
Trilogy GCSE AQA Chemistry – Crude oil and Fuels 

 

This knowledge organiser summarises key concepts you need to know about the Crude oil and fuels topic including common misconceptions and their related truths. 
Remember: There is no substitute for in depth subject knowledge and this knowledge organiser is a summary. In your Chemistry exam you will need to apply this 
knowledge to different contexts and data provided. 
Crude oil  

 

Crude oil is a naturally occurring product that we use to produce products 

such as petrol, solvents and detergents.  It is a mixture of long chain 

molecules made up of hydrogen and carbon only.  The chains are called 

hydrocarbons.  The use of a hydrocarbon is determined by the number of 

carbons in its chain as its properties depend on how long it is. 

 

Alkanes  

Fractional Distillation  

The different chain length molecules can spread using 

fractional distillation.  The crude oil mixture enters a tall 

column and is heated to a high temperature so that most of 

the molecules are vapourised (turned into gas). The column 

is cooler at the top than the bottom.  As the gaseous 

molecules rise up the column they reach their boiling point. 

they are then collected and removed.  The separated 

samples are called fractions. 

 

 

Smaller molecules travel further up the column because 

they have fewer intermolecular forces between their 

chains.  This means that they have lower boiling points and 

so they condense at lower temperatures and so remain a 

gas at lower temperatures. 

 

Properties of alkanes 

 

All of the hydrocarbons 

that we find in crude oil 

have single carbon-

carbon bonds in their 

chains. We say that they 

are saturated (they are 

bonded to as many other 

atoms as possible) and 

they belong to a 

homologous series called 

alkanes. 

These intermolecular forces also explain why 

viscosity increases as chain length gets 

longer.  While flammability increases as chain 

length gets shorter. 
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Combustion of hydrocarbons  
You always get water (H2O) and carbon dioxide (CO2) with complete 
combustion. 
The apparatus below is used to prove these products of combustion. 
 

 

Cracking  

 

Alkenes 
Alkenes are produced as one of the products of cracking. They are also hydrocarbons, 
but this homologous series has the general formula CnH2n. 

The double bond means that alkanes are more reactive than alkanes. 
Although it is the shorter chain alkane that is the desired product of cracking, alkenes 
are also useful.  Alkenes can be used as monomers in polymerisation reactions to 
produce plastics. 
 
 
 

 

 

Misconception  Truth  

Crude oil only contains hydrocarbons Crude oil contains mainly hydrocarbons but also contains other impurities such as sulphur and nitrogen 

Hydrocarbons contain hydrogen and carbons atoms Hydrocarbons contain ONLY hydrogen and carbon 

In fractional distillation the different fractions are 
heated and evaporate at their boiling point 

All but the very largest hydrocarbons are vapourised (turned into gas) but as the vapour rises it cools, and fractions condense at 
their boiling points 

Large molecules have a high boiling point because 
they have strong bonds between the molecules 

Large molecules have a high boiling point because they have larger intermolecular forces between the molecules 

Larger hydrocarbon molecules are more flammable 
and volatile than smaller ones 

Larger hydrocarbon molecules are less flammable and volatile than smaller ones 

General formula: 

Alkanes = CnH2n+2  “ane” 

Alkenes = CnH2n   “ene” 

Testing for alkenes  

Add a few drops of orange coloured bromine water to your sample 

Unsaturated hydrocarbon double bond breaks and forms a new compound that is colourless.  Alkanes do not react so 

no colour change seen. 

   

Tea light is 

the fuel. 

Cobalt 

chloride 

paper 

changes 

colour in the 

presence of 

water. 

Lime water 

goes cloudy 

when CO2 

bubbles 

through it. 

Long chain molecules have less uses and are in less of 

a demand, but they can be broken down into smaller 

more useful products by cracking. 

Catalytic cracking: the alkane is brought into contact 

with powdered aluminium oxide catalyst at moderate 

pressure and temperature of 500oC. Preferred 

method. 

Steam cracking: the hydrocarbon is mixed with steam 

and heated to a very high temperature (approx.. 

850oC) 

Both methods produce two products, an alkane and 

an alkene. 

 



GCSE Triple and Trilogy Chemistry (AQA) – Topic 1: Atomic Structure and the Periodic Table 

 

This knowledge organiser summarises key concepts you need to know about the Atomic Structure and the Periodic Table topic including common misconceptions and 
their related truths. Remember: There is no substitute for in depth subject knowledge and this knowledge organiser is a summary. In your Chemistry exam you will 
need to apply this knowledge to different contexts and data provided. 

Atoms, Elements and Compounds: 
 

Ion Formulae to learn:  

  

Mixtures: 

A mixture consists of two or more elements or 
compounds not chemically combined together. 
The chemical properties of each substance in 
the mixture are unchanged. 
Mixtures can be separated by physical 
processes such as filtration, crystallisation, 
simple distillation, fractional distillation and 
chromatography. These physical processes do 
not involve chemical reactions and no new 
substances are made. 

 

All substances are made of atoms that cannot 
be chemically broken down. It is the smallest 
part of an element.  
Elements are made of only one type of atom. 
Each element has its own symbol.  
e.g. Na is sodium. 

Compounds contain more than one type 
of atom. 
Naming compounds-  
Two elements = ide 
e.g. Na2S Sodium sulphide 
Two or more including oxygen = ate 
e.g. Na2SO4 = sodium sulphate 

Atoms lose 
or gain 
electrons to 
form ions 
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Development of the Atom: 
In the early 1800’s, John Dalton suggested substances were made up of atoms 
that were like tiny hard spheres that could not be split. He also suggested that 
each chemical element had their own atoms that differed from each other. 

JJ. Thompson discovered the electron at the end of the 1800’s. 
Thompson did experiments on the beams of particles which were attracted to a 
positive charge, meaning they must be negatively charged themselves. These 
were electrons. This disproved Dalton’s ideas about atoms. It was suggested 

that the electrons were embedded in a cloud of positive charge. 
In the alpha particle scattering experiment, positively 
charged particles were fired at a thin piece of gold foil. The 
particles were expected to travel straight through the gold 
foil, but some were deflected. Rutherford suggested that the 
positive charge must be concentrated in a tiny spot in the 
centre of the atom. He called this the nucleus and suggested 

the electrons orbited around this. 
Scientists knew that another particle must be in the nucleus of an atom to 
make up for the missing mass of the atoms, and that this particle must have 
no charge. James Chadwick discovered neutrons in 1932. 

Key Words: 
Atom: The smallest part of an element that can still be recognised as that element. 
Element: A substance made up from only one type of atom. An element cannot be broken down 
chemically into any simpler substance. 
Compound: A substance made when two or more elements are chemically bonded together. 
Molecule: A grouping of two or more atoms (same or different) bonded together. 
Periodic Table: An arrangement of elements in the order of their atomic numbers, forming groups 
and periods. 
Nucleus: The very small and dense central part of an atom that contains protons and neutrons. 
Ion: These are formed when an electron is either gained or lost from an atom, causing it to become 
charged. 
Isotope: When the number of electrons and protons for an element is the same but the neutrons 
have changed  
Word Equation: An equation that uses words to show what happens in a chemical reaction. 
Symbol Equation: An equation that uses chemical symbols to show what happens in a chemical 
reaction 
Reactants: The substances you start a reaction with – shown on the left hand side of an equation. 
Products: The substances made during a reaction – shown on the right hand side of an equation. 

 

Charges, Sizes and Masses of Atoms: 

Atoms are very small, having a radius of 
about 0.1 nm (1 x 10-10 m). 
The radius of a nucleus is less than 1/10 000 
of that of the atom (about 1 x 10-14 m). 
Almost all of the mass of an atom is in the 
nucleus. 

Relative Atomic Mass: 

  

Common Misconceptions: 
 

Misconception   Truth  

Hydrogen is in Group 1  

Hydrogen is not a group 1 element; despite being 
shown at the top of group 1 on some Periodic Tables. 
It is not a metal and does not have similar properties 
to other group 1 elements.   

Metals are hard, shiny solids  

Metals can be either solid, liquid or gas depending 
on the temperature they are at. At room 
temperature all metals are solid except for Mercury 
which is a liquid. Some metals are also soft and can 
be cut with a knife, such as the group 1 metals.   

Atoms are the smallest particles it is 
possible to get   

Atoms are made of smaller particles, called sub-
atomic particles. These are protons, neutrons and 
electrons. 

Number of protons(+) = Number of electrons (-) 
Number of neutrons =  
                             mass number – atomic number 

http://www.google.co.uk/url?sa=i&rct=j&q=&esrc=s&source=images&cd=&cad=rja&uact=8&ved=0ahUKEwj12rGRnuXUAhUHNxQKHf4mAIMQjRwIBw&url=http://www.daviddarling.info/encyclopedia/R/Rutherfords_experiment_and_atomic_model.html&psig=AFQjCNG_Enxs48YVgxDKsyZozttRHGPPUA&ust=1498900625097538
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Electron Structure: 
Electrons can be 
represented using 
dots or crosses. 
Learn the electron 
structures of 
atoms up to 
Calcium. 

Electronic structure is the arrangement of electrons 
around the nucleus of an atom or ion. Electrons are 
arranged in shells (or energy levels) with the shell 
closest to the nucleus (lowest energy level) filling 
first. Each shell has a maximum number of 
electrons it can hold: 

          1st Shell – 2 Electrons 
          2nd Shell – 8 Electrons 
          3rd Shell – 8 Electrons 
          4th Shell – 2 Electrons 

The top number on the Periodic 
Table is the mass number, and the 
bottom number is the atomic 
number   

Periodic Tables can be given to you with the atomic 
number and mass number either way round. The 
atomic number is always the smaller number and the 
mass number is always the bigger number.   

As you go down the Periodic Table, 
reactivity increases  

This is true for some groups (such as group 1) but not 
for other groups. For example, Group 7 gets less 
reactive as you go down the group.   

All atoms form ions  

Atoms that have a full or half-full outer shell do not 
form ions (except hydrogen) as they have a stable 
electron arrangement. These are elements in group 
4 and group 0. Other atoms lose or gain electrons to 
get a full outer shell of electrons. 

On the old Periodic Table, elements 
were arranged by atomic mass   

This is incorrect – elements were arranged by atomic 
weight, not atomic mass. Atomic mass was not really 
accepted as a concept until the late 19th century as 
we didn’t know about subatomic particles. 

Atoms can have a charge 

Atoms do not have an overall electrical charge – they 
are always neutral. Atoms can become charged by 
gaining or losing electrons. However, when they do 
this they are no longer an atom; they are now an 
ion! 

 

Development of The Periodic Table: 
John Newlands arranged the known elements in order 
of mass and noticed that ever eighth element seemed 
similar. He produced a table showing his ‘law of 
octaves’ – but he assumed all the elements had been 
found so filled his table even though some elements 
were not similar. 

In 1869, Dmitri Mendeleev arranged the atoms 
in order of their atomic weights and placed them 
in a table so that regular patterns in the 
elements could be seen. 
He left gaps in the table to elements that he 
thought had not been discovered yet, and 
predicted the properties of these based on their 
position in his table. 

Metals & Non-Metals: 
Elements that react to form positive ions are metals. 
Elements that react to form negative ions are non-metals. 
The majority of elements are metals. Metals 
are found to the left and towards the bottom of 
the periodic table. Non-metals are found 
towards the right and top of the periodic table. 
Metals bond with metallic bonds, and form 
compounds with non-metals with ionic bonds. 
Non-metals bond with covalent bonds, and 
form compounds with metals with ionic bonds.  
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Group 1 – The Alkali Metals: 
Group 1 elements all have 1 electron in their outer shell and form 1+ ions in 
reactions. Because of this, they have similar properties and react in similar 
ways. They form alkalis when they react with water. 
These elements react with water, oxygen and chlorine in the following 
ways: 
Alkali Metal + Water  Alkali Metal Hydroxide + Hydrogen 
Alkali Metal + Oxygen  Alkali Metal Oxide 
Alkali Metal + Chlorine  Alkalie Metal Chloride (Salt) 

The Periodic Table: 
The elements in the periodic table are 
arranged in order of their atomic (proton) 
number, and this arranges the elements 
so that they line up in groups with similar 
properties. The Periodic Table also gives 
an important summary of the electronic 
structure of all of the elements. 
Elements in the same group in the 
periodic table have the same number of 
electrons in their outer shell (outer electrons) and this gives them similar chemical properties. 

 Groups go down the Periodic Table (this tells you the number of electrons in the outer shell of 
the atom). 

 Periods go across the Periodic Table (this tells you how many electron shells an atom has). 
An elements properties can be predicted based on its position in the Periodic Table. 
The ions formed can also be worked out using the Periodic Table (excluding Transition Metals): 
Group 1 elements form 1+ ions        Group 2 elements form 2+ ions          Group 3 elements form 3+ ions                                                         
Group 7 elements form 1- ions         Group 6 elements form 2- ions          Group 5 elements form 3- ions 

Group 7 – The Halogens: 
Group 7 elements all have 7 electrons in their outer shell and form 1- ions in 
reactions. Because of this, they have similar properties and react in similar 
ways. 
These elements are all non-metals and consist of molecules made of pairs of 
atoms (diatomic). 
These elements react with metals to form salts: 
Chlorine forms Chlorides 
Bromine forms Bromides 
Iodine forms Iodides 
They have low boiling points and are poor conductors of heat and electricity 

Group 1 vs Group 7: 

Reactivity of group 1 elements 
increases as you go down the 
group. 
Reactivity of group 7 elements 
increases as you go up the group. 
Three things cause these trends: 
1. The atoms get bigger as you go 
down the group (outer electrons 
are further from the nucleus). 
2. The nuclear charge increases as 
you go down the group. 
3. The more electrons there are, 
the more shielding that occurs. 

Transition Metals – Triple Only: 

The transition elements are metals and are positioned in the large block in the 
centre of the Periodic Table. 
Many transition elements form ions with different charges, form coloured 
compounds and are useful as catalysts. 
They have properties of typical metals: 

 Good conductors of heat and electricity 

 Hard and strong 

 High densities 

 High melting points (except Mercury which is liquid at room 
temperature) 

Group 0 – The Noble Gases: 
The atoms of Noble Gases have eight electrons in their outer shell, 
making the atoms very stable. The exception is the first Noble Gas – 
Helium – which has just 2 electrons in it’s outer shell as it only has 
one shell. This is still complete and so is very stable. 
The electron arrangements of these Group 0 elements mean they 
are unreactive. 
The boiling points of the Noble Gases increase as the relative atomic 
mass increases. 
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Required Practical: Chromatography 
 

1. Draw a pencil line 1.5cm from the bottom edge of the chromatography 
paper 

2. Place a spot of unknown substance on the pencil line using the capillary 
tube. Place spots of other food colouring alongside using different capillary 
tubes. The spots need to be small and concentrated. You can add more 
food colouring to each pot when it is dry. Record the order of the colours 
on the paper. 

3. Add deionised water to the beaker so that it is 1cm deep. Place the 
chromatography paper in the beaker so that the water can rise up the 
chromatogram. 
The spots of food colouring must be above the water level. You can use 
paper clips to hold the paper in place. 

4. Allow the solvent (water) to rise up the chromatography paper until it is 
almost at the top. Remove the paper from the solvent and use a hair dryer 
to dry the chromatogram. Alternatively, you can leave it on a radiator. 

5. Calculate the Rf values for each spot on your chromatogram. 
 
How to calculate Rf values 
Measure: 

 The distance from the pencil line to the solvent front 
 The distance from the pencil line to the middle of each spot 

Record these measurements in a table. 
 
To calculate the Rf value for each of the spots use the following equation: 
 
Rf value = distance moved by substance 
                      distance moved by solvent 
 
The value should always be between 0 and 1 and does not have any units. 

 

Glass Rod 

Chromatography Paper 

Unknown Substance 

Known Substances 

Pencil Line 

Water Solvent 



Triple and Trilogy GCSE Chemistry (AQA) – Topic 2: Bonding, Structure, and the Properties of Matter 

 

This knowledge organiser summarises key concepts you need to know about the Bonding, Structure, and the Properties of Matter topic including common misconceptions 
and their related truths. Remember: There is no substitute for in depth subject knowledge and this knowledge organiser is a summary. In your Chemistry exam you will 
need to apply this knowledge to different contexts and data provided. 

Ionic Bonding: 
When a metal atom reacts with a non-metal atom, electrons in the 
outer shell of the metal atom are transferred. Metal atoms lose 
electrons to become positively charged ions. Non-metal atoms 
gain electrons to become negatively charged ions. The ions 
produced by metals in Groups 1 and 2 and by non-metals in 
Groups 6 and 7 have the electronic structure of a noble gas (Group 
0). 
The electron transfer during the formation of an ionic compound 
can be represented by a dot and cross diagram, 
E.g. for sodium chloride. 

 
An ionic compound is a giant structure of ions. Ionic 
compounds are held together by strong electrostatic 
forces of attraction between oppositely charged ions. 
These forces act in all directions in the lattice and 
this is called ionic bonding. 
The structure of sodium chloride can be represented 
in the form pictured. 

Covalent Bonding: 
When non-metals bond together, they share electrons forming covalent 

bonds. 

A covalent bond is the electrostatic attraction between the positively 
charged nuclei of the bonded atoms and the electrons shared between 
them. 
Atoms only share electrons in their outer most shells. Atoms share electrons 
to gain a full outer most shell, by doing so they have the configuration of a 
noble gas which gives them stability. 
Simple covalent molecules are made up of a few atoms covalently bonded together. For example: H2, F2, H2O, CH4, 
CO2, NH3. 
Covalent dot and cross diagrams show which atoms the electrons have come from. 
A single covalent bond contains one shared pair of electrons. A double covalent bond contains four electrons (2 
shared pairs of electrons). 

Simple covalent molecules have low melting points and boiling points and are 
gases or liquids at room temperature. This is because there are only weak 
intermolecular forces of attraction between molecules which don’t need much 
energy to overcome.  

Metallic Bonding:  
Metals consist of giant structures of atoms arranged in a regular pattern. They are 
arranged in a lattice structure and have a sea of delocalised electrons. 
The electrons in the outer shell of metal atoms are delocalised and so are free to move 
through the whole structure. The metallic bond is the attraction between the positive 
ions and sea of delocalised electrons. 
The sharing of delocalised electrons gives rise to strong metallic bonds. The bonding in 
metals may be represented in the following form: 
 

Key Words: 
Covalent Bond – When a pair of electrons is shared between 2 atoms to form a chemical bond. 
Ionic Bond – The electrostatic attraction between a positive ion (cation) and a negative ion (anion). 
Metallic Bond – The electrostatic attraction between positive metal ions and a sea of delocalised 
electrons. 
Electrostatic Force – The force between something positive and negative. 
Dot and Cross Diagram – The diagram used to show the sharing or transferring of electrons in ionic and 
covalent bonds. 
Intermolecular Forces – The weak forces between molecules that can be overcome to change the state 
of a substance. 
Delocalised Electrons – Electrons that an atom has lost and now no longer belong to any particular 
atom. They have the ability to carry an electrical current. 
Alloy – a metal made by combining two or more metallic elements, especially to give greater strength 
or resistance to corrosion. 
Giant Covalent Structure – A structure with many (usually hundreds) of covalent bonds which require 
a lot of energy to break. 
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The Three States of Matter: 
The three states of matter are solid, liquid and gas. Melting and freezing take place at the melting 
point, boiling and condensing take place at the boiling point. The three states of matter can be 
represented by a simple model. In this model, particles are represented by small solid spheres. Particle 
theory can help to explain melting, boiling, freezing and condensing. The amount of energy needed to 
change state from solid to liquid and from liquid to gas depends on the strength of the forces between 
the particles of the substance. The nature of the particles involved depends on the type of bonding 
and the structure of the substance. The stronger the forces between the particles the higher the 
melting point and boiling point of the substance. 

Common Misconceptions: 
 

Misconception   Truth  

Particles in the solid state are 
stationary.  

Particles are always moving, and the particles in a 
solid state vibrate in a fixed position – but they are 
not stationary (unless at absolute zero, -273⁰C)  . 

All carbon compounds have the 
same properties as they are made 
from the same properties.  

Carbon compounds have different properties based 
on the structure and bonding of the carbon atoms in 
the structure – make sure you learn the properties of 
each and why the properties differ.   

Giant ionic structure have high 
melting points because the forces 
between the molecules are strong.   

Giant ionic structure have high melting points 
because there are strong electrostatic forces holding 
the oppositely charged ions together and a lot of 
energy is needed to overcome these. 

Ionic compounds always conduct 
electricity because they have ions. 

Ionic compounds only conduct electricity when 
molten or in solution as the ions are free to move so 
can carry an electric charge. 

Simple molecular structures have a 
low melting/boiling point because 
the covalent bonds in the molecules 
are weak. 

Simple molecular structures have a low 
melting/boiling point because the intermolecular 
forces between the molecules are weak so not much 
energy is needed to overcome these. 

Ionic bonding is when electrons are 
shared. 

Covalent bonding is when electrons are shared 
between atoms to form full, stable outer shells. Ionic 
bonding is when electrons are transferred from one 
atom to another to form positively and negatively 
charged ions. 

All liquid substances have the state 
symbol (l). 

If a substance in a pure substance, it will have the 
state symbol (l). However, if the substance is in 
aqueous solution (dissolved in water) its state 
symbol is (aq). 

Carbon is a black, rock-like solid. 

The appearance of carbon molecules is based on its 
structure. Carbon can be seen as a black solid or in 
other forms such as diamond, depending on how the 
carbon atoms are bonded. 

 

Solids: 
In a solid, particles are packed closely 

together and are not free to move about 

within the substance. 

However they can 

vibrate in their position 

when energy is provided. 

 Liquids: 
In a liquid, particles are touching other 

particles in the substance, and the particles 

are free to move over each 

other causing fluidity. 

Liquids have a fixed volume 

and a variable shape. 

Gases: 
In a gas, particles are not touching and are 
free to move. They have a variable shape 
and volume, and they 
expand to fill the space 
they are in.  

 State Symbols: 
In chemical 
equations, the state 
symbols show which 
state the reactants 
and products are in. 

Na(s) + H2O(l)  NaOH(aq) + H2(g) 

Properties of Ionic Compounds: 
Ionic compounds have regular structures (giant ionic 
lattices) in which there are strong electrostatic forces of 
attraction in all directions between oppositely charged 
ions. These compounds have high melting points and high 
boiling points because of the large amounts of energy 
needed to break the many strong bonds. When melted or 
dissolved in water, ionic compounds conduct electricity 
because the ions are free to move and so charge can flow. 
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Giant Covalent Structures: 
The bigger the molecule the more electrons there are, hence the greater the weak forces of 
attraction. Hence melting and boiling points increase as more energy is required to overcome the 
weak forces of attraction. 
In Giant covalent compounds, all the atoms are bonded via strong covalent bonds in a giant 
lattice structure. 
Giant covalent compounds have very high melting and boiling points because it takes a lot of 
energy to break the millions of strong covalent bonds. Polymers are also giant covalent 
structures.  

 
 

 
 

 
 
 

                         Diamond                                Fullerenes                     Graphite 

Graphite: 
Graphite contains layers of hexagons with each carbon having 3 bonds. The 
extra electrons become delocalised between the layers. 
Graphite can conduct electricity because the delocalised electrons can 
move and carry an electric current. 
Graphite’s layers of hexagons are held in place by weak forces of attraction, 
but no covalent bonds exist between the layers. 
Graphite has a high melting and boiling point because the covalent bonds 
within the layers require a lot of energy to break. 
Graphite is soft and slippery because the layers can slide. 

Graphene & Fullerenes: 
Graphene is one layer of graphite that is one atom thick.  
Graphene is strong, light and can conduct electricity because it 
contains delocalised electrons, and this makes it useful in 
electronics and composites.  
 
Fullerenes are cage like structures and tubes which also contain hexagonal rings.  
Fullerenes form incredibly thin cylinders with a high tensile strength. Can be used 
for drug delivery in the body, lubricants, catalysts (large surface to volume ratio) 
and in electronics.  

Diamond: 
Diamond is an example of a giant covalent molecule. 
In diamond, each carbon atom forms four covalent bonds 
with other carbon atoms in a giant covalent structure, so 
diamond is very hard, has a very high melting point and 
does not conduct electricity. 
 
It has a high melting point and is strong because a lot of 
energy is needed to break the strong covalent bonds. 
It does not conduct electricity because there are no 
delocalised electrons in the structure and therefore an 
electrical charge cannot be carried through it.  

Properties of Small Molecules: 
Substances that consist of small molecules are 
usually gases or liquids that have relatively low 
melting points and boiling points. 
 
These substances have only weak forces between 
the molecules (intermolecular forces). It is these 
intermolecular forces that are overcome, not the 
covalent bonds, when the substance melts or boils. 
 
The intermolecular forces increase with the size of 
the molecules, so larger molecules have higher 
melting and boiling points. 
 
These substances do not conduct electricity 
because the molecules do not have an overall 
electric charge. 

 
 

Uses of Nanoparticles - Triple Only: 
Nanotechnology is the use of tiny particles to 
improve the properties of materials. Nanoscience 
looks at particles with a size of 1-100nm. 
Nanoparticles have a far greater surface area to 
volume ratio. A larger surface area leads to a faster 
rate of reaction. 
Nano particles have many uses such as in medicine 
(see fullerenes), clothing, electronics and 
cosmetics. 
However, nanoparticles could cause damage to the 
lungs if breathed in, and they can also enter the 
bloodstream with unpredictable effects on our body 
cells. 

 
 
 
 

Properties of Metals & Alloys: 
Metals conduct electricity because the delocalised electrons are free to move and carry a charge. 
Metals have high melting and boiling points because it takes a lot of energy to break the strong 
metallic bonds. Metals are malleable and ductile because the layers of ions can slide over each 
other. 
Alloys are harder than pure metals because the different sized atoms 
distort the layers making it harder for them to slide.  
 

 



Triple and Trilogy GCSE Chemistry (AQA) – Topic 4: Chemical changes 
This knowledge organiser summarises key concepts you need to know about the Chemical changes topic including common misconceptions and their related 

truths. Remember: There is no substitute for in depth subject knowledge and this knowledge organiser is a summary. In your Chemistry exam you will need 

to apply this knowledge to different contexts and data provided.  

  

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Reactivity 
series 

Reaction 
with water 

Reaction with  

dilute acid 

Potassium Effervescence 
& potassium 
catches fire 

Explodes 

Sodium Effervescence Explodes 

Lithium Effervescence Explodes 

Calcium Effervescence Effervescence 

Magnesium Very slow Effervescence 

Aluminum Very slow Effervescence 

 

 

Zinc Very slow Effervescence 

Iron Very slow Effervescence 

Tin Slight reaction 
with steam 

Very slow in 
warm acid 

Lead Slight reaction 

with 

steam 

Very slow in 

warm acid 

 

 

 

Copper No reaction No reaction 

Silver No reaction No reaction 

gold No reaction No reaction 

platinum No reaction No reaction 

 
Aluminum contains a protective oxide layer which is one atom thick. 
It will not undergo the reactions in the table above unless the oxide 
layer is removed first. Hence aluminum can be used outdoors. 

Ionic equation for reaction of iron with 
copper sulfate (Higher only): 
 
Fe(s) + Cu2+(aq)  Fe2+(aq) + Cu(s) 

Oxidation is also the gain of oxygen. 

Reduction is removal of oxygen. 

Oxidation is defined as the loss of electrons. 

Reduction is gain of electrons.  

Remember OILRIG (Oxidation is loss, reduction is gain.) 

Ionic equations are turned into half equations to 
determine oxidation/reduction 

Fe(s) +  Cu2+(aq)   Fe2+(aq)  + Cu(s) 

 The two half equations for the reaction:  

Fe  Fe2+ + 2e- gain of e- reduction  

Cu2+ + 2e-  Cu loss of e- oxidation 

Another example of oxidation/reduction half 
equations:  

Zn(s) + Pb2+(aq)  Zn2+(aq) + Pb(s) 

 

Zn  Zn2+ +  2e- gain of e- reduction 

Pb2+ +  2e-  Pb  loss of e- oxidation 

 

Ionic equation for reaction of iron with copper 
sulfate (Higher only): 
Fe(s) + Cu2+(aq)  Fe2+(aq) + Cu(s) 

 

 Extraction using carbon 

Metals less reactive than carbon can be 
extracted from their ores by reduction 
using carbon, coke or charcoal.  

2PbO(s) + C(s)  2Pb(s) + CO2(g) 

Carbon has displaced lead from its oxide 
because carbon is more reactive than lead. 
This extraction takes place in a blast 
furnace at high temperature. 

The extraction of iron from its ore takes 
place in a blast furnace. Iron is removed 
from its oxide by reduction using carbon. 

2Fe2O3(s) + 3C(s)  4Fe(s) + 3CO2(g) 

Extraction of metals using hydrogen 

Metals less reactive than hydrogen can be extracted from their 
ores by reduction using hydrogen. 

Tungsten is obtained from its oxide by reduction using hydrogen. 

WO3(s) + 3H2(g)  W(s) + 3H2O(g) 

THE REACTIVITY OF THE 
METAL DETERMINES HOW 
IT IS EXTRACTED 

Metals that are more 
reactive than carbon cannot 
be extracted by reacting 
with carbon. These metals 
are extracted using 
Electrolysis. 

CARBON 

HYDROGEN 

The most unreactive metals are found in their native (pure) 
state. Gold, silver and platinum are extracted pure by mining. 

The reactivity of metals can be placed in order according to their 
reactions with water and acid. This is known as the reactivity series. 
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Misconception Truth 

The term salt 
refers only to table 
salt 

The term salt refers 
to all ionic 
compounds 

Oxidation and 
reduction refers to 
the loss and gain 
of oxygen   

The terms reduction 
and oxidation also 
can be explained in 
terms of electrons 
loss and gain, rather 
than just the removal 
or gain of oxygen. 

Electricity is the 
flow of electrons 
only 

During electrolysis 
the charged ions flow 
to the electrodes.  
Here the electrons 
then flow. 

Ions that are 
positive, have 
gained electrons  

No! When an atom 
gains electrons it 
becomes a negatively 
charged ion as 
electrons are 
ALWAYS negatively 
charged. 

Group 1 Metals react with water to produce an alkaline 
solution of the metal hydroxide and hydrogen gas is given off 

Metals react with acids to produce a salt and hydrogen. 

Observations when an alkali metal is added to water: 

• Metal dissolves/moves around Surface 
• Metal dissolves (becomes smaller) 
• Effervescence (fizzes) due to H2 gas 

• Squeaky pop with a lighted splint. 
• Alkaline solution produced (universal indicator changes 

colour from green to purple (as hydroxide produced) 

Observations when an acid reacts with a metal: 

• Effervescence (fizzes) due to H2 gas 
• Squeaky pop with a lighted splint. 

Displacement reactions: A more reactive metal will 
displace a less reactive metal from solution. 

Iron is more reactive than copper hence will displace 
copper from solution 

Fe(s) + CuSO4(aq)  FeSO4(aq) + Cu(s) 

Salts are made from neutralisation reactions of acids. 

• Acid + alkali  salt + water 

• Acid + metal  salt + hydrogen 

• Acid + metal oxide  salt + water 

• Acid + metal carbonate  salt + water + carbon dioxide 

Calcium carbonate reacts with hydrochloric acid to produce 
calcium chloride, water and carbon dioxide. The gas is 
collected over water using the apparatus above. 

 
CaCO3(s) + HCl(aq)  CaCl2(aq) + H2O(l) + CO2(g) 

Example of another neutralisation reaction:  

Cu(s) + H2SO4(aq)  CuSO4(aq) + H2(g) 

Separating soluble salts 

1) Evaporation 

2) Crystallisation 

 

Evaporation 

Pour solution into an evaporating basin 

Slowly heat until all the solvent has evaporated. 

Dry crystals will be left once all the solvent is evaporated. 

Separating insoluble salts 

Crystallisation 

Crystallisation 

• Pour solution into an evaporating basin 
• Heat the solution until you see crystals starting to form 
• Allow solution to cool 
• Filter the crystals 
• Allow the crystals to dry in air (or a desiccator or a 

drying oven. 

Metal  

Reactions 



 

 

 

 

 

 

 

 

 

 

 

Required practical -  Preparing a salt from an insoluble metal carbonate or oxide 

1. Measure 20 cm3 sulfuric acid into a measuring cylinder and pour it into beaker.  

2. Heat the acid gently using a Bunsen burner.  

3. Add small amounts of insoluble base in this case copper oxide in excess (until no more reacts thus no more effervescence is produced).  

4. Filter using filter paper and funnel the solution to remove the excess copper oxide.  

5. Pour the solution into the evaporating basin.  

6. Evaporate the solution using a water bath until crystals start to form.  

7. Leave the evaporating basin in a cool place for at least 24 hours.  

8. Gently pat the crystals dry between two pieces of filter paper. 


