examiners expect of candidates. All the titles are written by authors who have a great deal of experience 
in preparing candidates for exam success.

Exam Success in Cambridge International AS and A Level Chemistry covers the requirements of the AS Level 
and A Level Cambridge 9701 Chemistry syllabus. The first 23 units cover the syllabus content, while Unit 24 
provides advice on practical work for papers 3 and 5; and Unit 25 consists of questions in the styles of the five 
exam papers, with exam tips to support your work.

At the start of each unit, cross-references are given to Chemistry in Context for Cambridge International AS & 
A Level, should you wish to study the topic in more depth. Throughout the book, a grey vertical bar shows AS 
content, and a blue bar shows A Level content.

Each Exam Success book has common features to help you do your best in the exam:

Key terms

These give easy-to-
understand definitions of 
important terms. 

Common errors✗

These are errors that students have made in past exams, helping you to 
avoid similar mistakes.

★ Exam tips

These provide guidance 
and advice to help you 
understand exactly what 
examiners are looking for.

Key points

 These summarise what you need to show that you can do in the  
exam. Check them off one by one when you are confident.

Link

These show where in the 
book you can find more 
information about the topic. 

Worked examples 
These give examples of questions, and show you how best to answer them. 

Remember

These include key information that you must remember if you are to 
achieve a high grade.

Maths skills

These remind you of the 
vital mathematical skills 
that you need in order to 
answer exam questions in 
chemistry.

  Chemical 
tests

These describe how to use 
simple chemistry to identify 
substances.

 Raise your grade
 Here, you can read answers by candidates who did not achieve 

maximum marks, as well as find out how to improve their answers.

 Practical skills
These describe practical skills that you might be tested on, and are 
intended as reminders of work you may have already done in the lab. 
They are not complete instructions with safety guidance.

?  Exam-style questions
Each unit has examples of the sort of questions to expect in the 
exam. Answers are available on the OUP support website.

Access your support website for additional content here: 
www.oxfordsecondary.com/9780198409922
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1Atoms, molecules and stoichiometry

Relative masses of atoms and molecules
Atoms, molecules and ions, as well as sub-atomic particles, have tiny masses. 
Chemists compare these using relative masses.

Key terms

The relative atomic mass, Ar, of an element is the weighted average 
mass of one atom of the element relative to one-twelfth the mass of one 
atom of carbon-12.

The relative isotopic mass of an isotope is the mass of one atom of the 
isotope relative to one-twelfth the mass of one atom of carbon-12.

The relative molecular mass, Mr, of an element or compound is the  
sum of the relative atomic masses of all the atoms in its molecular 
formula.

The relative formula mass, Mr of a compound is the sum of the relative 
atomic masses of all the atoms in its formula.

Exam tip

You need to learn all 
definitions very carefully –  
make sure that you are 
word perfect.

★

Remember

Relative atomic mass and relative isotopic mass are not the same thing – 
make sure you know the difference. Relative isotopic mass refers to one 
isotope only, but relative atomic mass takes into account the different 
isotopes of an element.

1
Atoms, molecules and 
stoichiometry

A
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Key points

 Use ideas about moles and relative masses.

 Analyse mass spectra.

 Calculate formulae.

 Write and use balanced equations.

 Do calculations involving reacting masses, gas volumes and solution concentrations.

Remember

Isotopes are atoms of the 
same element with different 
numbers of neutrons.

Remember

You can find Ar values in 
the periodic table of the 
data booklet.

Remember

The values for relative 
masses have no units 
since their values are 
relative to the mass of 
something else, i.e. one-
twelfth of the mass of a 
carbon-12 atom.  

Worked example
What is the relative formula mass of aluminium sulfate, Al2(SO4)3?

Answer

Relative formula mass, Mr, is the sum of all the relative atomic masses, 
Ar, of the atoms in the formula.

Ar(Al) = 27.0, Ar(S) = 32.1 and Ar(O) = 16.0
So Mr  = (2 × 27.0) + 3 × [32.1 + (4 × 16.0)]
         = 54.0 + (3 × 96.1)
         = 342.3

AS 1.1–1.10 pages 1–17 
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The mole and the Avogadro constant
The mole is the amount of substance containing 6.02 × 1023 particles of that 
substance. It is the amount of substance containing as many particles as there 
are atoms in 12 g of carbon-12.

One mole of an element has a mass equal to its relative atomic mass in 
grams. One mole of a compound has a mass equal to its relative molecular 
mass in grams, or its relative formula mass in grams. 

Key term

Mole: the mole, or mol, 
is the basic unit for 
measuring amounts of 
substances.

Remember

The kilogram, kg, is the 
unit for mass.

To calculate the amount of substance in moles, use the equation below:

Amount of substance (mol) = 
mass of substance (g)

mass of 1 mol (g mol )–1

Worked example
What is the mass of:

a) one mole of sulfur trioxide molecules, SO3

b) one mole of oxygen molecules, O2?

Answer

a) Relative formula mass, Mr = 32.1 + (3 × 16.0)
= 80.1

 So the mass of 1 mol, M = 80.1 g

b) Relative formula mass, Mr = 2 × 16.0
= 32.0

 So the mass of 1 mol, M = 32.0 g

Exam tip

Read the question 
carefully. The question 
asks for the mass of 
one mole of oxygen 
molecules, O2, not one 
mole of oxygen atoms, O.

★

Worked example
Gold (Au) is traded in kilobars. The mass of one kilobar is 1000 g. What 
amount of gold is this?

Answer

Relative atomic mass, Ar = 197.0

Mass of 1 mol, M = 197.0 g mol–1

Maths skills

Bidmas
In calculations, you must perform operations in the correct order. The mnemonic BIDMAS is useful for 
remembering this order:

• Brackets – if an expression shows two types of brackets (round and square), perform the operation in 
the inside brackets first.

• Indices, which means powers, such as 32

• Division and Multiplication
• Addition and Subtraction

For example, in the worked example above, (2 × 27.0) + 3 × [32.1 + (4 × 16.0)]:

• Start by multiplying the numbers in the inside brackets: (2 × 27.0) = 54.0 and (4 × 16.0) = 64.0
• Then complete the operation in the outside brackets by doing the addition: 32.1 + 64.0 = 96.1 
• Next, perform the multiplication outside the square bracket: 3 × 96.1 = 288.3
• Finally, do the addition: 54.0 + 288.3 = 342.3 
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1Atoms, molecules and stoichiometry

Maths skills

Significant figures
The number of digits, or figures, in a quantity show how accurately  
the quantity has been measured. These are the significant figures  
(see Table 1.1). 

▼ Table 1.1 The number of significant figures in some numbers

 
 

Number

Number of 
significant 

figures

 
 

Note

2308 4 A zero between other digits is significant.

2.308 4

0.002 308 4 A zero before other digits is not significant.

230 800 4 A zero after other digits is not significant…

230.800 6 …except when it is after the decimal point.

The answer to the worked example above is given to 4 significant 
figures, since the data given in the question has 4 significant figures. 
When performing calculations, your answers should reflect the number of 
significant figures given or asked for in the question. When rounding up 
or down, make sure that you do not lose significant figures unnecessarily, 
nor use more significant figures than are justified.

The number 6.02 × 1023 is the Avogadro constant, L. 

Number  of atoms, molecules or formula units  
= amount of substance (mol) × Avogadro constant (mol–1)

Remember

6.02 × 1023 is the same as 602 000 000 000 000 000 000 000.

Maths skills

Standard form
Scientists use standard form for quantities that are very large or very small. In standard form, a number 
has two parts:

• The first part is a decimal number with one digit before the decimal point, for example 2.3. 

• The second part gives the power of 10, for example 10–3 or 103. 

The number 2.3 × 103 means 2300. You can work it out by multiplying 2.3 by 103 (103 is 1000).

The number 2.3 × 10–3 means 0.0023. You can work it out by multiplying 2.3 by 10–3 (10–3 is 0.001).

You need to use a special button on your calculator when using numbers in standard form. Make sure you 
know which button to use.

Key term

Avogadro constant: 
the number of atoms, 
molecules or formula 
units in one mole of any 
substance. You can use 
the equation to calculate 
the number of atoms, 
molecules or formula  
units in a given amount  
of substance.

Amount of gold in one kilobar (mol) = 
mass of gold kilobar (g)

mass of 1 mol (g mol )–1

                 = 
1000 g

197.0 gmol 1–

                = 5.076 mol

Exam tip

Include units at all stages 
of your calculations. The 
units on both sides of 
the equation should be 
the same. If they are not, 
check for mistakes.

★
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Worked example 
A glass holds 250 g of water, H2O. 

a) Estimate the number of water molecules in the water in the glass.

b) Estimate the number of hydrogen atoms in the water in the glass.

Answer

a) Start by calculating the mass of 1 mol, M.

 M = (2 × 1.0 g) + 16.0 g
= 18.0 g

 Now calculate the amount of water, in mol.

 Amount of  water (mol)=
mass of water (g)

mass of 1 mol (g mol )

=
250g

18 g mol

=13.9 mol

–1

–1

 Now calculate the number of molecules.

 Number of molecules = 13.9 mol × 6.02 × 1023 mol–1

            = 8.37 × 1024

b) The formula H2O shows that there are two atoms of hydrogen in each 
water molecule.

 So the number of hydrogen atoms =  2 × number of water molecules

                                                        = 2 × 8.37 × 1024

                                                        = 1.67 × 1025

Remember

There is no unit, since the 
answer is a number only.

The determination of relative atomic masses, Ar , 
from mass spectra
The mass spectrum of a naturally occurring sample of an element shows the 
relative isotopic mass of each isotope and the relative abundance of each 
isotope. The mass spectrum for neon (see Figure 1.1) shows that neon has 
two isotopes, with relative isotopic masses 20 and 22. There are 9 atoms of 
20Ne for every 1 atom of 22Ne.

You can find the relative atomic mass of an element if you know the relative 
abundance of each of its isotopes:

Ar = (fraction of sample that is isotope 1 × relative isotopic mass of isotope 1) 

+ (fraction of sample that is isotope 2 × relative isotopic mass of isotope 2)

Link

There is more about mass 
spectrometry in Unit 22, 
Analytical techniques.

▲ Figure 1.1 The mass 
spectrum of neon
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Worked example 
The mass spectrum in Figure 1.2 is for naturally occurring magnesium. 
Use data from the mass spectrum to calculate the relative atomic mass of 
magnesium. 
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▲ Figure 1.2 The mass spectrum of magnesium

Answer

Ar =  (fraction that is 24Mg × relative isotopic mass of 24Mg)  
+ (fraction that is 25Mg × relative isotopic mass of 25Mg)  
+ (fraction that is 26Mg × relative isotopic mass of 26Mg)  

Ar = (0.79 × 24.0) + (0.10 × 25.0) + (0.11 × 26.0)

Ar = 24.3

Remember

In calculations, include 
all the isotopes that 
are shown on a mass 
spectrum. Figure 1.2 
shows three isotopes of 
magnesium, which must 
all be included in the 
calculation.

The calculation of empirical and  
molecular formulae
Read the definitions for empirical formula and molecular formula  
carefully, and note the difference between them. 

For example, a vitamin C molecule is made up of 6 carbon atoms, 8 hydrogen 
atoms and 6 oxygen atoms. Its molecular formula is C6H8O6. Its empirical 
formula shows the simplest ratio of the number of atoms of each element, 
and is C3H4O3. 

You can calculate empirical and molecular formulae if you know the 
composition by mass of a compound:

1  Write down the masses of each element in a sample of the compound 
(you will be given this data).

2  Calculate the number of moles of each element.

3  Calculate the simplest ratio for the number of atoms of each element. 
This gives you the empirical formula.

4  Use the value of Mr to work out the molecular formula.

You can also calculate empirical and molecular formulae from combustion 
data. Question 2 in the worked example below shows how to do this.

Key terms

Empirical formula: this 
shows the simplest 
whole-number ratio for 
the atoms of each element 
in a compound.

Molecular formula: this 
shows the actual number 
of atoms of each element 
in one molecule of a 
compound.
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Worked examples 
1  A sample of a compound contained 1.320 g of carbon and 0.330 g  

of hydrogen only. Its Mr is 30.0. What is its molecular formula?

Answer

carbon hydrogen
1 Masses of elements in compound 1.320 g 0.330 g

Mass of 1 mol of elements 12.0 g mol–1 1.0 g mol–1

2 Number of moles of each element  
in compound 

1.32 g

12.0 g mol–1

= 0.110 mol

0.330 g

1.00 g mol–1

=0.330 mol

3 Ratio of masses of atoms 0.110

0.110 
= 1

0.330

0.110 
 = 3

So the empirical formula is CH3. 

The relative mass shown by the empirical formula = 12.0 + (3 × 1.0) = 15.0

Since Mr = 30.0, there are twice as many atoms in the molecular formula  
as in the empirical formula, so the molecular formula of the compound is 
C2H6.

2  On combustion, a sample of a compound containing only carbon 
and hydrogen produced 1.10 g of carbon dioxide and 0.90 g of water. 
Calculate the masses of carbon and hydrogen in the compound.

Answer

Amount of CO2 (mol) =
mass of substance (g)

mass of 1 mol (g mol )–1

=
1.10g

44.0gmol 1–

= 0.025 mol

One mole of CO2 contains 1 mol of carbon, so 0.025 mol of CO2 contains 
0.025 mol of carbon.

So the mass of carbon in the sample of the compound  
 = amount of substance (mol) × mass of 1 mol (g mol–1)

 = 0.025 mol × 12.0 g mol–1  = 0.30 g

Amount of H2O (mol) =
mass of substance (g)

mass of 1 mol (g mol )–1

= 
0.90g

18.0gmol 1–

= 0.050 mol

One mole of H2O contains 2 mol of hydrogen, so 0.05 mol of H2O contains  
(2 × 0.05) = 0.10 mol of hydrogen.

So the mass of hydrogen in the sample of the compound  
 = amount of substance (mol) × mass of 1 mol (g mol–1)

 = 0.10 mol × 1.0 g mol–1  = 0.10 g
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Reacting masses and volumes of solutions  
and gases
Balancing equations
To calculate the masses of substances that react together, and the masses of 
products formed, you need to write balanced equations. Follow these steps to 
write a balanced equation:

1 Write a word equation.

2 Write chemical symbols of elements and chemical formulae for 
compounds below their names in the word equation.

3 Balance the equation by writing numbers to the left of the symbols and/
or formulae until there are the same number of atoms of each element on 
both sides of the equation.

4 Add state symbols if possible, and certainly if you are asked to.

Worked example 
When propane gas (C3H8) burns in a camping stove, the products are 
carbon dioxide and water. Write a balanced equation for the reaction.

Answer

Step 1 propane + oxygen → carbon dioxide + water
Step 2 C3H8 + O2 → CO2 + H2O
Step 3 C3H8 + 5O2 → 3CO2 + 4H2O
Step 4 C3H8(g) + 5O2(g) → 3CO2(g) + 4H2O(l)

Common error

Candidates often confuse the small numbers in chemical formulae  
with the numbers of molecules. You must only change the large numbers 
to the left of symbols and formulae when balancing equations.

Remember

The numbers on the left 
of a formula apply to 
each type of atom in that 
formula.

✗

It is useful to know the masses of reactants that react together, or the masses 
of products made. You can calculate reacting masses by following these steps:

1 Write a balanced equation.

2 Write the number of moles of the reactants and products of interest.

3 Use values of Ar and Mr to calculate reacting masses of reactants and 
products of interest.

4 Scale up – or scale down – these reacting masses.

Worked example 
Calculate the mass of carbon dioxide produced on the complete combustion 
of 100 g of methane, and the mass of oxygen used in the reaction.

Answer

Step 1 CH4 + 2O2 → CO2 + 2H2O
Step 2 1 mol of CH4 reacts with 2 mol of O2 to make 1 mol of CO2

840992_ESG_Chemistry_Unit01.indd   7 07/11/2017   10:28
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Reacting volumes of gases
As well as calculating reacting masses, you can also work out volumes of 
gases that react. Since 1 mol of any gas occupies the same volume (24.0 dm3 
at room temperature and pressure, or 22.4 dm3 at standard temperature and 
pressure) you can use the volume of a gas to calculate its amount:

Amount of gas (mol)=
volume of gas (dm )

molar volume (dm mo

3

3 ll )1–

Worked example 
Calculate the volume of carbon dioxide produced on complete combustion 
of 10.0 g of heptane, C7H16, at room temperature and pressure.

Answer

C7H16 + 11O2 → 7CO2 + 8H2O

1 mol of heptane produces 7 mol of carbon dioxide.

Mr(C7H16) = 100.0 so 10.0 g is 0.1 mol

0.1 mol of heptane produces 0.7 mol of carbon dioxide

Volume of 0.7 mol of CO2 (dm3) = amount of gas (mol) ×  molar volume 
(dm3 mol–1)

= 0.7 mol × 24 dm3 mol–1

= 16.8 dm3

Volumes and concentrations of solutions
Chemists need to know how to make solutions of given concentrations. The 
concentration of a solution is given by the expression below:

Concentration (mol dm–3) = 
amount of solute (mol)

volume of solution (dm )3

Remember

1 dm3 = 1000 cm3 = 1 litre

Step 3 M (CH4) = 16.0 g
 M (O2)   = 32.0 g 

 M (CO2) = 44.0 g

Since 1 mol of CH4 reacts with 2 mol of O2 to make 1 mol of CO2, 16.0 g of 
CH4 reacts with (2 × 32.0 g) = 64.0 g of oxygen to make 44.0 g of CO2.

Step 4 Use ratios to find the masses of O2 and CO2.

 Mass of oxygen = 
64
16

 × 100 g 

= 400 g

 Mass of carbon dioxide = 
44
16

 × 100 g

= 275 g

Worked example 
Normal saline solution used in hospitals is sodium chloride solution of 
concentration 0.154 mol dm–3.  

Calculate the mass of solute needed to make 10.0 dm3 of the solution.
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Answer

Amount of solute (mol) 
= concentration (mol dm–3) × volume of solution (dm3)

= 0.154 mol dm–3 × 10.0 dm3

= 1.54 mol

Mr(NaCl) = 23.0 + 35.5 = 58.5 

So mass of 1.00 mol = 58.5 g

Mass of 1.54 mol(g) = 1.54 mol × 58.5 g mol–1

= 90.1 g

Maths skills

Changing the subject of an equation
To change the subject of an equation, carry out the same operation, for example multiplying, to both sides 
of the equation to get the variable that you want on its own. 

For example, in the worked example above, 

concentration (mol dm–3) = 
amount of solute (mol) 

volume of solution (dm )3

To get amount of solute on its own multiply both sides by volume of solution and then cancel out:

concentration (mol dm–3) × volume of solution (dm3) 

= 
amount of solute (mol) 

volume of solution (dm )
volume of 

3
× ssolution (dm )3

concentration (mol dm–3) × volume of solution (dm3) 

= amount of solute (mol)

Stoichiometric relationships
You can use reacting masses, volumes and solutions to work out the amounts 
of reactants and products in chemical reactions. This makes it possible to 
deduce stoichiometric relationships. 

Follow these steps to work out the equation for a reaction:

1 Find by experiment the masses or volumes of reactants and products.

2 Convert the masses and volumes to amounts in moles.

3 Work out the simplest whole-number ratios for the amounts in moles.

Worked example 
0.460 g of sodium reacts with 0.240 dm3 of chlorine, measured at room 
temperature and pressure. The product of the reaction is sodium chloride, 
NaCl. Show that the equation for the reaction is: 2Na + Cl2 → 2NaCl

Answer

Amount of Na in moles =
0.460g

23.0gmol–1
 = 0.020 mol

Amount of Cl2 in moles =
0.240dm

24.0dm mol3

3

1–
 = 0.010 mol

The ratio of the amounts of Na : Cl2 is 
0.020 mol : 0.010 mol

2 : 1

Key terms

Stoichiometric 
relationship: the 
stoichiometric relationship 
for a reaction is the 
simplest whole-number 
ratio for the molar 
amounts of reactants and 
products.

Remember

Rearrange the equation 
you are using so that 
the quantity you want to 
calculate is the subject.
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 Raise your grade
 (a) Define the term mole.  [1]

The relative atomic mass of an element in grams. ✘

 (b) 1.00 g of a sample of a compound of empirical formula CxHyOz was burnt in excess oxygen. 

 The carbon dioxide produced was absorbed by soda lime granules in a test tube, and the water 
produced was absorbed by anhydrous calcium chloride in another test tube. The table shows the 
increase in mass of the two test tubes and their contents.

Substance in test tube at 
start

Mass of test tube and 
contents at start /g

Mass of test tube and 
contents at end /g

Soda lime 32.22 33.69

Anhydrous calcium carbonate 31.98 32.58

(i)   Calculate the masses of carbon dioxide and water produced in the reaction.

Mass of carbon dioxide = 33.69 g – 32.22 = 1.47 g

Mass of carbon dioxide = 1.47 g 

Mass of water = 0.60 g ✔ [1]

(ii)  Calculate the amounts of carbon and hydrogen in the sample.

mass of 1 mole of CO2 = 44 g, so in the sample there are 1.47 ÷ 44 g = 0.0334 mol of CO2.

mass of 1 mole of water = 18 g, so in the sample there are 0.0333333333333 mol of H2O

Amount of carbon = 0.0334 mol ✔

Amount of hydrogen = 0.03333333333 mol ✘ [3]

(iii) Calculate the masses of carbon, hydrogen and oxygen in the sample. [3]

There are 0.0334 mol of carbon in the sample. This has a mass of 12 g mol–1 × 0.0334 mol 

= 0.4008. ✔

Mass of hydrogen = 0.0333 since its Ar is 1. ✘

Mass of oxygen = mass of sample – (mass of carbon + mass of hydrogen)

= 1.00 g – (0.4008 g + 0.0333 g) = 0.566 g ✔   (ecf) 

This definition is incomplete – the candidate needs to be word perfect when learning definitions.

Both answers are correct. The candidate has 
shown their working clearly for carbon dioxide, 
and included the units. It would be useful to show 
the working for water as well.

The first answer is correct, but the second answer is the amount of water, not the amount 
of hydrogen. Also, the number of significant figures should be no more than the number 
of significant figures given in the data in the question.

Again, the candidate should have shown their working for the water calculation.

This answer is incorrect. 1 mol of H2O 
has 2 mol of H atoms, so the mass of H 
in the sample = 0.0334 × 2 = 0.0668 g

This answer gains a mark, since the working is correct. 
The value substituted in the equation for the mass of 
H should be 0.0668 not 0.0333. The correct answer is 
0.5324 g. ‘ecf’ stands for ‘error carried forward’.

Mass of carbon = 0.4008 g
Mass of hydrogen = 0.0668 g
Mass of oxygen = 0.5324 g
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(iv) Deduce the values of x, y and z in CxHyOz.

Amount C in sample = 0.0334 mol (from part (ii))

Amount of H in sample = 0.0333 mol (from part (ii))

Mass of O in sample is 0.566 g ÷ 16 g mol–1 = 0.035 mol

The amounts are all approximately the same, so the ratio is 1:1:1.

x = 1 ✔ 

y = 1 ✔     (ecf)
z = 1 ✔     (ecf) [3]

(v)   The relative molecular mass of CxHyOz is 60. Deduce the molecular formula of the compound.
 molecular formula = CHO ✘ [1]

(c)  Soda lime granules are used to absorb the carbon dioxide that is breathed out by a patient in an 
operation. Soda lime is a mixture of calcium hydroxide with smaller amounts of water, sodium 
hydroxide and potassium hydroxide.

(i)  Carbon dioxide reacts with calcium hydroxide to make calcium carbonate and water. 
Write an equation for the reaction.  [1]

CO2 + Ca(OH)2 → CaCO3 + H2O ✔

( ii) A patient exhales 7 dm3 of gases every minute, measured at room temperature and pressure.
Her exhaled breath contains 3% carbon dioxide.
Calculate the mass of water produced as a result of the reaction in (i) in one minute.  [3]

Volume of CO2 per minute = 
3

100
 × 7 dm3 = 0.21 dm3

1 mol of gas occupies 24 dm3 at room temperature and pressure, 

so amount of CO2 = 
0.21dm

24 dm mol

3

3 –1
 = 8.75 × 10–3 mol ✔

The equation shows that 1 mol of CO2 makes 1 mol of H2O 

so amount of water = 8.75 × 10–3 mol ✔

1 mol of water has a mass of (2 × 1.0) + 16 = 18 g

So mass of 8.75 × 10–3 mol of water = 0.158 g

Mass of water = 0.158 g ✔ 

The candidate has shown their working, which is correct. For this reason 
they gain full marks for this part of the question.

The correct amount of oxygen is 0.5324 g ÷ 16 g mol–1 = 0.0333

This gives the correct ratio as C : H : O
  0.0334 : 0.0666 : 0.0333

Then divide the three numbers by the smallest number, 0.0333, to get 
the simplest ratio.

This gives  x = 1, y = 2 and z = 1

The correct empirical formula (from (iv)) is CH2O. The value of Mr for this is given by
12.0 + (2 × 1.0) + 16.0 = 30.0
This is half the value of the Mr given, so the correct molecular formula is C2H4O2.

This answer is correct, and the working is clearly shown throughout. 
It gains full marks.
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?  Exam-style questions
1 What is the relative formula mass of aluminium 

sulfate, Al2(SO4)3?

 A 123  B 150  C 315  D 342 [1]

2 (a) Define the term relative atomic mass.  [1]

 (b)  The table shows the isotopes in a naturally 
occurring sample of zinc. 

 Use data from the table to calculate the 
relative atomic mass of zinc.

 Show all your working, and give your  
answer to three significant figures. [2]

Relative isotopic 
mass

Relative 
abundance (%)

64 49

66 28

67 4

68 19

3 Nonane is a component of kerosene, which is 
used as jet fuel.

 100 g of nonane, C9H20, was completely burnt  
in a jet engine, forming carbon dioxide and  
water.

 (a)  Construct a balanced equation for the 
reaction. [1]

 (b)  Calculate the amount of nonane burnt, in 
moles. [2]

 (c) Calculate: 

   (i)    the amount of oxygen, O2, required, in 
moles [2]

   (ii)  the mass of oxygen required, in grams [2]

   (iii)  the volume of oxygen required, in dm3, at 
room temperature and pressure. 

Assume that one mole of gas occupies 
24.0 dm3 under these conditions. [2]

 (d)  Estimate the volume of air required for the 
reaction.

   Assume that air is 21% oxygen by volume. [1]

 (e) Calculate the mass of carbon dioxide formed. 
 [2]

4 A salt, X, has the formula (NH4)aFeb(SO4)c.dH2O.

 (a)  A sample containing 0.981 g of X was 
dissolved in water.

    The solution was added to barium chloride 
solution, BaCl2, and a precipitate formed.

    The mixture was filtered and the precipitate 
was dried and weighed. 

   The mass of precipitate formed was 1.17 g.

   (i)    Deduce an ionic equation for the  
reaction of barium and sulfate ions  
in solution to make a precipitate of 
barium sulfate. [1]

   (ii)   Calculate the amount of precipitate 
formed, in moles. [2] 

   (iii)  Deduce the amount of sulfate in 1.00 g  
of X, in moles. [1]

   (iv)  Calculate the mass of sulfate in 1.00 g  
of X, in grams. [2]

 (b)  A fresh 0.981 g sample of X was added to 
sodium hydroxide solution.

   0.120 dm3 of ammonia gas was produced.

   (i)   Calculate the amount of ammonia, NH3, 
produced, in moles. 

Assume that one mole of gas occupies 
24.0 dm3. [2]

   (ii)  Calculate the mass of ammonium,  
NH4

+, in 1.00 g of X. [2]

 (c)  A fresh 0.981 g sample of X was dissolved  
in water to make 25.00 cm3 of solution. 

    The solution was titrated with 0.020 mol dm–3 
potassium manganate(vii) solution. 

    25.00 cm3 of the potassium manganate(vii) 
solution was required.

    The equation for the reaction is 

MnO4
– + 5Fe2+ + 8H+ → Mn2+ + 5Fe3+ + 4H2O

   (i)    Calculate the amount of MnO4
– used in  

the reaction. [2]

   (ii)   Calculate the amount of Fe2+in the  
sample of X. [2]

   (iii)  Calculate the mass of Fe2+in the  
sample of X. [2]

 (d) (i)   Use your answers to parts (a), (b)  
and (c) to calculate the mass of water  
in 0.981 g of X. [2]

   (ii)  Calculate the amount of water in  
0.981 g of X, in mol. [2]

 (e)  Deduce the values of a, b, c and d in the 
formula of X. [2]
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