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1.1 Formulae, equations and 
amounts of substance
This topic will provide students with a quick guide to writing chemical formulae and 
equations. It will also enable them to see a structured approach to the wide range of 
calculations examined in this module with worked examples and opportunities to try 
some themselves. 

Learning outcomes
• Write formulae of ionic compounds by predicting the ionic charge from the position 

of an element in the Periodic Table and by recalling the following molecular ions and 
their formulae:  
sulfate SO2-, sulfite SO2-, thiosulfate S2O2-, hydrogensulfate HSO- , 
hydrogencarbonate HCO-  , carbonate CO2-, nitrate NO- , nitrite NO- ,  
phosphate PO3-, chlorate ClO- , hypochlorite ClO-, hydroxide OH-, dichromate Cr2O2-

chromate CrO2-, permanganate MnO- , ammonium NH+ .

• Write and balance equations for unfamiliar reactions given appropriate information.

• Write balanced equations (full and ionic) including state symbols, for all reactions 
studied.

• Define and demonstrate understanding of the terms Avogadro’s constant, the mole 
and molar mass.

• Use Avogadro’s constant in calculations.

• Calculate reacting masses of substances, including examples in which some 
reactants are in excess.

• Demonstrate understanding of the terms anhydrous, hydrated and water of 
crystallisation and calculate the moles of water of crystallisation present from 
percentage composition, mass composition or experimental data.

Mathematical Content 
This topic will provide students with the opportunity to:

• Carry out conversion between units.

• Use standard form in a series of calculations involving Avogadro’s Constant.

• Rearrange formulae in mole calculations.
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Writing Chemical Formulae
A chemical formula is a notation that uses symbols with numerical subscripts to 
represent the relative proportions of atoms of the different elements in the substance. 
It is possible to represent both elements and compounds using a chemical formula. 

The majority of the elements in the Periodic Table can be represented by using their 
symbol on its own:
For example: 

However, a number of elements exist as molecules and this is represented in their 
formulae.

The following elements are said to be diatomic as their molecules contain two atoms:

The element phosphorus exists in molecules with four atoms, P4 , and sulfur exists in 
molecules containing 8 atoms, S8.

Ionic compounds
Writing the formula for an ionic compound requires knowledge of the charges of the 
ions present in the compound. Ionic compounds are electrically neutral. In an ionic 
compound the total positive charge must be exactly the same as the total negative 
charge.

Sodium Na

Carbon C

Hydrogen H2

Oxygen O2

Iron Fe

Helium He

Nitrogen N2

Group VII F2, Cl2, Br2, I2
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It is possible to use the Periodic Table to identify the charge of a simple ion formed 
from the atom of an element:

There are cases where the name will also help. Some transition metal compounds will 
have a roman numeral following the name of the metal which tells you the charge 
on the particular metal ion in the compound e.g. iron(III) oxide, the (III) tells you the 
charge on the iron ion is 3+, Fe3+. 
There are a number of ions that contain more than one element that must also be 
learnt: 

Group in Periodic Table Charge on Ion

1 1+

2 2+

3 3+

5 3-

6 2-

7 1-

Ion Formula

sulfate SO2-

sulfite SO2-

thiosulfate S2O2-

hydrogensulfate HSO-

hydrogencarbonate HCO-

carbonate CO2-

nitrate NO-

nitrite NO-

phosphate PO3-

chlorate ClO-

hypochlorite ClO-

hydroxide OH-

dichromate Cr2O2-

chromate CrO2-

permanganate MnO-

ammonium NH+

4
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Here is a step by step method to work out the formula of an ionic compound.

Worked examples
Magnesium Chloride

1. Identify the components of the compound and their ionic charges.

 Magnesium  Group II  Mg2+

 Chloride  Group VII  Cl-

2. Check if there are equal numbers of positive and negative charges. 
 In this case we have 2 positive charges and only one negative charge therefore   
 another negative charge (chloride) is needed to make them equal.

 Mg2+   Cl-

     Cl-

3. Write down the number of each type of ion needed, the metal or positive ion should 
be first.

4. The formula of magnesium chloride is MgCl2.

Barium Nitrate
In this example an ion containing more than one element will be used as something 
different happens.

1. The two components are:

 Barium  Group II Ba2+

 Nitrate    NO 
-
3
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2. The positive and negative charges are not equal, another nitrate ion is needed.

 Ba 2+   NO 
- 

    NO 
- 

3. Write down the number of each type of ion needed, the metal or positive ion should 
be first.

4. The formula of barium nitrate is Ba(NO3)2.

NOTE: if one of the ions contains more than one element and two or more of these ions 
are required then a bracket must be used. The number outside the bracket refers only 
to the atoms of the ion inside the bracket.

TEST YOURSELF 1.1.1
Write the formulae for the following compounds:

1. Sodium bromide

2. Aluminium oxide

3. Potassium nitride

4. Calcium hydroxide

5. Iron(III) chloride

6. Ammonium sulfate

7. Potassium dichromate

8. Magnesium hydrogencarbonate

9. Silver sulfite

10. Copper(II) nitrate

3

3
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Writing and Balancing Equations
Chemical equations provide information about what is happening in a reaction. They 
can be written in terms of words or symbols. The equations will show the reactants on 
the left and the products of the reaction on the right.

Example: when hydrogen burns in air it produces water.

Word equation:   hydrogen + oxygen  → water 

Symbol equation:  H2 + O2 → H2O

For the equation to be balanced there must be an equal number of atoms on either 
side of the equation. 

Here is a step by step method to balancing equations.

1. Count the number of each type of atom on either side of the equation.

 H2 + O2 → H2O

   H = 2               H = 2

   O = 2               O = 1 
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2. Check which atoms do not balance and add a balancing number IN FRONT of a 

formula and recount the atoms. Continue this process until all of the atoms are 
equal in number on both sides.

H2 + O2 → 2H2O
 
 H = 2   H = 4

 O = 2   O = 2 

2H2 + O2 → 2H2O
 
 H = 4   H = 4

 O = 2   O = 2 

Examiner tip
It is crucial to remember that when you are writing equations you cannot alter 
the formula of any substance. Candidates often lose marks because they write the 
incorrect formulae and then cannot balance the equation correctly.

Worked example
Lead(II) nitrate crystals are heated to give solid lead(II) oxide and a mixture of nitrogen 
dioxide and oxygen gas. Write a balanced symbol equation for this reaction.

Step 1: Write a word equation for the reaction.

 lead(II) nitrate   →   lead(II) oxide   +   nitrogen dioxide   +   oxygen

Step 2: Write the formula of each component of the equation.

 Pb(NO3)2    →    PbO    +    NO2    +    O2
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Step 3: Balance the equation.

 Pb(NO3)2    →    PbO    +    NO2    +    O2

 Pb = 1  Pb = 1

 N = 2  N = 1

 O = 6  O = 5

 Pb(NO3)2    →    PbO    +    2NO2    +    O2

 Pb = 1  Pb = 1

 N = 2  N = 2

 O = 6  O = 7

 Pb(NO3)2    →    PbO    +    2NO2    +    ½O2

 Pb = 1  Pb = 1

 N = 2  N = 2

 O = 6  O = 6

It is possible to then scale the whole equation by 2 to remove the fraction:

 2Pb(NO3)2    →    2PbO    +    4NO2    +    O2

 Pb = 2  Pb = 2

 N = 4  N = 4

 O = 12  O = 12

Watch the following clip for some interesting chemical reactions:
Amazing chemical reactions!

https://www.youtube.com/watch?v=FofPjj7v414
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TEST YOURSELF 1.1.2
Write balanced symbol equations for the following reactions:

1. Zinc metal reacts with hydrochloric acid to produce a solution of zinc chloride and 
bubbles of hydrogen gas.

2. Mixing solutions of silver nitrate and calcium chloride produces a white solid of 
silver chloride and calcium nitrate stays in solution.

Ionic equations and state symbols
Throughout the course you meet a number of reactions for which you must learn the 
balanced symbol equation. There will also be some reactions which require you to write 
the ionic equation. Ionic equations contain information about the ions taking part in 
specific equations and tend to leave out those ions which do not take part (these are 
called SPECTATOR IONS). The equations will also usually require state symbols:
(s) solid
(l) liquid
(g) gas
(aq) aqueous (a solution in water)

Worked examples
1. Solutions of silver nitrate and sodium chloride are mixed to produce a white 

precipitate of silver chloride.

 Full equation: AgNO3(aq)  +  NaCl(aq)  →  AgCl(s)  +  NaNO3(aq)

 Ionic equation: Ag+(aq)  +  Cl-(aq)  →  AgCl(s)

 Sodium ion, Na+, and nitrate ions, NO- , are the spectator ions in this reaction.

2. Magnesium reacts with hydrochloric acid to produce magnesium chloride and 
hydrogen gas.

 Full equation: Mg(s)  +  2HCl(aq)  →  MgCl2(aq)  +  H2(g)

 Ionic equation: Mg(s)  +  2H+(aq)  →  Mg2+(aq)  +  H2(g)

 Chloride ions, Cl- are the spectator ions in this reaction.

3
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TEST YOURSELF 1.1.3
Write ionic equations with state symbols for the following reactions:
1. The reaction between calcium chloride solution and sodium hydroxide solution to 

produce a precipitate of calcium hydroxide. 

2. The reaction between strontium hydroxide and sulfuric acid to give strontium 
sulfate solution and water.

3. The reaction between copper(II) sulfate solution and iron to produce iron(II) sulfate 
solution and copper. 

The Mole and Avogadro’s Constant
When we study a reaction in the laboratory there are a tremendous number of 
molecules/ions/atoms involved. Chemists have adopted the concept of MOLES as a 
way for us to deal with these large numbers. In essence a mole is a unit of chemical 
amount the same way that grams are a unit of mass and millilitres are a unit of 
volume. A mole can be defined as the amount of substance which contains the 
Avogadro number of atoms, molecules or groups of ions.

Amedeo Avogadro (1776–1856) was an Italian physicist who developed a theory 
regarding how equal volumes of gases contained the same numbers of molecules 
(Avogadro’s Law). From here the concept of Avogadro’s constant was developed.
How big is a mole? (Not the animal, the other one.) - Daniel Dulek

Avogadro’s constant is the number of atoms in 12.000 g of carbon-12. 
Avogadro’s constant is usually represented by NA (or sometimes L) and is equal to 
6.02 × 1023. It is the same as the number of particles in 1 mol of a substance. This 
value is given on the Periodic Table provided in the examinations.

12.000 g of carbon-12 is equal to 1 mole of the substance and it contains 6.02 × 1023 
atoms of carbon-12.

Mole abbreviates to mol.

https://www.youtube.com/watch?v=TEl4jeETVmg
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We can use this information to also help us understand what is happening in a 
chemical reaction.

Mg(s)  +  2HCl(aq)  →  MgCl2(aq)  +  H2(g)
1 mol         2 mol            1 mol          1 mol

1 mole of magnesium reacts with 2 moles of hydrochloric acid to produce one mole of 
magnesium chloride in solution and one mole of hydrogen gas.

The mole concept and Avogadro’s constant can be combined into an equation which 
can be used to calculate the number of particles contained within a substance. It can 
then be further used to consider how many atoms or ions are present in a substance.

Number of particles  = number of moles  × Avogadro’s constant
                 N  =                 n  ×                  NA

It is also possible to rearrange this equation to find the number of moles in a 
substance from the number of particles.

Number of moles  =  
Number of Particles

          
  Avogadro's constant

Worked examples
1. A 2p coin contains 0.5 mol of copper. How many copper atoms does it contain?

N = n × NA

N = 0.5 × 6.02 × 1023

N = 3.01 × 1023 

Answer:  3.01 × 1023 atoms of copper
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2. How many oxygen atoms are there in 0.1 mol of carbon dioxide?

First find the number of carbon dioxide molecules:

N = n × NA

N = 0.1 × 6.02 × 1023

N = 6.02 × 1022 molecules of CO2

Use the formula of carbon dioxide to find the ratio of carbon atoms to oxygen atoms.

1 × CO2 molecule = 1 × carbon atom : 2 × oxygen atoms 
6.02 × 1022  = 6.02 × 1022   : 1.204 × 1023

Answer: 1.20 × 1023 oxygen atoms

3. How many potassium ions are present in 0.05 mol of potassium sulfate?

First find the number of potassium sulfate particles:

N = n × L
N = 0.05 × 6.02 × 1023

N = 3.01 × 1022

Use the formula of potassium sulfate to find the ratio of potassium ions to sulfate ions.

1 × K2SO4  = 2 × K+ ions : 1 × SO2- ions 
3.01 × 1022  = 6.02 × 1022 : 3.01 × 1022

 
Answer: 6.02 × 1022 potassium ions.

The following clip should help you consolidate your learning on this!
The Mole & Avogadro's Number

4

https://www.youtube.com/watch?v=g_BelGwRxG8
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TEST YOURSELF 1.1.4
For all answers below, give your answer to 3 significant figures.
1. How many atoms are present in the following?

(a) 4.50 mol of silicon
(b) 10.0 mol of iron
(c) 0.500 mol of sodium

2. How many copper ions are in 0.0255 mol of copper(II) sulfate?

3. How many hydrogen atoms are in 0.210 mol of water?

4. How many chloride ions are in 0.0240 mol of magnesium chloride?

5. Which one of the following contains the greatest number of stated particles?
(a) Molecules of H2 in 1.00 g of hydrogen gas
(b) Atoms of helium in 1.00 g of helium gas
(c) Atoms of hydrogen in 1.00 mol of hydrogen gas

RFM, RMM, Molar Mass and Moles
Molar mass is the mass of one mole of a substance. The units of molar mass are 
g mol-1.

One mole of different substances will have very different masses. 

The molar mass of a substance can be found by adding together the relative atomic 
masses (RAM) for each atom in the formula of a substance. The RAM values for each 
element can be found on the Periodic Table. The value of molar mass is the same as its 
relative formula mass (RFM).

Worked examples
1. Find the molar mass of sulfuric acid H2SO4 (RAM: H=1, S=32 and O=16)

2 × H  =  2 × 1 =   2
1 × S = 1 × 32 = 32
4 × O = 4 × 16 = 64

TOTAL = 98

Molar mass of H2SO4 = 98 g mol-1
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2. Find the molar mass of calcium hydroxide, Ca(OH)2 (RAM: Ca=40, H=1 and O=16)
1 × Ca  = 1 × 40 = 40
2 × O = 2 × 16 = 32
2 × H = 2 × 1 =   2

TOTAL = 74

Molar mass of Ca(OH)2 = 74 g mol-1

Mass and molar mass (or RFM) can be linked to moles by the following equation:

number of moles =  
mass (g)   

n =
 m 

 molar mass                       RFM

MEMORY AID:

Worked Examples
1. Calculate the number of moles in 25 g of oxygen gas.

n =   
m

       RFM

   oxygen gas  = O2
   RFM = 2 × 16 = 32

n =   
25   

= 0.78 mol
         32

m
   
 

n              RFM
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2. Calculate the number of moles in 1.50 kg of copper(II) sulfate.

n =   
m

       RFM

   copper(II) sulfate = CuSO4
   1.50 kg   = 1500 g
   RFM = 64 + 32 + 4 x 16 = 160

n =   
1500   

= 9.38 mol
          160

TEST YOURSELF 1.1.5

1. How many moles in 37 g of calcium hydroxide?

2. How many moles in 1.00 kg of sodium?

3. 0.10 mole of a substance weighs 5.0 g. What is its RFM?

4. What is the mass of 0.050 moles of potassium carbonate?

5. What is the mass of 10.0 moles of sodium chloride?

Application to careers/industry
There are many careers which require competency in chemical calculations. Doctors, 
nurses and pharmacists need to be able to calculate the correct dosage of medication 
to be administered to a patient, failure to do so could result in a patient suffering from 
adverse side effects or much worse. Research scientists use calculations to carry out 
reactions in a laboratory. Once proved successful these reactions can then be used 
in industry and scaled accordingly to ensure the reactions being carried out are cost 
effective and profitable. Have a look at:  
http://www.futuremorph.org/14-16/next-steps/follow-your-favourite-subject/careers-
from-chemistry/ 
for more information about jobs which use chemistry. 

http://www.futuremorph.org/14-16/next-steps/follow-your-favourite-subject/careers-from-chemistry/ 
http://www.futuremorph.org/14-16/next-steps/follow-your-favourite-subject/careers-from-chemistry/ 
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Reacting mass calculations
Chemical equations can be used to calculate the amounts of reactants required in a 
reaction and the amounts of products that may be formed in a reaction. A step by step 
method can be used to make these calculations easy.

Worked examples
1. What mass of aluminium is needed to react with 10.0 g of CuO? Give your answer to 

3 significant figures.

Step 1: Write a balanced symbol equation for the reaction:

3CuO(s)  +  2Al(s)  →  Al2O3(s)  +  3Cu(s)

Step 2: Create a table using the equation and the information provided in the   
 question:

Key points: 
• Always calculate the RFM using the RAM values from your Periodic Table, it never 

includes the balancing number!
• To save time only complete the information for the reagents required for the 

calculation.
• Use a question mark for the quantity you are trying to calculate.

Step 3: Calculate the number of moles for the reagent with both mass and RFM   
 values:

3CuO 2Al Al2O3 3Cu

molar ratio 3 2 1 3

mass /g 10.0 ?

RFM 80 27

moles

3CuO 2Al Al2O3 3Cu

molar ratio 3 2 1 3

mass /g 10.0 ?

RFM 80 27

moles 0.125
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Step 4: Use the molar ratio to find the number of moles of the other substance  

 required in the calculation, this can be found using the balancing 
 numbers:

This step is carried out by dividing the number of moles of CuO by 3 and multiplying 
by 2 as shown by the molar ratio in the equation.

Ratio is 3:2 therefore  
0.125 

 × 2 = 0.0833
   3

Step 5: Use the number of moles and the RFM of the required substance to find 
 the mass:
 m  = n   ×   RFM
 m = 0.0833 × 27
 m = 2.25 g to 3 significant figures

For this question, the answer is asked for to 3 significant figures. Using the rounding in 
the question the answer comes out to be 2.2491 g which rounds to 2.25 g. However, the 
sequence 10.0÷80÷3×2×27 = 2.25 exactly so the rounded answer matches the answer 
which is obtained by keeping the values in your calculator.

It is always best to work with your mass quantities in grams in these questions. There 
are some instances where masses will be quoted in kilograms or tonnes so you will 
need to remember the following conversions:

1kg  =       1 000 g
1 tonne =       1 000 kg 1 tonne =       1 000 000 g

3CuO 2Al Al2O3 3Cu

molar ratio 3 2 1 3

mass /g 10.0 ?

RFM 80 27

moles 0.125 0.0833
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2. Iron is obtained from its ore iron(III) oxide using a blast furnace. Calculate the mass 

of iron that could be produced from 5.0 tonnes of the ore. 

Fe2O3   +   3CO   →   2Fe   +   3CO2 
5.0 tonnes is 5 000 000  g.

Ratio of Fe2O3:Fe  =  1:2
So moles of Fe =  31250  ×  2  =  62500 

m  = n   ×   RFM
m = 62500  ×  56
m = 3 500 000 g  =  3.5 tonnes

Watch the following clip to help consolidate your learning!
Moles Calculations - Reacting Masses

Fe2O3 3CO 2Fe 3CO2

molar ratio 1 3 2 3

mass /g 5 000 000 ?

RFM 160 56

moles 31250 62500

https://www.youtube.com/watch?v=5Eb9vrnyggk
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Calculations with reactants in excess
Sometimes questions will arise that give you information about all of the reactants 
in the reaction. In this case there will be some reactants in excess and one reactant 
which will limit the reaction. This is termed the limiting reactant. Calculations must 
be carried out to determine which reactants are in excess and which one is the limiting 
reactant.

Example: Iron can be produced by the reaction of its ore (iron(III) oxide) with carbon. 
If 3.20 kg of iron(III) oxide is reacted with 0.720 kg of carbon how much iron 
can be obtained?

Step 1: Write a balanced symbol equation for the reaction:

2Fe2O3   +   3C   →   4Fe   +   3CO2 

Step 2: Create a table using the equation and the information provided in the 
 question:

Step 3: Calculate the number of moles for BOTH reagents:

It is not as straightforward as simply looking at the number of moles and taking the 
lower value as the limiting reagent. It would only be possible to do that in a case where 
the reagents are in a ratio of 1:1.

2Fe2O3 3C 4Fe 3CO2

molar ratio 2 3 4 3

mass /g 3200 720 ?

RFM 160 12 56

moles

2Fe2O3 3C 4Fe 3CO2

molar ratio 2 3 4 3

mass /g 3200 720 ?

RFM 160 12 56

moles 20 60
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In this reaction the reagents are in a ratio of 2:3, to find which one is limiting, scale 
them both back by dividing the moles by the balancing numbers in the equation and 
the smaller of the two values obtained will indicate which reagent is limiting. The 
limiting reagent will then limit how much product is formed.

2Fe2O3 3C

molar ratio 2 3

mass /g 3200 720

RFM 160 12

moles 20 60

scale to 1 in 
the ratio

20/2
= 10

60/3
= 20

Limiting 
reagent

Excess 
reagent

Step 4: Use the limiting reagent moles and molar ratio to calculate the number of 
 moles of the desired product:

Ratio of Fe2O3:Fe = 2:4 so moles of Fe = 20 × 2 = 40.

Step 5: Use the number of moles and RFM of the required substance to find the 
 mass:

m  = n × RFM
m = 40 × 56
m = 2240 g = 2.24 kg

2Fe2O3 3C 4Fe 3CO2

molar ratio 2 3 4 3

mass /g 3200 720 ?

RFM 160 12 56

moles 20 60 40
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TEST YOURSELF 1.1.6

1. What mass of sulfur trioxide is formed from 96.0 g of sulfur dioxide with excess   
 oxygen? 

 2SO2  +  O2  →  2SO3

2. What mass of nitrogen is produced when 2.00 tonnes of ammonia gas decomposes?  
 Give your answer to 3 significant figures.

 2NH3  →  N2  +  3H2

3. What mass of oxygen is produced when 136 g of hydrogen peroxide decompose? 

 2H2O2  →  2H2O  +  O2

4. What mass of potassium oxide is formed when 7.8 mg of potassium is burned in 
oxygen? 

 4K  +  O2  →  2K2O

5. What is the maximum mass of ammonium sulfate that can be obtained from 
2.00 kg of sulfuric acid and 1.00 kg of ammonia? Give your answer to 3 significant 
figures.

 H2SO4  +  2NH3  →  (NH4)2SO4

6. Ammonia is recovered by the reaction shown. What is the maximum mass of 
ammonia that can be recovered from 2.00 tonnes of ammonium chloride and 0.500 
tonnes of calcium oxide? Give your answer to 3 significant figures.

 2NH4Cl  +  CaO  →  CaCl2  +  H2O  +  2NH3

Finding the formula of a hydrated salt
There are some important definitions to be aware of before moving any further into 
this section: 

An anhydrous salt is a salt which contains no water of crystallisation.

A hydrated salt is a salt which contains water of crystallisation.

Water of crystallisation is water chemically bonded within a crystal structure.

Hydrated salts are usually written with their water of crystallisation represented as 
shown:

CuSO4.5H2O  CuCl2.2H2O  Na2CO3.10H2O
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The number in front of the water is often called the degree of hydration. CuCO4.5H2O is 
called copper(II) sulfate-5-water or copper(II) sulfate pentahydrate.

Hydrated salts lose their water of crystallisation over time if left exposed to the 
atmosphere. This process is called efflorescence.

The degree of hydration of a sample of a hydrated salt may be calculated by heating 
the hydrated salt until all of the water of crystallisation has been removed. This is 
achieved by heating to constant mass.

There are a number of ways that these calculations may be presented:

Worked examples
1: Using mass composition.
A sample of hydrated copper(II) sulfate (6.25 g) was placed in a crucible and heated 
until all the water was driven off. The remaining salt had a mass of 4.00 g. What was 
the formula of the hydrated salt?
Step 1 : Fill in the information in the table you have been given

Step 2 : Calculate the mass of water removed

Step 3 : Calculate the moles of anhydrous salt and the water

Step 4  : Find the smallest whole number ratio

Step 5 : Write the formula

Formula: CuSO4.5H2O

CuSO4 H2O

mass /g 4.00 2.25

RFM 160 18

moles 0.025 0.125

ratio 1 5
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2: Using percentage composition.
A hydrated sample of magnesium sulfate crystals contains 9.8% magnesium, 39.0% 
sulfate and 51.2% water. Determine the formula of the crystals.

Assume the total mass is 100 g so each of the percentage values is the same as a mass 
in grams.

Formula:  MgSO4.7H2O

3: Finding the formula from the data of an experiment.
The results from an experiment heating a hydrated cobalt chloride salt are shown in 
the table below. This technique is known as heating to constant mass, continuous 
heating and weighing of a sample until two consecutive identical mass values are 
obtained.

Find the following two quantities using the experimental data:

Mass of anhydrous salt: (mass of crucible and anhydrous salt 3) – mass of crucible
    = 24.38 – 10.52 = 13.86 g

Mass of water: (mass of crucible and hydrated salt) – (mass of crucible and anhydrous 
salt 3)
    = 35.90 – 24.38 = 11.52 g

Mg2+ ions SO2- ions H2O

mass /g 9.8 39.0 51.2

RFM 24 96 18

moles 0.4083 0.4063 2.844

ratio 1 1 7

mass of crucible 10.52 g

mass of crucible and hydrated salt 35.90 g

mass of crucible and anhydrous salt    1 26.78 g

mass of crucible and anhydrous salt    2 24.38 g

mass of crucible and anhydrous salt    3 24.38 g

4
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Formulae, equations and 
amounts of substance
Use the data from the experiment to complete the table that was used in the previous 
examples:

Formula: CoCl2.6H2O

Examiner tip
In all calculations write your working out in full, this may allow the examiner an 
opportunity to give marks for your method in the calculation.

TEST YOURSELF 1.1.7

1. 3.00 g of hydrated zinc sulfate crystals are heated to constant mass. 1.68 g of the  
 anhydrous salt remains. Determine the formula of the hydrated crystals.

2. 7.50 g of hydrated sodium carbonate were heated until its mass stayed constant  
 at 2.77 g. Determine the formula of the hydrated salt.

3. Use the experimental data below to determine the formula of the hydrated   
 copper(II) chloride salt:

CoCl2 H2O

mass /g 13.86 11.52

RFM 130 18

moles 0.1067 0.64

ratio 1 6

mass of crucible 42.22 g

mass of crucible and hydrated salt 44.60 g

mass of crucible and anhydrous salt    1 44.25 g

mass of crucible and anhydrous salt    2 44.10 g

mass of crucible and anhydrous salt    3 44.10 g
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1.2 Atomic Structure

Atoms are the basic building blocks of chemistry. This topic will provide students with 
a detailed understanding of how the sub-particles in an atom are arranged and will 
also look at the evidence found to give the more sophisticated picture of the atom 
model used in AS level chemistry. This more sophisticated model will then be used to 
write electronic configurations using s, p, d, f notation aiding understanding in a new 
concept called ionisation energy. 

Learning outcomes
• Describe the properties of electrons, protons and neutrons in terms of their location 

in the atom and their relative masses and charges.
• Explain the terms atomic number and mass number and use them to deduce the 

numbers of protons, neutrons and electrons in an atom or ion.
• Define the terms relative atomic mass and relative isotopic mass in terms of the 

carbon-12 standard.
• Demonstrate understanding and define the term isotopes.
• Define the terms relative molecular mass (for molecules) and relative formula mass 

(for ionic compounds) in terms of the carbon-12 standard and calculate their values 
from relative atomic masses.

• Interpret mass spectra of elements by calculating relative atomic mass from 
isotopic abundances and vice versa.

• Predict the mass spectra of diatomic elements, for example chlorine.
• Deduce the electronic configuration of atoms and ions up to krypton in terms 

of shells and subshells using the building up principle (s, p and d notation and 
electrons in boxes notation).

• Demonstrate understanding that an orbital is a region within an atom that can hold 
up to two electrons with opposite spins and describe the shape of s- and p- orbitals.

• Classify an element as belonging to the s, p, d or f block according to its position in 
the Periodic Table.

• Define and write equations for the first and successive ionisation energies of an 
element in terms of one mole of gaseous atoms and ions.

• Demonstrate understanding that successive ionisation energies can be used to 
predict the group of an element, and that graphs of successive ionisation energies 
against number of electrons removed, for an element, give evidence for the 
existence of shells.

• Explain the trend in the first ionisation energies of atoms down Groups and across 
Periods in terms of nuclear charge, distance of outermost electron from the nucleus, 
shielding and stability of filled and half-filled subshells.

• Demonstrate understanding that graphs of first ionisation energies of elements up 
to krypton provide evidence for the existence of shells and subshells.
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Mathematical Content 
This topic will provide students with the opportunity to:

• Calculate the number of each type of subatomic particle present in an atom or ion.

• Calculate the RAM of an element using mass spectra.

• Interpret graphs of ionisation energy.

Watch the following clips to get a brief overview of the history of how the atom has 
developed.
History of the Atom (Atomic Theory)
Chemistry & Physics: History of the Atom (Dalton, Thomson, Rutherford, and Bohr 
Models)
Atomic Theory Song Chemistry

Basics of atomic structure
The atom is made up of three subatomic particles; protons, neutrons and electrons. The 
table below contains important information that we must know about each of these 
particles:

Each element on the Periodic Table has a symbol and two numbers associated 
with it. These numbers are the atomic number and mass number and provide the 
information about the numbers of protons, neutrons and electrons in an atom or ion of 
that particular element.

 mass number  	 12
         symbol
 atomic number  	 6

Atomic number: the number of protons in (the nucleus) of an atom

Mass number: the total number of protons and neutrons in (the nucleus) 
 of an atom

Subatomic particle Location Relative mass Relative charge

proton nucleus 1 +1

neutron nucleus 1 0

electron shells around 
nucleus

1
1840 -1

C

https://www.youtube.com/watch?v=IO9WS_HNmyg
https://www.youtube.com/watch?v=-4Us5PTb4J8
https://www.youtube.com/watch?v=-4Us5PTb4J8
https://www.youtube.com/watch?v=07yDiELe83Y
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Examiner tip
The atomic number of an atom NEVER changes so it can always be used to identify the 
element an unknown particle comes from.

Atoms are electrically neutral, the number of protons and electrons are equal (the 
number of positive and negative charges are the same so the charges cancel), therefore 
an atom of carbon would contain 6 protons, 6 electrons and 6 neutrons.

When atoms lose or gain electrons they become charged and are ions, this is because 
the number of positive charges and negative charges are no longer equal and therefore 
the charges cannot cancel out. Atoms which lose electrons form positive ions and 
atoms which gain electrons form negative ions.

There is a mathematical relationship between the charge on the ion and the numbers 
of protons and electrons.

CHARGE = number of protons – number of electrons 

atomic 
number

mass 
number

number of 
protons

number of 
 neutrons

number of 
electrons ion

17 35 17 18 18 Cl-

1 1 1 0 0 H+

13 27 13 14 10 Al3+

8 16 8 8 10 O2-

7 14 7 7 10 N3-

26 56 26 30 24 Fe2+
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Isotopes
Isotopes are atoms which have the same atomic number but a different mass number 
(they contain the same number of protons but a different number of neutrons). 
Isotopes are chemically identical as they have the same number of electrons.
There are a number of different elements that can exist as ISOTOPES. 
Carbon is such an example.

Carbon has three isotopes:

12    13    14
         
 6     6     6

Application to Medicine – Positron emission 
tomography (PET)
Positron emission tomography (PET) is a type of medical imaging which requires 
patients to be injected with a radioactive substance. The most common radioactive 
substance used in PET is fluorodeoxyglucose, a sugar with fluorine attached to it 
(radioactive fluorine-18). When the radioactive fluorine starts to decay, it releases 
positrons. A positron is a particle of matter with the same mass as an electron but it 
is oppositely charged (+1 rather than -1). These positrons encounter electrons in the 
body and produce photons, which are then detected by the scanner and used to form 
an image. PET scans are used to detect cancers and to check on the progress of cancer 
treatment. They can also be used for detecting heart disease and looking at brains for 
tumours or to work out what is going on in memory or seizure disorders.

C C C
Isotope carbon-12 carbon-13 carbon-14

mass number 12 13 14

atomic number 6 6 6

number of protons 6 6 6

number of electrons 6 6 6

number of neutrons 6 7 8
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TEST YOURSELF 1.2.1

1. How many protons, electrons and neutrons are in the following atoms and ions?
(a) 7Li
(b) 19F
(c) 56Fe
(d) 65Zn
(e) 81Br
(f) 40Ca2+

(g) 32S2-

(h) 80Br-

(i) 15N3-

Atomic masses
Individual atoms are too small to be weighed on a top pan balance. Instead of finding 
the mass of atoms directly, the masses of atoms are compared and described as 
‘relative masses’. The carbon-12 isotope is the international standard to which all other 
atoms are compared for the measurement of RELATIVE MASS. An instrument called a 
MASS SPECTROMETER is used to find these masses.

The relative atomic mass (RAM) is the average (weighted mean) mass of an atom of 
an element relative to one-twelfth of the mass of an atom of carbon-12.

Most elements are composed of a mixture of isotopes. The percentage abundance and 
relative mass of each isotope is used to find the RAM of a particular element.

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

All of the atoms in a single isotope are identical, the RIM will be the same as the MASS 
NUMBER.

The relative formula mass (RFM) is the average (weighted mean) mass of a species 
relative to one-twelfth of the mass of an atom of carbon-12.

RFM is calculated by adding together the individual RAM of each of the atoms present 
in the formula.

The relative molecular mass (RMM) is the average (weighted mean) mass of a 
molecule relative to one-twelfth of the mass of an atom of carbon-12.

The RMM is calculated by adding together the RAM of each atom making up the 
molecule.
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Examiner tip
Definitions are often asked for in the exam. Look for similarities between these 
definitions which should make them easier to learn!

Mass spectrometry
A mass spectrometer produces a thin beam of positive ions using electron 
bombardment on a vapour sample of the substance. This beam of ions is then 
accelerated through an electric field before entering a magnetic field. The magnetic 
field deflects the ions and the extent of this deflection will depend on the mass of the 
ions, heavier ions are deflected less than lighter ones. From the extent of deflection, 
it is possible to compare the masses of different atoms and hence find their relative 
mass.

To look at a simplified diagram of the mass spectrometer and read about it in some 
more detail look at:
http://www.chemguide.co.uk/analysis/masspec/howitworks.html

Examiner tip
All of the species detected in a mass spectrometer have a positive charge as they have 
had electrons removed therefore if you are asked to suggest a species for one of the 
peaks in a spectrum remember to include a positive charge with it.

The following clip provides a simplistic explanation of the mass spectrometer:
Simple explanation of the Mass Spectrometer

Interpreting Mass Spectra of Elements
The mass spectra of elements will provide you with information about the percentage 
abundances of the specific isotopes present. It is possible to use these in a 
mathematical relationship to find the RELATIVE ATOMIC MASS of an element.

Relative atomic mass=  
∑(abundance x mass of isotope)

   
 Total Abundance

http://www.chemguide.co.uk/analysis/masspec/howitworks.html
https://www.youtube.com/watch?v=tOGM2gOHKPc


CHEMISTRY

pg 32

Atomic Structure

Worked example
The following is a mass spectrum of neon.
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19       20   21         22    23          24

m/z

Using the mass spectrum and the equation a calculation can be completed for the 
RAM of Neon:

The spectrum tells us there is 90% of Ne-20 and 10% of Neon-22.

Relative atomic mass= 
∑(abundance x mass of isotope)

    
Total Abundance

   = (90×20)+(10×22)
    100
   = 20.20

∑ is the symbol for “summation” all the items in the bracket are added together.

This clip shows more of this type of calculation:
How to find the Relative Atomic Mass from Mass Spectral Data

https://www.youtube.com/watch?v=KF9_f7uRMoY
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The mass spectrum of a diatomic element is more complicated as there are peaks for 
both atoms and molecules which need to be considered. For example the spectrum of 
chlorine, Cl2, has five peaks. 
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The peaks in the diagram are caused by the following ions:

35 35Cl+

37 37Cl+

70 35Cl2 

72 (35Cl –37Cl)+

74 37Cl2 

This spectrum also shows molecular ion peaks for chlorine. The molecular ion is 
formed by the removal of an electron from a molecule, in this case the peaks at 70, 72 
and 74 are all molecular ions.

+

+
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Applications of mass spectrometry
Mass spectrometry is an analytical technique used in a wide variety of scientific areas. 
This link will give you an insight to just some of them:
http://science.howstuffworks.com/mass-spectrometry5.htm

TEST YOURSELF 1.2.2

1. There are 5 peaks in the mass spectrum of zirconium: 

 90Zr+ 51.5%,     91Zr+ 11.2%,     92Zr+ 17.1%,     94Zr+ 17.4%,     96Zr+ 2.8%

 Calculate the RAM of zirconium. Give your answer to 1 decimal place.

2. Xenon has a number of naturally occurring isotopes. The % abundance of each 
isotope is shown below. Calculate the RAM of xenon.

3. Naturally occurring potassium consists of two isotopes potassium-39 and 
potassium-41. Calculate the percentage of each isotope present if the RAM is 39.1.

m/z ratio 129 131 132 134 136

% abundance 27 23 28 12 10

http://science.howstuffworks.com/mass-spectrometry5.htm
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Electronic configuration
At GCSE it is considered that electrons are arranged in shells and a very simplistic 
approach to writing electronic configurations is used. At AS level these shells should 
now be considered as energy levels. We only need to consider the first four energy 
levels.

These energy levels have sublevels or subshells and each has a discrete energy. In an 
atom each subshell consists of orbitals. An orbital is a region within an atom that can 
hold up to two electrons with opposite spin. 

s-orbitals
These have a spherical shape and there is one s-orbital in each energy level.

p-orbitals
These have a dumb-bell shape and from energy level 2 upwards each level will contain 
three p-orbitals.
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d-orbitals
The shapes of these orbitals are very complex and are not required at this level. The 
d-orbitals are present from the third energy level upwards and there are five in each 
level.

f-orbitals
The shapes of these orbitals are also very complex and are not required at this level. 
The f-orbitals are present from the fourth energy level upwards and there are seven in 
each level.

The number of electrons that can occupy each of these orbitals is shown in the table 
below:

It is possible then to summarise the total number of electrons in each energy level. 
The number of electrons in each energy level follows the mathematical relationship of 
2n2.

Energy level (n) Subshell Orbital Number of 
electrons

1 s 1s 2

2 s 2s 2

p 3 × 2p 6

3 s 3s 2

p 3 × 3p 6

d 5 × 3d 10

4 s 4s 2

p 3 × 4p 6

d 5 × 4d 10

f 7 × 4f 14
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Energy level (n) Total number of electrons

1 2

2 8

3 18

4 32

The electronic configuration provides information about the arrangement of electrons 
in an atom or ion. The order in which electrons fill an atom must be learned in order to 
successfully write full electronic configurations, the diagram below shows this order, 
1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p.

Order for filling subshells

Increasing 
energy/distance 
from the nucleus

4p

3d

3p

2p

4s

3s

2s

1s

A set of rules can be followed to enable us to work out the electronic configuration. 
These can be simplified as follows:
1. Electrons are added one at a time to the lowest available energy level.

2. An energy level must be full before electrons are added to the next higher energy 
level.

3. In a subshell each orbital must be filled individually before any pairing of electrons 
can begin.

4. Each orbital can hold a maximum of two electrons and they must have opposite spin 
(this is shown by drawing arrows in opposite directions).
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To help us understand this filling pattern and fully grasp electron configurations it is 
possible to use ‘electrons in boxes’. This can then guide us to the correct format for 
writing the configurations. Consider the first 8 elements of the Periodic Table.

HYDROGEN            HELIUM

          1s1               1s2  

Notice how the 1s level is full before electrons occupy the 2s orbital.

LITHIUM            BERYLLIUM

          1s2 2s1               1s2 2s2  

2p

2p

2p

2p

2s

2s

2s

2s

2

2

2

2

1s

1s

1s
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BORON            CARBON

     1s2 2s2 2p1       1s2 2s22p2

NITROGEN            OXYGEN

     1s2 2s2 2p3       1s2 2s22p4

Notice how the electrons individually occupy each 2p orbital before pairing up.

2p

2p
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It is important to note that the 4s orbital fills before the 3d orbitals in the transition 
metals. This is because 4s is at a lower energy level than 3d. When writing the 
configuration for the transition metal ions, the 4s comes after the 3d because when 
electrons enter 3d repulsions occur as the energy levels are so close together, 4s is 
then essentially at a higher energy. There are also two EXCEPTIONS to watch out for: 
chromium and copper. The difference in energy between the 3d and 4s electrons is 
very small, and in chromium the energy required to promote and electron from 4s to 
3d is recovered in the reduced repulsion which results from the fact that they are no 
longer paired. Thus the 3d54s1 structure in Cr is preferred. In copper, the 3d orbitals are 
actually lower in energy than the 4s orbital, so the 3d104s1 structure in Cu is preferred. 
It can be said that half-filled and fully filled subshells are more stable hence these 
preferred configurations for chromium and copper.

Transition metal atom configurations

[Ar] = 1s22s22p63s23p6

Sc   [Ar] 3d14s2

Ti   [Ar] 3d24s2

V   [Ar] 3d34s2

Cr   [Ar] 3d54s1 
Mn   [Ar] 3d54s2  
Fe   [Ar] 3d6 4s2 
Co   [Ar] 3d74s2 
Ni   [Ar] 3d84s2 
Cu   [Ar] 3d104s1  
Zn   [Ar] 3d104s2 

Electronic Configuration of Ions
The electronic configuration of ions can be deduced by simply adding or removing the 
appropriate number of electrons. These electrons must be added to or removed from 
the outer subshell, this will be the subshell currently occupied with the highest energy.
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Worked examples
SODIUM Na 1s2 2s2 2p6 3s1   1 electron removed from 3s 
   Na+ 1s2 2s2 2p6

CHLORINE Cl 1s2 2s2 2p6 3s2 3p5  1 electron added to 3p 
   Cl¯ 1s2 2s2 2p6 3s2 3p6

TITANIUM Ti 1s2 2s2 2p6 3s2 3p6 3d2 4s2 2 electrons removed from 4s
   Ti2+ 1s2 2s2 2p6 3s2 3p6 3d2   

Examiner tip
For transition metal ions the electrons are ALWAYS removed from the 4s orbital first. To 
ensure you write these correctly it is best to write out the full configuration of the atom 
first and then remove electrons according to the charge on the ion.

Elements are classified into blocks in the Periodic Table. This is entirely dependent on 
the subshell their outer electrons are contained within. Sodium is an s-block element 
as its outer electron is in 3s; chlorine is a p-block element as its outer electron is in 3p 
and titanium is a d-block element as its outer electrons are in 3d.

Watch the following clips to further consolidate your understanding of energy levels, 
subshells and electronic configurations.
Y13 Atomic Theory - Quantum Numbers & Electronic Configuration

https://www.youtube.com/watch?v=NhONPMW430U&list=PLOETCzcG_B1XrqTyD7QPcLTajHrx6Wp08&index=2
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TEST YOURSELF 1.2.3
Write electronic configurations for the following atoms and ions:
(a) Li
(b) F
(c) V
(d) Cr
(e) Sc
(f) K
(g) Ca2+

(h) S2-

(i) Fe3+

(j) N3-

(k) Cu+

(l) Mn2+

Ionisation Energy
The evidence for the existence of energy levels and subshells is provided through the 
study of ionisation energies. During the process of ionisation, electrons are removed to 
form ions with a positive charge.

The first ionisation energy is the energy required to convert one mole of gaseous 
atoms into one mole of gaseous ions with a single positive charge. 

This can be represented by a general equation where X represents an element: 

X(g)  →  X+(g)  +  e-

The second ionisation energy is the energy required to convert one mole of gaseous 
ions with a single positive charge into one mole of gaseous ions with a double positive 
charge.

X+(g)  →  X2+(g)  +  e-

The third ionisation energy is the energy required to convert one mole of gaseous 
ions with a double positive charge into one mole of gaseous ions with a triple positive 
charge.

X2+(g)  →  X3+(g)  +  e- 
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Factors affecting ionisation energy
In an atom the negative electrons are held in place by their attraction to the positive 
nucleus. To form positive ions electrons must be removed from the atom. This requires 
energy as the attraction between the nucleus and electrons will need to be overcome. 
The electrons furthest from the nucleus will experience the least attraction, hence 
these electrons are removed first. 

The attraction experienced by the electrons will depend on three factors:

1. Nuclear charge: the greater the number of protons in an atom the greater the 
nuclear charge and hence the greater the attraction.

2. Atomic radius/distance: the greater the atomic radius the greater the distance 
between the positive nucleus and the electrons and hence the weaker the attraction.

3. Electron shielding: this is the repulsion between electrons in the inner shells and 
outer shells. The greater the number of inner shells the greater the repulsions and 
therefore the larger the shielding effect. With a larger shielding effect, the attraction 
between the nucleus and electrons will decrease. 

Successive Ionisation Energies
Successive ionisation energies measure the energy required to remove each electron 
present in an atom and each ionisation energy will be larger than the previous one. 
This is because as each electron is removed the remaining electrons will all experience 
a slightly greater attraction to the nucleus and therefore be drawn closer to it. 
This is referred to as effective nuclear charge. As the number of electrons removed 
increases the repulsions between them will decrease. The combination of these two 
factors results in the increase in energy required. When a large increase in successive 
ionisation occurs this indicates the electron has been removed from an energy level 
closer to the nucleus. The graphs below show how the successive ionisation energies 
vary for sodium, magnesium and aluminium. Log ionisation energy is plotted against 
the number of electrons removed. The log scale is used as the variation in the actual 
values is large. The numbers on the graph show the number of electrons in each energy 
level moving from the outer energy level to the inner as successive electrons are 
removed.
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Aluminium
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Trends in Ionisation Energy
Ionisation energies vary across the periods in the Periodic Table and also down the 
groups.

Trend across a period
In general, first ionisation energy values increase across a period due to an increase in 
nuclear charge (increasing number of protons) and the shielding remaining constant. 
There are however some exceptions to the rule.

Period 1
Hydrogen (H) and Helium (He). Neither have inner shells, so there is no shielding. 
Helium has two protons in the nucleus; hydrogen only has one. The He electrons are 
therefore more strongly attracted to the nucleus and hence more difficult to remove. 
The first ionisation energy of He is thus higher than that of H. Since H and He are the 
only atoms whose outer electrons are not shielded from the nucleus, it follows that 
He has the highest first ionisation energy of all the elements. All elements (except H) 
have outer electrons which are shielded to some extent from the nucleus and hence are 
easier to remove.

H
1s1

He
1s2

Li
1s22s1

Be
1s22s2

B
1s22s22p1

C
1s22s22p2

N
1s22s22p3

O
1s22s22p4

F
1s22s22p5

Ne
1s22s22p6

Na
1s22s22p63s1

Mg
1s22s22p63s2
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Period 2
Lithium (Li) has an extra proton in the nucleus but two inner-shell electrons causing 
shielding. As the outer electron of Li is both further from the nucleus and experiences 
more shielding the outer electron is less attracted to the nucleus than the outer 
electron of He and is therefore more easily removed. The first ionisation energy of Li is 
thus lower than that of He. Beryllium (Be) has one more proton in the nucleus than Li, 
and no extra inner-shell electrons, therefore the outer electron will experience a greater 
attraction to the nucleus so the first ionisation energy of Be is higher than that of Li. 
Boron (B) has one more proton in the nucleus than Be but there are also 2 extra inner 
subshell electrons from the 2s subshell. The outer electron of B is also in a 2p subshell 
which is slightly further away from the nucleus. The increased shielding and distance 
factors mean that the electron in B experiences less attraction and therefore there is 
a slight decrease in first ionisation energy. From boron to nitrogen the proton number 
increases, increasing the nuclear charge. As shielding remains constant the ionisation 
energy increases as the outer electrons experience a greater attraction. There is 
however a decrease in energy between nitrogen (N) and oxygen (O).

The electronic configurations of N and O must be considered more carefully:

Note that in N the electron is removed from an unpaired orbital (the subshell is 
half-filled and said to be more stable), but in O it is removed from a paired orbital. In a 
paired orbital, the two electrons share a confined space and so repel each other. They 
are therefore less stable and easier to remove. This repulsion effect outweighs the 
higher nuclear charge in O, therefore the first ionisation energy of O is lower than that 
of N. The first ionisation energies increase as expected from oxygen to neon, due to the 
increase in nuclear charge and shielding remaining constant.

1s 2s 2p

N

O
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Period 3
The same trend is seen in Period 3 (sodium to argon) as observed in Period 2. There is a 
general increase, but there is a drop between Mg and Al and also between P and S.

Trend down a group
First ionisation energy decreases down a group.

On descending a group, the nuclear charge increases but this is outweighed by the 
increasing distance of the outer electron from the nucleus and the increased shielding 
effect. These factors cause the outer electron to experience less attraction to the 
nucleus so less energy is required to remove it and hence first ionisation energy 
decreases. 

The following video should help with your understanding of ionisation energy trends.
Periodic Patterns in First Ionisation Energies 1

TEST YOURSELF 1.2.4

1. Write an equation, including state symbols, for the first ionisation energy of 
magnesium.

2. Sketch a graph to show the twelve successive ionisation energies of magnesium.

3. Explain why the first ionisation energy of magnesium is greater than that of 
calcium.

4. Define the term third ionisation energy.

5. Explain the decrease in first ionisation energy from magnesium to aluminium and 
from phosphorus to sulfur.

https://www.youtube.com/watch?v=QaJY3hpDGjw
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1.3 Bonding

The majority of materials that we use on a daily basis are compounds. Compounds 
are substances that are made when different elements chemically combine with each 
other. The compounds formed have various types of bonding and this topic will guide 
you through each type of bond and how it is formed. 

Learning outcomes
• Demonstrate understanding that ionic bonding is the electrostatic attraction 

between oppositely charged ions formed by electron transfer.

• Construct dot and cross diagrams for ionically bonded compounds, for example 
elements in Groups I, II, VI and VII, the ions of which have a noble gas structure.

• Explain that a covalent bond is the electrostatic attraction between a shared pair of 
electrons and the nuclei of the bonded atoms.

• Define the term lone pair.

• Describe the co-ordinate bond as a shared pair of electrons with both electrons 
supplied by one atom, for example the ammonium ion, NH+.

• Construct dot and cross diagrams for molecules and ions with co-ordinate, single, 
double and triple covalent bonds.

• Define the octet rule and state its limitations, for example in BeCl2 and BF3.

• Define the term electronegativity and explain the trend in the electronegativity of 
elements down Groups and across Periods.

• Explain that bond polarity arises when covalently bonded atoms have different 
electronegativities and use partial charges to show that a bond is polar.

• Demonstrate understanding that metallic bonding is the attraction between positive 
ions and delocalised electrons in a lattice.

Mathematical Content 
Students will be required to be able to count electrons in both atoms and ions and then 
manipulate the electrons to ensure a stable molecule is formed.

4
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Ionic bonding 
Ionic bonds form between metal and non-metal atoms. Electrons are transferred 
from the metal atom to the non-metal atom forming oppositely charged ions (metals 
form positive ions and non-metals form negative ions). Electrostatic attractions 
form between these ions resulting in an ionic bond. The ions have full outer shells of 
electrons and are stable. 

The following clip shows how the ionic bond is formed in sodium chloride. 
Ionic Bonding Part 2

Dot and cross diagrams can be used to represent the formation of the ionic bond. 

Magnesium chloride MgCl2

Sodium oxide Na2O

Examiner tip
Pay careful attention to the question as in most cases you will only need to draw the 
outer shell of electrons in the atoms, sometimes however you will be asked to draw all 
shells!

Mgx
x

Na x

Na x

Cl

O

Cl

O

ClCl

Mg

Na

Na

2+

+

+

-

2-

-

x

x

x

x

https://www.youtube.com/watch?v=5EwmedLuRmw
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Covalent bonding
Covalent bonding occurs between non-metal atoms. The atoms share electrons in 
pairs in a space between the atoms. A covalent bond is defined as the electrostatic 
attraction between a shared pair of electrons and the nuclei of bonded atoms.

Bonding pair of electrons: a pair of electrons shared between two atoms.
Lone pair of electrons: a pair of unshared electrons in the outer shell of an atom.

Hydrogen, H2 Chlorine, Cl2 Hydrogen chloride, HCl

H–H Cl–Cl H–Cl

Methane, CH4 Ammonia, NH3 Water, H2O

H–C–H H–N–H                    H–O

Cl ClClH    H H
x x 

x
x 

x x
x x 

x 

H    C    H H    N    H H    O    
H

H H H

x
x

x
x

x x
x xx x

x x
x

x x

H

H H H
–

– – –

H    N    H

H

x
xx

x
x

lone pair of electrons

bonding pair of electrons
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Multiple covalent bonds
There are also molecules and ions which require more than one pair of electrons to 
be shared between its atoms. A double covalent bond is formed when two pairs of 
electrons are shared between two atoms, and a triple covalent bond arises when three 
pairs of electrons are shared between two atoms.

The following clip briefly summarises covalent bonding:
Covalent Bonds

The octet rule
All of the examples we have examined have resulted in each atom attaining a stable 
octet (8 electrons in the outer shell). The exception is hydrogen which only required 2 
electrons to have a complete outer shell. 

The octet rule states that atoms will gain, lose or share electrons when forming a 
compound to achieve a full outer shell containing eight electrons. 

There are however some examples of compounds where the octet rule is not obeyed.

Oxygen, O2 Carbon dioxide, CO2 Nitrogen, N2

O     O O     C     O N    N

O=O O=C=O N=N

Beryllium chloride, BeCl2 Boron trifluoride, BF3 Sulfur hexafluoride, SF6

Cl     Be     Cl F     B     F S

Cl–Be–Cl F–B–F s

Be has 4 electrons in its 
outer shell

B has 6 electrons in its 
outer shell

S has 12 electrons in its 
outer shell

x
x

x
x
x

x
x

x
x

x
x

F F

F

– –
– F

F
––F

F
––

F

x x x x 
x 

F
x 

F
x 

F x Fx 

F
x F

x 

https://www.youtube.com/watch?v=0mUncUj55FI
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Co-ordinate bonding
In a co-ordinate bond one atom provides both bonding electrons of the bond. For a 
co-ordinate bond to form one atom must have an available lone pair of electrons to be 
donated and shared with an empty orbital in a different species. Co-ordinate bonds 
are also called dative covalent bonds and are represented by an arrow in diagrams. The 
arrow is always drawn from the atom donating the lone pair of electrons to the atom 
accepting them.

A co-ordinate bond is one where there is a shared pair of electrons between two atoms 
with both electrons in the bond being provided from one atom.

H    N    H

H    N    H    N    B     F B     F

H

H H

H H

x

x x

x

x x

x

x x

x

x x

x

x x

+

+

H
+

+

+

H    N    H

H

H
x

xx

x
x

ammonia

ammonia boron trifluoride complex formed

ammonium ion

F F
x x x x 

Fx Fx 

H–N  B–F
H F

H F

– –
– –

H–N–H
H

H

–

Examiner tip
Remember to include the square brackets and charge for the ammonium ion.
Consolidate your understanding of co-ordinate bonding using the following clip:
Dative Covalent Bonding - AS Chemistry

https://www.youtube.com/watch?v=EWBoJi5xc70
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Polar covalent bonds
When electrons are shared between identical non-metal atoms the pair are said to be 
‘shared equally’. This is described as a non-polar covalent bond. However, when the 
pairs of electrons are shared between different atoms the sharing is no longer equal 
due to a property called electronegativity.

Electronegativity is the extent to which an atom attracts the bonding pair of electrons 
in a covalent bond.

Elements in the Periodic Table are assigned an electronegativity value from the 
‘Pauling Scale’. Reactive non-metal elements such as oxygen, chlorine and fluorine are 
the most electronegative. Reactive metals such as potassium and sodium are the least 
electronegative. 

Electronegativity increases up a group and across a period. A difference in 
electronegativity between atoms will result in the shared pair of electrons being drawn 
closer to the atom with a higher electronegativity value and a partial positive and 
partial negative charge will be formed on the molecule, hence the molecule is said to 
be polar covalent. A partial charge on a polar covalent bond is indicated using δ+ and 
δ-. Some examples are shown below:

 δ+  δ-  δ+  δ-  δ-  δ+  δ+  δ-
  H–Cl   C=O   O–H   H–F
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However even though a molecule such as CO2 may contain the polar C=O bond, CO2 is 
non-polar. This is because CO2 is a linear molecule and as the bond polarities within 
the molecule are equal and symmetrical due to its shape so the polarities of the bonds 
cancel each other out. The same is true of the trigonal planar BF3 molecule, tetrahedral 
CCl4 and octahedral SF6. Shapes of molecules will be discussed a little later.

For more information on polar covalent molecules watch the following clip: 
Polarity

Metallic bonding
Metallic bonding is present within all metals. Metallic bonding is the result of 
electrostatic attractions between positive metal ions and delocalised electrons in a 
lattice structure. Delocalised electrons are outer electrons which do not have fixed 
positions and can move freely. Group I atoms each lose one electron to form a 1+ 
ion surrounded by delocalised electrons. Group II atoms lose 2 electrons to form a 
2+ ion surrounded by delocalised electrons. The attraction between the 2+ ions and 
the delocalised electrons is stronger than the attraction between the 1+ ions and the 
delocalised electrons and therefore the metallic bonding in Group II metals is stronger 
than that in Group I in the same period. The diagram below shows metallic bonding in 
a Group I metal. For Group II a 2+ charge should be included in the diagram rather than 
+ and there would be more delocalised electrons.

The following clip will help you visualise how metallic bonding occurs:
Metallic Bonding and Metallic Properties Explained: Electron Sea Model

Examiner tip
It may help to write the symbol of the metal in the ion to make sure you write the 
correct positive charge value!

+

+

+

+

+

+

+

+

+

+

+

e- e- e-

e- e-

e- e- e-

e- e- e-

regular arrangement 
of positive metal ions

delocalised electrons

https://www.youtube.com/watch?v=un93VJxUfPA
https://www.youtube.com/watch?v=Bjf9gMDP47s
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Application to Industry and Medicine 
– Explosives and Heart medication
Nitroglycerine is a covalent molecule which can be represented by a model which 
shows the different atoms as different coloured spheres held together by sticks which 
represent the covalent bonds.

Nitroglycerine is an oily, colourless liquid which is so unstable that the slightest jolt, 
impact or friction can cause it to spontaneously detonate. When it explodes the atoms 
form products which are very stable due to their strong covalent bonds.

4C3H5N3O9(l)      ➝      6N2(g)     +     12CO(g)     +     10H2O(g)     +     7O2(g)

In 1867 the Swedish chemist Alfred 
Nobel discovered that nitroglycerine 
could be absorbed onto a soft 
sedimentary rock which crumbles 
forming an explosive mixture which 
was named dynamite. Some of the 
wealth he made from his explosive 
factories was left in trust and used to 
establish the Nobel Prizes.

Interestingly nitroglycerine is also 
used in the treatment of angina 
(chest pain). Angina occurs when the 
heart muscle is not getting enough 
blood. Nitroglycerine is a vasodilator 
and works by relaxing and widening 
blood vessels so blood can flow more 
easily to the heart.

Nitroglycerine, molecular model. Atoms are represented 
as spheres and are colour-coded: carbon (grey), 
hydrogen (white), nitrogen (blue) and oxygen (red).

Alfred Bernhard Nobel (1833-1896), Swedish chemist 
and inventor. He studied explosives like nitroglycerine, 
and discovered ways to make them safer to use. In 1867, 
he patented dynamite. When he died in 1896, his will 
directed that the bulk of his fortune be used to set up the 
Nobel Prizes. These are awarded annually for outstanding 
contributions in physics, chemistry, physiology or medicine, 
literature, and world peace.
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TEST YOURSELF 1.3.1

1. Draw dot and cross diagrams to show the bonding in the following:
• MgO

• LiF

• SiF4

• SCl2
• HF

• C2H4

• SO3

• H3O+

2. Draw a labelled diagram to represent the bonding in calcium metal.

3. Explain why melting point decreases down the Group I metals.
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1.4 Intermolecular forces

Intermolecular forces are simply forces that exist between molecules. It is important 
that they are not confused with the bonds that exist between atoms in molecules such 
as covalent bonds (these are INTRAMOLECULAR). This topic will discuss three types of 
intermolecular forces, van der Waals’ forces, permanent dipole-dipole attractions and 
hydrogen bonds. Intermolecular forces are the reason the liquid state exists and also 
provide chemists with the knowledge needed to explain a range of physical properties.

Learning outcomes
• Describe intermolecular forces as van der Waals’ forces (viewed as attractions 

between induced dipoles), permanent dipole-dipole attractions and hydrogen 
bonding (between molecules containing N, O or F and the H atom of -OH, -NH or HF).

• Demonstrate understanding of the relationships between these attractive forces and 
physical properties, such as melting point, boiling point and solubility of covalent 
molecular substances.

Introduction
It is important to understand the difference between bonding and intermolecular 
forces. Ionic and covalent bonds are strong and hold the atoms together WITHIN a 
lattice or molecule. Intermolecular forces are relatively weak compared to these bonds 
and exist BETWEEN molecules. There are three types of intermolecular force:
– van der Waals’ forces
– permanent dipole-dipole attractions
– hydrogen bonds

All of these forces exist due to the presence of a charge difference in a molecule for a 
variety of reasons.
Intermolecular Forces

Van der Waals’ (VDW) forces are the attraction between induced dipoles on 
neighbouring molecules.
Van Der Waal's forces tutorial

https://www.youtube.com/watch?v=90q7xl3ndJ8
https://www.youtube.com/watch?v=uIVh_xNvcJ4


CHEMISTRY

pg 59

Intermolecular forces

Van der Waals’ forces act between all monoatomic substances and molecules, whether 
polar or non-polar. Atoms and molecules all have an electron cloud which at any 
one instant can shift and result in an uneven balance in the distribution of charge. 
This creates an ‘instantaneous dipole’ or ‘temporary dipole’ in the atom or molecule. 
This dipole in turn then induces a dipole on a neighbouring atom or molecule, weak 
attractions form between these molecules which are known as van der Waals’ forces. 
The term instantaneous dipole-induced dipole attraction could be used to describe 
these interactions! The VDW forces are very weak and act in addition to any other 
intermolecular forces which may be present. Van der Waals' forces are the attraction 
between instantaneous and induced dipoles on neighbouring molecules.

Van der Waals' forces

Iodine molecule

At any one instant electrons may shift 
and distribution is unsymetrical.

A neighbouring molecule will have a dipole induced and 
an attraction will form between the molecules.

The size of the VDW forces increases with larger molecules and greater numbers of 
electrons. When more electrons are present the electron cloud can distort more easily 
and the larger the induced dipole formed. This results in stronger attractions between 
the atoms or molecules and can be used to explain physical properties such as the 
increasing boiling point of the noble gases with increasing atomic number.
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Permanent dipole-dipole attractions
Permanent dipole-dipole attraction is the attraction between the positive end, δ+, 
of the permanent dipole on a molecule with the negative end, δ-, of the permanent 
dipole on a neighbouring molecule. In molecules where the atoms have different 
electronegativities a permanent dipole exists and the molecule is polar. Two molecules 
which both have dipoles will attract one another to form this permanent 
dipole-dipole attraction. The greater the strength of the dipole (from a greater 
difference in electronegativity between the atoms) the stronger the permanent 
dipole-dipole attractions will be. These attractions are stronger than VDW forces and 
will require more energy to overcome them. Examples of molecules with these types of 
attraction include: hydrogen chloride, hydrogen sulfide and phosphine, PH3.

 δ+  δ-  δ+  δ-
  H–Cl   H–Cl

Dipole Forces

Hydrogen bonds
A hydrogen bond is the attraction between a lone pair of electrons on a very 
electronegative atom (N, O and F) on one molecule and a hydrogen atom on a 
neighbouring molecule, in which the hydrogen is bonded to a very electronegative 
atom (N, O and F).

The hydrogen bond is the strongest of the three intermolecular forces. They arise 
due to the presence of a very strong dipole in the molecules which is the result of the 
presence of a nitrogen, oxygen or fluorine atom with a hydrogen atom. A hydrogen 
bond forms when a lone pair of electrons on the nitrogen, oxygen or fluorine atoms on 
one molecule is attracted to an electron deficient δ+ H on a different molecule. As the 
hydrogen bonds are the strongest intermolecular force they will require the largest 
amounts of energy to overcome them. Examples of molecules that contain hydrogen 
bonding include: water, ammonia and hydrogen fluoride.

https://www.youtube.com/watch?v=cERb1d6J4-M
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Hydrogen bonding

 δ+ δ-  δ+ δ-
  H–O   H–O

    δ+      δ+ 

  H – N     H – N

 δ+  δ-      δ+ δ- 

  H – F     H – F

Hydrogen Bonding

H H

– –

δ+ δ+

H H

H H

– –

– –
δ+ δ+δ- δ-

δ+ δ+

https://www.youtube.com/watch?v=nmzHwQjALpY
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Anomalous properties associated with 
hydrogen bonding
A hydrogen bond is much weaker than a covalent bond; however, it is strong enough 
to have an effect on physical properties. Water has some unusual properties due to the 
presence of hydrogen bonding.

Relatively high melting and boiling points
There are strong hydrogen bonds between the molecules of water. These forces are in 
addition to the VDW forces already present. This means that extra energy is required to 
overcome these hydrogen bonds to melt or boil the water.

Ice is less dense than water
Generally, the solid form of a material will have a greater density than the liquid. Water 
is an exception, ice floats in water and is therefore less dense. In ice the hydrogen 
bonds between the molecules are fixed and result in the formation of an open lattice 
structure. The molecules in this lattice are held further apart than when in the liquid 
state, hence the density is lower. When ice melts the fixed hydrogen bonds break 
allowing the water molecules to pack together more closely.

Frozen water: Molecular graphic of the hexagonal crystal structure 
of water ice. Water molecules have one oxygen atom (light blue) & 2 
hydrogen atoms (white). Each molecule is neutral, but the oxygen has 
a small negative charge & the hydrogen atoms are slightly positive. 
The hydrogens are attracted to oxygens in nearby molecules, forming 
weak hydrogen bonds (dark blue). The molecules have so little energy 
below 0 °C that the hydrogen bonds force them to form a crystal. Its 
open structure means that ice floats because it is less dense than 
liquid water.
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Application to Industry: Stain removal 
and Dry cleaning
The process of stain removal is one which is closely linked to intermolecular forces. 
There are many different stain removal products available on the supermarket shelf 
but there is chemistry behind making the right choice! The products will only work 
when the stain forms stronger intermolecular forces with the stain remover than with 
the fabric, this is why only certain products are effective with certain stains. A close 
link to the solubility relationship of ‘like dissolves like’ exists so non-polar stains 
require non-polar solvents to remove them. For the more stubborn stains or to prevent 
any damage or shrinkage to the garment itself many people will send their clothes for 
dry cleaning. During the dry cleaning process the stain molecules form intermolecular 
forces with the dry-cleaning solvent and dissolve in it. 

TEST YOURSELF 1.4.1

1. Describe the formation of van der Waals’ forces between molecules.

2. Why is the boiling point of ammonia greater than the boiling point of phosphine?

3. Name the strongest intermolecular force present in ammonia, methane and 
hydrogen sulfide.

4. Why is ice less dense than water?
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The structure of a material can be described as a description of the arrangement of 
atoms, ions and molecules within a substance. Using knowledge from both bonding 
and intermolecular forces chemists are able to explain the physical properties of 
elements and compounds in terms of their structure. This topic will guide you through 
the main types of structures and how these lead to the physical properties observed in 
the various materials we encounter throughout everyday life.

Learning outcomes
• Describe the following types of structure: giant ionic lattice of sodium chloride; 

metallic lattice of metals; giant covalent structures of graphite and diamond; and 
molecular covalent structures, for example iodine.

• Explain the characteristic physical properties of these structures, including melting 
and boiling points, hardness (graphite and diamond only) and electrical conductivity 
in terms of structure and bonding.

• Explain the trend in melting point across the Period sodium to argon, in terms of 
structure and bonding.
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Giant ionic structure
Ionic compounds are crystalline solids due to regular arrangement of ions in a giant 
ionic lattice. ALL ionic compounds will have a GIANT IONIC STRUCTURE.

Properties
• High melting and boiling points: there are strong electrostatic attractions between 

oppositely charged ions in a giant ionic lattice. These will require large amounts of 
energy to overcome them.

• Conduct electricity when molten or in solution: the ions are free to move and carry 
charge when molten or dissolved in water.

Ionic Structure and Properties

Molecular covalent structure
The majority of covalent molecules met during your AS course will have a MOLECULAR 
COVALENT STRUCTURE. These molecules will have intermolecular forces (van der Waals’ 
forces, permanent dipole-dipole attractions and hydrogen bonds) acting between their 
molecules.

Properties
• Low melting and boiling point: there are weak intermolecular forces between the 

molecules which require little to overcome them.

• Do not conduct electricity: there are no ions or delocalised electrons present which 
are free to move and carry charge.

Molecular covalent substances will vary in their properties due to the different 
intermolecular forces that exist between the molecules.

To revisit intermolecular forces and see how these affect the properties of simple 
covalent structures. Watch the following clip:
The intermolecular bonding holding simple covalent structures together

Model of the cubic crystal lattice of sodium chloride (pure common salt). The 
cubic crystal consists of an ionic lattice of sodium (Na+) and chloride (Cl-) ions, 
where the repeating units of the lattice are positively and negatively charged 
respectively. Sodium ions are represented by blue spheres, chloride ions as 
yellow spheres. Ionic crystals tend to be hard and brittle, due to the strong 
electrostatic forces between the constituent ions.

https://www.youtube.com/watch?v=xHhRmWXk7Qg
https://www.youtube.com/watch?v=AFvmeU4FPb0
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Giant covalent structure
Covalent substances which do not form molecules form GIANT COVALENT 
STRUCTURES. Two examples of such substances are DIAMOND and GRAPHITE. They 
are allotropes of the element carbon (different forms of the same element in the same 
physical state).

Diamond

Structure and properties
Each carbon atom is covalently bonded to four other carbon atoms in a tetrahedral 
arrangement. 

• High melting and boiling points: the strong covalent bonds between the carbon 
atoms require a lot of energy to break.

• Does not conduct electricity: there are no ions or delocalised electrons free to move 
and carry charge.

• Hard: the strong covalent bonds in a tetrahedral arrangement provide a rigid 
structure which is difficult to disrupt.

A molecular model showing the crystal structure of diamond.
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Graphite

Structure and properties
Each carbon atom is covalently bonded to three other carbon atoms in hexagonal 
rings. The hexagonal rings are in layers and the covalent bonds between the atoms 
in the hexagonal rings are strong. There are weak van der Waals’ forces between the 
layers of hexagonal rings. The fourth electron available in the outer shell of each 
carbon atom which has not been used in the bonding becomes delocalised between 
the layers.
• High melting and boiling points: the strong covalent bonds between the carbon 

atoms require a lot of energy to break them.

• Does conduct electricity: the delocalised electrons are free to move and carry 
charge.

• Soft: the weak van der Waals’ forces between the layers are easily overcome and this 
enables the layers to slide over one another.

Giant Covalent Structures - AS Chemistry

https://www.youtube.com/watch?v=T8oVwmKSX6Q
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Giant metallic structure
Metallic elements have a giant metallic lattice structure, the electrostatic attractions 
between the positive ions in layers and delocalised electrons results in the formation of a 
lattice which exhibits the following properties:
• High melting point: strong attractions between positive ions and negative electrons in a 

regular lattice structure requires large amounts of energy to break them.

• Can conduct electricity: the delocalised electrons can move and carry charge 
throughout the metallic lattice structure.

Metallic Bonding and Structure

Trends in melting point across Period 3
The table below shows the melting points, bonding and structure of the Period 3 element.

• Melting point increases from Na to Al because of the increasing strength of the metallic 
bond. This is due to the increasing charge on the positive ion (Na = 1+, Mg = 2+ 
and Al = 3+) and the increased number of delocalised electrons forming stronger 
attractions which will require more energy to overcome.

• Melting point increases from Al to Si because there is a change in the type of structure 
present. Si has a giant covalent structure which is very strong and will require large 
amounts of energy to break.

• Melting point decreases from Si to P because there is a change in the type of structure. 
P has a simple covalent structure with weak VDW forces between the molecules 
requiring less energy to overcome them.

• Melting point increases from P to S because a sulfur molecule consists of eight atoms 
compared to the four in a phosphorus molecule. The larger molecules of sulfur will 
therefore contain a greater number of electrons and hence will have greater VDW forces  
between the molecules which will require more energy to overcome.

• Melting point decreases from S to Ar because chlorine is a diatomic molecule 
and therefore will have much weaker VDW forces between the molecules than the 
molecules of sulfur hence less energy is needed to overcome the VDW forces. Ar is 
monoatomic and will have the weakest VDW forces between its atoms and therefore 
the least energy is required to overcome these.

Element Na Mg Al Si P4 S8 Cl2 Ar
Melting 
point/oC 98 650 660 1414 44 115 -102 -186

Bonding metallic metallic metallic covalent covalent covalent covalent

Structure
giant 

metallic 
lattice

giant 
metallic 
lattice

giant 
metallic 
lattice

giant 
covalent

molecular 
covalent

molecular 
covalent

molecular 
covalent monatomic

https://www.youtube.com/watch?v=E5fBOvdmutA
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Carbon nanotubes: A structure for the future
Carbon nanotubes are another allotrope of carbon that exists. It can be simply 
imagined as a hollow cylindrical tube but in reality the tubes can be combined in 
many layers to form a material which is incredibly strong and one that has unique 
electrical properties.

They have a large number of in uses in a wide range of industries. Such uses include, in 
touch screen devices, bulletproof vests, dental implants, solar panels and in removing 
pollution from water to name only a few.

Smart Material: Carbon Nanotubes

https://www.youtube.com/watch?v=-OKyTmM_faA
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TEST YOURSELF 1.5.1

1. Describe the bonding, structure and properties of the compound magnesium oxide.

2. Explain why the melting point of the Group VII elements increases down the group.

3. Explain how metallic bonding arises and why metals can conduct electricity.

4. Describe the bonding and structure present in diamond and graphite.

5. Explain the different properties of diamond and graphite using their structures.
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1.6 Shapes of molecules

Covalent molecules and ions have very definite bond lengths and bond angles. 
Methods such as X-ray diffraction have allowed chemists to measure these and 
then determine the shape of a molecule. A simple theory called the ‘Valence Shell 
Electron Pair Repulsion Theory (VESPR)’ is used to predict the shape and bond 
angles of molecules and ions containing covalent bonds. This theory is based on the 
repulsions that exist between the pairs of electrons in the outer shell of a central atom 
in a molecule or ion, and states that these pairs will repel each other as far apart as 
possible to minimise the repulsions. This topic will guide you through the method 
to determine the shape of a covalently bonded molecule or ion, draw its shape and 
predict the bond angle which would be present.

Learning outcomes
• Demonstrate understanding that the shape of a molecule or ion is determined by 

the repulsion between the electron pairs surrounding a central atom.

• Use valence shell electron pair repulsion theory (VSEPR) to explain the shapes, and 
bond angles of molecules and ions with up to six outer pairs of electrons around 
the central atom to include linear, bent, trigonal planar, tetrahedral, pyramidal, 
octahedral, square planar, trigonal bipyramidal, T-shaped.

• Explain the departure of the bond angles in NH3 (107°) and H2O (104.5°) from the 
predicted tetrahedral (109.5°), in terms of the increasing repulsion between bonding 
pair-bonding pair, lone pair-bonding pair and lone pair-lone pair electrons.

• Demonstrate understanding of the difference between polar bonds and polar 
molecules and use the shape and dipoles present to predict whether a given 
molecule is polar.

Mathematical Content
In this topic students will be required to call upon their previous learning to draw 
dot and cross diagrams for covalent molecules. From these diagrams the shape of a 
molecule will be identified and drawn with a 3-dimensional arrangement (3D) where 
appropriate. They will also be required to assign specific bond angles to each of the 
shapes.
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Valence shell electron pair repulsion theory
This theory uses basic dot and cross diagrams in covalently bonded molecules and 
ions to determine the shape of a molecule. The dot and cross diagrams clearly indicate 
the number of bonding pairs (BP) and lone pairs (LP) of electrons around the central 
atom of a molecule. Where multiple bonds are present these are considered as bonding 
regions and one bonding region is equivalent to one bonding pair of electrons. In 
molecules where there are only bonding pairs of electrons present these will all repel 
each other equally to form a specific shape. The presence of lone pairs will cause 
greater repulsions and this will have an effect on both the shape and bond angle.

LINEAR: 2 bonding pairs of electrons around the central atom. Bond angle = 180°.

Example Beryllium chloride, BeCl2 Carbon dioxide, CO2

Dot and cross diagram Cl    Be    Cl O    C    O

Explanation of repulsions 
of electrons pairs

Central atom = Be
2 BP so equal repulsions

Central atom = C
2 bonding regions = 2BP so 

equal repulsions

Diagram of shape Cl–Be–Cl O=C=O

Shape Linear Linear

Bond angle 180° 180°

x x x
x x

x
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Example Boron trifluoride, BF3 Carbonate ion, CO3

Dot and cross diagram
F     B     F C

Explanation of repulsions 
of electrons pairs

Central atom = B
3 BP so equal repulsions

Central atom = C
2 BP and 1 bonding region 
= 3BP so equal repulsions

Diagram of shape B C

Shape Trigonal planar Trigonal planar

Bond angle 120° 120°

Example Methane, CH4 Ammonium ion, NH+

Dot and cross diagram H     C     H H    N    H

Explanation of repulsions 
of electrons pairs

Central atom = C
4 BP so equal repulsions

Central atom = N
4 BP so equal repulsions

Diagram of shape C N

Shape Tetrahedral Tetrahedral

Bond angle 109.5° 109.5°

TRIGONAL PLANAR: 3 bonding pairs of electrons around the central atom. 
Bond angle = 120°.

TETRAHEDRAL: 4 bonding pairs of electrons. Bond angle = 109.5°.

F

F OF O
– –– –

–

F

x x 
x 

2-

+

O

O

O

O

O

x x 

x x 

2-

=O

H H

H H

x 

x x 

x x 
x x x x 

HH HH
HH ––

+

–– HH

2-

O

4
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PYRAMIDAL: 3 bonding pairs of electrons and 1 lone pair of electrons. 
Bond angle = 107° (the lone pair of electrons causes a greater repulsion 
on the bonding pairs decreasing the bond angle).

BENT or V-SHAPED: 2 bonding pairs of electrons and 2 lone pairs of electrons. 
Bond angle = 104.5° (the second lone pair increases the repulsions further causing 
a decrease in the bond angle).

Example Ammonia, NH3 Sulfite ion, SO3

Dot and cross diagram H    N    H O   S   O

Explanation of repulsions 
of electrons pairs

Central atom = N
3 BP and 1 LP. LP repels 

more than the BPs

Central atom = S
3 BP and 1 LP. LP repels 

more than the BPs

Diagram of shape N S

Shape Pyramidal Pyramidal

Bond angle 107° 107°

2-

H O

x x 

x 

x 

x 

x 

x 
x x 

x 
x 

OH OH
OH –––

2-

Example Water, H2O Oxygen difluoride OF2

Dot and cross diagram                  H    O                         F   O   

Explanation of repulsions 
of electrons pairs

Central atom = O
2 BP and 2 LP. LPs repel 

more than the BPs

Central atom = O
2 BP and 2 LP. LPs repel 

more than the BPs

Diagram of shape O O

Shape Bent Bent

Bond angle 104.5° 104.5°

H F

x x 

x 

x x 

x 
x x x x x 

x 

H F 
– –

– –H F

2-
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Molecules or ions with 1 LP and 2 BP are also described as bent with a bond angle of 
just less than 120°. Some examples below.

The strength of electron pair repulsions are as follows:

bonding pair–bonding pair < bonding pair–lone pair < lone pair–lone pair

Example Sulfur dioxide, SO2 Nitrite ion, NO-

Dot and cross diagram O  S  O O  N  O

Explanation of repulsions 
of electrons pairs

Central atom = S
2 bonding regions = 2 BP 

and 1 LP
Electron pairs arrange 

as trigonal planar but LP 
repels more than the BPs

Central atom = N
1 BP and 1 bonding region 

= 2 BP and 1 LP
Electron pairs arrange 

as trigonal planar but LP 
repels more than the BPs

Diagram of shape S N

Shape Bent Bent

Bond angle <120° <120°

x x x x 
x x 

O O
– –

x x 
x 

x x -

– O O
– –– –

-

2
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Example Phosphorus pentachloride, PCl5

Dot and cross diagram P

Explanation of repulsions of electrons 
pairs

Central atom = P
5 BP so equal repulsions

Diagram of shape P

Shape Trigonal bipyramidal

Bond angle 90° and 120°

Example Chlorine trifluoride, ClF3

Dot and cross diagram Cl

Explanation of repulsions of 
electrons pairs

Central atom = Cl
3 BP and 2 LP

LPs repel more than the BPs 

Diagram of shape Cl

Shape T-shaped

Bond angle 86°

– Cl
–
–

Cl

Cl

TRIGONAL BIPYRAMID: 5 bonding pairs of electrons. Bond angles = 90° and 120°.

T-SHAPED: 3 bonding pairs of electrons and 2 lone pairs of electrons. Bond angle 86°.

Cl
Cl

x Cl

x 

Cl

x Cl

x Cl x Cl

–

–

F

F

–F

F
x 

F Fx 
x 

x x x x 
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OCTAHEDRAL: 6 bonding pairs of electrons. Bond angle = 90°.

SQUARE PLANAR: 4 bonding pairs of electrons and 2 lone pairs of electrons. 
Bond angle = 90°.

Example Sulfur hexafluoride

Dot and cross diagram S

Explanation of repulsions of 
electrons pairs

Central atom = S
6 BP

6 BP so equal repulsions

Diagram of shape S

Shape Octahedral

Bond angle 90°

F
x 

F
x 

F x Fx 

F
x F

x 

F

–

–

F

F

F
F

F

Example Xenon tetrafluoride

Dot and cross diagram Xe

Explanation of repulsions of 
electrons pairs

Central atom = Xe
4 BP and 2 LP. LPs arranged at 180° to 

each other to minimise LP-LP repulsions 
and 4 BPs repel equally

Diagram of shape Xe

Shape Square planar

Bond angle 90°

F x Fx 

F
x 

F
x 

F
F
F

F

x x 

x x 
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The following summarises the steps required to predict the shape a molecule will take.

• Draw a dot and cross diagram using only outer shell electrons of the molecule or ion.

• Determine the number of bonding pairs of electrons around the central atom.

• Determine the number of lone pairs of electrons around the central atom.

• Draw the appropriate shape and assign the bond angle.

Examiner tip 
Learn one molecule for each shape in detail and then it will be easy to compare any 
unknown ones which may arise.

For more information on this topic have a look at the following clip:
VSEPR theory explaining the shapes of molecules and molecular ions

Application to Industry – Pharmacology
Pharmacologists are interested in the interactions of drugs with biological systems and 
aim to understand how drugs work to ensure they can be used effectively and safely. 
The shape of a molecule is a fundamentally important feature that often determines 
the success of a drug molecule during the discovery process. How a drug molecule 
binds to the target receptor site and how it interacts with non-target molecules is 
also important. A small change in the shape or size of a drug molecule may enhance 
its effectiveness or reduce its side effects. Drug discovery continually evolves in its 
processes of finding new molecules for treatment of diseases.

https://www.youtube.com/watch?v=GH3mS79hoYU
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Polar and non-polar molecules
It is possible for molecules which contain polar bonds to be non-polar. This occurs 
when the molecules are symmetrical and the same types of atoms are attached to the 
central atom. In these cases, the polarities of the bonds cancel each other out. 

Molecules which are polar may contain different atoms attached to the central atom. 
In this case the dipoles are not equivalent to allow them to cancel out. Polarity will 
also arise in molecules which are unsymmetrical. Examples include molecules which 
have the following shapes: linear, trigonal planar, tetrahedral, square planar, trigonal 
bipyramidal and octahedral and which contain bonds with the same polarity.

The equally polar C=O bonds in carbon dioxide are arranged symmetrically so the 
dipoles which they create cancel each other out.

The same is true of BF3, CCl4, XeF4, PCl5 and SF6.

O=C=O
δ- δ+ δ-
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Shape Number of 
bonding 
pairs of 

electrons

Number of 
lone pairs of 

electrons

General 
formula

Polar or 
non-polar

linear 2 0 AX2 non-polar

trigonal planar 3 0 AX3 non-polar

tetrahedral 4 0 AX4 non-polar

pyramidal 3 1 AX3E polar

v-shaped/bent 2 2 AX2E2 polar

v-shaped/bent 2 1 AX2E polar

trigonal bipyramid 5 0 AX5 non-polar

t-shaped 3 2 AX3E2 polar

octahedral 6 0 AX6 non-polar

square planar 4 2 AX4E2 non-polar

Polar & Non-Polar Molecules: Crash Course Chemistry #23

The table below summarises the polarity of molecules with these shapes. Each 
molecule must contain the same equally polar covalent bond and have the required 
symmetry for the overall molecule to be non-polar.

X = atom and E = lone pair of electrons.

TEST YOURSELF 1.6.1

1. Name the shape together with a bond 
angle for the following molecules:

• SiH4

• NCl3
• PF5

• XeCl4
• SO2-

2. Determine if the following molecules 
are polar or non-polar:

• CS2

• BCl3
• SCl2
• SeF6

• NOF2

• SiH4

4

https://www.youtube.com/watch?v=PVL24HAesnc


CHEMISTRY

pg 81

1.7 Redox

Redox is an abbreviated term for reduction and oxidation. Both of these processes 
involve electron transfer and occur simultaneously in a reaction. There are numerous 
reactions which can be considered as redox reactions such as rusting, displacement 
and electrolysis. This topic will introduce the concept of using oxidation numbers to 
identify oxidation and reduction processes occurring within a redox reaction. It will 
also outline the key steps in balancing half-equations which can then be combined to 
write balanced redox equations. 

Mathematical Content
Students will use basic mathematical skills and rules to assign oxidation numbers 
or states to elements in a reaction. They will also look further at the changes in the 
oxidation numbers during the reaction to allow them to identify a range of processes 
which may be occurring.

Learning Outcomes
• Calculate the oxidation state for an element in a compound or ion including, 

peroxides and metal hydrides.

• Define the term redox and explain oxidation and reduction in terms of electron 
transfer and changes in oxidation state.

• Demonstrate understanding that oxidising agents gain electrons and are reduced 
and reducing agents lose electrons and are oxidized.

• Define disproportionation and use oxidation numbers to classify a redox reaction as 
disproportionation.

• Write half-equations and combine half-equations to give a balanced redox equation.

• Use Roman numerals to indicate the oxidation number when an element has 
compounds or ions with different oxidation numbers, for example chlorate(I) and 
chlorate(V).
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Oxidation numbers/states
There are a number of rules which are useful to determine the oxidation number or 
oxidation state of an element. These can be summarised as follows:

• The oxidation state of an uncombined element is zero. 

• The sum of the oxidation states of all the atoms or ions in a neutral compound is 
zero.

• The sum of the oxidation states of all the atoms in an ion is equal to the charge on 
the ion.

• A more electronegative element in a substance is given the negative oxidation state. 
A less electronegative one is given the positive oxidation state. 

• Hydrogen = +1 (except in metallic hydrides or when bonded to boron or silicon when 
it is -1).

• Group I elements = +1.

• Group II elements = +2.

• Aluminium = +3.

• Oxygen = -2 (except in peroxides where it is -1 and OF2 where it is +2).

• Fluorine = -1.

• Chlorine = -1 (except in compounds with oxygen or fluorine).
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WORKED EXAMPLES
Determine the oxidation states of the elements in the following:

1. Potassium oxide: K2O

 K is a Group 1 element = +1

 There are two potassium atoms in the compound (2 × +1 = +2)

 O = -2

 Sum total = +2 + -2 = 0   Answer: K = +1; O = -2

2. Sodium nitrate: NaNO3 

 Na is a Group 1 element = +1

 O = -2

 There are three oxygen atoms in the compound (3 × -2 = -6)

 To find the oxidation state of N the current sum total must be found and its 
oxidation number must then add to the total to give zero overall as it is a neutral 
compound.

 Sum total = +1 + -6 = -5  N must therefore be +5

       Answer: Na = +1; N = +5; O = -2 

3. Vanadium pentoxide: V2O5 
 O = -2
 There are five oxygen atoms in the compound (5 × -2 = -10)
 This means that the total contribution provided by the V must be +10 to give zero 

overall. However, there are two vanadium atoms so the oxidation number of one 
vanadium atom is +5 (+10/2). 

       Answer: V = +5; O = -2
 Vanadium pentoxide can also be named vanadium(V) oxide. The Roman numeral 

tells us the positive oxidation number of the element which immediately precedes 
it, in this case vanadium is +5. This occurs frequently with a number of the transition 
metals as they have variable oxidation states. 
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4. Potassium Permanganate: KMnO4 
 K  = +1
 O = -2  (4 × -2 = -8)
 Sum total = +1 + -8 = -7  Mn must therefore be +7
 Mn = +7 
      Answer: K = +1; O = -2; Mn = +7
 Potassium permanganate is also called potassium manganate(VII).

5. Sodium peroxide: Na2O2

 Peroxides are an exception to the rule and here the oxygen has an oxidation number 
of -1.

 Na = +1 (2 × +1 = +2)
 O = -1  (2 × -1 = -2)
 Sum total = +2 + -2 = 0  
      Answer: Na = +1; O = -1

6. Calcium Hydride: CaH2

 Metal hydrides are an exception to the rule and here the hydrogen has an oxidation 
number of -1.

 Ca = +2 
 H = -1 (2 × -1 = -2)
 Sum total = +2 + -2 = 0  
      Answer: Ca = +2; H = -1

There are a number of ions which contain oxygen combined with another element. In 
these ions the oxygen will be -2 and the other element will take the oxidation state of 
the Roman numeral contained in its name.

Chlorate(I)   ClO-  (Cl = +1; O = -2)

Chlorate(V)  ClO-  (Cl = +5; O = -2)

Manganate(VII) MnO-  (Mn = +7; O = -2)

Dichromate(VI)  Cr2O2-  (Cr = +6; O = -2)

For more guidance on assigning oxidation numbers watch this clip:
How to Calculate Oxidation Numbers Introduction

3

4

7

https://www.youtube.com/watch?v=-a2ckxhfDjQ
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Using oxidation numbers to show oxidation and 
reduction in a redox reaction
During oxidation and reduction, the oxidation numbers of atoms change.

If an atom is oxidised, its oxidation number increases: it becomes more +ve or 
less –ve.

If an atom is reduced, its oxidation number decreases: it becomes less +ve or 
more –ve.

Example: Zn + CuSO4  → Cu + ZnSO4

The sulfate ion is a spectator ion and can be eliminated to write the ionic equation:

Zn + Cu2+  →	  Cu + Zn2+

Zn = 0  Cu = +2    Cu = 0  Zn = +2

Using the oxidation numbers, it is possible to easily establish which element has been 
oxidised and which has been reduced.

Zinc has gone from 0 in Zn to +2 in ZnSO4 increase in oxidation number = oxidation

A half-equation further confirms this as electrons have been lost:
Zn → Zn2+ + 2e-

The species which is oxidised is donating electrons to another species and thus causing 
it to be reduced. It is thus a reducing agent. As zinc has been oxidised, it is the reducing 
agent in this reaction.

Copper has gone from +2 in CuSO4 to 0 in Cu decrease in oxidation number = reduction

A half-equation further confirms this as electrons have been gained:
Cu2+ + 2e- → Cu

The species which is reduced is accepting electrons from the other species, causing it to 
be oxidised. It is thus an oxidising agent. As copper(II) ions have been reduced, they are 
the oxidising agent.

OXIDATION Loss of electrons Increase in oxidation number

REDUCTION Gain of electrons Decrease in oxidation number
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A zinc strip in a solution of copper(II) sulfate results in an redox reaction. This is a 
chemical reaction in which electrons are transferred from one reactant to another. Zinc 
atoms enter the solution as zinc ions. Copper ions are reduced to copper atoms on the 
surface of the metal. 

A redox reaction takes place when oxidation and reduction both occur in the same 
reaction.
Introduction to Oxidation Reduction (Redox) Reactions

Disproportionation
In a disproportionation reaction one element is both oxidised and reduced 
simultaneously. 

 Cl2 + NaOH →	 NaCl + NaClO + H2O
 Cl = 0  Na = +1  Na = +1  Na = +1  H = +1
   O = -2  Cl = -1  O = -2  O = -2
   H = +1    Cl = +1

In this case chlorine has been both oxidised (from 0 in Cl2 to + 1 in NaClO) and reduced 
(from 0 in Cl2 to -1 in NaCl).

https://www.youtube.com/watch?v=5rtJdjas-mY
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Balancing redox reactions
Many oxidation and reduction processes involve complex ions or molecules and the 
half-equations for these processes are more complex. In order to write a balanced 
redox equation both half-equations must be balanced and scaled to contain the same 
number of electrons.

Example: reaction of iron(II) ions with potassium permanganate forming iron(III) ions 
and manganese(II) ions.
 Fe2+ → Fe3+ 

This is easily balanced. The number of iron atoms on either side is equal. The charge 
on the LHS is +2 and on the RHS is +3. This can be balanced by adding one electron to 
the RHS.
 Fe2+ → Fe3+ + e-   
 
 MnO- → Mn2+

This will require more effort to balance. The number of manganese atoms on the 
LHS and RHS are equal; however the number of oxygen atoms is not. Oxygen can be 
balanced using water as follows:
 MnO- → Mn2+ + 4H2O

However, there are now eight hydrogens on the RHS and none on the LHS. By adding H+ 
to the LHS this will balance the hydrogen atoms.
 8H+ + MnO- → Mn2+ + 4H2O 

The final step is to balance the charge. The LHS currently has an overall charge of +7 
and the RHS is +2. Five electrons must be added to the LHS to decrease its charge from 
+7 to +2.
 5e- + 8H+ + MnO- → Mn2+ + 4H2O

To combine the two half-equations in order to write a fully balanced redox equation 
the number of electrons in each reaction must be the same. In this case the iron 
half-equation must be multiplied by five to achieve this:
 Fe2+ → Fe3+ + e- x5
 
 5Fe2+ → 5Fe3+ + 5e-   
 
 5e- +  8H+ + MnO- → Mn2+ + 4H2O 

4

4

4

4

4
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The numbers of electrons will now cancel and the equations can be added together to 
give the overall ionic equation:
 5Fe2+ + 8H+ + MnO- → 5Fe3+ +      Mn2+      +      4H2O 

Reminder of the steps to balance a half-equation:

• Identify the atom being oxidised or reduced, and make sure there are the same 
number of that atom on both sides (by balancing).

• Balance O atoms by adding water.

• Balance H atoms by adding H+.

• Add the necessary number of electrons to ensure the charge on both sides is the 
same.

In cases where H+ ions and H2O are present on both sides of the ionic equation these 
will also cancel down.

Examiner tip
Practice is the only way to get used to assigning oxidation numbers to elements, 
balancing half-equations and then writing balanced redox equations. 
How to Balance Redox Equations in Acidic Solution

Implications of redox in the future
An application of REDOX in the world today is fuel cells. A fuel cell is a system of 
electric power generation through electrochemical reactions. The most widely used 
fuel cell is the hydrogen-oxygen fuel cell. Oxygen (from air) and a fuel (hydrogen) 
combine to form water. The electricity produced can be used to power cars, buses, 
laptops and mobile phones. The by-product, heat, can also be used. In this fuel cell 
oxidation and reduction reactions occur at the electrodes (anode and cathode). 

Hydrogen is oxidised to H+ at the anode: H2    →     2H+      +      2e-

Oxygen is reduced at the cathode:  O2      +      4H+      +      4e-      →      2H2O

OVERALL REACTION:     2H2    +     O2      →      2H2O

This is a popular technology that is already widely used by many industries. Given the 
limited supplies of fossil fuels that remain alternative sources of energy are constantly 
being investigated. Fuel cells are not without their limitations but they are certainly 
something to watch for in the future. Watch this clip about how fuel cell vehicles work: 
How Fuel Cell Vehicles Work – CES 2015

4

https://www.youtube.com/watch?v=IZ1tKxsqV74
https://www.youtube.com/watch?v=tajigZ2e6tQ#t=48
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TEST YOURSELF 1.7.1

1. Write down the oxidation numbers or oxidation states of each element in the 
following compounds:

• MgCl2
• SO2

• PCl3
• SO2-

• MnO2

• CS2

2. Deduce the oxidation numbers of all the elements in the following reactions and 
determine which species is oxidised and reduced:

• Zn + Mn2+ → Zn2+ + Mn

• Br2 + 2Cl- → 2Br- + Cl2
• MnO2 + 4H+ + 2Cl- → Mn2+ + Cl2 + 2H2O

• Cr2O2- + 14H+ + 6Cl- → 2Cr3+ + 3Cl2 + 7H2O

3. Write balanced half-equations for the following:

• Zn  → Zn2+

• H+  → H2

• Al  → Al3+

• Cr2O2- → Cr3+

• IO-  → I2

• H2SO4 → H2S

4

7

7

3
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4. Write balanced redox reactions for each of the following pairs of half-equations:

• Cu2+ + 2e- → Cu

• Zn → Zn2+ + 2e-

• Cr2O2- + 14H+ + 6e- → 2Cr3+ + 7H2O

• Fe2+ → Fe3+ + e-

• V2+ + 3H2O → VO- + 6H+ + 3e-

• Fe2+ + 2e- → Fe

7

3
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Group VII elements are reactive non-metal elements called the halogens. They are too 
reactive to be found uncombined and therefore the main sources of the elements are 
halide salts. This topic examines the physical properties of the halogens and looks at 
some of the reactions this volatile group of elements take part in.

Learning Outcomes
• Recall the colours of the elements and explain the trends within the Group, limited 

to physical state at room temperature, melting and boiling points.

• Compare the solubility and colours of the halogens in water and non-aqueous 
solvents, for example hexane.

• Describe the reaction of the halogens with cold dilute and hot concentrated aqueous 
sodium hydroxide and explain the disproportionation in these reactions.

• Recall the reaction of chlorine with water to form chloride ions and chlorate(I) ions.

• Describe the trend in oxidising ability of the halogens down the Group applied to 
displacement reactions of the halogens with other halide ions in solution.

• Demonstrate understanding of the reactions of solid halides with concentrated 
sulfuric and phosphoric acid in relation to the relative reducing ability of the 
hydrogen halides/halide ions.

• Compare the advantages and disadvantages of adding chlorine or ozone to drinking 
water.
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Physical properties of the halogens
Watch this clip to familiarise yourself with some of the properties of halogens:
Properties of Group 7 the halogens

The colours are deeper depending on the concentration of the solution of the halogens.

This video clip is worth watching before moving into the reactions of halogens.
The Halogens

Halogen Colour and 
state at RTP

Melting 
point /°C

Boiling 
point /°C

Solubility 
in hexane

Solubility 
in water

fluorine
(F2) yellow gas -220 -1881

chlorine
(Cl2) yellow-green 

gas -101 -34

soluble
forms a 

colourless/
green 

solution

soluble 
forms a 

colourless/
green 

solution

bromine
(Br2) red-brown 

liquid -7 59

soluble
forms an 
yellow/
orange/

brown/red 
solution

soluble
forms a 
yellow/
orange/
brown 

solution

iodine
(I2) grey-black 

solid 114

184
a purple 
vapour is 
formed

soluble
forms a 
purple 

solution

soluble in 
a solution 
containing 

I-, forms 
a yellow/

brown 
solution

https://www.youtube.com/watch?v=ltZcKvxvu0A
https://www.youtube.com/watch?v=PfDPVHMIL8c
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Elemental Halogens: from left to right, chlorine (Cl2), bromine (Br2) and iodine (I2). These are toxic and reactive 
non-metals. Chlorine is a gas at room temperature. It was used as a chemical weapon during World War One. 
Bromine is a dark liquid at room temperature, although it readily produces a brown vapour. Iodine is a crystalline solid.

Halogen solutions. Three test tubes containing solutions of the halogen elements chlorine (left), bromine (middle) and 
iodine (right) in water (lower part) and cyclohexane (upper part).
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Implication for society: 
The nuclear danger of iodine
Iodine is an element typically known for its sterilisation properties in wound care 
or its health benefits for humans but there isotopes of iodine which are harmful. On 
the 11th March 2011, following an earthquake, a 15m tsunami disconnected the 
power supply and therefore the cooling process of three Fukushima Daiichi reactors 
resulting in a nuclear accident. A massive cloud of radiation was ejected into the 
atmosphere, settling all across Japan and into the Pacific Ocean. A volatile iodine 
species (I-131) was released along with many others and this posed a high threat to 
public health. Radioactive iodine has a short half-life therefore its long-term effect on 
the environment is minimal. In our bodies, iodine is mainly used by the thyroid gland 
to manufacture the thyroid hormones associated with metabolic functions, including 
overall metabolic rate. Intense exposure to I-131 may cause thyroid problems, 
including thyroid cancer.
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Reactions of the halogens
Reaction with cold dilute sodium hydroxide
The state symbol for the halogen will change. With chlorine it is (g), with bromine and 
iodine it is (aq).

  X2(g)    +    2NaOH(aq)    ➝    NaX(aq)    +    NaXO(aq)    +    H2O(l)

oxidation state   0                                  -1                    +1

X = Cl / Br / I

This reaction is a disproportionation reaction as the halogen is simultaneously 
oxidised and reduced in the reaction.

Bromine will produce sodium bromate(I) in a reaction at 0°C. Iodine will produce 
sodium iodate(I) at 0°C but it will decompose rapidly.

Reaction with hot concentrated sodium hydroxide
The state symbol for the halogen will change. With chlorine it is (g), with bromine and 
iodine it is (aq).

  3X2(g)    +    6NaOH(aq)    ➝    5NaX(aq)    +    NaXO3(aq)    +    H2O(l)

oxidation state    0                   -1                       +5

X = Cl / Br / I

Again, this is a disproportionation reaction.

Reaction of chlorine with water
Chlorine disproportionates in water to form hydrochloric acid and chloric(I) acid.

  Cl2(g)    +    H2O(l)    ➝     HCl(aq)    +    HClO(aq) 

oxidation state    0        -1                    +1 

HClO is chloric(I) acid. It is a mild oxidising agent and is effective at killing bacteria 
without being harmful to humans. A small amount of chlorine dissolved in water will 
sterilise the water and therefore chlorine is widely used in swimming pools and in 
water treatment. Chlorine is toxic to humans except in very small doses, care must be 
taken not to over-chlorinate the water supply.
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Oxidising ability of the halogens
All the halogens are oxidising agents, as they can accept electrons and become 
reduced:

 F2 + 2e- ➝	 2F-

 Cl2 + 2e- ➝	 2Cl-

 Br2 + 2e- ➝	 2Br-

 I2 + 2e- ➝	 2I-

The strength of the oxidising power decreases down the group. As the number of shells 
in the atom increases, the more difficult it is for electrons to get close to the nucleus 
due to the increased shielding. Thus the attraction of the electrons to the nucleus is 
weaker and the atom becomes less likely to accept the electrons.

Displacement reactions between halogens and halide ions
The displacement reactions of halogens with halide ions provides a clear illustration of 
the trends in oxidising properties of the halogens. A more reactive halogen will displace 
a less reactive one from a compound.

• Chlorine will displace bromide and iodide ions from solution.

• Bromine will displace iodide ions from solution, but not chloride ions.

• Iodine cannot displace either bromide or chloride ions from solution.

    Cl2    +    2Br-    ➝    2Cl-    + Br2 changes from colourless to orange

    Cl2    +    2I-      ➝    2Cl-    + I2 changes from colourless to brown

    Br2    +    2I-      ➝    2Br-    + I2 changes from yellow-orange to brown

"All in the Family" Properties of Halogens this clip will show you the displacement 
reactions.

https://www.youtube.com/watch?v=QHbaZFSU4_Q
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Reducing ability of halide ions
The halide ions are reducing agents; they can lose electrons and become oxidised:

 2F- ➝ F2 + 2e-

 2Cl- ➝ Cl2 + 2e-

 2Br- ➝ Br2 + 2e-

 2I- ➝ I2 + 2e- 

The strength of the reducing power increases down the group. As the number of shells 
in the ion increases, shielding increases and the attraction between the nucleus and 
the outer electrons decreases, therefore they are less tightly held. These electrons are 
thus lost more easily and the halide ion is more readily oxidised. Fluoride and chloride 
ions have limited reducing ability. 

Reactions of halides with concentrated 
sulfuric acid
The variation in reducing strength of the halides can be clearly seen in the reaction 
of the sodium halides with concentrated sulfuric acid. Concentrated sulfuric acid is 
a strong acid and will react with the sodium salts of the halides to form hydrogen 
halides:

H2SO4  + NaX ➝ NaHSO4  + HX

Cl- is a very weak reducing agent and therefore cannot reduce H2SO4. 

The only reaction which will take place is:  

H2SO4  + NaCl ➝ NaHSO4  + HCl 

Observations: misty fumes, heat given out, pungent smell, solid disappears.
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Examiner tip
In terms of observations, whether the solid disappears depends on the amount of 
sulfuric acid used. Often it is not clear in examination questions whether the sulfuric 
acid is in excess or not. The other observations are safer to give.

Br- is a better reducing agent, but the sulfur in the H2SO4 is only reduced from +6 to +4 
(SO2). 

H2SO4  + NaBr ➝ NaHSO4  + HBr   

H2SO4  + 2HBr ➝ SO2 + Br2 + 2H2O  

Observations: misty fumes, red-brown vapour, heat given out, pungent smell, solid 
disappears.

I- is a good reducing agent and is easily oxidised, reducing the sulfur in the H2SO4 from 
+6 to +4 (SO2), to 0 (S) or to -2 (H2S).

H2SO4  + NaI ➝ NaHSO4  + HI   

H2SO4  + 2HI ➝ SO2 + I2 + 2H2O  

H2SO4  + 6HI ➝ S + 3I2 + 4H2O  

H2SO4  + 8HI ➝ H2S + 4I2 + 4H2O 

Observations: misty fumes, heat given out, solid disappears, grey-black solid, purple 
vapour, yellow solid, rotten egg smell.

In the reactions of concentrated H2SO4 with HBr and HI the concentrated H2SO4 is 
acting as an oxidising agent.

Watch the following clip to see these reactions. It uses potassium halides rather than 
sodium halides but the observations will be the same!
halides and concentrated sulphuric acid

To help you revise these reactions watch the following clip:
Test for halide ions (reactions with sulfuric acid)

https://www.youtube.com/watch?v=_I5O5dYEdO4
https://www.youtube.com/watch?v=yOBqSc7dNi0
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Reactions of halides with concentrated 
phosphoric acid
The following reactions take place:

H3PO4  + NaCl ➝ NaH2PO4 + HCl

H3PO4  + NaBr ➝ NaH2PO4 + HBr

H3PO4  + NaI ➝ NaH2PO4 + HI

In these reactions the concentrated phosphoric acid only acts as an acid and does not 
exhibit any oxidising properties as seen with concentrated sulfuric acid.

Examiner tip 
There are lots of equations that need to be learned for this topic. Look for the 
similarities and patterns which will help you memorise them.

The addition of chlorine and ozone to 
drinking water
Many public water systems will add chlorine to their water supply (chlorination) 
as a disinfectant. Its disinfectant properties enable it to kill or inactivate harmful 
microorganisms which may cause diseases such as typhoid, cholera and dysentery. 
It is used for iron and manganese removal and the prevention of nuisance growths 
in wells, water pipes and storage facilities. It is a cost effective method which is both 
reliable and effective. There may be disadvantages of consuming water that has been 
treated with chlorine. When water is treated with chlorine, disinfection by-products 
called trihalomethanes can form. There is a suggestion that these trihalomethanes 
may cause an increased risk of cancer and the potential long-term effects of these 
by-products are unknown. Chlorine is both toxic and corrosive and this poses safety 
issues for transporting, storing and handling.

Sodium halide Products with conc H2SO4 Products with conc H3PO4

NaCl NaHSO4       HCl NaH2PO4            HCl

NaBr NaHSO4       HBr       Br2
SO2              H2O NaH2PO4            HBr

NaI
NaHSO4       HI          I2

SO2               H2O
S                   H2S

NaH2PO4            HI
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TEST YOURSELF 1.8.1

1. Explain why the boiling points of the halogens increase down the Group.

2. What colour is iodine in water and in hexane? 

3. Chlorine reacts with hot concentrated NaOH solution and disproportionation occurs. 
Write an equation for this reaction. What does the term disproportionation mean? 
Explain how this reaction is an example of disproportionation.

4. Write an equation to show how chlorine reacts with water.

5. Why does the oxidising ability of the halogens decrease down the Group?

6. Water and bromine are two of the products produced when concentrated H2SO4 
reacts with NaBr. Name two other products.

7. Write an equation to show how iodide ions can react with concentrated sulfuric acid 
to produce the element sulfur.

8. Give an advantage and disadvantage of using ozone in the treatment of drinking 
water.

Ozone (O3) is an unstable gas consisting of three oxygen atoms which can also be 
added to drinking water as a disinfectant. It kills viruses, bacteria, fungi and algae 
on contact and will break down harmful synthetic chemicals into less dangerous 
molecules. It reacts with natural organic matter far better than chlorine does. Also 
there is no production of chemicals such as chlorophenols when chlorine reacts with 
natural phenols in water which are always suspected of giving drinking water a special 
taste and smell. There are however some disadvantages to its use. There are higher 
equipment and operational costs. Ozone is less soluble in water compared to chlorine 
so special mixing techniques are needed. There are potential fire hazards and toxicity 
issues associated with ozone generation.
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Titrations are used to find the concentration of a solution, therefore they are a form of 
quantitative analysis. In an acid-base titration a standard solution is titrated against 
an unknown solution and the data obtained can be used in a calculation to find the 
unknown concentration. Acid-base titrations use the neutralisation of an acid or 
alkali as the equivalence point in a titration. The volume of the solution required to 
complete this neutralisation is termed the titre value. Acid-base titrations may be 
examined in the AS3 practical paper. It is important that you are competent with the 
theory, calculations and practical skills required to successfully carry out and analyse 
a titration.
 

Mathematical content
This topic will provide students with the opportunity to:

• Collate data from an acid-base titration in an appropriate table.

• Use the data obtained in various calculations which may include the use of standard 
form.

• Convert between different units of concentration.

Learning Outcomes
• Demonstrate understanding of the concept of weak and strong acids and bases in 

terms of dissociation of hydrogen ions and hydroxide ions. 

• Demonstrate understanding of the techniques and procedures used when 
experimentally carrying out acid-base titrations involving strong acid/strong base, 
strong acid/weak base and weak acid/strong base, for example determining the 
degree of hydration in a sample of sodium carbonate and analysis of vinegar.

• Select the correct indicator for each type of titration and recall the colour changes 
of phenolphthalein and methyl orange at the end point.

• Identify uncertainties in measurements and calculate the uncertainty when two 
burette readings are used to calculate a titre value.

• Select appropriate titration data, ignoring outliers, in order to calculate mean titres.

• Calculate concentrations and volumes for titration calculations.

• Demonstrate knowledge of the term molarity, M, and the units of concentration, for 
example mol dm-3, g dm-3.

• Describe the techniques and procedures used to prepare a standard solution of 
required concentration.
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Strength of acids and bases
Strong acids and bases are ones which fully dissociate when dissolved in water. The 
term ‘fully dissociate’ means that all of the acid or base will be converted into its ions. 
Acids will release hydrogen ions H+, and bases release hydroxide ions, OH-.

Examples:

  HCl(aq)  ➝ H+(aq)  + Cl-(aq) 

  NaOH(aq) ➝ Na+(aq)  + OH-(aq)

Weak acids and bases only partially dissociate when dissolved in water. The term 
‘partially dissociate’ means that not all of the acid or base will be converted into its 
ions.
  CH3COOH(aq)  H+(aq)  + CH3COO-(aq)

Acids & Bases 3 - Strength

Acid-base titrations
Titration is a method of volumetric analysis which can be used to find the 
concentration of a solution. You must know the concentration of one of the solutions 
– this is the standard solution (a solution for which the concentration is accurately 
known). This standard solution is used to find out information about the second 
solution which may include its concentration, formula, molar mass or the number of 
molecules of water of crystallisation present. When the sample has completely reacted 
with the standard solution this is termed the equivalence point.

The apparatus required for a titration includes a pipette with safety filler, burette, 
beakers, filter funnel, conical flasks and a volumetric flask if a solution requires 
preparation. In a titration a pipette is used to measure a specific volume of solution 
into a conical flask. The other solution is placed in a burette. It is important that these 
pieces of apparatus are correctly prepared to ensure accuracy in the titration.

This clip shows how they are prepared:
Titration Step 1 - Rinsing Glassware

https://www.youtube.com/watch?v=ai-5cixL7ps
https://www.youtube.com/watch?v=AU6ozDDlMTE
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Preparing a burette
• Rinse the burette with deionised water ensuring the water flows through the jet.

• This water should be discarded from the burette.

• Rinse the burette with the solution being measured out from the burette, again 
ensure this flows through the jet.

• This solution should be discarded from the burette.

• Fill the burette with the required solution to approximately 3 cm3 above the zero 
mark. Open the tap and allow the solution to drain until the bottom of the meniscus 
is on the zero mark (this ensures the jet is filled).

(http://study.com/academy/lesson/what-is-a-meniscus-definition-uses-lab-
examples.html)
Titration Step 2 - Preparing the burette

Preparing a pipette
• Using a pipette filler, rinse the pipette using deionised water.

• This water should then be discarded from the pipette.

• Rinse the pipette with the solution being measured out from the pipette.

• This should then be discarded from the pipette.

• Fill the pipette with the required solution until the bottom of the meniscus lies on 
the fill line.

Carrying out a titration

Titration experiment preparation by a student. He is using the 
pipette filler in his right hand to fill a pipette with acid from the 
beaker. The use of a pipette allows the transfer of a known volume 
of acid to the conical flask. The burette (left) contains an alkali of 
known concentration and is used to add a measured volume to 
neutralise the acid.

http://study.com/academy/lesson/what-is-a-meniscus-definition-uses-lab-examples.html
http://study.com/academy/lesson/what-is-a-meniscus-definition-uses-lab-examples.html
https://www.youtube.com/watch?v=MuKh3s73IAM
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Method for carrying out the titration

1. Prepare a burette by rinsing with deionised water and with its solution.

2. Fill the burette with its solution, ensure the jet is full and record the initial reading 
from the burette scale.

3. Prepare a pipette by rinsing with deionised water and the solution to be measured.

4. Fill the pipette until the bottom of the meniscus is on the fill line and transfer the 
solution to a conical flask. 

5. Add a few drops of indicator to the solution in the conical flask.

6. Add the solution from the burette to the conical flask with swirling until a 
permanent colour change is observed.

7. Record the final reading on the burette scale and calculate the volume added, this 
will be the rough titre value.

8. A further two titrations should be completed but the burette solution should be 
added dropwise when within 1 cm3 of the rough titre value. These accurate titre 
values should be concordant – within 0.1 cm3 of each other. If necessary continue to 
repeat the titration until concordant results are obtained.

Recording and analysing titration data
A table of results to record information obtained in a titration should take the following 
format:

Average titre = 
accurate 1 + accurate 2

           2 

Rough Accurate 1 Accurate 2

Initial burette 
reading / cm3

Final burette 
reading / cm3

Titre / cm3
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There are a number of key points to note when completing the table:

• Headings should include units.

• Values should be recorded to at least one decimal place.

• The rough titre value should be greater than the accurate titre values (no greater 
than 1 cm3).

• Accurate titre values should be within 0.1 cm3 of each other.

• The average titre value should be calculated using only the accurate titre values and 
stated to at least one decimal place.

Examiner tip
You will be required to present the data you obtain in the practical exam in AS3 and 
there are a number of marks awarded to this skill. Take the time to learn how to draw 
the titration table correctly and pay close attention to the key points provided. 

Expressions used in titration calculations
The concentration of a solution can be calculated using the following expression:

concentration= 
number of moles 

c= 
n

    volume (dm3)   

MEMORY AID:

Concentration can be quoted using a variety of units. These include:

  mol dm-3  or  M

  g dm-3                             

The g dm-3 can be calculated by using concentration in mol dm-3 × RFM.

v

n
   
 

c              v
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Link to Personal Development
Chemistry is a diverse subject which will allow you to experience and enhance many 
different personal development skills. During practical tasks it is likely that you will 
often have to work as part of a group, this will give you experience of working as part 
of a team as well as developing your oral communication skills. Experimental work 
will usually require some type of data collection, the acid-base titrations are a good 
example of such a task, and the interpretation of the data will give you the opportunity 
to improve your numerical ability and analytical skills. During problem solving tasks 
you will be able to work on your organisational skills as well as developing creativity 
and innovative thinking skills. These are all qualities which many universities and 
future employers will be looking for you to be able to demonstrate experience in.

Uncertainty in measurements
The estimation of a percentage error in the average titre obtained in a titration can be 
calculated using the following equation:

% error = 
2 × maximum error

          average titre

A burette has a maximum error of 0.05 cm3.

Selecting an indicator 
Indicators are used to determine the end point of a titration. They change colour over a 
range of pH values, usually around 2 pH units centred around different pH values. This 
means that not all indicators are suitable for all titrations. Two indicators which can 
be used with acid-base titrations are methyl orange and phenolphthalein. Methyl 
orange changes colour at a low pH range (pH 3-5) and phenolphthalein changes colour 
at a high pH range (pH 8-10). These indicators have distinct colours in acidic and 
alkaline solutions and therefore this colour change can be used to determine the end 
point of a titration.

× 100

Indicator Colour in acid Colour in alkali

methyl orange red yellow

phenolphthalein colourless pink
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The table below outlines the colour changes which would be observed.

Examiner tip
An easy way to remember which indicator is used is to understand that the strong acid 
or base will dictate the choice. In the case where both the acid and base are strong 
then either indicator can be used. When only the acid is strong methyl orange is used, 
and when only the base is strong phenolphthalein is used.

Methyl Orange and Phenolpthalein Colours in Acid and Alkali, with End Points

Solution in pipette
(conical flask)

Solution in the 
burette

Suitable indicator Colour change

strong acid strong base

methyl orange

phenolphthalein

red ➝ yellow

colourless ➝ pink

strong base strong acid

methyl orange

phenolphthalein

yellow ➝ red

pink ➝ colourless

strong acid weak base methyl orange red ➝ yellow

weak base strong acid methyl orange yellow ➝ red

weak acid strong base phenolphthalein colourless ➝ pink

strong base weak acid phenolphthalein pink ➝ colourless

weak acid weak base no suitable 
indicator

weak base weak acid no suitable 
indicator

https://www.youtube.com/watch?v=jEvhhxg2yKA
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Acid-base titration calculation
The following results were obtained by titrating 25.0 cm3 of sodium hydroxide solution 
against 0.100 mol dm-3 sulfuric acid.

Average titre =  
21.7+21.6  

 = 21.65 cm3

The data can be used to calculate the concentration of sodium hydroxide solution in 
g dm-3 using the following method:

1. Write an equation for the reaction:

 H2SO4 + 2NaOH  ➝ Na2SO4  + 2H2O

2. Use the average titre to find the number of moles of sulfuric acid used in the 
titration:

Number of moles = concentration × volume (dm3)

Rough Accurate 1 Accurate 2

Initial burette 
reading / cm3 0.0 0.0 0.0

Final burette 
reading / cm3  22.5 21.7 21.6

Titre / cm3  22.5 21.7 21.6

2

H2SO4 2NaOH Na2SO4 2H2O

molar ratio 1 2 1 2

concentration
/ mol dm-3 0.100

vol / dm3 0.02165 0.025

moles 0.002165
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3. Use the ratio to find the number of moles of sodium hydroxide.

4. Find the concentration of sodium hydroxide solution in mol dm-3 and then g dm-3.

 concentration= 
number of moles

           
volume (dm3)

 c = 0.00433 / 0.025

 c = 0.1732 mol dm-3   ×   RFM (23+1+16 = 40)   =   6.93 g dm-3

H2SO4 2NaOH Na2SO4 2H2O

molar ratio 1 2 1 2

concentration
/ mol dm-3 0.100

vol (dm3) 0.02165 0.025

moles 0.002165 0.00433
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Making a standard solution
Some titration methods require a solution to be diluted or prepared using a solid 
before carrying out the titration. A volumetric flask is used to accurately prepare these 
solutions. When diluting a solution a pipette is used to accurately transfer a certain 
volume to the volumetric flask and the solution made up to 250 cm3 using deionised 
water.

When preparing a solution from a mass of solid there are a number of steps which 
should be followed:

• Weigh an accurate mass of solid (in a weighing boat) and dissolve the solid in a 
beaker (of an appropriate volume) containing deionised water.

• Rinse the weighing boat and add the washings to the beaker. 

• Stir the solution with a glass rod and then rinse this glass rod with deionised water 
into the beaker.

• Pour the prepared solution from the beaker into a volumetric flask using a filter 
funnel. When the transfer is complete rinse the beaker and add the washings to the 
flask.

• Rinse the filter funnel with deionised water.

• Remove the filter funnel and continue to add deionised water to the flask until it lies 
just below the fill line. 

• Place a stopper in the flask and invert the solution to mix. Allow the solution to 
settle.

• Using a plastic pipette, add deionised water dropwise to the flask until the bottom of 
the meniscus lies on the fill line.

• Place a stopper in the flask and invert to mix thoroughly.
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Degree of hydration calculations
A 250 cm3 solution contains 0.535 g of hydrated sodium carbonate (Na2CO3.xH2O). 
25.0 cm3 of this solution were titrated against 0.0400 mol dm-3 hydrochloric acid with 
an average titre of 12.5 cm3. Calculate the value of x in Na2CO3.xH2O.

1. Write an equation for the reaction:

 2HCl    +    Na2CO3    ➝    2NaCl    +    H2O    +    CO2

2. Use the average titre to find the number of moles of hydrochloric acid used in the 
titration:

3. Find the number of moles of hydrated sodium carbonate in the 25.0 cm3 portion 
used in the titration.

2HCl Na2CO3 2NaCl H2O CO2

molar ratio 2 1 2 1 1

conc 
/mol dm-3 0.0400

vol / dm3 0.0125 0.025

moles 0.0005

2HCl Na2CO3 2NaCl H2O CO2

molar ratio 2 1 2 1 1

conc 
 /mol dm-3 0.0400

vol / dm3 0.0125 0.025

moles 0.0005 0.00025
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4. Use the moles value for 25.0 cm3 and scale for a solution of 250 cm3.

     25.0 cm3 contained 0.00025 moles of Na2CO3.xH2O

 Therefore: 250cm3 will contain 0.00025 × 10 = 0.0025 moles of Na2CO3.xH2O

5. Using the moles in 250 cm3 and the mass of hydrated sodium carbonate (from 
question) calculate the RFM of the hydrated salt.

     RFM = Mass (g) / moles

     RFM = 0.535 / 0.0025

     RFM = 214 

 Therefore Na2CO3.xH2O has a total RFM of 214

6. Subtract the RFM of Na2CO3 to the find the total RFM contributed by the water.

     Na2CO3 = 106

     214 - 106 = 108

 Therefore xH2O = 108

7. Divide this RFM by 18 to find the number of water of crystallisation molecules 
present in the sample.

     108 / 18 = 6

 Therefore x = 6

 Formula = Na2CO3.6H2O

Examiner tip
By learning a specific method for each type of titration calculation you should be able 
to apply these to any questions that arise on either the AS1 or AS3 paper.
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Acid-base titrations

TEST YOURSELF 1.9.1

1. 2.794 g of an acid HX were dissolved in water and made up to 250 cm3. 25.0 cm3  
of this solution were titrated against a solution of 0.0614 mol dm-3 Na2CO3 and  
23.45 cm3 were required to reach the end point. Calculate the molar mass (g mol-1) 
of the acid.

2. 1.22 g of hydrated sodium carbonate (Na2CO3.xH2O) were dissolved in 100 cm3 of 
water. 25.0 cm3 of this solution were titrated against 0.100 mol dm-3 HCl and the 
results in the table below were obtained. Calculate x in Na2CO3.xH2O.

Rough Accurate 1 Accurate 2

Initial burette 
reading / cm3 0.00 0.00 0.20

Final burette 
reading / cm3 22.00 21.30 21.60

Titre / cm3 22.00 21.30 21.40
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1.10 Qualitative analysis

Qualitative analysis enables scientists to identify a wide variety of substances which 
may be present in samples they are using. This topic will guide you through a range of 
different tests that can be carried out in the school laboratory to identify a number of 
common cations and anions found in compounds you will encounter throughout the 
GCE chemistry course. 

Learning Outcomes
• Use a chemical test for the gases H2, O2, Cl2, CO2, HCl and NH3;

• Demonstrate understanding of how to carry out a flame test using nichrome wire;

• Use cation tests, including:

– flame tests to identify the metal ions Li+, Na+, K+, Ca2+, Ba2+, and Cu2+; 
– adding sodium hydroxide solution and warming to identify ammonium ion;

• Use anion tests, including:

– adding barium chloride solution to identify sulfate ion;
– adding acidified silver nitrate solution to distinguish between chloride, bromide   
   and iodide (followed by adding dilute and concentrated ammonia solution);
– adding dilute acid to test for carbonate ion and identifying the gas produced; 

• Use starch to identify iodine.
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Qualitative analysis

Testing for gases
The following table summarises the tests that can be carried out to identify a number 
of gases:

Test for Gases (Carbon Dioxide, Hydrogen, Chlorine)
Testing for Gas - Oxygen Gas
Potassium Dichromate + Sulfur Dioxide
Test for NH3 and HCl

Gas Test Positive result

Hydrogen Place a burning splint into contact with the gas A ‘pop’ is produced

Oxygen Place a glowing splint into contact with the gas The splint relights

Chlorine Moisten litmus paper or Universal Indicator 
paper and place into contact with the gas

Changes to red and 
then bleaches

Carbon 
dioxide Bubble gas produced through limewater Limewater turns 

cloudy/milky

Sulfur 
dioxide

Bubble gas produced through potassium 
dichromate solution

Changes from 
orange to green

Hydrogen 
chloride

Dip a glass rod in concentrated ammonia 
solution and place in contact with the gas

Moisten Universal Indicator paper and place in 
contact with the gas

White fumes 
produced

Changes to red

Ammonia

Dip a glass rod in concentrated hydrochloric 
acid and place in contact with the gas

Moisten Universal Indicator paper and place in 
contact with the gas

White fumes 
produced

Changes to blue

https://www.youtube.com/watch?v=uE_XSjGIDw4
https://www.youtube.com/watch?v=UkADcJcPhuE
https://www.youtube.com/watch?v=GRbbL7dXylM
https://www.youtube.com/watch?v=hHd5FqV7avE
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Qualitative analysis

Identification of cations
Testing for metal ions using a flame test
Different metals will produce distinct colours when placed in a flame and this is hence 
used as a method to identify the metal ions present in a compound.

Method
• Dip a nichrome wire in concentrated hydrochloric acid and then place in a blue 

Bunsen burner flame. Repeat this process until no colour is observed.

• Dip the nichrome wire into a sample (solid or solution) of the compound being tested 
and then place in a blue Bunsen burner flame.

• Record the colour observed.

Flame Tests of Metal salts

Using sodium hydroxide solution to identify 
ammonium ion
Place 5 cm3 of sodium hydroxide solution in a test tube and add a spatula measure 
of the test compound. Warm gently. If the ammonium ion is present ammonia gas 
with a pungent smell will be evolved. This can be confirmed by dipping a glass rod in 
concentrated hydrochloric acid and then into contact with the gas. White fumes will be 
produced. 

Metal ion Colour

Li+ crimson

Na+ yellow/orange

K+ lilac (pink through cobalt glass)

Ca2+ brick red

Ba2+ green

Cu2+ green-blue/blue-green

https://www.youtube.com/watch?v=nS77SPywI9w
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Qualitative analysis

Identification of anions
Sulfate ion: SO2-

Dissolve a spatula measure of the test compound in nitric acid or hydrochloric acid. 
Add 2-3 cm3 of barium chloride solution and a white precipitate of barium sulfate will 
form.
  Ba2+(aq)     +      SO2-(aq)    ➝    BaSO4(s)

Test for Sulfate ions

Halide ions: Cl- / Br- / I-

Dissolve a spatula measure of the compound in nitric acid. Add 2-3 cm3 of silver nitrate 
solution. To the precipitate add dilute ammonia and concentrated ammonia solutions. 
The following results are observed:

4

4

Halide 
Ion

Colour of 
precipitate

Equation Soluble in 
dilute 

NH3 solution

Soluble in 
concentrated 

NH3
Solution

Cl- white Ag+(aq) + Cl-(aq) ➝ AgCl(s) yes yes

Br- cream Ag+(aq) + Br-(aq) ➝ AgBr(s) no yes

I- yellow Ag+(aq) + I-(aq) ➝ AgI(s) no no

https://www.youtube.com/watch?v=kYApk6lwaoI
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Qualitative analysis

Silver compounds precipitated in test tubes. From left to right, these are silver chloride (AgCl), silver bromide (AgBr) and 
silver iodide (AgI). These were formed by reacting silver nitrate solution (AgNO3) with solutions of halides. 

Halides in solution: Test using acidified silver nitrate and ammonia

Carbonate ions: CO2-

Place 5 cm3 of dilute nitric acid in a test tube. Add a spatula measure of the test 
compound. A gas will be produced (effervescence) and the solid will disappear. The gas 
should be bubbled through limewater and it will turn cloudy/milky.
AQA Required Practical - identifying ions. Test for Carbonate Ions

Testing for iodine

Add a few drops of starch to the test solution. If iodine is present the starch will turn 
blue-black.
Starch-Iodine Test

3

https://www.youtube.com/watch?v=__96chpEILg
https://www.youtube.com/watch?v=7AGBLbl7AHE
https://www.youtube.com/watch?v=Eo8WyOSBdG8
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Qualitative analysis

Application to citizenship and careers: 
forensic chemistry
An important issue in society is the solving of crimes, both to protect the public from 
criminals and to protect the innocent from unjust punishment. Often a prosecution 
team will rely on evidence which can connect a suspect through the matching of 
physical evidence from the crime scene or with trace evidence which may be found on 
the skin or clothing of a suspect. They can then use this in court, or in some cases will 
call upon the Forensic Chemist to give evidence at a hearing. Forensic Chemists carry 
out a wide range of analytical tests on evidence. The testing methods we use in this 
topic are simply the tip of the iceberg in terms of the work a Forensic Chemist will carry 
out. As well as using test tube chemistry they will also use other analytical methods 
in their investigations, some of which you will meet on the A2 course. If you have a 
strong desire to shape the world of justice by using science to solve crime, then this 
may be the degree or career for you!

TEST YOURSELF 1.10

1. Describe the tests you would carry out on the following compounds to identify the 
ions shown in bold and state the positive results in each case.

•  Magnesium carbonate

•  Copper sulfate

•  Iron(III) bromide

•  Barium iodide

•  Ammonium chloride
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Glossary of terms

Molecular ion Two or more atoms covalently bonded with an overall 
charge.

Avogadro constant 
(Avogadro’s constant)

The number of atoms in 12.000 g of carbon-12.

Mole The amount of substance which contains the Avogadro 
constant of atoms, molecules of groups of ions.

Molar mass The mass of one mole of a substance.
Anhydrous (salt) A salt which contains no water of crystallisation.
Hydrated (salt) A salt which contains water of crystallisation.
Water of crystallisation Water chemically bonded within a crystal structure.
Atomic number The number of protons in (the nucleus of) an atom.
Mass number The total number of protons and neutrons in (the nucleus 

of) an atom.
Relative atomic mass 
(RAM)

The average (weighted mean) mass of an atom of an 
element relative to one-twelfth of the mass of an atom of 
carbon-12.

Relative isotopic mass 
(RIM)

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

Isotopes Atoms which have the same atomic number but a different 
mass number (contain the same number of protons and a 
different number of neutrons).

Relative formula mass 
(RFM)

The average (weighted mean) mass of a formula unit 
relative to one-twelfth of the mass of an atom of 
carbon-12.

Relative molecular mass 
(RMM)

The average (weighted mean) mass of a molecule relative 
to one-twelfth of the mass of an atom of carbon-12.

First ionisation energy The energy required to convert one mole of gaseous atoms 
into gaseous ions with a single positive charge.

Second ionisation 
energy

The energy required to convert one mole of gaseous ions 
with a single positive charge into gaseous ions with a 
double positive charge.

Third ionisation energy The energy required to convert one mole of gaseous ions 
with a double positive charge into gaseous ions with a 
triple positive charge.

Covalent bond The electrostatic attraction between a shared pair of 
electrons and the nuclei of bonded atoms.

Co-ordinate (Dative) 
bond

A shared pair of electrons between two atoms. One atom 
provides both electrons.
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Glossary of terms

Octet rule When reacting, an atom tends to gain, lose or share 
electrons to achieve eight in its outer shell.

Electronegativity The extent to which an atom attracts the bonding 
electrons in a covalent bond.

Polar bond A covalent bond in which there is unequal sharing of the 
bonding electrons.

Delocalised electrons Outer electrons do not have fixed positions but move 
freely.

Intermolecular Between neighbouring molecules (as opposed to 
intramolecular).

van der Waals’ forces The attraction between instantaneous and induced dipoles 
on neighbouring molecules.

Permanent dipole-
dipole attraction

Attraction between the positive end, δ+, of the permanent 
dipole on a molecule with the negative end, δ-, of the 
permanent dipole of a neighbouring molecule.

Hydrogen bond The attraction between a lone pair of electrons on a 
very electronegative atom (i.e. N,O,F) in one molecule 
and a hydrogen atom in a neighbouring molecule, in 
which the hydrogen atom is covalently bonded to a very 
electronegative atom (N,O,F).

Redox Oxidation and reduction occur in the same reaction.
Oxidation Loss of electrons/Increase in oxidation state.
Reduction Gain of electrons/Decrease in oxidation state.
Oxidising agent Electron acceptor.
Reducing agent Electron donor.
Disproportionation Oxidation and reduction of the same element in the same 

reaction.
Strong acid/base Fully dissociates in solution.
Weak acid/base Partially dissociates in solution.
Molarity Concentration in mol dm-3 expressed using M.
Concentration Number of moles or mass present in a stated volume.
Standard solution A solution for which the concentration is known.
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Test yourself answers

1.1.1
1. NaBr
2. Al2O3
3. K3N
4. Ca(OH)2
5. FeCl3
6. (NH4)2SO4
7. K2Cr2O7
8. Mg(HCO3)2
9. Ag2SO3
10. Cu(NO3)2

1.1.2
1. Zn   +   2HCl   ➝   ZnCl2   +   H2
2. 2AgNO3   +   CaCl2   ➝   2AgCl   +   Ca(NO3)2

1.1.3
1. Ca2+(aq)   +   2OH-(aq)   ➝   Ca(OH)2(s)
2. H+(aq)   +   OH-(aq)   ➝   H2O(l)
3. Cu2+(aq)  +   Fe(s)  ➝   Fe2+(aq)   +   Cu(s)

1.1.4
1. a. 2.71 × 1024

 b. 6.02 × 1024

 c. 3.01 × 1023

2. 1.54 × 1022

3. 2.53 × 1023

4. 2.89 × 1022

5. a. 3.01 × 1023

 b. 1.51 × 1023

 c. 1.20 × 1024 – greatest number

1.1.5
1. 0.5 moles
2. 43.5 moles
3. 50 g mol-1

4. 6.9 g
5. 585 g
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1.1.6
1. 120 g
2. 1.65 tonnes
3. 64 g
4. 9.4 mg
5. 2.69 kg
6. 0.304 tonnes

1.1.7
1. ZnSO4.7H2O
2. Na2CO3.10H2O
3. CuCl2.2H2O

1.2.1
1. 3p / 3e / 4n
b. 9p / 9e / 10n
c. 26p / 26e / 30n
d. 30p / 30e / 35n
e. 35p / 35e / 46n
f. 20p / 18e / 20n
g. 16p / 18e / 16n
h.  35p / 36e / 45n
i. 7p / 10e / 8n

1.2.2
1. 91.3
2. 131.6
3. 39K = 95% and 41K = 5%

1.2.3
a. 1s22s1

b. 1s22s22p5

c. 1s22s22p63s23p63d34s2

d. 1s22s22p63s23p63d54s1

e. 1s22s22p63s23p63d14s2

f. 1s22s22p63s23p64s1

g. 1s22s22p63s23p6

h. 1s22s22p63s23p6

i. 1s22s22p63s23p63d5

j. 1s22s22p6

k. 1s22s22p63s23p63d10

l. 1s22s22p63s23p63d5
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Test yourself answers

1.2.4
1. Mg(g)   ➝	  Mg+(g)   +   e-

2. See example in section 1.2.
3. The outer electron of magnesium is in a shell which is closer to the nucleus.
 The outer electron of magnesium is less shielded than the outer electron of   
 calcium.
 Therefore the outer electron in magnesium experiences a greater attraction to the  
 nucleus hence more energy is required to remove it.
4. The energy required to convert one mole of gaseous ions with a double positive   
 charge into one mole of gaseous ions with a triple positive charge.
5. Mg to Al: the outer electron is removed from 3p in Al compared to 3s in Mg. The   
 electron in 3p is further from the nucleus and more shielded than those in   
 3s therefore experiences less attraction to the nucleus so less energy is required to  
 remove it or the paired electrons in the magnesium s suborbital gives    
 extra stability.
 P to S: the repulsion effect between the paired electrons in the 3p subshell of   
 sulfur has a greater effect than the increased positive charge of the sulfur nucleus.

1.3.1
1.
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Test yourself answers

3. The attraction between the positive ions and delocalised electrons decreases down 
the Group due to the increasing size of the positive ion. Weaker attractions will take 
less energy to overcome them therefore melting point decreases.

1.4.1
1. Electrons in an atom or molecule become unevenly distributed forming a 

temporary dipole.
 This temporary dipole induces a dipole on a neighbouring molecule.
 Attractions form between the molecules with the temporary and induced dipoles, 

these are van der Waals’ forces.

2. Ammonia has strong hydrogen bonds between its molecules whereas phosphine 
has permanent dipole-dipole forces between its molecules. 

 Hydrogen bonds are stronger intermolecular forces than permanent dipole-dipole 
attractions hence more energy is required to overcome them and the boiling point 
is higher. 

3. Ammonia: hydrogen bonds.
 Methane: van der Waals’ forces.
 Hydrogen sulfide: permanent dipole-dipole forces.

4. Ice is less dense than water because the hydrogen bonds in the solid state are 
fixed and hold the water molecules much further apart in an open lattice structure 
compared with those in the liquid state. More space between the molecules results 
in a lower density.
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1.5.1
1. Magnesium oxide has ionic bonding and a giant ionic structure. Ionic bonding 

forms as a result of strong electrostatic attractions between the positive 
magnesium ions and the negative oxide ions. The giant structure results in 
magnesium oxide having a high melting point and having the ability to conduct 
electricity when molten or in solution.

2. As Group VII is descended the molecules increase in size and the number of 
electrons increases. This results in stronger van der Waals’ forces between the 
molecules meaning more energy is required to overcome them and hence boiling 
point increases.

3. Metallic bonding is the electrostatic attractions between positive metal ions and 
delocalised electrons. Metals can conduct electricity as the delocalised electrons 
are free to move and carry charge.

4. Diamond: each carbon atom is bonded to 4 other carbon atoms with strong 
covalent bonds in a tetrahedral arrangement.

 Graphite: each carbon atom is bonded to 3 other carbon atoms with strong covalent 
bonds in a hexagonal ring. The hexagonal rings form a layered structure and 
between these layers are delocalised electrons (each carbon provides 1 delocalised 
electron) and weak van der Waals’ forces. 

5. Diamond 
 High melting point due to many strong covalent bonds in a giant structure require 

a lot of energy to break them.
 Hard: strong covalent bonds in all directions make it rigid and difficult to break.
 Non-conductor of electricity: there are no delocalised electrons or ions which are 

free to move and carry charge.

 Graphite
 High melting point due to many strong covalent bonds in a giant structure require 

a lot of energy to break them.
 Soft: weak van der Waals’ forces between the layers allow the layers to slide over 

one another.
 Conduct electricity: there are delocalised electrons which are free to move and 

carry charge.
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1.6.1
1. SiH4: tetrahedral and 109.5°
 NCl3: pyramidal and 107°
 PF5: trigonal bipyramidal and 90° and 120°
 XeXl4: square planar and 90°
 SO2-: tetrahedral and 109.5°

2. CS2  non-polar
 BCl3 non-polar
 SCl2  polar
 SeF6 non-polar
 NOF2 polar
 SiH4 non-polar

1.7.1
1. Mg = +2 Cl = -1

 S = +4 O = -2

 P = +3 Cl = -1

 S = +6 O = -2

 Mn = +4 O = -2

 C = +4 S = -2

2. Zn – oxidised (0 to +2) Mn – reduced (+2 to 0)

 Cl – oxidised (-1 to 0) Br – reduced (0 to -1)

 Mn – reduced (+4 to +2) Cl – oxidised  (-1 to 0)

 Cr – reduced (+6 to +3) Cl – oxidised  (-1 to 0)

3. Zn   ➝   Zn2+   +   2e-

 2H+   +   2e-   ➝   H2

 Al   ➝	  Al3+   +   3e-

 14H+   +   Cr2O2-   +   6e-   ➝   2Cr3+   +   7H2O 

 12H+ +   2IO-   +   10e-   ➝   I2   +   6H2O

 8H+   +   H2SO4   +   8e-   ➝   H2S   +   4H2O

4

7

3
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4. Cu2+   +   Zn   ➝   Cu   +   Zn2+

 6Fe2+   +   14H+   +   Cr2O2-   ➝   6Fe3+   +   2Cr3+   +   7H2O
 
 2V2+   +   6H2O   +   3Fe2+   ➝   2VO-   +   12H+   +   3Fe

1.8.1
1. As Group VII is descended the molecules increase in size and the number of 

electrons increases. This results in stronger van der Waals’ between the molecules 
meaning more energy is required to overcome them and hence boiling point 
increases.

2. water: brown/yellow  hexane: purple/violet

3. 3Cl2   +   6NaOH   ➝   5NaCl   +   NaClO3   +   H2O

 Disproportionation: oxidation and reduction of the same element in the same 
reaction.

 Chlorine is oxidised from 0 in Cl2 to +5 in NaClO3 and is reduced from 0 in Cl2 to -1 
in NaCl.

4. Cl2   +   H2O   ➝   HCl   +   HClO

5. The ability to oxidise relates to how readily electrons can be gained by the species.
 This reduces down the group as the number of shells increases, therefore shielding 

of the nucleus increases. This in turn makes it more difficult for electrons to 
be attracted to the nucleus, hence the species becomes less likely to gain the 
electrons.

6. Sodium hydrogensulfate, sulfur dioxide, hydrogen bromide.

7. H2SO4   +   6HI   ➝   S   +   3I2   +   4H2O
 
 or  6I-  +  6H+  +  H2SO4   →   3I2  +  S  +  4H2O

8. Advantage – ozone removes “natural organic matter” very efficiently; odours and 
tastes produced by chlorine reacting with organic matter are not produced.

 Disadvantage – there are high equipment and operational costs.

1.9.1
1. 97 g mol-1

2. × = 10

7

3
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1.10.1
Magnesium carbonate: place the solid in a test tube and add dilute HCl. Bubble the 
gas produced through limewater which should turn milky.

Copper sulfate: carry out a flame test, a blue-green flame is produced.
Dissolve the compound in HCl or HNO3, add BaCl2 solution a white precipitate forms.
 
Iron (III) bromide: dissolve the compound in HNO3; add AgNO3 solution a cream 
precipitate forms which is insoluble in dilute ammonia solution but soluble in 
concentrated ammonia solution.

Barium iodide: carry out a flame test, a green flame is produced. 
Dissolve the compound in HNO3.
Add AgNO3 solution a yellow precipitate forms which is insoluble in dilute and 
concentrated ammonia solution.

Ammonium chloride: add NaOH solution to the solid and gently warm. Test the gas 
evolved with concentrated HCl and white fumes will be produced. Dissolve solid in 
dilute nitric acid and add AgNO3 solution. A white precipitate forms which is soluble in 
dilute ammonia solution. 
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