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“ Learn and remember what you need to know. The book

contains all the really important facts you need to know for
your exam. All the information is set out clearly and concisely,
making it easy for you to revise.

E Find out what you don’t know. The Check yourself questions
help you to discover quickly and easily the topics you're good
at and those you're not so good at.

What’s in this book

1 The content you need for your AS exam

® This book covers the key content of all the specifications of the four
awarding bodies: AQA, Edexcel, OCR and WJEC. The content
requirements differ between the specifications.

® Make sure you know which specification you are entered for.
Get a copy of your specification, and mark the relevant parts of
each chapter in this book so that you know which parts you need.

2 Chemical calculations
@ An extensive chapter on calculation questions is included, with
plenty of opportunity to practise AS-type problems.

® Full explanations of all answers are given to help build your
confidence in this area.
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SVefinitions and equations you must know
® Many of the questions in AS exams expect you to give precise
definitions and correctly balanced chemical equations. These are
clearly set out for you in this book. For every organic reaction, the
necessary reagents and conditions are systematically included.

4 Check yourself questions — find out how
much you know and improve your grade

® The Check yourself questions appear at the end of each short topic
chapter.

® The questions are quick to answer. They are not actual exam
questions but the author, who is a senior examiner, has written
them in such a way that they will highlight any vital gaps in your
knowledge and understanding.

® The answers are given at the back. When you have answered the
questions, check your answers with those given. The author gives
help with arriving at the correct answer, so if your answer is
incorrect, you will know where you went wrong.

® There are marks for each question. If you score very low marks for a
particular Check yourself page, this shows that you are weak on that
topic and need to put in more revision time there.

Revise actively!

® Concentrated, active revision is much more successful than spending
long periods reading through notes with half your mind elsewhere.

® The chapters in this book are quite short. For each of your revision
sessions, choose a couple of topics and concentrate on reading
and thinking them through for 20-30 minutes. Then do the Check
yourself questions. If you get a number of questions wrong, you will
need to return to the topics at a later date. Some Chemistry topics
are hard to grasp but, by coming back to them several times, your
understanding will improve and you will become more confident
about using them in the exam.

@® You can use this book to revise effectively on your own — or with a
friend!




ATOMIC STRUCTURE (1)

The model of an atom

In a simple model of the atom, protons and neutrons are found in
the nucleus of the atom. Electrons are arranged in shells around
the nucleus.

Example '3C

For any individual atom, X, two numbers are
used to describe it, ¥X. These are:

nucleus

N, the mass number = number of protons
+ number of neutrons

and

Z, the atomic number = number of protons
(in a neutral atom, the number of protons
equals the number of electrons).

Example '2C

Number of protons = 6 = number of electrons
Number of neutrons = (mass number — atomic number)
Therefore number of neutrons = (12 - 6) = 6

The relative masses and charges of the three subatomic particles are:

Particle Relative mass Relative charge
Proton 1 1+
Neutron 1 0
Electron a0 =0 1-




ATOMIC STRUCTURE (2)

Isotopes

Isotopes are atoms of the same element that differ only in the
number of neutrons.

Example 3¢l and  PCl
protons = 17 protons = 17
electrons = 17 electrons = 17
neutrons = 18 neutrons = 20

Therefore, isotopes have the same atomic number but different
mass number.

Relative isotopic, atomic and molecular masses are measured on a
scale in which the mass of an atom of carbon-12 is exactly 12 atomic
mass units (a.m.u.).

.o . h f f ific i
Relative isotopic mass = the mass of one atom of a specific isotope

1
12 the mass of one atom of '’C
Example For an atom of the isotope '¢C

14 a.m.u.

1
T2 X 12 a.m.u.

— 14

Relative isotopic mass =

14 (no units)

Relative atomic mass (A;)
_ the average mass of one atom of an element

1
12 the mass of one atom of '’C

The relative atomic mass is the 'weighted average’ of the mass
numbers of all the isotopes of a particular element.




ATOMIC STRUCTURE (3)

Example Naturally occurring chlorine is 75% °Cl and 25% *Cl
The average mass of an atom of chlorine is:

10 % 35) + (22 x 37) = 35.5 am.u.

The relative atomic mass (A;) of chlorine is therefore:

35.5 a.m.u.

1
T2 X 12  am.u.
_ 355

I

= 35.5 (no units)
For a molecule of a substance:

Relative molecular mass (M,)
the average mass of one molecule

0
12 the mass of one atom of '*C

The mass spectrometer

A low-resolution mass spectrometer may D
be used to work out relative atomic mass.

A: a vaporised sample of atoms of the element

B: positive ions are formed by electron
bombardment

C: the positive ions are accelerated by an

electric field
—ToF
D: the positive ions are deflected by a cI—

magnetic field

@
L

E: the positive ions are detected

F: a vacuum pump, to ensure that no air

molecules are present in the mass EﬁA

spectrometer




From the mass spectrum obtained, the relative atomic mass of an
element may be calculated.

Example Neon

20, +
L Ne
@
o
f=4
©
©
=
3
o
©
[
=
k<t
[
ES
0.0 l #Ne*
20 22
mass/charge ratio

Relative atomic mass of neon (% X 20) + (% X 22)
18.2 + 1.98
20.18

20.2 (3 sig. fig.)

Ionisation energies

The first ionisation energy (IE;) is the energy required to remove
one mole of electrons from one mole of gaseous atoms of an element,
to form one mole of singly charged positive ions:

Xg—> X' + €

The second ionisation energy (IE,) is the energy required to remove
one mole of electrons from one mole of singly-charged positive ions
in the gas phase, to form one mole of doubly-charged positive ions:

X9 —> X g + &

Ionisation energies are normally measured in kJ mol™'.

4




S-:FRUCTURE (5)

Successive ionisation energies of an element provide evidence for
the existence of quantum shells.

Example A plot of log)o IE against number of electrons removed,
for sodium

two e in first shell

eight e™ in second shell

log,, IE

one e~ in third shell

1 2 3 4 5 6 7 8 9 10 11
number of electrons removed

The graph provides evidence that the electronic configuration of the
sodium atom is 2, 8, 1.

Ionisation energies are influenced by:

@ nuclear charge (number of protons in the nucleus);

® clectron shielding (number of inner shells of electrons);

@ distance of outermost electron from the nucleus (shell number
of outermost electron).

From the graph above, note that:

@ there are big ‘jumps’ between IE; —> IE; and IEg—> IE o
because an electron is lost from a new shell; it is less shielded from,
and closer to, the nucleus; therefore there is a significantly greater
force of attraction between the electron and the nucleus;

@ there is a steady increase from IE; — IEg because electrons are
being removed from ions with an increasingly positive charge;
therefore there is a steadily increasing force of attraction between
nucleus and electrons.




ATOMIC STRUCTURE (6)

A plot of IE against number of electron removed for IE; —> IEo
provides evidence of subshells.

plot for sodium

‘six—two split’

IE

2 3 4 5 6 7 8 9
number of electrons removed

This graph provides evidence that, in sodium, the second quantum
shell is divided into two subshells, with two electrons at a lower
energy level than the other six.

A more detailed representation of the electron configuration of
sodium is: Na: 1s? 2s? 2p® 3s! (subshell notation) instead of simply
Na: 2, 8, 1 (shell notation).

Orbitals

An orbital is a region, called a probability envelope,
within which there is an approximately 98% chance of
finding an electron.

® An s subshell contains a spherical s orbital.

® A p subshell contains three p orbitals, denoted py,
py and p,. A p orbital is a ‘dumb-bell’ shape.

® A d subshell contains five d orbitals, all of complex
shapes.




ATOMIC STRUCTURE (7)

Elements in the same period
Example The third period of the periodic table (sodium to argon)

From the graph, note that there is:

@® a general increase across a period,
because the outermost electron is
lost from the same shell and there
is the same shielding; the number
of protons in the nucleus of each
atom is increasing and so the
attraction between outer electrons
and nucleus increases;

® a decrease between group 2 and Na Mg Al Si P S Cl Ar
group 3 element

19

magnesium: 1s? 2s? 2p® 3s?
aluminium: 1s? 2s? 2p°® 3s? 3p!

despite aluminium possessing one more proton in its nucleus than
magnesium, the shielding effect of the spherical 3s? subshell allows
the 3p electron to be lost more easily than expected;

® a decrease between group 5 and group 6

phosphorus: 1s? 2s? 2p® 3s? 3p> /I /I /I
sulphur: 1s? 2s? 2p° 3s? 3p* /I I/ /I /I

despite sulphur possessing one more proton in
its nucleus than phosphorus, the increase in repulsive forces
when spin-pairing occurs for the first time in the p subshell
enables the electron in sulphur to be lost more easily than an
unpaired electron in phosphorus.




ATOMIC STRUCTURE (8)

The building-up principle

The electronic configurations of isolated atoms, up to Z = 36, can be
predicted using the building-up principle. There are three important

rules to follow:

1 of the orbitals available, the added electron occupies the orbital

of lowest energy;

2 each orbital can hold a maximum of two electrons, but they must

have opposite spin;

3 if a number of orbitals of equal energy is available, e.g. 2p, 2py
2p,, the added electron will go into a vacant orbital, keeping spins
parallel, before two electrons can occupy an orbital (spin-pairing).

Example An isolated carbon atom has the electronic configuration
C: 1s? 2s% 2p? or, using the electrons-in-boxes notation:

C:

1) (1) (111

2p?

To remember the order of increasing energy of
the atomic orbitals, write down the orbitals in
the following columns and then draw diagonal
lines as shown:

Examples

11Na: 1s? 25 2p° 3s!

17Cl: 1s? 252 2p® 3s? 3p°

soCa: 12 252 2p® 3s2 3p° 4s?
2Ti: 152 25% 2p® 3s? 3p® 3d? 4s?

W

S 415 4d 4f
s 5p 5d 5f

note that after Z = 20, the 3d orbital falls below the 4s orbital

in energy
36Kr: 152 2s% 2p® 3s? 3p® 3d'0 4s? 4p®

8




S-:FRUCTURE (9)

Electron affinity

For non-metal elements, such as the halogens (group 7), the concept
of electron affinity is far more useful than ionisation energy. These
elements form negative ions in ionic compounds.

First electron affinity is the energy change accompanying the gain
of one mole of electrons by one mole of gaseous atoms, to form one
mole of singly charged negative ions.

Xig + e > X
Second electron affinity is the energy change accompanying the gain

of one mole of electrons by one mole of singly charged negative ions
in the gas phase, to form one mole of double negatively charged ions.

Xg+e— Xqg

The first electron affinity of each halogen in the series chlorine to
iodine is shown in the table below.

cl —348 kJ mol™!
Br —324 kJ mol™!
I —295 kJ mol™!

As the size of the halogen atom increases, the force of attraction
between the nucleus of the atom and the incoming electron
decreases. Therefore, the first electron affinities become less
exothermic down group 7.

Example Second electron affinities

O (g + € —> 0%y is endothermic, as forces of repulsion must
be overcome when adding an electron to a negatively charged ion.




WM_

Atoms are made up of protons, neutrons and electrons.
What is the relative mass and charge of each? (3)

Define the term mass number. (1)

Define the term atomic number. (1)
Define the term relative atomic mass. (2)
What are isotopes? (2)

S V1 A WN

Naturally occurring magnesium consists of three isotopes, >*Mg,
Mg and 2°Mg, with relative abundances 78.6%, 10.1% and
11.3%, respectively. Calculate the relative atomic mass of
magnesium, correct to three significant figures. (3)

7 A mass spectrometer can be used to obtain data needed to
calculate relative atomic mass. How are ions (a) accelerated and
(b) deflected in a mass spectrometer? (2)

8 Explain why the first ionisation energies of the group 1 elements
decrease down the group. (2)

9 Write down in full, using subshell notation, the electronic
configuration of (a) the isolated fluorine atom (F has atomic
number 9) and (b) the chloride ion CI” (Cl has atomic number
17). (2)

10 Magnesium burns exothermically in oxygen:
Mg(sb + %OZlg) —> Mg“ 02_15)
Given that the sum of the first two ionisation energies of
magnesium is endothermic and that the sum of the first two
electron affinities of oxygen is also endothermic, suggest why
the reaction between magnesium and oxygen is, nonetheless,
exothermic overall. (2)

10 The answers are on page 105.




FORMULAE, MoLES AND EauATIONS (1)

The mole concept

Atoms are too small to be seen. Weighing an individual atom, or a
small number of atoms, is of little value to us. To obtain a sample of
just 1 g of any element in the periodic table, a very large number

of atoms would have to be weighed. Instead of grams, a suitable
quantity for comparing atoms of elements is the mole.

A mole is the amount of a substance that contains as many elementary
particles as there are atoms in 12 g of the carbon-12 isotope.

The Avogadro constant is the number of particles contained in one
mole of a substance. Its value is 6.02 x 10**> mol™" and its symbol is L.
In one mole of the carbon-12 isotope, there are 6.02 x 102* '2C atoms.

One mole of atoms of an element is its relative atomic mass
expressed in grams.

For molecular and ionic substances, one mole of any substance is its
relative molecular mass or relative formula mass expressed in
grams. This is called the molar mass, i.e. the mass in grams of one
mole of a substance.

To a chemist, the amount of a substance is measured in moles
(abbreviated to mol). Relative atomic masses (or molar masses in
gmol™) do not have to be learnt because examination groups always
include them on question papers.

Calculation of moles of atoms

mass of element

Number of moles of atoms of an element =
molar mass

This formula can be checked using units of the quantities involved:

__ 8
mol = -
g mol

11




Calculation of moles of molecules

To calculate the relative molecular mass of one mole of molecules
of a substance, add up the relative atomic masses of the constituent
elements.

Oxygen gas has the formula O,. As the relative atomic mass of oxygen
is 16, the relative molecular mass of O, = 2x 16 = 32

Or, the molar mass of oxygen O, = 32 gmol’!
Example In 96 g of oxygen gas, O,
Number of moles of O, molecules

_ mass of substance (element or compound)
molar mass

9% g
=5 =3mol
32 g mol

Calculation of moles of a compound

The same formula can be used to calculate the amount of a
compound, such as sodium chloride.

Example To calculate the number of moles of sodium chloride in 117 g
of the compound:

mass of compound

Number of moles of NaCl =
molar mass

For sodium chloride (relative atomic masses Na = 23.0, Cl = 35.5), the
molar mass = 58.5 g mol™' therefore:
117¢g

Number of moles of NaCl = —— = 2.00 mol
58.5 g mol™!

12




FORMULAE, MoOLES AND EQUATIONS (3)

Empirical formulae

The empirical formula is the simplest formula of a compound. It
shows the ratio of the elements present in smallest whole numbers.
The formula of an ionic compound is always an empirical formula,
for example the empirical formula of aluminium oxide is Al,Os.

Calculation of empirical formulae

The empirical formula of a compound is determined from reacting
mass data.

Example Calculate the empirical formula of the compound containing
6 g of carbon and 1 g of hydrogen (relative atomic masses C = 12,
H=1).

C:H
1 Mass ratio/g 6:1
2 Mole ratio/mol %; +
= 05:1

3 Divide by smallest number 0—:: : ﬁ
(the simplest mole ratio) = 1:2

Answer The empirical formula is CH,.

Empirical formulae may also be calculated from percentage
composition by mass in a similar way.

Example Calculate the empirical formula of the compound that contains
27.30% of carbon and 72.70% of oxygen by mass (relative atomic
masses C = 12, O = 16).

C:0
1 Mass ratio/g 27.30: 72.70
2 Mole ratio/mol 20, B
= 2.275:4.544

13




FORMULAE, MOLES AND EQUATIONS (4)

- 2275 | 4544
3 Divide by smallest number 527% : 2572

= 1 : 2 (nearest whole number)

Answer The empirical formula is CO,.

Molecular formulae

The molecular formula shows the actual number of each type of
atom in a molecule. The molecular formula is a simple multiple of
the empirical formula; often the molecular formula is the
empirical formula.

Calculation of molecular formulae

To find the molecular formula of a compound, both the empirical
formula and the molar mass (in g mol™) of the compound must
be known.

Example A compound of nitrogen and hydrogen has an empirical
formula NH,. The molar mass of the compound is 32 g mol™'. Calculate
the molecular formula of the compound (relative atomic masses
N=14 H=1).

Molar mass of compound = n x empirical mass of compound
n = an integer (scale factor)

The empirical mass is (14 x 1 + 1 x2) = 16 g mol™!
Therefore, to calculate the scale factor, n,

_ _ molar mass of compound ~ 32 gmol” _
empirical mass of compound "= 16 g mol™! "=

It follows that the molecular formula of the compound is
(NH,) x 2= N,H4

You can check that this agrees with the data in the question, because:
Molar mass of NoHy in g mol™! = (14 x2) + (1 x 4)
=32 g mol™!

14




FORMULAE, MOLES AND EQUATIONS (5)

Chemical equations

In a chemical equation, the substances on the left-hand side of the
arrow are called the reactants and the substances on the right-hand
side of the arrow are called the products.

Example A+ B—>C + D
A and B are the reactants, whereas C and D are the products.

Equations must balance for both mass and, where relevant, total
charge.

Example Balancing for mass
Sodium + water —> sodium hydroxide + hydrogen
First, write the correct formulae:
Na(s, + HZO([) —> NaOqu) + H2(g)
(unbalanced)

By altering the numbers of each species, we obtain a balanced
equation:
2Na(s, + 2H20([, e ZNHOH(aq) + HZ(g}

Left-hand side Right-hand side
Na =2 Na =2
H =4 H =4
0 =2 0 =2

Example Balancing for total charge
iron (Ill) ions + iodide ions — iron (Il) ions + iodine molecules
FeH(aq) + 2l ag) > Fez+(aq) + Daq)

This equation is balanced for mass, but unbalanced for charge.
Doubling the moles of iron (Ill) and iron (Il) ions balances the equation
for total charge:

2F63+(aq, + 2[’(aq, > 2Fez+(aq) + lZ{aq)
Total charge on left Total charge on right
6" +2 =47 4

15




FORMULAE, MOLES AND EQUATIONS (6)

Ionic equations

Ionic equations provide useful 'summaries’ of the overall changes
occurring in a chemical reaction. In an ionic equation, only the species
taking part in the reaction are included.

To convert a full equation into an ionic equation, three steps are taken.

1 For soluble ionic compounds, ions are written separately using the
state symbol (aq).

Covalent substances and ionic precipitates are written in full.

lons that appear on both sides of the equation and that do not take
part in the reaction (spectator ions) are deleted.

An example is the precipitation reaction between aqueous barium
chloride and aqueous sodium sulphate. The full equation is:

BaClyaq) + NaySOyaq —> BaSOu) + 2NaCliag

Combining steps 1 and 2:

Ba?* 4g + 2Cl aq) + 2Na™ () + SO4> (aq—> BaSOus) + 2Na™ () + 2Cl )
Step 3, deletion of spectator ions, produces the ionic equation:
Ba’"(aq) + SO4*(aq — BaSOu)

This equation, therefore, represents the reaction between any aqueous
solution containing barium ions and any aqueous solution containing
sulphate ions. This ionic equation summarises the test for a sulphate
ion in aqueous solution.

Using chemical equations

Chemical equations can be used to work out reacting masses. A
balanced equation tells us the numbers of moles of each reactant that
are required to produce the expected amount(s) of product in a
chemical reaction.

Example 2Hyg + Oz —> 2H,0y tells us that 2 moles of Hyg molecules
react with 1 mole of O, molecules — 2 moles of H,O(, molecules.

16




FORMULAE MoLES AND EQUATIONS (7)

Questions are often set where scaling of quantities is required.

Example Calculate the mass of calcium oxide obtained when 20.0 g of
calcium carbonate are thermally decomposed (relative atomic masses
Ca=40,C=12,0 = 16).

Cac0315) e CaO(S) + COZ(g)

1 mole of CaCOs —> 1 mole of CaOy) + 1 mole of COy

100 g of CaCOs —> 56.0gof Ca0 + 44.0 gof COyg
+ 100 + 100

101 g CaCO;3 —> 2895 CcaQ

100 100
l X 20.0 l X 20.0

20.0 X 56.0
20.0 g CaCOs 0 gCa0

=11.2 g CaO(S,
Answer 11.2 g of CaOy are produced.

!

Using reacting masses

Reacting masses can be used to work out chemical equations. If the
mass of each substance taking part in a chemical reaction is known,
the balanced chemical equation can then be constructed.

Example In an experiment, 5.60 g of iron combined with 10.65 g of
chlorine gas to form a chloride of iron. Construct the equation for the
reaction (relative atomic masses Fe = 56, Cl = 35.5).

_ mass of Fe
Moles of Fe( = Tnolar mass

5.60 g
56 g mol™!

0.10 mol Fe

17




AND EQuUATIONS (8)

Moles of Clyg _ mass of Clyg

molar mass
_ 10.65¢g
71 g mol™
= 0.15 mol Cl,
Therefore Fe + Cl,
Mole ratio/mol 0.10 : 0.15
Divide by smallest number % : %
=1 1.5
=2 : 3
Answer 2Fe) + 3Clyg — 2FeClz

iron + chlorine — iron (Ill) chloride

Gas volumes

It is often far more convenient to measure the volume of a gas rather
than its mass. Avogadro’s hypothesis states that ‘equal volumes of all
gases contain the same number of particles at the same temperature

and pressure’. The molar volume of a gas is taken as 24 dm®

(24,000 cm®) at room temperature and pressure (i.e. the volume

of one mole of any gas).

Example Calculate the volume of carbon dioxide obtained, at room
temperature and pressure, when 25 g of calcium carbonate undergo
thermal decomposition (relative atomic masses Ca = 40, C = 12,

O = 16).

CaC0315) > CaO(s, + COz(g)

18




FORMULAE MoLES AND EauATiONS (9)

From the equation
1 mole CaC03(S, —> 1 mole CaO(S) + 1 mole COz(g)

Therefore
100 g CaCO3 —> 56 g CaOys) + 24 dm?® COyq)
+ 100 l = 100
1.0 g CaCO3s —> 100 dm? COyg)
l x 25 lx 25
25gCaCOsy — Ei6 - dm® COyg
= 6.0 dm® COy(y

Answer 6.0 dm® COyq are produced, measured at room temperature
and pressure.
Reacting gas volumes

In order to work out reacting volumes of gases, we can use
Gay-Lussac’s law of combining volumes: ‘When gases react they
do so in volumes which bear a simple ratio to each other and to the
volumes of the products if they are gases, all measurements of
volume being at the same temperature and pressure’.

Example Methane burns in oxygen to give carbon dioxide and water
CHyg + 205 —> COzg + 2H0)
(@) Calculate the volume of oxygen needed to burn 10dm? of methane.

(b) Calculate the volume of carbon dioxide produced when 10dm? of
methane are burned.

All gas volumes are measured at the same temperature and pressure.
From the equation

CHyg + 205 —> COyg + 2H,0q

1 mole CHyg : 2 moles Oy —> 1 mole COy

19




FOrRMULAE, MoLES AND EauATiONS (10)

Therefore 1 volume of CHyg : 2 volumes of Oy —> 1 volume of COy(
Therefore 10dm?® of CHyg : 20 dm? of Oy —> 10dm? of COyg

Answer (a) 20 dm? of oxygen are required to completely burn 10 dm?® of
methane. (b) 10dm? of carbon dioxide are produced when 10dm? of
methane are completely burned.

Volumetric analysis

The concentration of a solution can be determined using a procedure
known as titration. A carefully measured volume of the solution being
analysed is reacted completely with another solution of accurately
known concentration and volume. The concentration of the former
solution can then be found, from a knowledge of the reaction
occurring between the two substances.

Concentration of solutions

A solution containing 1 mole of solute in 1 dm? (1000 cm?) of solution
is called a 1 molar solution or a solution of concentration 1 mol dm=.

amount of solute (mol)
volume of solution (dm?)

Concentration =

Units of concentration: mol dm™

Alternatively, the concentration of a solution can be expressed in
grams per dm?, in which case:

mass of solute (g)

Concentration =
volume of solution (dm?)

Units of concentration: g dm™

20




FORMULAE MoLEs AND EauATtiOoNns (11)

Calculating numbers of moles

The numbers of moles can be calculated from the concentration and
volume of a solution.

Example Calculate the number of moles of NaOH present in 40 cm® of a
2 moldm™ solution of sodium hydroxide.

From the definition of concentration, there are 2 mol NaOH per 1 dm?
solution

Therefore 2 mol NaOH per 1000 cm? solution

l + 1000 l + 1000

3 .

1000 mol NaOH per 1 cm’ solution
l x 40 l x 40

40 %2 3 ;

1000 mol NaOH per 40cm’ solution

Answer 0.08 mol NaOH per 40 cm® solution

In general: Amount of solute (mol)

_ concentration of solution (moldm™®) x volume of solution (cm?)
1000

Units (mol) = (mol dm) x (dm?)

Acid-base titrations

When an acid and a base react together, an indicator can be used to
show when the reaction is just complete, called the equivalence point.

Example Hydrochloric acid of concentration 0.100 mol dm~ was added
from a burette into a flask containing 25.0 cm? of aqueous sodium
hydroxide until neutralisation took place. 20.0 cm® of the acid were
required. Calculate the concentration of the sodium hydroxide solution
in mol dm™

NaOH(aq) + HCl‘aq) > NaCl(aq, + H20(])

21




FORMULAE, MoOLES AND EauATIONS (12)

concentration HCl x volume HCI
1000
0.100 x 20.0
1000

= 0.00200 moles HCl(q)

From the balanced equation, it can be seen that 0.00200 moles
NaOH,q) are required.

Moles of HCl,q) reacting =

concentration of _ volume of
_ NaOH (mol dm~3) " NaOH (cm?)
1000

Moles of NaOH,q) reacting

Rearranging the above equation:

moles of NaOH,q) reacting x 1000

Concentration of NaOH ,q) = volume of NaOH,q,
aq

0.00200 x 1000
25.0

0.0800 moldm™

Answer The concentration of the sodium hydroxide solution is
0.0800 moldm™

Yield calculations

Many chemical reactions do not run to completion. Particularly in
organic chemistry, side reactions can occur and product can be lost
during purification procedures. The yield of product will, therefore, be
less than 100%. The percentage yield can be calculated from the
following equation:

actual mass of product 100
calculated mass of product

Percentage yield =

22




FORMULAE MoLEs AND EauATtiONs (13)

Example On oxidation of 50.0 g of ethanol, 59.0 g of ethanoic acid were
obtained. Calculate the percentage yield of the product (molar masses
ethanol C,HsOH = 46 .0 gmol™!, ethanoic acid CH;CO,H = 60.0 gmol™).

C2H50H + 2[0] — CH3CO2H + H2O
ethanol ethanoic acid

From the equation

1 mole C,HsOH — 1 mole CH;CO,H
46.0 g C;H50H —> 60.0 g CH3CO,H
1.00 g C;HsOH  should give 222 g CH3CO,H

50.0 g C,HsOH should give 50.0 X 60.0 g CH3;CO,H
46.0

50.0 g C,HsOH should give 65.2 g CH3CO,H

actual mass of product |00
calculated mass of product

59.0
52 X 100

Therefore, percentage yield =

Answer 90.5%
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In this question, assume that the value of the Avogadro

constant, L, is 6.0 x 10% mol™".

(a) Calculate the number of carbon atoms, C, in 0.120 g of
carbon (relative atomic mass C = 12.0). (2)

(b) Calculate the number of sulphur dioxide molecules, SO,, in
32.0 g of sulphur dioxide (relative atomic masses S = 32,
0 =16).(2)

(c) Calculate the number of sodium ions, Na*, in 14.2 g of
sodium sulphate (relative atomic masses Na = 23,
S=32,0=16).(2

Calculate the number of moles of atoms present in each of the
following (relative atomic masses are given in brackets):

(a) 16.0 g of oxygen atoms (O = 16.0) (2)

(b) 0.140 g of nitrogen atoms (N = 14.0) (2)

(c) 5.40 g of silver atoms (Ag = 108) (2)

Calculate the mass, in grams, of each of the following amounts
(relative atomic masses are given in brackets):
(a) 0.500 mol of oxygen atoms (O = 16.0) (1)
(b) 10.0 mol of sodium atoms (Na = 23.0) (1)
(c) 0.0100 mol of hydrogen atoms (H = 1) (1)

Calculate the molar masses, in g mol™, of each of the
following substances:

(a) Br, (Br = 80) (1)

(b) HNO3; (H=1,N= 14,0 = 16) (1)

(c¢) CuSO4.5H,O0 (Cu=64,S=32,0=16,H=1) (1)

Calculate the number of moles present in each of the following
samples:
(a) 128g of oxygen, O, (O = 16.0) (1)
(b) 25.25 g of potassium nitrate, KNO3 (K = 39, N = 14,

O =16) (1)
(c) 414g of ethanol, C;HsOH (C=12,H= 1,0 = 16) (1)
Calculate the mass, in grams, of each of the following amounts:
(a) 2.00 mol of sulphur dioxide molecules, SO, (S = 32,

O =16)(1)

The answers are on pages 106 and 107.
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(b) 20.0 mol of sulphuric acid, H,SO4 (H = 1, S = 32,
O =16) (1)

(c) 0.500 mol of sodium hydroxide, NaOH (Na = 23,
O=16,H=1) ()

Calculate the empirical formulae of the following compounds

from the information given:

(a) 1.12g of iron combines with oxygen to form 1.60 g of an
oxide of iron (Fe = 56, O = 16) (2)

(b) a compound was found to contain 43.4% sodium, 11.3%
carbon and 45.3% oxygen by mass (Na = 23.0, C = 12.0,
O =16.0) (2)

(c) a compound contains 82.75% by mass of carbon and 17.25%
by mass of hydrogen (C = 12, H = 1) (2)

Work out the molecular formula of the compound determined in

Question 7(c) above, given that its molar mass is 58 gmol’l. (2)

Write ionic equations derived from each of the following full
chemical equations:

(a) AgNOmm + NaCl(aq, —> AgCllS) + NaN03(aq] (2)

(b) ans) + HzSO4(aq) —> ZHSO4(aq) + HZ(g] (2)

(C) HCl(aq) + NaOH(aq, —> NaCl(aq) + HzO([) {2)

Calculate the mass of magnesium chloride that would be
obtained when 48 g of magnesium metal is reacted completely
with chlorine (Mg = 24, Cl = 35.5).

Mg + Clag = MgCly) (2)

Calculate the mass of calcium carbonate that must be
decomposed in order to produce 14 tonnes of calcium oxide,
CaO (Ca=40,C=12,0 = 16).

CaCO3(S| e CaO(S, + COz(g) (2)

9.80 g of sulphuric acid reacted with 8.50 g of sodium nitrate to
produce 6.30 g of nitric acid. Use the information to work out
the equation for the reaction, given that there are only two
products of the reaction (molar masses H,SO4 = 98 gmol™!,
NaNO; = 85 gmol’I and HNO3; = 63 gmol’l). (3)

The answers are on page 107.
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Calculate the volume of hydrogen gas, measured at room

temperature and pressure, which would be formed when 12 g of

magnesium react with excess dilute sulphuric acid (assume that

one mole of any gas occupies a volume of 24,000 cm? (24 dm?)

at room temperature and pressure; relative atomic mass of

Mg = 24). (2)

Mg|5) + H2SO4(aq) e MgSO4(aq, + HZ(g)

A car engine burns the compound octane CgHg

2C8H18(g) + 2502(gl —> 16C02(g) + lSHzO([) Calculate:

(a) The volume of oxygen required to completely burn 2.00 dm?
of octane vapour. (1)

(b) The volume of carbon dioxide gas you would expect to be
formed. (1) (Assume that all gas volumes are measured at
the same temperature and pressure.)

In a titration, it was found that 28.5 cm® of dilute nitric acid

(concentration 0.100 moldm™) were exactly neutralised by

25.0 cm® of potassium hydroxide solution.

KOH(aq) + HNOg(aq] H KNOg(aq) + HZO“)

Calculate the concentration of the potassium hydroxide solution

in mol dm™3. (2)

40.0 cm® of an aqueous solution of potassium hydroxide

containing 5.6 g dm™ are neutralised exactly by 40.0 cm® of

dilute hydrochloric acid:

KOH(aq) + HCl(aq, H KCl(aq) + H20(|)

Calculate the concentration of the hydrochloric acid solution in mol

dm? (relative atomic masses K = 39,0 = 16, H = 1) (3)

In an organic chemistry experiment, 49.2 g of nitrobenzene

(C¢H5NO,) were obtained from 39.0 g of benzene (C¢H¢). The

equation for the reaction is:

Cf,Hb“) + HNOg(]]% Cf,HsNOz“) + H20|[)

Calculate the percentage yield of the reaction (relative atomic

massesC =12, H=1, N= 14,0 = 16). (2)

The answers are on page 110.




STRUCTURE AND BONDING (1)

There are three types of strong chemical bonding:
@® ionic;

® covalent;

® metallic.

Ionic bonding

Ionic bonding is the electrostatic force of attraction between
oppositely charged ions (+ and -), which are formed as a result of
electron transfer between atoms.

The attractions between positive ions (cations) and negative ions (anions)
are strong, and ionic compounds have a giant lattice structure.

Example Sodium chloride Na*CI~

O =Na*

@-=cr

The 3-D arrangement of ions is regular, with alternate positive and
negative ions. The lattice structure is one example of the 3-D arrangement.

An ionic bond is normally formed between two elements of very
different electronegativity (typically greater than 1.5).
Covalent bonding

Covalent bonding is the electrostatic force of attraction of two nuclei
each with a shared pair of electrons between them.

In a covalent bond, each atom provides one electron. Overlap of an
orbital containing an electron from one atom overlaps with another
orbital containing an electron from the second atom.
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STRUCTURE AND BONDING (2)

A sigma (c) bond is formed when the overlap occurs along the line

between the two nuclei.

c-bond

A pi () bond is formed when the overlap between the two

orbitals occurs sideways.

Example In a t bond, there is
overlap above and below
the line between the

two nuclei.

n-bond

Giant atomic (or giant molecular) structures,
e.g. diamond and graphite, consist of many atoms
joined together by very strong covalent bonds.

A typical covalent bond is about the same
strength as an ionic bond.

Example Diamond

Each C atom is surrounded by four others, in a
tetrahedral 3-D arrangement. The diagram does

diamond

not show a molecule, but the pattern of
arrangement, which continues on and on.

Example Graphite

In graphite, each C atom is bonded covalently
to three others. The C atoms are arranged in
hexagons within a layer structure. Every C
atom has four outer electrons, but only three
are involved in covalent bonding. The non-
bonded electrons are delocalised and flow
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STRUCTURE AND BONDING (3)

along, but not up or down between, the layers. The layers are held
together by weak van der Waals’ forces.

Simple molecules are made up of small groups of atoms, covalently
bonded together in a molecule. Although the covalent bonds between the
atoms are very strong, there are only weak forces between the molecules.

Example lodine, 1, iodine

©

[

@ = I, molecule

Dative covalent bonding

A dative covalent bond, or co-ordinate bond, is a covalent bond in
which both of the shared pair of electrons come from the same atom.

Examples The following compounds and species are examples of
dative covalent bonding.

BF;.NH;
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H307 (5q) ion (responsible
for acidity in aqueous solution)

NH,4* ion i

/l\
H
H

Hydrated metal cations such as [Mn(H0)e)]>* (aq)

The water molecules are bonded

to the central Mn?" cation via
dative covalent bonds from

the lone pair on the oxygen atom
into empty orbitals in the metal

ion.

Metallic bonding

2+

Metallic bonding is the electrostatic force of attraction between
positively charged metal cations and the delocalised electrons

between them.
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STRUCTURE AND BONDING (5)

Example A metal M)

9000

‘sea’ of delocallsed electrons
(total = 3ne")

Partial ionic/covalent bonding

The terms ‘covalent’ and ‘ionic’ bonding represent the extremes of the
bond types. In reality, the bonding in most compounds is intermediate
between the two extremes.

Pure ionic Pure covalent

Total transfer Partial transfer ~ Unequal sharing Even sharing
of electrons of electrons of electrons of electrons

Pure ionic bonding is favoured in reactions between metal atoms
having low ionisation energies and non-metal atoms with highly
exothermic electron affinities. In pure ionic compounds, the metal
cations will be large ions of low charge and the non-metal anions
will be small ions of low charge.

In a pure ionic compound, the electron distribution

around the ions is spherical. @

If the cation is small and has a high charge, i.e. it
has a high charge density, it is very polarising. Such

a cation will distort the electron cloud of the anion, @

pulling the electron density towards itself.

This introduces covalent character into the ionic compound. Anions
with a large radius and high negative charge are very polarisable.
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STRUCTURE AND BONDING (6)

In a purely covalent molecule, the bonding pair of electrons is

C D

evenly shared between the two nuclei.

Example Molecules consisting of two identical
atoms, such as H, and Cl,

The electron cloud is equally distributed between
the two nuclei.

In molecules where two different atoms are joined
by a covalent bond, the bond pair of electrons is
not shared equally.

Example Hydrogen chloride molecule

Because the Cl atom is more electronegative than
the H atom, the bond pair is pulled towards the

6+
H

X

5
Cl

Cl atom. This results in a covalent bond with some partial ionic

character; the small charges present are indicated by a d.

The electronegativity of an atom et Electronegativity
is the power of that atom to attract T 70
the bonding electrons in a o 35
covalent bond. a 50
Electronegativity values, on the N 3.0
Pauling scale, of some elements C 2.5
are listed in the table. H 2.1

Intermolecular forces

Intermolecular forces exist between covalent molecules in the solid

and liquid states. There are two categories:
® van der Waals’ forces;
® hydrogen bonds.
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STRUCTURE AND BONDING (7)

van der Waals’ forces

Induced-dipole/induced-dipole forces

Induced-dipole/induced-dipole forces, also called temporary
dipole/temporary dipole forces, are weak attractive forces that exist
between all molecules. They arise when an instantaneous imbalance in
the electron distribution in a molecule induces a corresponding
imbalance in neighbouring molecules, leading to a weak

electrostatic attraction.

induces dipoles
(0 in neighbouring ) o ) o ()
molecules '\ /‘

temporary dipole )
in a molecule very weak attractive forces

Induced-dipole/induced-dipole forces increase in strength as the
number of electrons in the molecule increases. This phenomenon is
illustrated by the increase in boiling temperatures of the halogens
down group 7.

Permanent-dipole/permanent-dipole forces

Permanent-dipole/permanent-dipole forces are weak attractive
forces between permanently polar molecules. §* atoms in one
molecule attract 8~ atoms in another molecule. They act in addition
to the induced-dipole/induced-dipole forces.

Example Propanone (CH;COCH3) and butane (CH3CH,CH,CH3) both
have molar masses of 58 gmol™

The boiling temperature of propanone, however, is
56°C, whereas that of butane is 0°C. This difference
is explained by the additional presence of lola
permanent-dipole/permanent-dipole forces between i
propanone molecules.

H,C— C°*— CH,

H,C— ﬁ"*— CH,

0
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STRUCTURE AND BONDING (8)

Hydrogen bonding

The hydrogen bond is the strongest intermolecular force, typically
about 1/10th the strength of a covalent bond.

A hydrogen bond is a weak directional bond formed between a §*
hydrogen atom in one molecule and the lone pair of electrons on a
highly electronegative atom in another molecule. The highly

electronegative atoms referred to are fluorine, oxygen and nitrogen.

The anomalously high boiling points of the hydrides NH3, H,O and HF,
compared with the other hydrides in groups 5, 6 and 7, are explained
by the presence of hydrogen bonds.

The boiling temperatures of 100
the hydrides of group 6 are

shown opposite. 50

boiling temperature/°C
o

H,0 \HsS H,Se A,Te

-50

-100
The structure of ice is shown in the
diagram. The crystal structure of ice is g{\
essentially tetrahedral. When water /(I) . C< :"r;’]"’c‘:l‘:rcul .
melts, the hydrogen bonds are " g \ o

. ‘ogel

progressively broken. The molecules o=y oen
pack closer together and so an initial \O/\N H ”””({
reduction in volume of the liquid occurs

before the usual expansion effect from
raising the temperature is observed. Water, therefore, has its maximum
density at 4°C.
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STRUCTURE AND BONDING (9)

Shapes of molecules and ions

The shapes of molecules and ions are explained by the valence shell

electron pair repulsion theory (VSEPR theory).
® The electron pairs, whether bonding or lone pairs, arrange
themselves around a central atom as far apart as possible. This

minimises the electrostatic repulsion between the electron pairs.

® The repulsion between lone pairs is greater than that between
a lone pair and a bond pair, which is greater than that between

bond pairs.

® The electrons in a multiple bond (double or triple) are counted
as a single pair when working out the shape of a molecule or ion.

Species without lone pairs

Examples
Two bond pairs, BeCl,

The electrons are at 180°,
i.e. it is a linear molecule.

Three bond pairs, BCl3

The electron pairs are at 120°,

i.e. it is a trigonal
planar molecule.

Four bond pairs, CHy

The electron pairs adopt a
tetrahedral arrangement.

Cl—Be—ClI
180°
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Five bond pairs, PCls

The electron pairs are arranged
in a trigonal bipyramidal shape.

Six bond pairs, SF¢

The electron pairs are arranged
in an octahedral shape.

Species with lone pairs
Examples

Four electron pairs as three bond
pairs and one lone pair, NH; or PCls

The shape is a trigonal pyramidal.

Four electron pairs as two bond
pairs and two lone pairs, H,O

The shape is V-shaped (bent).

Six electron pairs as four bond
pairs and two lone pairs, XeF,

The shape is square planar.
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1 Explain why the melting temperature of diamond is much
higher that that of iodine. (4)

2 Why does sodium chloride have a relatively high melting
point? (2)

3 Explain why aluminium is a good conductor of electricity. (3)

4 Why does magnesium iodide have more covalent character
than magnesium chloride? (3)

5 Define the term ‘electronegativity’. (2)

6 State the type of structure of each of the following substances
in the solid state:
(a) SiOy (1)
(b) CO, (1)
(c) KBr (1)
(d) Cu (1)

7 The boiling temperatures of the group 7 hydrides, HF to HI,
are shown in the table.

Hydride HF HCI HBr HI
Molar mass/g mol™! | 20 36.5 81 128
Boiling temp. / °C 20 -85 —67 -35
(a) Explain why the boiling temperature of HF is higher than
that of HCI. (2)
(b) Explain the increase in boiling temperatures from HCI
to HI. (2)

8 Use the VSEPR theory to work out the shapes of the following
molecules or ions.

(a) SFe (2)
(b) CO5* (2)
(c) PH; (2)
(d) PF,* (2)

The answers are on page 111.
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REDOX REAcCTIONS (1)

Oxidation and reduction

Oxidation has been defined as:

@ gain of oxygen

Example 2Cu) + Oy —> 2CuOy
copper has been oxidised

@ loss of hydrogen
Example MHOQ‘S) + 4HC](|) —> Ml’lclz(aq) + 2H20(1) + Clz(g)
hydrochloric acid has been oxidised

Reduction has been defined as:

® loss of oxygen

Example Fe;03() + 3COq —> 2Fe() + 3COx
iron (III) oxide has been reduced

® gain of hydrogen
Example C2H4(g) + Hz(g) e CgHb(g)
ethene has been reduced

Because many reactions involving oxidation and reduction do not
involve loss or gain of hydrogen and/or oxygen, it is more useful to
define oxidation and reduction in terms of electrons.

Therefore: oxidation is loss of electrons

whereas: reduction is gain of electrons

The phrase OIL RIG can be used to help remember this definition.
Because reduction and oxidation occur in the same reaction, such
processes are called REDOX reactions.

Oxidising agents or oxidants are substances that oxidise other
reagents. An oxidising agent is, itself, reduced during a reaction.

It gains electrons. Reducing agents or reductants are substances
that reduce other reagents. A reducing agent is, itself, oxidised
during a reaction. It loses electrons.

Reduction and oxidation also take place at electrodes during
electrolysis. Reduction occurs at the cathode and oxidation at
the anode.
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REDOX REACTIONS (2)

Example During the electrolysis of molten lead (Il) bromide:
cathode (-): Pb?* + 2e” —> Pb (reduction)

anode (+): 2Br — 2e- —> Br, (oxidation)

This can also be written as 2Br —> Br, + 2e~

Oxidation number

The oxidation number, or oxidation state, is the formal charge on
an atom calculated on the basis that it is in a wholly ionic compound.
Oxidation numbers are assigned according to several rules.

1 The oxidation numbers of the atoms in uncombined elements
are zero.

2 For simple monatomic ions, the oxidation number is equal to
the charge on the ion.

3 In a compound or neutral molecule, the sum of the oxidation
numbers is zero.

4 In a polyatomic ion, the sum of the oxidation numbers is equal
to the charge on the ion.

5 In any species, the more electronegative atom will be assigned
a negative oxidation number and the less electronegative atom
assigned a positive oxidation number.

6 Some elements are used as reference points when assigning
oxidation number because they nearly always have invariable
oxidation numbers in their compounds:

Na, K +1

Mg, Ca +2

Al +3

H +1 (except in metal hydrides)

F -1

cl —1 (except in compounds with oxygen and fluorine)
[¢] -2 (except in peroxides, superoxides and fluorides)
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REDOX REACTIONS (3)

Example What is the oxidation number of iodine in the following
species? I, I, Mgl,, ICl3, 103~

Answers
I, = 0, as an uncombined element
I" = -1, as a simple monatomic ion

Mgl, = -1, as Mg?" has oxidation number +2, so (+2) + (2 x1) = 0,
therefore each I = -1

ICl; = +3, as Cl has oxidation number -1, so (I) + (3 x-1) = 0,
therefore I = +3

105" = +5, as (I) + (3 x-2) = -1, therefore I = +5

Naming

For compounds or ions containing elements that have a variable
oxidation number, Roman numerals are used to indicate the oxidation
number of the element concerned, and so name the chemical species.
This is called Stock notation, after the chemist A. Stock who devised
the method.

Examples

Compounds

copper (I) oxide Cu0

copper (Il) oxide CuO

iron (II) sulphate FeSO4

phosphorus (V) chloride PCls

Cations Anions

iron (IT) Fe?* chlorate (1) clo™
tin (I1) Sn?t chlorate (V) Clos~
copper (I) cut sulphate (VI) S04%
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REDOX REACTIONS (4)

Redox processes

When an element is oxidised, its oxidation number increases.
When an element is reduced, its oxidation number decreases.

Example
2Na(5) + Clz(g, —> 2NaCl(s)
0 0 +1 -1

In this reaction, the oxidation number of Na has increased from 0 to
+1; Na has been oxidised. The oxidation number of Cl has decreased
from 0 to —1; Cl has been reduced.

In a redox reaction, aX + bY — products

If the oxidation number of X changes by +x and the oxidation number
of Y changes by -y, then a(+x) + b(-y) =0

Example
A ag + 2l:eﬂ—(aq) > laq + 2Fez+(an
-1 +3 0 +2

For 1, oxidation number increase = +1. For Fe, oxidation number
decrease = —1. Applying the general formula, 2(+1) + 2(-1) = 0
Ionic half-equations

Equations for redox processes can be split into two ionic half-
equations. Electrons pass from the reducing agent to the
oxidising agent.

Example
2+ 2+
Zn(s, + Cu (aq) —> Zn (aq) + CU(S)

In this example, zinc is the reducing agent (itself oxidised):
Zn(s, E—d ZnH(aq) + 2e”

Copper (Il) ions act as the oxidising agent (itself reduced):
Cu**ag + 267 —> Cuyy
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REDOX REACTIONS (5)

The electrons lost by the zinc atoms are the same electrons as those
gained by the copper (II) ions. Addition of the two ionic half-equations
gives the overall redox reaction:

Zng + Cu?*oq + 267 —> Zn*T g + Cug) + 26

Written with the e” cancelled: Zn) + Cu?* o) —> Zn?*aq) + Cugg

In general, the number of electrons in each half must be the same
when ionic half-equations are combined. To do this, one or both
half-reactions may have to be multiplied by an integer.

Example The reaction between iodide ions and iron (III) ions
lIodide ions are oxidised to iodine molecules:

Wag) — bag + 26 ()

Iron (I1I) ions are reduced to iron (II) ions:

Fe’taq + € —> Fe’T g ... (i)
Equation (ii) is multiplied by 2 and then added to equation (i):
2 aq) + 2Ft ag) + 267 — Dyag) + 2Fe* (o + 2€°

so allowing the e™ to be cancelled:

2 ag) + 2Fe*  aq) = Diag) + 2Fe’ T aq)

You may come across more complicated half-equations, but the
basic principles remain the same.

Example Potassium dichromate (VI) is an important oxidising agent that
only works in an acidic medium. It is reduced to chromium (III) ions,
whilst the H" ,q) ions from the acid end up as water. Each Cr atom
undergoes a 3-electron reduction, but every dichromate ion contains
2 Cr atoms. Therefore 6 electrons appear on the left-hand side of the
half-equation:

Cr2072’(aq, + 14H+(aq) + 6e7 —> 2Cr3+‘aq) + 7H20(])
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REDOX REACTIONS (6)

If the above half-equation is combined with that for the oxidation of
iron (II) to iron (Ill) ions, Fe?* ,q) —> Fe**(,q + €, then, before
combining the two half-equations, the second is multiplied by 6, giving
an overall equation for the redox reaction as:

Cr2072’¢aq, + 14H+(aq) + 6F62+(aq) — 6Fez+(aq) + 7H20(1) + 2Cr3+(aq)

Disproportionation is when a single species undergoes both oxidation
and reduction in the same reaction.

Example
In chlorine molecules, Cl,, the oxidation number of Cl = 0

In chlorate (I) ions, ClO~, the oxidation number of Cl = +1 (chlorine
has been oxidised from 0 to +1)

In chloride ions, CI7, the oxidation number of Cl = —1 (chlorine has
been reduced from 0 to —1)

Therefore a single species (Cl,) has been simultaneously both oxidised
and reduced. For this to be possible, the species concerned must be
in an intermediate oxidation state.
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Calculate the oxidation numbers of:

(@) N in N, f Mn in  Mn,0O;

(b) Ca in Ca (g O in  H,0O,

(c) N in  NyOy4 (h) S in  SO;*

(d) N in  NOj5 i O in F,0

() Mn in  MnO,” G) S in  S,06 (10)

2 Name the following compounds using Roman numerals to
indicate the oxidation number of the metal:

(a) CrF3 (d) MnCO;
(b) Fe(OH);3 (e) CuSO, . 5H,0
(c) FeS (5)

3 Use oxidation numbers to work out which species have been
oxidised and which have been reduced in the following
reactions:

(a) 2li(aq) + Cl2(aq] —> 2Cli(aq) + 12(3q| (2)
(b) 2Fe** oy + SN?Fag —> 2Fe®taq + SN ag) (2)
(c) Ca(s) + Hz(g) —> CaHz(S] (2)

4 For each of the reactions in Question 3, split up the equation
into two ionic half-equations. (6)

5 Use the two half-equations given in each case to construct an
overall equation for the reactions described in (a) to (c):
(a) hydrogen peroxide solution oxidising hydrogen sulphide in
an acidic solution HyOjaq) + 2H (aq) + 267 —> 2H,0q,
H281g) —> 2H+(aq) + S(S) + 2e” (1)
(b) iodine solution oxidising an aqueous solution of sodium
thiosulphate Iyaq + 267 —> 2I7(4q
S20327laq) —> %540627laq) + e “)
(c) an acidified solution of potassium manganate (VII) oxidising
aqueous hydrogen peroxide solution
MnOy aq) + 8H aq) + 567 —> Mn?"q + 4H,0
H05aq) —> O + 2H (aq) + 2€ (0

The answers are on page 113.
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THE PERIODIC TABLE (1)

The elements in the periodic table are arranged in order of ascending
atomic number. Horizontal rows of elements are called periods.

Examples Period 2: lithium to neon

Period 3: sodium to argon
Vertical columns of elements are called groups.
Examples Group 1: lithium to francium

Group 7: fluorine to astatine

Melting and boiling temperatures

The melting temperatures of the 2000 c
elements hydrogen to argon are shown
H [&]
in the graph. < 3000
The graph of boiling temperature g
against atomic number would show a ‘é& 2000
similar pattern, but the corresponding | £ Si
numerical values would be higher than g 1000
those for melting temperature. g
The structure and bonding of the 7253 / | —
elements sodium to argon is shown H 5 10 15 Ar
in the table below. atomic number
Element Na Mg Al Si P S d Ar
Bonding | €— Metallic —> |Covalent | €<—— Covalent —> | Single
atoms
Structure | €—— Giant metallic —> | Giant &<— Simple —> | Ar
atomic molecules
(giant Py, Sg Ch
molecular)
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THE PERIODIC TABLE (2)

Main group chemistry

A study of group 1 (lithium to caesium) and group 2 (beryllium to
barium) illustrates the behaviour of metals and their compounds.
Conversely, a study of group 7 (chlorine to iodine) illustrates the
behaviour of a group of non-metals and their compounds.

Groups 1 and 2

The elements in group 1 comprise the alkali metals, whereas those
in group 2 are the alkaline-earth metals.

Flame colours

The flame colours of the compounds of several group 1 and 2 metals
are shown below.

Group 1 Group 2

Lithium: carmine red Calcium: brick red
Sodium: yellow Strontium: crimson red
Potassium: lilac Barium: apple green

® A piece of nichrome wire is first cleaned by dipping it into
concentrated hydrochloric acid.

@ It is then dipped into a sample of the solid being tested.

® The wire is then held in a blue Bunsen flame and the colour of the
flame is recorded.

Example Sodium chloride, NaCl

® The heat of the flame vaporises the compound, producing some
sodium and chlorine atoms (electron configuration of Na: 1s? 2s?
2p° 3s!).

® Heat energy from the flame promotes electrons from the 3s
subshell to the 3p subshell in the sodium atoms.

® The electrons that were promoted fall back down to the 3s subshell,
giving out energy in the form of light.
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® The energy gap (AE)

light in the visible
region of the
spectrum.

A = Sp
between the 3p and =
3s subshells =
corresponds to the = )
£ £ vell heat energy = energy released in
requency of yellow required AE S the form of light

<MANMNANANAANAAAAND

3s

e
(electron to be promoted)

Chemical reactions

The elements become more reactive down groups 1 and 2. The atoms
of the elements lower down the groups lose electrons more easily than
those higher up, as illustrated by the trends in ionisation energies of
the elements.

All group 1 metals burn in oxygen.
Example Lithium forms lithium oxide
4Liis) + Oz — 2LixOyy)

The oxide anion is O%".

Sodium produces a mixture of sodium oxide, Na,O, and sodium
peroxide, Na,O,.

2Nag) + O — NayOy
sodium peroxide
The peroxide anion is 052"
The peroxide of sodium is the major product in excess oxygen.

The remaining alkali metals react with oxygen to form superoxides.
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THE PERIODIC TABLE (4)

Examples Potassium and rubidium
Ki) + Oz —> KOy

potassium superoxide
Rb) + Oz —> RbOy

rubidium superoxide

The superoxide anion is unusual because it contains an
unpaired electron.

0, anion
b

unpaired electron

Group 1 superoxides are coloured compounds, which is unusual for
group 1 compounds not containing a transition metal ion. The trend
in oxide formation is the result of the increasing size of the metal
cations as the group is descended.

The group 2 metals all burn to form simple oxides containing the
0% ion.
Example 2Mg(s) + OZ(gp —> 2Mg0(5,

The only exception is barium which, in excess oxygen, forms a mixture
of barium oxide, BaO, and barium peroxide, BaO,.

Group 1 elements all react vigorously with cold water to produce
the metal hydroxide (an alkali) and hydrogen gas.

Example 2Na) + 2H,O() —> 2NaOHq) + Hag

In group 2, beryllium does not react with water and magnesium reacts
slowly with cold water. With steam, however, magnesium burns brightly
to produce magnesium oxide and hydrogen.

Mg + HyOg ——> MgO) + Hag

Because the reactivity of the metals increases down the group, the
remaining metals react vigorously with cold water.
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THE PERIODIC TABLE (5)

Example Ba) + 2H,0() — Ba(OH)yaq) + Hag

The metal hydroxide is often produced as a suspension in water.

Solubility of group 2 hydroxides and sulphates

Solubility data for group 2 hydroxides in water at 298K are
given below.

Compound Solubility/mol per 100 g of water
Mg(OH), 0.020 x 10~

Ca(OH), 1.5x 107

Sr(OH), 3.4x 107

Ba(OH), 15x 107

As the group is descended, the solubility of the group 2 hydroxides
increases. Mg(OH), is insoluble, both Ca(OH), and Sr(OH), are slightly
soluble and Ba(OH), is fairly soluble.

Solubility data for group 2 sulphates in water at 298 K are
given below.

Compound Solubility/mol per 100 g of water
MgSO, 3600 x 107

CaS0, 11x10™

SrSO4 0.71 x 107

BaSO, 0.0090 x 107*

As the group is descended, the solubility of the group 2 sulphates
decreases. MgSQO;, is soluble, CaSQy is slightly soluble, whereas SrSO,
and BaSQy are insoluble.
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THE PERIODIC TABLE (6)

Thermal stability of nitrates and carbonates

Down groups 1 and 2, the thermal stability of the nitrates and
carbonates increases.

Group 2 nitrates (and lithium nitrate) decompose to give the metal
oxide, nitrogen dioxide (a brown gas) and oxygen.

Examples 2Ca(NO3)y) —> 2CaO() + 4NOy ) + Oz
4LiINO3i) —> 2Li,O) + 4NOyg + Oy

Group 1 nitrates (except lithium nitrate) decompose to give the metal
nitrite and oxygen.

Example 2NaN03(5) —> 2NaN02(5) + O2(g)

Group 1 carbonates are stable to heat at the temperatures of a
Bunsen flame, except lithium carbonate.

LioCO3(y —> LiyO) + COypg

Group 2 carbonates (except barium carbonate which is stable to heat)
all decompose to the metal oxide and carbon dioxide.

Example CaCO3(S) g CaO(S) + COZ(g)

Thermal decomposition occurs more readily in compounds where the

metal cation polarises the anion. Therefore:

® group 2 compounds (where the cation has a 2+ charge) are more
likely to decompose than group 1 compounds (where the cation
has a 1+ charge);

® compounds at the top of groups 1 and 2 (containing smaller
cations) decompose more easily than those of elements lower down
the groups;

® smaller cations have a higher charge density and are, therefore,
more polarising.
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THE PERIODIC TABLE (7)

Group 7

The elements in group 7 comprise the halogens. Some information
about the halogens chlorine to iodine is given in the table below.

Element |Symbol |Formula, Melting Boiling Atomic | Ionic
colour and [temperature/temperature/radius | radius
physical °C °C /am /nm
state at 20°C

Chlorine cl Cl, green gas —-101 -35 0.071 | 0.133

Bromine Br Br, red-brown -7 59 0.114 | 0.195
liquid

lodine I I, dark grey 114 184 0.132 | 0.215
shiny solid

Chlorine (Cl,) turns damp blue litmus paper red, then bleaches it.

Clz(g) + HQO(]) —> HCl(aq) + HCIO(aq)
chloric (1) acid

Bromine (Br,) displaces iodine from a solution of potassium iodide
and, as a consequence, the iodine turns starch blue-black.
(Starch—-iodide paper may also be used.)

Bryag) + 2l aq) > Ioaq) + 2Br (aq)

lodine (I,) turns starch solution from colourless to blue-black.

Hydrogen halides

Hydrogen halides are compounds formed on reaction of the halogen
with hydrogen.

Hyg + Xpig — 2HXg

The hydrogen halides are colourless gases at room temperature and
pressure. They produce steamy fumes in moist air. They are covalently
bonded molecules, with simple molecular structures. They are very
soluble in water, as they react to form ions.

+ aq
Example HCl(g, —> H+(aq) + Cli(aq)

The resulting solutions are strongly acidic.
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THE PERIODIC TABLE (8)

Solutions of halide ions in water can be tested for:
® add a few drops of dilute nitric acid, to rule out the possibility of

carbonate and/or sulphite ions being present;
® add aqueous silver nitrate solution, followed by ammonia solution.

Test Chloride Bromide Iodide
Addition of aqueous [White precipitate Cream precipitate Yellow
silver nitrate precipitate
Addition of dilute Precipitate dissolves | No change No change
NH3(aq)

Addition of Precipitate dissolves | Precipitate dissolves |No change

concentrated NHs(aq)

The general equation for the formation of the silver halide

precipitate is:

Ag" g + X ag—> AgX(s)

The reactions of the halide salts, in the solid state, with concentrated
sulphuric acid vary in relation to the reducing power of the hydrogen

halides produced.

Example

NaX‘s, + H2SO4‘]’ e NaHSO4‘S, + HX(g)

Because concentrated sulphuric acid is also an oxidising agent,
hydrogen bromide and hydrogen iodide are oxidised to the free
halogens bromine and iodine, respectively. The results are shown

in the table below.

Name of solid halide

Sodium
Sodium chloride | Sodium bromide | iodide
Addition of concentrated |Steamy fumes of | Steamy fumes of Clouds of
sulphuric acid HCl g HBr(g with some purple iodine
red-brown vapour | vapour and
of bromine black solid
residue
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THE PERIODIC TABLE (9)

Hydrogen iodide is the strongest reducing agent. This trend is
expected when the bond enthalpies of the hydrogen halides are
considered.

Bond Bond enthalpy/k] mol™!
H-Cl +432
H-Br +366
H-1 +298

As group 7 is descended, the oxidising power of the halogens
decreases.

chlorine decreasing
bromine l oxidising
iodine strength

Chlorine, being the most powerful oxidising agent of the three
halogens listed, is the most readily reduced.

Clhag + 267 —> 2Cl (4

An application of the above order of reactivity is the use of chlorine

in the extraction of bromine from sea water.

Clyag) + 2BI (aq) —> 2Cl (aq) + Brogaq)

The chlorine molecules are reduced and the bromide ions are oxidised.

Disproportionation is when a species undergoes both oxidation and
reduction in the same reaction. In the manufacture of bleach, sodium
chlorate (I), a disproportionation reaction occurs.

gz(aq) + ZNHOH(aq) —> NagO(aq, + Nagl(aq, + HzO(l)
0 +1 -1

Chlorine, in Cly(q), at oxidation number 0 has been both oxidised
(to +1 in NaClO) and reduced (to -1 in NaCl).

At higher temperatures (70°C), the chlorate (I) ion also
disproportionates.

3C1_07<aqiﬁ zc_litaqb + goﬂaqi
+1 -1 +5
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1 For the period sodium to argon, explain, in terms of structure

and bonding, the variation in the melting temperatures of
the elements.

Element Na Mg Al Si P S cl Ar

Melting

temperature°C | 98 | 649 | 660 | 1410 | 44 | 119 | -101 | -189
(6)

2 Explain the decrease in atomic radii of the elements in period 3.

Element Na Mg Al Si P S cl Ar

Atomic

radius/nm 0.19 [0.16 [0.13 [0.12 |0.11 | 0.10 | 0.099 | 0.096
(3)

3 State the colour of the flame that results when the following
compounds are subjected to flame tests.

(a) Potassium chloride. (1)
(b) Sodium bromide. (1)
(c) Lithium iodide. (1)
4 Explain briefly the origin of the colours in flame tests. (2)

5 (a) Write an equation, including state symbols, for the reaction
between calcium and water. (2)

(b) State the trend in solubility of the hydroxides of the group
2 elements as the atomic mass of the metal increases. (1)

6 Compare the reaction when sodium is burned in a plentiful
supply of oxygen with that of magnesium and oxygen. Account
briefly for any differences. (4)

7 When a sample of magnesium nitrate is heated, it gives off a
brown gas and a gas that relights a glowing splint. Write an
equation for this reaction. (2)

The answers are on page 114.
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DO orself |

8 Account for the trend in decomposition temperatures of the

group 2 carbonates, in terms of the sizes and charges of the
cations involved.

Carbonate BeCO; | MgCOs5| CaCOs3 | SrCO; | BaCO3
Decomposition temperature/°C | 100 540 900 1290 1360
(3)
9 State what would be seen when concentrated sulphuric acid is

10

added to separate samples of the following compounds.
(a) Sodium chloride. (1)

(b) Sodium bromide. (1)

(c) Sodium iodide. (1)

(d) What do these observations tell you about the relative ease
of oxidation of the hydrogen halides? (2)

Sea water contains aqueous bromide ions. Chlorine gas is used
in the extraction of bromine from this source.

(a) Give the ionic equation for the reaction between chlorine
gas and bromide ions, including state symbols. (2)

(b) Explain which of the elements, chlorine or bromine, is
the stronger oxidising agent in terms of electron transfer. (2)

The answers are on page 115.
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ENTHALPY CHANGES (1)

Enthalpy change, AH

The enthalpy change of a reaction, AH, is the heat energy change

when the reaction is carried out at constant pressure. It is necessary

to express these values under standard conditions. For enthalpy

changes measured under standard conditions, the symbol AH® is used.

Thermodynamic standard conditions are:

® a quoted temperature which is often 298K (25°C);

@ a pressure of 1 atmosphere (100 kPa);

® elements in their most stable states, e.g. carbon as graphite
(rather than diamond);

@ aqueous solutions at a concentration of 1 moldm™.

Enthalpy changes are normally measured in units of kj mol™'.

Reactions

An exothermic reaction is one in which heat energy is transferred
(given out) to the surroundings. The sign of AH for an exothermic
reaction is negative. An enthalpy level diagram for an exothermic
reactions is:

___Reactants
EnthalpyT AH = —ve
" Products

An endothermic reaction is one in which heat energy is absorbed
(taken in) from the surroundings. The sign of AH for an endothermic
reaction is positive.

An enthalpy level diagram for an endothermic reaction is:
__ Products

EnthalpyT AH = +ve

Reactants
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ENTHALPY CHANGES (2)

Thermodynamic definitions
There are several important definitions that you need to know.

Standard enthalpy of formation, AH%, is the enthalpy change when
one mole of a compound is formed, under standard conditions, from
its elements in their standard states.

Example The standard enthalpy of formation of ethene refers to the
reaction: 2C(s, graphite) + 2H2‘g) e C2H4(g,

By definition, the standard enthalpy of formation of all elements in
their standard states, under standard conditions, is zero.

Example For graphite the enthalpy change for the reaction below is
Z€ero: C(s, graphite) —> C(s, graphite)

Standard enthalpy of combustion, AHg, is the enthalpy change when
one mole of a substance is completely burned in oxygen, under
standard conditions.

Example The standard enthalpy of combustion for methane refers to
the reaction: CH4‘g) + 202(g) e COz(g, + szom

Standard enthalpy of neutralisation, AHjey, is the enthalpy change,
under standard conditions, when one mole of water is produced as a
result of the reaction between an acid and an alkali.

Example The standard enthalpy of neutralisation of dilute aqueous
sulphuric acid with dilute aqueous sodium hydroxide refers to the
equation:

%H2804(aq) + NaOqu)H%NazSOMaq) + HzO(U

For the reaction between dilute hydrochloric acid and dilute sodium
hydroxide, however, the relevant equation is:

HCl(aq) + NaOH(aq, —> NaCl(aq) + H20(|)

Because strong acids and strong alkalis are almost completely ionised,
the standard enthalpy of neutralisation is the enthalpy change for the
reaction:
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ENTHALPY CHANGES (3)

H+1aq) + OH?(aq) > HO

The value for this enthalpy change is approximately constant at AHgeyt
= -57.3 k] mol™".

If a weak acid or weak alkali is used (or both are weak), the standard
enthalpy of neutralisation is generally less exothermic. This is because
heat energy is required to ionise a weak acid or base.

Hess’s law

Hess’ law states that 'the enthalpy change accompanying a chemical
reaction is independent of the pathway between the initial and final
states’.

If a reaction is broken down into several intermediate steps, and each
step is assigned an individual enthalpy change, then the sum of the
individual changes must equal the overall enthalpy change, provided
the initial and final states are the same.

By Hess's law
AHeaction = AHy + AH, + AH3

AH,

reaction

Calculating enthalpies

Enthalpies of reaction can be calculated from enthalpy of formation
data.

Example Calculate the standard enthalpy change for the reaction:
CoHyg + Hag —> CoHg(g)

given the following standard enthalpies of formation:

AH%[C,Hegl = -85 kJ mol™! AH? [CoHy(g] = +52 kJ mol™
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ENTHALPY CHANGES (4)

Answer Construct a Hess'’s law cycle:

reactlon

2 4(9) 2(9) 6(0)

2
AH; AH,
[C H4(9)] [C HG(Q)]

2C,

s, graphite) + 3Hz(g)

AHeion = =AM [CH, o] + AH[ [C,H )]

AHaction = = (+52) + (-85)
=-137 kJ mol™’

In general, for any reaction for which the enthalpies of formation
of the products and reactants are known:

AH%eaction = ZAHfof products — ZAH¥ of reactants,
where the symbol £ means ‘the sum of’.

Remember that the enthalpies of formation of all elements are zero
and that the enthalpies of formation must be scaled up accordingly
when more than one mole of a compound appears in the equation.

Enthalpies of formation can be calculated from combustion data.
Example Calculate the standard enthalpy of formation of methane:
C(s, graphite) + 2H2(gj e CH4(g)

given the following standard enthalpies of combustion:

Substance AHZ / k] mol™!

Carbongs, graphite) —394
Hydrogen —386
Methane 891
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ENTHALPY CHANGES (5)

Answer Construct a Hess's law cycle:

AH;[CH,]

Ces, graphite) * Hiw

AHZIC,, g,ﬂF),1QN202((_,) Z%H [CH, ]
2 X AHS[H,, ]

2()
O, +2H,0,

From the cycle it follows that:
AHF [CHagl = AHZ [Cis, graphite)] + 2 X AHZ [Hag)l — AHZ [CHyg)
AHf [CHyg) = (1 X -394) + (2 x -286) — (-891)
= -75k] mol™!
Enthalpies of reaction can also be calculated from combustion data.

Example Calculate the standard enthalpy change for the oxidation of
ethanol (C,Hs0H) to ethanal (CH3CHO), given the following standard
enthalpies of combustion:

AHg [CH50H()] = ~1371kJ mol™

AHg [CH3CHOg] = ~1167kJ mol™

The balanced equation for the reaction is:
CHs50H() + +03 —> CH3CHO + H,0q)

Answer Construct a Hess's law cycle:

AH;,

reaction

1
C,HOH, + %0, CH,CHO,, + H,0,,

° 5 o
AHZICHOHY \+ %05 + 5,0, / AHIICH,CHO )

2C0,, + 3H,0,,

2(0)
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ENTHALPY CHANGES (6)

From the cycle it follows that:

AHfeaction = AHZ [CoH50H()] = AHZ [CH3CHOg)]
= (-1371) - (-1167)
= -204kJmol!

Enthalpy changes of atomisation

The standard enthalpy change of atomisation of an element, AHg;,
is the enthalpy change when one mole of gaseous atoms is produced
from the element in its standard state, under standard conditions.

EX(AWIPIES Na(S) —> Na(g)
5 Clyg—> Clyg

In the case of solids, the enthalpy of atomisation includes the
enthalpies of fusion and vaporisation; in the case of liquids, it
includes the enthalpy of vaporisation.

The standard enthalpy change of atomisation of a compound,
AH$y, is the enthalpy change when one mole of a compound is
converted into gaseous atoms, under standard conditions.

Example CO2(g) —> C‘g) + 20@)

Compare this definition with that for the standard enthalpy of
atomisation of an element.

Alternatively, chemists use the expression standard enthalpy change
of dissociation, which is the enthalpy change when one mole of a
gaseous substance is broken up into free gaseous atoms, under
standard conditions. This idea is used in the next section.

Average bond enthalpies

The energy required to break a particular bond depends on the
nature of the two bonded atoms and the environment of the atoms.
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ENTHALPY CHANGES (7)

Example In methane (CH,4) the four covalent carbon-hydrogen bonds
are of different strength:

AH®?/k] mol™!
CHyq —> CH3g + Hg  +423
CH3ig —> CHyg + Hg  +480
CHyq —> CHy + Hg  +425
CHg —> Cg + Hy +335

The values +423, +480, +425 and +335kJmol™" are referred to as
the first, second, third and fourth bond dissociation enthalpies of
methane, respectively. The bond dissociation enthalpy is the
enthalpy required to break one mole of specific bonds in a

specific molecule.

To calculate the average bond enthalpy of the (C-H) bond in
methane, E (C-H), the average of the four bond dissociation
enthalpies is calculated:

+423 + 480 + 425 + 335 _ 1663
4 T4

This is the enthalpy change for the reaction +CHyg —> +Cg + Hig.

(C-H) = = +416kmol™!

Because average bond enthalpies refer to the endothermic process of
bond breaking, they always have a positive sign.

In a diatomic molecule, e.g. chlorine (Cl,), the bond dissociation
enthalpy and the average bond enthalpy will have the same value. This
is because both enthalpy changes refer to the process Clyg —> 2Clg.

Because average bond enthalpies are average values calculated, for a
particular bond, from a large number of compounds, they can only be
used to determine approximate enthalpy changes of reaction.
Average bond enthalpies are useful when estimating the values of
enthalpy changes that cannot be determined directly. When calculating
the enthalpy change of a reaction using average bond enthalpy values,
it is important to remember:
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ENTHALPY CHANGES (8)

@ to use structural formulae of substances, if necessary, to work out
which bonds have been broken and which have been made during
a reaction;

breaking bonds requires energy (endothermic process);

making bonds releases energy (exothermic process);

to calculate the overall enthalpy change, add the values for

bond breaking (positive in sign) to those for bond making
(negative in sign).

Example Use the average bond enthalpy data below:

E (C-C) = +348kJ mol™ E (C=C) = +612kJmol™!
E (CI-Cl) = +242kJmol™ E (C-Cl) = +338kJmol™

to estimate the enthalpy change for the addition reaction between
ethane and chlorine:

CyHy + Cl; —> CoH4Cly

Answer Use structural formulae to write the equation:

H H H H
N/ [
C=C + CI—Cl —> H—C—C—H
/- N\
H H cl ¢l
Bonds broken Bonds made
E(C=C) = +612Kkfmol”! —-E (C-0) = —348 kJ mol™
E(C-Cl) = 4+242Kmol”’ 2x-E(C-Cl) = -676kmol’!
Total = +854kJmol”!  Total = —1024 k) mol™

Add the values for bond breaking and bond making
AHaction = +854 + (-1024) = —170k) mol™
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Draw an enthalpy level diagram for:

(a) the exothermic reaction 2Hyg) + Oy —> 2HO);
AH = -572kJmol™". (1)

(b) the endothermic reaction 2HClg —> Hy(g + Clyg
AH = +184kmol™". (1)

State Hess’s law. (2)

(a) Define ‘standard enthalpy formation’, AH%. (3)
(b) Calculate the standard enthalpy change for the reaction:
NH3(g, + HCl(g, —> NH4C1(S)
given the following standard enthalpies of formation
(in kJ mol™"): AH? [NH3g] = —46
AH? [HClg] = -92
AH? [NH4Clg)] = -314 (2)

(a) Define ‘standard enthalpy of combustion’, AHZ. (3)
(b) Calculate the standard enthalpy of formation of pentane,
CsHyyq), given the following standard enthalpies of

combustion (in k] mol™): (3)
Substance AHZ/K] mol™!
Cts, graphite) -395
Ha(g) —286
CsHiaq) -3520

Calculate the standard enthalpy change for the oxidation of
methanol to methanal:
CHgOH([) + %OZ(g) —> HCHO(g) + HQO“,

(methanol) (methanal)
given the following standard enthalpies of combustion:
AH? [CH30H )] = =725 k] mol™

AH% [HCHOg] = -561 kjmol™" (2)

The answers are on page 115.
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6 Use the following information to calculate the average bond
enthalpy of the N-H bond in ammonia, NH3g):
AH% [NH3g] = —46.2 k] mol™
AHS; [Nag] = +473 kJ mol™
AHS; [Hagl = +218kmol™ (3)
7 Use the average bond enthalpy data below
E (C=C) = +835kJ mol™
C=Q) = +610k]mol‘
C-C) = +346k]mol™
C-H) = +413kJmol™
H-H) = +436k/ mol!
to estimate the standard enthalpy change for the reaction
(in kfmol™):

2Hjg + HC=CH(g —> CH3CHj3(g) (3)

| 1| 1| | e

(
(
(
(

The answers are on page 117.
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REACT‘ION RATES (1)

The factors that control the rate of a chemical reaction are:

concentration of a solution;

pressure of gaseous reactants;
temperature;

surface area of solids;

light energy, for photochemical reactions;
catalysis.

Changes in the rate of a reaction can be explained by the collision
theory. The three main assumptions of this are:

reactant particles must collide if they are to react and form
products;

a collision is only successful if a minimum energy barrier, called the
activation energy, is exceeded;

a collision will not be successful unless the colliding particles are
correctly orientated to one another.

Example CO(g + NOyg —> COyg + NO(

The correct
orientation is:

The incorrect

orientation is: — — @8 ., .

Q
00— «—0O— +
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REACT‘ION RATES (2)

The graph shows the
energy profile for an activation
exothermic reaction. energy

energy

reactants

products

reaction path

The activation energy is the minimum kinetic energy that the reactant
particles must posses before they can collide to form products, i.e.
collide ‘successfully’.

Reactions with a large activation energy have a slow rate of reaction.

Concentration and pressure

An increase in the concentration of a reactant (or reactants) in

solution, or an increase in the pressure on a gas-phase reaction,

increases the rate of reaction. In terms of the collision theory:

® there are more reacting particles per unit volume, as the
concentration increases;

® there is an increase in the frequency of collisions;

® the chance of a collision with energy greater than the activation
energy also increases, as a consequence of the first two points.

Temperature

An increase in temperature increases the rate of a chemical

reaction, because:

® the reacting particles move faster and so possess greater average
kinetic energy;

therefore
® the particles collide more frequently;

but, more importantly,
® there is a greater fraction of collisions between particles with
energy greater than the activation energy for the reaction.
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REACTION RATES (3)

Typically, for a 10 K rise in temperature, the rate of a chemical reaction
doubles.

It can be shown that the number of particles that possess energy
greater that the activation energy for a chemical reaction
approximately doubles for a 10 K rise in temperature.

A study of the Maxwell-Boltzmann distribution of molecular energies
at temperatures T Kelvins and at (T + 10) K illustrates this.

172
(o]
=i number of particles with energy
8y |:| > E,at TK
g <

2 number of particles with energy
w— C
82 >EatT+10)K
O =
g=
= 2
3
(=

Ex
kinetic energy E

The area under the curve represents the total number of particles in
the sample, and is constant.

The area under the curve beyond E, (the activation energy) represents
the number of particles that possess energy greater than the
activation energy.

Surface area

As the state of subdivision of a solid increases, the surface area of
the solid available to react becomes greater. Because reactions take
place at the surface of a solid, the rate of reaction increases. This
explains why solid chemicals are often supplied in powder form rather
than in large lumps.

Examples

The rate of reaction between dilute hydrochloric acid and marble is
increased when smaller pieces of marble are used.
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CaC03(S, + 2HCl(aq) —> CaClz(aq) + HzO(l} + COz(g,

(7 —==13,U

the marble now has a
greater area with which the
acid particles can collide
and the reaction is faster

the acid reacts
when its particles
collide with the
surface of the
marble

Explosions can occur in coal mines when coal dust, with a very large
surface area, reacts with oxygen in the air without heating. Lumps of
coal, with a smaller surface area than coal dust, do not react with
oxygen unless heat energy is supplied.

Cis) + Oz —> COxq)

Similarly, in a mill, flour dust can explode in the presence of air.

Light

Many reactions are initiated by light. These are called
photochemical reactions.

Examples

The reaction between hydrogen and chlorine.

Hyg + Clyg —> 2HClg)

The reaction occurs very slowly in the dark but it is explosive in sunlight.
Another example is photosynthesis.

6COyg + 6H0f —> CeH120paq + 602
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Light is a form of energy and can be used to initiate the breaking of
bonds in reactant molecules.

Chemicals, such as hydrogen peroxide solution, are often stored in
brown bottles in order to keep out light. This helps to slow down the
decomposition.

2H202[aq) e 2H20(1) + Og(g)

Catalysts

Catalysts increase the rate of a reaction, but remain chemically
unchanged at the end of the reaction. Catalysts provide an alternative
reaction route of lower activation energy.

The Maxwell-Boltzmann distribution of molecular energies can be
used to explain how a catalyst works at constant temperature.

At any particular temperature, more molecules will possess sufficient
energy to overcome the activation energy for the catalysed reaction
compared with the uncatalysed reaction. The distribution of molecular
energies of the gas molecules does not change at constant
temperature.

number of molecules
with energy E

Ex E,
for for
catalysed uncatalysed
reaction reaction

kinetic energy E

Thus the reaction proceeds faster when catalysed.
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Example lodide / peroxodisulphate (VI) reaction
Uncatalysed: SzOg (aq) T il (aq) —> 2804 aq) T I2(aq)

The reaction is catalysed by Fe?*
Szngi(aq) + 2Fez+(aq, —_—> 250427(351) + 2Feg+(aq)

Then: 2F* o) + 20 g — 2Fe ag) + Daag)

regenerated

Reaction profiles

EA
uncatalysed

energy

IE,; catalysed ’

AH reaction (unchanged)
reactants

products

reaction path

There are two types of catalysis: homogeneous and heterogeneous.
A homogeneous catalyst is in the same phase as the reactants.

Example The addition of a few drops of concentrated sulphuric acid
catalyses the reaction between an alcohol and a carboxylic acid to
form an ester

CH;3CO,H() + C;HsOHjy == CH3CO,C,Hs(, + H,Oy,
A heterogeneous catalyst is not in the same phase as the reactants.

Example Solid manganese (IV) oxide (MnO,) increases the rate of
decomposition of hydrogen peroxide, which is a liquid

2H2021aq) H 2H20(1) + oZ(g)
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Another example is the use of catalytic metals (platinum and
rhodium) in the catalytic converter of a motor car. These solid metals
catalyse the reaction between the pollutant gases carbon monoxide
and nitrogen monoxide.

2NO(g + 2COg — Nyg + 2COyg

Cars with catalytic converters use lead-free petrol in order to prevent a
lead coating forming on the surface of the catalyst.

Measuring the rate of a reaction

Reactions in which a gaseous product is formed are suitable to
investigate in rate of reaction experiments.

Examples
acid + a carbonate —> a salt + water + carbon dioxide
acid + a metal —> a salt + hydrogen

The volume of gas evolved is measured at regular intervals and a graph
of volume of gas given off versus time is plotted.

Example
Hydrochloric acid+ magnesium —> magnesium chloride+ hydrogen
2HCl(aq) + Mgy —> MgClyag) + Ha(g)
A suitable apparatus is shown below.
i EEEREEE
L

gas syringe

conical flask

small test tube
containing
magnesium

ribbon dilute hydrochloric acid
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The magnesium is placed in a small test tube instead of dropping it
directly into the acid and allowing gas to escape before the bung is
secured in the flask. On shaking the flask, the acid is allowed to come
into contact with the magnesium ribbon and the reaction commences,
releasing hydrogen gas. The volume of gas produced is recorded at
regular time intervals. A typical plot of the volume of hydrogen gas
versus time is shown.

(o2}
o

W
o

volume of hydrogen/cm?®

time/min

® The highest acid concentration (H* ,q) / largest surface area of
magnesium produces the steepest slope and fastest rate.

® As the concentration of acid / surface area of magnesium reduces,
the slope of the graph lessens and the rate becomes slower.

® When the concentration of the acid is zero / the magnesium is
all used up, the slope of the graph is zero and the reaction
has finished.
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List four factors that may control the rate of a chemical
reaction. (4)

State the three major assumptions of collision theory. (3)
Define the term ‘activation energy’. (2)

Use collision theory to explain why increasing the concentration
of a reactant can increase the rate of a reaction. (3)

Use the Maxwell-Boltzmann graph of molecular energies to
explain why increasing temperature increases the rate of a
reaction. (4)

Define the term ‘catalyst’. (2)

Explain briefly how the presence of a catalyst increases the
rate of a reaction. (2)

The answers are on page 118.
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CHEMICAL EauiLIBRIA (1)

Reversible reactions

Some chemical reactions are irreversible and proceed 100% to
completion.

Example Between sodium metal and water
2Na(s} + 2H20(1) > 2NaOH(aq, + HZ(g)

In such a reaction, a single arrow is drawn between the reactants
(on the left-hand side) and the products (on the right-hand side).

Frying an egg is another familiar example of a ‘one-way’ chemical
reaction. As the egg is cooked, chemical changes, involving the
denaturation of proteins, occur. These processes cannot be reversed.

Other processes, including both chemical reactions and physical
changes, can be reversed.

Examples heat

—
CUSO4 . 5H20‘5, ad(mter CUSO4(5) + 5H20(]]
hydrated anhydrous
copper (Il) sulphate copper (Il) sulphate
blue white

heat

pa—
COC[Z . 6H2O(S) add water COC]2(S) + 6H20([)
hydrated cobalt (II) anhydrous
chloride cobalt (II) chloride
pink blue

The two reactions above are used to test, chemically, for the presence
of water.

Water turning into steam is a well-known reversible physical change.
heat
H,Oq - HyO)

cool
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CHEMICAL EQUILIBRIA (2)

Reversible reactions are therefore defined as reactions that can be
made to proceed in one direction or the other by changing the
conditions.

Chemical equilibrium

For the reversible reaction A + B %; C + D, if neither the forward nor
the backward reaction is complete, after a period of time the reaction
apparently ceases and a state of equilibrium is attained. All four
species (A, B, C and D) are present in the mixture and the symbol
[ppe— o .

<— ' is used to denote equilibrium.

A+Bs=C+D

Chemical equilibria are, in fact, dynamic equilibria rather than
static equilibria.

In the equilibrium shown
opposite, the see-saw is
not moving and a balance
point has been achieved. & A

Chemical equilibrium is not like the person running up
see-saw above, but can be compared

with the situation where a person is

running up an escalator at the same

rate as the escalator is descending.

To the observer, the person stays in \

the same place on the escalator when

dynamic equilibrium is attained.

In a chemical context, therefore, the escalator moving
down

system A + B==C + D reaches a

dynamic equilibrium when the rate of
the forward reaction equals the rate
of the backward reaction. At equilibrium,

the concentrations of A, B, C and D remain constant.
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CHEMICAL EQUILIBRIA (3)

Two further features of dynamic equilibria are:

® equilibrium can be achieved from either direction, provided that
the temperature is the same, e.g. in the above system, an identical
equilibrium is reached if starting with either A and B or C and D;

@ equilibrium can only be attained in a closed system, i.e. none of
the substances in the equilibrium should escape or other matter be
able to enter the system.

The iodine monochloride/iodine
trichloride system is an example of a
chemical equilibrium. When chlorine is
passed over iodine crystals, in a U-tube,
a brown liquid is formed. This is iodine
monochloride, ICl,.

The equation is: Iy + Clyg — 2ICly).

Cl,in —»

On addition of a little more chlorine gas, a yellow solid appears.
This solid is iodine trichloride, ICl3). When the U-tube is stoppered,
it contains a mixture of IClj), Clyg and ICl3). Eventually, the number
of moles of each component remains constant and a state of
equilibrium attained.

ICI(]) + Clyg) < lClg(S)

brown liquid green gas yellow solid

Two graphs can be drawn

to show what happensin | £

the U-tube as equilibrium S

. . c

is achieved. S cl
£
] Cl,
2 o]
kS 3
8 equilibrium attained after
g time t

t time
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CHEMICAL EQUILIBRIA (4)

Alternatively, the rates of the
forward reaction and the forward
backward reaction can be reaction
plotted against time.

rate

equilibrium attained after
time t. Rates of forward
backward | and backward reactions
reaction are equal

t  time

Furthermore, it can be observed that:

® when more chlorine is passed into
the U-tube, more yellow solid forms
and the brown liquid disappears;

Cl, in —»

® when the U-tube is inverted, dense chlorine
gas is removed from the system and more
brown liquid reappears whilst the yellow
solid is used up.

Cl, out

The chromate (VI) / dichromate (VI) system is another example of a
chemical equilibrium. A few cm? of aqueous potassium chromate (VI)
solution (containing yellow CrO4%~ ions) are placed in a beaker. On
addition of several drops of colourless dilute sulphuric acid, the yellow
solution turns orange. The following equilibrium has been set up.

2Cr04% (aq) + 2H" (ag) = (O uy+ HOy

yellow colourless orange colourless
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CHEMICAL EQUILIBRIA (5)

The orange colour is due to the presence of dichromate (VI) ions,
Cr,07%~. On addition of dilute sodium hydroxide solution, however,
acidic H" 44 ions are removed by reaction with hydroxide ions.

H" (ag) + OH (ag) —> H2Oy)

The position of equilibrium shifts to the left-hand side and the yellow
colour is restored. Addition of more dilute sulphuric acid increases the
concentration of H q) ions, thereby shifting the position of equilibrium
to the right-hand side and restoring the orange colour to the solution.

Factors affecting chemical equilibrium

Although it is not an explanation, Le Chatelier’s principle is used to
predict the effect of changes in conditions on the position of
equilibrium. One statement of Le Chatelier’s principle is: 'If a system
in equilibrium is subjected to a change which disturbs the equilibrium,
the system responds in such a way as to counteract the effect of the
change’. The factors that may change the position of an equilibrium
are concentration, temperature and pressure.

Concentration

The effect of concentration changes were observable in the two
systems described above. For the system A + B==—C + D, an
increase in the concentration of A and/or B will shift the position of
equilibrium to the right-hand side. For example, on increasing the
concentration of A, some of the added A reacts with substance B to
produce more C and D until equilibrium is re-established. Similarly, if
the concentration of C and/or D is increased, the position of
equilibrium is shifted to the left-hand side. Removal of a component,
e.g. substance A, will cause the system to respond in such a way as to
oppose the change, i.e. the decrease in the concentration of A.
Therefore, the equilibrium position shifts to the left-hand side.

Temperature

If the temperature is increased (by adding heat energy), the position of
equilibrium shifts to the endothermic direction. The system has
responded in such a way as to remove the added heat energy. If the
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CHEMICAL EQUILIBRIA (6)

temperature is lowered, the position of equilibrium moves to the
exothermic direction.

Example The Haber process used to manufacture ammonia

N2[g) + 3H2(g)# 2NH3(g) AH = —-46 k] 1'1'1017l

Lowering the temperature shifts the position of equilibrium to the
right, so increasing the yield of ammonia, NHs.

Pressure

Changes in pressure only affect equilibria that involve gases and where
there are different numbers of moles of gas molecules on the left- and
right-hand side of the equilibrium. An increase in pressure shifts the
position of equilibrium to the side with fewer moles of gas molecules.

Example A(g; + 3B(g] : ZC(g,
left-hand side right-hand side
4 moles of gas molecules == 2 moles of gas molecules

Increasing the pressure shifts the position of the above equilibrium to
the right. The system has responded to counteract the effect of the
change (an increase in pressure). From kinetic theory, two moles of gas
molecules exert less pressure on the walls of a vessel than four moles.
As predicted, the position of equilibrium has altered in such a way as
to reduce the total pressure.

Catalysts

A catalyst has no effect on the position of equilibrium. A catalyst increases
the rate at which equilibrium is attained. As discussed in the Reaction Rates
chapter, a catalyst provides an alternative route of lower activation energy.
Because the rates of both the forward and backward reactions are
increased, there is no change in the position of equilibrium. In industry, the
presence of a catalyst allows a process to be carried out at a lower
temperature (thereby reducing heat energy costs) whilst maintaining a
viable rate of reaction.
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1 Explain what is meant by the term ‘dynamic equilibrium’ as
applied to the system A + B== C + D. (3)

2 List three factors that, when changed, may alter the position
of a chemical equilibrium. (3)

3 Why does a catalyst increase the rate of a chemical reaction,
yet have no effect on the position of equilibrium? (4)

4 State Le Chatelier’s principle. (3)

5 Explain the effect (if any) of increasing the total pressure in
the following equilibrium systems:

(@) 2SO0 + Oag == 2S03( (2)
(b) Hyg + lag = 2HIg (2)

6 Explain the effect (if any) of decreasing the temperature on
the following equilibria:

(a) 2H2(g] + CO(g] # CHgOH@) AH = -92 k] 1'11017l (2)
(b) AgClOyg==Agi) + +Clyg + Oag AH = 0kJmol™ (2)

7 Predict the effect of adding dilute aqueous sodium hydroxide
solution to each of the following equilibria:

(a) Brz(aq) + HZO([)F2H+(BQ) + Br’(aq, + OBI‘i(aq] (2)
(b) CHgCOOH([) + CszOH“)# CHgCOOCQHs(]) + HzO(l)
ethanoic acid ethanol ethyl ethanoate (2)

The answers are on page 119. 81




ORGANIC CHEMISTRY (1)

The compounds of carbon are studied separately in organic chemistry.
There are well over 2 million such compounds, because of the ability of
carbon to form covalently bonded chains of carbon atoms. However, the
study of organic chemistry does not include the chemistry of oxides of
carbon or metal carbonates, e.g. calcium carbonate.

Compounds of carbon are grouped into a small number of ‘families’,
called homologous series of compounds. In a homologous series,
compounds have the same general formula and successive members
of the series differ by a — CH, — group. The chemical properties of
a homologous series are similar as each member contains the same
functional group. However, there is a gradation (gradual change) in
physical properties in an any particular series.

Alkanes

The alkanes make up a homologous series of hydrocarbons with the
general formula C,Hy,.+> (1 is the number of carbon atoms). Alkanes
exhibit a type of structural isomerism called chain isomerism, where
the arrangement of the carbon atoms in the molecules is different.

Example
H H H H H H H H H H H
L L L
H—C—C—C—C—C—C—H and H—C—C—C—C—C—H
A I [
H H H H H H H H H H
hexane
H—C—H
I
H
2-methylpentane
Naming

Example The isomer 2-methylpentane

® The longest chain consists of 5 C atoms, so ‘pentane’.

® A methyl group (-CH3) is on the second C atom, so 2-
methylpentane.

A hyphen is always put between a number and a letter.
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Reactions

Alkanes burn in a plentiful supply (excess) of air or oxygen to form
carbon dioxide and water. Because such combustion reactions are
exothermic, alkanes are very useful as fuels.

Example Methane undergoes complete combustion
CHyg) + 203 —> COyg + 2H,0y)

Alkanes react with halogens, such as chlorine and bromine, to form
halogenoalkanes.

Example Chlorination of methane

CH4 + Cl; —> CHsCl + HCI
chloromethane

Conditions Ultraviolet (u.v.) light must be present

Chlorine molecules (Cly) absorb the u.v. light and the (CI-Cl) covalent
bonds break to form two chlorine atoms:

Cl, — Cl- + I

This is a free radical substitution reaction. Because chlorine atoms
have 7 outer shell electrons, each will possess an unpaired electron.
So 2 chlorine radicals are produced. A radical is a species that has a
single unpaired electron.

When a covalent bond breaks to produce radicals, i.e. one electron of
the bond pair goes to each atom, homolytic fission has occurred.
These highly reactive chlorine radicals attack the methane molecules.

Referring to the equation above, because a hydrogen atom has been
replaced by a chlorine atom, a substitution reaction has taken place.
A substitution reaction is when one atom (or group of atoms) in a
molecule is replaced by another atom (or group of atoms).

The mechanism for the chlorination of methane is described in three
stages:

Initiation: Cl, —> Cl- + CI-
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Propagation: CH,; + Cl-

CH3' + C12
Termination: Cl- + CI-

CH3- + ClI-

CHg' + CH;'
Alkenes

—
—

CH;- + HCl
CHsCl + CI-
cl,

CHsCl

CoHe

The alkenes make up a homologous series of hydrocarbons with
the general formula C,Hj,. Alkenes show two types of structural
isomerism, position isomerism and chain isomerism. Geometrical
isomerism also exists because of the lack of free rotation about the

C=C double bond.

Example

In the first isomer, identical groups are on
the same side of the molecule; in the
second, the groups are on opposite sides of
the molecule. They take the names cis and
trans, respectively. In general, geometrical

isomerism occurs for:

X Z whenW = XandY = Z

H,C CH,
N\
C—C cis-but-2-ene
/ \
H
H,C H
\ /
C=C trans-but-2-ene
/
H CH,

Geometrical isomerism is a type of stereoisomerism: the compounds
have the same molecular and structural formulae but the arrangement
of their atoms in space is different.

Reactions

Alkenes are more reactive than alkanes because of the presence of the
pi () bond (discussed on page 28). The 7 electrons in the C=C
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double bond represent the reactive site of the alkene. Because a
bond is weaker than a sigma (6) bond, the © bond breaks to allow
addition reactions. In an addition reaction, two molecules react
together to form a single product.

Examples

Halogens: alkenes add bromine
(or chlorine)

Conditions Bromine in an inert solvent
at room temperature and pressure
(r.t.p)

Br Br
1, 2-dibromoethane

Because the product is colourless, the decolorisation of a reddy-brown
solution of bromine is used to test for the c¢=c group.

Hydrogen halides: alkenes add hydrogen halides across the double
bond to form halogenoalkanes.

H H

gas at r.t.p.

I—O—>T

H

=é + HCl —> H_é_(l:_H Conditions Add hydrogen chloride
I
H

H Cl
chloroethane

With unsymmetrical alkenes, Markownikoff’s rule is applied. On
addition of H-X, the hydrogen atom adds to the carbon atom which
already has the more hydrogen atoms directly bonded to it. Applying
the rule results in 2-bromopropane as the major product below.

H H H H

H H
[ I
—c=c—c|:—H +HBr —> H—C—C—C—H | Conditions Add hydrogen
H

[ i
AR bromide gas at r.t.p.

2-bromopropane
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The reactions of halogens and hydrogen halides with alkenes are
electrophilic addition reactions. This means that the initial attack on
the organic molecule is by an electron-deficient species that accepts

a lone pair of electrons to form a covalent bond. This
species is called an electrophile. In the case of the c=c
reaction with hydrogen bromide, the mechanism for the
reaction is as shown.

The &* hydrogen atom seeks out the electron density in
the double bond. The curly arrow \El represents the \L
movement of a pair of electrons. N

The H-Br bond breaks, with both electrons in the 7
bonding pair going to the Br atom. This is an example Br
of electrophilic fission of a bond, forming H* and Br".

The H" is added to the alkene and a carbocation \L
intermediate is produced.

In the final step, a pair of electrons is donated by the
Br~ ion to form the product molecule.

Hydrogen (reduction): alkenes, which are unsaturated compounds,
add hydrogen to become saturated compounds:

H H
A . Conditions Add hydrogen gas at high

\ /
/C=C\ +H,—> H—C—C—H | temperature and pressure, in the

H H J' J' presence of a nickel catalyst

This reaction is used in the food industry during the manufacture of
margarine.

Halogeno-compounds

Halogenoalkanes are compounds in which a halogen atom is bonded
to a saturated carbon atom.

Reactions

Halogenoalkanes react with aqueous sodium (or potassium)
hydroxide: a substitution reaction occurs, producing an alcohol.
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Example
CH3CH2CH2CH2BI' + OH —> CH3CH2CH2CH20H + Br-
1-bromobutane butan-1-ol

Conditions Heat under reflux with aqueous sodium hydroxide solution

Because the carbon-halogen bond is polar the OH™
attacks the 8 carbon atom and so the reaction is classified —/C‘“—X"’
as a nucleophilic substitution. Reactions in which an -OH
group replaces a halogen atom are also called hydrolysis reactions.

The mechanism of nucleophilic substitution in primary
halogenoalkanes proceeds as follows, using 1-bromobutane as
an example:

H.C CH, H | CH
7< slow 7/ VAR
H—/cﬁ*— Br —> | HO-~-C*Br | —> HO—C\—H
N_.oH- I
H :OH M . H
transition state Br~

Because there are two species in the slow step, the mechanism type is
abbreviated to Sy2.

A transition state is a highly unstable species in which some bonds are
partially broken and others are partially made.

A nucleophile is a species that attacks electron-deficient sites and
donates a lone pair of electrons to form a covalent bond.
Halogenoalkanes get more reactive as the C-X bond gets longer and
therefore weaker. lodoalkanes therefore react fastest and
fluoroalkanes slowest.

With ethanolic potassium hydroxide, an elimination reaction occurs,
producing an alkene.
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Example
CH3CH,CH,CH,Br + KOH —> CH3CH,CH = CH, + KBr +H,O
1-bromobutane but-1-ene

Conditions Heat under reflux with a concentrated solution of potassium
hydroxide in ethanol

An elimination reaction involves the removal of atoms from an organic
molecule to form simple molecules, such as HBr, HCl and H,O. The

removal usually results in the formation of a multiple bond, such as
\ /

/N
With potassium cyanide, a nucleophilic substitution reaction
occurs. This increases the length of the carbon chain by one unit.
Example
CH3CH,CH,CH,Br + KCN —> CH3CH,CH,CH,CN + KBr
I-bromobutane pentanenitrile

Conditions Heat under reflux with a solution of potassium cyanide in
ethanol

The nucleophile is the cyanide ion, CN™

With ammonia, a nucleophilic substitution reaction occurs.

Example
CH;CHchQCHzBr + 2NH3 — CH;CHchchzNHZ + NH4BF
1-bromobutane butylamine

Conditions Heat with an excess of a concentrated solution of ammonia
in ethanol under pressure in a sealed tube
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Testing for halides

Once the halogen atom has left the halogenoalkane as the halide ion,
X7, silver nitrate solution can be used to identify the halide as in
inorganic chemistry. The three essential steps are:

® warm the halogenoalkane with aqueous sodium hydroxide solution,
e.g. R- X+ OH —> R-OH + X;;

@ add sufficient dilute nitric acid to neutralise any excess hydroxide
ions;

@® add aqueous silver nitrate solution.

Observations A white precipitate (soluble in dilute ammonia) indicates a
chloroalkane. A cream precipitate (insoluble in dilute ammonia but
soluble in concentrated ammonia) indicates a bromoalkane. A yellow
precipitate (insoluble in both dilute and concentrated ammonia)
indicates an iodoalkane.

Alcohols

Alcohols are compounds in which a hydroxyl (-OH) group is bonded
to a saturated carbon atom.

Naming

The name of an alcohol is derived from the parent alkane; the letter ‘e’
is removed and replaced by ‘ol’. Where necessary, a number is added
before the ‘ol’ to show the position of the hydroxyl group.

Examples

CH30OH methanol
CH3CH,CH,0H propan-1-ol
(CH3)3COH 2-methylpropan-2-ol

Alcohols containing two —OH groups are called diols and three -OH
groups triols.
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Examples
H H
H—C—C—H ethane-1,2-diol
H
OH OH |
—C—OH
Alcohols in which the —OH group is attached to a |
carbon atom bonded to one or no alkyl groups is called A
a primary alcohol. H
If the —OH group is attached to a carbon atom with two R_(l:_OH
other carbon atoms directly bonded to it, the alcohol is |
a secondary alcohol (R = alkyl group, e.g. —-CH3). R’
If three alkyl groups are attached to the carbon atom R
bonded to the —~OH group, the alcohol is a tertiary o
alcohol. R_?_OH
‘ i
Reactions

Primary and secondary alcohols undergo oxidation when reacted
with a mixture of acidified potassium dichromate (VI) and dilute
sulphuric acid. Primary alcohols are oxidised in the sequence

primary alcohol —> aldehyde — carboxylic acid.

To obtain the aldehyde, further oxidation is prevented by distilling off
the aldehyde as it is produced.

Example H H H
//O
H—C—C—OH +[0] —> H—C—C_ +H,0
| \,
H H H
ethanol ethanal

Reagents Potassium dichromate (VI) and dilute sulphuric acid
Conditions Distil off aldehyde as formed

The final oxidation product of a primary alcohol is a carboxylic acid.
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Example

H H H

| 4
H—C—C—H +2[0] HH—C—C\ +H,0
|

H OH H  OH
ethanol ethanoic acid

Aldehydes, therefore, can also be oxidised to carboxylic acids.

Example
H H
0] 0]
Vi |7
H—C—C +[0] —> H—C—C,
[\ \
H H H OH
ethanal ethanoic acid

For both these reactions:
Reagents K,Cr,O7/dilute H,SO4
Conditions Heat under reflux

During these reactions, orange solutions of potassium dichromate
(VI) are reduced to green solutions of chromium (IIl) ions. Secondary
alcohols are oxidised to ketones when heated under reflux with the
same reagents.

Example

H H H H O H
[ L
—C—C—C—H +[0] —> H—C—C—C—H +H,0
[
H

OH H H H

propan-2-ol propanone
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Tertiary alcohols are resistant to oxidation under these conditions.

Alcohols form alkenes in an elimination reaction when reacted with
dehydrating agents.

Example
CH3CH,OH —> H,C=CH, + H,0
ethanol ethene

Suitable reagents and conditions Excess concentrated sulphuric acid (or
concentrated phosphoric (V) acid) at 170°C or passing vapour of the
alcohol over a heated catalyst of aluminium oxide

Alcohols undergo nucleophilic substitution at the §* \
carbon atom when reacted with halogenating agents. W COt—OH"

Example Chlorination

CH3;CH,OH + PCls —> CH3CH,Cl  + POCl; + HCl
ethanol chloroethane

Reagent: Phosphorus pentachloride, PCls

Conditions: At r.t.p.

This reaction is used to test for the —OH group because steamy fumes
of the acidic gas hydrogen chloride are observed.

Example Bromination

CH3CH,CH,OH + HBr —> CH3CH,CH,Br 4+ H,0
propan-1-ol 1-bromopropane
Reagents NaBr/concentrated H,SO,

Conditions Heat

Hydrogen bromide is prepared ‘in situ’ by heating sodium bromide and
concentrated sulphuric acid:

NaBr + H,SO4 —> NaHSO,4 + HBr

92




ORGANIC CHEMISTRY (12)

Example lodination

3C,HsOH + Pl; —> 3C,Hsl + H;3PO;

ethanol iodoethane

Reagents Addition of an alcohol to red phosphorus and iodine
Conditions Heat under reflux

The phosphorus triiodide is formed 'in situ’ by the reaction:
2P + 31, —> 2PI;.
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Define the term ‘homologous series’.

Explam what is meant by:
(a) structural isomers (2)
(b) geometrical isomers (2)

Draw out and name all isomers of the compound CsHj,. (3)

Define the following:

(a) electrophile (1) (d) homolytic fission (1)
(b) nucleophile (1) (e) heterolytic fission (1)
(c) free radical (1)

Give the equation for the reaction between butane and one mole
of chlorine gas. What are the conditions for the reaction? (2)

Give the equation for the reaction between propene and
bromine. What are the conditions for the reaction? (2)

Give the equation for the reaction between 2-bromo-3-
methylbutane and dilute aqueous potassium hydroxide. What are
the conditions for the reaction? (3)

When 2-bromo-3-methylbutane is reacted with hot ethanolic
potassium hydroxide, a mixture of two isomeric alkenes is
formed. Give the structural formulae of the two alkenes. (2)

Classify the type of reaction occurring in:

(a) Question 5 (2) (c¢) Question 7 (2)

(b) Question 6 (2) (d) Question 8 (1)

Draw out the four structural isomers of the compound C4H;qO
that are alcohols. (4)

Identify the alcohols, in your answers to Question 10, that would
undergo oxidation when heated under reflux with a solution of
potassium dichromate (VI) in dilute sulphuric acid. Give the
structural formula of the final organic product of the reaction in
each case. (6)

The answers are on page 119.




INDUSTRIAL CHEMISTRY (1)

Applied organic chemistry

Chemicals from crude oil (petroleum)

Crude oil is formed by the long-term effects of heat and pressure on
marine deposits. It is a complex mixture consisting mainly of alkane

hydrocarbons.

The first step in the treatment of crude oil at a refinery is fractional
distillation. The mixture is separated into various groupings of
compounds, called fractions, by making use of the different boiling
points of the components of the mixture. The main fractions obtained

from the initial distillation of crude oil are shown below.

p

N

\

crude oil > U

heater

-

/

r—-Detroleum gases

gasoline (petrol)

naphtha

kerosene

diesel oil
(gas oil)

fuel oil

el DitUMEN

The uses of the various fractions from crude oil are shown in the

table overleaf.
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INDUSTRIAL CHEMISTRY (2)

Name of fraction | Physical Boiling Uses Length of
state point range carbon chain

Petroleum gas Gas Up to 25°C Calor gas; C; to Cy
camping gas

Gasoline (petrol) Liquid 25-160°C Petrol C4to Cyo
for cars

Naphtha Liquid 100-150°C Manufacture [C;7to Cj4
of other
petrochemicals

Kerosene Liquid 160-250°C Jet fuel; Cioto Cie
heating fuel

Diesel oil (gas oil) Liquid 250-300°C Central heating [C¢ to Cyo
fuel; fuel for
cars, lorries and
trains

Fuel oil Liquid Over 350°C Fuel for ships [Cszo to Cy
and power
stations; central
heating fuel

Bitumen Solid Roofing; road |Cso and up
surfaces

As the proportions of the various fractions produced do not match
consumer demand, catalytic cracking is used to break down larger
hydrocarbon molecules in the heavy fractions into smaller molecules,
such as those used as gasoline. In industry, the vapour of the alkane
being cracked is passed over a heated catalyst of aluminium oxide in
the absence of air.

Example When the alkane called decane (C¢H,,) is cracked, the
following reaction occurs: CjogHy; —> CgHjs + CHy

decane octane ethene

The larger hydrocarbon molecule has been broken down into a mixture
of a shorter chain alkane plus an alkene. Both of these products are
useful: the alkane for the manufacture of petrol and the alkene for the
manufacture of ethanol, by hydration, and plastics such as
(poly)ethene.
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Industrial production of ethanol

Much ethanol is manufactured by the hydration of ethene. The
reaction is an addition reaction between steam and ethene at 300°C,
in the presence of a solid phosphoric acid catalyst, at a pressure of
about 70 atmospheres.

C2H4ng + HQO(g)H CszOH(g)

Ethanol is also produced by the fermentation of sugars such as
glucose. The reaction is carried out at about 35°C in the presence of
yeast, which contains an enzyme (biological catalyst) called zymase.

Cf,H]zOf,(aq) H 2C2H50H‘aq) + 2C02(g)

Air is excluded from the fermentation mixture (anaerobic conditions)
to prevent the oxidation of ethanol to ethanoic acid. The process of
fractional distillation is then used to obtain a more concentrated
solution of ethanol.

Countries that have plenty of oil reserves, and are relatively rich, use
the hydration method to produce ethanol, whereas those with a warm
climate (where sugar can easily grow) and that are relatively poor, with
no oil reserves, are more likely to use the fermentation method. In
addition to its use in alcoholic beverages (fermentation method),
ethanol is used industrially both as a fuel and as a solvent.

Addition polymers
s

. N
Polymers can be formed from compounds containing a c=c_

double bond. Alkenes, such as ethene, can undergo
addition polymerisation to form a polymer. A polymer is a compound
consisting of very long chain molecules built up from smaller molecular
units, called monomers. The polymerisation of ethene, to form
poly(ethene), is a free radical addition reaction.

NnCyHyg — (CoHy)

"(s)
ethene poly(ethene)
monomer polymer

n is approximately 10 000.
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The polymer molecules, therefore, have the same empirical formula as
those of the monomer. The conditions for the reaction depend upon
whether low-density or high-density poly(ethene) is required.

For low-density poly(ethene), a high pressure (over 1500
atmospheres), a temperature of 200°C and a trace of oxygen as a
catalyst are needed.

For high-density poly(ethene), a pressure of 2 to 6 atmospheres,
a temperature of 60°C and a catalyst of titanium (IV) chloride and
triethyl aluminium are needed.

The structural formulae for the "o "on
monomer and polymer are [ [
represented as follows. n (|’=(|3 I ‘|3_‘|3
H H H HJ,
ethene poly(ethene)

This structure is called the
repeating unit of the
polymer poly(ethene):

I—(l')—I
I—O—I

Other polymers, based on compounds similar to ethene, can be
formed. One or more of the hydrogen atoms in ethene is substituted
by another atom or group.

Examples
7 1
T T
H H H H[,
propene poly(propene)

98




chloroethene

Cllp
poly(chloroethene)
(also known as PVC,
poly (vinyl chloride))

tetrafluoroethene

F F
[
c—cC
[
F F

poly(tetrafluoroethene)
(also known as ‘Teflon’
or PTFE)

A table showing the uses of these polymers is below.

Name of polymer

Uses

Poly(ethene)

Plastic bags, food boxes, squeezy bottles, buckets,
washing-up bowls

Poly(propene)

Ropes, carpets, clothing, pipes, crates

Poly(chloroethene)

Rainwear, plastic handbags, floor-tiles, guttering, electric
cable, sails, window frames, drain pipes

Poly(tetrafluoroethene)

Non-stick ovenware, chemicals for seals and burette taps

Applied inorganic chemistry

Manufacture of ammonia by the Haber process

The effect of pressure, temperature and a catalyst on both the rate
of a reaction and the position of an equilibrium is illustrated in the
conditions employed for the manufacture of ammonia, NHs.
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Ammonia is synthesised from its elements nitrogen and hydrogen. The
nitrogen is obtained by the fractional distillation of liquid air. The
hydrogen is obtained by the reaction of methane (from natural gas)
with steam.

CHyg + HyO —> COg + 3Hyg)

Carbon monoxide would ‘poison’ the catalyst used in the Haber
process and is therefore removed from the system.

The nitrogen and hydrogen gases, in a 1:3 ratio, are passed over a
heated iron catalyst at a temperature of 400°C and a pressure of about
200 atmospheres.

N2(g) + 3H2(g, #ZNHg(g) AH = -92 k] [’1'1017l

nitrogen from
fractional
distillation of
liquid air
mixed and catalyst ammonia is
compressed at »| chamber »| condensed
approx. 200 (Fe) at 400°C out
atm
hydrogen from uncombined
methane and N, and H,
steam recycled

Because the reaction is an equilibrium process, with a typical yield
of 15% ammonia per cycle, the gases leaving the converter are
cooled whilst still under pressure. The ammonia is liquefied and
removed, whilst the unreacted nitrogen and hydrogen are recycled
to the converter.
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INDUSTRIAL CHEMISTRY (7)

The conditions used industrially for
the Haber process are those that
sustain the economic viability of
its manufacture. Out of necessity,

a high yield in a long time must be
balanced against a low yield in a
shorter time, whilst minimising
energy costs. The conditions employed
indicate a compromise between
these opposing outcomes, as the
graphs illustrate.

% ammonia

600°C

20

0 200 400 600 800 1000
pressure/atm

A temperature above 400°C would
increase the rate of the reaction, but would reduce the yield of
ammonia. Below 400°C, despite a higher yield, the rate of formation
of ammonia is so slow as to be economically unviable.

A pressure of 200 atmospheres increases the rate of attainment of
equilibrium and also increases the yield of ammonia. The use of much
higher pressures is prohibited by the high costs of building suitable
containers that are able to withstand greater pressure; in addition,
the cost of the energy required to generate such large pressures is
very expensive.

A catalyst of iron increases the rate of reaction, but has no effect
on the percentage conversion to ammonia (the yield). The use of a
catalyst allows the process to take place at a lower temperature
than would otherwise be employed, so reducing the costs of the
heat energy.
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sulphuric acid

(@BE }?‘SOZ+ air A ‘

water

sulphur

air—»
-1

sulphuric
sulphur burner catalyst chamber absorber ¢ acid

Sulphuric acid is an important industrial chemical. It has been said
that the output of sulphuric acid is a measure of the wealth of a
country, as it is used in the manufacture of fertilisers, detergents,
pigments and fibres, amongst many other products. In the first stage
of the process, sulphur is burned to produce sulphur dioxide.

Siy + Oz —> SOy

In the second stage, a mixture of sulphur dioxide and air is passed
over a catalyst of vanadium (V) oxide, V,0s, at a temperature of about
430°C. This is called the Contact process.

2505 + Oig = 25034 AH = —196 k] mol™!

A high yield of sulphur trioxide is favoured by a high pressure (because
there are fewer moles of gas molecules on the right-hand side) and a
low temperature (the reaction is exothermic from left to right). In
practice, a compromise temperature of 430°C is used. At temperatures
below this, the rate of reaction will be too slow and the catalyst is
inactive. At higher temperatures, the yield of sulphur trioxide becomes
uneconomically low. A pressure of 2 atmospheres, sufficient to ensure
that the gases flow through the plant, is used because the costs
required to operate at higher pressures cannot be justified.
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INDUSTRIAL CHEMISTRY (9)

In the final stage, the sulphur trioxide is absorbed in 98% sulphuric
acid to form oleum (fuming sulphuric acid).

HySO4() + SO3g — H,S,07)

oleum

Oleum is then diluted with water to give sulphuric acid.

H28207(|) + HQO(]]H 2H2$O4(1]

Note that the sulphur trioxide is not
absorbed directly by water, as the
reaction is very exothermic and a
corrosive mist of droplets of
concentrated sulphuric acid is formed
above the mixture. A double
absorption sulphuric acid plant allows
a 99.5% conversion of sulphur dioxide
to sulphur trioxide to take place.

Manufacture of inorganic fertilisers

oil and petrol pickling iron and steel

dyes

fibres e.g
rayon

fertilisers,
phosphates
and ammonium
sulphate

plastics
and many
chemicals,
including metal
sulphates

batteries,
pharm-
aceuticals,
insecticides

soaps and
detergents

paints
and
pigments

uses of sulphuric acid

Because nitrogenous fertilisers promote plant growth, ammonia
solution (which is alkaline) is neutralised by dilute nitric acid to form

ammonium nitrate.

NH3(aq) + HNO3(aq)—> NH4NO3 (4

Ammonium nitrate, e.g. ICI's ‘NITRAM’, is very widely used because
of its high percentage by mass of nitrogen.

Sulphuric acid is used to manufacture other nitrogen-containing
fertilisers such as ammonium sulphate, (NH,4),SO4. Phosphorus-
containing fertilisers, derived from rock phosphates such as Caz(PQOy),,
are also manufactured using sulphuric acid.
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Fractional distillation is used to separate crude oil into various
fractions. What property of the fractions allows them to be
separated in the column? (1)

A gas oil fraction from the distillation of crude oil contains
hydrocarbons in the C;¢ to Cyo range. These hydrocarbons can
be cracked by heating in the presence of a catalyst.

(a) Give the molecular formula of the alkane containing 19
carbon atoms. (1)

(b) On cracking the alkane Ci¢H3y4, the products include ethene
and propene in the mole ratio of 2:1, plus one other
compound. Give the equation for the cracking reaction
described. (2)

(c) Use your answer to (b) to explain the term ‘cracking’. (2)

Give an equation in each case for the industrial production of
ethanol.

(a) By the fermentation of glucose. (1)
(b) By the hydration of ethene. (1)

The plastic poly(chloroethene), PVC, is made from the monomer
chloroethene, C,HsCl, by a polymerisation reaction.

(a) What type of reaction is the formation of poly(chloroethene)
from chloroethene? (2)

(b) Draw the full structural formula of chloroethene. (1)

(c) Draw the structure of part of the poly(chloroethene)
molecule containing six carbon atoms. (1)

(d) Show the repeating unit of the poly(chloroethene) polymer. (1)

Polymers such as PVC and PTFE (‘Teflon’) are very stable. Use
the bond enthalpy values E(C-Cl) = +346kJmol™' and E(C-F) =
+480 kI mol™" to explain this fact. (2)

The answers are on page 121.
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ATOMIC STRUCTURE (page 10)
1

Particle Relative mass Relative charge

Proton 1 1+ (1)

Neutron 1 0 (1)

Electron o5 =0 1- (1)

Relative mass has no units. Quote a value between TIOO to ZOIW for the relative
mass of an electron.
2 Number of protons plus number of neutrons (or the number of nucleons) in a
nucleus (1). Avoid ‘number of protons and neutrons’.
3  Number of protons in the nucleus / in the atom (1). Avoid ‘number of
electrons’ and avoid ‘number of protons in the element’.
4 Average mass (1) of an atom compared with 15 th of the mass of an atom of
12C (1). Mention of carbon-12 is essential.
5  Atoms of the same element (accept: same atomic number / proton number)
(1) that differ only in the number of neutrons (accept: different mass number
/ isotopic mass) (1).
6 A= (;4x%) + (25x 455 + (26 % 462) ()
Ar = 24327 (1)
A; = 24.3 (to 3 significant figures) (1). A; has NO units. Round up the answer
to the required degree of accuracy, in this case, three significant figures.

7 (a) By an electric field (accept: negatively charged plate)(1).

(b) By a magnetic field (accept: magnets) (1). Learn the function of each
part of the mass spectrometer.

8 As the atom radii increase down group 1, the outermost electron is further
from the nucleus (1) and more shielded from the nuclear charge, so is held
less tightly (despite the increasing number of protons in the nucleus of each
atom) (1). Always answer in terms of factors such as distance, shielding and
nuclear charge.

9 (a) 1s?2s%2p° (1)

(b) 152 2s% 2p°® 3s? 3p® (1). In (b) the CI” ion is asked for. This species has 17
protons and 18 electrons.

10  Much more heat energy is released (1) when electrostatic forces of attraction
between oppositely charged ions (Mg?>"™ and O%") are made (1). ‘Suggest’
questions require ‘lateral thinking’ rather than ‘recall’.
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1 (a)12.0gofC contains 6.0 x 102> C atoms (1)
=12 =12

23
1.00 gof C  contains 0.0 X 107 ¢ 4toms

12.0
l/><0.120 lXO.IZO

0.120 gof C contains  0.120 x 6.0 x 102> C atoms
12.0
= 6.0 x 10*' C atoms (1)
(b) Molar mass of SO, = 32 + 32 = 64 g mol™'
64.0 g of SO, contains 6.0 x 10%* SO, molecules (1)
+2 =2

32.0 g of SO, contains 3.0 x 10> SO, molecules (1)
(c) Molar mass of Na,SO, = 46 + 32 + 64 = 142 gmol™
Na»SO4(aq) — 2Na® (5,9 + SO (aq)
1 mole of Na,SO;, — 2 moles of Na* ions
142 g Na,SO, —> 2x6.0x10%
=12 x 10% Na* ions (1)

e T

142 gNa,SO,  — 1.2x 102 Na* ions (1)

Make it clear whether you are referring to moles of atoms, molecules or ions. Note
the importance of correct recall of formulae in part (c).
2 (a) Number of moles of atoms of O = Mmass of oxygen atoms

molar mass of oxygen

__160g

16.0 g mol™!

1.00 mol of O atoms (1)

(b) Number of moles of atoms N — mass of nitrogen' atoms
molar mass of nitrogen

0.140 gil‘ i
14.0 g mol
0.0100 mol of N atoms (1)
(c) Number of moles of atoms of Ag = w
molar mass of silver
- _540g )
108 g mol
= 0.0500 mol of Ag atoms (1)
Notice how units can confirm that the formula for the number of moles of atoms
has been used correctly.
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FORMULAE, MOLES AND EQUATIONS (page 24)

3 (a) Mass of oxygen (g) = 0.500 (mol) x 16.0 (g mol™)
= 8.00 g of oxygen atoms (1)
(b) Mass of sodium (g) = 10.0 (mol) x 23.0 (g mol™)

= 230 g of sodium atoms (1)
(c) Mass of hydrogen (g) = 0.0100 (mol) x 1 (g mol™)
= 0.0100 g of hydrogen atoms (1)
For each part, the formula: number of moles of atoms of an element
= Mmass of substance 155 peen rearranged to mass of substance
molar mass
= number of moles of atoms of an element x molar mass

4 (a) Molar mass of Br, =2x80
=160 g mol™ (1)
(b) Molar mass of HNO3 =1+14+(3x16)
=63 gmol™ (1)
(c) Molar mass of CuSO, * 5H,0 = 64 + 32 + (4 x 16) + (5 x 18)
=250 g mol™ (1)

Remember to add up all the individual atomic masses, scaling up where
appropriate.
_ 128 (g)
32.0 (g mol™)
= 4.00 mol of O, (1)
25.25 (g)
101 (g mol™)
= 0.250 mol of KNOs (1)
414 (g)
46 (g mol™)
= 9.0 mol of C,HsOH (1)
This question requires use of the general expression: number of moles of a
mass of sample (g)
molar mass (g mol™')
6 (a) Mass of sulphur dioxide (g) 2.00 (mol) x 64 (g mol™)
128 g of sulphur dioxide (1)
20.0 (mol) x 98 (g mol™)
1960 g of sulphuric acid (1)
(c) Mass of sodium hydroxide (g) = 0.500 (mol) x 40 (g mol™)
= 20 g of sodium hydroxide (1)
For this question, the formula: number of moles of a substance
_ mass of substance
molar mass
moles of a substance x molar mass.

5 (a) Number of moles of oxygen, O,(mol)

(b) Number of moles of potassium nitrate, KNO3 (mol) =

(c) Number of moles of ethanol, C;Hs;OH =

substance (mol) =

(b) Mass of sulphuric acid (g)

has been rearranged to mass of substance = number of
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(page 25)
7 (a) Fe : 0O
Mass ratio/g 1.12: 0.48 (1)
Mole ratio/mol 1.12. 048
56 1
= 0.02: 0.03
i 0.02 0.03
Divide by smallest number 505 000
= 1 : 1.5
= 2 :3(1)

Therefore, empirical formula is Fe,O

Remember to subtract the mass of iron from the mass of iron oxide, to calculate
the mass of oxygen reacting. Note that a mole ratio of 1 : 1.5 is not rounded up to

1:

12
(b) Na . C : 0
Mass ratio/g in 100 g 434 : 113 :453
i 43.4 . 11 . 453
Mole ratio/mol %0 | T30 160
= 1.887 : 0.942 : 2.831 (1)
i 1.887 . 0.942 . 2.831
Divide by smallest number 0947 * 0043 Goaz
= 2 21 :3(1)
Therefore, empirical formula is Na,CO3
(c) C : H
Mass ratio/g in 100 g 82.75 : 17.25
Mole ratio/mol 8275 . @

= 6.896 : 17.25 (1)
Divide by smallest number 6896 . (')7&

6.896 896
= 1 : 25
= 2 : 5(1)

Therefore, empirical formula is C;Hs

In parts (b) and (c), the percentage by mass tells you the mass ratio in a 100 g
sample. In part (c), a ratio of 1 : 2.5 is rounded up to 2 : 5 (not 1 : 3).
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Molar mass of the compound = n x empirical mass of the compound. The
molar mass of the compound is given as 58 g mol™'. The empirical mass of

the compound of empirical formula C,Hs is (12 X2 + 1 X 5)

= 29 gmol™'. Therefore, to calculate n
molar mass of the compound
empirical mass of the compound




FORMULAE, MOLES AND EQUATIONS

_ 58 gmol’
29 g mol™!
=2(1)
It follows that the molecular formula of the compound is (CoHs) X 2 = C4Hjo
(1). A quick check confirms that the molar mass is correct: molar mass of
C4Hin g mol™ = (12 x 4) + (1 x 10) = 58 g mol™
9 (a)Start with the full equation:
AgNO3(aq) + NaClag —> AgClis) + NaNOj3(aq)
Write the ions separately where appropriate:
Ag* o + NOs g + Nat g + Cl aq —> AgClig) + Na®aq) + NO3 (g (1)
Delete the spectator ions to produce the ionic equation:
Ag"(ag + Clag —> AgClyy (1)
(B)Zn + H:SOuaq —> ZnSOuaq) + Hataa
Zng + 2H* L F S04 »H Zn** aq) + SO4* (ag) + Hagg (1)
Znig + 2H* aq) —> Zn**uq + Hag (1)
(€) HCliaq) + NaOH(zq) —> NaCl(aq) + H,0q
H"aq) + ClMag) + Na¥(aq) + OH aq > Na¥(aq) + Clag + H20q (1)
H¥(aq) + OH taq) — Hy0y (1)
These ionic equations summarise the following types of reaction: (a) the
precipitation reaction between aqueous silver and aqueous chloride ions; (b) the
redox reaction between zinc metal and dilute acid; (c) the neutralisation
reaction between an acid and an alkali.
10 Mg + Clyg —> MgCly
1 mole Mgy, —> 1 mole MgCly (1)
24 gMgs) —> 95 g MgCl)
X 2 X 2

48 g Mgy  —> 190 g MgClyq) (1)
11 CaCOs —> CaOyy + COxg

1 mole CaCO3s —> 1 mole CaOy (1)

100 g CaCO35y —> 56 g CaOy

l+ 56 + 56

190 g caCos >1 g CaOy

X 14 lx 14

14100 o cacos —> 14 g Ca0y,

14 %10 N
X— tonnes CaCOsz) 14 tonnes CaOy,

= 25 tonnes CaCO3 — 14 tonnes CaO (1)
Note that mass ratios are identical, whether measured in grams or tonnes.
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Number of moles of H,SO; = S5 = 0.10
Number of moles of NaNO; = % = 0.10
Number of moles of HNO; = 6-—330 = 0.10 (1)

Therefore, 1 mol H,SO4 reacts with 1 mol NaNOj3 to produce 1 mol HNO;
H,SO4) + NaNO3s) —> HNO3 (1)
The co-product, if the equation is to balance for mass, is NaHSOys). The full
equation is, therefore:
H,SO4) + NaNO3) ——> HNOj3() + NaHSOy() (1)
ability to balance chemical equations is vital for AS Chemistry.
Mg(s) + HaSOsaq) —> MgSO4paq) + Hag
1 mole Mgy 1 mole of Hyg (1)
24 g Mg RN 24000 cm? Hag
+2

l+2

12 g Mgy —> 12000 cm’® Hyg (or 12 dm?® Hyg) (1)

2 CgHygig + 25 Ong —> 16 COxg + 18 Hy0y

2 moles CgHjgig + 25 moles Oy —> 16 moles COy + 18 moles H,O

By Gay-Lussac’s law:

2 volumes CgH g + 25 volumes Oy —> 16 volumes COy

It follows that:

2 dm® CgHygg + 25dm’ O —> 16dm’ COyg

Therefore:

(a) 25.0 dm? of oxygen are required to burn 2.00 dm> octane completely (1).

(b) 16.0 dm? of carbon dioxide are produced when 2.00 dm? octane are
completely burned (1).

Water is produced as a liquid at the temperature at which the volumes are
measured, therefore Gay-Lussac’s law is not applicable to the water.

15
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KOHaq) + HNO3(aq) — KNOs(aq) + H20y)
) 0.100 mol dm™® x 28.5 cm®
Moles of HNOj3(,q) reacting = 1000
= 0.00285 mol HNOs(q) (1)
From the above equation, 25.0 cm? of the KOHaq) must also contain 0.00285
mol. Therefore:

moles of KOHyq) (mol) x 1000
volume of KOHaq) (cm®)

_0.00285 x 1000

- 25.0

= 0.114 mol dm™ (1)

concentration of KOHq =
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FORMULAE, MOLES AND EQuaA

(page 26)

16 KOHaq) + HCliag) = KClaq) + H2Oy,

17

Note that, in this equation, the concentration of the KOH 4 is expressed in
gdm™.
Moles of KOH,q) reacting
concentration of KOH (mol dm™) x volume of KOH (cm?)
1000

In 5.6 g KOH there is —>%8 _ = 0.10 mol KOH
56 g mol™!

because the molar mass of KOH is 56 g mol™' . Therefore the concentration of
the KOH in mol dm~ is 0.10 mol dm - (1)

Moles of KOH, reacting = W

= 0.0040 mol KOH (1)
moles of HCI reacting x 1000
volume of HCl(5q)
0.0040 x 1000
40.0
0.10 mol dm~ (1)
CeHey + HNO3g —> CeHsNOy) + H,0)
From the equation:
1 mole C¢Hety—> 1 mole CeHsNO,)
78 g CeHoty —> 123 g CeH5NOy)
39.0 g CeHeqy should give 61.5 g CcHsNO, (1)
actual mass of product
calculated mass of product
492 o100
61.5
80.0% (1)

The concentration of the HClqy =

Therefore, percentage yield = x 100

STRUCTURE AND BONDING (page 37)

1 To melt the giant structure of diamond, very strong covalent bonds (1)

between carbon atoms (1) must be broken. In contrast, only weak van der
Waals’ forces (1) between iodine (I;) molecules (1) need to be broken when
iodine is heated beyond its melting temperature. The strong covalent bonds
within the iodine molecules are not affected.

To melt sodium chloride, very strong (1) electrostatic forces of attraction
between positive and negative ions (1) must be overcome. Do not just write
‘strong bonds’.

The bonding in a metal such as aluminium consists of A" cations (1) in a
‘sea’ of delocalised electrons (1). Therefore, current can flow due to the
presence of mobile electrons (three per Al atom) (1).
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(page 37)

The Mg?" cation (1) (do not put ‘magnesium’ or ‘Mg') is more able to polarise

the larger iodide, I7, anion (1) than the smaller CI™ ion (1).

The power of an atom (1) to attract the bonding electrons in a covalent bond

(1). Do not confuse this with electron affinity.

(a) Giant molecular = SiO, (1)

(b) Simple molecular = CO, (1)

(c) Giant ionic = K*Br™ (1)

(d) Giant metallic = Cu (1)

(a) Despite the molar mass of HCI, and hence the number of e” in the
molecule, being greater than that of HF, HF has the higher boiling
temperature due to the presence of hydrogen bonds (1). Hydrogen bonds
are stronger intermolecular forces than van der Waals’ forces (1). More
heat energy is required, therefore, to break hydrogen bonds.

H H H

\F F \F F \F F

(b) The boiling temperatures increase along the series HCl — HI, because
the number of electrons in each molecule increases (1). The van der Waals
forces, therefore, increase in strength along the series HCIl —> HI (1), so
more energy is required to separate HI molecules than HCI molecules in
the liquid state.

(a) Six bond pairs around S, no lone pairs (1). To maximise the F
separation between electron pairs, an octahedral shaped |y m— F
molecule is formed (1). / \83/90"

I /
Fr--F-%F
F

(b) The carbonate ion has one C=0 double bond and two o
C-O" single bonds. Because multiple bonds are treated " 1000
as single bonds, the shape of the ion is trigonal planar C‘}
(1), as if three bond pairs (1). PN
o Oo
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(c) Three bond pairs and one lone pair (1). To maximise the |
separation between the electron pairs, a trigonal pyramidal H — P
shape is adopted (1). H PH bond angle <109.5°, because l)H
lone pair/bond pair repulsion is greater than bond 109.5°
pair/bond pair repulsion. H

(d) As the species is positively charged, there are only four F 7
bond pairs around the central P atom (1). The shape of |
the ion is tetrahedral (1). F—p_

l F
F 109.5°

REDOX REACTIONS (page 44)

1

(a) 0 (1)

(b) 0 (1) In (a) and (b), atoms are in uncombined elements.
(c) +4 (1) (2N) + (4 x-2) = 0; N = +4

(d) +5 (1) (N) + 3x-2) =-1; N = +5

(e) +7(1)

® +3(1)

(g) —1 (1) This is unusual; O in a peroxide, therefore oxidation number —1
(h) +4 (1)
(i) +2 (1) F stays at —1, as more electronegative than O
(j) +2.5 (1) Oxidation number can be a non-integer when it is an average
value
(@) Chromium (I1I) fluoride (1)
(b) Iron (Ill) hydroxide (1)
(c) Iron (Il) sulphide (1)
(d) Manganese (1) carbonate (1)
(e) Copper (II) sulphate — 5 — water (1) Note the water of crystallisation
(a) I: from —1 to 0; oxidation (1)
Cl: from 0 to —1; reduction (1)
(b) Fe: from +3 to +2; reduction (1)
Sn: from +2 to +4; oxidation (1)
(c) Ca: from 0 to +2; oxidation (1)
H: from 0 to —1; reduction (1)

Note the increase in oxidation number is oxidation; decrease in oxidation number
is reduction.
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REDOX REACTIONS

(a) oxidation: 2l aq) —> loaq) + 2€7 (1)
reduction:  Clyaq) + 26" —> 2Cl (g (1)
(b) oxidation: Sn**aq) — Sn* g + 2e (1)
reduction:  Fe**(pq + € —> Fe¥5q (1)

(c) oxidation: ~ Cag — Ca’*( + 2e (1)
reduction:  Hpg + 2" —> 2H 7 (1)

Oxidation: loss of electrons; reduction: gain of electrons (OIL RIG).

5

(@) HyOs(aq + HaSg —> Sis) + 2H,0y; (1). Add the half-equations, as
number of electrons in each reaction is the same.

(b) Iag) + 26 + 25,037 (aq) —> S406> (aq) + 21 (aq) + 26
overall: Iyaq) + 25205% (ag) — S4 06> (aq) + 2l ag (1). Multiply second
equation by 2, then add together.

(€) 2MnOy ag + 16H g + 10€” + 5Hy0nq —>
2Mn?* 4q) + 8Hy0() + 505 + 10H (aq) + 10e”
Overall: 2MNOy4 (aq + 6H  (aq) + 5H2020aq —> 2Mn**(oq) + 8H,0y +
50, (1). Multiply first equation by 2 and second equation by 5, then add
together. Note that e” and some H” (4q) can be cancelled from both sides.

THE PERIODIC TABLE (page 54)

1

114

The melting temperatures of the metals Na to Al increase (1) as the strength of

the metallic bonding increases (1). Silicon has the highest melting temperature

(1) as there are very strong covalent bonds between atoms (1). The melting

temperatures of the elements phosphorus to argon are much lower (1) as only

weak van der Waals’ forces (1) exist between molecules.

As we move across the period, atomic radius decreases as electrons are added

to the same shell (n = 3) (1) and, therefore, the outermost electrons

experience the same shielding (1) from the nuclear charge. The increase in the

number of protons (1) causes the decrease in radius from Na to Ar. These

factors also explain the general increase in first ionisation energy across the

period.

(a) Lilac (1)

(b) Yellow (1)

(c) Carmine red (1) Not just ‘red’.

Heat energy produces atoms of the metal with electrons in a higher energy

level shell than the ground state (1). Energy in the form of visible light is

emitted when electrons fall back down to their normal shells (1).

(a) Ca) + 2H,O e Ca(OH)y(aq) + Hag Species and balancing (1). Correct
state symbols (1).

(b) As the atomic mass of the metal increases, the group 2 hydroxides become
more (1) soluble in water.

2Nag) + Oz — NayOy) (1)
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THE PERIODIC TABLE

2Mgiy) + Ozig 2 2MgOys) (1)

The larger, less polarising, Na™ cation is able to accommodate enough of the

bigger peroxide ions (0,%7) to form a stable lattice (1). The smaller, more

polarising, Mg?* ion forms a more stable lattice with the O*~ion (1).

2Mg(NO3)y(s) — 2MgO) + 4NOy(g + Oy Species (1) and balancing (1).

As group 2 is descended, the carbonates become more stable to heat (1). The

trend is the same for the nitrates as well. The ionic radii of the group 2 cations

(M?*) increase down the group (1) and so the ability of the cation to distort

the electron cloud around the anion gets less (1). Alternative: as the charge

density of the cation decreases down the group, the polarising power of the

cation gets less.

(a) Steamy fumes (1).

(b) Reddy-brown vapour (1).

(c) Purple vapour (1).

(d) As the halogen atom increases in size, the H-X bond becomes longer and
weaker (1), therefore the ease of oxidation of the hydrogen halides is: HI >
HBr > HCI (1). The order of their reducing power is, therefore, the same!

10 (a) Clyg + 2Br (aq) — 2Cl7(aq) + Braaq Equation (1); state symbols (1)

(b) Chlorine molecules gain electrons more readily (1) than bromine
molecules. Therefore, chlorine is a stronger oxidising agent than bromine
(1). Remember: oxidising agents are, themselves, reduced (gain electrons)
during reactions.

ENTHALPY CHANGES (page 64)

1

(a) 2Hag + Oz
T Enthalpy AH = -572k] mol™!

2H,0, (1)
(b) Hag + Clyg

Enthalpy AH = 4184k mol™!

2HCI (1)
‘The enthalpy change alg'companying a chemical reaction (1) is independent of
the pathway between the initial and final states’ (1). Hess's law is an
application of the law of conservation of energy: energy can neither be created
nor destroyed.
(a) AHfis the enthalpy change when one mole of a compound (1) is formed,
under standard conditions (1), from its elements in their standard sates (1).
(b) The calculation may be solved either by using either a Hess’s law cycle or
recalling a general equation. Either cycle:
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ENTHALPY CHANGES (page 64)

AH o (1
NHy ) + HCl ) NH,Cl,
AHFINH, ] AHFINH,CI ]
+
AHFIHCI g
2Ny + 2Hy ) +5Cly

AHfeaction = — AHF [NH3g] — AHF [HClig] + AHF [NH,4Clig)
= — (-46) — (-92) + (-314)
= -176 k] mol™! (1)
Or application of equation
AHSaction = ZAHF of products —XAH¥ of reactants (1)
= AHF [NH,Clig)| = {AHF [NH3(g] + AHF [HClg]}
= (-314) - (-46 + -92)
= (-314) - (-138)
=-176 k] mol™! (1)
(a) AH¢ is the enthalpy change when one mole of a substance (1) is
completely burned in oxygen (1), under standard conditions (1).

4

(b)  AHPGH (1
SC(s, graph\te) 2(g 5 12(1)
5% AH?[C(S gopnie) \F 80, +8 2@/Hc[05H‘2“)]
6 x AHC[H
5C0,, + 6H,0,

From the cycle it follows that:
AHF [CsHia0) = 5 X AHE [Cis, graphite)] + 6 X AHE [Hygl — AHE [CsHizg) (1)

= (5x-395) + (6 x-286) — (-3520)
= (-1975) + (=1716) + (3520)
=-171 k] mol™" (1)
Remember to multiply AHZ [Cs) g,aphi(e] by five and AHE [Hy(g) by six.
5 (1)
CH,0H, + %0, _ OMen 2 HCHO,, + H,0,,
AHEICH OH(NOZ(Q) 0,/ AHEIHCHO ]
z‘g) +2H,0,
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From the cycle it follows that:

AHeaction = AHE [CH30H )] — AHE [HCHO g

= (=725) — (-561)
= —164 k] mol™" (1)

Always check signs of enthalpy values are reversed when moving round the cycle

in the opposite direction to an arrow.

1 3 AH?[NHGKQ)] o
2Ny + 72Hy g NHyq)
AHHN, ] °
v AHat[NHy )]
=
3 X AHZ [N,
Ng *3Hg
AHzt [NHsgl = — AHF [NH3gl+ AH5t [Nag] + 3 X AHgt [Hog)

—(-46.2) + (+ 473) + (3 x + 218)
(+46.2) + (473) + (654)

= +1173.2k/mol™" (1)
Each mole of NHs(g contains three moles of (N-H) bonds. Therefore AHg;
[NH3(g] = 3 x E(N-H) where E(N-H) is the average bond enthalpy for the

(N-H) bond. Therefore
3E(N-H) = +1173.2

ENH) =732

= +391 k] mol™" (3 sig. fig.) (1)
Remember AHg; for an element refers to per mole of atoms produced, e.g. AHg;
[Nyg is the enthalpy required for 5 Nyg — Nig).

7 Re-write equation using structural formulae: (1)

H—H

H—H + H—C=C—H —> H—C—C—H

(
H H

Bonds broken

2 xE (H-H) = +872kJ mol
E (C=0) = +835 k] mol™
Total = +1707 kJ mol™!

H H
Bonds made

-E(CC = -346 Kk mol

4 x —E (C-H)= -1652 k] mol™'

Total = -1998 kJ mol™! (1). Add the

values for bond breaking and bond making for an approximate AHfaction
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ENTHALPY CHANGES

AHfeaction = +1707 + (-1998)
=-291 kJ mol™" (1)
Remember to add up the values for bond breaking and bond making, having used
the correct enthalpy signs.

REACTION RATES (page 74)

1 Any four of: Concentration of a solution (1). Pressure, if the reactants are
gases (1). Temperature (1). Catalyst (1). Surface area of any solids (1). Light, if
the reactant is photochemical (1).

2 Areaction occurs due to collision of particles (1). The energy of the collision
must exceed the activation energy for the reaction (1). The collision must
occur with the correct orientation (or geometry) (1).

3 Activation energy is the minimum energy (1) that the reacting particles must
possess before they can collide successfully (1).

4 On increasing concentration, there are more reactant particles per unit
volume (1) do not simply put ‘more reactant particles’; an increase in the
frequency of the collisions (1); therefore the greater the probability of a
collision with energy more than the activation energy (1) also known as a
‘successful collision’.

5 Curve at lower temperature
(1). Curve at higher
temperature (1). This curve
must be shifted to the right
and have a lower peak. Ep
indicated beyond both
maxima (1). Shaded area
beyond E, larger for high
temperature curve (1). The
curves show that, at the
higher temperature, the
number of molecules
with energy greater than
or equal to E, increases.

6 A catalyst is a substance that increases the rate of a reaction (1) but remains
chemically unchanged at the end (1).

7 A catalyst provides an alternative route (1) with a lower activation energy (1).
It is incorrect to state that a catalyst ‘lowers the activation energy’.

lower temperature

higher temperature

number of molecules
with energy E

EA
kinetic energy E
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CHEMICAL EQUILIBRIA (page 81)

1 'Dynamic’: the rate of the forward reaction (A + B——> C + D) (1) equals the
rate of the backward reaction (C + D—> A + B) (1). 'Equilibrium’: the
concentrations of A, B, C and D remain constant (1). Remember: do not write
that the concentrations of A, B, C and D are ‘equal’.

2 Concentration (1), pressure (1) and temperature (1) may, if changed, alter the
position of a chemical equilibrium. These factors often, but not always, have
an effect on the position of equilibrium.

3 A catalyst increases the rate of reaction as it offers an alternative reaction
pathway (1) of lower activation energy (1). The position of equilibrium is not
affected as the rates of both the forward and backward reactions are
increased (1) to the same extent (1).

4 'If a system in equilibrium (1) is subjected to a change which disturbs the
equilibrium (1), the system responds in such a way as to counteract the effect
of the change (1).

5 (a) Position of equilibrium shifts to the right (1). The system shifts to the side
of fewer moles of gas molecules (1) (two moles on the right as opposed to
three moles on the left), thereby reducing the total pressure.

(b) No effect (1) on the position of equilibrium. There are equal numbers of
moles of gas molecules (1) on the left- and right-hand side.

6 (a) Position of equilibrium shifts to the right (1). The equilibrium moves to the
exothermic direction (1). The system responds so as to produce heat
energy, thereby counteracting the effect of the change.

(b) No effect (1). Because AH,eaction is zero (1) there is no exothermic or
endothermic direction in this system.

7 (a) Equilibrium shifts to the right (1). The concentration of hydrogen ions is
decreased (1) when hydroxide ions are added.

H*(aq) + OH (ag —> H20 Equilibrium shifts to produce more H (54 ions.
(b) Equilibrium shifts to the left (1). The concentration of ethanoic acid

CH3COOH is reduced (1) as it reacts with alkaline sodium hydroxide.

In questions 5, 6, and 7, answers such as 'by Le Chatelier’s principle’ are

insufficient as explanations.

ORGANIC CHEMISTRY (page 94)

1 In a homologous series, the compounds have the same general formula or
successive members of the series differ by a ~CHy— unit (1). The compounds
undergo similar chemical reactions or contain the same functional group (1).

2 (a) Structural isomers have the same molecular formula (1) but different

structural formula (1).

(b) Geometrical isomers have the same molecular and structural formula (1)
but the arrangement of their atoms in space is different (1). cis/trans
isomerism is a type of geometrical isomerism encountered at AS level.
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ORGANIC CHEMISTRY (page 94)
3 CH3CH,CH,CH,CH;3 pentane (1)

CH3CH,CH(CH3)CH3 2-methylbutane (1)

CH3C(CHs),CHs 2,2-dimethylpropane (1)

10

11

Both name and structural formula required in each case.

(a) Electron pair acceptor (1)

(b) Electron pair donor (1)

(c) A species with a single unpaired electron (1)

(d) A covalent bond breaks, with one electron of the pair going to each atom (1)
(e) A covalent bond breaks, with both electrons going to one atom (1)
CH3CH,CH,CH3 + Cl, —> CH3CH,CH,CH,Cl + HCI (1)

Conditions: u.v. light (1) Not just 'light’. Any H atom on butane could have
been substituted.

CH3-CH=CH, + Br, —> CH3-CH(Br)CH,Br (1)

Conditions: bromine in an inert solvent at r.t.p. (1)

CH3CH(Br)CH(CH3)CH3 + KOH —> CH3CH(OH)CH(CH3)CH3 + KBr (1)
Conditions: heat under reflux (1) with aqueous potassium hydroxide (1)
CH3CH(Br)CH(CH3)CH; + KOH —> CH,=CHCH(CH3)CHs + KBr + H,O (1)
and CH3;CH(Br)CH(CH3)CH; + KOH ——> CH3CH=C(CH3), + KBr + H,O (1)
Note how elimination of HBr is favoured when the solvent for the KOH is
ethanol instead of water.

(a) (Homolytic) free radical (1) substitution (1)

(b) (Heterolytic) electrophilic (1) addition (1)

(c) Nucleophilic (1) substitution (1)

(d) Elimination (1)

CH3CH,CH,CH,OH (1)

(CH3)3COH (1)

CH3CH(CH3)CH,O0H (1)

CH;CH,CH(CH3)OH (1)

CH3CH,CH,CH,0H (1) —> CH3CH,CH,CO,H (1)

CH3CH(CH3)CH,OH (1) —> CH3CH(CH3)CO,H (1)

7
CH3CH,CH(CH3)OH (1) —>  CH,CH,C (1)
CH,

Primary alcohols are oxidised to carboxylic acids, whereas secondary
alcoholsare oxidised to ketones.
(CH3)3COH not oxidised (tertiary alcohol)
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INDUSTRIAL CHEMISTRY (page 104)

1 The fractions have different boiling temperatures (1).

2

(a) Ci9Hyo (1) Use the general formula for an alkane C,Ha, 2.

(b) Cj¢Hzg —> 2 CoHy + C3Hg (1) + CoHyg (1). Ensure that total number of C
atoms adds up to 16, and H atoms to 34, on the right-hand side.

(c) During cracking larger hydrocarbon molecules (C;sH34) are broken down (1)
into smaller alkane molecules (CoH,g) plus alkene molecules (C;H4 and
C3Hg) (1). Larger alkane molecules have been broken down into smaller,
more useful ones, some of which have carbon—carbon double bonds.

(@) CeH1206(aq —> 2CoH50H g + 2CO5¢q (1)

(b) CoHy(g + H01q —> CoHsOHg (1)

(a) Free radical (1) addition (1). Classification of organic reactions is required
at AS level.

()N N0V
C=C
[
Cl H
O ww v 1 1w |W
| | | | | | Carbon-carbon double bond broken on
—C—C—C—C— C—C—| polymer formation.
A T A
Cl H CI H Cl H
(d) H H (1)
[
CcC—C
[
Cl H n

The very high (C-F) bond energy makes PTFE chemically inert, therefore ideal
for non-stick ovenware (1). Strong (C-Cl) bonds give PVC a useful life, but
creates problems for its disposal (1).
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1 2 groups 3 4 5 6 7 8(0)
periods

' H vk

hydr1ogen >

2 (0] Ne
boron carbon | nitrogen oxyBgen fluorine neon

5 6 7 9 10

iti Si B | Ar
3 transition metals siicon suptur | chorne | argon

14 15 6 17 8

4 Ge As Se r Kr
germaniumj arsenic | selenium | bromine kryspton

32 33 34 35 6

5 e | Xe
antimony | tellurium | iodine xenon

51 52 53 54

6 Po At Rn
polonium | astatine radon

84 85 86

non

metalloid
metal

metal
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