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2(a) – Atomic Structure
Scientists working in any area of chemical industry or research require a firm understanding
of atomic structure and electron configurations and their use in providing the fundamental
basis for chemical structures and reactions. Radiographers, environmental chemists and
archaeologists all make use of specific isotopes in their work. Analytical chemists use
UV/visible spectra and flame emission spectra to help characterise substances and
colorimetry as a quantitative analytical technique. The origin of colour in compounds is of
great importance in the dye-, pigment-, and paint-based industries and to development
chemists researching new products.

The Atom
All elements are made of atoms. Atoms are
made up of 3 types of particle. These are
protons, neutrons and electrons.
Electrons have -1 charge. They move
around the nucleus in orbitals, which take
up most of the volume of the atom. Most
of the mass of the atom is concentrated in
the nucleus. The nucleus is very small in
comparison to the whole atom. The
nucleus is where you find the protons and neutrons. The mass and charge of these subatomic
particles is really small, so relative mass and relative charge are used instead. The table shows
the relative masses and charges of protons, neutrons and electrons.
Subatomic particle

Relative mass

Relative Charge

Proton

1

+1

Neutron

1

0

Electron

1/2000

-1
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Atomic Number and Mass Number
You can figure out the number of protons, neutrons and electrons in an atom from the
nuclear symbol.

Mass Number
This is the total number of protons and neutrons in the nucleus of an atom.
Atomic/Proton Number
This is the number of protons in the nucleus of an atom, it identifies the element. All atoms
of the same element have the same number of protons.

Atoms
For neutral atoms, which have no overall charge, the number of electrons is the same as the
number of protons. The number of neutrons is just mass number minus atomic number (The
big number minus the small number in the periodic table).

Ions
Atoms form ions by gaining or losing electrons. Ions have different numbers of protons and
electrons. In negative ions there are more electrons than protons, and positive ions have
less electrons than protons.
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Isotopes
Isotopes of an element are atoms with the same number of protons but different numbers
of neutrons.
The number and arrangement of the electrons decides the chemical properties of an
element. Isotopes have the same configuration of electrons, so they have the same
chemical properties. Isotopes of an element do have slightly different physical properties
(e.g. different densities and rates of diffusion). This is because physical properties usually
depend on the mass of the atom.

The percentage of an isotope occurring in a natural sample of an element is called its natural
abundance. The natural abundance of each isotope on the earth are usually similar no
matter where the sample is obtained. However, sometimes these values are vary, such as in
meteorites or areas of unusual volcanic activity.
Chlorine gas is mainly composed of two isotopes, 35Cl and 37Cl. These have natural
abundances of roughly 75% and 25% respectively.
This means that in any naturally occurring sample of chlorine 75% of the atoms are Cl-35
atoms and 25% are Cl-37 atoms.
The 'relative abundance' of an isotope means the percentage of that particular isotope that
occurs in nature. Most elements are made up of a mixture of isotopes. The sum of the
percentages of the specific isotopes must add up to 100%.
The relative atomic mass is the weighted average of the isotopic masses.
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Atomic Model
Bohr's model
Scientists realised that electrons in a 'cloud' around
the nucleus of an atom, as Rutherford described,
would quickly spiral down into the nucleus, causing
the atom to collapse. Niels Bohr proposed a new
model of the atom with four basic principles:
 Electrons only exist in fixed orbits (also called
shells) and not anywhere in between.
 Each shell has a fixed energy.
 When an electron moves between shells
electromagnetic radiation is emitted or
absorbed.
 Because the energy of shells is fixed, the radiation will have a fixed frequency.
The frequencies of radiation emitted and absorbed by atoms were already known from
experiments. The Bohr model fitted these observations.

Other atomic models
Scientists later discovered that not all the electrons in a shell had the same energy. This
meant that the Bohr model wasn't quite right, so they refined it to include sub-shells. The
refined model fitted observations better than Bohr's original model. The refined Bohr model
is not perfect either, but it's still widely used to describe atoms because it is simple and
explains many observations from experiments, like bonding and ionisation energy trends.
The most accurate model we have today is based on quantum mechanics. The quantum
model explains some observations that can't be accounted for by the Bohr model, but it's a
lot harder to get your head round and visualise. Scientists use whichever model is most
relevant to whatever they're investigating.
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Electron Shells
In the currently accepted model of the atom,
electrons have fixed energies. They move
around the nucleus in certain regions of the
atom called shells or energy levels. Each shell is
given a number called the principal quantum
number. The further a shell is from the nucleus,
the higher its energy and the larger its principal
quantum number

Experiments show that not all the electrons in a shell have exactly the same energy. The
atomic model explains this, shells are divided up into sub-shells. Different electron shells
have different numbers of sub-shells, which each have a different energy. Sub-shells can be
s sub-shells, p sub-shells, d sub-shells or f sub-shells.

The sub-shells have different numbers of orbitals which can each hold up to 2 electrons. The
table on the right shows the number of orbitals in each sub-shell. You can use it to work out
the number of electrons that each shell can hold.
Sub-shell
s
p
d
f

Number of orbitals
1
3
5
7

Maximum electrons
1×2=2
3×2=6
5 × 2 = 10
7 × 2 = 14

The table on the below shows the number of electrons that can be held by the first four
shells:
Shell
1st
2nd
3rd
4th

Sub-shells
1s
2s 2p
3s 3p 3d
4s 4p 4d 4f

2
2 + (3 × 2)
2 + (3 × 2) + (5 × 2)
2 + (3 × 2) + (5 × 2) + (7 × 2)

Total number of electrons
=2
=8
= 18
= 32
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Electron Configurations
The number of electrons that an atom or ion has, and how they are arranged, is called its
electron configuration. Electron configurations can be shown in many different ways. For
example, an atom of neon has 10 electrons. It has two electrons in the 1s sub-shell, two are
in the 2s sub-shell and six are in the 2p sub-shell. The electron configuration can be shown
in 3 main ways:

1. Sub-shell notation

2. Arrows in boxes
Each of the boxes represents one orbital. Each of the arrows represents one electron. The
up and down arrows represent the electrons spinning in opposite directions. Two electrons
can only occupy the same orbital if they have opposite spin.

3. Energy level diagrams
These show the energy of the electrons in different orbitals, as well as the number of
electrons and their arrangment
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Electron Configuration Rules
Rule 1
Electrons fill up the lowest energy sub-shells first

Rule 2
Electrons fill orbitals in a sub-shell before they start sharing

Rule 3
For the configuration of ions from the s and p blocks of the periodic table, just add or
remove the electrons to or from the highest energy occupied sub-shell.
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Flame Emission Spectra and Electron Transmissions
The origin of flame colours
If you excite an atom or an ion by very heating it, electrons can be promoted from their
normal unexcited state into higher orbitals. As they fall back down to lower levels, energy is
released as light.
Each of these jumps down to lower levels involves a specific amount of energy being
released as light energy, and each corresponds to a particular wavelength (or frequency).
As a result of all these jumps, a spectrum of lines will be produced, some of which will be in
the visible part of the spectrum. The colour you see will be a combination of all these
individual colours.
In the case of sodium (and also other metal) ions, the jumps involve very high energies and
these result in lines in the UV part of the spectrum which your eyes can't see. The jumps
that you can see in flame tests come from electrons falling from a higher to a lower level in
the metal atoms.
A sodium atom in an unexcited state has the structure 1s2 2s2 2p6 3s1, but within the flame
there will be all sorts of excited states of the electrons.
Sodium's familiar bright orange-yellow flame colour results from promoted electrons falling
back from the 3p1 level to their normal 3s1 level.
The exact sizes of the possible jumps in energy terms vary from one metal to another. That
means that each different metal will have a different pattern of spectral lines, and so a
different flame colour.

The colours are shown on the next page
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Colours:
Li

Red

Na

Strong Orange

K

Lilac

Rb

Red

Cs

Blue/Violet

Ca

Orange/Red

Sr

Red

Ba

Pale Green

Cu

Blue/Green

Pb

Grey/White
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Calculating Relative Atomic Mass
The relative atomic mass, Ar, is the average mass of an atom
of an element on a scale where an atom of carbon-12 is
exactly 12 for example. The relative atomic mass of each
element is shown in the periodic table.

Relative isotopic mass is usually a whole number. Relative atomic mass is an average, so it's
not usually a whole number.
Example:
A natural sample of chlorine contains a mixture of 35Cl and 37Cl, whose relative isotopic
masses are 35 and 37. 75% of the sample is 35CI and 25% is 37Cl. You need to take these
percentages into account when you work out the relative atomic mass of chlorine.

Relative atomic mass =

(35 ×75)+(37 × 25)
100

Relative atomic mass = 35.5
Calculating Relative Molecular Mass
The relative molecular mass, Mr, is the average mass of a molecule on a scale where an
atom of carbon-12 is exactly 12. To find the Mr, you have to add up the relative atomic mass
values of all the atoms in the molecule

Atom
Hydrogen
Carbon
Fluorine
Oxygen
Calcium

Ar
1
12
19
16
40.1
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Calculating Relative Formula Mass
Relative formula mass is the average mass of a formula unit on a scale where an atom of
carbon-12 is exactly 12. It's used for compounds that are ionic (or giant covalent, such as
SiO2). To find the relative formula mass, just add up the relative atomic masses (A r) of all the
ions in the formula unit.
Example:
Calculating Mr of CaF
CaF contains one Ca2+ ion and two F- ions
Mr of CaF2 = 40.1 + (2 × 19) = 78.1
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2(b) – The Periodic Table
The patterns evident in the Periodic Table enable industrial and research and development
chemists to predict properties and potential new applications of elements, from the inert
nature of the noble gases to semiconductor properties of Group 4 (14), to the many
applications and uses of the transition metals.

How is the periodic table is set out
Dmitri Mendeleev developed the modern periodic table in the 1800s. Although there have
been changes since then, the basic idea is still the same. The periodic table is arranged into
periods (rows) and groups (columns), by atomic (proton) number.

Elements and periods
All the elements within a period have the same number of electron shells

Elements and groups
All the elements within a group have similar properties. This is because they have the same
number of electrons in their outer shell
Group 1 elements have 1 electron in their outer shell and group 3 elements have 3 electrons
in their outer shell and so on.
The exception to this rule is group 0. All the elements in group 0 have 8 electrons in their
outer shell.
This means they have a full outer shell
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Electron Configurations
The periodic table can be split into s block d block p block and f block

Periodic Table Rules:



Each Row of the periodic table starts with a highly reactive alkali metal (Group I) and
ends with a noble gas (Group 0 (18))
As you go along the rows, the properties of the elements will go from metals to nonmetals
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Properties of the Elements
Atomic radius
Atomic radius decreases across a period. As
the number of protons increases, the
positive charge of the nucleus increases. This
means electrons are pulled closer to the
nucleus, making the atomic radius smaller.
The extra electrons that the elements gain
across a period are added to the outer
energy level, so they don't really provide any
extra shielding effect (shielding is mainly
provided by the electrons in the inner shells).

Melting points
For period 3 elements the melting points
increase from sodium to silicon, but then
decrease from silicon to argon

First ionisation energy
The first ionisation energy is the energy
needed to remove 1 electron from each atom
in 1 mole of gaseous atoms to form 1 mole of
gaseous 1+ ions. There's a general increase in
the first ionisation energy as you go across
Period 3. This is because of the increasing
attraction between the outer shell electrons
and the nucleus, due to the number of
protons increasing.
Electronegativity
The ability to attract the bonding electrons in a covalent bond is called electronegativity.
Electronegativity is measured on the Pauling Scale. A higher number means an element is
better able to attract the bonding electrons. Fluorine is the most electronegative element.
Oxygen, nitrogen and chlorine are also very strongly electronegative
Element
Electronegativity
(Pauling Scale)

H

C

N

Cl

O

F

2.2

2.55

3.04

3.16

3.44

3.98
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2(c) – Amount of Substance
Chemical engineers and synthetic chemists rely on their knowledge of mole and reaction
stoichiometries to determine reacting masses and yields for large-scale industrial
production of chemicals. Analytical chemists also apply similar concepts in quantitative
analysis, together with the selection of correct reagents to ensure accuracy of outcomes.

The Mole
What is a mole?
Amount of substance is measured using a unit called the mole (mol for short). One mole is
roughly 6.02 x 1023 particles (the Avogadro constant). It doesn't matter what the particles
are. They can be atoms, molecules, electrons, ions…
 1 mole of carbon contains 6.02 × 1023 atoms
 1 mole of methane contains 6.02 × 1023 molecules
 1 mole of electrons contains 6.02 × 1023 electrons
The Avogadro Constant
The avogadro constant can be used to convert the number of particles to the number of
moles. You must rember the following formula
Number of particles = Number of moles × Avogadro’s constant

Calculations with moles
1 mole of any substance has a mass that’s the same as its relative molecular mass (M r) in
grams
This means that you can work out how many moles of a substance you have from the mass
of the substance and its relative molecular mass (Mr).
The following formula is really important:

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 =

𝑚𝑎𝑠𝑠 𝑜𝑓 𝑠𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒
𝑀𝑟

The formula can also be rearranged to find the mass of a substance or its relative molecular
mass
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You can remember this
formula by remembering
“Mr Moles lifts Weights”

Gases and the Mole
The ideal gas equation
In your exams, it isn’t always room temperature and pressure. The ideal gas equation lets
you find the number of moles in a certain volume at any temperature and pressure
p = pressure
measured in pascals (Pa)

R = 8.31 J K-1 mol-1 R is
the gas constant

𝑝𝑉 = 𝑛𝑅𝑇
V = volume
measured in m3

n = number
of moles

T = temperature
measured in
kelvin (K)

You need to make sure that you convert the figures in the question if needed

Concentrations of Solutions
The concentration of a solution is how many moles are dissolved per 1 dm 3 of solution. The
units are mol dm-3.
You will need the following formula to find the number of moles

𝐶𝑜𝑛𝑐𝑒𝑛𝑡𝑟𝑎𝑡𝑖𝑜𝑛 × 𝑉𝑜𝑙𝑢𝑚𝑒 (𝑖𝑛 𝑐𝑚3 )
𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 =
1000
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Formulas
Empirical and molecular formulas
You need to know what's what with empirical and molecular formulas. The empirical
formula gives the smallest whole number ratio of atoms of each element present in a
compound. The molecular formula gives the actual numbers of atoms in a molecule. The
molecular formula is made up of a whole number of empirical units.
This molecule is butane:
A butane molecule contains 4 carbon atoms and 10
hydrogen (H) atoms. So its molecular formula is C4H10.
Butane’s empirical formula is C2H5. This means that the
ratio of carbon atoms to hydrogen atoms in the
molecule is 2:5. That is the most it can be simplified

The empirical formula and the relative molecular mass can be used to calculate the
molecular formula

Calculating Empirical Formulas
Empirical formulas can be calculated from the percentage of the different elements
To do this, follow these steps:
1. Assume you've got 100 g of the compound, you can turn the percentages into
masses. Then you can work out how many moles of each element are in 100g of the
compound.
2. Divide each number of moles by the smallest number of moles you found in step 1.
This gives you the ratio of the elements in the compound.
3. Apply the numbers from the ratio to the formula.

Balancing Equations
Balanced equations have the same number of each atoms on both sides of the equations.
The only way an unbalanced equation can be balanced is by adding whole reactants or
products. This is done by changing the number in front of the reactant or product.

An example is on the following page
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Example:
Balance the equation 𝑯𝟐 𝑺𝑶𝟒 + 𝑵𝒂𝑶𝑯 → 𝑵𝒂𝟐 𝑺𝑶𝟒 + 𝑯𝟐 𝑶
To do this, you first need to find how many of each atom there are on each side. Draw a line
underneath the arrow and count out how much of each there are either side of that line.
Like this:
𝐻2 𝑆𝑂4 + 𝑁𝑎𝑂𝐻 → 𝑁𝑎2 𝑆𝑂4 + 𝐻2 𝑂
H=3
Na = 1
O=5
S=1

H=2
Na = 2
O=5
S=1

The left side needs 2 Na atoms. To try to resolve this, change NaOH to 2NaOH. Then draw a
line and write out how many of each atom are on each side
𝐻2 𝑆𝑂4 + 2𝑁𝑎𝑂𝐻 → 𝑁𝑎2 𝑆𝑂4 + 𝐻2 𝑂
H=4
Na = 2
O=6
S=1

H=2
Na = 2
O=5
S=1

The right side needs 4 more H atoms. If you change the H 2O to 2H2O and then draw a line
and write out the amounts, you will see that there are the same amount of each atom on
each side.
𝐻2 𝑆𝑂4 + 2𝑁𝑎𝑂𝐻 → 𝑁𝑎2 𝑆𝑂4 + 2𝐻2 𝑂
H=4
Na = 2
O=6
S=1

H=4
Na = 2
O=6
S=1

The equation is now balanced

You must remember that you can’t change the small number as this changes what the atom
is and not how many of the atom you have. For example if you needed 3 oxygen you
wouldn’t change O2 to O3 as this is no longer oxygen and is instead ozone. You should
instead write 3O2.

Have a go yourself:
Fe2O3 + C → Fe + CO2

[Answer on the next page]
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Answer:

2Fe2O3 +3C → 4Fe + 3CO2

Calculating Masses
You can use the balanced equation for a reaction to work out how much product you will
get from a certain mass of reactant. The steps are as follows:
1. Write out the balanced equation for the reaction.
2. Work out how many moles of the reactant you have.
3. Use the molar ratio from the balanced equation to work out the number of moles of
product that will be formed from this much reactant.
4. Calculate the mass of that many moles of product.

State Symbols
State symbols are used at the end of each compound in an equation. State symbols allow
you to see what state each compound is in. The state symbols are as follows:
s = Solid

l = Liquid

g = Gas

aq = Aqueous (dissolved in water)
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Titrations
Neutralisation
When an acid reacts with alkali, you get a salt and water. This type of reaction is called a
neutralisation reaction.
Example

H2SO4(aq) + 2NaOH(aq) → Na2SO4(aq) + 2H2O(l)
acid

alkali

salt

water

Neutralisation reactions are involved in titration. These reactions can be used to work out
the concentration of an acidic or alkaline solution
Titrations allow you to find out exactly how much alkali is needed to neutralise a quantity of
acid. To do it, you follow these steps:
Step 1: You measure out some acid of known concentration using a pipette and put it in a
flask, along with some appropriate indicator.
Step 2: Do a rough titration — add the alkali to the acid using a burette fairly quickly to get
an approximate idea where the solution changes colour. This is the end point - the point at
which all of the acid is just neutralised. Give the flask a regular swirl to make sure the acid
and alkali are mixed properly.
Step 3: Repeat step one and then do an accurate titration. Run the alkali within 2cm3 of the
end point, then add it drop by drop. If you don't notice exactly when the solution changes
colour you've overshot and your result won't be accurate.
Step 4: Record the amount of alkali needed to neutralise the acid. It's best to repeat this
process a few times, making sure you get very similar answers each time (within about
0.1cm3 of each other). You can also find out how much acid is needed to neutralise a
quantity of alkali. It's exactly the same process as above, but you add acid to alkali instead.

Equivalence point: An indicator is used to help show the
endpoint for the titration. An equivalence point is when the
moles of a standard solution (titrant) equal the moles of a
solution of unknown concentration (analyte)
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Indicators
In titrations, indicators that change colour quickly over a very small pH range are used so
you know exactly when the reaction has ended. The main two indicators used for acid/alkali
titrations are methyl orange, which is red in acids and yellow in alkalis, and phenolphthalein,
which is colourless in acids and pink in alkalis. It's a good idea to stand your flask on a white
tile when you're titrating — it'll make it easier to see exactly when the end point is.

Calculating Concentrations
You need to be able to calculate the concentration of acids and alkalis.
Example:
In a titration experiment, 25.0cm3 of 0.500 mol dm-3 HCl neutralised 35.0cm3 of NaOH
solution. Calculate the concentration of the sodium hydroxide solution in mol dm -3.
 First you have to write out the balanced equation and work out what it is you know
and what it is that you need to find…
HCL

+

NaOH → NaCl + H2O

Volume:

25.0cm3

Concentration:

0.500 mol dm-3

35.0cm3

?

 You know the volume and concentration of the HCL, so first work out how many
moles of HCl you have:
Number of moles 𝐻𝐶𝑙 =
=

𝐶𝑜𝑛𝑐𝑒𝑛𝑡𝑟𝑎𝑡𝑖𝑜𝑛 ×𝑉𝑜𝑙𝑢𝑚𝑒
1000
0.500 ×25.0
1000

= 0.0125 𝑚𝑜𝑙𝑒𝑠

 From this you can see 1 mole of HCl neutralise 1 mole of NaOH. So 0.0125 moles of
HCl must neutralise 0.0125 moles of NaOH. Now you can work out the concentration
of NaOH.
𝐶𝑜𝑛𝑐𝑒𝑛𝑡𝑟𝑎𝑡𝑖𝑜𝑛 𝑜𝑓 𝑁𝑎𝑂𝐻 =
=

𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑁𝑎𝑂𝐻 × 1000
𝑉𝑜𝑙𝑢𝑚𝑒 (𝑐𝑚3 )
0.0125 ×1000
35.0

= 0.357 𝑚𝑜𝑙 𝑑𝑚−3
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Calculating volumes
The method for finding the volume of acid or alkali that you need to neutralise a solution is
very similar. This time you will need to use the rearranged formula:
𝑉𝑜𝑙𝑢𝑚𝑒 (𝑐𝑚3 ) =

𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 × 1000
𝑐𝑜𝑛𝑒𝑛𝑡𝑟𝑎𝑡𝑖𝑜𝑛

Example:
20.4 cm3 of a 0.500 mol dm-3 solution of sodium carbonate reacts with 1.5 mol dm-3 nitric
acid. Calculate the volume of nitric acid required to neutralise the sodium carbonate.
Like last time, you first need to write out the balanced equation for the reaction and then
figure out what you do and don’t know:
Na2CO3
Volume:

+

20.4cm3

Concentration: 0.500 mol dm-3

2HNO3 → 2NaNO3

+

H2O

+

CO2

?
1.50 mol dm-3

Now you need to work out how many moles of Na 2CO3 you have:
𝑐𝑜𝑛𝑐𝑒𝑛𝑡𝑟𝑎𝑡𝑖𝑜𝑛 × 𝑣𝑜𝑙𝑢𝑚𝑒 (𝑐𝑚3 )
𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 N𝑎2 C𝑂3 =
1000

=

0.500 ×20.4
1000

= 0.0102 𝑚𝑜𝑙𝑒𝑠

1 mol of Na2C03 neutralises 2 moles of HNO3, so 0.0102 moles of Na2CO3 neutralises 0.0204
moles of HNO3.
Now you know how many moles of HNO3 and the concentration, you can work out the
volume:
𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝐻𝑁𝑂3 =
=

𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 × 1000
𝑐𝑜𝑛𝑐𝑒𝑛𝑡𝑟𝑎𝑡𝑖𝑜𝑛
0.0204 ×1000
1.50

= 13.6𝑐𝑚3
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pH Curves
pH curves show the results of titration experiments. They can be made by plotting the pH of
the titration mixture against the amount of base added as the titration goes on. The pH of
the mixture can be measured using a pH meter and the scale on the burette can be used to
see how much base has been added. The shape of the curve looks a bit different depending
on the strengths of the acid and base that were used. The graphs below show the pH curves
for the different combinations of strong and weak acids and bases:

If you titrate a base with an acid instead, the curves stay the same except they are reversed:

All the graphs apart from the weak acid/weak base graph have a bit that's almost vertical.
The mid-point of this vertical section is the equivalence point or end point. At this point, a
small amount of base causes a sudden, big change in pH. It is here that all the acid is just
neutralised. You don't get such a sharp change in a weak acid/weak base titration. If you
used an indicator for this type of titration, its colour would change very gradually, and it
would be very tricky to see the exact end point. So it is better using a pH meter to find the
end point for this type of titration.
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Indicators
You need your indicator to change colour exactly
at the end point of the titration. You will need to
pick an indicator that changes colour on the
vertical part of the pH curve
For the titration below you would need an
indicator that changes colour between pH 7 and
pH 10:
The curve is vertical between pH 4 and pH 10 so
a very small amount of alkali will cause the pH to
change from 4 to 10
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2(d) – Bonding and Structure
Materials scientists are involved in the applications of existing materials to new contexts,
and the developments of new materials such as graphene-based nanomaterials. They need
a knowledge and an understanding of the structures of those materials and the type and
strength of forces present.

Formulas for Common Cations
Cation = a cation is an ion which has a positive charge
TABLE OF COMMON CATIONS

Cation Name
Aluminium
Ammonium
Barium
Calcium
Chromium(II)
Chromium(III)
Copper(I)
Iron(II)
Iron(III)
Hydrogen
Lead(II)
Lithium
Magnesium
Manganese(II)
Mercury(I)
Potassium
Silver
Sodium
Zinc

Formula Other Name
Al3+
NH4+
Ba2+
Ca2+
Cr2+
Cr3+
Cu+
Fe2+
Fe3+
H+
Pb2+
Li+
Mg2+
Mn2+
Hg22+
K+
Ag+
Na+
Zn2+

Chromous
Chromic
Cuprous
Ferrous
Ferric

Manganous
Mercurous
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Formulas for Common Anions
Anion = an anion is an ion which has a negative charge
TABLE OF COMMON ANIONS

Anion Name

Formula

Sulfate
Carbonate
Nitrate
Hydroxide
Oxide
Fluoride
Sulfide
Chloride
Nitride
Bromide
Iodide
Phosphate
Hydrogen Sulfate
Nitrite
Sulfite
Hydrogen Carbonate
(Bicarbonate)
Cyanide
Peroxide

SO42CO32NO3OHO2FS2ClN3BrIPO43HSO4NO2SO32HCO3CNO22-
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Ionic Compounds
Electrostatic attraction holds positive and negative ions together. When atoms are held
together in a lattice like this, it's called ionic bonding. When oppositely charged ions come
together and form ionic bonds you get an ionic compound.
Examples:
Sodium chloride
The formula of sodium chloride is NaCI. Each sodium atom loses an electron to form an Na +
ion, and each chlorine atom gains an electron to form a Cl - ion.
So sodium chloride is made up of Na + ions and Cl- ions held together by electrostatic
attraction in a 1:1 ratio. The single positive charge on the Na+ ion balances the single
negative charge on the Cl- ion so the compound is neutral overall.

Magnesium oxide
Magnesium oxide, MgO, is another example of an ionic compound. The formation of
magnesium oxide involves the transfer of two electrons. Each magnesium atom loses two
electrons to form an Mg2+ ion, whilst each oxygen atom gains two electrons to form an O 2ion. So as you can see from the formula, magnesium oxide is made up of Mg 2+ ions and O2ions in a 1:1 ratio.

The formula of a compound tells you what ions the compound has in it. The positive charges
in the compound balance the negative charges exactly. This means the total overall charge
is zero. This is a very handy way of working out the formula of an ionic compound, if you
know what ions it contains.
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Ionic Bonding and Ionic Lattices
Ionic Bonding
When atoms join, they form a compound. There are two main types of bonding. These are
Ionic and Covenant.
Firstly, let’s look at ionic bonding

Ions
Ions form when electrons are transferred from one atom to another.
Here are some examples:
 Sodium Ion
A sodium ion loses 1 electron to form a sodium ion

Na

Na

The sodium Ion now has a full outer shell
This can be shown by the equation: Na → Na+ + e Chloride Ion
A chlorine atom gains 1 electron to form a chloride ion

Cl

Cl

The chloride Ion now has a full outer shell
This can be shown by the equation: Cl + e- → Cl-
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You don't have to remember what ion each element forms. You can just look at the periodic
table. Elements in the same group all have the same number of outer electrons. So they
have to lose or gain the same number to get the full outer shell that they want. This means
that they form ions with the same charges. There are lots of ions that are made up of groups
of atoms with an overall charge. These are called compound ions.
Group 1 elements
lose 1 electron to
form 1+ ions

Group 2 elements
lose 2 electron to
form 2+ ions

Group 6 elements
gain 2 electron to
form 2- ions

Group 7 elements
gain 1 electron to
form 1- ions

Lattices
Giant ionic lattices Ionic crystals are giant lattices of
ions. A lattice is just a regular structure. The
structure is called 'giant' because it's made up of the
same basic unit repeated over and over again. In
sodium chloride, the Na+ and Cl- ions are packed
together. Sodium chloride is an example of a
compound with an ionic crystal structure. The
sodium chloride lattice is cube shaped.
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Properties of Ionic Compounds
Because of the structure of ionic compound their properties are as follows:
Electrical Conductivity
Ionic compounds are not conductive when solid, only when molten or dissolved. This is
because the ions are fixed in a solid so the cant carry a charge. In a liquid however, the ions
are free to move so the charge is able to pass through.
Melting Point
Ionic Compounds have very high melting points. This is because the giant ionic lattices are
held together by strong electrostatic forces. This means a high amount of heat energy is
needed is needed to overcome these forces. Sodium chloride melts at 801oC for example.
Solubility
Ionic compounds often dissolve in water. Water molecules are polar. This means that the
water molecules can pull the ions away from the lattice and cause it to dissolve.

Covalent Bonding
Now we have covered Ionic bonding, let’s move on to Covalent bonding

Molecules
Molecules form when two or more atoms bond together. It doesn't matter if the atoms are
the same or different. Chlorine gas, carbon monoxide, water and ethanol are all molecules.
Molecules are held together by strong covalent bonds. Covalent bonds can be single, double
or triple bonds. In Chemistry, you'll often see covalent bonds represented as lines.
Single bonds
In covalent bonding, two atoms share electrons, so they've both got full outer shells of
electrons. A single covalent bond contains a shared pair of electrons. Both the positive
nuclei are attracted electrostatically to the shared electrons.

Example:
 Two iodine atoms bond to form a molecule of iodine;

I

I

I

I

Iodine can also be drawn as:

I–I
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 Methane can be drawn as

H
I
H–C–H
I
H

 Water can be drawn as

H

O

H

Double and Triple bonds
Atoms in covalent molecules can also form double and triple bonds and not just single
bonds. To show this multiple lines are used:
 CO2 has a double bond and is drawn like this:

O=C=O
 A molecule of N2 has a triple bond and is drawn like this:

N≡N
Simple covalent compounds
Compounds that are made up of lots of individual molecules are called simple covalent
compounds. The atoms in the molecules are held together by strong covalent bonds, but
the molecules within the simple covalent compound are held together by much weaker
forces called intermolecular forces. It's the intermolecular forces, rather than the covalent
bonds within the molecules, that determine the properties of simple covalent compounds.
In general, they have low melting and boiling points and are electrical insulators.

34 | C h e m i s t r y

Giant covalent structures
Giant covalent structures are type of crystal structure. They have a huge network of
covalently bonded atoms. (They're sometimes called macromolecular structures). Carbon
atoms can form this type of structure because they can each form four strong, covalent
bonds. There are two types of giant covalent carbon structure you need to know about.
These are graphite and diamond.
Graphite
The carbon atoms in graphite are
arranged in sheets of flat hexagons
covalently bonded with three bonds
each. The fourth outer electron of each
carbon atom is delocalised. The sheets
of hexagons are bonded together by
weak van der Waals forces

Because of Graphite’s structure, it has the following properties:
 The weak bonds between the layers in graphite are easily broken, so the sheets can
slide over each other. This means that graphite feels slippery and is used as a dry
lubricant and in pencils.
 The delocalised electrons in graphite are free to move along the sheets, so an
electric current can flow.
 The layers are quite far apart compared to the length of the covalent bonds, so
graphite has a low density and is used to make strong, lightweight sports equipment.
 Because of the strong covalent bonds in the hexagon sheets, graphite has a very high
melting point (at over 3900 K!).
 Graphite is insoluble in any solvent. The covalent bonds in the sheets are too difficult
to break.
Diamond
Diamond is also made up of carbon atoms. Each
carbon atom is covalently bonded to four other
carbon atoms. The atoms arrange themselves in a
tetrahedral shape (the crystal lattice structure).

35 | C h e m i s t r y

Because of diamonds strong covalent bonds:






Diamond has a very high melting point at over 3800 K.
Diamond is extremely hard. That’s why it's used in diamond-tipped drills and saws.
Vibrations travel easily through the stiff lattice, so it's a good thermal conductor.
It can't conduct electricity because all the outer electrons are held in localised bonds.
Like graphite, diamond won't dissolve in any solvent.

Metallic Bonding
Metal elements exist as giant metallic lattice
structures. The outer shell of electrons of a metal
atom is delocalised. This means the electrons are
free to move about the metal. This leaves a
positive metal ion, e.g. Na+ Mg2+, Al3+. The
positive metal ions are attracted to the
delocalised negative electrons. They form a
lattice of closely packed positive ions in a sea of
delocalised electrons. This is metallic bonding.

Metallic bonding explains why metals have the properties that they do:
Melting Point
Metals have high melting points because of the strong electrostatic attraction between the
positive metal ions and the delocalised sea of electrons. The number of delocalised
electrons per atom affects the melting point. The more there are, the stronger the bonding
will be and the higher the melting point. Mg2+ has two delocalised electrons per atom, so it's
got a higher melting point than Na+ which only has one. The size of the metal ion and the
lattice structure also affect the melting point.
Ability to be shaped
As there are no bonds holding specific ions together, the metal ions can slide over each
other when the structure is pulled, so metals are malleable (can be shaped) and ductile (can
be drawn into a wire).
Conductivity
The delocalised electrons can pass kinetic energy to each other, making metals good
thermal conductors. Metals are good electrical conductors because the delocalised
electrons can move and carry a current.
Solubility
Metals are insoluble, except in liquid metals, because of the strength of the metallic bonds.
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Properties of Materials
Solids, liquids and gases
A solids particles are very close together which makes it very dense. This also means it
cannot be compressed.
Liquids have a similar density to solid. It is also virtually incompressible. Unlike solids, the
particles can move freely
In gasses the particles are much further apart and have a much more energy. This means
the density is very low. It is also very compressable.
Melting and boiling covalent substances
In simple covalent substances, the covalent bonds don't break during melting and boiling. To
melt or boil simple covalent substances you only have to overcome the weak intermolecular
forces that hold the molecules together. You don't need to break the strong covalent bonds
that hold the atoms together within the molecules. That's why simple covalent compounds
have relatively low melting and boiling points. By contrast, to melt or boil a giant covalent
substance you do need to break the covalent bonds holding the atoms together. That's why
giant covalent compounds have very high melting and boiling points.
Examples:
Chlorine, Cl2 is a simple covalent substance. To melt or boil chlorine, all you have to do is
break the weak Van der Waals forces that hold the molecules together. Because of this,
chlorine has a melting point of -101°C and a boiling point of -34°C. It's a gas at room
temperature and pressure.
Bromine, Br2 is also a simple covalent substance with low melting and boiling points. But
bromine has slightly larger molecules than chlorine, which gives it slightly stronger Van der
Waals forces. So bromine has a melting point of -7 °C and a boiling point of 59 °C. It's a liquid
at room temperature and pressure.
Diamond is a giant covalent substance. To turn it into a liquid or a gas, you have to break
the covalent bonds between carbon atoms. Diamond never really melts, but sublimes (goes
straight from solid to gas) at over 3600 °C.

Physical Properties of Metals
Melting and Boiling Points
The melting and boiling points of a substance are determined by the strength of the
attraction between its particles. For example, ionic compounds have much higher boiling
and melting points than simple covalent substances. This is because the strong electrostatic
attraction between the ions requires a lot more energy to break than the weak
intermolecular forces between molecules.
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Electrical conductivity
A substance will only conduct electricity if it contains charged particles that are free to
move, such as the delocalised electrons in a metal.
Solubility
How soluble a substance is in water depends on the type of particles that it contains. Water
is a polar solvent, so substances that are polar or charged will dissolve in it well, whereas
non-polar or uncharged substances won't.
Summary of typical properties
State in
Standard
Conditions

Conduct
Electricity?

Soluble in
Water?

High

Solid

Only when
disolved or
molten

Yes

Simple Covalent

Low

Usually liquid or
gas but can be
solid

No

Depends how
polar the
molecules are

Giant Covalant

High

Solid

Metalic

High

Solid

Type of Bonding

Ionic

Melting/Boiling
Point

No. Only
graphite can
Yes

No
No

If you have an unknown compound and you want to predict the type of structure it has, you
can carry out experiments to work out its physical properties. For example, you could test
its electrical conductivity as a solid and a liquid, or investigate whether it has a high or low
boiling point. From its physical properties, you can use the table above to predict what
structure the compound is likely to have.
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2(e) – Enthalpy Changes
The knowledge of enthalpy changes and the applications of Hess’s Law are important in
many areas of scientific research and industry. Biotechnologists develop new fuels such as
biodiesel and must compare their energy values with other types of fuel. Development
scientists working in the food industry analyse new products for their calorific value and
these will also be checked by chemical analysts working for Trading Standards. Chemical
engineers in industry will apply Hess’s Law to enable the calculation of enthalpies of
reaction in order to determine and better understand the likely effect of reaction conditions
on yields.

Energy Profiles and Endothermic and Exothermic Reactions
Energy Profiles
This diagram shows that, overall, the reaction is
exothermic. The products have a lower energy
than the reactants, and so energy is released
when the reaction happens.
It also shows that the molecules have to possess
enough energy (called activation energy) to get
the reactants over what we think of as the
"activation energy barrier".
In this example of a reaction profile, you can see
that a catalyst offers a route for the reaction to
follow which needs less activation energy. That,
of course, causes the reaction to happen faster.
Diagrams like this are described as energy profiles. In the diagram above, you can clearly see
that you need an input of energy to get the reaction going. Once the activation energy
barrier has been passed, you can also see that you get even more energy released, and so
the reaction is overall exothermic
The energy profiles for Endothermic and Exothermic are as shown on the diagram on the
right.
From the diagram we can see that in an
exothermic reaction, the products have less
energy than the reactants because energy is
released to the surroundings. In an
endothermic reaction the products have
more energy than the reactants because
energy is absorbed from the surroundings.
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Exothermic and endothermic reactions – Continued
Exothermic reactions
Exothermic reactions give out energy to their surroundings, so the temperature in the
reaction usually goes up. The products of the reaction end up with less energy than the
reactants. This means that the enthalpy change for the reaction, ∆H, will be negative.
Example:
Oxidation is usually exothermic. Here is an example:
The combustion of a fuel like methane:
CH4(g) + 2O2(g) → CO2(g) + 2H2O(l)

∆cHᶿ298 = -890 kJ mol-1

∆H is negative so the reaction is exothermic
The oxidation of carbohydrates, like glucose, in respiration is exothermic.

Endothermic reactions
Endothermic reactions take in energy from their surroundings, so the temperature in the
reaction usually falls. This means that the products of the reaction have more energy than
the reactants, so the enthalpy change for the reaction, ∆H, is positive.
Example:
The thermal decomposition of calcium carbonate is endothermic.
CaCO3(s) → CaO(s) + CO2(g)

∆rHᶿ298 = +178 kJ mol-1

∆H is positive so the reaction is endothermic
The main reactions of photosynthesis are also endothermic. This is because sunlight supplies
the energy.
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Enthalpy Notation
Enthalpy change, ∆H (delta H), is the heat energy transferred in a reaction at constant
pressure. The units of ∆H (molar enthalpy change) are kJ mol-1. You write ∆Hᶿ to show that
the reactants and products were in their standard states and that the measurements were
made under standard conditions. Standard conditions are 100 kPa (about 1 atm) pressure
and a stated temperature (e.g. ∆Hᶿ298). Sometimes the notation will also include a letter to
signify whether the enthalpy change is for a reaction (r), combustion (c), or the formation of
a new compound (f).

Bond Enthalpies
What are bond enthalpies?
Atoms in molecules are held together by strong covalent bonds. It takes energy to break
bonds and energy is given out when new bonds form. Bond enthalpy is the energy needed
to break a bond. Bond enthalpies have specific values that differ depending on which atoms
are attached on either side of the bond.
Breaking and making bonds
When reactions happen, reactant bonds are broken and product bonds are formed. You
need energy to break bonds, so bond breaking is endothermic (∆H is positive). Stronger
bonds take more energy to break. Energy is released when bonds are formed, so this is
exothermic (∆H is negative). Stronger bonds release more energy when they form. The
enthalpy change for a reaction is the overall effect of these two changes. If you need more
energy to break bonds than is released when bonds are made, ∆H is positive. If it's less, ∆H
is negative.

Mean Bond Enthalpies
Bond enthalpy is the energy needed to break a bond. The energy required to break a certain
type of bond can change depending on where it is, e.g. it takes different amounts of energy
to break the C-C bond in methane, ethane, ethene, etc. So in calculations, you use mean
bond enthalpy - that's the average energy needed to break a certain type of bond, over a
range of compounds. It is often given in data tables and used in calculations.
The value you get from the calculations is only approximate. This is because some energy
will be lost to the surroundings.
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Calculating enthalpy changes
In any chemical reaction, energy is absorbed to break bonds and given out during bond
formation. The difference between the energy absorbed and released is the overall enthalpy
change of reaction:
Enthalpy change of reaction = Total energy absorbed —Total energy released
 To calculate the overall enthalpy change for a reaction, first calculate the total
energy needed to break the bonds in the reactants. You'll usually be given the
average bond enthalpies for each type of bond, so just multiply each value by the
number of each bond present. This total will be the total energy absorbed in the
reaction.
 To find the total energy released by the reaction, calculate the total energy needed
to form all the new bonds in the products. Use the average bond enthalpies to do
this.
 The overall enthalpy change for the reaction can then be found by subtracting the
total energy released from the total energy absorbed.

The Different Types of ∆H
Standard Enthalpy Change and Formation
Standard enthalpy change formation, ∆fHᶿ, is the enthalpy change when 1 mole of a
compound is formed from its elements in their standard states under standard conditions,
e.g. 2C(s) + 3H2(g) + 1/2O2(g) → C2H5OH(l)
Standard Enthalpy Change of Combustion
Standard enthalpy change of combustion, ∆cHᶿ, is the enthalpy change when 1 mole of a
substance is completely burned in oxygen under standard conditions with all reactants and
products in their standard states.
Standard Enthalpy Change of Reaction
Standard enthalpy of reaction, ∆rHᶿ, is the enthalpy change when a reaction occurs in molar
quantities in the chemical equation, under standard conditions with all reactants and
products in their standard states.
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Measuring Enthalpy Changes
To find the enthalpy change for a reaction, you only need to
know three things; the number of moles of the stuff that's
reacting, the change in temperature, and how much stuff
you're heating. Experiments that measure the heat given out
by reactions are called calorimetry experiments. How you go
about doing an experiment like this depends on what type of
reaction it is. For reactions that happen in solution, you just put the reactants in a container
and use a thermometer to measure the temperature of the mixture at regular intervals. It's
best to use a polystyrene beaker to reduce the amount of heat lost or gained through the
sides.
Calorimetry and combustion reactions
You can find out how much energy is given out by a combustion reaction by measuring the
temperature change it causes as it bums. To find the enthalpy of combustion of a flammable
liquid, you burn it in a calorimeter.
As the fuel burns, it heats the water. You can work out the heat energy that has been
absorbed by the water if you know the mass of the water, the temperature change (∆T), and
the specific heat capacity of water (= 4.18 J g-1 K-1). Ideally, all the heat given out by the
burning fuel would be absorbed by the water, allowing you to work out the enthalpy change
of combustion exactly. In practice you always lose some heat to the surroundings, however
well your calorimeter is insulated. This makes it hard to get an accurate result. Also, when
you burn a fuel, some of the combustion that takes place may be incomplete, meaning that
less energy is given out. Flammable liquids are often quite volatile too, so you may lose
some of the fuel to evaporation.
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Using The Equation q = mc∆T
The equation that you can use to calculate the enthalpy change of a reaction is:
q = heat lost or gained
(measured in J)
m = mass of solution in the
beaker (measured in g)

𝑞 = 𝑚𝑐∆𝑇

∆T = the change in
temperature of the
solution (measured in
Kelvins)

c = specific heat capacity of
the solution (4.18 J g-1 K-1)

Calculating the standard enthalpy change of combustion
To calculate the standard enthalpy change of combustion, ∆cHᶿ, using data from the
experiment, follow these steps:
Step 1: Calculate the amount of heat lost or gained during the combustion using q = mc∆T
and your measured or given values of m and ∆T. You must remember to change the units of
q from joules to kilojoules, because standard enthalpies of combustion are always given in
units of kJ mol-1
Step 2: Calculate the number of moles of fuel that caused this enthalpy change, from the
mass that reacted. Use the equation:
𝑛=

𝑚𝑎𝑠𝑠
𝑀𝑟

n = number of moles of fuel burned
M = the fuels relative molecular mass

Step 3: Calculate the standard enthalpy change of combustion, ∆cHᶿ (in kJ mol-1), using the
actual heat change of the reaction, n. Use the equation: ∆ cHᶿ =

𝑞
𝑛

Hess’s Law
Hess’s Law states that:
“The total enthalpy change for a reaction is independent of the route taken”
This law is very helpful for working out enthalpy changes that you can’t find directly from
doing an experiment. For example, the enthalpy
change of the reaction that breaks down NO 2
into N2 and O2. We can call this reaction ‘route 1’.
But we can also think of the reaction as NO2
breaking down into NO and O2, and then reacting
further to form N2 and O2. This longer route, with
an intermediate step, can be called ‘route’ 2
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Revision Checklist
2(a)

Atomic Structure

Topic
Atomic structure in terms of protons, neutrons
and electrons, and their relative charges and
relative masses
The terms atomic (proton) number (Z), mass
number (A), isotope, isotopic abundance
Electron configurations for atoms and ions up
to Z = 36 in terms of shells
The origin of coloured flame emission spectra
and of colour in transition metal compounds in
terms of electron transitions
Calculating relative atomic mass, relative
molecular mass and relative formula mass in
terms of 12C.
2(b)

Revised?

The Periodic Table

Topic
that the Periodic Table lists elements in
increasing order of proton number
how each row is equivalent to the filling of an
electron shell up to two (in row 1) or eight
electrons
how each column or group contains elements
with the same number of outer shell electrons
and thus similar chemical properties
how each row begins with a highly reactive
alkali metal (Group I) and ends with a noble
gas (Group 0 (18))
how, across a period (row), properties of
elements change from metallic to non-metallic
the properties (including radii, ionisation
energy and electronegativity) of:
the s-block elements
the d-block metals (including the
transition metals and their coloured
compounds in solution)
Group VII (17), the halogens
Group 0 (18), the noble gases

Revised?
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2(c)

Amount of Substance

Topic
the mole as the amount of a substance that
always contains the same number of entities
(eg atoms, molecules, ions, electrons)
the relationship between mass of substance
and amount in moles,

Revised?

the relationship between volume of gas at RTP
and STP and amount in moles, PV = nRT
concentrations of solutions in terms of mol
molecular formulas
empirical formulas
calculating empirical formulas
writing balanced equations for typical
reactions including:
acid–base neutralisation
thermal decomposition
acid/metal
acid/carbonate
precipitation
combustion reactions
calculating reacting masses based on correct
stoichiometries
equivalence point of an acid–base titration
how the choice of indicator for an acid–base
titration depends on the types (strengths) of
acid and base used and the resulting pH
titration curve
calculating unknown concentrations and
volumes from results involving volumetric
analysis (limited to acid–base titrations);
moles =
Plotting and interpreting pH curves.
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2(d)

Bonding and Structure

Topic
formulas for common cations
formulas for common anions (Sulfate,
carbonate, nitrate, hydroxide)
deducing formulas for ionic compounds
ionic bonding and ionic crystal lattices in terms
of strong electrostatic forces of attraction
a covalent bond as a shared pair of electrons
multiple bonds, neutral molecules, nonconductors and weak intermolecular forces of
attraction
metallic bonding
structures of:
ionic crystal lattices typified by sodium
chloride, magnesium oxide
metallic lattices typified by magnesium
covalent structures typified by iodine,
methane, carbon dioxide
giant covalent structures
(macromolecular), eg diamond, graphite,
graphene, fullerene
predicting types of bonding for compounds
given their typical properties and vice versa
typical properties based on the type of
bonding, particles present and forces between
particles
common physical properties of materials
related to their structure and bonding, to
include:
electrical conductivity
melting point and boiling point
volatility
solubility in water
non-polar solvents
drawing diagrams to represent:
a named ionic lattice
a generalised metallic lattice
an alloy
giant covalent structures, including
Silicon, graphite, graphene.

Revised?
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2(e)

Enthalpy Changes

Topic
energy profiles for exothermic and
endothermic reactions
activation energy using an energy profile
types of enthalpy changes from equations
(limited to combustion, neutralisation,
formation and mean bond enthalpies)
units for molar enthalpy change
enthalpy changes as the heat energy change
(at constant pressure)
enthalpy of formation, enthalpy of
combustion and enthalpy of reaction, as
represented by

Revised?

the term ‘mean bond enthalpy’
calculating enthalpy changes based on Hess’s
Law cycles
calculating enthalpy changes based on mean
bond enthalpies and why these values are only
approximate
determining practically the molar enthalpy of
combustion of a liquid fuel (eg ethanol)
determining practically the molar enthalpy of
neutralisation for a simple acid–base reaction,
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