
Electrolysis of molten salts 
Electrolytes are ionic compounds that are: 
- in the molten state (heated so they become liquids), or 
- dissolved in water 
Under these conditions, the ions in electrolytes are free to 
move within the liquid or solution. 
Electrolysis is a process in which electrical energy, from 
a direct current (dc) supply, decomposes electrolytes. The 
free moving ions in electrolytes are attracted to the oppo-
sitely charged electrodes, which connect to the dc supply. 
Cations Positively charged ions are called cations. They move 
towards the negatively charged electrode, which is called 
the cathode. 
Anions Negatively charged ions are called anions. They move 
towards the positively charged electrode, which is called 
the anode. 

Products of electrolysis 
When ions reach an electrode, they gain or lose electrons. As a result, they 
form atoms or molecules of elements: 
cations gain electrons from the negatively charged cathode - anions lose electrons at 
the positively charged anode 
Molten lead bromide, PbBr2(l), is an electrolyte. During electrolysis: 

 Pb2+ ions gain electrons at the cathode and become Pb atoms 

 Br- ions lose electrons at the anode and become Br atoms, which pair up to form 
Br2 molecules 

So lead forms at the negative electrode and bromine forms at the positive electrode. 

Electrolysis involves using electricity to break down electrolytes to 
form elements. The products of electrolysis can be predicted for a 
given electrolyte. Copper can be purified using electrolysis.  



At the cathode 

Whether hydrogen or a metal is produced at the 
cathode depends on the position of the metal in the 
metal reactivity series: 

- the metal is produced at the cathode if it is 
less reactive than hydrogen 

- hydrogen is produced at the cathode if the metal is 
more reactive than hydrogen 

Electrolysis of solutions 

Ions in water 

Pure water can conduct electricity be-
cause a small proportion of 
its molecules dissociate into ions. The 
two ions formed in water are, hydrogen 
ions, H+, and hydroxide ions, OH-. 

During the electrolysis of water: 

- H+ ions are attracted to the cathode, 
gain electrons and form hydrogen gas 

- OH- ions are attracted to the anode, 
lose electrons and form oxygen gas 

The overall balanced equation for the 
process is: 

2H2O(l) —> 2H2(g) + O2(g) 

The volume of hydrogen given off is 
twice the volume of oxygen given off. 

Electrolysis of dissolved ionic com-
pounds 

An electrolyte formed by dissolving 
an ionic compound contains two pairs of 
negative and positive ions: 

- positive hydrogen ions from the wa-
ter, and positive ions from 
the compound 

- negative hydroxide ions from the wa-
ter, and negative ions from the com-
pound 

The ions compete at each electrode to 
gain or lose electrons. 

At the anode 
Either oxygen or a non-metal from the electrolyte can 
be produced at the anode: 
- for the most common compounds oxygen is produced 
(from the hydroxide ions) 
- if halide ions (chloride, bromide or iodide ions) are pre-
sent, then the negatively charged halide ions lose elec-
trons to form the corresponding non-
metal halogen (chlorine, bromine or iodine). 

Negative ion Element given off at anode 

Chloride, Cl- Chlorine, Cl2 

Bromide, Br- Bromine, Br2 

Iodide, I- Iodine, I2 

Sulfate, SO4
2- Oxygen, O2 

Nitrate, NO3
- Oxygen, O2 



Part 2 - Investigation using copper electrodes 
Copper electrodes take part in the reactions and are de-
scribed as non-inert: 
- at the positive electrode, copper atoms lose electrons  
and form copper ions,  Cu2+ 
- at the negative electrode, copper ions gain electrons and 
form copper atoms 
This process is used industrially to purify copper. 
Method: 
1. Pour some copper sulfate solution into a beaker. 
2. Measure and record the mass of a piece of copper foil. 

Attach it to the negative terminal of a dc supply, and dip 
the copper foil into the copper sulfate solution. 

3. Repeat step 2 with another piece of copper foil, but this 
time attach it to the positive terminal. 

4. Make sure the electrodes do not touch each other, then 
turn on the power supply. Adjust the power supply to 
achieve a constant current as directed by your teacher. 

5. After 20 minutes, turn off the dc supply. 
6. Carefully remove one of the electrodes. Gently wash it 

with distilled water, then dip it into propanone. Lift the 
electrode 
out and allow 
all the liquid 
to evaporate. 
Do not wipe 
the elec-
trodes clean. 
Measure and 
record the 
mass of each 
electrode. 

Part 1 - Investigation using inert electrodes 
Method: 
1. Pour some copper 

sulfate solution 
into a beaker. 

2. Place two graph-
ite rods into the 
copper sulfate 
solution. Attach 
one electrode to 
the negative ter-
minal of a dc sup-
ply, and the other 
electrode to the 
positive terminal. 

3. Completely fill 
two small test tubes with copper sulfate solution and position a test 
tube over each electrode. 

4. Turn on the power supply and observe what happens at each elec-
trode. 

5. Test any gas produced with a glowing splint and a burning splint. 
Record your observations and the results of your tests. 

Core practical 
There are a number of ways to investigate the electrolysis of copper sul-
fate solution in GCSE Chemistry. This is an outline of the required steps 
to undertake one of these methods. 

 Negative electrode Positive electrode 

Observations A brown/pink solid Bubbles of a colourless gas form 

Gas test  The gas relights a glowing splint 



Oxidation and reduction in electrolysis - Higher 
Half equations 
A half equation is used to represent the reaction that happens 
at an electrode during electrolysis. It shows what happens 
when ions gain or lose electrons. In half equations: 
- electrons are shown as e- 
- the numbers of atoms of each element must be the same on 
both sides 
- the total charge on each side must be the same (usually zero) 

Cathode reactions 
Positively charged ions gain electrons at the cathode. These 
are half equations for some reactions at the cathode: 
Na+ + e- —> Na     Pb2+ + 2e- —> Pb 
Anode reactions 
Negatively charged ions lose electrons at the anode.  For ex-
ample 
2Cl- —> Cl2 + 2e-    2O2— —> O2 + 4e- 

Copper is purified by electrolysis.  
Electricity is passed through solutions containing copper compounds, 
such as copper sulfate.  
The anode (positive electrode) is made from impure copper and 
the cathode (negative electrode) is made from pure copper.  

Oxidation and reduction 
Oxidation and reduction can be described in terms of elec-
trons: 
- oxidation is the loss of electrons  
- reduction is the gain of electrons 
This means that: 
- reduction happens at the cathode  -oxidation happens at 
the anode 

It helps to remember OIL RIG -  
Oxidation Is Loss of electrons,  Reduction Is Gain of elec-
trons 

Hazard Harm Precaution 

Copper sulfate solu-
tion 

Causes skin and seri-
ous eye irritation 

Wear gloves and eye 
protection 

Propanone 

Highly flammable liq-
uid and vapour - may 
cause drowsiness or 
dizziness 

Keep away from na-
ked flames - use it in 
a fume cupboard 



Reactions of metals with water 
When a metal reacts with water, a metal hydroxide 
and hydrogen are formed.        Metal + water —> 
metal hydroxide + hydrogen  
For example, sodium reacts rapidly with cold water, 
melting into a ball, and 'fizzing' about the surface: 

sodium + water —> sodium hydroxide + hydrogen 
2Na(s) + 2H2O(l) —> 2NaOH(aq) + H2(g) 

In general, the more reactive the metal, the more 
rapid the reaction is. 
Metals that react slowly with cold water can react 
quickly with steam. In these reactions a metal oxide 
and hydrogen are produced. 

Metal + steam —> metal oxide + hydrogen 
For example, magnesium reacts slowly with cold wa-
ter. However, if steam is passed over hot magnesi-
um, a vigorous reaction occurs:   Magnesium + steam 
—> magnesium oxide + hydrogen 

Mg(s) + H2O(g) —>  MgO(s) + H2(g) 

The reactivity series of metals is a chart showing metals in or-
der of decreasing reactivity. In general, the more reactive a 
metal is:      - the more vigorous its reactions are 
- the more easily it loses electrons in reactions to form cations. 

Reactions of metals with dilute acids 
When a metal reacts with a dilute acid, a salt and hydrogen 
are formed.      Metal + acid —> salt + hydrogen 
For example, magnesium reacts rapidly with dilute hydro-
chloric acid: 
Magnesium + hydrochloric acid —> magnesium chloride + hy-

drogen             
Mg(s) + 2HCl(aq) —>  MgCl2(aq) + H2(g) 

The more reactive the metal, the more rapid the reaction 
is. A metal below hydrogen in the reactivity series will not 
react with dilute acids. 

A metal's relative tendency to form cations and its resistance to oxidation are both related to its position in the 
reactivity series. In general the higher up a metal, the greater the tendency to form cations, the more likely it is 
to corrode. 



Determining a reactivity series 
A reactivity series can be deduced by 
carrying out several displacement re-
actions. A piece of metal is dipped into 
a salt solution. Different combinations 
of metal and salt solution are tested.  

Displacement in solu-
tions 

A more  reac-
tive  metal 
can displace a less re-
active metal from 
its compounds. For ex-
ample, magnesium is 
more reactive than 
copper. It displaces 
copper from copper 
sulfate solution: 

magnesium + copper 
sulfate —>   

magnesium sulfate + 
copper 

Mg(s) + CuSO4(aq) —>  
MgSO4(aq) + Cu(s) 

In this displacement 
reaction: 
- magnesium becomes 
coated with copper 
- the blue colour of 
the solution fades as 
blue copper sulfate 
solution is replaced by 
colourless magnesium 
sulfate solution. 

Displacement reactions as redox reactions - 
Higher 

A balanced equation for the reaction between 
magnesium and copper sulfate solution can be 
written in terms of the ions involved: 
Mg(s) + Cu2+(aq) + SO4

2-(aq) —> Mg2+(aq) + SO4
2-

(aq) + Cu(s) 
Sulfate ions, SO4

2-, appear on both sides of 
the equation. They do not take part in the re-
action and are called spectator ions. The equa-
tion can be rewritten without them: 

Mg(s) + Cu2+(aq) —> Mg2+(aq) + Cu(s) 
This equation is an example of a balanced ionic 
equation. It can be split into two half equa-
tions: 
Mg(s) —> Mg2+(aq) + 2e- (oxidation)  
Cu2+(aq) + 2e- —> Cu(s) (reduction) 
Notice that: 
- magnesium atoms lose electrons - they are 
oxidised 
- copper ions gain electrons - they are reduced 
Reduction and oxidation happen at the same 
time, so the reactions are 
called redox reactions. 
Displacement reactions are just one example 
of redox reactions. Electrolysis reactions are 
also redox reactions. 



Extracting iron 
As iron is below carbon in the reactivity series it can 
be displaced from its compounds by heating with carbon. Iron is ex-
tracted from iron ore in a large container called a blast furnace. 
Iron (III) oxide is reduced to molten iron when it reacts with car-
bon. The overall reaction is: 

Fe2O3(s) + 3CO(g) —> 2Fe(l) + 3CO2(g) 
The iron oxide is reduced and the 
carbon is oxidised. 
These reactions happen because car-
bon is more reactive than iron, so it 
can displace iron from iron com-
pounds. Extracting a metal by heating 
with carbon is cheaper than using 
electrolysis. 

Ores 
Unreactive metals such as gold are found in the Earth's crust as 
the uncombined elements. However, most metals are found com-
bined with other elements to form compounds. 
An ore is a rock that contains enough of a metal or a metal com-
pound to make extracting the metal worthwhile: 
- low-grade ores contain a small percentage of the metal or its 
compound 
- high-grade ores contain a larger percentage 
Most metals are extracted from ores found in the Earth's crust. It 
is more expensive and wasteful to extract a metal from a low-grade 
ore, but most high-grade ores have already been used. 

Extraction methods 
The extraction method used depends upon 
the metal's position in the reactivity series. 
In principle, any metal could be extracted 
from its compounds using electrolysis. How-
ever, large amounts of electrical energy are 
needed to do this, so electrolysis is expen-
sive. 
If a metal is less reactive than carbon, it 
can be extracted from its compounds by 
heating with carbon. 
Metal oxide + carbon —> metal + carbon di-
oxide 
For example, molten copper can be produced 
from copper oxide by heating with carbon: 
Copper oxide + carbon —> copper + carbon 
dioxide 
2CuO(s) + C(s) —> 2Cu(l) + CO2(g) 
Copper oxide is reduced as carbon 
is oxidised, so this is an example of 
a redox reaction. 
Remember: 
- oxidation is the gain of oxygen by a sub-
stance 
- reduction is the loss of oxygen by a sub-
stance 
- a redox reaction involves the loss and gain 
of oxygen. 



Electrolysis of aluminium oxide 
The electrolyte 
Aluminium ore is treated to produce pure aluminium oxide. The electrolytes used in electrolysis are ionic com-
pounds: 
- in the molten state, or 
- dissolved in water 
Aluminium oxide is insoluble in water, so it must be molten to act as an electrolyte. However, the melting point of 
aluminium oxide is high. A lot of energy must be transferred to break its strong ionic bonds, and this is expensive. 
To reduce costs, powdered aluminium oxide is dissolved in molten cryolite. This ionic compound melts at a lower 
temperature than aluminium oxide, reducing costs. 
The electrolysis process 
The diagram shows an electrolysis cell used to extract aluminium. Both electrodes are made of graphite, a form 
of carbon with a high melting point and which conducts electricity. 
During electrolysis: 
- at the cathode, aluminium ions gain electrons and form aluminium atoms 
- at the anode, oxide ions lose electrons and form oxygen gas 
The oxygen reacts with the carbon anodes, forming carbon dioxide. So the anodes gradually wear away. They must 
be replaced frequently, adding to the cost of producing aluminium. 

Extracting aluminium 
Aluminium is more reactive than carbon so it must be 
extracted from its compounds using electrolysis. Even 
though aluminium is more abundant than iron in the 
Earth's crust, aluminium is more expensive than iron. 
This is mainly because of the large amounts of electri-
cal energy used in the extraction process. 



Recycling metals 
Recycling a metal involves collect-
ing used metal items and produc-
ing new metal from them. The 
steps usually needed are: 
- collecting and transporting the 
used items to a recycling centre 
- breaking up and sorting the dif-
ferent metals 
- removing impurities from the metals 
The metals can then be used to manufacture 
new metal items. 
Advantages of recycling metals 
The advantages of recycling compared to pro-
ducing metals from metal ore include: 
- more economic - less energy is needed to 

produce a metal 
- less damage to the environment - fewer 
quarries and mines, less noise and less heavy 
traffic 
- saves valuable raw materials - reserves of 
metal ores will last longer 
Disadvantages of recycling 
Disadvantages of recycling arise from the re-
cycling process itself: 
- the collection and transport of used items 
needs organisation, workers, vehicles and fuel 
- it can be difficult to sort different materi-
als from one another. 

Life-cycle assessments 
A life-cycle assessment or LCA is a 'cradle to grave' analysis of the im-
pact of a manufactured product on the environment.  
The four main stages 
At all stages, an LCA is likely to include information about the use of ener-
gy, transport of materials, and the release of waste substances into the 
environment. 
1. Raw materials 
All the raw materials we need come from the Earth's crust, atmosphere or 
oceans, or are due to living organisms. Obtaining these materials has an 
impact on the environment, including: 
- using up limited resources such as ores and crude oil 
- damaging habitats through quarrying, mining, or felling trees 
2. Manufacture 
The manufacture of products has an impact on the environment, including: 
- using up land for factories 
- the use of machines and people 
3. Use 
The impact of a product on the envi-
ronment during its use depends on the 
type of product. For example, a wood-
en chair has very little impact, unless 
it needs cleaning or repair. On the oth-
er hand, a car will have a significant 
impact. 
4. Disposal 
The disposal of old products has an im-
pact on the environment, including: 
using up land for landfill sites 
whether any or all of the product can 
be recycled or reused. 



Biological methods of metal extraction - Higher 

Some alternative methods to extract metals use living or-
ganisms. These have advantages and disadvantages com-
pared to the usual extraction methods. 

Bioleaching 

Certain bacteria can break down low-grade ores to 
produce an acidic solution containing metal ions. The 
solution is called a leachate and the process is 
called bioleaching. Bioleaching can be used to ex-
tract copper metal. It does not need high tempera-
tures, but it produces toxic substances, including 
sulfuric acid, which damage the environment. 

Using scrap iron 

Iron is more reactive than copper. It can displace 
copper from the leachate. For example: 

Iron + copper sulfate —> iron(II) sulfate + copper 
Fe(s) + CuSO4(aq) —>  FeSO4(aq) + Cu(s) 

Since iron is cheaper than copper, the use of scrap 
iron is a cost-effective way to produce copper from 
the leachate. 

Phytoextraction 
Plants absorb mineral ions through their roots. Phytoextraction makes use of this to extract metals: 
1 plants are grown on a low-grade ore that contains lower amounts of metal 
2 the plants absorb metal ions through their roots and concentrate these ions in their cells 
3 the plants are harvested and burnt 
4 the ash left behind contains a higher concentration of the metal than the original ore 
5 the ash is processed to obtain the metal 
Phytoextraction is slow, but it: 
- reduces the need to obtain new ore by mining                
- conserves limited supplies of more valuable ores with higher metal content 



Chemical reactions are reversible and may reach a dynamic 
equilibrium. The direction of reversible reactions can be al-
tered by changing the reaction conditions. Ammonia is made by 
the Haber process. 

Reversible reactions 

In principle, all chemical reactions are reversi-
ble reactions. This means that the products can 
be changed back into the original reactants. 
This is not obvious when a reaction 'goes to 
completion', where very little or no reactants 
are left. Examples of reactions that go to com-
pletion are: 
- complete combustion of a fuel 
- many precipitation reactions 
- effervescence reactions in which a gas es-
capes 

It is more obvious in reactions that do not go to 
completion that the reaction is reversible. This 
is the case when the reaction mixture contains 
both reactants and products. 

Dynamic equilibrium 
When a reversible reaction happens in a closed container, it can 
achieve a dynamic equilibrium. At equilibrium: 
 the forward and backward reactions are still happening 
 the rates of the forward and backward reactions are the same 
the concentrations of the reactants and products remain constant. 



In the Haber process: 

1 nitrogen (extracted 
from the air) and hydro-
gen (obtained from natu-
ral gas) are pumped 
through pipes 

2 a compressor increases 
the gas pressure to 200 
atmospheres 

3 the pressurised gases 
are heated to 450°C and 
passed through a reac-
tion chamber containing 
an iron catalyst to speed 
up the reaction 

4 the reaction mixture is 
cooled so that ammonia 
liquefies and can be re-
moved 

5 unreacted nitrogen and 
hydrogen are recycled 

 

The conditions are chosen 
to ensure the process of 
making ammonia is as prof-
itable as possible. 

The Haber process 

Making ammonia 

Ammonia is an important in-
dustrial product used to 
make fertilisers, explosives 
and dyes. It is manufac-
tured using the Haber pro-
cess. This involves a re-
versible reaction between 
nitrogen and hydrogen: 

N2(g) + 3H2(g) —>2NH3(g) 

The reaction can reach a 
dynamic equilibrium. 



Most metals are       
transition metals.  
They include iron and 
other metals used in 
construction, gold 
and other precious 
metals. The transi-
tion metals are 
placed in the central 
part of the periodic 
table.  

Typical properties 
 
Compared to other metals, the transition metals have 
these typical properties: 

- high melting points 

- high densities 

- they form coloured compounds 

- they (and their compounds) can act as catalysts 

Remember that these are typical properties:  

- some transition metals may not show one or more of them. For example: 

- mercury melts at just -39°C, so it is a liquid at room temperature 

- scandium has a similar density to aluminium in group 3, so pieces of scandium are relatively lightweight. 

Compound Colour 

Iron(II) hydroxide, Fe(OH)2 Pale green 

Iron(III) hydroxide, Fe(OH)3 Orange-brown 

Iron(III) oxide, Fe2O3 Red-brown 



Corrosion 
Metals can oxidise in air. They react with oxygen and form metal oxides. For 
example, sodium is a very reactive metal. When sodium is cut or scratched, its 
freshly exposed shiny surface rapidly turns dull as a thin layer of sodium oxide 
forms: 
Sodium + oxygen —> sodium oxide         4Na(s) + O2(g) —> 2Na2O(s) 
Other metals may oxidise more slowly. Gold and other very unreactive metals 
do not oxidise in air at all. 

Corrosion happens when a metal continues to oxidise. The metal becomes weak-
er over time, and eventually all of it may become metal oxide. 

Rusting 
Rusting occurs when iron or steel reacts with oxygen and water: 
Iron + oxygen + water —> hydrated iron (III) oxide 
Hydrated iron (III) oxide (rust) is the orange-brown substance seen on the surface. 
The nail only rusts in the left-hand test tube. It does not rust: 
- in the middle test tube, where there was water but no oxygen (because there was no air in 
the water) 
- in the right-hand test tube, where there was oxygen (air) but no water. 
Preventing corrosion 
Removing substances that cause rusting 
Rusting can be prevented by keeping oxygen or water away from the iron or steel: 
- oxygen can be excluded by storing the metal in an atmosphere of unreactive nitrogen or argon 
- water can be excluded by storing the metal with a desiccant such as calcium chloride. A desiccant is a substance that 
absorbs water vapour, so it keeps the metal dry. 
Physical barriers to oxygen and water 
Many methods of rust prevention rely on creating a physical barrier to oxygen and water. These include painting, oiling 
and greasing and coating with plastic. Different methods are used depending on the situation. 



Electroplating 
 
Electroplating involves using electrolysis to put a thin layer of a metal on the object: 
- the cathode (negatively charged electrode) is the iron or steel object 
- the anode (positively charged electrode) is the plating metal 
- the electrolyte contains ions of the plating metal 

For example, steel cutlery can be electroplated with silver using a silver anode and silver nitrate 
solution. Electroplating improves the corrosion resistance of metal objects. It also improves 
their appearance and may be used to produce gold-plated jewellery. 

Sacrificial protection 
 
Iron can be protected from rusting if it is in contact with a more reactive metal, such as 
zinc. The more reactive metal oxidises more readily than iron, so it 'sacrifices' itself while 
the iron does not rust. Once the sacrificial metal has corroded away, it can simply be re-
placed. 

Galvanising 
 
When iron is coated in zinc, the process is called galvanising. The zinc layer stops 
oxygen and water reaching the iron. Zinc is more reactive than iron, so it also acts 
as a sacrificial metal. This protection works, even if the zinc layer is scratched. 



Alloy 
An alloy is a mixture of two or more elements, where at least one element is a metal. Many alloys are mixtures of two or 
more metals. Converting pure metals into alloys often increases the strength of the product.  

Explaining alloy strength 
Solid metals have a regular lattice structure. When 
a force is applied to a metal, layers of atoms can move 
past each other. The more difficult it is for the layers 
to move, the more force is needed and the stronger 
the metal. 

Copper and zinc atoms have different sizes. This dis-
torts the regular lattice structure in brass, so layers 
of atoms cannot slide over each other so easily. This 
makes brass stronger than copper or zinc alone. 

Alloy steels 
Iron is alloyed with other metals to produce a range of alloy steels. Different steels have different properties, depend-
ing on their composition. The table shows three common examples. 

 

 

 

 

Mild steel is useful for making car body parts because it is easily pressed into shape. Although mild steel rusts, it can be 
protected by galvanising and painting. Tool steel is useful for making drill bits. These do not easily become damaged by 
the heating caused by friction during drilling.  

Alloy Other elements Properties 

Mild steel Carbon Malleable, ductile 

Tool steel Tungsten Hard, resistant to high temperatures 

Stainless steel Chromium Hard, resistant to rusting 


