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3.2: Metals 

In this chapter you will learn about the structure of pure metals, alloys and how they 
react with other substances. You will develop skills in the correct use of the SQA data 
booklet to create special types of balanced chemical equations called reduction, 
oxidation and redox equations. You will examine the roles of batteries and fuel cells in 
energy production. 

 

Activity 3.11: Prior Learning 

Based on the work you have completed in S1 to S3, complete Prior Learning 3.1. 

 

In a pure ionic substance, the positive and negative ions are arranged in a regular 
alternating pattern. This forms an ionic lattice structure – the electrostatic 
attractions between positive and negative ions holds the structure together in a stable 
arrangement. 

When carbon is present as a pure substance, it may exist as diamond or graphite. In 
both cases the atoms are arranged in a giant three dimensional structure called a 
covalent network. Strong covalent bonds between adjacent atoms hold the structures 
together. In the case of graphite, the atoms are arranged as flat rings leaving a “spare” 
electron per atom. The spare electrons are said to be delocalised as they cannot be 
assigned to an individual atom instead they may travel freely throughout the structure 
(and conduct electricity as they do so). 

Metal atoms have few outer electrons in their atoms. This makes metal atoms unstable 
and reactive to other substances. To create a stable structure when present as a pure 
substance, metal atoms lose their outer electrons forming positive ions. The electrons 
released by individual atoms are unable to leave the structure and instead become 
delocalised forming cloud of negative charges around the positive metal ions. 

The combination of positive metal ions and delocalised electrons creates a metallic 
lattice. Within the metallic lattice an electrostatic attraction exists between the 
positive metal ions and the delocalised electrons. These electrostatic attractions hold 
the metallic lattice together as a solid. 

The presence of delocalised electrons allows metals to conduct electricity when 
present as a solid or liquid. As the electrons are not attributed to any particular ions, 
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the passage of an electrical current through the structure does not chemically change 
the ions. Conducting electricity does not chemically change a sample of pure metal. 

Electrical conductivity is one of the physical properties metals share. Not all metals 
conduct electricity as well as others – they all display differences in electrical 
resistance.  

Material scientists design materials to meet specific purposes. They can blend 
different quantities of pure substances to make mixtures – mixtures of pure metals or 
metals and non-metals are called alloys. When mixed together the atoms do not 
chemically join together. 

 

Activity 3.12: Alloys 

Examine the samples of alloys provided. Read at Information Card 3.1: Alloys and draw 
a table to show the name of each alloy, the elements used to produce it and potential 
uses 

 

In nature, most metals are found combined with other elements as compounds. These 
compounds make up special rocks called ores. Most ores are oxides of the pure metal. 
The method used to extract a metal from its ore depends on how reactive the metal is. 
The more reactive the metal the more difficult it is to extract it from its ore. 

We can gauge the relative reactivity of a metal by comparing its reaction when heated 
with oxygen gas. 

 

Activity 3.13: Reaction with Oxygen 

Read the following paragraph and order the metals from most reactive to least 
reactive. 

“When a sample of pure gold is heated in oxygen, no signs of a chemical reaction are 
observed. If a sample of pure sodium is heated in oxygen a violent explosion occurs, 
releasing huge amounts of heat energy. Sodium burns with a bright white flame 
producing a powdery white solid. On the other hand, lead gives a dull glow when heated 
with oxygen slowly producing a white residue. Magnesium burns with a bright white 
flame in oxygen but does not cause the boiling tube to explode as sodium does.” 
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The Electrochemical Series, shown on page 10 of the data book shows an order of 
reactivity for reference purposes. It allows us to decide which methods are most 
appropriate to extract a specific metal from its ore. 

 

 Unreactive metals such as silver, gold and mercury can be produced by simply 
heating the metal ore. The ore decomposes to release the pure metal and oxygen 
gas. 
  silver (I)  oxide  →  silver  +  oxygen 
 
(a) Write a balanced chemical equation for this change 
(b) Write an ionic equation (including state symbols) for this change 

 
 

 More reactive metals - such as copper, lead, tin, iron and zinc - can be extracted 
from their ores by heating with carbon. The ore reacts with the carbon to 
release the pure metal and carbon dioxide gas. 
 
  lead (II) oxide + carbon  →  lead + carbon dioxide 
 
 
(c) Write a balanced chemical equation for this change 
(d) Write an ionic equation (including state symbols) for this change 

 
 

 Very reactive metals - such as magnesium, calcium, lithium, sodium and potassium 
– can only be extracted from their ores using electrolysis. To carry out the 
electrolysis the metal compound must be in the liquid state (molten) or dissolved 
in solution (aqueous). 

aluminium oxide (liquid) → aluminium (liquid) + oxygen (gas) 
 

(e) Write a balanced chemical equation for this change 
(f) Write an ionic equation (including state symbols) for this change 
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All metal ores are ionic compounds. As they are extracted from their ores, the metal 
ions gain electrons to form metal atoms. This is an example of a reduction reaction. 
During a reduction reaction, a substance will: 

 Gain electrons, or 
 Gain hydrogen atoms, or 
 Lose oxygen atoms. 

The chemical opposite to a reduction reaction is an oxidation reaction. During an 
oxidation reaction, a substance will: 

 Lose electrons, or 
 Lose hydrogen atoms, or 
 Gain oxygen atoms. 

A reduction reaction cannot occur without a corresponding oxidation reaction. Together 
these two “half” reactions form a REDOX reaction. We can demonstrate a redox 
reaction using electrolysis as our model reaction. 

 

Activity 3.14: Electrolysis of Copper (II) Chloride solution 

The electrolysis of copper (II) chloride solution provides a model of a redox reaction in 
practice. Copper is not extracted from its ore using electrolysis by industry. Instead, 
industry would heat copper ore with carbon to produce pure copper. Electrolysis is 
expensive and industry will always use the cheapest possible method to maximise profit. 

Materials: 

copper (II) chloride solution 
carbon electrodes in holder 
100 cm3 beaker 
50 cm3 measuring cylinder 
emery paper 
power pack 
2 x electrical leads 
2 x crocodile clips 

Method: 

1. Clean both electrodes using the emery paper. 
2. Set the power pack to 6 volts. 
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3. Using the measuring cylinder place 50 cm3 of copper (II) chloride solution 
into the 100 cm3 beaker. 

4. Assemble the equipment as instructed, and leave to run for 5 minutes. 

 

a. Draw a sectional diagram of your experiment. 
b. Which signs of a chemical reaction are evident in your apparatus? 
c. Write a word equation to summarise the change at the positive electrode. 
d. Write a word equation to summarise the change at the negative 

electrode. 

 
We can use page 10 of the data book to help us write ion-electron half reactions for 
the individual electrodes in an electrolysis. 

At the negative electrode, positive metal ions gain electrons to form metal atoms. 
Reduction reactions occur at the negative electrode. 
 

e. Use page X of the data book to help you write an ion-electron equation 
for the reduction of copper (II) ions to copper metal atoms. 
 

At the positive electrode, negative non-metal ions lose electrons to form non-metal 
atoms. The atoms of diatomic elements then form molecules. Oxidation reactions occur 
at the positive electrode. 
 

f. Use page X of the data book to help you write an ion-electron equation 
for the oxidation of chloride ions to chlorine molecules. (Hint: you need 
to think backwards) 
 

A reduction reaction cannot occur without its corresponding oxidation reaction - the 
electrons produced by oxidation are used up in reduction. By combining the 
corresponding oxidation and reduction reactions, and cancelling out spectator particles, 
we can produce a redox equation. Redox equations are always balanced. 

As both the reduction and oxidation equations for the electrolysis of copper (II) 
chloride contain equal numbers of electrons, we can simply combine and cancel out 
particles which appear on both sides of the equation unchanged. 
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e.g. Oxidation phase: 2Cl-(aq) → Cl2(g) + 2e- 

 Reduction phase: Cu2+(aq) + 2e- → Cu(s) 

 Combined:  2Cl-(aq) + Cu2+(aq) + 2e- → Cl2(g) + 2e- + Cu(s) 

 Redox:   2Cl-(aq) + Cu2+(aq) → Cl2(g) + Cu(s) 

 

Activity 3.15: Redox Reactions 

Use your data book to help you write equations for each of the following reactions. For 
each reaction write an equation to represent: 

I. Oxidation half reaction 
II. Reduction half reaction 

III. Redox equation  

Include the physical states and ionic charges associated with each substance. 

a. Solid sodium reacts with water at 20 °C to produce hydrogen and sodium 
hydroxide solution. 

b. Molten lead (II) bromide can be electrolysed to produce molten lead and 
bromine gas. 

c. Potassium permanganate solution reacts with potassium iodide solution to form 
manganese (II) ions and iodine molecules. (Hint: some reactants and products 
are missing from the statement – use your data booklet to figure out the rest). 

 
The electrochemical series is essential to assist us to write redox equations. When 
metals are connected together in special way, called an electrochemical cell, the metal 
atoms and ions undergo a redox reaction to produce an electrical current. An electrical 
current is a flow of negative electrons passing through a metal wire.The energy behind 
the flow of charge is measured using a voltmeter. 

In an electrochemical cell, to enable us to channel the electrons through a metal wire 
we require to keep the oxidation and reduction phases of the redox reaction separate. 
We do this by assembling two half cells. 
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Activity 3.16: Electrochemical Cells (I) 

Materials: 

0.1 mol l-1 copper (II) sulphate solution  2 crocodile clips 
0.1 mol l-1 zinc (II) sulphate solution  2 electrical leads 
0.1 mol l-1 sodium chloride solution   2 x 100 cm3 beakers 
0.1 mol l-1 magnesium sulphate solution   voltmeter 
magnesium ribbon      
zinc metal foil      
copper metal foil 
filter paper or paper towel 

Method: 

1. Set up the apparatus as shown in the diagram overleaf. 
 
 
 
 
 
 

V 

metal wires to 
carry electrons 

salt bridge to carry 
ions between half 

cells / complete the 
circuit 

voltmeter to 
show electrical  
energy present 

electrode 

solution 
containing ion of 
interest 

solution 
containing ion of 
interest 

electrode 
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2. Observe the reading on the voltmeter. Remove the salt bridge and observe what 
happens to the reading on the voltmeter. 
 
 
 

a. Copy the table below and repeat the experiment using the different 
combinations of electrodes and solutions as listed, and record the voltmeter 
reading each time. 

half cell “A” half cell “B” Voltage (V) 
electrode solution electrode solution 

copper copper (II) sulphate zinc zinc (II) sulphate  
copper copper (II) sulphate magnesium magnesium sulphate  

zinc zinc (II) sulphate magnesium magnesium sulphate  
 

b. What happened to the reading on the voltmeter when the salt bridge was 
removed? Why? 

c. Write ion-electron equations for each cell arrangement, showing: 
i. oxidation phase equation 
ii. reduction phase equation 
iii. redox equation 

d. Look at the electrochemical series in your data book. What statement can you 
make regarding distance between metals and voltage produced by an 
electrochemical cell? 

V 

filter paper soaked in 
sodium chloride 

solution 

copper metal foil zinc metal foil 

copper (II) sulphate 
solution 

zinc (II) sulphate 
solution 

A B 
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In some electrochemical cells, such as that found in a zinc carbon “D” cell, both or 
neither electrode is made of metal. Carbon in the form of graphite can be substituted 
for a metal as it conducts electricity well due to having delocalised electrons within its 
structure. 

 

 

Activity 3.17: Electrochemical Cells (II) 

Materials: 

0.1 mol l-1 zinc (II) sulphate solution  2 crocodile clips   
0.1 mol l-1 sodium chloride solution    2 electrical leads    
0.1 mol l-1 iodine solution     2 x 100 cm3 beakers   
0.1 mol l-1 sodium sulphite solution   2 carbon rods 
zinc metal foil     voltmeter    
filter paper or paper towel     

 

 

Method: 

1. Set up the apparatus as is shown in the diagram below. 
 

 

 

 

 

 

 

 

  

V 

filter paper soaked in 
sodium chloride 

solution 

carbon rod zinc metal foil 

iodine solution 
zinc (II) sulphate 

solution 

A B 
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a. Copy the table below and repeat the experiment using the different 
combinations of electrodes and solutions as listed, and record the voltmeter 
reading each time. 

half cell “A” half cell “B” Voltage (V) 
electrode solution electrode solution 

carbon iodine zinc zinc (II) sulphate  
carbon iodine carbon sodium sulphite  

zinc zinc (II) sulphate carbon sodium sulphite  
 

b. Write ion-electron equations for each cell arrangement, showing: 
iv. oxidation phase equation 
v. reduction phase equation 
vi. redox equation 

 

Society requires portable sources of electricity for everyday devices such as remote 
controls, mobile phones, tablets, laptops and watches to name but a few. We commonly 
refer to the portable sources of electricity as batteries. This is a misconception as 
many of the “batteries” we use today are actually cells. 

A battery is a number of electrochemical cells connected together in series. There are 
many different types of cells such as a zinc/carbon. When connected to a device the 
cell produces electrical energy by using up the chemicals it contains in a redox reaction. 
Once the stores of chemicals are exhausted, the cell is said to be flat, it will no longer 
be able to produce electrical energy. 

Some devices, such as mobile phones, laptops or cars, make use of rechargeable 
batteries. When charged, the chemical contained within the battery undergo a redox 
reaction producing electrical energy. Once flat, the chemicals may be regenerated by 
passing an electrical current through the battery. This is known as charging the 
battery. As a rechargeable battery is charged, the redox reaction is reversed and the 
chemicals regenerated. Eventually the chemicals within a rechargeable battery cannot 
be regenerated and must be disposed of.  

The individual choice of cell or battery or device is dependent upon the required life-
span, voltage, electrical current, mass, cost and portability are considered.  

e.g. A hearing air battery must be lightweight and able to produce electrical energy 
for long periods of time. 
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 A car battery must be hard wearing and last a long length of time and be able to 
produce short bursts of electrical energy on a regular basis. 

 

Batteries and cells use finite resources that are expensive and potentially damaging to 
the environment. Scientists are constantly attempting to find new methods of low cost 
electrical energy production which have less of an impact upon the environment. One 
such development is the use of fuel cells.  

Fuel cells are being offered as a practical alternative to electrochemical cells as they 
can be designed to use chemicals found in the local environment to produce electricity. 
A hydrogen/oxygen fuel cell combines hydrogen and oxygen gases to produce water. 
The hydrogen and oxygen gases can be produced by the electrolysis of water, the 
electricity for which being harnessed from renewable sources e.g. solar or wind power. 

Car manufacturers such as BMW are looking towards fuel cells as a potential for 
powering road vehicles. This generation of cars would produce no harmful emissions and 
would require no expensive or heavy batteries. As with any emerging technology, fuel 
cells are expensive to produce and will take many years before they become a potential 
alternative to other portable energy sources.  


