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1.2.6a

addition polymers - relationship between structure, properties and applications

In Chemistry,	 ‘plastic’ = ductile + malleable. Plastic is an adjective; a property. 
	 	 ‘polymer’ is a type of material that includes polythene, PVC and Nylon®.

Definitions

	 	 Polymers are made from repeating monomer units bonded covalently.

Contains a carbon-
carbon double bond

Polymers … …

Monomer Polymer

= – – – – – – – – – – –

Those carbon-carbon double bonds become carbon-carbon single bonds 
as the monomers link together covalently to form a polymer

High-density polyethene Low-density polyethene

More Crystalline Amorphous

crystalline structures scatter light, 
making HDPE opaque

no crystalline structures, so no light 
scattering, making LDPE transparent

Low Branching High Branching

cling 
film

pipes
HDPE LDPE

Monomer Polymer

… …
Large side-groups prevent dense 
packing and lowers the density of a 
polymer. 

very large
Polystyrene:

Atactic Isotactic

random arrangement of side-groups all side groups face the same direction

less attraction between polymer chains more attraction between polymer chains

QUITE USELESS 
(grease)

USEFUL: clothes, and babies' bottles that 
don't melt when sterilised

4 structural features that 
change a thermoplastic 
polymer’s properties (see 
next section for number 4)

Illustrated by 
polyethene

Illustrated by polystyrene

Illustrated by polypropene

Branching1

2 Large Side-Groups

3 Arrangement of Side-Groups

low density

Branching lowers 
the density, 
hardness and 
melting point of a 
polymer.

Isotactic polymers can 
pack more closely and 
are are more dense 
than atactic polymers. 

Isotactic 
polypropene:

high density
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1.1.1a

The Periodic Table - historical development from Mendeleev to Seaborg

1. Made the first modern periodic table 
2. Arranged elements by atomic mass 
3. Found repeating properties (periods) 
4. Predicted many elements 
5. He put Co & Ni the other way around! 
6. Didn’t find any noble gases

Discovered 10 f-block elements 
during World War IIneutron absorbedneutron absorption

I II III IV V VI VII VIII

H

Li Be B C N O F

Na Mg Al Si P S Cl

K Ca Ti V Cr Mn
Fe 
Co  
Ni

Cu Zn As Se Br

Rb Sr Yt Zr Nb Mo
Ru"
Rh"
Pd

Ag Cd In Sn Sb Te J

Cs Ba Di Ce

Er La Ta W
Os"
Ir"
Pt

Au Hg Tl Pb Bi

Th U

Mendeleev’s table had gaps where 
undiscovered elements would later be placed

Mendeleev

Seaborg
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Practice Questions for 1.1.1a 
(i) Mendeleev 

1. Elements are said to exhibit periodicity. What do you think this term means? 

2. How did Mendeleev organise the elements in his periodic table horizontally? 

3. How did Mendeleev organise the elements in his periodic table vertically? 

4. Name some of the elements that were not included in Mendeleev’s periodic table. 

5. Why were these elements not included? 

(ii) Seaborg 

1. What is the meaning of the word “transuranium”? 

2. How did Seaborg discover ten elements? (Do some quick research to answer this question) 

(iii) Modern Periodic Table 

1. What are the four blocks of the periodic table called? 

2. Name an element in the same group as neon. 

3. Name an element in the same period as sodium. 

4. Name an element with similar properties to nitrogen. 

5. Name a transition metal element. 

6. Name an element that is a lanthanide.  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1.1.1b

The Periodic Table - trends and patterns of properties within The Periodic Table: 
atomic number, types of compounds formed, metallic/non-metallic character, 
chemical reactivity of elements

Z

metallic character!
& atomic radius

atomic 
number

very!
reactive

very!
reactive

unreactive 
noble gases

non-metals 
form covalent 
compounds

metal + non-metal 
= ionic compound

(ability to lose electrons)

1st ionisation energy!
& electronegativity

HORIZONTAL TREND:!
more core charge,!
electrons held 
more tightly;!
smaller atoms

VERTICAL TREND:!
core charge is 
shielded by larger 
numbers of electron 
shells

e.g. Na+Cl- e.g. CO2

Trends in the Periodic Table

Arrows show increases Explain the trends



Practice Questions for 1.1.1b 
(i) Types of Compounds Formed 

1. Give five examples of an ionic compound (formula and name). 

2. Give five examples of a covalent compound (formula and name). 

(ii) Atomic Number (Z) 

1. Define atomic number. 

2. Why do atomic numbers increase as you go down and right in the periodic table? 

(iii) 1st Ionisation Energy 

1. What is first ionisation energy? 

2. Explain the trend in first ionisation energy, including any exceptions to the rule. 

(iv) Metallic Character 

1. Define metallic character. 

2. What is the most ‘metallic’ element? 

3. Describe the trend in metallic character in the periodic table. 

4. Explain the trend in metallic character in the periodic table. 

(v) Chemical Reactivity 

1. Explain the trend in chemical reactivity. 

2. Arrange the following reactions in increasing order of energy produced (only reactants shown): 

 2Na + Cl2 2Na + F2 2Na + Br2 2Na + I2 

3. Arrange the following reactions in increasing order of energy produced (only reactants shown): 

 Cs + H2O K + H2O Li + H2O Na + H2O 

(vi) Reason for the Horizontal Trend 

1. What is the underlying reason for the horizontal trends in the periodic table? 

(vii)Reason for the Vertical Trend 

1. What is the underlying reason for the vertical trends in the periodic table?  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1.1.2a

atomic theory - historical development of the model of atomic theory with 
contributions from Dalton to Chadwick

Dalton, 1808!
First to describe atoms in a modern, scientific sense

– Doesn’t explain electricity + Idea of “atoms”

Thomson, 1897!
Thomson’s Plum Pudding Model

– Doesn’t explain why some of Rutherford’s α-particles bounced back

+ Protons & electrons

Rutherford, 1911!
Rutherford shot α-particles through gold foil; some bounced back!

– Why don’t the electrons lose energy and crash into the nucleus?

+ the Nucleus

Bohr, 1913!
Basis for our modern atomic model

– Doesn’t explain quantum mechanics

+ Electron Shells

Schrödinger, 1926!
Quantum mechanics

– Why are some atoms of the same element heavier?

+ Subshells + ‘Shells’ are actually ‘orbitals’

Chadwick, 1932
+ Neutrons!



Practice Questions for 1.1.2a 
(i) General Questions 

1. Which scientist is credited for each of the following aspects of the atomic model? 

a) Plum Pudding Model 

b) quantum mechanical model 

c) discovery of neutrons 

d) atoms 

e) nucleus 

f) electrons 

g) electrons orbiting a nucleus 

h) electron shells 

i) electron subshells 

j) orbitals 

2. Describe, in detail, Rutherford’s gold foil experiment. What two conclusions did he make?  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1.1.2b

atomic theory - limitations of the model of atomic theory

Why do electrons move in circular orbits? 

Why do shells have particular energies? 

Why do some shells allow more than 8 e–?Xe

- Electrons can behave like waves 

- We can’t know exactly where they are 
(“cloud of negative charge”) 

- It’s called Quantum Mechanics

has the 
answers!

Limitations of the 
atomic theory model

Schrödinger



Practice Questions for 1.1.2b 
(i) General Questions 

1. Make an acronym to help you remember the three limitations and the three “answers” from 
Schrödinger.  



atomic orbital
electron

EACH GROUP 
OF BOXES:

s
p
d
f

EACH BOX:

EACH ARROW:

one subshell

+1 ions have lost an electron !
atoms in an excited state have at least one 
electron in a higher subshell than the 
ground state configuration
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1.1.2c

atomic theory - mass number, isotopes, calculation of relative atomic mass, electron 
configuration using subshells

1s2 2s2 2p6 3s2 3p6 4s2 3d10 4p6 5s2 4d10 5p6

first 
shell

second 
shell

third 
shell

fourth 
shell

fifth 
shell

Isotope Relative isotopic 
mass (RAM) Abundance

16 15.995 99.76%

17 16.999 0.04%

18 17.999 0.20%

✕

✕

✕

=
=
=

15.957
0.007
0.003

15.9671: Multiply 2: Add up

atomic mass 
molecular mass 
formula mass 
isotopic mass

relative
same numbers !
all are types of 
molar mass

If “relative”, then no units. 
Otherwise, units are grams per mole

XA
Z

Atomic mass
Atomic number

Element symbol

Nuclide representation

C12
6 C13

6 C14
6

Isotopes

Same atomic number

Different mass numbers

Relative Atomic Mass (RAM) weighted mean of all isotopes of an element by their abundances on Earth

Electron Configurations Aufbau Principle means “building up”

1s2
Helps you to remember the order in which the 
subshells are filled

1s
2s 2p
3s 3p 3d
4s 4p 4d 4f
5s 5p 5d 5f
6s 6p 6d 6f

Each letter-number 
pair is a subshell

name of the 
subshell

number of electrons 
in that subshell

Drawing Electron Configurations

Max. 2 electrons 
per atomic orbital

Place 1 electron in 
each atomic orbital 

before placing 2 in the 
1st atomic orbital

3d4 and 3d9 are 
unstable. Cu & Cr 
‘steal’ an electron 
from 4s instead.

Cu: 4s1 3d5 

Cr: 4s1 3d10

O

O

O



Practice Questions for 1.1.2c 
(i) Nuclide Representation 

1. Give the nuclide representations for the following elements: 

a) an atom with 6 protons, 6 electrons and 6 neutrons 

b) an atom with 7 protons, 7 electrons and 7 neutrons 

c) an atom with 8 protons, 8 electrons and 10 neutrons 

d) an atom with 13 protons, 10 electrons and 14 neutrons 

e) an atom with 1 proton, no electrons and no neutrons 

f) an atom with 17 protons, 18 electrons and 18 neutrons 

g) an atom with 17 protons, 18 electrons and 20 neutrons 

(ii) Isotopes 

1. Define an isotope. 

2. Which of the atoms in part (i) are isotopes of each other? 

(ii) RIM & RAM 

1. Define RIM & RAM and give their units. 

2. Calculate the RAM of chlorine using the following data. 75% 35Cl and 25% 37Cl 

(iv) Electron Configurations 

1. Give the full electron configurations of the following: 

a) a hydrogen atom 

b) a nitrogen atom 

c) an argon atom 

d) a calcium atom 

e) an excited calcium atom 

f) a Ca2+ ion 

(v) Drawing Electron Configurations 

1. Draw the electron configurations of all the species in part (iv).  



N = n × NA
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1.1.3

the mole concept including empirical and molecular formulas, percentage 
composition, Avogadro’s constant

6.02  1023✕
= “Avogadro’s constant”
= NA

= 1 molea big number with 3 names

1 mole is the no. of atoms in exactly 12 g of 12C

C H O
m
n

ratio

To find an empirical formula from mass composition:

Mmolecule
Mempirical

multiply this ratio byExtension: to get the molecular formula

Definition

n = m
M

Mole Formula 1
mass (g)

molar mass (g/mol)

no. of moles 
(mol)

Mole Formula 2

no of atoms/ions/
particles/molecules/

anything
no. of moles 

(mol) 6.02✕1023

Empirical formula:

Molecular formula:

simplest whole-
number ratio

actual number 
of atoms in the 

molecule C2H6 C6H12O6 H2O CO2

CH3 CH2O H2O CO2



Practice Questions for 1.1.3 
(i) Mole 

1. What is a mole? 

(ii) Mole formula 1 

1. Find the number of moles of molecules in the following samples: 

a) 18 grams of water 

b) 1 kilogram of silicon dioxide 

c) 5 grams of N2O4 

d) 200 grams of P4 

(ii) Mole formula 2 

1. Write the following in moles (in scientific notation): 

a) 6.02×1022 moles of protons 

b) 6.02×1023 calcium ions 

c) 4.1×1019 water molecules 

d) one million dollars 

(iv) EF & MF 

1. What are the empirical formulae of BF3, O2, C10H20 and Fe2O3? 

(v) Percentage Composition 

1. Find the empirical formulae of the following compounds: 

a) 60.0% carbon, 13.4% hydrogen, 26.6% oxygen 

b) 37.5% carbon, 12.6% hydrogen, 49.9% oxygen 

c) 14.1% carbon, 2.4% hydrogen, 83.5% chlorine 

2. Find the molecular formulae of the compounds in question 1 if their relative molecular masses 
are 60.1, 32 and 84.9 respectively.  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1.1.4

interpretation of data from mass spectrometry

Mass-to-charge (m/z) ratio

Relative 
abundance 

(R.A.) %

100

0
26 27 28 29 30

Ar = Σ (relative atomic mass ✕ abundance)

Ar = (26 ✕ 0.79) + (27 ✕ 0.09) + (28 ✕ 0.11) + (30 ✕ 0.01)

100%

11%
14%

1%

Ar = 26.35

If working backwards, you may need to substitute for x and (1-x)

If the values aren’t 
percentages, (i.e. they 
don’t add up to 100), 
then you will need to 
convert them into 
percentages first.

Sometimes 
called “relative 

peak area”

Sometimes called 
“relative isotopic mass”

Mass Spectrometry

abundance = relative abundance ÷ Σ (relative abundances)
1: Calculate abundances

2: Find weighted average



Practice Questions for 1.1.4 
(i) Interpretation 

1. Draw the mass spectrum graph you would see if you analysed the following samples: 

a) a sample of aluminium containing 79% 26Al, 9% 27Al, 11% 28Al and 1% 30Al 

b) a sample of carbon containing 98.89% 12C and 1.11% 13C 

c) a sample of boron containing 80.0% 11B and 20.0% 10B 

2. Calculate the relative atomic masses (RAM) for each of the above samples 

3. Calculate the percentage abundance of each isotope for the following elements: 

a) boron, which as two isotopes: 11B (relative isotopic mass = 11.01) and 10B (relative isotopic 
mass = 10.01). The relative atomic mass of boron is 10.81. 

b) gallium, which has two isotopes: 69Ga (relative isotopic mass = 68.93) and 71Ga (relative 
isotopic mass = 70.92). The relative atomic mass of gallium is 69.72. 

c) silver, which as two isotopes: 107Ag (relative isotopic mass = 106.91) and 109Ag (relative 
isotopic mass = 108.91). The relative atomic mass of silver is 107.90.  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1.2.1a

models of bonding to explain observed properties including melting temperature, 
electrical conductivity, chemical reactivity, shape, polarity of bonds, intermolecular 
forces - metals

mobile, delocalised  
valence electrons

densely-packed cations  
in an ordered array

METALLIC BONDING

e– +

dense

opaque

crystals have 
regular, 

geometric 
shapes

conduct 
heat

conduct 
electricity

lustrous

HIGH MELTING 
POINT

HIGH TENSILE 
STRENGTH

HARD (RESISTS 
SCRATCHING)

• Very Strong 
• Neither Covalent nor Ionic 
• Only Occurs in Metals

e– e–

e–

e–

e– e–
Na+ Na+ Na+

Na+ Na+ Na+

PLASTIC = DUCTILE + 
MALLEABLE

Heat Treatment 
Alloys 
Work Hardening 
Surface Coating

Annealing 
Quenching 
Tempering

SOFT

HARD
HARD, LESS 

BRITTLE

Metallic bonding
THIS IS A METAL “LATTICE”

4 Ways to Modify Metals

SUBSTITUTIONAL ALLOYS INTERSTITIAL ALLOYS

Layers of cations in the metal lattice don’t slide 
over each other so easily in an alloy

3 types, see right

2 types, see right

knocks crystals into a tighter conformation 
results in harder, more brittle metal

coat the metal with another metal 
e.g. galvanisation



Practice Questions for 1.2.1a 
(i) Metallic Bonding 

1. Draw a metallic lattice of sodium. 

2. Draw a metallic lattice of magnesium. 

3. Draw a metallic lattice of zinc. 

4. Explain why the cations in a metal lattice do not repel each other. 

5. Explain why copper feels colder than wood, even when both are at the same temperature. 

6. Make up an acronym to help you remember all ten properties of metals. 

7. For each of the ten properties, think of one example metal and write how that property is useful. 

(ii) 4 Ways to Modify Metals 

1. Using words and pictures, describe each of the following metal treatments: 

a) heat treatments (three types) 

b) alloys (two types) 

c) work hardening 

d) surface coating 

b) Give one example of each of the metal modification methods in question 1 and state why the 
properties of those metals are useful.  



+ + +
++

+ +

– – –

– – –
– –
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1.2.1b

models of bonding to explain observed properties including melting temperature, 
electrical conductivity, chemical reactivity, shape, polarity of bonds, intermolecular 
forces - ionic compounds

ΔEN > 1.7
• High MP & BP 
• Hard & brittle 
• Conduct electricity ONLY when liquid or aqueous

Strong ionic bonds: 
brittle crystals with a high MP

Doesn’t conduct electricity as a solid: 
there are no free-moving charged particles

Conduct as a liquid or in aqueous solution: 
there are free-moving charged particles

Forms a lattice to maximise the forces of 
attraction

REPULSION

Ionic compounds

+ + +
++

+ +

– – –

– – –
– – + + +

++

+ +

– – –

– – –
– –

Ionic compounds are brittle

When knocked out of 
place, the cations and 
anions can be knocked 
into a configuration 
where they repel each 
other, causing a fracture.

cation+
anion–

Ionic bonds involve transfer of electrons from one atom to another



Practice Questions for 1.2.1b 
(i) Ionic Lattices 

1. Why do ionic lattices have such high melting points and boiling points? 

2. Why do ionic lattices not conduct electricity? 

3. Why do ionic compounds conduct electricity when they are aqueous or molten? 

(ii) Brittle 

1. Explain using words and diagrams why large crystals of sodium chloride can be broken with a 
hammer. 

(iii) Transfer of Electrons 

1. Draw electron transfer diagrams for the following reactions. (Only draw the outer shells.) 

a) lithium and chlorine to produce lithium chloride. 

b) aluminium and fluorine to produce aluminium fluoride. 

c) calcium and nitrogen to make calcium nitride. 

d) magnesium and sulphur to make magnesium sulphide.  



O

H
H

F

H

C

H

H
HH

N

H
HH

TETRAHEDRAL TRIANGULAR 
PYRAMID

‘BENT’ OR 
‘V-SHAPED’

LINEAR

ZERO LONE PAIRS 1 LONE PAIR 2 LONE PAIRS 3 LONE PAIRS

C OO

DOUBLE BONDS 
ZERO LONE PAIRS

LINEAR
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1.2.1c

models of bonding to explain observed properties including melting temperature, 
electrical conductivity, chemical reactivity, shape, polarity of bonds, intermolecular 
forces - molecular substances, network lattices, layer lattices

ΔEN ≤ 1.7
Covalent molecules have low MP & BP 
Covalent network lattices don’t conduct electricity; high MP & BP 
Covalent layer lattices conduct electricity; high MP & BP

Allotropes 
of Carbon

DIAMOND GRAPHITE BUCKMINSTERFULLERENE COAL NANOTUBES
3550°C 3600°C 600°C 3650°C >3500°Csolid up to

Compounds 
of Carbon

-78.5°Csolid up to -182°C

If an atom needs x valence 
electrons, then it will share x 
valence electrons (by forming 
x covalent bonds) to gain a 
full outer shell.

N
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H
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N
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H
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LEWIS STRUCTUREELECTRON DOTS VALENCE STRUCTURE

+ thousands more!

Each C is bonded 
covalently to 4 other 
carbon atoms.

Each C is bonded covalently to 3 
others. The 4th e- is delocalised 
and conducts electricity.

Each C is bonded to 
4 others. Bonding is 
“amorphous”.

Also known as 
Buckyballs or C60. 
Soccer-ball shaped.

Strongest known 
material.

low BP due to weak intermolecular forces

high BP due to strong intermolecular forces

3 Ways to 
Draw a 

Covalent 
Molecule

Covalent Bonding
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or hydrogen 
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models of bonding to explain observed properties including melting temperature, 
electrical conductivity, chemical reactivity, shape, polarity of bonds, intermolecular 
forces - molecular substances, network lattices, layer lattices

ΔEN ≤ 1.7
Covalent molecules have low MP & BP 
Covalent network lattices don’t conduct electricity; high MP & BP 
Covalent layer lattices conduct electricity; high MP & BP

Allotropes 
of Carbon

DIAMOND GRAPHITE BUCKMINSTERFULLERENE COAL NANOTUBES
3550°C 3600°C 600°C 3650°C >3500°Csolid up to

Compounds 
of Carbon

-78.5°Csolid up to -182°C

there are thousands, but 
here are just two examples

Each C is bonded 
covalently to 4 other 
carbon atoms.

Each C is bonded covalently to 3 
others. The 4th e- is delocalised 
and conducts electricity.

Each C is bonded to 
4 others. Bonding is 
“amorphous”.

Also known as 
Buckyballs or C60. 
Soccer-ball shaped.

Strongest known 
material.

Low BP due to weak intermolecular forces
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dispersion 
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bonding”
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difference in electronegativity 
between two bonded atoms
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intermolecular forces

3 Ways to Draw a Covalent Molecule If an atom needs x valence electrons, 
then it will share x valence electrons 
(by forming x covalent bonds) to gain 
a full outer shell.

Shapes of 
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Molecules 
(VSEPR)

Electron pairs repel 
each other and will 
spread out around 
the atom to maximise 
the distances 
between them.
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Practice Questions for 1.2.1c 
(i) Allotropes 

1. Compare and contrast diamond, graphite and coal in a table. 

2. For each of the five allotropes of carbon on the previous page, give one example of how they 
are used. Explain why their unique properties are useful in each case. 

3. Why do all allotropes of carbon have such high boiling points? 

(ii) Compounds of Carbon 

1. Why do CO2 and CH4 have such low boiling points? 

(iii) 3 Ways to Draw a Molecule 

1. Draw the electron dots, Lewis structures and valence structures of the following covalent 
molecules: CH4, SiBr4, HCl, CH3OH, H2O, H2S, NCl3, PH3, PH2Cl, I2S, BeH2, H2Te, CF4. 
Arrange them in a table. 

(iv) Shapes of Covalent Molecules (VSEPR Theory) 

1. Explain the underlying principle of VSEPR theory. 

2. State the shapes of each of the molecules you drew in part (iii). 

(v) Electronegativity Differences (∆EN) 

1. Describe the following intramolecular bonds: non-polar covalent bonds, polar covalent bonds, 
ionic bonds. 

2. Describe the following intermolecular bonds: dispersion forces, dipole-dipole interactions, 
hydrogen bonds, ionic-ionic interactions 

3. Arrange all the bonds from questions 1 and 2 in increasing order of strength. 

4. Arrange the following molecules in order of boiling point: CH4, CH2Cl2, CH3Cl. 

5. Draw ∂+ and ∂– on the following bonds: O—H, F—H, P—Cl, C—H, C—Cl, C—F, N—H, C=O 

6. Draw ∂+ and ∂– on the molecules in part (iii). 

7. Explain, using words and pictures, what an “ion-dipole interaction” is. 

(vi) Net Dipole 

1. Using an arrow, draw the net dipole on each of the molecules in part (iii) (if any).  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limitations of the bonding models

Metallic model 
doesn’t 

explain major 
variations in:

Limitations of the 3 bonding models
(metallic, ionic and covalent)

Metallic bonding model limitations

Ionic bonding model limitations

Covalent bonding model limitations

Melting Point (Hg << W) 
Density (Li << Os) 
Conductivity (Fe << Cu)

Metallic model 
doesn’t 

explain major 
variations in:

Shape (cubic, needle, etc.) 
Solubility (AgCl << NaCl)

Covalent 
model doesn’t 
explain major 
variations in:

Different number of atoms in each 
molecule of a Group 3 element 
O2 < P4 < S8



Practice Questions for 1.2.2 
(i) Metallic Bonding 

1. What are the limitations of this bonding model? 

(ii) Ionic Bonding 

1. What are the limitations of this bonding model? 

(iii) Covalent Bonding 

1. What are the limitations of this bonding model?  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This reaction, in which the red-brown colour of bromine disappears as 
it reacts with the alkene, is used as a general test for unsaturation (Figure 
8.21). It involves conversion of the double bond to a single bond. This type 
of reaction is known as an addition reaction.

2 Reaction with hydrogen gas 
In the presence of a catalyst and on heating, ethene reacts with hydrogen 
gas to produce ethane. A hydrogen atom has bonded to each of the carbon 
atoms on either side of the double bond, converting the C=C double bond 
to a carbon–carbon single bond.

 Figure 8.20
Addition of bromine to ethene.

 Figure 8.21
Testing for unsaturation. Adding a few 
drops of red-coloured bromine to hexane 
(right) produces no reaction. The colour in 
the sunfl ower oil (left) disappears almost 
immediately because molecules in the 
sunfl ower oil contain carbon-to-carbon double 
bonds which undergo addition reactions with 
bromine (Br2).

!
Structural formulas of reactants and products 
are usually used when writing equations for 
addition reactions so that the position of the 
added atoms can be clearly shown.

3 Reaction with steam 
Large amounts of ethanol are now made by the addition reaction of steam 
(H2O(g)) and ethene using a phosphoric acid catalyst (Figure 8.23).

Fermentation of sugar to produce ethanol is still used to make beer, 
wine and other beverages that contain ethanol. Ethanol manufactured 
from ethene is used as a reagent for industrial purposes and as a solvent in 
cosmetics, pharmaceuticals and inks.
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 Figure 8.22
Addition of hydrogen to ethene in the presence of a catalyst.

4 Formation of polyethene
An addition reaction of ethene is involved in making polyethene (Figure 
8.24). As in the previous three examples, the double bond is converted to 
a carbon-carbon single bond in the reaction and a saturated product forms. 
In this case, there is no other reactant to add to the ethene molecules. The 
ethene molecules themselves join together to form a long chain.
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H H

H

C C

H

H
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H
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H
C C+ H2O

300°C

H3PO4

catalyst

 Figure 8.23
The formation of ethanol from ethene, undergoing an addition reaction with steam.
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Computed by Wolfram»Alpha

1. Add bromine solution 
!

2. Add hydrogen gas 
 
!

3. Add steam 
 !

4. Addition polymerisation (see Unit 1.2.6)

2-methylbutane 2,2-dimethylpropane
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1.2.3

properties and systematic naming of alkanes and alkenes up to C6

An organic compound is a compound made mostly from C and H. Some organic 
compounds also have functional groups attached (such as –OH or –NH2). !
A homologous series is a series of organic compounds with similar chemical 
properties (same functional group) and in which each member differs by a –CH2– 
group from the previous member.

–ane 
saturated (alkanes)

–ene 
unsaturated (alkenes)

meth– 
1 carbon doesn’t exist

eth– 
2 carbons

prop– 
3 carbons

but– 
4 carbons

pent– 
5 carbons

hex– 
6 carbons

Backbone

methyl– 
1 carbon

ethyl– 
2 carbons

propyl– 
3 carbons

butyl– 
4 carbons

pentyl– 
5 carbons

hexyl– 
6 carbons

Sidechains
a.k.a. branching

1

2
3

4

5

pentane

Properties

1. Combustion

Alkanes Properties Alkenes

Alkane + O2 (g) → CO2(g) + H2O(g)

C H O balance the 
equation in this 
order

Brown
ColourlessColourless
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Computed by Wolfram»Alpha
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4

1
2

3

Naming Rules

1. Find the carbon 
backbone 

2. Number those 
carbons 

3. Label sidechains 

DONE!

Full Structural Formulae

makes an alkane

makes an alcohol

Naming Organic Molecules A carbon backbone is the longest –C–C– 
chain in a molecule.
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methane 
CH4

ethane 
CH3CH3

propane 
CH3CH2CH3

butane 
CH3CH2CH2CH3

pentane 
CH3CH2CH2CH2CH3

hexane  
CH3CH2CH2CH2CH2CH3

ethene 
CH2=CH2

propene 
CH2=CHCH3

butene 
CH2=CHCH2CH3

pentene 
CH2=CHCH2CH2CH3

hexene 
CH2=CHCH2CH2CH2CH3
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This reaction, in which the red-brown colour of bromine disappears as 
it reacts with the alkene, is used as a general test for unsaturation (Figure 
8.21). It involves conversion of the double bond to a single bond. This type 
of reaction is known as an addition reaction.

2 Reaction with hydrogen gas 
In the presence of a catalyst and on heating, ethene reacts with hydrogen 
gas to produce ethane. A hydrogen atom has bonded to each of the carbon 
atoms on either side of the double bond, converting the C=C double bond 
to a carbon–carbon single bond.

 Figure 8.20
Addition of bromine to ethene.

 Figure 8.21
Testing for unsaturation. Adding a few 
drops of red-coloured bromine to hexane 
(right) produces no reaction. The colour in 
the sunfl ower oil (left) disappears almost 
immediately because molecules in the 
sunfl ower oil contain carbon-to-carbon double 
bonds which undergo addition reactions with 
bromine (Br2).

!
Structural formulas of reactants and products 
are usually used when writing equations for 
addition reactions so that the position of the 
added atoms can be clearly shown.

3 Reaction with steam 
Large amounts of ethanol are now made by the addition reaction of steam 
(H2O(g)) and ethene using a phosphoric acid catalyst (Figure 8.23).

Fermentation of sugar to produce ethanol is still used to make beer, 
wine and other beverages that contain ethanol. Ethanol manufactured 
from ethene is used as a reagent for industrial purposes and as a solvent in 
cosmetics, pharmaceuticals and inks.
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 Figure 8.22
Addition of hydrogen to ethene in the presence of a catalyst.

4 Formation of polyethene
An addition reaction of ethene is involved in making polyethene (Figure 
8.24). As in the previous three examples, the double bond is converted to 
a carbon-carbon single bond in the reaction and a saturated product forms. 
In this case, there is no other reactant to add to the ethene molecules. The 
ethene molecules themselves join together to form a long chain.
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 Figure 8.23
The formation of ethanol from ethene, undergoing an addition reaction with steam.
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This reaction, in which the red-brown colour of bromine disappears as 
it reacts with the alkene, is used as a general test for unsaturation (Figure 
8.21). It involves conversion of the double bond to a single bond. This type 
of reaction is known as an addition reaction.

2 Reaction with hydrogen gas 
In the presence of a catalyst and on heating, ethene reacts with hydrogen 
gas to produce ethane. A hydrogen atom has bonded to each of the carbon 
atoms on either side of the double bond, converting the C=C double bond 
to a carbon–carbon single bond.

 Figure 8.20
Addition of bromine to ethene.

 Figure 8.21
Testing for unsaturation. Adding a few 
drops of red-coloured bromine to hexane 
(right) produces no reaction. The colour in 
the sunfl ower oil (left) disappears almost 
immediately because molecules in the 
sunfl ower oil contain carbon-to-carbon double 
bonds which undergo addition reactions with 
bromine (Br2).

!
Structural formulas of reactants and products 
are usually used when writing equations for 
addition reactions so that the position of the 
added atoms can be clearly shown.

3 Reaction with steam 
Large amounts of ethanol are now made by the addition reaction of steam 
(H2O(g)) and ethene using a phosphoric acid catalyst (Figure 8.23).

Fermentation of sugar to produce ethanol is still used to make beer, 
wine and other beverages that contain ethanol. Ethanol manufactured 
from ethene is used as a reagent for industrial purposes and as a solvent in 
cosmetics, pharmaceuticals and inks.
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 Figure 8.22
Addition of hydrogen to ethene in the presence of a catalyst.

4 Formation of polyethene
An addition reaction of ethene is involved in making polyethene (Figure 
8.24). As in the previous three examples, the double bond is converted to 
a carbon-carbon single bond in the reaction and a saturated product forms. 
In this case, there is no other reactant to add to the ethene molecules. The 
ethene molecules themselves join together to form a long chain.
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 Figure 8.23
The formation of ethanol from ethene, undergoing an addition reaction with steam.

three examples



Practice Questions for 1.2.3 
(i) Naming 

1. What is a carbon backbone? 

2. Draw a compound with a five-carbon backbone. (Draw the full structural formula using the 
correct bond angles.) 

(ii) Prefixes & Suffixes 

1. How many carbon atoms are in the following molecules? 

a) propane 

b) pentane 

c) methane 

d) methylpropane 

e) 3-methylhexane 

f) but-1-ene 

g) but-2-ene 

h) 3,3-dimethylpentane 

2. Draw the full structural and semi-structural formulae of all the molecules in question 1. 

(iii) Properties of Alkanes 

1. Think of ten hydrocarbon-based fuels. Write balanced equation of complete combustion for 
these ten fuels. 

(iv) Properties of Alkenes 

1. What are the four reactions of alkenes? 

2. Which of these four reactions involves: 

a) decolourisation? 

b) a high temperature? 

c) a catalyst? 

d) production of an alcohol? 

e) making products with a very high molar mass?  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You will notice that in each of these molecules: 
 each carbon atom forms a single covalent bond to four other atoms
 each hydrogen atom forms a single covalent bond to one carbon atom
 the four atoms bonded to each carbon atom are arranged in a tetrahedral 

manner around the carbon.
When we come to draw a structural formula for C4H10, however, there are 
two possible arrangements that satisfy the bonding requirements of each of 
the four carbon atoms and ten hydrogen atoms (Figure 8.6).
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 Figure 8.6
Structural formulas for the two possible molecules that have the molecular formula C4H10.

!
The straight-chain isomer of C4H10 boils at 
−0.5°C, whereas the branched isomer boils at 
−11.7°C. This difference can be attributed 
to the fact that the straight-chain molecules 
can pack more closely to one another. The 
dispersion forces between the molecules 
are more effective, requiring more energy to 
overcome them. Therefore, the straight-chain 
isomer has a slightly higher boiling temperature. 

!
Making models of butane and other molecules 
can help to make clear the possible structural 
formulas for a given molecular formula. You can 
use a molecular modelling kit or toothpicks and 
plasticine to model molecules. 

The structure represented in Figure 8.6a has the four carbon atoms 
bonded in a continuous chain. The overall molecule is linear. (These are 
sometimes called straight-chain molecules, although the chains are bent due 
to the tetrahedral angles.)

The structure represented in Figure 8.6b has the four carbon atoms 
bonded in a branched chain.

These two molecules are said to be isomers (or, more correctly, structural 
isomers) of C4H10. Structural isomers are molecules with the same molecular 
formula (e.g. C4H10) but different arrangements of their atoms (i.e. different 
structural formulas). The branched butane has the same number of carbon 
and hydrogen atoms as the linear isomer. The atoms are just arranged 
differently.

Structural isomers have similar chemical properties but differ in some 
physical properties such as melting temperature and boiling temperature.

As molecules become larger, the number of possible arrangements of 
atoms increases rapidly. The alkane C20H42 has 366 319 possible isomers, 
although not all are likely to exist in any given sample of this alkane!

Because carbon-containing molecules can be very large and have many 
possible structures, chemists have developed a special system for naming 
them. This system will be introduced a little later in this chapter.

In the hydrocarbons described so far, the covalent bonds between the 
carbon atoms have been single bonds. The alkanes are known as saturated 
hydrocarbons. Because there are only single bonds between carbon atoms, 
they are ‘saturated’ with hydrogen atoms. 

Carbon and hydrogen can also form families of compounds in which 
there are double or triple bonds between carbon atoms.

a b
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You will notice that in each of these molecules: 
 each carbon atom forms a single covalent bond to four other atoms
 each hydrogen atom forms a single covalent bond to one carbon atom
 the four atoms bonded to each carbon atom are arranged in a tetrahedral 

manner around the carbon.
When we come to draw a structural formula for C4H10, however, there are 
two possible arrangements that satisfy the bonding requirements of each of 
the four carbon atoms and ten hydrogen atoms (Figure 8.6).
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 Figure 8.6
Structural formulas for the two possible molecules that have the molecular formula C4H10.

!
The straight-chain isomer of C4H10 boils at 
−0.5°C, whereas the branched isomer boils at 
−11.7°C. This difference can be attributed 
to the fact that the straight-chain molecules 
can pack more closely to one another. The 
dispersion forces between the molecules 
are more effective, requiring more energy to 
overcome them. Therefore, the straight-chain 
isomer has a slightly higher boiling temperature. 

!
Making models of butane and other molecules 
can help to make clear the possible structural 
formulas for a given molecular formula. You can 
use a molecular modelling kit or toothpicks and 
plasticine to model molecules. 

The structure represented in Figure 8.6a has the four carbon atoms 
bonded in a continuous chain. The overall molecule is linear. (These are 
sometimes called straight-chain molecules, although the chains are bent due 
to the tetrahedral angles.)

The structure represented in Figure 8.6b has the four carbon atoms 
bonded in a branched chain.

These two molecules are said to be isomers (or, more correctly, structural 
isomers) of C4H10. Structural isomers are molecules with the same molecular 
formula (e.g. C4H10) but different arrangements of their atoms (i.e. different 
structural formulas). The branched butane has the same number of carbon 
and hydrogen atoms as the linear isomer. The atoms are just arranged 
differently.

Structural isomers have similar chemical properties but differ in some 
physical properties such as melting temperature and boiling temperature.

As molecules become larger, the number of possible arrangements of 
atoms increases rapidly. The alkane C20H42 has 366 319 possible isomers, 
although not all are likely to exist in any given sample of this alkane!

Because carbon-containing molecules can be very large and have many 
possible structures, chemists have developed a special system for naming 
them. This system will be introduced a little later in this chapter.

In the hydrocarbons described so far, the covalent bonds between the 
carbon atoms have been single bonds. The alkanes are known as saturated 
hydrocarbons. Because there are only single bonds between carbon atoms, 
they are ‘saturated’ with hydrogen atoms. 

Carbon and hydrogen can also form families of compounds in which 
there are double or triple bonds between carbon atoms.

a b
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structural isomers of C4H10

butane

2-methylpropane

C4H10

C4H10

Structural Isomers
compounds with the same molecular 
formula but different structural formulae.



Practice Questions for 1.2.4 
(i) Structural Isomers 

1. What is a structural isomer? 

2. Draw all the structural isomers of butane (C4H10). 

3. Draw all the structural isomers of pentane (C5H12). 

4. Draw all the structural isomers of hexane (C6H14).  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behaviour of surfaces and the application of surface chemistry in nanotechnology

Liquid molecules are repelled from the 
surface because they only experience 
downward intermolecular forces

very high surface 
area-to-volume ratio better 

catalysts
increased 
friction

which 
leads to…

more heat 
sensitivity

colours!

1

2 which 
leads to… e.g. nano-gold 

= ruby golde–

&

electrons aren’t 
100% delocalised

&

tiny particles 
nanometers in size

Surface Tension

No overall force

Net downward force 
away from the surface

Nanoparticles

Stainless clothing 

Transparent sunscreen 

UV-opaque glass 

Designer cancer drugs

four uses 
of nano- 
particles

e.g. gecko-
gloves



Practice Questions for 1.2.5 
(i) Surface Tension 

(ii) Nanoparticles 

(iii) 4 Uses of Nanoparticles 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for addition polymerisation are unsaturated molecules. The double bond 
between the two carbon atoms reacts and new covalent bonds are formed 
between carbon atoms on nearby molecules, creating long chains.

Polyethene: an addition polymer
Polyethene was discovered by accident in the laboratories of ICI in Cheshire, 
England, in the 1930s when some oxygen entered a container of ethene by 
accident. At fi rst, the white waxy solid produced was considered a failure. 
Then further testing found it to be chemically unreactive and an excellent 
insulator. It was fi rst used to make cables and insulate radar aerials during 
World War II. The equation for the formation of polyethene is:

nC2H4(g) → (C2H4)n(s)
The ethene molecule contains a double bond between two carbon atoms 

and so can undergo addition polymerisation. In the process of addition 
polymerisation, all of the atoms present in the monomer molecules are 
present in the polymer molecules. The empirical formula of the polymer 
is the same as that of the monomer. The monomers simply add to the 
ever-growing chain until it reaches its fi nal length in a fraction of a second 
(Figure 8.24).

The polyethene molecules have a backbone of carbon atoms with, on 
average, 150 000 carbon atoms in each molecular chain, although in any 
particular sample of polyethene, the sizes of the molecules will vary.

Polyethene is the simplest of polymers because only hydrogen atoms are 
bonded to the carbon atoms in the chain. It is a thermoplastic polymer, 
which means it can be heated again and reshaped. This is because the bonds 
between the non-polar chains are weak dispersion forces. As the polymer is 
heated, the molecules gain kinetic energy and the polymer chains can slide 
over one another, breaking the weak dispersion forces. The strong covalent 
bonds within the polymer molecule are unaffected.

chemfact
Polythene is an ICI (UK) trademark.

!
When a covalent molecular solid such as 
ice is heated, it changes from a solid to a 
liquid quite suddenly at 0°C. The size of the 
molecules prevents a polymer from undergoing 
a similar change of state. The molecules are 
too entangled to move freely in the manner 
of water molecules. Polymers do not have a 
defi ned melting temperature. If they soften, they 
do so over a broad temperature range. This 
class of polymers is sometimes described as 
thermosoftening or thermoplastic. 

     High-density polyethene (HDPE) is used 
for pipes, buckets, toys, containers and 
freezer bags.

Unbranched chains of polyethene can pack together quite closely to form 
HDPE. HDPE is stronger and less fl exible than low-density polyethene.

     Low-density polyethene (LDPE) is used for 
cling fi lms, garbage bags, squeeze bottles, 
carry bags and insulating cables.

Highly branched chains of polyethene do not pack together as well and 
form a softer, more fl exible and low-density form of polyethene.

 Figure 8.29
Two different forms of polyethene: high-density 
polyethene (HDPE) and low-density polyethene 
(LDPE).

VCEasy 
VISUAL 

CHEMISTRY 

1.2.6a

addition polymers - relationship between structure, properties and applications

In Chemistry,	 ‘plastic’ = ductile + malleable. Plastic is an adjective; a property. 
	 	 ‘polymer’ is a type of material that includes polythene, PVC and Nylon®.

Definitions

	 	 Polymers are made from repeating monomer units bonded covalently.

Contains a carbon-
carbon double bond

Polymers … …

Monomer Polymer

= – – – – – – – – – – –

Those carbon-carbon double bonds become carbon-carbon single bonds 
as the monomers link together covalently to form a polymer

High-density polyethene Low-density polyethene

More Crystalline Amorphous

crystalline structures scatter light, 
making HDPE opaque

no crystalline structures, so no light 
scattering, making LDPE transparent

Low Branching High Branching

cling 
film

pipes
HDPE LDPE

Monomer Polymer

… …
Large side-groups prevent dense 
packing and lowers the density of a 
polymer. 

very large
Polystyrene:

Atactic Isotactic

random arrangement of side-groups all side groups face the same direction

less attraction between polymer chains more attraction between polymer chains

QUITE USELESS 
(grease)

USEFUL: clothes, and babies' bottles that 
don't melt when sterilised

4 structural features that 
change a thermoplastic 
polymer’s properties (see 
next section for number 4)

Illustrated by 
polyethene

Illustrated by polystyrene

Illustrated by polypropene

Branching1

2 Large Side-Groups

3 Arrangement of Side-Groups

low density

Branching lowers 
the density, 
hardness and 
melting point of a 
polymer.

Isotactic polymers can 
pack more closely and 
are are more dense 
than atactic polymers. 

Isotactic 
polypropene:

high density

08888880800Compounds of carbon

155
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World War II. The equation for the formation of polyethene is:

nC2H4(g) → (C2H4)n(s)
The ethene molecule contains a double bond between two carbon atoms 

and so can undergo addition polymerisation. In the process of addition 
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too entangled to move freely in the manner 
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     High-density polyethene (HDPE) is used 
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freezer bags.

Unbranched chains of polyethene can pack together quite closely to form 
HDPE. HDPE is stronger and less fl exible than low-density polyethene.

     Low-density polyethene (LDPE) is used for 
cling fi lms, garbage bags, squeeze bottles, 
carry bags and insulating cables.

Highly branched chains of polyethene do not pack together as well and 
form a softer, more fl exible and low-density form of polyethene.

 Figure 8.29
Two different forms of polyethene: high-density 
polyethene (HDPE) and low-density polyethene 
(LDPE).



Practice Questions for 1.2.6a 
(i) Definitions 

1. Define the following terms: 

a) monomer 

b) polymer 

c) plastic 

2. What’s the difference between “polymer” and “plastic”? 

(ii) Branching 

1. What is the difference between “amorphous” and “crystalline” polymers? 

2. What is the difference between HDPE and LDPE? 

3. Which polymer has more branching: HDPE or LDPE? 

4. How does branching change the properties of a polymer? 

5. Why is cling film, which is made from LDPE, transparent? 

(iii) Large Side-Groups 

1. What is the effect on a polymer of having large side-groups in its monomer units? 

2. Give an example of a polymer with large side-groups on its monomer units. 

(iv) Arrangement of Side-Groups 

1. Carefully-controlled reaction conditions can change whether atactic or isotactic polymers are 
produced. 

a) Describe the differences in structure between atactic and isotactic polymers. 

b)  Describe the differences in properties between atactic and isotactic polymers.  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addition polymers - synthesis, cross-linking

Thermoplastic polymers 
have no cross-links. 
!
Elastomers have 
occasional cross-links 
!
Thermosetting polymers 
have extensive cross-links 
and do not melt when 
heated. They decompose 
instead.

4 Degree of Cross-Linking

hard, 
brittle

has ‘elastic 
memory’
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These cross-links restrict the movement of the molecules. If a small 
amount of sulfur is used, then the polymer becomes more elastic; when a 
stretching force is removed, the cross-links return the chains to their original 
positions. If a larger amount of sulfur is added, more extensive cross-linking 
results in a more rigid material. The elasticity of a material varies with the 
number of the cross-links between the polymer chains.

C C C C C C C C

C C C C C C C C

C C C C C C C C

C C C C C C C C

Sn Sn Sn Sn

sulfur, heat
(vulcanisation)

chains of rubber polymer
before cross-linking

!
The Twelve Principles of Green (or 
environmentally safe) Chemistry, described 
in Chapter 17, provide guidelines that can be 
used to evaluate the environmental impact of a 
chemical process or product. Principle number 
10 is Design for degradation: Chemical 
products should be designed to break down to 
harmless substances after use so that they do 
not accumulate in the environment.

 Figure 8.37
The cross-links between the polymer chains 
in vulcanised rubber are covalent bonds. Sn 
represents a short chain of sulfur atoms.

chemfact
Recycling 1 tonne of plastics saves enough 
energy to run a refrigerator for a month. 
Every time you recycle 41 plastic bottles, 
enough energy is saved to run a refrigerator 
for 1 hour. It takes 125 recycled plastic milk 
bottles to manufacture a 140-litre wheelie 
bin from recycled plastic. 

Customised polymers
The development of plastics was motivated by the need to either replace 
existing materials that were in short supply or create new materials with 
improved physical and chemical properties. This need still exists.

Copolymers are polymers made from at least two different monomers. For 
example, pure polybutadiene is an elastomer with excellent elastic memory 
ideal for use in ‘super-balls’. Pure polystyrene forms a brittle thermoplastic with 
few crystalline regions. When styrene and butadiene are combined to form the 
copolymer styrene–butadiene, a variety of products can be produced simply 
by altering the ratio of the monomers. For example, a mouldable copolymer is 
possible when the styrene content is high because of the absence of cross-links 
between the chains in the styrene region. An elastomer similar to natural rubber 
is produced when the two monomers are present in closer to equal amounts.

Flame-retardance (often associated with PVC), resistance to UV light 
degradation, waterproofness (polychloroprene), fl exibility (polybutadiene), 
impact resistance, impermeability (butyl rubber), hardness and transparency 
can all be addressed by:
 using two or more different monomers
 altering the side groups
 arrangement of the side groups
 use of additives such as plasticisers to impart desired property. 

Plasticisers add fl exibility to polymers. They are small molecules that fi t 
between polymer chains, holding them slightly further apart. This reduces 
the effectiveness of intermolecular forces, making the polymer easier to 
soften and more fl exible.

Recycling plastics
Australians consume more than 1.3 million tonnes of plastics every year. This 
includes more than 40 different plastics. The disposal of the waste plastic material 
is a serious issue in our society. Most plastics currently in use are slow to degrade 
and occupy a huge amount of space in landfi lls. Newer types of biodegradable 
plastics, made from renewable plant materials, are being developed but these 
are still a very small proportion of the plastics in everyday use. In an effort to 

 Figure 8.38
An elastomer has suffi cient links between its 
chains to allow it to regain its shape after being 
stretched.

cross-links are made of sulphur

If it’s stretched or 
heated, cross-links bring 
it back into shape.

• cross-links are strong, covalent bonds  
• created through a process known as vulcanisation 
• more sulphur, more cross-links, more elastic memory

Cannot be re-formed

e.g. 3D printer material

melts when 
heated

To make a Thermoplastic from Monomers:

Monomer Polymer

Hydrogens not shown

or hydrogen bonding between side-groups in the chains

n is usually 
1,000 – 
150,000



Practice Questions for 1.2.6b 
(i) Degree of Cross-Linking 

1. Compare thermoplastic polymers, elastomers and thermosetting polymers. 

2. What happens when you heat thermoplastic polymers, elastomers and thermosetting polymers? 

3. Describe cross-links in polymers. 

4. Industries sometimes alter the reaction conditions and reaction reagents so that the polymers 
they are producing have cross-links. What is the role of cross-links in polymers? 

5. Describe, in terms of intermolecular bonds, why gaseous monomer units can form a solid 
polymer.  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addition polymers - development of customised polymers

Customised polymers

1

Polymers can be customised in four ways:

2

3

4

Using two or more different monomers

Changing the side-groups

Rearranging the side-groups (atactic/isotactic)

Adding plasticisers

=

or

Plasticisers sit 
between the polymer 
chains, separating 
them slightly. They 
reduce the effect of 
intermolecular forces, 
making the polymer 
softer and more 
flexible.

• flame retardance 
• resistance to UV-light degradation 
• waterproofness 
• flexibility 
• impact resistance 
• transparency

Custom 
polymers  
can have 
enhanced 
properties, 
such as:

= =



Practice Questions for 1.2.6c 
(i) Customised Polymers 

1. Explain each of the four ways in which polymers can be customised. 

2. Think of an acronym to help you remember these four customisations.  



1.244 per molecule

Theoretical # of 
intermolecular 
bonds formed

2 per molecule

2 per molecule

they absorb red light, making 
large bodies of water look blue!

∆EN

1.78

0.84

H2O
HF
NH3

Boiling Point

a measure 
of polarity therefore…
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role of water in maintaining life in the environment - unique properties of water: relationship 
between structure and bonding, and properties and uses including solubility and 
conductivity

Water

1

10000000010110Water: essential to life

189

solar energy

precipitation

ground flow — liquid water and ice

stream

water vapour

evaporation
and transpiration

ocean
evaporation

heat

respiration

combustion

photosynthesis

Water and living things
Water is involved in the reactions of life: photosynthesis and respiration.

The overall process of photosynthesis can be represented by the following 
equation:
                                   chlorophyll

6H2O(l) + 6CO2(g) ————h C6H12O6(s) + 6O2(g)
                                   sunlight              glucose

In this essential reaction, water is absorbed into the cells of plants or algae 
and, in the presence of chlorophyll and sunlight, is used in the manufacture 
of glucose. 

Cells of all oxygen-using life forms use glucose as their energy source. 
The reaction between glucose and oxygen produces carbon dioxide and 
water. In this way, water that was removed during photosynthesis is returned 
to the cycle.

The overall process of respiration can be represented by the following 
equation:

C6H12O6(s) + 6O2(g) ——h 6H2O(l) + 6CO2(g) 

Water fulfi ls several other functions in plants and animals.
 It provides a system to transport nutrients and soluble wastes. 

 Water fulfi ls a similar transport role in animals and in plants. The ability 
of water to act as a solvent and dissolve a wide range of materials is 
central to its functions in transporting materials in living things.

 Figure 10.4
The water cycle in nature.

• provides a system to transfer heat, cool the body, and transport nutrients and soluble wastes 
• has an unusually high boiling point due to hydrogen bonding 
• is a covalent molecular compound (see Unit 1.2.1c) and is essential for life

Hydrogen Bonding gives water its very high boiling point

192 101110011Water192
WW

Why does water have higher than expected melting and boiling temperatures? 
An examination of the structure and bonding in solid water will help to 
answer this question.

In an ice crystal, the water molecules are arranged in a structured and 
regular manner, with each molecule forming hydrogen bonds directly to four 
other molecules (Figure 10.11). For ice to melt, energy must be provided to 
increase the kinetic energy of the water molecules to the point where they 
break free of the crystal lattice. In the melting process, some of the hydrogen 
bonds break as the ice structure collapses to produce liquid water, which 
is roughly 10% denser than ice. The relatively high melting temperature 
of water indicates that this process requires a relatively large amount of 
energy. 

When water is boiled, the water molecules are separated from each other 
and all the hydrogen bonds are broken. Water requires a signifi cant amount 
of energy to overcome these relatively strong hydrogen bonds between its 
molecules. This accounts for water’s relatively high melting and boiling 
temperatures (Figure 10.10). 

High latent heat values
Latent heat measures the energy needed to change the state of a substance 
at its melting or boiling temperature:
 The latent heat of fusion of water is the amount of energy needed to 

change a fi xed amount of water from a solid to a liquid at 0°C.
 The latent heat of vaporisation of water is the amount of energy needed 

to change a fi xed amount of water from a liquid to a gas at 100°C.

 Figure 10.9
Water is the only substance commonly found in all three states (solid, liquid and gas) under the 
conditions normally found on Earth.

 Figure 10.11
The arrangement of water molecules in ice.

 Figure 10.12
Energy required to change the state of water.

 Figure 10.10
Estimated boiling temperature of water in the 
absence of hydrogen bonding.
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of energy to overcome these relatively strong hydrogen bonds between its 
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 The latent heat of fusion of water is the amount of energy needed to 
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H2O forms 4 intermolecular bonds per 
molecule, and they’re all hydrogen bonds

Hydrogen Bonding gives water its very high latent heat values
• The latent heat of fusion of water is the amount of energy needed to change a 

fixed amount of water from a solid to a liquid at 0°C.  !
• The latent heat of vaporisation of water is the amount of energy needed to 

change a fixed amount of water from a liquid to a gas at 100°C.  !
• These values are both very high because strong hydrogen bonds must be 

broken during each change of state

Water has a high specific heat capacity
• It requires a lot of energy to heat water compared with other substances

Ice is less dense than water

• Below 0°C, all four hydrogen bonds stabilise into a crystal structure (ice). In ice, 
the molecules are spaced more widely apart than in liquid water.

E = SHC ✕ m ✕ ∆T
Energy

Specific Heat 
Capacity mass

Change in 
Temperature

J J g-1 °C-1 g °C=

= ✕ ✕

✕ ✕

Properties Photosynthesis 
Equation:



Practice Questions for 2.1.1a 
(i) Introduction to Water 

1. List five to ten roles of water in the environment. 

2. Write the balanced photosynthesis equation. 

3. Write the balanced equation for the complete combustion of glucose in oxygen. 

(ii) High Boiling Point 

1. What is hydrogen bonding? 

2. Draw two water molecules and draw a hydrogen bond between them. 

3. Explain how hydrogen bonding gives water an unusually high boiling point. 

4. Why is the boiling point of H2S so much lower than the boiling point of H2O? 

5. Why is the boiling point of H2O so much higher than the boiling point of NH3? 

(iii) High Latent Heat Values 

1. What are the two types of latent heat values? 

2. Explain these two types of latent heat values in simple terms. 

3. Why does ice require so much energy to melt it? 

4. Why does water require so much energy to boil it? 

(iv) High Specific Heat Capacity 

1. What is a specific heat capacity? 

2. Water has a very high specific heat capacity. Name three materials with very low specific heat 
capacities. 

3. Why does water require so much energy to warm it up? 

4. Why does water cool down so slowly? 

(v) Ice is Less Dense than Water 

1. Explain, in terms of intermolecular bonding, why ice is less dense than water.  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2.1.1b

role of water in maintaining life in the environment - ways in which substances behave in 
water: the dissociation of soluble ionic solutes; the ionisation of polar molecules such as 
acids; the separation of non-ionising polar molecules such as ethanol

When a 
substance 
dissolves

1. Particles of solute are separated from one another. 
2. Particles of solvent are separated from one another. 
3. The solute and solvent particles attract each other.

Ionic Substances in Solution

Polar Molecules in Solution that ionise

3 Polar Molecules in Solution that don’t ionise

Water molecules then 
surround each ion, attracted 

by ion-dipole attraction.

               H2O(l) + HCl (g) → H3O+(aq) + Cl–(aq)

                 C2H5OH(l) → C2H5OH(aq) !
When ethanol is added to water, hydrogen bonds 
form between the ethanol and water molecules 
and the ethanol dissolves. !
Water and ethanol molecules mix freely with 
each other, held together in the solution by 
hydrogen bonds.

Example:

Example:

Example:

3 types of substances in water

+ + +
++

+ +

– – –

– – –
– –

–

+

NaCl(s) → Na+(aq) + Cl–(aq)

The water molecules surround the ionic lattice and pull 
the anions and cations into the surrounding solution. 

The solute loses a proton and 
ionises. That proton bonds with a 
water molecule to form a 
hydronium ion (H3O+). 



Practice Questions for 2.1.1b 
(i) When a Substance Dissolves in Water 

1. What happens when a substance dissolves in water? 

(ii) Ionic Substances in Solution 

1. Define an “ionic” substance. 

2. Explain, using words and pictures, what happens when sodium chloride dissolves in water. 

3. When ionic substances dissolve, how is hydrogen bonding involved? 

(iii) Polar Substances that Ionise in Solution 

1. Define “ionisation”. 

2. What is a “hydronium ion”? 

3. Explain, using words and pictures, what happens when hydrochloric acid dissolves in water. 

4. When polar substances that ionise in solution are dissolved in water, how is hydrogen bonding 
involved? 

(iv) Polar Substances that Don’t Ionise in Solution 

1. Explain, using words and pictures, what happens when ethanol dissolves in water. 

2. When polar substances that don’t ionise in solution are dissolved in water, how is hydrogen 
bonding involved? 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role of water in maintaining life in the environment - maintaining water quality: 
solubility, precipitation reactions, pH

Solubility •refers to the maximum mass of a substance that can dissolve in a given quantity 
of solvent at a given temperature 

• solute that can no longer remain in solution (e.g. because the temperature has 
decreased) will crystallise or supersaturate. 

• temperature and pressure both increase solubility of solids in liquids 
• temperature decreases solubility of gases in liquids (e.g. O2 in water)

heat packs rely on the sudden recrystallisation of 
supersaturated solutes, which is an exothermic process.

n = c ✕ V
# moles

L=

= ✕

✕mol L-1mol

Conc. Volume

c1V1 = c2V2
After dilution

=mol L-1 L mol L-1 L

Before dilution =

Water purification is a four-step process

Flocculation

Settling of the ‘floc’

Filtering

Chlorination 12222222221211Water: removing dissolved solutes

223

12.2  

Maintaining water quality
Water’s ability to dissolve a wide range of materials, unfortunately, causes 
problems when unwanted or toxic solutes pollute water supplies. So, water 
often needs to be treated before it is consumed. Some waste water also 
needs to be treated before it is returned to the environment. Precipitation 
reactions play an important role in the treatment of drinking water.

Treatment of drinking water
In most Australian cities, water is treated before being passed on to con-
sumers through the water supply system. The amount of treatment required 
varies from city to city, but the usual purpose of the treatment is to remove 
suspended solids, bacteria, colour and odour from the water. The steps 
involved in the purifi cation of water for most cities are:
 fl occulation
 settling of the ‘fl oc’
 fi ltering
 chlorination.

Figure 12.4 shows a typical system used throughout Australia for the 
treatment of city water supplies.

water from river,
lake or reservoir

Ca(OH)2 and Al2(SO4)3

settling basin

fine sand

coarse sand
fine gravel
coarse gravel

gaseous chlorine
dissolved in water

to city
mains

clear well

sand filter

Flocculation
Flocculation is the process by which small suspended particles in the water 
join together to form larger, heavier particles. The heavier particles then sink 
under their own weight and settle in the water sample.

Flocculation can be achieved by adding alum (aluminium sulfate) and, if 
neces sary, lime. Lime (Ca(OH)2) is added to neutralise acids and provide a 
source of hydroxide ions in the water supply. The lime is an ionic compound 
which dissolves in water by dissociating into its ions. The equation for this 
dissociation is:
 H2O

 Ca(OH)2(s) ——h Ca2+(aq) + 2OH−(aq)

 Figure 12.4
A system typical of those used to treat drinking 
water.
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Alum provides Al3+(aq) ions in solution and these combine with hydroxide 
ions to form a precipitate of aluminium hydroxide:
 Al3+(aq) + 3OH−(aq) ——h Al(OH)3(s)

Aluminium hydroxide is produced in the form of a gelatinous (jelly-like) 
precipitate called the fl oc, which traps other fi ne particles and removes 
colour and some microorganisms from the water. 

Settling
The water is then left to stand to allow the fl oc to settle for a period, during 
which the settled materials form a sludge. The rest of the water passes on 
to the fi ltering stage. The sludge accumulates at the bottom of the settling 
tank and is removed.

Filtering
Water from the settling tank is allowed to fi lter down through a bed of sand 
over gravel. This removes any remaining suspended matter. 

Chlorination
After fi ltering, the clear water is usually treated with gaseous chlorine to 
destroy bacteria. Chlorine reacts with water:
 Cl2(g) + H2O(l) ——h HOCl(aq) + H+(aq) + Cl−(aq)

The main purpose of chlorination is to remove biological contaminants. It 
is the hypochlorous acid (HOCl) that kills bacteria. HOCl diffuses through 
the cell walls of microorganisms and destroys their ability to function.

After chlorination, water is considered to be fi t for human consumption.

!
This is an example of a hydrolysis reaction. 
A hydrolysis reaction is one in which water is a 
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Alum provides Al3+(aq) ions in solution and these combine with hydroxide 
ions to form a precipitate of aluminium hydroxide:
 Al3+(aq) + 3OH−(aq) ——h Al(OH)3(s)

Aluminium hydroxide is produced in the form of a gelatinous (jelly-like) 
precipitate called the fl oc, which traps other fi ne particles and removes 
colour and some microorganisms from the water. 

Settling
The water is then left to stand to allow the fl oc to settle for a period, during 
which the settled materials form a sludge. The rest of the water passes on 
to the fi ltering stage. The sludge accumulates at the bottom of the settling 
tank and is removed.
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kills bacteria

Hard water is caused by Ca2+ ions. Ca2+ binds to the stearate of sodium stearate 
(active ingredient of soap) to produce calcium stearate, which is scum.

Precipitation occurs when amount of solute exceeds the solubility limit at that temperature
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Barium chloride (BaCl2) is a soluble compound containing barium ions 
and chloride ions. Sodium sulfate (Na2SO4) is also a soluble compound and 
contains sodium ions and sulfate ions. When solutions of barium chloride 
and sodium sulfate are added together, the mixture is initially supersaturated 
with barium sulfate. A white precipitate, barium sulfate (BaSO4), forms 
(Figure 12.1a). This reaction can be represented by the equation:

 BaCl2(aq) + Na2SO4(aq) ——h BaSO4(s) + 2NaCl(aq)

The precipitate of barium sulfate can be collected by fi ltering the solution. 
If the water is evaporated from the fi ltrate (the remaining solution), solid 
sodium chloride remains.

To identify which of the products in a precipitation reaction is the solid 
or precipitate, refer to Table 10.4 (page 199). Generally, compounds that 
contain the ions Na+, K+, NH4

+ or NO3
− are soluble in water. This explains 

why sodium chloride (NaCl) remains in solution in the reaction between 
barium chloride and sodium sulfate. The equation shown for this reaction is 
a balanced chemical equation and, because a precipitate forms, the reaction 
is called a precipitation reaction.

Worked example 12.1a
A precipitate forms when a colourless solution of lead nitrate (Pb(NO3)2) is added to a colourless 
solution of potassium iodide (KI) (Figure 12.2). A dense yellow colour appears that is solid lead 
iodide. Write a balanced chemical equation, identifying the precipitate.

Solution
Step 1.  Identify the possible products of the reaction by swapping the positive and negative 

ions of the reactants:
 Products: lead iodide and potassium nitrate
Step 2. Write the correct formulas of the reactants and possible products.
 Reactants Products
 Pb(NO3)2 and KI PbI2 and KNO3

Step 3.  Write the equation and balance it so that equal numbers of all atoms occur on 
both sides.

  Pb(NO3)2 + 2KI ——h PbI2 + 2KNO3

Step 4.  Deduce, from Table 10.4, which of the products is the precipitate. The precipitate is 
given the state symbol (s) and the soluble reactants and product the state symbol 
(aq). Include the appropriate states in the equation.

  Pb(NO3)2(aq) + 2KI(aq) ——h PbI2(s) + 2KNO3(aq)

Ionic equations
In the reaction between the solutions of barium chloride and sodium sulfate, 
the equation is often written as: 

 BaCl2(aq) + Na2SO4(aq) ——h BaSO4(s) + 2NaCl(aq)

However, when ionic substances dissolve in water, the ionic compounds 
dissociate (Chapter 10) into their ions in solution. This means that it is 
free ions that are reacting to form a precipitate, and the equation is more 
accurately expressed as:

 Ba2+(aq) + 2Cl−(aq) + 2Na+(aq) + SO4
2−(aq) ——h�

BaSO4(s) + 2Na+(aq) + 2Cl−(aq)

Barium sulfate, being insoluble, is not appreciably dissociated into its ions. 
It precipitates and is written as BaSO4(s) to indicate that it is a solid. All of the 
other substances are dissolved and are therefore present as ions in solution. 

Pb2+

Pb2+NO3
–

NO3
–

NO3
–

PbI2
PbI2

PbI2
PbI2

PbI2

NO3
– K+

K+ K+

K+I– I–

 Figure 12.2
Precipitation of lead iodide from solutions of 
lead nitrate and potassium iodide.

Pb2+

K+

NO3
–

I–

 Figure 12.3
Possible exchange of ions in solution.

when mixing aqueous solutions, ions can 
exchange in a double displacement reaction. 
Any resulting solids are precipitates.
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12.1

 When solutions of ionic compounds are mixed, a reaction 
occurs if oppositely charged ions combine to form an insoluble 
compound.

 The insoluble compound forms a precipitate, which can be 
collected by fi ltration.

 The ions not involved in the reaction remain in solution and are 
called spectator ions.

 The reaction can be represented either by a full chemical 
equation or by an ionic equation that focuses only on the actual 
ions reacting. 

summary

 1 a  Name the precipitate formed when aqueous solutions of the 
following compounds are mixed together:

 i K2S and MgCl2
 ii CuCl2 and AgNO3

 iii KOH and AlCl3
 iv MgSO4 and NaOH
 b Write a full balanced chemical equation for each reaction.

 2 Write i a full chemical equation and ii an ionic equation for 
each of the following precipitation reactions:

 a AgNO3(aq) + NaCl(aq) →
 b CuSO4(aq) + Na2CO3(aq) →
 c (NH4)2SO4(aq) + BaCl2(aq) →
 d K2S(aq) + Pb(NO3)2(aq) →
 e CaCl2(aq) + Na3PO4(aq) →
 f NaOH(aq) + Pb(NO3)2(aq) →

key questions

On a closer look, the only change that has occurred in this reaction is 
the combination of barium ions and sulfate ions to form a barium sulfate 
precipitate. The sodium and chloride ions have not reacted, but have 
remained in the same state and unchanged at the end of the reaction. Ions 
such as these are called spectator ions and may be omitted from the chemical 
equation. 
 Ba2+(aq) + 2Cl−(aq) + 2Na+(aq) + SO4

2−(aq) ——h 

                  BaSO4(s) + 2Na+(aq) + 2Cl−(aq)

This reaction can therefore be represented by the simplifi ed equation:

 Ba2+(aq) + SO4
2−(aq) ——h BaSO4(s)

This type of equation, in which spectator ions are omitted, is called an ionic 
equation. Ionic equations are simpler than the ‘full’ equations and focus on 
the actual reaction that takes place. Sometimes, however, the full equation 
is preferred. From a full equation, for example, you can tell which particular 
compound will dissolve in water to provide a source of an ion.

Worked example 12.1b
Write an ionic equation for the reaction between the solutions of lead nitrate and potassium 
iodide described in Worked example 12.1a.

Solution
Step 1.  Rewrite the equation with the soluble ionic compounds dissociated into ions.
 Pb2+(aq) + 2NO3

–(aq) + 2K+(aq) + 2I–(aq) ——h 
PbI2(s) + 2NO3

–(aq) + 2K+(aq)

Step 2.  Remove the spectator ions, to give the ionic equation for the reaction.

 Pb2+(aq) + 2I-(aq) ——h PbI2(s)
Remove the spectator ions to get the simplified equation:

Solution 
Formula

c1V2 + c2V2 = c3(V1+V2)

Dilution 
Formula

Mixtures 
Formula

Solution 1 Solution 2 Resulting mixture

to find concentration

when adding distilled 
water to a sample

when mixing two solutions 
together

ppb ppm ‰ %
× 1000 × 1000 × 10

÷ 1000 ÷ 1000 ÷ 10ng mL–1 
ng g–1 

µg L–1 

µg kg–1 

µg mL–1 
µg g–1 

mg L–1 

mg kg–1 

mg mL–1 
mg g–1 

g L–1 

g kg–1 

%m/m 

%m/v 
%v/v

Units of Concentration



Practice Questions for 2.1.1c 
(i) Solubility 
1. Define the following terms: solute, solvent, solubility, crystallisation, supersaturation. 
2. What will happen to the solubility of sodium chloride in water if the temperature is increased? 
3. What will happen to the solubility of water vapour in air if the pressure is decreased? 
4. When water boils, what is in the bubbles that form? 

(ii) Solution Formula 
1. Find the number of moles of solute in each of the following solutions: 

a) 0.200 L of 0.520 M solution 
b) 0.568 L of 0.110 M solution 

2. Find the concentration (in mol L–1) of the following solutions: 
a) 1.0 mole of solute dissolved in 2.8 litres of solvent 
b) 40 g of sodium chloride dissolved in 310 mL litre of water 
c) 0.01 mol of sodium chloride dissolved in  mol of water 

(iii) Dilution Formula 
1. Find the concentration after 380 mL of solvent is added to each of the solutions in part (ii) 

question 2. 

(iv) Mixtures formula 
1. The solutions in question 1a and 1b in the “solution formula” section are mixed. What is the 

final volume and final concentration? 
2. 410 mL of 1.0 M NaCl solution and 319 mL of 0.8 M NaCl solution are mixed. What is the 

final volume and concentration? 
3. 92 mL of 0.80 M KOH solution and 155 mL of 1.5 M KOH solution are mixed. What is the 

final volume and concentration? 

(v) Precipitation 
1. What is a “spectator ion”? 
2. Write full and ionic equations to depict what happens when zinc metal is added to copper (II) 

sulphate solution, producing copper metal and zinc sulphate solution. 
3. Write full and ionic equations to depict what happens when silver nitrate solution is added to 

sodium chloride solution, producing sodium nitrate solution and a silver chloride precipitate. 

(vi) Water Purification 

(vii)Hard Water 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2.1.1d

role of water in maintaining life in the environment - desalination, including the 
principles of distillation

D Distillation

R Reverse Osmosis

I Ion Exchange

3 Desalination Methods

salt
solution

thermometer

Bunsen
burner

water
out

water
in

condenser

pure water

boil seawater then condense the steam

Water molecules
forced through

membrane.

semipermeable
membrane

seawater
under

pressure

fresh
water

force seawater through a selectively permeable membrane

seawater travels through a cation-exchange resin, 
then through an anion-exchange resin

replaces Na+ with H+

replaces Cl– with OH–



Practice Questions for 2.1.1d 
(i) Distillation 

(ii) Reverse Osmosis 

(iii) Ion Exchange 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2.1.2

acids and bases: proton transfer; common reactions of acids; strong and weak acids 
and bases; polyprotic acids; amphiprotic substances

Indicators change colour depending on the pH of their environment

Brønsted–Lowry definitions
acids are proton donors, pH < 7 
bases are proton acceptors, pH > 7

1 Acid + Metal

2 Acid + Metal Hydroxide

3 Acid + Metal Oxide

4 Acid + Metal Carbonate

5 Acid + Metal Hydrogen Carbonate

6 Acidic non-metal oxide + base
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Acids also react with many compounds such as metal hydroxides and 
metal carbonates. A salt is again produced with each of these, together with 
water. In the case of metal carbonates, carbon dioxide is also formed. 

General reaction types involving acids
There are numerous ways in which acids and bases react. It is possible, 
however, to group some reactions together on the basis of the similarity of 
the reactants involved and products formed. As long as we remember that 
identifi cation of reaction products should be based on experimental data, 
these groups, or reaction types, can be useful.

The following are six of the more common reaction types. For each 
reaction type, an example is given. 

Reaction type 1
Acid + reactive metal ——h salt + hydrogen
Reactive metals include Ca, Mg, K and Zn but not Cu, Ag or Au.

When dilute acids are added to main group metals, and some transition 
metals, bubbles of hydrogen gas are released, and a salt is formed. 

For example, the reaction between dilute hydrochloric acid and zinc 
metal can be represented by the equation:

 2HCl(aq) + Zn(s) ——h ZnCl2(aq) + H2(g)

This reaction can also be represented by an ionic equation. In aqueous 
solution the hydrochloric acid is ionised and the zinc chloride (an ionic 
compound) is dissociated. The equation can therefore be written as:

 2H+(aq) + 2Cl−(aq) + Zn(s) ——h Zn2+(aq) + 2Cl−(aq) + H2(g)

The chloride ion is the only spectator ion. The ionic equation is therefore:

 2H+(aq) + Zn(s) ——h Zn2+(aq) + H2(g)

Reaction type 2
Acid + metal hydroxide ——h salt + water
Metal hydroxides include NaOH, Ca(OH)2 and Mg(OH)2.

The hydroxide ions from metal hydroxides react readily with the 
hydronium ion, H+(aq), from acids. The products of an acid–base reaction 
are a salt and water.

For example, the reaction between solutions of sulfuric acid and sodium 
hydroxide can be represented by the equation:

 H2SO4(aq) + 2NaOH(aq) ——h Na2SO4(aq) + 2H2O(l)

The sulfuric acid is ionised in solution and both sodium hydroxide and sodium 
sulfate are ionic and therefore dissociated in solution. Water, however, is a 
covalent molecular substance that does not ionise to any signifi cant extent. 
So the equation becomes:

 2H+(aq) + SO4
2−(aq) + 2Na+(aq) + 2OH−(aq) ——h

2Na+(aq) + SO4
2−(aq) + 2H2O(l)

The ionic equation is therefore:

 H+(aq) + OH−(aq) ——h H2O(l)

Acid Formula Anions 
produced in 
reactions

Sulfuric H2SO4 HSO4
− and SO4

2− 

Nitric HNO3 NO3
−

Hydrochloric HCl Cl−

Hydrofl uoric HF F−

Ethanoic CH3COOH CH3COO−

 TABLE 13.3 Some acids and 
the anions they produce

 Figure 13.8
Hydrogen gas is produced from the reaction of 
some metals with dilute acid.

!
Hydrogen gas is produced from metals when 
the acid solution is dilute. Some acids give 
gases other than hydrogen when concentrated.

→ salt + H2

→ salt + H2O
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Reaction type 3
Acid + metal oxide ——h salt + water 
Metal oxides include Na2O, MgO, CaO and ZnO.

Metal oxides are usually basic oxides since they contain the oxide (O2−) 
ion. Water-soluble oxides tend to form the hydroxide ion:

 O2−(aq) + H2O(l) ——h 2OH−(aq)

When an acid is added to a metal oxide, a salt and water are produced.
For example, the reaction between dilute nitric acid and solid calcium 

oxide can be represented by the equation:

 2HNO3(aq) + CaO(s) ——h Ca(NO3)2(aq) + H2O(l)

The calcium oxide is a solid so the ions are not dissociated. The nitric acid 
is ionised in solution and calcium nitrate is ionic and therefore dissociated 
when dissolved in solution. So the equation becomes:

 2H+(aq) + 2NO3
−(aq) + CaO(s) ——h Ca2+(aq) + 2NO3

−(aq) + H2O(l)

The nitrate ions are spectator ions in this reaction and so the ionic equation is:

 2H+(aq) + CaO(s) ——h Ca2+(aq) + H2O(l)

Reaction type 4
Acid + metal carbonate ——h salt + water + carbon dioxide
Metal carbonates include Na2CO3, MgCO3 and CaCO3.

Acids reacting with metal carbonates produce carbon dioxide gas together 
with a salt and water.

For example, the reaction between a solution of nitric acid and solid 
magnesium carbonate can be represented by the equation:

 2HNO3(aq) + MgCO3(s) ——h Mg(NO3)2(aq) + H2O(l) + CO2(g)

The nitrate ions are spectator ions in this reaction and so the ionic equation is:

 2H+(aq) + MgCO3(s) ——h Mg2+(aq) + H2O(l) + CO2(g)

Reaction type 5
Acid + metal hydrogen carbonate ——h 

salt + water + carbon dioxide
Metal hydrogen carbonates include NaHCO3, KHCO3 and Ca(HCO3)2.

Acids added to metal hydrogen carbonates (also known as bicarbonates) 
also produce carbon dioxide together with a salt and water.

For example, the reaction between solutions of hydrochloric acid and 
sodium hydrogen carbonate can be represented by the equation:

 HCl(aq) + NaHCO3(aq) ——h NaCl(aq) + H2O(l) + CO2(g)

The sodium and chloride ions are spectator ions in this reaction and so the 
ionic equation is:

 H+(aq) + HCO3
−(aq) ——h H2O(l) + CO2(g)

!
Self-raising fl our contains tartaric acid and 
some sodium hydrogen carbonate (bicarbonate 
of soda). It is used in baking cakes because 
on heating in the oven, the acid and hydrogen 
carbonate react. Carbon dioxide is released, 
which causes the cake mixture to rise.

 Figure 13.9
Effervescence in this antacid preparation is due 
to hydrogen ions and hydrogen carbonate ions 
reacting together to produce bubbles of carbon 
dioxide.

13333333313113Introducing acids and bases

237

Reaction type 3
Acid + metal oxide ——h salt + water 
Metal oxides include Na2O, MgO, CaO and ZnO.

Metal oxides are usually basic oxides since they contain the oxide (O2−) 
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Reaction type 6
Acidic oxide (non-metal oxide) + base ——h salt + water 
Acidic oxides include SO2, SO3, P4O10 and CO2.

When non-metals react with oxygen, they tend to produce acidic oxides. 
That is, when these oxides are added to water, they form acidic solutions. 
The reactions of these with bases produce a salt and water. 

For example, the reaction between carbon dioxide and a solution of 
calcium hydroxide (limewater) can be represented by the equation:

 CO2(aq) + Ca(OH)2(aq) ——h CaCO3(s) + H2O(l) 

Table 13.4 lists some common acidic oxides and the anions they produce 
in reactions.

After writing ionic equations for a number of specifi c reactions, you will 
notice that many are the same. In most situations, each type of reaction will 
have a particular ionic equation. The more common of these are summarised 
in Table 13.5.

Acidic oxide Acid formed when oxide is added 
to water

Anion produced in reactions 
with bases

CO2 Carbonic acid (H2CO3) Carbonate (CO3
2−)

SO2 Sulfurous acid (H2SO3) Sulfi te (SO3
2−)

SO3 Sulfuric acid (H2SO4) Sulfate (SO4
2−)

P4O10 Phosphoric acid (H3PO4) Phosphate (PO4
3−)

 TABLE 13.4 Some common acidic oxides and the anions they produce

!
This reaction is used to test for the presence of 
carbon dioxide. When carbon dioxide is bubbled 
through calcium hydroxide or limewater, it 
forms a precipitate of calcium carbonate. The 
precipitate forms a suspension which makes 
the limewater look ‘milky’.

Reactants Ionic equation
Acid and metal 
hydroxide

H+(aq) + OH−(aq) —h 
H2O(l) 

Acid and metal 
carbonate

2H+(aq) + CO3
2−(aq) —h 

H2O(l) + CO2(g)
Acid and metal 
hydrogen 
carbonate

H+(aq) + HCO3
−(aq) —h 

H2O(l) + CO2(g)

 TABLE 13.5 Commonly used 
examples of ionic equations

13.2

Some generalisations can be made about the likely products of 
some reactions involving acids and bases:
 acid + reactive metal —h salt + hydrogen
 acid + metal hydroxide —h salt + water
 acid + metal oxide —h salt + water 

 acid + metal carbonate —h salt + water + carbon dioxide
 acid + metal hydrogen carbonate —h

salt + water + carbon dioxide
 acidic oxide + base —h salt + water 

summary

chemistry in action

We can fi nd many examples of the reactions of the types of reactions described above in 
the environment and in everyday life:
 The reaction between an acid and a metal oxide is used to remove the coating of iron 

oxide from steel before soldering. 
 Calcium hydroxide is used to reduce acidity in soils.
 Magnesium hydroxide is used to reduce acidity in our stomachs.
 Natural rainfall is slightly acidic because rain dissolves carbon dioxide from the air to 

produce carbonic acid (H2CO3):

 CO2(g) + H2O(l) ——h H2CO3(aq)

ychemistry in action

Acids in the environment and in everyday life

 Figure 13.10
Natural rainfall is slightly acidic.
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These and further attempts at defi ning acids and bases had a number of 
limitations. Arrhenius’ defi nition for example was restricted to acids and 
bases dissolved in water. One of the more useful defi nitions used today was 
fi rst proposed independently by the Danish chemist Johannes Brønsted and 
the English chemist Thomas Lowry in 1923. Brønsted and Lowry described 
reactions of acids as involving the donation of a hydrogen ion (H+). A 
hydrogen ion is a hydrogen atom that has lost its only electron. In most cases 
a hydrogen ion is a proton. Chemists often use the terms hydrogen ion and 
proton interchangeably.

!
Svante Arrhenius was awarded the Nobel prize 
for Chemistry in 1903.

!
About 0.015% of hydrogen atoms also contain 
a neutron in the nucleus (21H). This has no effect 
on acid behaviour. 

14.2  

Brønsted–Lowry acids and 
bases
According to the Brønsted–Lowry theory, a substance behaves as an acid 
when it donates a proton, i.e. H+, to a base. A substance behaves as a base 
when it accepts a proton from an acid. Hence:
 acids are proton donors and
 bases are proton acceptors.

As protons are exchanged from an acid to a base, this defi nition explains 
why acids and bases react together. For example, hydrogen chloride (HCl) is 
a molecular compound that is very soluble in water. In Chapter 10 you saw 
that the hydrogen chloride molecules ionise in water:

 HCl(g) + H2O(l) ——h H3O+(aq) + Cl−(aq)
 acid base

In an aqueous solution of hydrogen chloride, nearly all the hydrogen chloride 
is present as ions—virtually no molecules of hydrogen chloride remain. This 
solution is known as hydrochloric acid.

In this reaction, each hydrogen chloride molecule has donated a proton 
to a water molecule. According to the Brønsted–Lowry theory, the hydrogen 
chloride has acted as an acid. The water molecule has accepted a proton from 
the hydrogen chloride molecule, so has acted as a base.

 H+

 HCl(g) + H2O(l) ——h H3O+(aq) + Cl−(aq)
 acid base

Acid–base conjugate pairs
Because HCl and Cl− can be formed from each other by the loss or gain of a 
single proton, they are called a conjugate acid/base pair. Similarly, H3O+ and 
H2O are also a conjugate pair. A conjugate pair is two species which differ 
by a proton, i.e. H+. For the reaction between HCl and H2O, the conjugate 
pairs are shown as:
 
 HCl(g) + H2O(l) ——h H3O+(aq) + Cl−(aq)
 
 acid base acid base
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In the next reaction, between NH3 and H2O, the conjugate acid–base 
pairs are NH4

+/NH3 and H2O/OH− because each acid differs from its 
corresponding base by one proton.
 
 NH3(aq) + H2O(l) ——h NH4

+(aq) + OH−(aq)
 
 base            acid                acid             base

The H+ ion in water
A hydrogen ion (or proton) in solution is represented as H3O+(aq) or, more 
simply, H+(aq) and is called the hydronium ion. The hydronium ion itself 
attracts more water molecules and is further hydrated. However, these water 
molecules are not as strongly attracted and their number is not constant.

Some common acids and bases
Acids and bases can be either molecular compounds or ions. For example, 
sodium carbonate (Na2CO3), when dissolved in water, releases sodium ions 
as (Na+) and carbonate ions (CO3

2−). The carbonate ion can act as a base. 
Figure 14.4 shows some common acids and bases and their conjugates.

An equation showing the reaction of a molecule or ion with water can be 
used to demonstrate acid or base behaviour of the reacting species.

For example, the acid H2SO4: 

 H2SO4(l) + H2O(l) ——h HSO4
−(aq) + H3O+(aq) Equation 1

 acid base

and the base O2−: 

 O2−(aq) + H2O(l) ——h OH−(aq) + OH−(aq) Equation 2
 base acid

Amphiprotic substances
Some substances can behave as either acids or bases, depending what they are 
reacting with, and can therefore donate or receive protons. Such substances 
are said to be amphiprotic.

In equation 1, water readily accepts a proton from sulfuric acid and 
acts as a base. In equation 2, water donates a proton to the oxide ion and 
therefore acts as an acid.

It is evident that water can act as either an acid or a base, depending on 
the solute present. If the solute is a stronger acid than water, then water will 
react as a base. If, however, the solute is a stronger base than water, water will 
react as an acid. Figure 14.5 lists some common amphiprotic substances.

 Figure 14.3
a The hydronium ion, H3O+, is the conjugate 
acid of water, b H2O.
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Some common acids and bases.
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 Figure 14.5
Substances that are amphiprotic.

chemfact
When acids react with water, hydronium (H3O+) 
ions are produced. When bases react with 
water, hydroxide (OH−) ions are produced.
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In the next reaction, between NH3 and H2O, the conjugate acid–base 
pairs are NH4

+/NH3 and H2O/OH− because each acid differs from its 
corresponding base by one proton.
 
 NH3(aq) + H2O(l) ——h NH4
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attracts more water molecules and is further hydrated. However, these water 
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Acids and bases can be either molecular compounds or ions. For example, 
sodium carbonate (Na2CO3), when dissolved in water, releases sodium ions 
as (Na+) and carbonate ions (CO3

2−). The carbonate ion can act as a base. 
Figure 14.4 shows some common acids and bases and their conjugates.

An equation showing the reaction of a molecule or ion with water can be 
used to demonstrate acid or base behaviour of the reacting species.

For example, the acid H2SO4: 

 H2SO4(l) + H2O(l) ——h HSO4
−(aq) + H3O+(aq) Equation 1

 acid base

and the base O2−: 

 O2−(aq) + H2O(l) ——h OH−(aq) + OH−(aq) Equation 2
 base acid

Amphiprotic substances
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Substances that are amphiprotic.
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water, hydroxide (OH−) ions are produced.

aa
O

bb

Amphiprotic substances
can donate or accept a proton 
can be acids or bases

Strong acids dissociate all their protons
STRONG ACID
WEAK ACID
WEAK BASE

STRONG BASE

246 1411144411Water246
WW

Strong acids
It was mentioned previously that, when hydrogen chloride gas is bubbled 
through water, it ionises completely—virtually no hydrogen chloride 
molecules remain (Figure 14.6a). Similarly, pure HNO3 and H2SO4 are 
covalent molecular compounds, which also ionise completely in water:

 HCl(g) + H2O(l) ——h H3O+(aq) + Cl−(aq)
 H2SO4(l) + H2O(l) ——h H3O+(aq) + HSO4

−(aq)
 HNO3(l) + H2O(l) ——h H3O+(aq) + NO3

−(aq)

Acids that ionise completely in solution are called strong acids. Strong 
acids donate protons easily. Solutions of strong acids would contain ions, 
with virtually no unreacted acid molecules remaining. Hydrochloric acid, 
sulfuric acid and nitric acid are the most common strong acids.

Weak acids
Vinegar is a solution of ethanoic acid. Pure ethanoic acid is a polar covalent 
molecular compound that ionises in water to produce hydrogen ions and 
ethanoate (acetate) ions.

In a 1.0 M solution of ethanoic acid, only a small proportion (less than 1%) 
of the ethanoic acid molecules are ionised at any one time (Figure 14.6b). A 
1.0 M solution of ethanoic acid contains a high proportion of ethanoic acid 
molecules and some hydrogen ions and ethanoate (acetate) ions. At 25°C, in 
a 1.0 M solution of ethanoic acid, the concentration of CH3COO−(aq) and 
H+(aq) is only approximately 0.004 M. This is shown in an equation by the 
presence of reversible arrows:

 CH3COOH(l) + H2O(l)  CH3COO−(aq) + H3O+(aq)
 acid                     base

Ethanoic acid is, therefore, described as a weak acid in water.

Strong bases
The ionic compound sodium oxide (Na2O) dissociates in water, releasing 
sodium ions (Na+) and oxide ions (O2−). The oxide ions react completely 
with the water, accepting a proton to form hydroxide ions (OH−):

 O2−(aq) + H2O(l) ——h OH−(aq) + OH−(aq)
 base         acid

The oxide ion is an example of a strong base. Strong bases accept protons 
easily.

Sodium hydroxide is sometimes referred to as a strong base. However, 
according to the Brønsted–Lowry defi nition of acids and bases, it is more 
correct to say that sodium hydroxide is an ionic compound that is a source 
of the strong base OH−.

Weak bases
Ammonia is a covalent molecular compound that ionises in water by 
accepting a proton. This ionisation can be represented by the equation:

 NH3(aq) + H2O(l)  NH4
+(aq) + OH−(aq)

 base           acid

!
Aqueous solutions of bases are called alkalis. 
Calcium carbonate will react with acids, but is 
not considered an alkali because it is insoluble 
in water.

!
OH− is usually considered to be a base. However, 
it can act as a very weak acid by donating its 
proton to form the very strong base O2−. 

H2O(l)

H3O
+(aq)

Cl–(aq)

H2O(l)

CH3COO–(aq)

CH3COOH(aq)

H3O
+(aq)

 Figure 14.6
a In a 1 M solution, hydrochloric acid is virtually 
completely ionised in water. b However, in a 1 M 
solution of ethanoic acid, only a small proportion 
of ethanoic acid molecules are ionised. 
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Strong acids
It was mentioned previously that, when hydrogen chloride gas is bubbled 
through water, it ionises completely—virtually no hydrogen chloride 
molecules remain (Figure 14.6a). Similarly, pure HNO3 and H2SO4 are 
covalent molecular compounds, which also ionise completely in water:
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Acids that ionise completely in solution are called strong acids. Strong 
acids donate protons easily. Solutions of strong acids would contain ions, 
with virtually no unreacted acid molecules remaining. Hydrochloric acid, 
sulfuric acid and nitric acid are the most common strong acids.

Weak acids
Vinegar is a solution of ethanoic acid. Pure ethanoic acid is a polar covalent 
molecular compound that ionises in water to produce hydrogen ions and 
ethanoate (acetate) ions.

In a 1.0 M solution of ethanoic acid, only a small proportion (less than 1%) 
of the ethanoic acid molecules are ionised at any one time (Figure 14.6b). A 
1.0 M solution of ethanoic acid contains a high proportion of ethanoic acid 
molecules and some hydrogen ions and ethanoate (acetate) ions. At 25°C, in 
a 1.0 M solution of ethanoic acid, the concentration of CH3COO−(aq) and 
H+(aq) is only approximately 0.004 M. This is shown in an equation by the 
presence of reversible arrows:

 CH3COOH(l) + H2O(l)  CH3COO−(aq) + H3O+(aq)
 acid                     base

Ethanoic acid is, therefore, described as a weak acid in water.

Strong bases
The ionic compound sodium oxide (Na2O) dissociates in water, releasing 
sodium ions (Na+) and oxide ions (O2−). The oxide ions react completely 
with the water, accepting a proton to form hydroxide ions (OH−):

 O2−(aq) + H2O(l) ——h OH−(aq) + OH−(aq)
 base         acid

The oxide ion is an example of a strong base. Strong bases accept protons 
easily.

Sodium hydroxide is sometimes referred to as a strong base. However, 
according to the Brønsted–Lowry defi nition of acids and bases, it is more 
correct to say that sodium hydroxide is an ionic compound that is a source 
of the strong base OH−.

Weak bases
Ammonia is a covalent molecular compound that ionises in water by 
accepting a proton. This ionisation can be represented by the equation:

 NH3(aq) + H2O(l)  NH4
+(aq) + OH−(aq)

 base           acid

!
Aqueous solutions of bases are called alkalis. 
Calcium carbonate will react with acids, but is 
not considered an alkali because it is insoluble 
in water.

!
OH− is usually considered to be a base. However, 
it can act as a very weak acid by donating its 
proton to form the very strong base O2−. 
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Strong acids
It was mentioned previously that, when hydrogen chloride gas is bubbled 
through water, it ionises completely—virtually no hydrogen chloride 
molecules remain (Figure 14.6a). Similarly, pure HNO3 and H2SO4 are 
covalent molecular compounds, which also ionise completely in water:

 HCl(g) + H2O(l) ——h H3O+(aq) + Cl−(aq)
 H2SO4(l) + H2O(l) ——h H3O+(aq) + HSO4

−(aq)
 HNO3(l) + H2O(l) ——h H3O+(aq) + NO3

−(aq)

Acids that ionise completely in solution are called strong acids. Strong 
acids donate protons easily. Solutions of strong acids would contain ions, 
with virtually no unreacted acid molecules remaining. Hydrochloric acid, 
sulfuric acid and nitric acid are the most common strong acids.

Weak acids
Vinegar is a solution of ethanoic acid. Pure ethanoic acid is a polar covalent 
molecular compound that ionises in water to produce hydrogen ions and 
ethanoate (acetate) ions.

In a 1.0 M solution of ethanoic acid, only a small proportion (less than 1%) 
of the ethanoic acid molecules are ionised at any one time (Figure 14.6b). A 
1.0 M solution of ethanoic acid contains a high proportion of ethanoic acid 
molecules and some hydrogen ions and ethanoate (acetate) ions. At 25°C, in 
a 1.0 M solution of ethanoic acid, the concentration of CH3COO−(aq) and 
H+(aq) is only approximately 0.004 M. This is shown in an equation by the 
presence of reversible arrows:

 CH3COOH(l) + H2O(l)  CH3COO−(aq) + H3O+(aq)
 acid                     base

Ethanoic acid is, therefore, described as a weak acid in water.

Strong bases
The ionic compound sodium oxide (Na2O) dissociates in water, releasing 
sodium ions (Na+) and oxide ions (O2−). The oxide ions react completely 
with the water, accepting a proton to form hydroxide ions (OH−):

 O2−(aq) + H2O(l) ——h OH−(aq) + OH−(aq)
 base         acid

The oxide ion is an example of a strong base. Strong bases accept protons 
easily.

Sodium hydroxide is sometimes referred to as a strong base. However, 
according to the Brønsted–Lowry defi nition of acids and bases, it is more 
correct to say that sodium hydroxide is an ionic compound that is a source 
of the strong base OH−.

Weak bases
Ammonia is a covalent molecular compound that ionises in water by 
accepting a proton. This ionisation can be represented by the equation:

 NH3(aq) + H2O(l)  NH4
+(aq) + OH−(aq)

 base           acid

!
Aqueous solutions of bases are called alkalis. 
Calcium carbonate will react with acids, but is 
not considered an alkali because it is insoluble 
in water.

!
OH− is usually considered to be a base. However, 
it can act as a very weak acid by donating its 
proton to form the very strong base O2−. 
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Strong acids
It was mentioned previously that, when hydrogen chloride gas is bubbled 
through water, it ionises completely—virtually no hydrogen chloride 
molecules remain (Figure 14.6a). Similarly, pure HNO3 and H2SO4 are 
covalent molecular compounds, which also ionise completely in water:

 HCl(g) + H2O(l) ——h H3O+(aq) + Cl−(aq)
 H2SO4(l) + H2O(l) ——h H3O+(aq) + HSO4

−(aq)
 HNO3(l) + H2O(l) ——h H3O+(aq) + NO3
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Acids that ionise completely in solution are called strong acids. Strong 
acids donate protons easily. Solutions of strong acids would contain ions, 
with virtually no unreacted acid molecules remaining. Hydrochloric acid, 
sulfuric acid and nitric acid are the most common strong acids.

Weak acids
Vinegar is a solution of ethanoic acid. Pure ethanoic acid is a polar covalent 
molecular compound that ionises in water to produce hydrogen ions and 
ethanoate (acetate) ions.

In a 1.0 M solution of ethanoic acid, only a small proportion (less than 1%) 
of the ethanoic acid molecules are ionised at any one time (Figure 14.6b). A 
1.0 M solution of ethanoic acid contains a high proportion of ethanoic acid 
molecules and some hydrogen ions and ethanoate (acetate) ions. At 25°C, in 
a 1.0 M solution of ethanoic acid, the concentration of CH3COO−(aq) and 
H+(aq) is only approximately 0.004 M. This is shown in an equation by the 
presence of reversible arrows:

 CH3COOH(l) + H2O(l)  CH3COO−(aq) + H3O+(aq)
 acid                     base

Ethanoic acid is, therefore, described as a weak acid in water.

Strong bases
The ionic compound sodium oxide (Na2O) dissociates in water, releasing 
sodium ions (Na+) and oxide ions (O2−). The oxide ions react completely 
with the water, accepting a proton to form hydroxide ions (OH−):

 O2−(aq) + H2O(l) ——h OH−(aq) + OH−(aq)
 base         acid

The oxide ion is an example of a strong base. Strong bases accept protons 
easily.

Sodium hydroxide is sometimes referred to as a strong base. However, 
according to the Brønsted–Lowry defi nition of acids and bases, it is more 
correct to say that sodium hydroxide is an ionic compound that is a source 
of the strong base OH−.

Weak bases
Ammonia is a covalent molecular compound that ionises in water by 
accepting a proton. This ionisation can be represented by the equation:

 NH3(aq) + H2O(l)  NH4
+(aq) + OH−(aq)

 base           acid

!
Aqueous solutions of bases are called alkalis. 
Calcium carbonate will react with acids, but is 
not considered an alkali because it is insoluble 
in water.

!
OH− is usually considered to be a base. However, 
it can act as a very weak acid by donating its 
proton to form the very strong base O2−. 
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 Figure 14.7
The relative strengths of some acid and base 
pairs. Note that the stronger the acid, the 
weaker its conjugate base.

Ammonia is behaving here as a base because it has gained a proton. Water 
has donated a proton and so is behaving as an acid. Only a small proportion 
of ammonia molecules ionise so that a 1.0 M solution of ammonia contains 
mostly ammonia molecules together with some ammonium ions and 
hydroxide ions. This is shown in the equation by the presence of reversible 
arrows. Ammonia is a weak base in water.

Polyprotic acids
Some acids are capable of donating more than one proton from each 
molecule and are said to be polyprotic. The number of hydrogen ions an 
acid can donate depends on the structure of the acid. 
1 Monoprotic acids can donate only one proton and include hydrochloric 

acid (HCl), hydrofl uoric acid (HF), nitric acid (HNO3) and ethanoic acid 
(CH3COOH).

2 Diprotic acids, such as sulfuric acid (H2SO4) and carbonic acid (H2CO3), 
can donate two protons.

3 Triprotic acids can donate three protons. These include phosphoric 
(H3PO4) and boric (H3BO3) acid.

Polyprotic acids do not donate all their protons at once, but do so in steps 
when reacting with a base. 

Sulfuric acid (H2SO4) is diprotic, meaning it has two protons that it can 
donate to a base. A diprotic acid ionises in two stages, for example:

Stage 1

 H2SO4(l) + H2O(l) ——h HSO4
−(aq) + H3O+(aq)

Sulfuric acid is a strong acid in water and so this stage occurs to completion. 
Virtually no H2SO4 molecules are found in an aqueous solution.

Stage 2. The HSO4
− ion formed in Stage 1 can also act as an acid. In a 

1.0 M solution, only a small proportion of those ions react further to produce 
H3O+ ions and SO4

2− ions.

 HSO4
−(aq) + H2O(l)  SO4

2−(aq) + H3O+(aq) 

HSO4
− is a weak acid. A solution of sulfuric acid, therefore, contains 

hydrogen ions, hydrogen sulfate ions and sulfate ions.
Phosphoric acid (H3PO4) can ionise in three stages and is called a triprotic 

acid. Phosphoric acid is a weak acid in water, and so, in a 1.0 M solution of 
phosphoric acid, only a small proportion of the protons are donated at each 
ionisation stage. The extent of the ionisation decreases progressively from 
Stages 1 to 3. 

 (1) H3PO4(aq) + H2O(l)  H2PO4
−(aq) + H3O+(aq)

 (2) H2PO4
−(aq) + H2O(l)  HPO4

2−(aq) + H3O+(aq)

 (3) HPO4
2−(aq) + H2O(l)  PO4

3−(aq) + H3O+(aq)

So far, we have only discussed the relative strengths of acids and bases in 
water. It must be noted, however, that when added to a base stronger than 
water, a weak acid will ionise to a greater extent. For example, a strong base, 
such as OH−, will accept the second proton from H2SO4 and the second and 
third proton from H3PO4.

Similarly, a weak base will ionise to a greater extent if added to a strong 
acid.

It is diffi cult to judge how many protons can be donated by an acid 
by looking at its formula alone. Ethanoic acid (CH3COOH) contains four 
hydrogen atoms, yet each molecule can donate only one proton to produce 
an ethanoate ion (CH3COO−) and is therefore a monoprotic acid. Only the 
hydrogen that is part of the highly polar O–H bond is donated as a proton 
in water. In general, each hydrogen ion that is donated by an acid molecule 
is involved in a very polar bond (Figure 14.8).

C C

O

O – H +
H

H

H

acidic proton

 Figure 14.8
Each ethanoic acid molecule donates only one 
proton to a water molecule.

Polyprotic acids can 
donate >1 proton. 

For example:
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Acid + Base = Conjugate Acid + Conjugate Base

learn these 

reactions!

typical “base” e.g. NaOH

Acids & Bases

6 Reactions of Acids



Practice Questions for 2.1.2 
(i) Brønsted-Lowry Theory 

1. What is Brønsted-Lowry theory? 

(ii) Conjugate Acids & Conjugate Bases 

1. Define the following terms: Brønsted-Lowry acid, Brønsted-Lowry base, conjugate acid and 
conjugate base. 

2. For each of these reactions, label the Brønsted-Lowry acid, the Brønsted-Lowry base, the 
conjugate acid and the conjugate base. Remember to include all states. 

a) ethanoic acid (CH3COOH) dissolving in water 

b) nitric acid (HNO3) dissolving in water 

c) sulphuric acid (H2SO4) dissolving in water 

(iii) 6 Reactions of Acids 

1. Illustrate the six reactions of acids in your notebooks. Add explanations and word equations to 
each one. 

(iv) Amphiprotic Substances 

1. Using water as an example, explain the meaning of “amphiprotic”. 

(v) Strong and Weak Acids and Bases 

1. What is the difference between strong and weak acids? 

2. Why are strong acids in aqueous solution better conductors of electricity than weak acids? 

(vi) Polyprotic Acids 

1. Using phosphoric acid as an example, define “polyprotic”. 

2. Give two more examples of a polyprotic acids. 

3. Write balanced equations including states to show each of the acids you mentioned in part (2) 
ionising in water to produce an acidic solution.  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2.1.3

calculations including mass-mass stoichiometry and concentration and volume of 
solutions; pH of strong acids and of strong bases

Ionic Product of Water [H3O+] × [OH–] = 10–14 M2 at 25°C

[H3O+] = [OH–]

[H3O+] = 10–pH

At low pH

[H3O+] > [OH–] [H3O+] < [OH–]

m (mass) 5.500g 4.809g 8.542g 1.767g

n (no of moles) 0.09804 0.04902 0.04902 0.09804

ratio 2 1 1 2

m-n-ratio method
draw a table

from the 
equation

2KOH H2SO4 2H2O

Worked example

+ +→

take this route to the answer

K2SO4

concentration 1.10 M 0.50 M

volume 0.089 0.098

n (no of moles) 0.098 0.049 0.049 0.098

ratio 2 1 1 2

c-v-n-ratio method
draw a table

from the 
equation

2KOH H2SO4 2H2O

Worked example

+ +→
?

?

?

?

neutral pH is not always pH 7!

pH Formula pH = –log10[H3O+]

H3O+ Formula

[OH–] Formula [H3O+] =

at neutral pH At high pH

For strong acids, 
you may assume 

that [acid] = [H3O+]10–14

[OH–]

pH is a measurement of 
the concentration of 
protons in a solution



Practice Questions for 2.1.3 
(i) Ionic Product of Water 

1. What is Brønsted-Lowry theory? 

(ii) Using the pH, H3O+ and [OH–] formulae 

1. Determine the pH of the following solutions: 

a) 1.20 M HCl solution 

b) 0.44 M HCl solution 

c) 0.01 M HCl solution 

b) Determine the concentration of hydronium ions in solutions with the following pH: 

a) pH 3.3 

b) pH 7.0 

c) pH 1.0 

c) Determine the pH of the following solutions: 

a) 3.50 M NaOH solution 

b) 1.5 M KOH solution 

c) 0.01 M NaOH solution 

(iii) m-n-ratio (Mass-Mass Stoichiometry) 

1. Illustrate the six reactions of acids in your notebooks. Add explanations and word equations to 
each one. 

(iv) c-v-n-ratio (Volumetric Stoichiometry) 

1. Using water as an example, explain the meaning of “amphiprotic”.  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between the iron and oxygen and water to provide a surface protection. 
Other methods are based on an understanding of the electrochemical nature 
of corrosion.

Surface protection
Surface protection involves covering the surface of the iron to prevent 
contact with oxygen and moisture. Materials such as paint and plastic can be 
used for this purpose.

Iron can also be protected by alloying with small quantities of metals 
such as chromium, nickel, manganese and molybdenum to produce stainless 
steel. The atoms of the metals used to make the alloy are all bonded into 
the metallic lattice. These metals oxidise slightly in air, but the oxide coating 
produced is continuous and unreactive. This oxide layer forms a dense, 
impervious barrier between the metal and oxygen and water, protecting 
the metal from further oxidation. The metal is said to be in a passive state. 
The surface protection on stainless steel (Figure 16.16) is therefore quite 
different from a coating of paint or plastic. 

Metals such as iron and steel can also be coated with thin layers of other 
metals in a process known as electroplating. These other metals, which 
include chromium and nickel, again form protective oxide coatings. Cans 
used for food are made from steel plated with tin (Figure 16.16). Tin is 
a much less reactive metal than iron and does not corrode greatly in the 
atmosphere.

Electrochemical protection
Impressed current cathodic protection
Impressed current protection involves reversing the direction of electron (or 
current) fl ow by using a low-voltage, direct current (DC) power supply to 
give the iron being protected a negative charge. Because the iron is receiving 
electrons, oxidation is inhibited (oxidation would produce more electrons). 
The iron becomes the site of the reduction reaction, that is, a cathode. This 
method is used to protect large-scale steel structures such as wharves and 
pipelines. A single DC source operating at 4.2 V and 2.5 amps will protect 
many kilometres of pipeline (Figure 16.17). This form of protection is 
known as cathodic protection.

Sacrifi cial protection
This also involves the iron acting as the cathode. A more easily oxidised 
metal, such as zinc, forms the anode and is ‘sacrifi ced’. The more reactive 
metal loses electrons and forms metal cations in preference to the iron. The 
iron is not oxidised in the presence of zinc because the zinc has protected 
the iron from corrosion. This type of protection is known as electrochemical 
or sacrifi cial protection—the zinc has been sacrifi ced in order to protect the 
iron from corrosion.

This is a widely used method of protection against corrosion. For example, 
many roofs are made from sheets of galvanised iron—iron that has been 
given a protective coating of zinc. When the zinc coating is scratched, the 
iron is still protected because the zinc loses electrons more readily than the 
iron. The zinc becomes the anode to the iron cathode. The zinc is slowly 
corroded but the iron is protected for years (Figure 16.18).

Underground steel pipelines, bridge pillars and the steel hulls of ships can 
be protected by blocks or plates of zinc (or other more reactive metals) in 

 Figure 16.16
These food cans are made from steel that 
has been plated with tin to prevent them from 
corroding.

pipeline

unreactive
electrode

– +
power source

 Figure 16.17
This pipeline carries natural gas. A direct current 
source is connected at intervals to give the pipe a 
negative charge and so protect it from corrosion.
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redox reactions in aqueous solution including writing balanced equations for 
oxidation and reduction reactions, for example metal displacement reactions, 
corrosion of iron

Redox OIL RIG
Oxidation is 

loss of e–
Reduction is 

gain of e–

If one reactant is oxidised, 
another is reduced.

Redox Half-Equations

Overall Redox Equation
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Solution
Each sodium atom loses one electron:

 Na(s) ——h Na+(s) + e−

The sodium has therefore been oxidised.
Each chlorine molecule gains two electrons to form two separate chloride ions:

 Cl2(g) + 2e− ——h 2Cl−(s)

The chlorine has therefore been reduced.

Worked example 16.2b
When a strip of copper wire is suspended in a solution of silver nitrate, long crystals of silver 
metal can be observed. The solution changes to a pale blue colour, indicating the presence 
of Cu2+(aq) ions.
Write half equations for this reaction and identify the substances oxidised and reduced.

Solution
The fi rst half equation for this reaction is for the copper metal forming copper(II) ions:

 Cu(s) ——h Cu2+(aq) + 2e−

This represents the oxidation reaction, since each copper atom has lost two electrons to form 
a Cu2+ ion.
The second half equation involves the aqueous silver ions forming silver metal:

 Ag+(aq) + e− ——h Ag(s)

This represents the reduction reaction, since each Ag+ ion has gained an electron to form a 
neutral silver atom.

Writing an overall redox equation
When we write equations for redox reactions, we normally write the two 
half equations fi rst and then add them together to get an overall equation. 
It is important to remember that an overall equation does not show any 
electrons transferred—the electrons lost in the oxidation reaction are gained in 
the reduction reaction.

In the example of copper and the solution of silver ions:
 each copper atom that is oxidised loses two electrons
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Two Ag+(aq) ions must therefore be reduced to take up the electrons lost 
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multiplied by a factor of 2 before combining it with the half equation for 
oxidation of Cu:

 Cu(s) ——h Cu2+(aq) + 2e−
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the number present in the reactants. Atoms are conserved in all chemical 
reactions.

 the total charge on the product side of the equation is equal to the 
total charge on the reactant side of the equation. Charge is conserved in 
chemical reactions.
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Copper wire placed in a silver nitrate solution 
forms deposits of silver crystals.
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Solution
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The chlorine has therefore been reduced.
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When a strip of copper wire is suspended in a solution of silver nitrate, long crystals of silver 
metal can be observed. The solution changes to a pale blue colour, indicating the presence 
of Cu2+(aq) ions.
Write half equations for this reaction and identify the substances oxidised and reduced.
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Examples:

Example:

Balancing Redox Equations Ions 
Water (to balance oxygens) 
Protons (to balance hydrogens) 
Electrons (add as many as you need)

Balance redox equations in this easy order:

Oxidation Numbers
They help to identify oxidants and 

reductants in a reaction 
There are Six Big Rules:

free elements are zero (N2, He, O2 etc) 
monoatomic ions = charge on the ion (Al3+ is +3) 
metals = valency (often +2) 
oxygen = –2    fluorine = –1    hydrogen = +1 
in a molecule, sum of oxidation number = 0 
in polyatomic ions, sum of oxidation numbers = charge on ion (e.g. NO3– totals –1)

Metal Reactivity Series
For a metal to reduce a metal ion 
into a solid, the first (solid) metal 

must be a stronger reductant than 
the second (aqueous) metal

K 
Mg 
Zn 
Fe 
Sn 
Cu 
Au

the stronger reductants 
(on top) can reduce the 
metals underneath

Electrochemical Series
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Electrons fl ow from the zinc atoms to the copper(II) ions as these collide. 
Evidence for this fl ow can be obtained by setting up an apparatus as shown 
in Figure 16.6.

The zinc metal and solution containing copper(II) ions are in separate 
beakers. A copper strip, dipping in the solution of copper(II) ions, is 
connected by a piece of wire to a galvanometer—a meter for detecting a 
fl ow of electrons. A zinc strip, dipping in a solution of zinc chloride, is also 
connected to the galvanometer by a piece of wire. The solutions in the two 
beakers are connected by a salt bridge. The salt bridge contains an ionic 
compound. The ions fl ow through the salt bridge between the solutions to 
complete the circuit. The salt bridge may be something as simple as a piece 
of fi lter paper soaked in a solution of potassium nitrate. 

This apparatus is known as a galvanic cell or electrochemical cell. A 
galvanic cell is an energy converter that separates the oxidant from the 
reductant. Chemical energy is converted into electrical energy. When this 

galvanometer 

salt bridge 

copper sulfate
solution

copper strip zinc strip

zinc chloride
solution

Beaker A 
• a dilute solution of 
   copper sulfate 
• copper strip 
 

Beaker B 
• a dilute solution of 
   zinc chloride 
• zinc strip 
 

 

 Figure 16.7
The apparatus used to demonstrate electron fl ow during oxidation–reduction reactions.

zinc

e–
e–

Zn

Zn

Zn
Zn2+

K+

Cu

Cu2+Cu2+

Cu2+

salt bridge

copper

electron flow

Zn(s) Zn2+(aq) + 2e– Cu2+(aq) + 2e– Cu(s)

NO3
–

e–

e–

 Figure 16.8
An electrochemical cell demonstrating a fl ow of electrons in a redox reaction.

!
Galvanic cells are named after the Italian 
scientist Luigi Galvani, who fi rst made the 
connection between chemical reactions 
and electricity.

 Figure 16.6
Zinc and copper strips placed in solutions of 
zinc sulfate and copper sulfate respectively.

Galvanic Cell

OXIDATION HALF-CELL REDUCTION HALF-CELL

a device in which chemical energy 
from a spontaneous redox reaction is 
converted into electrical energy. 

negative 
anode

positive 
cathode

wire allows flow of electrons 
towards the positive cathode

salt bridge

allows movement of: 

cations to the cathode; and 
anions to the anode

reaction on top goes forwards
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2. The electrochemical series

 Eq�LQ�YROW

)��J�����H±� � �)±�DT�� �����

+�2��DT�����+��DT�����H±� � �+�2�O�� �����

$X��DT����H±� � $X�V�� �����

&O��J�����H±� � �&O±�DT�� �����

2��J�����+��DT�����H±� � �+�2���� �����

%U��O�����H±� � �%U±�DT�� �����

$J��DT����H±� � $J�V�� �����

)H���DT����H±� � )H���DT�� �����

2��J������+��DT�����H±� � +�2��DT�� �����

,��V�����H±� � �,±�DT�� �����

2��J�����+�2�O�����H±� � �2+±�DT�� �����

&X���DT�����H±�� � &X�V�� �����

6Q���DT�����H±� � 6Q���DT�� �����

6�V�����+��DT�����H±� � +�6�J�� �����

�+��DT�����H±� � +��J�� ������

3E���DT�����H±� � 3E�V�� ±����

6Q���DT�����H±� � 6Q�V�� ±����

1L���DT�����H±� � 1L�V�� ±����

&R���DT�����H±� � &R�V�� ±����

)H���DT�����H±� � )H�V�� ±����
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.��DT����H±� � .�V�� ±����

/L��DT����H±� � /L�V�� ±����

When you connect any two half-cells with a 
wire and a salt bridge:

reaction underneath goes backwards

top one gets reduced

bottom one gets oxidised

SEE DATA 
BOOK 

Corrosion
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The overall equation can therefore be written as:

 2Fe(s) + O2(aq) + 2H2O(l) ——h 2Fe2+(aq) + 4OH−(aq)

The iron(II) ions then react with the hydroxide ions to form a green 
precipitate of iron(II) hydroxide:

 Fe2+(aq) + 2OH−(aq) ——h Fe(OH)2(s)

Figure 16.15 summarises this process. 
On exposure to more moisture and oxygen, the iron(II) hydroxide is 

further oxidised to iron(III) hydroxide, a red-brown precipitate:

 4Fe(OH)2(s) + O2(aq) + 2H2O(l) ——h 4Fe(OH)3(s)

In air, the iron(III) hydroxide loses water from its structure to form 
Fe2O3.xH2O, the hydrated iron oxide known as rust. The porous rust easily 
fl akes off the surface of the iron, exposing the iron underneath to further 
oxidation.

The wet corrosion of iron is a galvanic process. Galvanic cells are set up 
on the metal surface, where different regions act as anodes and cathodes:
 The cathode region, where oxygen gains electrons and is reduced, occurs 

at sites of high oxygen concentration.
 The anode region, where iron loses electrons and is oxidised, often 

occurs in an area of stress in the metal where the metal lattice has been 
deformed, for example, at the tip of a nail. 

In general, the anode region is one where there is a lower oxygen concentration. 
Corrosion is therefore greatest at the centre of a water drop or under a layer 
of chipped paint where the oxygen concentration is lowest. The cathode 
region is at the edge of the water drop or where the paint is missing as the 
oxygen concentration there is greatest.

Wet corrosion, leading to the formation of rust, is accelerated by the 
presence of dissolved salts in the water coating the metal. This is particularly 
noticeable near the coast. The dissolved ions from the salt promote corrosion 
by increasing the conductivity of the water.

Iron will rust more rapidly if it contains impurities or if it is in contact 
with a less reactive metal. For example, if iron and copper are in contact 
with each other, an electrochemical cell will be formed in which the less 
reactive copper will act as a cathode and the iron as the anode. The iron will 
corrode more quickly than if it were on its own.

Protecting against corrosion
There are several ways to protect iron and steel structures against corrosion. 
These depend on the environment in which the structure is located, the design 
and intended use of the structure and the relative costs of various protection 
measures. The simplest of these measures rely on the creation of a barrier 

Water

Rust

Anodic area

Iron reacts
to form a pit

Cathodic area

At the anode:
Fe(s)        Fe2+(aq) + 2e–

At the cathode:
O2(aq) + 2H2O(l) + 4e–        4OH–(aq)

O2

e–
Fe2+

 Figure 16.15
Wet corrosion operates like a mini galvanic cell, 
where electrons are transferred though the iron, 
and ions fl ow through the water droplets.

OXIDATIONREDUCTION

Fe(OH)2(s) and Fe(OH)3(s) 
will be formed. The latter is 
red-brown coloured rust.

Protect from corrosion by either 
painting, alloying or giving the 
metal a negative charge.

an cat



Practice Questions for 2.1.4 
(i) Redox Half-Equations 
1. Define the following words: oxidation, reduction, oxidant, reductant. 
2. Classify the following half-equations as oxidation or reduction: 

a) Cl2(g) + 2e– → 2Cl–(aq) 
b) Ni(s) → Ni2+(aq) + 2e– 

c) Ba2+(aq) + SO42–(aq) → BaSO4(s) 
d) 3Fe2+(aq) → Fe(s) + 2Fe3+(aq) 

(ii) Overall Redox Equations 
1. Identify the oxidant and the reductant in each of the following overall redox equations: 

a) Cu(s) + Fe2+(aq) → Cu2+ + Fe(s) 
b) 2Ag+(aq) + Sn2+(aq) → 2Ag(s) + Sn4+ 
c) Ca(s) + 2H2O(l) → Ca(OH)2(aq) + H2(g) 

2. Rewrite each of the equations in question 1 as two redox half-equations. 

(iii) Oxidation Numbers 
1. Determine the oxidation numbers of: H2CO3, N2, Zn(OH)42–, NO2–, LiH, Fe3O4 

(iv) Balancing Redox Equations 
1. Write balanced equations (and half-equations) for each of the following reactions: 

a) NaBr + Cl2 → NaCl + Br2 
b) KMnO4 + C2H5OH → Mn2+ + C2H4O + K+ 

c) Cr2O72– + Cl– → Cl3+ + Cl2 

d) MnO4– + SO32– → SO42– + MnO42– 

(v) Metal Reactivity Series 
1. Using the reactivity series, write ionic equations for any reactions that would occur when: 

a) Fe is added to a solution containing Cu2+ ions 
b) Sn is added to a solution containing Cu2+ ions 
c) Fe is added to a solution containing Zn2+ ions 
d) Mg is added to a solution containing Zn2+ ions 

(vi) Galvanic Cell 
1. Define the following terms: electrode, electrolyte, anode, cathode, salt bridge, half-cell 
2. Draw the following galvanic cell: 

• an A2+(aq)/A(s) half-cell and a B2+(aq)/B(s) half-cell are connected 
• the mass of the A electrode increases, while the mass of the B electrode decreases over time 

(vii) Electrochemical Series 
1. Give 5 possible pairs of electrodes for a galvanic cell. Identify the anode and the cathode. 

(viii) Corrosion 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2.1.5

application of the principles of green chemistry; for example, replacement of 
halogenated solvents with supercritical carbon dioxide in industrial processes or in 
plant crop protection

CFCs
CFCs are stable, non-toxic, non-flammable 
compounds containing chlorine, fluorine and 
carbon 
!
CFCs were used as solvents and refrigerants 
until it was discovered that they break down the 
ozone layer in the presence of UV light

Supercritical CO2

Excellent solvent used for:

(abbreviated scCO2)

decaffeinating coffee 
dry cleaning

Atom Economy

Atom Economy =
molar mass of useful product

molar mass of all reactants

scCO2 is CO2 at very high pressure (73 atm). It is 
a safe solvent that doesn’t damage the ozone 
layer

(we try to maximise it)



Practice Questions for 2.1.5 
(i) Green Chemistry 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2.2.1a

role of the atmosphere in maintaining life in the environment: effects of human 
activities, such as agriculture, industry, transport, energy production, on the  
atmosphere

Ozone Layer 10–30 km above ground 
in the lower half of the stratosphere

In the ozone layer:

18888888818118The atmosphere
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In the ozone layer, high-energy ultraviolet radiation from the Sun causes 
the strong double bond of diatomic oxygen molecules (O2) to break to form 
highly reactive oxygen atoms:
 UV
 radiation

 O2 ————h O + O (1)

Some of the reactive oxygen atoms can then combine with other oxygen 
molecules to form ozone molecules:

 O + O2 ————h O3 (2)

So the overall reaction is:

 3O2 ————h 2O3

Reaction (2) requires the presence of a third molecule, usually nitrogen 
(N2), to take up the energy released in this reaction. Because the energy 
released in the reaction is heat energy, the temperature of the stratosphere 
increases as the altitude increases.

Ozone molecules can also absorb ultraviolet radiation, decomposing to 
oxygen molecules and oxygen atoms. The bonds in ozone molecules are 
slightly weaker than those in diatomic oxygen molecules, so ultraviolet 
radiation of slightly lower energy is needed to break its bonds:
 UV
 radiation

 O3(g) ————h O2(g) + O(g)

Overall, without the effect of human activity, the rate of formation of 
ozone is about the same as its rate of depletion, so the concentration of ozone 
in the stratosphere remains fairly constant. Because these two processes 
absorb a wide range of ultraviolet radiation, life on Earth is protected from 
this harmful radiation.

The atmosphere and climate
The Earth has maintained its average temperature over time because of the 
balance between the radiation received from the Sun and that refl ected 
back into space. Radiation of shorter wavelength—visible and ultraviolet 
radiation—can pass through the atmosphere from the Sun to the Earth’s 
surface. The Earth then radiates back lower-energy, longer-wavelength 
infrared radiation. Gases in the troposphere, such as carbon dioxide, water 
vapour and methane, absorb some of the refl ected infrared radiation before 
it can reach space and reradiate some of it back towards Earth as heat. This 
process is known as the greenhouse effect because it warms the Earth’s 
surface in the same way that the Sun’s energy is used to heat a greenhouse. 
The gases responsible for trapping heat are known as greenhouse gases.

Without our atmosphere, Earth could not maintain life as we know it. 
Daytime temperatures would be extremely high, while nights would be 
extremely cold.

The atmosphere and the water cycle
The Earth’s weather patterns are mainly determined by the amount of water 
vapour in the air. If it were not for the evaporation of water and its constant 
cycling as rain and snow back over the land masses of the world, we would 
have no supply of fresh water to sustain life on the Earth.

O
+

O O
–

 Figure 18.3
A valence structure of ozone (O3). 

!
Ozone is an allotrope of the element oxygen.

chemfact
Without an atmosphere, temperatures on 
Earth would be similar to that on the Moon. 
Daytime temperatures would be more than 
100°C and night-time temperatures lower 
than −150°C. The average temperature of 
the Earth would drop from a pleasant 16°C 
to an estimated −18°C.

 Figure 18.4
A malignant melanoma. The Cancer Council 
message of ‘Slip, Slop, Slap’ encourages us to 
protect our skin from damage caused by the 
Sun’s ultraviolet radiation.
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radiation of slightly lower energy is needed to break its bonds:
 UV
 radiation

 O3(g) ————h O2(g) + O(g)

Overall, without the effect of human activity, the rate of formation of 
ozone is about the same as its rate of depletion, so the concentration of ozone 
in the stratosphere remains fairly constant. Because these two processes 
absorb a wide range of ultraviolet radiation, life on Earth is protected from 
this harmful radiation.

The atmosphere and climate
The Earth has maintained its average temperature over time because of the 
balance between the radiation received from the Sun and that refl ected 
back into space. Radiation of shorter wavelength—visible and ultraviolet 
radiation—can pass through the atmosphere from the Sun to the Earth’s 
surface. The Earth then radiates back lower-energy, longer-wavelength 
infrared radiation. Gases in the troposphere, such as carbon dioxide, water 
vapour and methane, absorb some of the refl ected infrared radiation before 
it can reach space and reradiate some of it back towards Earth as heat. This 
process is known as the greenhouse effect because it warms the Earth’s 
surface in the same way that the Sun’s energy is used to heat a greenhouse. 
The gases responsible for trapping heat are known as greenhouse gases.

Without our atmosphere, Earth could not maintain life as we know it. 
Daytime temperatures would be extremely high, while nights would be 
extremely cold.

The atmosphere and the water cycle
The Earth’s weather patterns are mainly determined by the amount of water 
vapour in the air. If it were not for the evaporation of water and its constant 
cycling as rain and snow back over the land masses of the world, we would 
have no supply of fresh water to sustain life on the Earth.

O
+

O O
–

 Figure 18.3
A valence structure of ozone (O3). 

!
Ozone is an allotrope of the element oxygen.

chemfact
Without an atmosphere, temperatures on 
Earth would be similar to that on the Moon. 
Daytime temperatures would be more than 
100°C and night-time temperatures lower 
than −150°C. The average temperature of 
the Earth would drop from a pleasant 16°C 
to an estimated −18°C.

 Figure 18.4
A malignant melanoma. The Cancer Council 
message of ‘Slip, Slop, Slap’ encourages us to 
protect our skin from damage caused by the 
Sun’s ultraviolet radiation.
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chemfact
On 15 July 2004, the EOS Aura spacecraft 
was launched. Its mission states ‘Chemistry 
and Climate’ (Figure 18.8). Its instruments can 
measure the composition and chemistry of the 
Earth’s atmosphere and study ozone levels, air 
quality and climate changes. The spacecraft 
operates at an altitude of 705 km and scans 
the entire Earth every 16 days.
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 Figure 18.7
A simplifi ed diagram of the nitrogen–oxygen 
cycle.

nitrogen(II) oxide gas (NO). Nitrogen(II) oxide is also released by volcanic 
action and is present in industrial and automobile emissions. It reacts with 
oxygen to form nitrogen(IV) oxide gas:

 2NO(g) + O2(g) ——h 2NO2(g)

Nitrogen dioxide reacts with rain water to form a mixture of nitrous acid 
(HNO2) and nitric acid (HNO3):

 2NO2(g) + H2O(l) ——h HNO3(aq) + HNO2(aq)

The rain becomes a mildly acidic fertiliser.
Nitrogen is returned to the atmosphere when bacteria and other organisms 

in the soil cause organic matter to decay.
Unlike carbon dioxide, the amount of atmospheric nitrogen is thought 

to be fairly stable. However, other stages of the nitrogen cycle have been 
signifi cantly affected by industrial and agricultural activities. For example, 
levels of atmospheric nitrogen oxides have risen due to industrial and 
automotive emissions.

Human activities and the atmosphere
The rate of change in the composition of the atmosphere has increased 
dramatically in the past 200 years as a result of human activity. Contributing 
factors include:
 clearing of forests to make way for agriculture and so reducing the 

amount of carbon dioxide uptake by photosynthesis
 burning of coal to produce electricity, which converts sulfur in coal to 

sulfur dioxide, which is released into the atmosphere
 using fossil fuels in transport, which results in signifi cant emissions of 

carbon and nitrogen oxides and unburnt hydrocarbons
 using propellants in aerosols and foaming agents, which interfere with 

the balance of atmospheric gases.
Chapter 20 deals in greater detail with the effects of such human activities 
on the gaseous interactions of the atmosphere.

!
Nitrogen(II) oxide (NO) is commonly called 
nitric oxide.
Nitrogen(IV) oxide (NO2) is commonly called 
nitrogen dioxide.

 Figure 18.8
EOS Aura spacecraft mission patch.
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chemfact
On 15 July 2004, the EOS Aura spacecraft 
was launched. Its mission states ‘Chemistry 
and Climate’ (Figure 18.8). Its instruments can 
measure the composition and chemistry of the 
Earth’s atmosphere and study ozone levels, air 
quality and climate changes. The spacecraft 
operates at an altitude of 705 km and scans 
the entire Earth every 16 days.
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nitrogen(II) oxide gas (NO). Nitrogen(II) oxide is also released by volcanic 
action and is present in industrial and automobile emissions. It reacts with 
oxygen to form nitrogen(IV) oxide gas:

 2NO(g) + O2(g) ——h 2NO2(g)

Nitrogen dioxide reacts with rain water to form a mixture of nitrous acid 
(HNO2) and nitric acid (HNO3):

 2NO2(g) + H2O(l) ——h HNO3(aq) + HNO2(aq)

The rain becomes a mildly acidic fertiliser.
Nitrogen is returned to the atmosphere when bacteria and other organisms 

in the soil cause organic matter to decay.
Unlike carbon dioxide, the amount of atmospheric nitrogen is thought 

to be fairly stable. However, other stages of the nitrogen cycle have been 
signifi cantly affected by industrial and agricultural activities. For example, 
levels of atmospheric nitrogen oxides have risen due to industrial and 
automotive emissions.

Human activities and the atmosphere
The rate of change in the composition of the atmosphere has increased 
dramatically in the past 200 years as a result of human activity. Contributing 
factors include:
 clearing of forests to make way for agriculture and so reducing the 

amount of carbon dioxide uptake by photosynthesis
 burning of coal to produce electricity, which converts sulfur in coal to 

sulfur dioxide, which is released into the atmosphere
 using fossil fuels in transport, which results in signifi cant emissions of 

carbon and nitrogen oxides and unburnt hydrocarbons
 using propellants in aerosols and foaming agents, which interfere with 

the balance of atmospheric gases.
Chapter 20 deals in greater detail with the effects of such human activities 
on the gaseous interactions of the atmosphere.

!
Nitrogen(II) oxide (NO) is commonly called 
nitric oxide.
Nitrogen(IV) oxide (NO2) is commonly called 
nitrogen dioxide.
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EOS Aura spacecraft mission patch.
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(i) Gases in our Atmosphere  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role of the atmosphere in maintaining life in the environment: chemical reactions and 
processes of acid rain
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Chapter 18 dealt with the composition of the atmosphere and the reactions 
between the gases in it, with brief consideration of the effects of human 
activity on such interactions. 

However, human activities such as transportation, the operation of power 
stations and industry release enormous quantities of waste gases into the 
atmosphere. These gases include sulfur dioxide (SO2), oxides of nitrogen 
(NO and NO2), carbon dioxide (CO2), carbon monoxide (CO), unburnt 
hydrocarbons and until very recently CFCs (chlorofl uorocarbons). These 
pollutants are substances that have been introduced into the air or are 
now present in excessive quantities. This chapter deals with some of the 
environmental issues caused by their presence in our atmosphere. 

 Figure 19.1
Cape Grim, north-west Tasmania, where base 
level pollution levels are determined, because 
of its unpolluted atmosphere. The Baseline Air 
Pollution Station is part of a worldwide network 
of stations that analyse air and air pollution.

!
CFC stands for chlorofluorocarbon. CFCs are 
compounds that contain the elements carbon, 
chlorine and fl uorine. Examples of CFCs are 
trichlorofl uoromethane (CCl3F) (CFC-11) and 
dichlorodifl uoromethane (CCl2F2) (CFC-12).

19.1  

Acid rain
Natural rainfall is normally slightly acidic because water dissolves carbon 
dioxide from the air to produce carbonic acid (H2CO3):

 CO2(g) + H2O(l) ——h H2CO3(aq)

During the last 35 years, many countries, particularly in Europe and 
North America, have been experiencing rain that is more acidic than normal. 
This is known as acid rain. 

review

Carbon dioxide is an oxide of the non-metal 
carbon. Many oxides of non-metals dissolve 
in water to produce acids. They are called 
acidic oxides. Rain water dissolves a little CO2 as it falls, forming weak carbonic acid:
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Formation of acid rain
Acid rain occurs when acidic oxides of sulfur and nitrogen dissolve in rain 
water to form acids. 

Oxides of sulfur
Most of the oxides of sulfur present in the atmosphere are the result of natural 
processes such as volcanic eruptions or biological decay. It is the sulfur oxides 
produced by human activity that cause environmental problems because of 
their high concentration over relatively small areas, mainly large cities. 

Sulfur is present in plants and so sulfur is also found in fossil fuels. When 
fuels are burnt, sulfur dioxide gas is produced. Industrially, the majority of 
sulfur oxides emissions are due to the burning of fossil fuels, particularly 
coal. The extraction of metals, such as copper, from their sulfi de ores also 
contributes to sulfur dioxide emissions:

 S(s) + O2(g) ——h SO2(g)

In the presence of sunlight, sulfur dioxide is further oxidised to sulfur 
trioxide:

 2SO2(g) + O2(g) ——h 2SO3(g)

These gases react readily with rain water to form sulfurous acid and sulfuric 
acid. 

 SO2(g) + H2O(l) ——h H2SO3(aq)  H+(aq) + HSO3
−(aq)

 SO3(g) + H2O(l) ——h H2SO4(aq) ——h H+(aq) + HSO4
−(aq)

Oxides of nitrogen 
Oxides of nitrogen (NO and NO2) are collectively known as NOx. They are 
formed naturally from volcanoes, lightning fl ashes and bacterial action in the 
soil. However, like the oxides of sulfur, it is those produced by human activity 
and concentrated over relatively small areas that lead to environmental 
problems. 

Nitrogen(II) oxide (NO) forms whenever nitrogen and oxygen are mixed 
at extremely high temperatures. High temperatures are generated in internal 
combustion and jet engines. This is the main source of NO although some is 
also produced in power plants and the burning of fuels in industry.

So, at high temperatures:
 energy
 N2(g) + O2(g) ———h 2NO(g)

At lower temperatures, when released into the atmosphere, NO reacts 
readily with oxygen to form the brown poisonous gas nitrogen(IV) oxide 
(NO2):

 2NO(g) + O2(g) ——h 2NO2(g)

NO2 is an acidic oxide that dissolves readily in rain water to form a mixture 
of nitrous acid and nitric acid:

 2NO2(g) + H2O(l) ——h H+(aq) + NO3
−(aq) + HNO2(aq)

 nitric acid  nitrous acid

chemfact
Pure rain water has a pH of about 6. 

review

H2SO3(aq) is a weak acid because it is only 
partially ionised in water. H2SO4(aq) is a 
strong acid.

Rain dissolves SO2 & SO3
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Formation of acid rain
Acid rain occurs when acidic oxides of sulfur and nitrogen dissolve in rain 
water to form acids. 

Oxides of sulfur
Most of the oxides of sulfur present in the atmosphere are the result of natural 
processes such as volcanic eruptions or biological decay. It is the sulfur oxides 
produced by human activity that cause environmental problems because of 
their high concentration over relatively small areas, mainly large cities. 

Sulfur is present in plants and so sulfur is also found in fossil fuels. When 
fuels are burnt, sulfur dioxide gas is produced. Industrially, the majority of 
sulfur oxides emissions are due to the burning of fossil fuels, particularly 
coal. The extraction of metals, such as copper, from their sulfi de ores also 
contributes to sulfur dioxide emissions:

 S(s) + O2(g) ——h SO2(g)

In the presence of sunlight, sulfur dioxide is further oxidised to sulfur 
trioxide:

 2SO2(g) + O2(g) ——h 2SO3(g)

These gases react readily with rain water to form sulfurous acid and sulfuric 
acid. 

 SO2(g) + H2O(l) ——h H2SO3(aq)  H+(aq) + HSO3
−(aq)

 SO3(g) + H2O(l) ——h H2SO4(aq) ——h H+(aq) + HSO4
−(aq)

Oxides of nitrogen 
Oxides of nitrogen (NO and NO2) are collectively known as NOx. They are 
formed naturally from volcanoes, lightning fl ashes and bacterial action in the 
soil. However, like the oxides of sulfur, it is those produced by human activity 
and concentrated over relatively small areas that lead to environmental 
problems. 

Nitrogen(II) oxide (NO) forms whenever nitrogen and oxygen are mixed 
at extremely high temperatures. High temperatures are generated in internal 
combustion and jet engines. This is the main source of NO although some is 
also produced in power plants and the burning of fuels in industry.

So, at high temperatures:
 energy
 N2(g) + O2(g) ———h 2NO(g)

At lower temperatures, when released into the atmosphere, NO reacts 
readily with oxygen to form the brown poisonous gas nitrogen(IV) oxide 
(NO2):

 2NO(g) + O2(g) ——h 2NO2(g)

NO2 is an acidic oxide that dissolves readily in rain water to form a mixture 
of nitrous acid and nitric acid:

 2NO2(g) + H2O(l) ——h H+(aq) + NO3
−(aq) + HNO2(aq)

 nitric acid  nitrous acid

chemfact
Pure rain water has a pH of about 6. 

review

H2SO3(aq) is a weak acid because it is only 
partially ionised in water. H2SO4(aq) is a 
strong acid.

Rain dissolves NO & NO2
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Formation of acid rain
Acid rain occurs when acidic oxides of sulfur and nitrogen dissolve in rain 
water to form acids. 

Oxides of sulfur
Most of the oxides of sulfur present in the atmosphere are the result of natural 
processes such as volcanic eruptions or biological decay. It is the sulfur oxides 
produced by human activity that cause environmental problems because of 
their high concentration over relatively small areas, mainly large cities. 

Sulfur is present in plants and so sulfur is also found in fossil fuels. When 
fuels are burnt, sulfur dioxide gas is produced. Industrially, the majority of 
sulfur oxides emissions are due to the burning of fossil fuels, particularly 
coal. The extraction of metals, such as copper, from their sulfi de ores also 
contributes to sulfur dioxide emissions:

 S(s) + O2(g) ——h SO2(g)

In the presence of sunlight, sulfur dioxide is further oxidised to sulfur 
trioxide:

 2SO2(g) + O2(g) ——h 2SO3(g)

These gases react readily with rain water to form sulfurous acid and sulfuric 
acid. 

 SO2(g) + H2O(l) ——h H2SO3(aq)  H+(aq) + HSO3
−(aq)

 SO3(g) + H2O(l) ——h H2SO4(aq) ——h H+(aq) + HSO4
−(aq)

Oxides of nitrogen 
Oxides of nitrogen (NO and NO2) are collectively known as NOx. They are 
formed naturally from volcanoes, lightning fl ashes and bacterial action in the 
soil. However, like the oxides of sulfur, it is those produced by human activity 
and concentrated over relatively small areas that lead to environmental 
problems. 

Nitrogen(II) oxide (NO) forms whenever nitrogen and oxygen are mixed 
at extremely high temperatures. High temperatures are generated in internal 
combustion and jet engines. This is the main source of NO although some is 
also produced in power plants and the burning of fuels in industry.

So, at high temperatures:
 energy
 N2(g) + O2(g) ———h 2NO(g)

At lower temperatures, when released into the atmosphere, NO reacts 
readily with oxygen to form the brown poisonous gas nitrogen(IV) oxide 
(NO2):

 2NO(g) + O2(g) ——h 2NO2(g)

NO2 is an acidic oxide that dissolves readily in rain water to form a mixture 
of nitrous acid and nitric acid:

 2NO2(g) + H2O(l) ——h H+(aq) + NO3
−(aq) + HNO2(aq)

 nitric acid  nitrous acid

chemfact
Pure rain water has a pH of about 6. 

review

H2SO3(aq) is a weak acid because it is only 
partially ionised in water. H2SO4(aq) is a 
strong acid.

weak acid

acidic

acidic acidic

Acid rain dissolves calcium carbonate (e.g. rocks and rock statues)



Practice Questions for 2.2.1b 
(i) CO2 

(ii) SOx 

(iii) NOx 



                                         UV 
                                    radiation

CCl2F2(g) ——h CClF2(g) + Cl(g)

then:
Cl(g) + O3(g) ——h ClO(g) + O2(g)

and:
ClO(g) + O(g) ——h O2(g) + Cl(g)
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19.1

 The major cause of acid rain is the emission of oxides of sulfur 
and nitrogen as a result of human activities.

 Oxides of sulfur include SO2(g) and SO3(g), which dissolve in rain 
water to form H2SO3(aq) and H2SO4(aq) respectively. 

 Major human activities that lead to the formation oxides of 
sulfur are the burning of sulfur-containing fossil fuels and the 
extraction of metals from their sulfi de ores.

 Oxides of nitrogen include NO(g) and NO2(g). These are 
collectively referred to as NOx. NO2(g) dissolves in water to form 
a mixture of HNO3(aq) and HNO2(aq).

 Major human activities that lead to the formation oxides of 
nitrogen are the running of internal combustion engines and 
power plants.

 Acid rain corrodes some building materials and can affect both 
plant and animal life.

summary

 1 Explain why, even though most of the SO2 released into the 
atmosphere is from natural sources, the problems caused by 
acid rain are essentially due to human activity.

 2 HNO2(aq) is a weak acid whereas HNO3(aq) is a strong acid. 
Comparing 1.0 M solutions of each of these acids, which, if 
either, would:

 a be more acidic? b have the higher pH? 
 3 Acid rain is defi ned as rain which has a pH lower than about 

5.5. How much more acidic is rain at pH 5 than at pH 7?

 4 a Give the structure of a nitrogen molecule.
 b  In terms of the bonding in a nitrogen molecule, suggest why 

high temperatures are needed for the formation of NO from 
atmospheric nitrogen.

 5 Rocks made mostly of magnesium carbonate react similarly to 
calcium carbonate with acid rain. Write a chemical equation 
and an ionic equation for the reaction between nitric acid and 
magnesium carbonate. 

key questions

19.2  

Depletion of the 
ozone layer
As discussed in Chapter 18, the ozone layer, most of it within a band 
10–30 km above the Earth’s surface, protects life on Earth by absorbing 
ultraviolet (UV) radiation. UV radiation causes skin cancer and cataracts and 
suppresses the immune system in humans. Exposure can damage plant life 
and aquatic ecosystems.

Scientists fi rst became concerned about possible damage to the ozone 
layer in 1971, with proposals to develop supersonic aircraft, which would 
fl y at extremely high altitudes. It was suggested that the jet engines of these 
aircraft would produce nitrogen oxide (NO) from the reaction between the 
nitrogen and oxygen in the air drawn into the engines:

 N2(g) + O2(g) ——h 2NO(g)

The nitrogen(II) oxide produced in this reaction in the stratosphere could 
then act as a catalyst to break down ozone:

 NO(g) + O3(g) ——h NO2(g) + O2(g)
 NO2(g) + O(g) ——h NO(g) + O2(g)

The net effect of these reactions is:

 O3(g) + O(g) ——h 2O2(g)

The nitrogen(II) oxide is then free for further reactions with ozone.

O
O

O

 Figure 19.5
The shape of the ozone molecule. Ozone is an 
allotrope of oxygen.

 Figure 19.4
Most of the ozone in the atmosphere resides 
in the stratosphere (90%); the ozone in the 
troposphere is due to pollution.

UV light & 
CFCs
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19.1

 The major cause of acid rain is the emission of oxides of sulfur 
and nitrogen as a result of human activities.

 Oxides of sulfur include SO2(g) and SO3(g), which dissolve in rain 
water to form H2SO3(aq) and H2SO4(aq) respectively. 

 Major human activities that lead to the formation oxides of 
sulfur are the burning of sulfur-containing fossil fuels and the 
extraction of metals from their sulfi de ores.

 Oxides of nitrogen include NO(g) and NO2(g). These are 
collectively referred to as NOx. NO2(g) dissolves in water to form 
a mixture of HNO3(aq) and HNO2(aq).

 Major human activities that lead to the formation oxides of 
nitrogen are the running of internal combustion engines and 
power plants.

 Acid rain corrodes some building materials and can affect both 
plant and animal life.

summary

 1 Explain why, even though most of the SO2 released into the 
atmosphere is from natural sources, the problems caused by 
acid rain are essentially due to human activity.

 2 HNO2(aq) is a weak acid whereas HNO3(aq) is a strong acid. 
Comparing 1.0 M solutions of each of these acids, which, if 
either, would:

 a be more acidic? b have the higher pH? 
 3 Acid rain is defi ned as rain which has a pH lower than about 

5.5. How much more acidic is rain at pH 5 than at pH 7?

 4 a Give the structure of a nitrogen molecule.
 b  In terms of the bonding in a nitrogen molecule, suggest why 

high temperatures are needed for the formation of NO from 
atmospheric nitrogen.

 5 Rocks made mostly of magnesium carbonate react similarly to 
calcium carbonate with acid rain. Write a chemical equation 
and an ionic equation for the reaction between nitric acid and 
magnesium carbonate. 

key questions

19.2  

Depletion of the 
ozone layer
As discussed in Chapter 18, the ozone layer, most of it within a band 
10–30 km above the Earth’s surface, protects life on Earth by absorbing 
ultraviolet (UV) radiation. UV radiation causes skin cancer and cataracts and 
suppresses the immune system in humans. Exposure can damage plant life 
and aquatic ecosystems.

Scientists fi rst became concerned about possible damage to the ozone 
layer in 1971, with proposals to develop supersonic aircraft, which would 
fl y at extremely high altitudes. It was suggested that the jet engines of these 
aircraft would produce nitrogen oxide (NO) from the reaction between the 
nitrogen and oxygen in the air drawn into the engines:

 N2(g) + O2(g) ——h 2NO(g)

The nitrogen(II) oxide produced in this reaction in the stratosphere could 
then act as a catalyst to break down ozone:

 NO(g) + O3(g) ——h NO2(g) + O2(g)
 NO2(g) + O(g) ——h NO(g) + O2(g)

The net effect of these reactions is:

 O3(g) + O(g) ——h 2O2(g)

The nitrogen(II) oxide is then free for further reactions with ozone.
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 Figure 19.5
The shape of the ozone molecule. Ozone is an 
allotrope of oxygen.

 Figure 19.4
Most of the ozone in the atmosphere resides 
in the stratosphere (90%); the ozone in the 
troposphere is due to pollution.
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19.1

 The major cause of acid rain is the emission of oxides of sulfur 
and nitrogen as a result of human activities.

 Oxides of sulfur include SO2(g) and SO3(g), which dissolve in rain 
water to form H2SO3(aq) and H2SO4(aq) respectively. 

 Major human activities that lead to the formation oxides of 
sulfur are the burning of sulfur-containing fossil fuels and the 
extraction of metals from their sulfi de ores.

 Oxides of nitrogen include NO(g) and NO2(g). These are 
collectively referred to as NOx. NO2(g) dissolves in water to form 
a mixture of HNO3(aq) and HNO2(aq).

 Major human activities that lead to the formation oxides of 
nitrogen are the running of internal combustion engines and 
power plants.

 Acid rain corrodes some building materials and can affect both 
plant and animal life.

summary

 1 Explain why, even though most of the SO2 released into the 
atmosphere is from natural sources, the problems caused by 
acid rain are essentially due to human activity.

 2 HNO2(aq) is a weak acid whereas HNO3(aq) is a strong acid. 
Comparing 1.0 M solutions of each of these acids, which, if 
either, would:

 a be more acidic? b have the higher pH? 
 3 Acid rain is defi ned as rain which has a pH lower than about 

5.5. How much more acidic is rain at pH 5 than at pH 7?

 4 a Give the structure of a nitrogen molecule.
 b  In terms of the bonding in a nitrogen molecule, suggest why 

high temperatures are needed for the formation of NO from 
atmospheric nitrogen.

 5 Rocks made mostly of magnesium carbonate react similarly to 
calcium carbonate with acid rain. Write a chemical equation 
and an ionic equation for the reaction between nitric acid and 
magnesium carbonate. 

key questions

19.2  

Depletion of the 
ozone layer
As discussed in Chapter 18, the ozone layer, most of it within a band 
10–30 km above the Earth’s surface, protects life on Earth by absorbing 
ultraviolet (UV) radiation. UV radiation causes skin cancer and cataracts and 
suppresses the immune system in humans. Exposure can damage plant life 
and aquatic ecosystems.

Scientists fi rst became concerned about possible damage to the ozone 
layer in 1971, with proposals to develop supersonic aircraft, which would 
fl y at extremely high altitudes. It was suggested that the jet engines of these 
aircraft would produce nitrogen oxide (NO) from the reaction between the 
nitrogen and oxygen in the air drawn into the engines:

 N2(g) + O2(g) ——h 2NO(g)

The nitrogen(II) oxide produced in this reaction in the stratosphere could 
then act as a catalyst to break down ozone:

 NO(g) + O3(g) ——h NO2(g) + O2(g)
 NO2(g) + O(g) ——h NO(g) + O2(g)

The net effect of these reactions is:

 O3(g) + O(g) ——h 2O2(g)

The nitrogen(II) oxide is then free for further reactions with ozone.
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 Figure 19.5
The shape of the ozone molecule. Ozone is an 
allotrope of oxygen.

 Figure 19.4
Most of the ozone in the atmosphere resides 
in the stratosphere (90%); the ozone in the 
troposphere is due to pollution.
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2.2.1c

role of the atmosphere in maintaining life in the environment: qualitative effects of 
ozone depletion and photochemical smog

Depletion of the Ozone Layer
nitrogen(II) oxide depletes ozone CFCs deplete ozone

Net reaction:

An ozone hole decreases UV light absorption and causes an increase in skin cancers. International 
protocols have decreased CFC emissions in recent years and the ozone hole has stopped expanding.
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19.1

 The major cause of acid rain is the emission of oxides of sulfur 
and nitrogen as a result of human activities.

 Oxides of sulfur include SO2(g) and SO3(g), which dissolve in rain 
water to form H2SO3(aq) and H2SO4(aq) respectively. 

 Major human activities that lead to the formation oxides of 
sulfur are the burning of sulfur-containing fossil fuels and the 
extraction of metals from their sulfi de ores.

 Oxides of nitrogen include NO(g) and NO2(g). These are 
collectively referred to as NOx. NO2(g) dissolves in water to form 
a mixture of HNO3(aq) and HNO2(aq).

 Major human activities that lead to the formation oxides of 
nitrogen are the running of internal combustion engines and 
power plants.

 Acid rain corrodes some building materials and can affect both 
plant and animal life.

summary

 1 Explain why, even though most of the SO2 released into the 
atmosphere is from natural sources, the problems caused by 
acid rain are essentially due to human activity.

 2 HNO2(aq) is a weak acid whereas HNO3(aq) is a strong acid. 
Comparing 1.0 M solutions of each of these acids, which, if 
either, would:

 a be more acidic? b have the higher pH? 
 3 Acid rain is defi ned as rain which has a pH lower than about 

5.5. How much more acidic is rain at pH 5 than at pH 7?

 4 a Give the structure of a nitrogen molecule.
 b  In terms of the bonding in a nitrogen molecule, suggest why 

high temperatures are needed for the formation of NO from 
atmospheric nitrogen.

 5 Rocks made mostly of magnesium carbonate react similarly to 
calcium carbonate with acid rain. Write a chemical equation 
and an ionic equation for the reaction between nitric acid and 
magnesium carbonate. 

key questions

19.2  

Depletion of the 
ozone layer
As discussed in Chapter 18, the ozone layer, most of it within a band 
10–30 km above the Earth’s surface, protects life on Earth by absorbing 
ultraviolet (UV) radiation. UV radiation causes skin cancer and cataracts and 
suppresses the immune system in humans. Exposure can damage plant life 
and aquatic ecosystems.

Scientists fi rst became concerned about possible damage to the ozone 
layer in 1971, with proposals to develop supersonic aircraft, which would 
fl y at extremely high altitudes. It was suggested that the jet engines of these 
aircraft would produce nitrogen oxide (NO) from the reaction between the 
nitrogen and oxygen in the air drawn into the engines:

 N2(g) + O2(g) ——h 2NO(g)

The nitrogen(II) oxide produced in this reaction in the stratosphere could 
then act as a catalyst to break down ozone:

 NO(g) + O3(g) ——h NO2(g) + O2(g)
 NO2(g) + O(g) ——h NO(g) + O2(g)

The net effect of these reactions is:

 O3(g) + O(g) ——h 2O2(g)

The nitrogen(II) oxide is then free for further reactions with ozone.

O
O

O

 Figure 19.5
The shape of the ozone molecule. Ozone is an 
allotrope of oxygen.

 Figure 19.4
Most of the ozone in the atmosphere resides 
in the stratosphere (90%); the ozone in the 
troposphere is due to pollution.

UV light & 
CFCs
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chemfact
On 15 July 2004, the EOS Aura spacecraft 
was launched. Its mission states ‘Chemistry 
and Climate’ (Figure 18.8). Its instruments can 
measure the composition and chemistry of the 
Earth’s atmosphere and study ozone levels, air 
quality and climate changes. The spacecraft 
operates at an altitude of 705 km and scans 
the entire Earth every 16 days.
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 Figure 18.7
A simplifi ed diagram of the nitrogen–oxygen 
cycle.

nitrogen(II) oxide gas (NO). Nitrogen(II) oxide is also released by volcanic 
action and is present in industrial and automobile emissions. It reacts with 
oxygen to form nitrogen(IV) oxide gas:

 2NO(g) + O2(g) ——h 2NO2(g)

Nitrogen dioxide reacts with rain water to form a mixture of nitrous acid 
(HNO2) and nitric acid (HNO3):

 2NO2(g) + H2O(l) ——h HNO3(aq) + HNO2(aq)

The rain becomes a mildly acidic fertiliser.
Nitrogen is returned to the atmosphere when bacteria and other organisms 

in the soil cause organic matter to decay.
Unlike carbon dioxide, the amount of atmospheric nitrogen is thought 

to be fairly stable. However, other stages of the nitrogen cycle have been 
signifi cantly affected by industrial and agricultural activities. For example, 
levels of atmospheric nitrogen oxides have risen due to industrial and 
automotive emissions.

Human activities and the atmosphere
The rate of change in the composition of the atmosphere has increased 
dramatically in the past 200 years as a result of human activity. Contributing 
factors include:
 clearing of forests to make way for agriculture and so reducing the 

amount of carbon dioxide uptake by photosynthesis
 burning of coal to produce electricity, which converts sulfur in coal to 

sulfur dioxide, which is released into the atmosphere
 using fossil fuels in transport, which results in signifi cant emissions of 

carbon and nitrogen oxides and unburnt hydrocarbons
 using propellants in aerosols and foaming agents, which interfere with 

the balance of atmospheric gases.
Chapter 20 deals in greater detail with the effects of such human activities 
on the gaseous interactions of the atmosphere.

!
Nitrogen(II) oxide (NO) is commonly called 
nitric oxide.
Nitrogen(IV) oxide (NO2) is commonly called 
nitrogen dioxide.

 Figure 18.8
EOS Aura spacecraft mission patch.

Photochemical Smog
CO SOx NOx

From the incomplete 
combustion of hydrocarbons 
such as fossil fuels

CO competes with CO2 when 
binding to haemoglobin and 
can starve the body of 
oxygen. Can cause 
headaches, dizziness and 
death.

From burning hydrocarbons 
that contain traces of sulphur

From the high temperature 
reaction between nitrogen 
and oxygen in the combustion 
chamber of the engine.
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Waste production by motor vehicles
When fossil fuels are burnt in an effi cient engine and a plentiful supply of air, 
carbon dioxide (CO2) and water (H2O) are the main wastes produced. For 
example, given a suffi cient amount of air, octane (C8H18), one of the major 
components of gasoline used in cars, reacts according to the equation:

 2C8H18(g) + 25O2(g) ——h 16CO2(g) + 18H2O(g)

Because fossil fuels contain traces of sulfur, sulfur dioxide is also produced 
during this combustion process and released into the atmosphere.

When the supply of oxygen is insuffi cient, however, or in a poorly tuned 
engine, combustion of the fuel might not be complete. There might not be 
enough oxygen for all the fuel to form carbon dioxide. Some of the fuel may 
produce carbon monoxide (CO) instead of carbon dioxide. As well, some 
of the hydrocarbons in the gasoline escape in the exhaust gases without 
burning at all. For example:

C8H18(g) + limited O2(g) ——h aCO2(g) + bCO(g) + cH2O(g) + unburnt 
                                                                                                          hydrocarbons
where a, b and c depend on the amount of oxygen available.

Carbon monoxide
Carbon monoxide is a highly poisonous gas. It combines readily with haemo-
globin, the oxygen carrier in blood. When attached to carbon monoxide, 
haemoglobin cannot transport oxygen around the body, which leads to 
oxygen starvation of tissues.

Even in concentrations as low as 10 ppm, carbon monoxide can cause 
drowsiness, dizziness and headaches in some people. At about 200 ppm, 
it can lead to death. The average carbon monoxide concentration in large 
cities is now 7 ppm, and can be as high as 120 ppm at busy intersections in 
heavy traffi c. It is believed that the effect of carbon monoxide on drivers is a 
contributing factor to many peak-hour road accidents.

Oxides of nitrogen
As discussed earlier, oxides of nitrogen are also released by motor vehicles. 
These are not produced by the combustion of the fuel itself. A side reaction 
occurs because one of the important features of this type of engine is that 
the gases in its cylinders reach temperatures as high as 2000°C. At such high 
temperatures, some of the nitrogen and oxygen gases in the air entering the 
combustion chamber combine to produce nitrogen(II) oxide (NO):

 N2(g) + O2(g) ——h 2NO(g)

As the combustion products are released into the atmosphere, they 
experience a sudden temperature drop. At the lower temperature, some of 
the nitrogen(II) oxide reacts further with oxygen to produce the brown gas 
nitrogen dioxide (NO2):

 2NO(g) + O2(g) ——h 2NO2(g)

Nitrogen(IV) oxide is responsible for the brown colour of the haze often 
seen over large cities, such as Melbourne and Sydney.

In summary, the exhaust gases from a car engine include:
 unreacted nitrogen gas
 carbon dioxide, water and sulfur dioxide gases from the complete burning 

of fuel

2000°C 
inside 
engine

after 
cooling

SOx cause acid rain NOx cause acid rain



Practice Questions for 2.2.1c 
(i) Ozone Depletion 

(ii) Photochemical Smog 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2.2.1d

role of the atmosphere in maintaining life in the environment: role of the carbon and 
nitrogen cycles in maintaining life on earth

Carbon-Oxygen Cycle

Nitrogen Cycle

CO2 in 
the air

burning of wood 
and fossil fuels

photosynthesis

carbon compounds 
in plants respiration of plants 

and animals

decay of plants and 
animals

rock

fossil fuels

N2 in the air

fertilisers made by 
the Haber process

lightning, volcanoes, and 
industry creates NOx

nitrogen-fixing bacteria 
in soil and in the roots 

of bean plants

NH4+ in the soil

NO3– in the soil

respiration by 
bacteria in the soil

plants use 
NH4+ and 

NO3– to grow

leaching to 
groundwater

artificial



Practice Questions for 2.2.1d 
(i) Carbon-Oxygen Cycle 

(ii) Nitrogen Cycle  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2.2.2

the major contributing gases to the enhanced greenhouse effect and at least one of 
the associated local, state, national or international protocols!

Enhanced Greenhouse Effect
The Earth has a natural greenhouse effect 
!
Many gases (H2O, CO2, CH4, O3, CFCs and more) 
all cause warming in the atmosphere because 
they absorb UV radiation and release it as heat. 
This warming is called the greenhouse effect. 
!
The extra warming caused by gases released as 
a result of human activity is called the enhanced 
greenhouse effect.

1997 Kyoto Protocol
In 1997, the Kyoto Protocol was negotiated as a 
means of reducing future global temperatures by 
putting limits on future CO2 emissions. 
!
The rationale behind the Kyoto Protocol relies on 
three main assumptions: 
!
• artificial CO2 has caused significant warming in recent decades 
• global warming is undesirable 
• reducing CO2 emissions is the best way to reverse global warming



Practice Questions for 2.2.2 
(i) Enhanced Greenhouse Effect 

(ii) 1997 Kyoto Protocol 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2.2.3

kinetic molecular theory and its use in explaining properties of gases

Kinetic molecular theory

random motion,  
negligible volume 
exert no forces on each other 
collide elastically with each other and the container walls 
kinetic energy which is directly proportional to the absolute 

temperature of the gas

5 big assumptions:

Pressure force exerted on a surface by gas particles as they collide with 
each other and with the walls of the container

Gases take up the shape and volume of any container

Kinetic Energy 
vs temperature

kinetic energy

proportion of 
molecules with a 
particular kinetic 

energy

20°C

30°C

40°C

50°C

a small increase in temperature causes a large increase in the 
number of particles with kinetic energy above a certain level

Partial Pressure the hypothetical pressure of that gas if it alone occupied the 
volume of the mixture at the same temperature



Practice Questions for 2.2.3 
(i) Kinetic Molecular Theory 

1. What are the five big assumptions of kinetic molecular theory? 

2. Use kinetic molecular theory to explain why gases are: 

a) compressed easily 

b) occupy all the available space of a container 

c) are miscible (they mix with each other in all ratios) 

d) have lower densities than solids 

3. Sketch a graph that depicts the distribution of particle speeds in a gas. 

4. When the gas depicted in question 3 is heated, explain what happens to: 

a) the area under the graph 

b) the spread of gas velocities 

c) the velocity at which the graph peaks  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2.2.4

calculations including those involving gas laws, molar volume (VM) at STP and SLC, 
the General Gas Equation, volume-volume and mass-volume stoichiometry

Gases 1 atm 
= 760 mmHg 
= 1.013×105 Pa 
= 101.3 kPa 
= 1.013 bar

1 m3 

= 103 dm3 

= 103 L 
= 106 cm3 

= 106 mL

Units of Pressure Units of Volume

Temperature 
conversion

All temperatures must be in kelvin. 
Absolute zero is 0°K or –273°C, at 
which particles stop vibrating°K = °C + 273

Avogadro’s Law

Combined gas equationBoyle’s Law

Charles’ Law

Combination of Boyle’s & Charles’ Laws

Volume is proportional to number of moles

V1
V2

= n1
n2

Pressure is inversely proportional to volume

P1V1 = P2V2
Volume is proportional to temperature (°K)

V1
T1

= V2
T2

Ideal Gas Equation

P1V1
T1

= P2V2
T2

pV = nRT
pressure Volume no. of moles Temperature

constant in data book

×

×

×

Molar 
volume (Vm)

volume occupied by one 
mole of gas at certain 
temperature and pressure

Two sets of temperature and pressure are 
commonly used. They’re called “STP” and 
“SLC” and their details are all in the Chemistry 
data booklet on page 5.



Practice Questions for 2.2.4 
(i) Avogadro’s Law 
1. If 1.00 mole of a gas occupies 22.4 L under certain conditions, what is the volume of: 

a) 7.00 moles? 
b) 12.4 moles? 
c) 410 moles? 
d) 1.28×10–3 moles? 

(ii) Boyle’s Law 
1. If a gas at 1.00 atm occupies 22.4 L in volume, what volume will the gas occupy if the gas is: 

a) compressed to 2.00 atm? 
b) compressed to 50.0 atm? 
c) compressed to 1.2 atm? 
d) compressed to 5.00 atm? 

(iii) Charles’ Law 
1. If a gas sample at 25°C occupies 24.5 L, what volume will the gas occupy if is is: 

1. heated to 50°C? 
2. heated to 350°C? 
3. cooled to –42°C (assume that the gas doesn’t condense) 
4. heated to 4000°C? 

(iv) Molar Volume 
1. What is molar volume? 

(v) Combined Gas Equation 
1. A cylinder of gas with volume of 5.00 L is filled to a pressure of 10.0 atm. The temperature of 

the cylinder is 21°C. The cylinder is then taken outside, where the temperature is 41°C, and one 
quarter of the has is allowed to escape. What is new pressure inside the cylinder? 

2. A balloon can hold 900 mL of air before bursting. The balloon contains 750 mL of air at 0°C. 
The balloon is then heated very slowly. At what temperature will it burst? 

(vi) Ideal Gas Equation 
1. What is an “ideal gas”? 
2. Why is hydrogen a more ideal gas than water vapour? 
3. How many moles of gas are present in the cylinder in part (v)? 
4. Assuming that the balloon is inflated to 1.50 atm, how many moles of air are in the balloon?



 


