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Principles of chemistry



States of matter



Solids
● Regular arrangement.

● Closely packed.

● Vibrate about fixed positions.

● Particles have strong forces of attraction so they cannot move.



Liquids

● The particles are touching but move past each other.

● The particles are arranged randomly.

●  The forces of attraction between particles are smaller.



Gases 
● The particles in a gas move randomly at high speed.

● The particles are much further apart.

● The forces of attraction are very weak.

● The particles have lots of kinetic energy.



Changes of State
When a substance is heated:

● The movement of its particles increases as they 
gain more kinetic energy.

● The particles are moving faster enough to 
overcome the forces of attraction between particles.

● The bonds between particles become weaker when 
a substance melts or evaporates, or sublimes to 
form a gas from a solid.

When a substance is cooled:

● the movement of its particles decreases as they 
lose kinetic energy.

● bonds between particles become stronger when a 
substance condenses or freezes.



Evaporation and condensation
Evaporation
● The particles in a liquid have different amounts of kinetic energy. 
● Some will have enough energy to overcome the forces of attraction and become a gas.
● Remaining particles have a lower average kinetic energy than before - liquid cools down 
● This is why sweating cools you down. 

Condensation
● The particles in a gas have different amounts of kinetic energy. 
● Some may not have enough energy to remain as separate particles and come close 

together forming bonds.
● Energy is released when this happens. (exothermic)
● This is why steam touching your skin can cause scalds: not only is the steam hot, but 

energy is released into your skin as the steam condenses.



Diffusion
Diffusion is the net movement of particles from an area of high concentration to a 
low concentration down a concentration gradient to gain uniformity. It is due to the 
random movement of particles and their collisions. 

Particles which are lighter travel faster so diffuse quicker.
Ammonia particles have a 
lower relative atomic mass 
so travel faster and so 
travel further in the same 
time.

Ammonium chloride is 
formed.



Dilution of coloured solutions
Eg potassium manganate (VII) in water

DIffusion is slower in liquids because the particles move more slowly than the 
particles in a gas. 

The particles of liquid are closer together so there is less space to move into 
without colliding with another.



The solubility of solids 
Solvent - The liquid that dissolves the solid.

Solute - The substance that dissolves.

Solution - The combination of solvent and solute.

Saturated solution - A solution which contains as much dissolved solid as 
possible at a particular temperature. There must be some undissolved solute 
present.

When a solution is made, the attractive forces between the particles of the solute 
are broken. New attractive forces are formed with the solvent.

Whether a solid is soluble depends on whether the new attractive forces are able 
to overcome the old ones.



Solubility
The mass of solute which must dissolve in 100g of solvent at that temperature to 
form a saturated solution.



Practical
1) Heat a boiling tube to just above 40℃.

2) Add an excess of solid to some water in a boiling tube and stir.

3) Measure the temperature of the saturated solution formed

4) Weigh an empty evaporating basin.

5) Pour some of the saturated solution into the evaporating basin. (not the solute)

6) Weigh the basin and contents.

7) Heat the evaporating basin to remove all of the water. Heat to a constant mass.

8) Weigh the evaporating basin and remaining solid.



Solubility curves
The solubility of solids changes with temperature and this can be plotted on a 
solubility curve.  

Most solids’ solubility increases with temperature. 

As a substance cools the solid which has been dissolved crystallises out of the 
solution.



Elements, compounds and liquids



Elements, compounds and mixtures
Elements - substances that cannot be chemically broken down into simpler 
substances and consists of atoms with the same number of protons.

Compounds - Two or more elements chemically bonded together.

Mixtures - Elements and or compounds not bonded together that can be separated 
by physical means.

 



Differences between mixtures and compounds
Proportion - In a mixture the proportion of elements can be anything whilst it is 
fixed in a compound.

Properties - In a mixture each element has its own properties. In a compound the 
properties are changed.

Ease of separation - Mixtures can be separated by physical means whilst 
separating compounds requires chemical reactions.



Melting and boiling point of mixtures
A pure substance boils at a fixed temperature but mixtures usually melt or boil 
over a range of temperature.

Impurities mean substances boil over a range of temperatures.

The presence of impurities lowers the melting point of a substance and raises its 
boiling point.

Melting and boiling points can be tested to determine whether a sample is pure.



Filtration
Filtration is used to separate an insoluble solid from a liquid. 



Crystallisation
Crystallisation is used to separate a solute from a solution. Eg sodium chloride

1) Transfer the salt solution into an evaporating dish and gently heat the solution 
to evaporate off some of the water until a saturated solution is formed.

2) This is called the crystallization point. This can be tested by dipping a glass 
rod into the solution. If crystals form on the glass rod when removed the 
solution is close to saturated and crystals will begin to form in the solution.

3) Transfer the solution into a crystallising dish and leave to cool and crystallize. 
4) The crystals can be filtered and dried using filter paper.



Making pure salt from rock salt
1) Crush the rock salt and mix with hot water. (the salt dissolves but the 

impurities will not).
2) Filter off the impurities.
3) Crystallise the salt solution to obtain solid salt.



Simple distillation
Used to separate a solvent and solute from a solution.

The water is always fed in the at the lower end. It fills the condenser better and the 
condenser will remain full of water if the water supply stops. A slower flow of water 
is needed.



Fractional distillation
Used to separate a mixture of liquids using 
boiling points. 

The column often has glass beads to increase 
the surface area in the column.

Both liquids boil but the water condenses in the 
column whilst the ethanol remains as a vapour.



Paper chromatography
Paper chromatography can be used to separate mixtures of coloured inks or food 
colourings.

● In this example there are a 
minimum of three dyes since 
different dyes may have travelled 
the same distance.

● To confirm this repeat with a 
different solvent.



Method 
1) Draw a pencil line across chromatography paper 1cm from bottom. (Do not 

use pen as it will separate).
2) Put spots along the line and allow them to dry.
3) Suspend the chromatography paper in a beaker with solvent so that the 

bottom of the paper goes it
4) Put a lid on the beaker so that the atmosphere is saturated with the solvent 

stopping evaporation of the solvent from the paper.
5) Draw a line at the highest level of the solvent (solvent front).
6) Leave the paper to dry so all the solvent evaporates.
7) You can use different solvents. If the dye does not move from the pencil line 

during the experiment then the dye is not soluble in the solvent.



Method 2 
The dyes will be different in two ways:

● The affinity they have with the paper.
● How soluble they are in the solvent.

The pattern you get is a chromatogram.

The solvent level should be below the spots to stop them dissolving in the solvent.



Paper chromatography in analysis
You can use paper chromatography to 
identify particular dyes in a mixture (m).

This mixture has spots corresponding to 
dyes d1, d3 and d4. 



Paper chromatography analysis 2
Instead of saying the spots move different distances we can use the retardation 
factor Rf. 

Rf = 

If the spots in the mixture have the same Rf value as the dyes then we conclude 
that the mixture contains these dyes.

Rf values depend on the solvent used and the type of paper.

When doing chromatography you should repeat with different solvents and see if 
the Rf still matches.



Atomic structure



Atomic Structure
All substances are made from atoms. 

Each atom is made of a nucleus containing protons and neutrons surrounded by 
electrons.

Atom - The smallest piece of an element that can still be recognised as that 
element.

Molecule - Two or more atoms chemically bonded together.



Atomic Structure

Charge = -1 
Relative mass = 0

Charge = 0
Relative mass = 1

Charge = +1
Relative mass = 1



Atomic structure 2
Atomic number - the number of protons in an atom’s nucleus. (same as number of 
electrons). 

Mass number - total number of protons and neutrons in the nucleus of the atom.

Number of neutrons = mass number - atomic number.

Mass number

Atomic number



Isotopes 
Isotopes are different forms of the same element which have the same number of 
protons but different numbers of neutrons.



Relative atomic mass and abundance of isotopes
Relative atomic mass or AMU - the average mass of an atom taking into account 
the amount of each isotope present in a naturally occurring sample of an element.

Eg Boron 19.9% of 10.013 and 80.1% of 11.009

(19.9% x 10.013) + (80.1% x 11.009) = 10.81 (relative atomic mass)

Eg Bromine has two isotopes 79Br and 81Br and its Ar= 80.04

79n + 81(100-n) = 8004

n = 48    

48% 79Br and 52% 81Br. 



Periodic Table



Periodic Table

1) The elements are arranged in order of atomic number.
2) The vertical columns are called groups.
3) The horizontal rows are call periods.



Electron arrangements
Electrons are arranged in shells around an atom’s nucleus.

The rules for the maximum number of electrons in the shells:

1st - 2 electrons

2nd - 8 electrons 

3rd - 8 electrons

Number of electrons = number of protons.

Elements in the same group in the Periodic Table have the same number of 
electrons in their outer shell.

The number of electrons in the outer shell is the same as the group number.

The period number gives the number of occupied shells.



Noble Gases
Noble gases or Group 0 elements are almost completely unreactive. 

This is because they have a full outer shell so there is no tendency to lose, gain or 
share electrons in a chemical reaction.



Metals and non-metals
The metals are on the left-hand side of the Periodic Table and the non-metals are 
on the right-hand side.

Metals conduct electricity and non-metals generally do not. 

Non-metals do not conduct electricity because there are no free electrons.

Metals generally form basic oxides whilst non-metals generally form acidic oxides.



Metals and non-metals 2
Metals

● Tend to have high melting and boiling points.
● Have relatively high densities.
● Are shiny
● Are malleable
● Are ductile
● Are good conductors of electricity and heat.
● Form ionic compounds
● Form positive ions in their compounds.



Metals and non-metals 3
Non-metals

● Tend to have low melting and boiling points.
● Tend to be brittle.
● Do not have the same type of shine as metals.
● Do not usually conduct electricity.
● Are poor conductors of heat.
● Form both ionic and covalent compounds.
● Tend to form negative ions in ionic compounds



Chemical formulae, equations and 
calculations



Relative formula mass Mr 
The average mass of an atom of an element taking into account the amount of 
each isotope present in a naturally occurring sample of an element.

Eg relative formula mass of magnesium carbonate, MgCO3 

C=12, O=16, Mg=24

24 +12+(3x16) = 84



Percentage by mass
Eg To find the percentage mass of oxygen in sodium carbonate, Na2CO3

Relative atomic masses: Na=23, C=12, O=16

Mr = (2x23) + 12 + (16x3) = 106

(48/106) x 100 = 45.3%



Moles
number of moles = mass ÷ relative molecular mass

 



Empirical and molecular formula
Empirical formula = the simplest whole number ratio of atoms in a compound.

1) Write the mass or % of each element. 
2) Find the moles of each element. (mass/relative atomic mass)
3) Find the ratio by dividing by the smallest result.

Eg a compound contains 1.27g of Cu and 0.16g of O. Calculate the empirical formula.

Molecular formula = the actual number of atoms of each element present in a molecule.



Converting empirical formulae into molecular 
formulae



Practical - formula of metal oxides by combustion

Heat to a constant 
mass.



Displacement 
reaction since 
hydrogen 
displaces copper 
from its 
compound.



Formula of water
The previous experiment can be modified.

The water vapour produced is collected and weighed as well.



Water of crystallisation

Heat to a constant mass.



Step by step method for any calculation
1) Write out the key information we know.
2) Calculate the number of moles of what we can.
3) Look at/write out the chemical equation to determine the ratio.
4) Convert the number of moles to what is required in the question.

             



Percentage yield
Percentage yield = actual yield/theoretical yield x 100



Molar Gas volume
1 mole of any gas occupies (24dm3) 24000cm3 - molar volume (cm3/mol) 

Volume = number of moles x molar volume



Concentration of acids
Concentration is the amount of a substance dissolved in a given volume of a 
solution.

concentration = moles/volume    mol/dm3

concentration = mass/volume     g/dm3

1dm3 = 1000cm3



Ionic bonding



Ions 
● Ions are charged particles, they can be a single atom or group of atoms.

● They are formed when atoms lose or gain electrons to gain a full outer shell.

● When metals form ions they lose electrons to form positive ions (cations).

● When nonmetals form ions they gain electrons to form negative ions (anions).



Periodic Table and charges
Group     

1

2

3

4

5

6

7

Charge     

1+

2+

3+

No rule

3-

2-

1-

Ions to learn:

Silver -  Ag+

Zinc -  Zn2+

Copper - Cu2+

Lead - Pb2+

Iron - Fe2+

Iron - Fe3+

Hydrogen - H+

Ammonium - NH4
+

Nitrate - NO3
-

Hydroxide - OH-

Carbonate - CO3
2-

Sulphate - SO4
2-



Dot and Cross diagrams



Deducing the formula of ionic compounds
Bonding with three ions:

Eg Alum (Potassium aluminium sulfate)

K+, Al3+ and SO4
2-

= KAl(SO4)2



Ionic Bonding
● Strong electrostatic force of attraction between positive and negatively 

charged ions formed by the transfer of electrons from one atom to another.

● Ionic compounds are formed when a non-metal and metal combine.

● All ionic compounds form giant ionic lattices of positive and negative ions.

● Lattices are a regular array of particles held together by strong electrostatic 
attractions between positive and negative ions.

● Ionic bonding occurs in every direction so there are no individual molecules.



Crystals of Sodium Chloride



Properties of Ionic compounds
High melting and boiling points

- A lot of energy is needed to break the many strong electrostatic forces of 
attraction between positive and negatively charged ions in the giant lattice.

Cannot conduct electricity when solid

- The ions are in a fixed position and are not free to move around.

Conduct electricity when in molten or aqueous solution 

- Ions are free to move around so charge can flow.



Properties of Ionic compounds 2
Ionic compounds tend to be crystalline 

- Due to the regular arrangement of ions in the lattice.

Soluble in water

- Because the water can interact with the ions.

Insoluble in organic solvents - cannot interact with ions.

Ionic crystals tend to be brittle

- Small distortions of a crystal will bring ions with the 
same charge alongside each-other. 

- Like charges repel so the crystal splits itself apart.



Why do different ionic compounds have higher 
melting points?

Because some ionic compounds have stronger forces of attraction as the charge 
on their ions is greater.

Eg Magnesium oxide vs Sodium Chloride

Magnesium oxide - 2+ ions are attracting to 2- ions.

Sodium chloride - 1+ ions are attracting to 1- ions.



Covalent bonding



Covalent Bonding
● A covalent bond is formed between atoms by the sharing of a pair of electrons 

to gain a full outer shell. 

● It is the electrostatic force of attraction between both positive nuclei and the 
negative shared electron pair.

● 8 minus number of electrons in outer shell = number of covalent bonds.

● Covalent bonds only occur between nonmetals.



Dot and cross diagrams

Hydrogen

Chlorine

Water

Ammonia

Methane

Ethane 



Double covalent bonds

Carbon dioxide                                               Ethene                                                    Oxygen



Weird bonding



Simple molecular structures
● Contain only a fixed number of atoms held together by strong covalent bonds. 

● Between molecules there are weak intermolecular forces holding them together.

Melting and boiling points: Low because not that much energy is required to overcome  
the weak intermolecular forces of attraction between molecules (not covalent bonds!)
● As relative atomic mass increases the intermolecular forces of attraction become 

stronger so boiling point becomes higher.

Electrical conductivity: Do not conduct electricity. This is because the molecules do not 
have an overall charge and have no free electrons.

Solubility - Tend to be insoluble in water but are often soluble in organic solvents.



Giant covalent structures
● Contain a lot of non-metal atoms, each joined to adjacent atoms by covalent 

bonds. 

● Atoms are arranged into giant lattices which are in three dimensions. 

● They are not molecules because the number of atoms joined up is completely 
variable and depends on the size of the crystal.



Diamond
● Each carbon forms four covalent bonds. 

● It has a tetrahedral arrangement.

● High melting a boiling point because there are a lot of strong covalent bonds, 
which require a lot of energy to be broken. 

● Does not conduct electricity as there are no free electrons.

● Insoluble in every solvent due to the strong covalent bonds between the 
carbon atoms which would need to be broken.

● Conducts heat very well as the strong bonds mean vibrations are quickly 
transmitted.

● Very hard due to the strong covalent bonds which need to be broken.



Graphite
● Has a layered structure. 

● Much softer than diamond - although it has strong 
covalent bonds in each layer there are weak forces of 
attraction between its layers which do not take that 
much energy to break. 

● Slippery - the layers slide over each other easily 
because there are only weak forces between them.

● High melting a boiling point - there are a lot of strong 
covalent bonds which require a lot of energy to be 
broken. 

● Conducts electricity - it has delocalised electrons that 
can move an carry charge as it only forms three 
covalent bonds.



C60 Fullerene
● Allotropes are different physical forms of the same 

element.

● It has a simple molecular structure.

● It has lower melting points and boiling points as 
only weak intermolecular forces of attraction must 
be broken not requiring that much energy.

● Not as hard as diamond for the same reason.

● Does not conduct electricity as although there is 
are free electrons as it only forms 3 bonds it can 
only move around within the molecule.



Electrolysis



Electrolysis keywords
● Electrolysis -  The decomposition of an ionic compound using electricity.

● Electrolyte - A liquid or solution that undergoes electrolysis.

● Electrodes - Pass electricity through the electrolyte. Carbon is used for 
electrodes because it conducts electricity and is chemically fairly inert 
(unreactive).

● Anode - The positive electrode.

● Cathode - The negative electrode.

● Anion - Negative ions attracted to the anode.

● Cation - Positive ions attracted to the cathode.

PANiC - positive anode negative cathode.



During Electrolysis

1) Positive ions (cations) move to the 
negative electrode (cathode). 

2) They receive electrons and form an 
element.

3) Negative ions (anions) move to the 
positive electrode (anode). 

4) They lose electrons and form an element.



Electrolysis of molten compounds (Lead Bromide)
PbBr2 is heated so the ions can move.

Pb2+ ions are attracted to the cathode where they gain electrons to form metallic 
lead.

Pb2+ + 2e- → Pb (reduction) Half equation

Br- ions are attracted to the anode where they lose electrons to form Bromine 
gas.

2Br- → Br2 + 2e- (oxidation) Half equation

Bromide ions and lead ions were discharged. (lost their charge)



Oxidation and reduction OILRIG
● Oxidation is loss of electrons (gain of oxygen).

● Reduction is gain of electrons (loss of oxygen).

● A redox reaction is when both occur.

● A reducing agent is a substance that reduces something else.

● An oxidising agent is a substance that oxidises something else.

In questions always define oxidation/reduction/redox before answering.



Electrolysis in aqueous solutions - Sodium Chloride
Water is a weak electrolyte. It ionises to give hydrogen ions and hydroxide ions.

H+, OH-

During electrolysis the Na+ ions and the H+ ions are attracted to the cathode. 
Hydrogen is less reactive so is discharged.

2H+ + 2e- → H2 (reduction)

The Cl- ions and OH- are attracted to the anode. Chlorine is a halide and is 
discharged.

2Cl- → Cl2 + 2e- (oxidation)

The remaining solution therefore is Sodium hydroxide.



Electrolysis of copper sulphate
During electrolysis the Cu2+ ions and H+ ions are attracted to the cathode. Copper 
is less reactive so is discharged.

Cu2+ + 2e- → Cu (reduction)

The SO4
2- ions and the OH- are attracted to the anode. Hydroxide is discharged.

4OH- → 2H2O + O2 + 4e- (oxidation)

The remaining is therefore H2SO4 (sulfuric acid)

The cathode is coated in copper and oxygen is released.



Rules of electrolysis in solutions
At the cathode 

- The least reactive product will be formed: hydrogen unless copper, silver or 
gold is present.

At the anode 

- Halides (group 7 will be discharged).
- After hydroxides.
- Finally any other ions.



Electrolysis in solutions steps
1) Work out the ions present.
2) Which ions are present at the cathode?
3) Which will be discharged?
4) Which ions are present at the anode?
5) Which will be discharged?
6) What is left?



Practical investigating electrolysis

The volume of chlorine is 
lower than expected 
because it dissolves in 
the solution.



Diatomic molecules
H - hydrogen = H2

O - oxygen = O2

N - nitrogen =N2

Cl - Chlorine =Cl2

Br - Bromine = Br2

I - Iodine = I2

F - Fluorine  = F2

The more bonds an atom can form the more 
energy is released and the more stable it 
becomes. 



Metallic bonding



Metallic Bonding

● When atoms of a metal bond they form a 
metallic structure.

● This a regular lattice of positive ions 
surrounded by a sea of delocalised 
electrons.

● A metallic bond is the electrostatic force of 
attraction between a lattice of positive ions 
and a sea of delocalised electrons.



Physical properties of Metals 1
● High Melting points - there are many strong electrostatic forces of attraction between the 

delocalised electrons and positively charged ions so lots of energy is needed to break them.

● Good conductors of electricity - they have a number of delocalised electrons which are 
free to move through the structure and carry charge.

● Good conductors of heat - they have delocalised electrons which can spread heat rapidly 
throughout the metal.

● Malleable (can be beaten into different shapes) - when a force is applied the layers of 
positive ions slide over each other with changing their bonds.

● For the same reason metals are ductile (can be drawn into a wire).



Physical properties 2
Melting points decrease down the group: Li - Na - K - Rb

● This is because the positive ions get larger so the attraction between them 
and the delocalised electrons is decreased since the distance is greater.

Melting points increase across the period: Na - Mg - Al

● This is because the charge on the ion increases and more electrons are 
delocalised so the attraction is strong.



Group 1 metals



A family of elements
They are in the same family because:

1) They have one electron in their outer shell.
2) They have similar chemical properties.



Reactions with water
All these metals react in the same way :

Metal + water → metal hydroxide + hydrogen

2Na + 2H2O → 2NaOH + H2



Reactions with water 2
Lithium 

● Bubbled.
● Moved around the surface
● Disappeared.
● UI indicator went green → blue.

Sodium 
● Bubbled vigorously as hydrogen is produced.
● Melts into a ball because its melting point is low and a lot of heat is produced.
● Moved around the surface as hydrogen under it moves it more quickly.
● Disappeared more quickly
● UI indicator went green → purple.

Potassium 
● Burnt with a lilac flame
● Moved around the surface quickest.
● Disappeared the quickest. 
● UI indicator went green → purple.



Reactions with air
When the metal is cut the surface appears shiny but tarnishes rapidly. This 
happens more rapidly down the group.

When heated:

● Lithium burns with red flame to form lithium oxide.
● Sodium burns with a yellow flame to form sodium oxide.
● Potassium burns with a lilac flame to form potassium oxide.

The equation is 

4M(s) + O2(g) → 2M2O(s)

The oxide is a white powder.



Explaining the increase in reactivity
In all the reactions X(s) →X+(aq) + e-

As you go down the group, the metals become more reactive.

This is because the atoms get larger as there are more shells. 

The electrostatic force of attraction between the positive nucleus and the outer 
electron is decreased meaning it is more easily lost.



Group 1 - physical properties 
● They are metals.
● They are soft and become softer down the group.
● They have low melting points for metals.
● Their densities tend to increase down the group.
● Melting points decrease down the group: Li- Na- K- Rb
● This is because the positive ions get larger so the electrostatic force of 

attraction between them and the delocalised electrons is decreased.

(stored under oil)

(compounds are usually white and dissolve in water to give colourless solutions.)



Predicting the properties of Francium

● Very soft.
● Very low melting point.
● Very high density.
● Will tarnish instantly in air.
● Will react very violently in water.



Group 7 - Halogens



Group 7 - Halogens

Element Colour Physical state at room temperature

Fluorine yellow Gas

Chlorine Pale green Gas

Bromine Red-brown  (orange 
vapour)

Liquid

Iodine Grey (purple vapour)Brown 
liquid.

Solid



Properties

● All are diatomic elements - covalently bonded.

● Melting and boiling points increase down the group because they are simple 
covalent molecules. Elements have a higher relative atomic mass so the 
intermolecular forces of attraction become stronger.

● Because the halogens are non-metals they are poor conductors of heat and 
electricity as they have no free electrons.

● Colour gets darker down the group.



Reactions of halogens - Hydrogen
They react rapidly to form hydrogen halides.

X2 + H2 → 2HX(g)

Eg Cl2 + H2 → 2HCl(g)

Hydrogen halides are all acidic, poisonous gases. They are very soluble in water 
to produce acidic solutions.

HCl(g) → HCl(aq) 



Alkaline metals
They react to form salts.

2Na(s)+ Cl2(g) → 2NaCl(s)

With aluminium:

2Al(s) + 3Br2(l) → 2AlBr3(s)



Displacement reactions
A more reactive halogen can displace the less reactive halogens from their 
compound.

2KBr(aq) + Cl2(aq) → 2KCl(aq) + Br2(aq)

Reactivity decreases down the group.

We know this reaction has taken place because Bromine liquid is a brown-orange 
colour.



Redox reactions
We can write ionic equations for reactions like this:

2KBr(aq) + Cl2(aq) → 2KCl(aq) + Br2(aq)

1) Write out the equation but separate the ions in the compounds.

Cl2(aq) + 2K+(aq) + 2Br-(aq) → 2K+(aq) + 2Cl-(aq) + Br2(aq) 

2) Eliminate spectator ions.

Cl2(aq) + 2Br-(aq) → 2Cl-(aq) + Br2(aq) 

Chlorine has gained an electron - reduction 

Bromine has lost electrons - oxidation



Explaining the trend in the reactivity of halogens
● When halogens react they form 1- ions by 

gaining an electron. 

● To react halogens they must gain an electron. 
This must be attracted in by the positive charge 
of the nucleus.

● As we go down the group the atomic radius 
increases and therefore this reduces the ability 
of the positive nucleus to attract an electron. 

● Hence the reactivity of halogens decreases 
down the group.



A family of elements
They are in the same family because:

1) They have seven electrons in their outer shell.
2) They have similar chemical properties.



Gases in the atmosphere



Composition of air
The approximate percentages by volume of the four most abundant gases present 
in unpolluted, dry air:

Gas Amount in air

nitrogen 78.1%

oxygen 21.0%

argon 0.9%

carbon dioxide 0.04%



Practical - using copper to investigate oxygen %

You must use an excess of copper to ensure 
all the oxygen reacts.



Practical - using the rusting of iron



Practical - using phosphorus



Combustion 
Magnesium: burns with an extremely bright white flame forming white magnesium 
oxide.

2Mg(s) + O2→2MgO(s)

Sulfur: Burns with a blue flame. Poisonous colourless sulfur dioxide gas is 
produced.

S(s) + O2 →SO2(g)

Hydrogen: burns in oxygen with a pale blue flame producing water.

2H2(g) + O2(g)  →2H2O(l)



Properties of oxides
Metal oxides:

● Ionic compounds containing O2- ions.
● Usually basic oxides.
● Usually insoluble in water.

Non-metal oxides:

● Usually covalent compounds.
● Usually acidic oxides.
● Often soluble in water.



Carbon dioxide
Carbon dioxide can be made in a lab with this experiment:

CaCO3(s) + 2HCl(aq) →CaCl2(aq) + CO2(g) + H2O(l)

Carbon dioxide can also be obtained by thermal decomposition.

CuCO3(s) →CuO(s) + CO2(g)

CaCO3(s) →CaO(s) + CO2(g)



Carbon dioxide and global warming

Carbon dioxide is a greenhouse gas.

Increasing amounts may contribute to 
climate change.

This could lead to the melting of polar 
ice caps, rising sea levels, and more 
extreme weather. 



Reactivity series



The reactivity series         Displacement reactions 
involving metal oxides          

The less reactive metal will be displaced 
by the more reactive metal.



Displacement reactions involving salt solutions
Salts used - sulfates, nitrates and chlorides.

Zn(s) + CuSO4(aq) → ZnSO4(aq) + Cu(s)

This can be written as: Zn(s) + Cu2+ + SO4
2- (aq) → Zn2+ + SO4

2-(aq) + Cu(s)

The SO4
2- is a spectator ion and removing this gives the ionic equation:

Zn(s) + Cu2+ (aq) → Zn2+(aq) + Cu(s)

The zinc is oxidised: Zn → Zn2++ 2e-

The copper is reduced: Cu2+ + 2e- → Cu



Reactions of metals with water
Metals above hydrogen in the reactivity series react with water or steam.

Cold water:

metal + water → metal hydroxide + hydrogen

Steam:

metal + steam → metal oxide + hydrogen

Reactions become less vigorous further down the reactivity series.



Reactions with water examples
Potassium, Sodium and Lithium in cold water:

2X(s) + 2H2O → 2XOH(aq) + H2(g)

Calcium: 2Ca(s) + 2H2O → Ca(OH)2(aq) + H2(g)

Magnesium does not react well in cold water because 
the magnesium becomes coated with insoluble 
magnesium hydroxide which prevents any more water 
coming into contact with the magnesium.



Metals with steam
Magnesium:Mg(s) + H2O(g) → MgO(s) + H2(g)

Zinc: Zn(s) + H2O(g) → ZnO(s) + H2(g)

Iron: 3Fe(s) + 4H2O(g) → Fe3O4(s) + 4H2(g)

Suck back must be avoided. If you stop heating 
while the delivery tube is under the water water 
is sucked back into the hot tube.



Reactions with group 1 metals
Lithium - Bubbled, moved around the surface, disappeared. UI indicator went 
green → purple.

Sodium - Bubbled vigorously, melts into a ball, moved around the surface, 
disappeared. UI indicator went green → purple.

Potassium - Burnt with a lilac flame, moved around the surface, disappeared. UI 
indicator went green → purple.

● Reactivity increases down the group - the outermost electron is further 
away from the nucleus meaning the attraction is reduced so it is easier to 
remove.

● Group 2 metals are less reactive - they have two electrons in their outer 
shells which must be lost to form an ionic compound instead of one. 



Reactions of metal with dilute acids
Metal + sulfuric acid → metal sulfate + hydrogen

Metal + hydrochloric acid → metal chloride + hydrogen

Metals below hydrogen do not react.

Magnesium reacts vigorously: Mg(s) + H2SO4 → MgSO4(aq) + H2(g)

Aluminium is slow to start reacting but after warming it reacts vigorously. This is 
because there is a very thin but strong layer of aluminium oxide preventing the 
acid from getting to it which is removed after heating.

2Al + 6HCl(aq)→ 2AlCl3(aq) + 3H2(g)



Determining position using water and acids
1) Add to cold water. If there is no reaction then the metal must be below 

magnesium.
2) Add to acid. If there is no reaction warm it.
3) If there is still no reaction it is probably below hydrogen.



Rusting of iron conditions
● Iron rusts in the presence of water and oxygen. (mild steel also rusts)

● Many metals corrode but iron is referred to as rusting.

● The formula of rust is Fe2O3.xH2O - hydrated iron(III) oxide.

● Salt water acts as a catalyst for the reaction.



Preventing rusting
Galvanising - Coating iron in a layer of zinc.

● It acts as a barrier to water and oxygen. 
● Even when scratched iron still doesn’t rust. 
● This is because zinc is more reactive so reacts more readily with the 

oxygen/water so the zinc corrodes.
● During the process the zinc loses electrons to form zinc ions. These electrons 

flow into the iron.
● Any iron atom which has lost electrons to form an ion instantly regains them.



Preventing rusting 2
Barrier method - Coating in oil or grease or painting. It is cheap but if it is 
scratched the iron will rust.

Sacrificial protection - Zinc, Magnesium or Aluminium blocks are attached to the 
hulls of ships. 

● These metals react more readily with oxygen and water and are corroded 
themselves preventing the iron from rusting.

● During the process the zinc loses electrons to form zinc ions. These electrons 
flow into the iron.

● Any iron atom which has lost electrons to form an ion instantly regains them.



Investigating the reactions with acid



Extraction and use of metals



Minerals and Ores
Most metals are found in the earth’s crust combined with other elements.

This compounds are called minerals.

An ore is a sample of a rock that contains enough of a mineral to be worth 
extracting.

Some unreactive metals such as gold are found native.



Extraction of metals
Gold:

● Gold is an unreactive metal. 
● It does not combine with other elements in the Earth’s crust.  
● So is found as uncombined metal.  
● Cost of recovery is low.

Iron: 
● Iron is a more reactive metal than gold and less reactive than aluminium.
● It is found combined with other elements.
● it is extracted by heating with carbon.  

Aluminium:
● Is a very reactive metal.
● Found combined with other elements..  
● it is extracted by electrolysis  because it is very difficult to reduce. 
● Electrolysis is a powerful method of reduction.
● Use of electricity makes this method expensive.



Roasting
Many ores can be easily converted into an oxide by heating with air in a process 
called roasting.

Eg Zinc

2ZnS + 3O2 → 2ZnO(s) + 2SO2

To obtain the metal from the oxide you have to remove the oxygen (reduce it).



Methods of extraction
How a metal is extracted depends on its position in the reactivity series.

There are two factors which need to be considered:

● The cost of energy.
● The cost of the reducing agent.



Metals below carbon
Cheapest to heat with carbon.

Extraction of iron: Fe2O3(s) + 3C(s) → 2Fe(l) + 3CO(g)

Usually this is carried out in a blast furnace and is more complex. The reducing 
agent is carbon monoxide.

Fe2O3(s) + 3CO(s) → 2Fe(l) + 3CO2(g)

The iron oxide is called hematite.



Metals above carbon
Extracted by electrolysis.

Aluminium is extracted via electrolysis of 
Al2O3 dissolved in cryolite, a molten salt.

At the cathode: Al3+ + 3e- → Al (reduction)

At the anode: 2O2- → O2 + 4e-  (oxidation)

This process requires a huge amount of 
electricity.

Cryolite reduces the operating 
temperature.



Alloys
● Alloys are a mixture of a metal with other metals or carbon.

● Brass is a mixture of copper and zinc. 

● Steel is a mixture of iron and copper.

● Alloys are harder than the individual pure metals from which they came.

● This because the different elements have different sized atoms. This breaks 
up the regular lattice arrangement and makes it difficult for the layers of ions 
to slide over each other.



Properties and uses of metals
Aluminium: 

● Low density.
● Strength (when alloyed)
● Conducts electricity and heat.
● Resists corrosion (because it has a layer of aluminium oxide on top which 

prevents anything from reaching the surface and reacting with it.)

 Used in planes, electricity cables, pots.



Properties and uses of metals 2
Mild Steel - an alloy of iron and carbon (up to 0.25%).

● The small amount of carbon increases the hardness and strength of iron. 
● It is a strong material that is malleable and ductile. 
● It rusts easily.
● Used for nails, shipbuilding and girders.

High carbon steel - an alloy of iron and carbon (0.6-1.2%)

● Very hard but more brittle (not as malleable or ductile).
● Used for cutting tools.



Properties and uses of metals 3
Stainless steel - an alloy of iron with chromium and often nickel.

● Chromium forms a strong oxide layer protecting the iron.
● It is very resistant to corrosion.
● Used for kitchen sinks, saucepans, knives and forks.

Copper is used for:

● Electrical wires as it is a very good conductor of electricity and is ductile.
● Pots/pans as it is a very good conductor of heat, very unreactive and malleable.
● Water pipes as it is unreactive and malleable.



Acids, alkalis and titrations



Acids
● An acid is a substance that when dissolved in water is a source of H+ ions.

● It is a proton donor.

● The presence of H+ ions is what makes a solution acidic.

● For example Hydrogen chloride is not an acid when dissolved in an organic 
solvent as there are no H+ ions.

When dissolved in water hydrochloric acid is formed:

HCl(g) ➝ H+(aq) + Cl-(aq)

● The ions have dissociated.

aq



Terms to describe acids
Concentrated: 

Lots of H+ ions in a volume.

Dilute:

Fewer H+ ions in a volume.

Strong: 

When dissolved all the compound forms ions - all ions are completely dissociated.

Weak:

When dissolved only partially dissociate ions.



The pH scale



Universal indicator
Universal indicator is a mixture of indicators which is used to measure pH.



Acid-Alkali Indicators
Indicators are compounds that change colour when added to solutions with 
different pH values.

Litmus indicator goes red in acid and blue in alkali.

UI indicator Methyl Orange Phenolphthalein Blue Litmus Red Litmus

Weak Acid Yellow Red Colourless Red Red

Strong acid Red Red Colourless Red Red

Weak Alkali Blue Yellow Pink Blue Blue

Strong Alkali Purple Yellow Pink Blue Blue

Neutral Green Yellow Colourless Blue Red



Bases and Alkalis
● Bases as substances that neutralise acids by combining the H+ ions in them 

to produce water.

● Alkalis are bases that are soluble in water. 

● An alkali is a substance that when dissolved in water is a source of OH- ions.

● A base is a proton acceptor.

NaOH(g) ➝ Na+(aq) + OH-(aq)



Reaction of metals with acid
Metal + acid → hydrogen + salt

Metal + hydrochloric acid → metal chloride + hydrogen

Metals below hydrogen do not react.

The higher the metal is in the reactivity series, the more vigorous the reaction is.



Magnesium and acid
Magnesium reacts vigorously: Mg(s) + 2HCl(aq) → MgCl2(aq) + H2(g)
● There is rapid effervescent
● A colourless gas that burns with a squeaky pop is produced.
● The reaction mixture becomes very warm and the magnesium disappears.
● This is a displacement reaction as the more reactive magnesium has 

displaced the less reactive hydrogen.
Ionic equation:
Mg(s) + 2H+(aq) + 2Cl-(aq)→ Mg2+(aq) + 2Cl-(aq) + H2(g)
Mg(s) + 2H+(aq) → Mg2+(aq) + H2(g)



Reaction of metal carbonates with acid
Metal carbonate + acid → carbon dioxide + salt + water

CuCO3(s) + H2SO4(aq) → CO2(g) + CuSO4(aq) + H2O(l)

CaCO3(s) + 2HCl(aq) → CO2(g) + CaCl2(aq) + H2O(l)

Ionic equation:

Cu2+ + CO3
2- + 2H+ + SO4

2- → CO2+ Cu2+ + SO4
2- + H2O

CO3
2- + 2H+ → CO2+ H2O



Reaction of metal hydroxide with acid
Metal hydroxide + acid → salt + water

NaOH(aq) + HCl(aq) → NaCl(aq) + H2O(l)

All the reactions mentioned are neutralisation reactions.

UI indicator would go green.

Ionic equation: 

Na+(aq) + OH-(aq) + H+(aq) + Cl-(aq)→ Na+(aq) + Cl-(aq) + H2O(l)

OH-(aq) + H+(aq) → H2O(l)



Metal oxides and water
Some metal oxides are soluble in water and react with it to form solutions of metal 
hydroxides.



Metal carbonates and water
Na2CO3(s) + H2O ⇌ NaOH(aq) + NaHCO3(aq)



Concentration of acids
Concentration is the amount of a substance dissolved in a given volume of a 
solution.

concentration = moles/volume    mol/dm3

concentration = mass/volume     g/dm3

1dm3 = 1000cm3



Conversions 
Moles to mass

What is the concentration of 0.050mol/dm3 solution of sodium carbonate in g/dm3? 

1) Calculate relative atomic mass of substance

Na2CO3 = 23+23+12+16+16+16 = 106

2) Use the equation: mass = relative atomic mass x moles

106 x 0.050 = 5.3g 

∴ The concentration is 5.3g/dm3

Converting mass to moles do the reverse - mass/relative atomic mass



Step by step method for any calculation
1) Write out the key information we know.
2) Convert to dm3 or cm3 depending on the question.
3) Calculate the number of moles of what we can.
4) Look at/write out the chemical equation to determine the ratio.
5) Convert the number of moles to what is required in the question.

             



Titration question
27.5 cm3 of 0.2 mol/dm3 hydrochloric acid is needed to titrate 25.0 cm3 of 
sodium hydroxide solution. What is the concentration of the sodium hydroxide 
solution?
1) Convert to dm3 or cm3 depending on the question.
27.5 cm3 = 0.0275dm3 and 25cm3 = 0.025dm3

2) Calculate the number of moles of what we can.
Hydrochloric acid moles: 0.2 x 0.0275 = 0.0055mol
3) Look at/write out the chemical equation to determine the ratio.
HCl + NaOH → NaCl + H20
∴ ratio = 1:1
4) Convert the number of moles to what is required in the question.
0.0055/0.025 = 0.22mol/dm3



Titrations
● Titrations are used to determine the 

concentration of a particular solution by 
measuring how much of a solution of 
known concentration reacts with a known 
volume of it.

● Titrations are used in real life to determine 
unknown concentrations of chemical of 
interest in blood urine.

● A rough titration is done first and then a 
dropwise one is done.

● UI indicator is not used because it has a 
range of colours and changes gradually 
between them so the endpoint would be 
unclear.



Recording results
● A titre is the difference between the first reading and the reading at the end.

● Titrations are repeated until concordant data is collected (measurements 
within 0.2cm3) to remove anomalies and make the results more reliable as 
there is a smaller range.

● Getting titrations of 25cm3 is more accurate than 2.5cm3 because the 
percentage error is much lower.



Acids, bases and salt preparations



Solubility rules
Soluble compounds Insoluble compounds

All nitrates None

All compounds containing a Group 1 metal None

All ammonium salts None

Most sulfates Calcium sulfate, barium sulfate, silver sulfate, 
lead(II) sulfate

Most chlorides, bromides and iodides Silver halides 
lead(II) halides

Calcium hydroxide Most oxides, hydroxides and carbonates



Making soluble salts from an insoluble base
You can use any of the following reactions:

Acid + metal (only for moderately reactive metals from magnesium to iron)

Acid + metal oxide or hydroxide (produces water)

Acid + carbonate 

These methods do not work for sodium, potassium and ammonium salts.



Making Copper(II) Sulphate crystals
1) Measure out 25cm3 of sulphuric acid into a beaker and warm it to speed up 

the reaction. (Using a water bath)
2) Add excess copper(II) oxide to ensure all the acid reacts and stir the mixture.
3) Filter off the unreacted base using filter paper and a funnel and allow the 

filtrate (salt solution) to pass into a conical flask.
4) Transfer the salt solution into an evaporating dish and gently heat the solution 

to evaporate off some of the water. 
5) This is called the crystallization point. This can be tested by dipping a glass 

rod into the solution. If crystals form on the glass rod when removed the 
solution is close to saturated and crystals will begin to form in the solution.

6) Transfer the solution into a crystallising dish and leave to cool and crystallize. 
7) Wash with deionised water.
8) The crystals can be filtered and dried using filter paper.



Crystallisation
One should not evaporate the solution to dryness by boiling rather than 
crystallising the solution slowly.

Evaporating to dryness would produce a white powder of anhydrous copper(II) 
sulphate) rather than hydrated crystals.

When salts form their crystals water from the solution becomes chemically bound 
with the salt. This is called water of crystallisation.

Eg CuSO4(aq) + 5H2O(l) → CuSO4.5H2O(s)

Carbonates and magnesium react with dilute acids in the cold but most other 
reactions need to be heated.



Making soluble salts from a soluble base
If you tried to use the method above any excess would dissolve in the water 
present and couldn’t be filtered.

Acid + Alkali → Salt + Water

For soluble bases a titration method is required.



Method - titration
1) Using a pipette, put 25cm3 of the alkali into a conical flask.
2) Add a few drops of indicator to the flask.
3) Fill up the burette with the acid and record the initial reading.
4) Add the acid into the flask until the indicator changes colour (end point).
5) Note the final reading on the burette to obtain the titre.
6) Repeat the process until you obtain concordant results.
7) Take an average of your concordant results to give the volume of acid 

required to neutralise the alkali.
8) Repeat titration without an indicator to obtain a pure solution of the salt.
9) Pour the solution into an evaporation basin, heat to evaporate some water, 

until a saturated solution is formed.
10) As the solution cools crystals will form, when cool filter..
11) Dry the crystals between sheets of filter paper.



Method steps explained 1
Question Explanation

Why is a pipette used? ● To given an accurate measurement of the volume.
● The pipette should be washed before use with distilled water and the substance to 

be measured.
● Distilled water removes chemicals which may contaminate the titration. 
● The substance removes the water which changes the concentration.

Why is it important to pick an 
appropriate indicator?

● To accurately identify the point of neutralisation.
● UI indicator is not used because it has a range of colours and changes gradually 

between them meaning there wouldn’t be a clear endpoint.

Why is a burette used? ● Because it finer graduations than a measuring cylinder, provides more accurate 
readings and it is easier to control the volume. Does not need refilling.

How do you make sure it is 
used accurately?

● Ensure there is no bubble in the jet.
● Measure from the bottom of the meniscus.
● Rinse before using.
● Ensure it is vertical.



Method steps explained 2
Question Explanation

Why is it important to not 
exceed the end point?

● Because the point of neutralisation would be passed so the salt 
would not be pure. 

● The acid will also become more concentrated when heated.

How many decimal places 
should the burette be read 
to?

● 2 decimal places 0/5.

Why do we repeat? ● To obtain an average eliminating anomalies.
● When the titration is repeated the conical flask is washed with 

distilled water but doesn’t need drying because the water does not 
affect the number of moles present.

Why must we remove the 
indicator when repeating?

● The indicator contaminates the salt making it impure.

Why must we wait for it to 
cool down?

● The yield will be lower if warm because the crystals will still be 
dissolved.



Making insoluble salts from two soluble reactants
An insoluble salt can be made by a precipitation reaction.

A precipitation reaction occurs when two solutions of soluble salts from an 
insoluble salt and a solution of a soluble one.

Solution A + Solution B → Insoluble Salt + Solution C

A precipitate is an insoluble ionic compound.



Explaining the reaction 
AgNO3(aq) + NaCl(aq) →  AgCl(s) + NaNO3(aq)

1) Silver nitrate and sodium solutions have ions which are attracted to each other.
2) However the attractions aren't strong enough to make them stick together.
3) When the solutions are mixed the ions meet each other. 
4) The silver and chloride ions attract each other and form a solid
5) The sodium and nitrate ions, which are spectator ions, remain in solution 

because they are not sufficiently attracted.



What do we mix together to make insoluble salts?
Useful rules: 

1) All nitrates are soluble.
2) All sodium and potassium salts are soluble.

Eg make lead(II) iodide:

lead(II) nitrate(aq) + sodium iodide(aq) → sodium nitrate(aq) + lead(II) iodide(s)



Making a pure, dry sample of Lead(II) Sulphate
sodium sulphate(aq) + lead(II) nitrate(aq) → lead(II) sulphate(s) + sodium nitrate(aq)

1) Mix 25cm3 of a solution of lead(II) nitrate with 25cm3 of a solution of sodium 
sulphate. The amounts don’t matter because the excess will be removed.

2) A white precipitate of lead(II) sulphate will form.
3) Filter the precipitate. Excesses will pass through into the conical flask.
4) Wash the precipitate on the filter paper using distilled water as it is 

contaminated with solutions of sodium nitrate and the reactant in excess. 
5) Dry the solid precipitate in an oven.



Predicting the precipitate
Sodium carbonate + zinc sulphate → sodium sulphate + zinc carbonate

Refer to solubility rules:

1) All compounds containing a Group 1 metal are soluble.
2) Most oxides, hydroxides and carbonates are insoluble.

∴ zinc carbonate is the precipitate.



Summarising the methods for making salts



Chemical tests



Tests for Gases
Hydrogen: A lighted splint - hydrogen explodes with a squeaky pop. 

The hydrogen combines explosively to make water. 2H2(g) + O2(g) → 2H2O(l)

Oxygen: Relights a glowing splint.  

Carbon dioxide: Bubbled through limewater. Limewater turns cloudy. 

Limewater is calcium hydroxide solution. Carbon dioxide reacts with it to form a 
white precipitate of calcium carbonate. Ca(OH)2 + CO2(g) → CaCO3(s) + H2O(l)

Ammonia: Red litmus paper turns blue.

Chlorine: Bleaches red litmus paper. If blue litmus paper is used it goes red first 
and the white. When added to a solution of potassium iodide the resulting product 
is a black precipitate.



Flame Test Method

Flame tests are used to show the presence of metal ions (cations) in a compound.

1) A platinum wire is dipped in concentrated acid to remove any substance that 
may affect the colour.

2) The wire is dipped into the salt to be tested.
3) The wire is held in the non-luminous bunsen flame.
4) The colour is observed.
Platinum is inert and has a high melting point. 
A luminous flame would make it difficult to see the colours and would not be hot 
enough.



Flame Tests

Li+: red

Na+: yellow

K+: lilac

Ca2+: orange-red

Cu2+: blue-green



Testing for cations using sodium hydroxide solution
Most metal hydroxides (other than sodium, potassium and ammonium) are 
insoluble. 
This means that if you add a metal to sodium hydroxide you obtain a precipitate of 
the metal hydroxide.

Cu2+: Blue precipitate (any copper salt will react in the same way)
Cu2+(aq)+ 2OH-(aq) → Cu(OH)2(s)
Fe2+: green precipitate
Fe2+(aq) + 2OH-(aq) → Fe(OH)2(s)
Fe3+: orange-brown precipitate
Fe3+(aq) + 3OH-(aq) → Fe(OH)3(s)



Ammonium ions
Sodium hydroxide reacts with ammonium salts to produce ammonia gas.

After heating in bunsen enough ammonia is produced to turn damp red litmus 
paper blue. (water is needed to form OH- ions.

NH4
+(aq) + OH-(aq) → NH3(g) + H2O(l)

NH4Cl(s) + NaOH(aq) → NaCl(aq) + NH3(g) + H2O(l)



Tests for anions 
CO3

2-: Add dilute hydrochloric acid 

Bubbling - CO2 gas given off which turns limewater cloudy.

SO4
2-: Add dilute hydrochloric acid followed by BaCl2.

White precipitate of barium sulfate.

The acid reacts with and removes any other anions which may be present as they 
may produce white precipitates. Acidify + impurities remain soluble.

Ba2+(aq) + SO4
2-(aq) → BaSO4(s)

Dissolve in water first!



Tests for chlorides, bromides and iodides

Add nitric acid followed by silver nitrate solution. 

Cl-: A white precipitate of silver chloride.

Ag+(aq) + Cl-(aq) → AgCl(s)

Br-: A cream precipitate of silver bromide.

Ag+(aq) + Br-(aq) → AgBr(s)

I-: A yellow precipitate of silver iodide.

Ag+(aq) + l-(aq) → AgI(s)



Tests for water
Chemical tests:

Water turns anhydrous copper(II) sulfate blue as it replaces the water of 
crystallisation. 

CuSO4(s) + 5H2O(l) → CuSO45H2O(s)

Cobalt chloride paper turns from blue to pink.

Physical test to show that water is pure:

Pure water freezes at 0℃ and boils at 100℃ .



Energetics



Exothermic reactions
There are two stages in a reaction:

1) The bonds in the reactants are broken, requiring energy to be absorbed.

2) The bonds in the products are formed, releasing heat energy to the 
surroundings.

The balance between bond making and breaking determines whether the overall 
change in energy is positive (more energy is absorbed breaking bonds than is 
released making them) or negative (more energy is released making bonds than is 
absorbed breaking bonds). 

A reaction that gives out heat to the surroundings is said to be exothermic. 

The products of the reaction have less chemical energy than the reactants. 

The temperature of the reaction mixture and its surroundings goes up.



Combustion reactions and metal reaction with acids
Any reaction than produces a flame is exothermic. 

Burning things produces heat energy.

Eg:

2H2(g) + O2 → 2H2O(l)

With acid:

Mg(s) + H2SO4(aq) → MgSO4(aq) + H2(g)



Displacement and neutralisation reactions
Eg:

NaOH(aq) + HCl(aq) → NaCl(aq) + H2O(l)

2Al(s) + Fe2O3(s) → 2Fe(l) + Al2O3(s0



Specific heat capacity
The amount of energy required to raise the temperature of 1 gram of a substance 
by 1℃. 

Heat energy change = mass x specific heat capacity x temperature change.

Q = mxcx𝚫T.

The specific heat capacity of water is 4.18J/g/℃.



Enthalpy Change of a reaction
The enthalpy change, 𝚫H is the amount of heat energy taken in or given out in a 
chemical reaction. 

In an exothermic reaction it will be negative as the reactants are losing energy as 
heat.

In an endothermic reaction it will be positive as the reactants are gaining energy.

It is measured in kJ/mol



Energy Level diagram
In an exothermic reaction the products 
have less energy than the reactants so are 
more stable.

In an endothermic reaction the products 
have more energy than the reactants so 
are less stable.



Endothermic reactions
A reaction that absorbs heat from the surroundings is endothermic. 

Products have more energy than the reactants. 

This means for the reaction to take place energy needs to be absorbed from the 
surrounds. 

This heat energy is converted to chemical energy.

The temperature of the reaction mixture drops.



Calorimetry experiments 
Measure initial temperature of aqueous solution.

Add reactants together.

Measure final temperature.



Calorimetry calculations
Note: 100cm3 of water is the same as 100g.

In order to calculate the enthalpy change per mole this equation is used.

𝚫H = 

The unit is kJ/mol.

The negative sign is used for exothermic reactions and the positive sign for 
endothermic reactions.



Calorimetry calculation steps
1) Calculate energy change using Q = mxcx𝚫T.
2) Calculate moles of limiting the reagent.
3) Calculate enthalpy change per mole.
4) Add a positive or negative sign. 



Calorimetry calculation example
In an experiment, 0.60g of propane (C3H8) was completely burned in air. The heat 
evolved raised the temperature of 100g of water by 64.9℃. Use this data to 
calculate the enthalpy of combustion of propane. 

1) 4.18 x 100 x 64.9 = 27128.2J
2) 0.6/44 = 0.0136mol
3)                       
4) = -19.89kJ/mol



Evaluation of experimental results for combustion
Results are very inaccurate because not only the energy is transferred to the 
solution. 

Heat loss occurs to the air, the copper can etc.

Another source of error is the incomplete combustion of alcohol which releases 
less heat energy. 

Evaporation.

Draughts.

A bomb calorimeter can be used to obtain more accurate results.



Enthalpy Changes of reaction using bond energies
A bond enthalpy is the amount of energy it takes to break 1 mole of a particular 
covalent bond in the gaseous state.

Bond enthalpies are only averages and will be influenced by neighbouring bonds. 
As the bond enthalpies are for gases, they are not always a true reflection of all 
the processes taking place.



Bond enthalpy calculations
1) Write a balanced chemical equation. 
2) Give the displayed formula for all the molecules involved.
3) Work out the bonds broken and calculate using bond enthalpies.
4) Work out bonds made and calculate the bond enthalpy.
5) Work out the enthalpy change by adding 3) and 4). 

If your balanced equation was not for one mole of reactants you may need to 
divide by the moles in the experiment.



Practical - combustion reactions



Practical - displacement reactions



Practical - dissolving



Practical - neutralisation



Rates of reaction



Rate of reaction
Rate of reaction is the speed at which the amount of reactants decreases or the 
amount of products increases. 

Rate of reaction = change in concentration, volume or mass
Time

Rate of reaction = 1/time



Investigating the effect of surface area on rate of 
reaction - Hydrochloric acid and marble chips

1) Place a conical flask on a balance.
2) Put 10g of CaCO3 into the conical flask.
3) Add 30cm3 of HCl using a measuring cylinder and put a piece of cotton wool 

in the top of the conical flask to stop it escaping.
4) Record the original mass of the flask and its contents at time 0s.
5) Start the timer and record the mass of the flask every 20 seconds
6) Calculate the loss in mass by doing the original mass - mass at the time.
7) This is the amount of CO2 produced. Plot this against time.



Analysis
CaCO3(s) + 2HCl(aq) → CaCl2(aq) + H2O(l) + CO2(g)

We can tell the reaction is faster as the gradient is 
steeper and it plateaus sooner.

Collision Theory - If the substance has a higher 
surface area in contact with the reactant there will be 
more frequent successful collisions so the rate of 
reaction will be faster.

If the acid is in excess - The reaction is more rapid at 
the start but as the acid is used up there are less 
frequent successful collisions so the rate of reaction 
slows.



Investigating effect of concentration on reaction rate
This is experiment can be done using marble chips or magnesium ribbon. 

1) Select 5cm of magnesium ribbon using a ruler.
2) Measure 20cm3 of 1M sulphuric acid and place it in a conical flask.
3) Add the magnesium, connect the gas syringe and start the stop clock.
4) Record how long it takes for 30cm3 of gas to be produced. 
5) Repeat with different concentrations.



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

Collision Theory - Increasing the concentration 
means that in a given volume there will be more 
acid particles meaning that the particles are closer 
together so there are more frequent successful 
collisions.



Investigating effect of temperature on rate of reaction
Again the experiment can be done with marble chips.

1) Add 10cm3 of sodium thiosulfate and 40cm3 of water to a conical flask.
2) Heat the conical flask to the required temperature.
3) Put the conical flask over a piece of paper with a cross on it. 
4) Add 5cm3 of hydrochloric acid, start the clock and swirl the solutions. Take an 

initial temperature reading. 
5) Measure how long it takes for the cross to disappear looking down from 

above.
6) Record the temperature at the end and take an average.
7) Repeat for a range of temperatures.
8) Plot a graph of average temperature against rate.



Analysis
Na2S2O3 + 2HCl → 2NaCl + S + SO2 + H2O

Increasing the temperature will increase the 
rate of reaction for two reasons. The particles 
have more kinetic energy and so in a given 
time there will be more frequent successful 
collisions. 

As the particles have more energy a greater 
proportion of them will have the required 
activation energy. This results in more 
frequent successful collisions.



Limitations
● Temperature is not constant as it cools during the reaction. 
● Not exact reading of when it has gone opaque. 
● At higher temperature - human error determining end point due to reaction 

speed can occur is the reaction is very quick.
● The percentage error is much greater and heat loss at high temperatures is 

more rapid.
● Limited range of temperatures.

Solutions:
● If needed repeat + average
● Higher range of values
● Light meter
● Water bath 
● Insulated beakers



Catalysts
Substances that speed up chemical reactions 
but are chemically unchanged. They are not 
used up and do not alter the products of the 
reaction. It is unchanged in mass at the end of 
the reaction.

Enzymes are biological catalysts.

Catalysts provide an alternative route for the 
reaction which has a lower activation energy. 

To demonstrate something is a catalyst not a 
reactant - filter and weigh - mass unchanged.



Hydrogen peroxide

1) Put hydrogen peroxide in conical 
flask.

2) Add manganese(IV) oxide and replace 
the bung.

3) Swirl the mixture.
4) Record the volume of oxygen 

produced every 20 seconds. 
5) Plot a graph of volume versus time.
6) 2H2O2 →2H2O + O2



Catalytic converters
Catalytic converters uses metals such as platinum.

They have a honeycomb structure.

This means there is a large surface area for converting toxic gases.



Reversible reactions



Reversible reactions
A reaction in which the products can react with each other and go back to form 
reactants.

It is indicated by ⇌ in equations.



Dehydration of Copper(II) Sulfate crystals
1) If you heat the crystals gently, the water will be driven on leaving a white 

powder. 
2) They lose their water of crystallisation and anhydrous copper(II) sulfate is 

formed.
3) If you add water to the white solid it turns blue again and becomes very warm.

The original change has been reversed:

hydrated copper(II) sulfate ⇌ anhydrous copper(II) sulfate + water

CuSO4.5H2O(s) ⇌ CuSO4(s) + 5H2O(l)



Heating ammonium chloride - thermal decomposition
1) The white solid breaks down when heated forming ammonia and hydrogen 

chloride which are colourless gases.
2) When these two gases cool enough they react together to form ammonium 

chloride again.
3) The white crystals disappear at the bottom of a test tube and reappear further 

up.

 Ammonium chloride ⇌ ammonia + hydrogen chloride

NH4Cl(s) ⇌ NH3(g) + HCl(g)  

The forward reaction is the one that goes to the right.

The backward reaction is the one that goes to the left.



Reversible reactions in a sealed container
A sealed container means that no substances are added to the reaction mixture 
and no substances escape from it.

For example:

CaCO3(s)  ⇌ CaO(s) + CO2(g)

If the reaction was not done in a closed container all the CO2 would escape and 
the reverse reaction would not occur.

When a reversible reaction occurs within a sealed container it can achieve 
dynamic equilibrium.



Dynamic equilibrium
At dynamic equilibrium:

● The forward and backward reactions are still happening.
● The forward and backward reactions occur at the same rate.
● The concentration of the reactants and products remain constant although 

they do not have to be the same (they are just not changing).



Dynamic equilibrium graph

Signs that equilibrium has been reached:
● Colour does not change.
● Density does not change.
● No change in physical and macroscopic properties.



Position of equilibrium
Consider the reaction:
A ⇌ 2B
If we let this reaction reach dynamic equilibrium then measure the amount of each substance 
we might find that we have:
A   ⇌   2B
90%   10%
Because there is more A than B present at equilibrium the position of the equilibrium lies to 
the left.
If we alter the conditions the reaction we may find there is:
A   ⇌  2B
80%    20%
We say that the position of the equilibrium has shifted to the right since the concentration of 
B has increased.



Changing the pressure
Changing the pressure only applies when:

● at least one of the reactants or products is a gas.

● Where the total number of gaseous molecules on both sides of the equation 
are different.

If the pressure is increased the equilibrium position moves in the direction of the 
fewest molecules of gas.

If the pressure is decreased the equilibrium position moves in the direction of the 
most molecules of gas.

Eg: N2(g) + 3H2(g) ⇌ 2NH3(g)

There are 4 molecules on the left and 2 on the right.

Therefore if pressure is increased the equilibrium position will move to the right.



Changing the temperature
If a reversible reaction is exothermic in one direction it is endothermic in the other 
direction. Increasing temperature favours the endothermic reaction.

Increasing the temperature: the position of the equilibrium shifts in the 
endothermic direction.

Decreasing the temperature: the position of equilibrium shifts in the exothermic 
direction.



Changing the concentration
In a reaction involving solutions, if the concentration of reactant is increased the 
equilibrium position moves in the direction away from the reactant.

Eg:

BiCl3(aq) + H2O(l) ⇌ BiOCl(s) + 2HCl(aq)

If the concentration of HCl is increased the equilibrium shifts to the left away from 
the HCl.  



Catalysts and dynamic equilibrium
Adding a catalyst increases the rate of both the forward and backward reaction 
equally. 

This means that it has no effect on the position of equilibrium.

It increases the rate at which equilibrium is reached.



The Haber Process - making fertilisers/explosives
N2(g) + 3H2(g) ⇌ 2NH3(g)

In order to produce the most ammonia you want to shift 
the equilibrium right.

● To do this you want high pressure.
● Low temperatures. Too high would decrease the 

yield of ammonia and the energy cost would be high.

However, a compromise position is taken.

● High pressures are expensive to maintain and can 
be dangerous.

● Too low temperatures and the rate of reaction would 
be too slow. 

● Only about 15% of nitrogen and hydrogen is 
converted to ammonia but due to recycling this figure 
rises to 98%.



Haber Process 2
The yield is lower than expected since equilibrium may not be reached.

To separate the ammonia: the gas mixture cools and ammonia liquifies.

The source of nitrogen is the air and hydrogen can be taken from water or 
hydrocarbons.



Contact process
2SO2(g) + O2 ⇌ 2SO3(g)

Temperatures ideally would be low and pressure would be 
high. However, a compromise position is taken. Pressure is 
low since it is a high yield process anyway.

The sulphur trioxide is dissolved in concentrated H2SO4 since 
otherwise H2SO4 mist would be produced since SO3+ H2O 
reaction is very exothermic.

Oleum reacts with water to form sulphuric acid.

H2S2O7  + H2O→2H2SO4(aq)

Sulfuric acid is used to make soaps, fertiliser, explosives.



Organic chemistry



Structural formula
Structural formula - shows how the atoms in a molecule are joined together.

They can be written using a displayed formula (full structural formula) or 
condensed structural formula.

Displayed formula shows all the bonds. Each line represents a pair of shared 
electrons in a covalent bond.



Naming organic compounds

Decide whether it is an alkane or an 
alkene (single or double bonds)

How do you know which end of the 
chain to number from?
You number from the end with 
produces the smaller numbers in the 
name.

This is used to describe the number of 
carbons in the longest chain.



Naming organic compounds - branched chains

The name of the molecule is 
always based on the longest 
chain you can find in it. 

The position of the side chain is 
shown by numbering the carbon 
atoms from the end of the longest 
chain which produces the smaller 
numbers in the name. 

di- indicates two side chains



Structural Isomers
Molecules with the same molecular formula but different structural formula.

Eg isomers of C5H12



Crude oil
Crude oil is a finite, non-renewable resource.

Crude oil is a mixture of hydrocarbons.

Hydrocarbons are molecules which contain hydrogen and carbon only.

A fraction is defined as compounds with similar boiling points.



Fractional distillation in industry
1) Vaporise the crude oil and pump it into column. (350℃)
2) The longest hydrocarbons immediately condense into a liquid and are 

removed from the bottom the column.
3) The remaining hydrocarbons diffuse up the column.
4) The temperature in the column cools as the gases rise upwards.
5) As the fractions reach their boiling points they condense back into liquids.
6) As the fractions contain different length hydrocarbons they will have different 

boiling points this allows them to be separated.
7) The smallest hydrocarbons never reach their boiling points so are piped away 

as gases from the top of the column.



Trends 
Down the fractionating column:

Boiling point increases - As the molecules get bigger the strength of the intermolecular 
forces of attraction between increases. This means more energy is required to break the 
attractions.

The liquids become less volatile - The bigger the hydrocarbon, the more slowly it 
evaporates at room temperature. This is because the bigger molecules are more strongly 
attracted.

The liquids become more viscous - Liquids containing small hydrocarbon molecules are 
runny. Those containing large molecules flow less easily because of the stronger forces of 
attraction between their molecules.

The liquids become darker in colour.

Bigger hydrocarbons burn less easily.



Diagram

cooking



Complete combustion
A fuel, when burnt, releases energy.

Produces CO2 and H2O.

Exothermic reaction with oxygen. 

Methane + oxygen ➝ water + carbon dioxide 

CH4(g) + 2O2(g) ➝ 2H2O(l) + CO2(g)

Produces lots of energy - long chains can release more energy but are harder to 
burn and have complete combustion.



Incomplete combustion

When there isn’t enough oxygen incomplete combustion occurs.

This produces carbon (soot) or carbon monoxide.

2CH4(g) + 3O2(g) ➝ 2CO(g) + 4H2O(l)

Carbon monoxide is poisonous because it reduces the ability of blood to carry 
oxygen around the body. This is because it binds to haemoglobin preventing 
oxygen from doing this.



Environmental problems associated with burning fossil fuels

Global warming:

● Carbon dioxide produced is a greenhouse gas. 
● Greenhouse gases trap the heat radiated from the Earth’s surface (originally 

from the Sun) leading to global warming.

 



Acid rain
Acid rain is formed when water and oxygen in the atmosphere react with sulfur 
dioxide to produce sulfuric acid, or oxides of nitrogen (NOx) to give nitric acid 
(HNO3). 

Fossil fuel contain a small amount of sulfur (impurity)

S(s) + O2(g) ➝ SO2(g)

This reacts in the atmosphere with oxygen and water. Sullfurous acid.

2SO2(g) + 2H2O(l) + O2(g) ➝ 2H2SO4(aq)



Acid rain 2
In petrol engines the temperature reached is high enough to allow nitrogen and 
oxygen in the air to combine to produce oxides of nitrogen.

N2(g) + O2(g) ➝ 2NOx

This is converted to (HNO3) in the atmosphere.



Effects of acid rain
Acid rain kills trees and fish in lakes. In some lakes water becomes so acidic that 
no life can be supported.

Acid rain damages limestone and marble

CaCO3(s) + H2SO4(aq) ➝ CaSO4(s) + H2O(l) + CO2(g)

Acid rain can be prevented by cutting down on burning of fossil fuels or through 
‘scrubbing’ (removing SO2 and NOx) and by using catalytic converters in cars.



Cracking
There are too many long chain hydrocarbons, which are in low demand whilst there 
are not enough shorter-chain hydrocarbons eg gasoline which are in high demand. 

Alkenes are used to make polymers. 

Shorter chain molecules burn more cleanly.

Cracking is a process in which long-chain alkanes are converted to alkenes and 
shorter-chain alkanes.  



How does cracking work?
The fuel fraction is heated to give a gas 
and then passed over a catalyst of 
silicon dioxide (silica) and aluminium 
oxide (alumina) at about 600 - 700℃.

Cracking is an example of thermal 
decomposition.

The molecules are broken up in a 
random way.



Alkanes



Alkanes
Alkanes are described as saturated hydrocarbons 
because they contain only C-C single bonds.

Saturated refers to single bonds generally.

The general formula for alkanes is CnH2n+2

First four are gases.



Homologous series
1) Have similar chemical properties - They have the same bonds.

2) Show a trend in physical properties - As the molecules get bigger the 
strength of the intermolecular forces of attraction between increases. This 
means more energy is required to break the attractions.

3) Have the same functional group - functional group is an atom or a group of 
atoms that determine the chemical properties of a compound.

4) Can be described by the same general formula.



Combustion of alkanes
Eg Methane

Complete - CH4(g) + 2O2(g) ➝ 2H2O(l) + CO2(g)

Incomplete - 2CH4(g) + 3O2(g) ➝ 2CO(g) + 4H2O(l)



Substitution 
Alkanes react with halogens in the presence of ultraviolet radiation (UV light).

A hydrogen atom is replaced by a halogen atom.

Eg Bromine 

A mixture of methane and bromine gas is orange because of the presence of the 
bromine. If exposed to sunlight, it loses it colour. (bromomethane and hydrogen 
bromide are produced).

CH4(g) + Br2(g) ➡CH3Br(g) + HBr(g)  

 



Alkenes



Alkenes
Alkenes are described as unsaturated 
hydrocarbons because they contain a C=C 
double bonds.

The general formula for alkenes is CnH2n

First four are gases.

The Functional group is C=C

 



Combustion 
Alkenes burn in air to give carbon dioxide and water.

Eg ethene

C2H4(g) + 3O2(g) ➡2CO2(g) + 2H2O(l)

In incomplete combustion more soot will be produced than in alkanes due to the 
higher ratio of carbon to hydrogen.



Addition
Alkenes are much more reactive than alkanes.

Alkenes can undergo addition reactions where the double bond breaks to become 
a single C-C bond and the halogen adds to each carbon that was part of the 
double bond.

Bromine - reacts without any need for heat, light or a catalyst.

alkene + bromine ➡ dibromoalkane

C2H4 + Br2 ➡ C2H4Br2 



Tests 
Any compound with a C=C double bond (unsaturated compounds) will react with 
bromine in a similar way. 

If you shake an unknown organic compound with bromine water and the orange 
bromine water is decolourised the compound contains a C=C double bond.



Alcohols 



Alcohols
Alcohols contain the functional group -OH.



The oxidation of ethanol
All alcohols burn to form carbon dioxide and water.

Eg ethanol: - blue flame

C2H5OH(l) + 3O2(g) →2CO2(g) + 3H2O(l)

Ethanol is a biofuel - a source of energy when burned produced from living matter 
(made from biological sources such as sugar cane).

Ethanol is used for alcoholic drinks, sterilisation and the production of esters when 
reacted with a carboxylic acid.



Advantages and Disadvantages of ethanol as a fuel*
Advantages

● Ethanol is not a finite resource - it can be produced from renewable sources 
unlike oil. It is carbon neutral. 

● It burns more cleanly than petrol - incomplete combustion is less likely
● It contains fewer impurities.
● Fractional distillation is expensive and access to oil is more rare.

Disadvantages

● Ethanol has a lower energy content per mole than petrol.
● Large amounts of arable land are required to produce the crops to obtain 

ethanol - soil erosion, deforestation.
● Current engines would require modification to use ethanol.



Reaction with oxygen in air (microbial oxidation)
Ethanol can be oxidised with the help of yeast (zymase) or bacteria to form 
ethanoic acid. 

Ethanoic acid = vinegar



Formation of carboxylic acids
In order to form a carboxylic acid an alcohol and oxidising agent are used:

Eg Ethanol

Ethanol + oxidising agent →ethanoic acid + water

CH3CH2OH + 2[O] →CH3OOH + H2O

The oxidising agent is potassium dichromate(VI) (K2Cr2O7) in dilute sulfuric acid. 

The sulfuric acid enables the potassium dichromate(VI) to act as an oxidising 
agent since without the H+ ions from the acid, no redox reaction could occur.



Formation of carboxylic acids 2

The solution turns green and contains dilute ethanoic acid 
with other products.

The green product indicates the presence of Cr3+ ions 
formed when the oxidising agent is reduced. 

In order to obtain ethanoic acid 
you can heat the mixture under 
reflux which prevents products 
from escaping.



The production of ethanol - fermentation 
Yeast is added to a sugar solution and left in warm conditions (30℃ - the 
optimum temperature) in the absence of air. 

Enzymes in the yeast (zymase) convert the sugar into ethanol and carbon 
dioxide increasing the rate of reaction.

The absence of air is important since in aerobic conditions enzymes in the 
yeast produce carbon dioxide and water rather than ethanol. The ethanol would 
reaction with oxygen to form ethanoic acid.

Temperature is important since enzymes catalysing the reaction may denature 
in high temperatures or the reaction may be too slow in low temperatures.

Yeast is killed by more than about 15% of alcohol in the mixture and so it is 
impossible to make pure alcohol by fermentation.

The alcohol is purified by fractional distillation.



Making ethanol by the hydration of ethene
Ethanol can be made by reacting ethene with steam in a process called hydration. The opposite is 
dehydration.

CH2=CH2(g) + H2O(g) ⇌ CH3CH2OH(g)

Starting materials: ethene and steam

Temperature: 300℃

Pressure: 60-70 atm

Catalyst: phosphoric acid (H3PO4)

This is an addition reaction since the water is added to the ethene without removing anything. 
Only a small proportion of the ethene reacts. The ethanol produced is condensed as a liquid and 
the unreacted ethene is recycled through the process.



Comparing fermentation and hydration of ethene

Fermentation Hydration of ethene

Renewable sources Non-renewable sources

Batch process Continuous process

Slow Quick

Impure ethanol Purer ethanol

Less expensive conditions More expensive conditions

Inefficient Efficient

Sugar cane readily available Crude oil is not always available



Carboxylic acids



Carboxylic acids
Functional group - The part of the molecule that controls reactivity.

-COOH



Naming carboxylic acids



Acid properties of carboxylic acids
They tend to be weak acids with pHs of about 3-5. 

Vinegar is an aqueous solution containing ethanoic acid.



Reactions with metal
Dilute ethanoic acid reacts with metal in the same way as dilute acids such as 
hydrochloric acid but more slowly. 

Eg:

Mg(s) + 2CH3COOH(aq) → (CH3COO)2Mg(aq) + H2(g)

Observation - fizzing

Magnesium ethanoate is an ionic compound containing Mg2+ and CH3COO-



Reactions with carbonates
Eg sodium carbonate with ethanoic acid

Na2CO3(s) + 2CH3COOH(aq) ⟶ 2CH3COONa(aq) + CO2(g) + H2O(l)

Observation: fizzing and colourless solution of sodium ethanoate.



Esters 



Esters
Esters have the functional group:



Making esters 
Making ethyl ethanoate:

Starting materials: Ethanol and ethanoic acid.

Catalyst: Concentrated sulfuric acid.

Conditions: Heat.

CH3COOH(l) + CH3CH2OH(l) ⇌ CH3COOCH2CH3(l) + H2O(l)

The reaction is called esterification. It can also be described as a condensation 
reactions since water is made when two molecules are joined together.

The reaction is reversible.

To separate: Pour the reaction mixture into water. The alcohol and the acid will 
dissolve but the ester will float on the surface.



Drawing and naming esters
1) Draw the alcohol and carboxylic acid so that their OH groups are next to each 

other.
2) Remove the H2O and join together what is left. 







Uses of esters
Esters are volatile liquids (they evaporate easily) so release molecules people can 
smell. 

They have distinctive smells so can be used for:

They are used in food flavourings and perfumes.



Practical
1) Mix ethanol and ethanoic acid in a boiling tube. 
2) Add a few drops of sulphuric acid. 
3) Place in a water bath.
4) Allow contents to cool.
5) Pour into sodium carbonate. Excess acid will react with the metal carbonate. 

This allows you to smell the ester better because the smell would have been 
masked by the carboxylic acid. 

6) The ester will float to the top of the water since it is insoluble whilst the alcohol 
and carboxylic acid are soluble. 

7) Smell the product by gently wafting the odour. 



Synthetic Polymers



Polymerisation
Polymerisation is the joining up lots of monomers to make a polymer. 

Under the right conditions, monomers join up. The carbon - carbon double bond 
breaks becoming a carbon-carbon single bond. The chain length increases.

Molecules simply add onto each other without anything else being formed. 
(addition polymerisation). 



Repeat units
Eg poly(ethene)

       Monomer                  Repeat unit of polymer               
Two types: low density and high 
density.
● Low density - thin film to 

make polythene bags 
because it is very flexible 
although not very strong.

● High density - plastic bottles 
because it has greater 
strength and rigidity.



poly(propene)                     poly(chloroethene)

● Used to make ropes and crates.
● It is stronger than poly(ethene)

PVC
● Used for water pipes - strong and rigid.
● It can be made flexible by adding 

plasticisers. 
● This means it an be used for sheet 

floor coverings and clothing.
● It doesn’t conduct electricity so can be 

used for electrical insulation.



poly(tetrafluoroethene)

● Often used as a non-stick coating for 
pots and pans. 

● It is very unreactive due to the strong 
carbon-fluorine bonds.

● It can be found lining containers of 
corrosive chemicals.



Problems with disposal of addition polymers
● They contain strong covalent bonds, making them inert at ordinary temperatures. 
● They are non-biodegradable, meaning they cannot be broken down by bacteria in the 

environment.
Landfill:
● Does not produce toxic gases.
● Does not contribute to global warming. 
● Take up space.

Burning:
● Does not take up space.
● Provides heat/electricity.
● Burning polymers produces carbon dioxide contributing to global warming and releases 

toxic gases.



Condensation polymerisation
Addition polymerisation:

Formation of long chain molecules from lots of small molecules joining together 
with no other products.

Condensation polymerisation:

Formation of long chain molecules from lots of small molecules joining together 
with another molecule (eg water) produced as well. Condensation has two types of 
monomer.



Polyesters
When a dicarboxylic acid reacts with a diol a polyester is formed and water is released.

The elimination of water makes this a condensation reaction.

Diols: an alcohol molecule with one -OH at each end. Eg ethane-1,2-diol

Dicarboxylic acid: a carboxylic molecule with one -COOH at each end. Eg ethanedioic 
acid. 

Under the right conditions, these can join together with the loss of a molecule of water 
each time a new bond is formed.



The reaction



The equation



Other reactions



Biopolyester
Biodegradable polymers can be made from lactic acid. 

When it undergoes polymerisation it forms a biodegradable polyester (polylactic 
acid).

This can be used for making biodegradable plastic bags or in surgery for internal 
stitches.


