
Oxidation and Reduction

An oxidation reaction is one in which oxygen is added to a substance.

Example:
Methane is oxidised when it burns in air. Oxygen is added to the carbon in 
methane, forming carbon dioxide. Oxygen is also added to the hydrogen in 
methane, forming water.

CH4(g) +        2 O2(g)  CO2(g) +    2 H2O(l)
methane          oxygen           carbon dioxide    water

A reduction reaction is one in which oxygen is removed from a substance.

CuO(s) +   H2(g)  Cu(s) +    H2O(l)
copper oxide     hydrogen        copper        water

Example:
Copper(II) oxide is reduced when 
it is heated and hydrogen passed 
over it, forming copper and water.

The hydrogen in this reaction is 
being oxidised to form water



A redox reaction is one in which both oxidation and reduction take place.  

Redox reactions are very common.

reduction oxidation

We also define oxidation as loss of electrons and reduction as gain of electrons.  We need to 
show that these two sets of different definitions are consistent with each other.

Example:
CuO(s) +           Mg(s)  Cu(s) +              MgO(s)

copper(II) oxide magnesium copper             magnesium oxide

Oxidation Is Loss of electrons OIL
Reduction Is Gain of electrons RIG



The first thing to notice is that the O2- ions appear on both sides. They are unchanged in 
the reaction, so we can remove them from the equation. We call them spectator ions.

The equation now reads:     Cu2+ +  Mg   Cu  +   Mg2+

This is called an ionic equation; it shows only the ions and atoms involved in the reaction.

Now we can consider what happens to each reactant in turn, by making this into a pair of 
half-equations:

So the two definitions are consistent.

Why do we need both definitions ?
Using the OIL RIG definitions allows us to find oxidation and reduction in reactions that 
don’t involve oxygen.

Example:   zinc reacts with sulphur to form zinc sulphide         Zn(s) +  S(s)  ZnS(s)
By writing the two half equations you can show that zinc is being oxidised to zinc ions and 
sulphur is being reduced to sulphide ions.

To form a positive ion, magnesium 
atoms must lose two electrons – this is 
oxidation.      Mg   Mg2+  + 2e-

To make copper atoms from copper 
ions requires two electrons to be added 
– this is reduction.    Cu2+ + 2e-  Cu



An oxidising agent is a substance that reacts with another, causing that substance to be 
oxidised.

Here the magnesium is being oxidised to magnesium oxide. The substance reacting with the 
magnesium to make this happen is CuO, so copper(II) oxide is the oxidising agent.

Example: the reaction between copper(II) oxide and magnesium again.

CuO +  Mg  Cu +    MgO

oxidation

A reducing agent is a substance that reacts with another, causing that substance to be 
reduced.

Here the copper oxide is being reduced to copper. The substance reacting with the copper 
oxide to make this happen is carbon, so carbon is the reducing agent.

Example: the reaction between copper(II) oxide and carbon.

2 CuO +  C  2 Cu +    CO2 

reduction

Note:  in a redox reaction you will be able to find both an oxidising agent and a reducing 
agent.



Corrosion and Rusting
Many metals react when exposed to the atmosphere. 
Only the most unreactive metals remain unaffected.

The term for this is corrosion.

Iron is corroded when it reacts with oxygen and water (both 
present in the atmosphere), to make hydrated iron(III) oxide, 
which we know as rust.

The iron is oxidised in this reaction.

Preventing rusting

The simplest method is to make a barrier between the iron 
and the air.

- by painting the iron
- by coating the iron with oil or grease
- by coating the iron with plastic
- by coating the iron with a less reactive metal e.g. tin

If the barrier breaks down, the iron rusts.  



Galvanised iron is coated with zinc. Even if the zinc layer is scratched through, the iron 
doesn’t rust.  Zinc is more reactive than iron, so rather than the iron atoms being oxidised 
to make rust, the zinc atoms get oxidised instead:

Zn   Zn2+ + 2e-

The electrons released in this reaction can turn any iron ions back into iron atoms.   

Galvanising
A different method for preventing 
rusting is galvanizing the metal. This 
uses a more reactive metal, zinc, to 
protect the iron.

Sacrificial protection

Metal hulls and keels of 
boats, have blocks of zinc 
attached that work in the 
same way. These are called 
sacrificial anodes.

Magnesium is used to do the 
same job at intervals along 
underground pipelines.



Reactivity series of Metals Sacrificial anodes work because zinc is more reactive than 
iron, but how did the engineers know to use zinc rather 
than e.g. copper ?  

Would it work if the pipes were made of titanium rather 
than iron ?  Could aluminium be used for galvanising iron ?

We need to put the metals in reactivity order.  This can be 
done by comparing the rate of reaction of different metals 
under the same reaction conditions.

Unfortunately metals do not all react with the same 
substances, or react too violently for safe experimental 
work, so we will have to use a series of reactions:

• Reaction of metals with water will help us put the most 
reactive metals in order

• Reaction with dilute acid can then be used to put the 
moderately reactive metals into order.

• The unreactive metals which don’t react with acids or 
water can then be sorted using a series of displacement 
reactions.



1. Reactions of metals with water
Reactive metals will react with cold water
Using this method we will be able to establish the order:

potassium >  sodium  >  lithium > calcium >  other metals

The Group 1 metals (K, Na, Li) react vigorously with cold water, fizzing 
to produce hydrogen gas. 

e.g.     2 Li(s) + 2 H2O(l)  2 LiOH(aq)                      + H2(g)
lithium  +  water    lithium hydroxide  +  hydrogen

Calcium reacts exothermically with cold water, producing hydrogen 
gas, but the reaction is less vigorous than between lithium and water.

2 Ca(s) +      2 H2O(l)  2 Ca(OH)2(aq) +    H2(g)
calcium          water            calcium hydroxide    hydrogen

Magnesium hardly reacts with cold water at all – the reaction is extremely slow, so it 
appears not to be reacting if we observe the reaction.

Other metals such as iron, zinc, copper, silver and gold do not react with cold water, and are 
thus less reactive than potassium, sodium, lithium and calcium.



2. Reactions with steam
While magnesium does not react with cold water, 
we find that magnesium, iron and zinc all react 
with steam but metals such as copper, silver and 
gold do not.

This method is unsuitable for more reactive 
metals, which would also react with steam, as the 
reaction would be too vigorous.

We can use this method to establish the order:

… magnesium > zinc > iron > other metals

When these metals are heated in steam, the metal oxide is produced, along with hydrogen 
gas:

Mg(s) + H2O(g) MgO(s) + H2(g)

Zn(s) + H2O(g) ZnO(s) + H2(g)

3Fe(s) + 4H2O(g) Fe3O4(s) + 4H2(g)

magnesium reacting with steam



3. Reactions of metals with dilute acids
It is too dangerous to react the very reactive metals, potassium, 
sodium, lithium and calcium with acids.

Reactions with dilute sulphuric or hydrochloric acid can be used to 
establish the reactivity order for magnesium, aluminium, zinc and 
iron.  The metal reacts to produce a salt, plus hydrogen gas. For the 
less reactive metals we may need to warm the acid.

Magnesium reacts vigorously with cold dilute acid. 
The reaction is exothermic, and hydrogen is given off:

Mg(s) + 2HCl(aq) MgCl2(aq) + H2(g)

Aluminium reacts slowly with cold acid, but after warming reacts very vigorously:

2Al(s) + 6HCl(aq) 2AlCl3(aq) + 3H2(g)

Zinc and iron react slowly with cold acid, but more rapidly on warming:

Zn(s) + H2SO4(aq) ZnSO4(aq) + H2(g)

Fe(s) + H2SO4(aq) FeSO4(aq) + H2(g)

Other metals do not react with these dilute acids even when warmed.
Order:   … magnesium > aluminium > zinc > iron > other metals



4. Displacement reactions between metals 
Reactions with water and acids are of limited use as they only work for metals which are 
more reactive than hydrogen. As an alternative we can use “competition” redox reactions.
We call these displacement reactions. The basic idea is that a more reactive metal can 
“steal” from an ion of a less reactive metal the ion that it is bonded to, but a less reactive 
metal can’t “steal” an ion from a more reactive one..

Mg + ZnO MgO + Zn MgO + Zn  Mg + ZnO 

Example:  The Thermit Reaction

This reaction shows that aluminium is more reactive than 
iron.  It of practical use as it is used to make molten iron 
for welding rails together.

2Al(s) +        Fe2O3(s)  Al2O3(s)            + 2Fe(l)
aluminium     iron(III) oxide         aluminium oxide       iron

The iron is displaced from its oxide by the more reactive aluminium. Aluminium is oxidised
to aluminium oxide. Iron(III) oxide is reduced to iron.



We can also do displacement reactions in solution. A more 
reactive metal will displace a less reactive metal from a 
solution of one of its salts.

Example:  If we dip a zinc strip in copper sulphate solution, 
copper metal is deposited on the zinc. If we place a copper 
strip in zinc sulphate solution no reaction occurs.  This 
indicates that zinc is more reactive than copper. 

Zn(s) + CuSO4(aq) ZnSO4(aq) + Cu(s)

We can use this method to establish the order of reactivity of the less reactive metals:

… tin > lead > copper > silver > gold

This method does not work for reactive metals such as calcium or sodium as the metals 
react with the water in the solution.

These are redox reactions, even though oxygen is not directly being added or removed:
e.g. Zn(s) +  CuSO4(aq)  ZnSO4(aq) + Cu(s)

contains ions: 
Cu2+ and SO4

2-
contains ions: 
Zn2+ and SO4

2-
element, 
Cu atoms

element,  
Zn atoms

gain of e- = reductionloss of e- = oxidation



Results of a series of displacement 
experiments:

Magnesium ribbon in lead nitrate solution:
Observation: Crystals of lead are seen growing 
on the magnesium
Mg(s) + Pb(NO3)2(aq) Mg(NO3)2(aq) + Pb(s)
Conclusion:   Mg more reactive than Pb

Copper wire in silver nitrate solution:
Observation: Crystals of silver are seen growing 
on the copper wire
Cu(s) + 2AgNO3(aq) Cu(NO3)2(aq) + 2Ag(s)
Conclusion:   Cu more reactive than Ag

Copper wire in lead nitrate solution:
Observation: No reaction
Conclusion:  Cu must be less reactive than Pb

Iron nails in copper sulphate solution:
Observation: A coating of copper is deposited 
on the iron nails
Fe(s) + CuSO4(aq) FeSO4(aq) + Cu(s)
Conclusion:   Fe is more reactive than Cu

Copper wire in silver nitrate solution



Halogen displacement reactions

Displacement reactions also allow us to establish the reactivity order of the halogens –
chlorine can displace bromine and iodine from bromide or iodide ions; bromine can 
displace only iodine from iodide ions; iodine can’t displace other halogens…

These are redox reactions too. e.g. Br2(aq) +  2 KI(aq)  I2(aq) +  2 KBr(aq)

We can take this apart to see what is happening:
Br2(aq) + 2e-  2 Br-

(aq) 2 I-
(aq)  I2(aq) + 2e-

The bromine atoms gain electrons to 
become bromide ions, so in this reactions 
the Br2 is being REDUCED.

The iodide ions lose electrons to become 
iodine atoms, so in this reactions the I-

ions are being OXIDISED.

This means that of the three, chlorine is 
the most powerful oxidising agent, and 
iodine is the least powerful oxidising 
agent.



ANALYSIS – Identifying unknowns
Ionic substances contain positive and negative ions. We need to use different tests to 
identify the positive and the negative ions:

Identifying some positive (metal) ions:

1: Flame tests – some metal ions give 
characteristic flame colours.  Dip a clean metal 
wire into the solid substance, and put into a 
blue/roaring Bunsen flame

Li         Ca        Na        Cu       K



2: Reactions with sodium hydroxide: 
Dissolve the substance to be tested in distilled water, and add sodium hydroxide solution.

Ion: Effect of sodium hydroxide, NaOH:

Aluminium White precipitate of Al(OH)3 which dissolves  if excess sodium hydroxide 
is added  e.g.:

AlCl3(aq)  +  3NaOH(aq)   Al(OH)3(s) + 3NaCl(aq)

Magnesium White precipitate of Mg(OH)2 which doesn’t re-dissolve in excess sodium 
hydroxide  e.g.

MgSO4(aq)  +  2NaOH(aq)   Mg(OH)2(s) + Na2SO4(aq)

Copper (II) Pale blue precipitate of Cu(OH)2   e.g.
CuSO4(aq)  +  2NaOH(aq)   Cu(OH)2(s) + Na2SO4(aq)

Iron (II) Dirty green precipitate of Fe(OH)2 e.g.
Fe(NO3)2(aq)  +  2NaOH(aq)   Fe(OH)2(s) + 2NaNO3(aq)

Iron (III) Orange-brown precipitate of Fe(OH)3  e.g.
FeCl3(aq)  +  3NaOH(aq)   Fe(OH)3(s) + 3NaCl(aq)

Ammonium (NH4
+) Warm with NaOH – ammonia gas given off, which turns damp red litmus 

paper blue.  e.g.
NH4NO3(aq) +  NaOH(aq)   NH3(g) + H2O(l) + NaNO3(aq)



Identifying some negative ions
• could be halide ions e.g.  Cl-, Br-, I-

• could be sulphate ions, SO4
2-

• could be carbonate ions, CO3
2-

We use a sequence of chemical tests to determine which negative ion is present:

1: Carbonates fizz when an acid, e.g. 
hydrochloric acid, is added, because 
carbon dioxide gas is given off. This can 
be identified by bubbling it through 
limewater, which turns cloudy.

2:  Solutions containing halide ions
produce precipitates of silver halides 
when treated with nitric acid then 
silver nitrate.
- silver chloride is WHITE
- silver bromide is CREAM
- silver iodide is YELLOW.

The nitric acid is added first to remove 
interfering ions that might also form 
precipitates, such as hydroxide or carbonate.



3:  Sulphate ions can be identified by adding barium chloride which has been acidified with 
hydrochloric acid. A white precipitate of barium sulphate is produced.

The hydrochloric acid is added first to remove interfering ions that might form white 
precipitates, such as hydroxide or carbonate.

These last two are the same reactions as we saw for making insoluble salts, with a 
precipitate of the barium sulphate being formed, and the other ions remaining in solution. 
Write an equation for what happens when magnesium sulphate solution is tested with 
barium chloride. Include state symbols.

Practice Questions:    (answers at the end of the topic)
Substance A is ionic. It produces no flame colour, but does produce a white precipitate 
when sodium hydroxide is added. This precipitate remains if more sodium hydroxide is 
added.  If nitric acid is added to substance A, followed by silver nitrate solution, a white 
precipitate is seen.   What is A?

Substance B is ionic. No precipitate is produced when sodium hydroxide is added. The 
substance produces a red flame colour. If hydrochloric acid is added to B fizzing is seen and 
the gas given off turns limewater cloudy.  What is B?

Substance C is potassium aluminium sulphate. How would you prove this using chemical 
tests?



Identifying gases
We need to know how to identify five different gases:

HYDROGEN (H2)
– test with a lit splint, hydrogen gives a squeaky pop

OXYGEN (O2)
– test with a glowing splint, which relights in oxygen

CARBON DIOXIDE (CO2)
– bubble the gas through limewater, CO2 turns it cloudy

AMMONIA (NH3):
- will turn damp red litmus paper blue   (ammonia is a base)

CHLORINE (Cl2):    not the same as testing for chloride!
- will bleach damp litmus paper, turning it white

effect of ammonia gas on 
damp red litmus

effect of chlorine gas on 
damp red or blue litmus



Answers:

Substance A is ionic. It produces no flame colour, but does produce a white precipitate 
when sodium hydroxide is added. This precipitate remains if more sodium hydroxide is 
added.  If nitric acid is added to substance A, followed by silver nitrate solution, a white 
precipitate is seen.   What is A? magnesium chloride

Substance B is ionic. No precipitate is produced when sodium hydroxide is added. The 
substance produces a red flame colour. If hydrochloric acid is added to B fizzing is seen and 
the gas given off turns limewater cloudy.  What is B?       lithium carbonate

Substance C is potassium aluminium sulphate. How would you prove this using chemical 
tests? Flame test will show lilac flame:  potassium ions present

sodium hydroxide solution will produce a white precipitate which redissolves
when excess it added: aluminium ions present
acidifying with hydrochloric acid, followed by adding barium chloride will 
produce a white precipitate:  sulphate ions present


