Preparing to begin A-level Chemistry
at

Hereford Sixth Form College



Introduction

These pages aim to make sure that your knowledge and understanding from GCSE have put you in a
good place to begin the A-level work next year. They focus on topics from GCSE and key skills
(especially Maths skills) which will continue to be really important as you move on to a broader and
deeper understanding at A-level.

The work is in 2 sections:

Section A focuses on maths skills and includes questions in boxes like this one. The answers are at
the end of the document so you can self-mark. The questions at the end need to be answered on
paper and ready to hand in when you come along to your first Chemistry lesson.

Section B covers a number of topics from Chemistry which should (mainly, at least) be familiar from
your GCSE work. This section also includes lots of questions and the answers are at the end of the
document so you can self-mark. You won’t be handing any of Section B in to us.

It’s REALLY important to do the self-marking questions and to mark them so that you are up to
speed once term begins. We won’t be spending much time practising these key skills and there is a
risk of being left behind if you don’t at least attempt all of them.

Finally...

Don’t worry too much if you can’t do the odd question or if there’s the occasional bit of content

you’ve actually never heard of! We will recap some things that may not have appeared in your GCSE
during the first year of the course.
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Section A: Maths Skills for Chemistry

Chemistry at A-level makes use of many maths skills. The examples we will see below are not
Chemistry related but they do show the kind of manipulations you will have to be able to carry out.
When you’ve learned the relevant chemistry, you'll be applying the skills to new chemical scenarios.

If you don’t yet have these skills, please be aware that it’s going to require a lot of extra work to
develop them. We will be assuming you can do these things.

At the end of this section, there are a number of questions for you to have a go at. For this section
only, you should answer on paper and bring your answers in to hand to your teacher when you
have your first lesson.

It is very important to show your working fully in answering these questions.

Al Rearranging Equations
This is a very important thing to be able to do, as it comes up a lot in chemical problems. The
important thing is to remember that you can do whatever you like to one side of an equation, as

long as you do the same to the other side. This allows both sides to remain equal and it’s still an
equation.

Al.1 Adding and subtracting

If we’re adding two quantities, we can subtract one of them. It vanishes from one side and appears
on the other side. Take the following:

A=B+C
Let’s subtract C from both sides:
A-C=B+C—-C
Which gives us the following, because the “+ C—C” part vanishes:
A—C=B
We have made B the subject of our equation and could now calculate B.

Instead, if there’s a subtraction in the original equation, we do the opposite and add to both sides.



A1.2 Multiplying and dividing

If there’s a division we can multiply both sides. Let’s consider the very familiar equation for velocity:

) distance
velocity = e
ime

If we want to make distance the subject, we need to spot that distance is currently being divided by
time. So, let’s multiply both sides by time. This is what happens:

) ) ] time
velocity x time = distance x ——
time

But time/time is just equal to 1. So we end up with:
velocity x time = distance

Which is what we wanted to do.

What if we wanted to make time the subject?

Look at the last equation above. We are multiplying time by velocity. Let’s divide both sides by
velocity to get rid of it from the left-hand side. We end up with:

velocity distance

——xtime = ———
velocity velocity
But again, divide a quantity by itself gives you 1. So we end up with:

) distance
time = ————
velocity

Which is what we wanted to do.



A1.3 A simpler way...

Notice that quantities can “move diagonally” across the equals sign. So, something that is at the
bottom (we’re dividing by it) can move to the other side and end up at the top (so we’re multiplying
by it. Let’s move time diagonally:

. distance
velocity = “ime

This gives us:

velocity x time = distance

Alternatively, we can move two quantities at the same time:

distance
time

velocit)\&

So velocity can move downwards and time can move upwards. This leads to:

) distance
time = ————
velocity

Al1.4 Your turn.

Make C the subject of the following equations. Keep applying addition, subtraction, multiplication or
division to each side until you get it. Or, move quantities diagonally if they’re multiplying or dividing.

LA = B
[, A = B O D

LI A = BXC e

. B
O
c




A2 Significant Figures

If my ruler only has 1 mm increments but | report a measurement as 2.34 mm, the “.34” part is
meaningless because | can’t actually see those numbers on the ruler. I've no idea if my measurement
is 1.34 or in fact any other number between 1 and 2 mm. The “.34” part isn’t significant.

Furthermore, if | take a measurement of 2 mm from my ruler and do a calculation with it, although
the calculator may return a number to 7 decimal places, most of those are meaningless and
therefore not significant. Remember | only put 1 figure into the length part of the calculation.

So, when we measure something in Chemistry — probably more likely to be something like mass or
temperature — we can’t ever measure it exactly because we’ll be limited by the precision of the
device we’re using (the balance or the thermometer). So when we report these measurements and
use them in calculations, we use the idea of significant figures to indicate how precisely we know
something.

A2.1 An example: measuring percentage mass

For example, here are the results of an experiment to measure what % of the mass of a rock sample
is chromium:

e Mass of rock (measured on a balance measuring grams to 2 decimal places) =5.30g
e Mass of chromium in the rock (measured by a chemical experiment) =1.07g

Notice, first, that we wrote 5.30g and not just 5.3g. This is to show that we know the mass to the
nearest 0.01g. We think that the zero is probably pretty accurate. So although it might not be
exactly 5.30 it’s closer to 5.30 than to 5.29 or 5.31. We know something about that last number
and therefore we have given the mass to 3 significant figures.

So we can calculate the % by mass of chromium

= (mass of chromium / total mass) x 100 (1.07 /5.30) x 100

20.1886792 % (says your calculator)

We can’t really know the number this precisely because we are limited by precision of the numbers
we fed in. So, since the mass values we used were known to 3 significant figures, we should round
our answer to the same precision, to get:

% by mass of chromium =20.2% (to 3 s.f.)

Notice that the unrounded number had a 1 just before the point where we rounded off, but it got
rounded up to 2 because the number following was greater than or equal to 5.

Remember too that for numbers less than one, the first significant figure is the first non-zero digit.

e.g. if you need to round 0.007438993 to 2 significant figures, you get 0.0074 (because that 7 was
the first significant figure).



A2.2 Your turn.

Write the following numbers to the specified number of significant figures.

I. 1.345 t0 3 SigNifiCant fIQUIBS oottt etse vt e ess e sra s ettt sasass s st sesssesssassrasesesesessas
ii. 3.14159265 t0 5 SigNIfiCANT fIQUIBS  coeveeeeveveeeveeteee et eeeteeevvet e eseesva s eveses s ass s srasesssssssassrsesesssessans

i, 3.026 X 10° t0 3 SIGNUfICANT fIGUIES  ooereeeeeeeee et eeeeve e evss e s s vsssssvasas s asssss s st srasanansasasans

A2.3 Some rules about significant figures:

e Zeroes before the first non-zero number don’t count. 0.0023 is 2 significant figures.

e Trailing zeroes count, otherwise we why write them? 1.2300 is 4 significant figures. We
know something about those zeroes and it tells us that our instrument can measure to 4
decimal places. Otherwise, we'd write 1.23.

e 100 is difficult: do we know that all the zeroes are in fact zero? If so, this is 3 significant
figures. If we are rounding the second zero, it’s 2 significant figures because we know the
first zero is zero. If we’re rounding to the nearest hundred, it’s 1 significant figure: we only
know that the “1” is accurate. So to avoid confusion, we use standard form: 1.0x10? tells us
that we are working to two significant figures. 1x10% says we are working to one.

A2.4 Your turn. How many significant figures are in the following?

Lo 2. 3
L. 15,800
L. 0,000
LU, 0,20

v. 1.50x103

Vh 2000 s




A3 Standard form

A3.1 What is standard form?

It is very common in science to give numbers — especially very small or very big ones — in standard
form:

e.g. 52171 can be written as 5.2171 x 10* and 0.0000337 is 3.37 x 10

They all have an index: this is the number written as a superscript. This tells us how many tens are in
the multiplication we do to form that number. For example, 102 tells us that we have carried out
10x10. 103 says 10x10x10 and so on.

The number in front tells us how many “lots” of this we have. So, 1.2 x 102 tells us that we have
carried out 10x10 to arrive at 100, then we have 1.2 “lots” of this, so (1.2 x 100) or 120.

When the index is negative, it tells us how many times ten appears in the division we do: so, 102
tells us that we have divided by 10 twice e.g. 1/(10x10) or 1/100. Again, the number in front tells us
how many lots of this we have. So 12.x10x? is the same as 1/100 or 0.01 then we have 1.2 lots of
this, so (1.2x0.01) or 0.012.

A3.2 Your turn.

Write the following standard form numbers out in full.

Lo 0%
T 130000
0. 2 X072

T, 50X 10T

A3.3 Making it even simpler

For a big number, count how many places to the left the decimal point has to move to the left, to
leave just one digit in front of it. If it has to move x places, the number will be ... x 10*

e.g. for52171, the point moves 4 places left to leave just 5 in front, so we get 5.2171 x 10*

For a small number, count how many places to the right the decimal point must move to the right,
to leave just one non-zero digit in front of it. If it has to move x places, the number will be ... x 10™.

e.g. for0.0000337, the point moves 5 places right to leave just 3 in front,
so we get 3.37 x 10




A3.4 Your turn
Write the following in standard form. If it’s not clear, assume 2 significant figures.

Lod00,000 e
L. 130 e
T, 150,000 e
[0, 0,000

V. 0.000067 e

A4 Converting units
A4.1 Multiply or divide?

To save writing out lots of zeroes we sometimes change the unit. Rather than measure the distance
from town to town using a metre stick and thereby having to write lots of numbers, it’s better to
effectively use a longer stick with length 1 km. 150 km is more convenient than writing 150,000 m. It
gets even more convenient when we’re measuring the distance to the nearest galaxy or the width of
a molecule of water!

Let’s say we need to convert a number in one unit, say A to a number in another unit, say B. We
need to consider two things:

e How many of A arein 1 lot of B? e.g. how many g in a kg?

e In doing this conversion are we making the number larger or smaller? Do we therefore need
to multiply or divide? E.g. in going from 3 km to the same number in metres, are we
expecting the number to get larger by a factor of 1000 or smaller by a factor of 10007? Is 3
km a lot of metres or not many? Do we multiply 3 km by 1000 or divide 3 km by 1000?

A4.2 Your turn. Convert the following numbers. Think about whether you are making the number
larger or smaller.

LS KMUEO T

I, 0.3M 0 K1
B0, 15,020 g to kg (4 S0 o e e
0. 1.6XT10% KG L0 G oo
V. 1320 Mg t0 G (A S e

(1 mg is 1 milligram)
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A4.3 Converting volume units.

How many cm? are in 1 m?? It’s not 100!

Remember that we calculate area by multiplying two lengths together. So an area of 1m2 is
calculated by multiplying: 1 m x 1 m. This is actually 100 cm x 100 cm so in cm?, the area is 100 cm x
100 cm = 10,000 cm?. The conversion factor is 10,000.

So, convert the lengths before working out the area.

Now, volumes are calculated by multiplying three lengths. 1 m? is calculated by multiplying: 1 m x
1m x 1 m. This is 100 cm x 100 cm x 100 cm = 1,000,000 cm?3. 1 m? is a lot of cm?3! The conversion
factor is 1,000,000.

So, convert the lengths before working out the volume.

A4.4 Your turn. Convert the following volumes. Bear in mind what you learned earlier: when you
convert, are you making the number bigger or smaller? Are you multiplying or dividing?

3B t0 CM B
0. 30,000 CIM3 t0 M3
0. 16XT10% M3 0 M3

0. 1OX10% KG L0 G e
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A5 Questions for handing in

Now here are the questions for handing in: they aren’t specifically related to Chemistry but use the
key skills that you’ll need to deal with A-level chemical calculations. Be careful with units!

Please answer on paper and have them ready to hand to your teacher in your first lesson:

) distance
velocity = ”
ime

Use this relationship to find how far a cormorant can travel in 1200 seconds, if it is flying at 5

2. Use the same relationship to find out how long it takes a car travelling at 50 ms™ to travel 50

km.
3. If
AB? —
=

write an expression for B.

12



4. |If a Labrador grows at a steady rate, we can write an expression for its mass:

mass (m) = birth mass (mgy) + growth rate (R)x time (t)

where mass is in kg, growth rate is in kg per day (kg day™) and time is in days.

If a labrador has a mass of 17.6 kg after 180 days and its growth rate is 0.0950 kg day™, what
was its birth mass, mg?

6. Put the following numbers into standard form:

i 356,000

ii. 0.00714

Express the following as conventional numbers (write out in full):

1.04 x 10°

2.22x10*

13



iii. Whatis 247 ginkg?

v. Calculate:
28 (F)

(350 X (B) e

(=10) = ((-20) 7 10) ettt e

vi. A = B-CD. Find the value of C when A=-10, B=-80,D = +2

vii. A percentage question! If | have eaten 30% of my Stinking Bishop cheese, and | now have 140g
left, what mass of Stinking Bishop did | have to start with? Think about how to turn 30 % into
100 %: what are we multiplying by?

14



A6 Answers to self-marked Maths skills questions

Al.4 Your turn.

Make C the subject of the following equations. Keep applying addition, subtraction, multiplication or
division to each side until you get it. Or, move quantities diagonally if they’re multiplying or dividing.

i. A=B+C C=A-B iiiA=B+C+D C=A-B-D
iii. A= BxC c =4 iv. A=2 c=2

B C A
v.A:% Cz% vi. A=BD +C C=A—BD
vii. A=BC?*+D (= A%’

A2.2 Your turn.

Write the following numbers to the specified amount of significant figures.
1.345 to 3 significant figures 1.35

3.14159265 to 5 significant figures 3.1416

3.026 x 10° to 3 significant figures 3.03x10°

A2.4 Your turn. How many significant figures are in the following?

i. 2.3 2 ii. 15.890 5
iii. 0.001 1 iv. 0.20 2
v. 1.50x103 3 vi. 2000 4,32,0r1

15




A3.2 Your turn.

Write the following standard form numbers out in full.

i. 1x10* 10,000 ii. 1.3x10% 1,300,000
iii. 2x1072 0.02 v. 5.6x107* 0.00056

A3.4 Your turn

Write the following in standard form. If it’s not clear, assume 2 significant figures.

i. 100,000 1x10° ii. 130 1.3x10?
iii. 150,000 1.5x10° iv. 0.001 1x107
v. 0.000067 6.7x10°

A4.2 Your turn. Convert the following numbers. Think about whether you are making the number
larger or smaller.

i. 5kmtom 5000 m ii. 0.3 m to km 0.0003 or 3x10* km
iii. 15,020 gtokg (4s.f) 15.02 kg iv. 1.6x10° kg to g 1.6x10°g
v. 1320 mg to g (4 s.f.) 1.320g

(1 mg is 1 milligram)

A4.4 Your turn. Convert the following volumes. Bear in mind what you learned earlier: when you
convert, are you making the number bigger or smaller? Are you multiplying or dividing?

i. 3m3tocm? 3,000,000 cm?
ii. 30,000 cm3 to m? 0.03 m?

iii. 1.6x10° cm® to m3 0.16 m®

iv. 1.6x10° kg to g 1.6x10% g

16




Section B: Important Ideas for Chemistry

e  This section covers a number of important topics that you may already have learned
something about at GCSE. Don’t worry if you haven’t covered any of these things: we will be
going through them all in the early stages of your A-level course.

e Each topic has a few questions at the end for you to have a think about. These are NOT for
handing in to your teacher. Instead, you can get worked answers to them from us, if you
send an email to jared.lewis@hereford.ac.uk. These answers will let you check what you’ve
done but also help you see what to do if you get stuck.

B1 The Periodic Table

B1.1 How is it organised?

The Periodic Table is a miracle of thought and a reflection of our progress in understanding the
atom and trends in atomic structure. The good news is that you don’t have to learn it by heart!
You will have a data sheet in lessons, and in your exams, which includes the Table and important
numbers for each element. The more you use the table, the quicker you’ll become at finding
particular elements, and seeing the relationships between them. The Table, as it appears on the
A-level data sheet, is included on the next page.

Key features of the Periodic Table include:

e Itis organised with atoms placed in order of increasing atomic number.

e Atoms of elements in the same period (a horizontal row) have at least one electron in the
shell corresponding to their period number. For example, you'll find calcium (atomic number
20) in the fourth row down (period 4), so you know that a calcium atom has at least one
electron in the fourth shell.

e Elements in the same group (vertical column) all have the same number of electrons in their
outermost shell. This number is the same as the group number shown in brackets across the
top of the table (eg nitrogen is in group 5 so it has 5 outer shell electrons). The consequence
is that elements in the same group have similar physical and chemical properties. Their
reactivity changes as you descend the group.

e At Alevel you will learn about the way electrons behave in atoms and this will give you an
understanding of why the Periodic Table has the shape it does.

17
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Each element has its own square on the table which includes three key pieces of information:

atomic ! 5 6

number
C symbol

name —+—— Carbon

1201 < relative
atomic mass

The atomic number is the number of protons in the nucleus of an atom of that element. It defines
the element. This number does not change in chemical reactions. Changing the nucleus is in the
domain of physicists.

The relative atomic mass is the average mass of an atom of an element. More about this later.

B1.2 Your turn

1. You've probably never met any rubidium (atomic number 37) but see if you can predict what
sort of properties it might have, from its position in the table.

i How many electrons inthe outershell? ... ... .o,
ii. How many shells does it have? .........ooiiiii e
iii. Will it react by giving electrons or receiving them? (think about elements in the

(o TU] o) IR TP
iv. Will it tend to formacationorananion? ...t
V. Will the products of its reaction with water be acidic or alkaline? .............................
vi. Will it be reactive or relatively inert? ... ...

2. Which elements are these?
Group 14 (old group 4), Period 3 ..o

2 shells, 7 electrons in the outer shell.. ... ..o

19




B2 Atoms and lons
B2.1 What’s inside an atom or ion?

Atoms are of protons and neutrons (which are packed together in the nucleus) and electrons, which
occupy most of the space in the atom, outside the nucleus. You need to know the basic properties of
these particles:

PARTICLE RELATIVE MASS CHARGE
Proton 1 +1
Neutron 1 0
Electron approx. 1/2000 -1

A few key points:

e The number of electrons in a neutral atom is equal to the number of protons. Atoms have
no charge because there are equal numbers of positive and negative charges, and protons
and electrons have equal and opposite charges.

e The sum of the number of protons and the number of neutrons in an atom is called the mass
number. This is written top left of the symbol when we write down a specific isotope’s
symbol.

e.g. an atom with 16 protons is a sulfur atom (atomic number 16). If this atom has 17
neutrons, its mass number is 33, so it can be written as 33S.

e Asimple subtraction: sum of mass number — atomic number will determine the number of
neutrons.

e The chemical properties of atoms are dominated by the electrostatic forces between the
positively charged protons and negatively charged electrons. So neutrons, which have no
charge, have only a small effect on chemical properties. For this reason you can get atoms of
the same element, with virtually the same chemical properties but different numbers of
neutrons. These are called isotopes.

lons are particles formed when atoms lose or gain electrons (note that the number of protons and
neutrons never changes in a chemical process). Since electrons are negatively charged, we can see
that:

e Positive ions (also called cations) are formed when electrons are lost from an atom.
e.g. Mg?* is a magnesium ion, formed when a Mg atom loses two electrons.

e Negative ions (also called anions) are formed when extra electrons are gained by an atom.
e.g. Clis a chloride ion, formed when a chlorine atom gains an electron. (Notice — and try to
get in the habit of following this pattern —the change in the spelling when an atom becomes
a negative ion).

20



B2.2 Your turn.

1. Complete the table.

Protons | Neutrons | Electrons Symbol
i 1 1 1
i 26 30 26
iii 92 143 2359,U
iv BN

2. Write the name and the symbol for what you get when:
i. An oxygen atom gains tWo electrons. ............coiiiiiiii i

ii. An aluminium atom loses three electrons ...,

B3 Chemical Calculations

B3.1 Relative atomic mass

The mass number refers to a specific isotope. However — with rare exceptions — we are usually
working in Chemistry not with individual atoms but with enormous numbers of atoms (e.g. a mugful
of neon gas contains around 10,000,000,000,000,000,000,000 atoms). These will generally include a
mixture of isotopes (our mugful of neon is a mixture of 2°Ne, 2!Ne and ?2Ne atoms, for example).
These all have the same atomic number (same number of protons) and the same number of
electrons but different numbers of neutrons.

So in most practical situations in Chemistry, what we care about is the average mass of an atom of
an element in the mixture. Fortunately, the relative amounts of each isotope are fairly constant
everywhere on Earth (although the small differences that exist are interesting and sometimes useful
to measure). This means that once we’ve measured the average atomic mass, it will be valid for
pretty much any calculation.

The problem is that the mass number doesn’t strictly tell us about the mass. It just counts particles
in the nucleus. It’s not a mass but a number. *2C doesn’t have a mass of 12 g or 12 kg. Also, atoms
with different numbers of particles in the nucleus don’t always have a mass that you’d expect if you
just added the particles’ masses up. The study of these unexpected changes is part of atomic
physics.

So we need a way of measuring mass. Measuring it in kg or g would lead to a ridiculous number of
zeroes and would get tedious to handle pretty quickly. So, instead of using the kg as our unit, we use
a much smaller unit. We haven’t chosen the mass of a hydrogen atom as “1” in our new scale (which

21




might have been perhaps the most obvious move) but we’ve chosen *2C. 1/12 of the mass of a **C
atom is “1” in our relative atomic mass scale.

So we define relative atomic mass:

e Relative atomic mass (A) is the weighted mean mass of an atom of an element relative to
1/12 of the mass of an atom of *2C.

Take carbon. It has two naturally-occurring isotopes in meaningful amounts: 12C and 3C. The relative
masses are 12.000 and 13.003. In any given sample, the average mass will be between the two.

The idea of a “weighted mean” is that the more abundant it is on Earth the more the isotope
contributes towards the average. For example, to calculate the A, of carbon, which is a mixture of
12C and the heavier 13C, the following calculation:

12.000 + 13.003
A, = > =125

can’t be correct because there is far more 2C than *3C. The average should be closer to 12.

Here’s a procedure that will work for us. Imagine we have 100 Cl (chlorine) atoms. If 75% of the
sample are *°Cl isotope then we have 75 atoms of 3°Cl. The remainder, 25 atoms, are 3’Cl. We’d
expect the average mass to be closer to 35 than 37.

e For each isotope take the mass number (which will be close enough to the relative mass for
our purposes, so for example, 13C can be counted as 13, %Cl as 35 and ¥’Cl as 37) and
multiply the mass number x the number of each isotope.

e Add these terms together

e Divide by the 100 (the number of all atoms).

For example: in a sample of chlorine, 75% of atoms are **Cl and 25% are *’Cl.

The average mass is therefore:

Mass number no of atoms in a sample of 100

7

_ (35%75)+ (37 x 75)

A
r 100

B3.2 Your turn
1. Sulfur occurs as a mixture of 3 isotopes: 325: 94.9% $5: 0.80% 35 : 4.3%.

Calculate the relative atomic mass of sulfur.
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B3.3 The mole

The Mole is a quantity that’s used in Chemistry to define an amount of a substance. The definition of
a mole looks a bit strange:

e One mole is the amount of substance containing the Avogadro number of atoms,
molecules or groups of ions.
e Avogadro’s number is = 6.02 x 102 mol? (ie 602 000 000 000 000 000 000 000)

What we’re doing is a bit like counting boxes of bananas instead of individual bananas. Rather than
state that we have 15,500 bananas it would be better to say that we have 310 boxes of bananas,
each with 50 bananas. As long as everyone knows how many are in a box, then it's a more
convenient way of counting them. We all know what 153 boxes of bananas means. It’s just that the
Chemistry “box” is defined as quite a lot of “bananas” (atoms)! Otherwise, we’d be dealing with
huge numbers all the time.

The oddly-defined “box” is actually a convenient size because we’re saying that 12 g of 2Cis 1 box.
Now because **Mg atoms are twice as heavy, 1 box would have a mass of 24 g. *®Ti is four times a s
heavy so its box would have a mass of 48 g. All the boxes have the same number of atoms. IT’s Na in
each box.

We call the box a mole. One mole of any substance contains the same number (N,) of particles. So
we can make this incredibly important general statement:

One mole of atoms of any element has a mass (in grams) that is numerically equal to the relative
atomic mass.

For example, Iron has a relative atomic mass of 55.8 (find it in the Periodic Table), so 1 mole of iron
has a mass of 55.8g.

B3.4 Your turn
1. What is the mass of 3 moles of fluorine atoms?




B3.5 Relative formula mass, M,

Relative formula mass lets us work with substances with more than one atom in their formula by
simply adding up the individual relative atomic masses to get the relative formula mass (M;).

Oxygen exists as molecules made up of pairs of oxygen atoms, so its formula is O. The relative

formula mass is therefore:
M = 2xA;, = 2x16.0 = 32.0 for O,.

Sodium oxide has the formula Na,O. So its M is given by:

2 x A, of sodium + A, of oxygen =(2x23.0)+16.0 = 62.0
So 1 mole of oxygen molecules has a mass of 32.0 g. This isn’t the same as 1 mole of oxygen atoms —
this would have a mass of 16.0, because we’re not counting the same thing. 1 mole of N atoms has
a mass of about 14.0. 1 mole of N, molecules has a mass of about 28 g though.

e One mole of any substance has a mass (in grams) equal to the relative formula mass (M)
of the substance.

B3.6 Your turn
1. What is the relative formula mass of CH,4?

3. A molecule containing only carbon and hydrogen has a relative formula mass of 44.0. It has 3
carbon atoms. How many H atoms are there?
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B4 Structure and Bonding
There are basically 3 ways in which atoms can form strong bonds to other atoms:

* lonic bonding is electrostatic attraction between oppositely charged ions. It most commonly
occurs when a metal forms a compound with a non-metal. For example, NaF and FeCls are
ionic.

* Covalent bonding happens when two atoms share a pair of electrons. The bond is the
attractive force between the shared pair and the nuclei of the two atoms. This type of
bonding is common when non-metals react with one another. For example, H,O has
covalent bonding.

*  Metallic bonding occurs between the atoms of metallic elements — it is the attractive force
between a lattice of positive ions and a sea of delocalised electrons surrounding them.

B4.1 lonic bonding

This most often occurs when a metal forms a compound with a non-metal (this is not always the
case, but it’s a good guideline for when bonding will be ionic. So the correct definition is:

e lonic bonding is electrostatic attraction between oppositely charged ions.

You can predict whether a compound will be ionic if you know which elements are metals and which
are not. There is a rough boundary in the Periodic Table that makes this possible and you'’ll need to
know where this boundary is:

1 2 3 4 5 6 7 0
H He
E N O F N
[ ha | Mg P S O A
NEENNERRBNRRER - « - -
[Ro| s [ v [ 2 [ wof ol Tc| R R fpa fagf cal i e
[ Cs [ 8| o] nrfral wireos] i e |Aufng| m|eo]ei]ro PR
o [ [ [ o ot
.Mﬂ.als Nor-Metaks
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When metals in the main groups of the Periodic Table (it's more complex for the transition
elements) react with non-metals, the metal atoms usually lose all of their outer shell electrons to
form positive ions. As a result the size of the positive charge is the same as the group number. e.g.
calciumis in group 2, so a Ca atom has 2 outer shell electrons and when it reacts it loses both, to
form a Ca®* ion.

Non-metals will tend to gain electrons to complete their outer shell. For example, Cl is in Group 17
(“Group 7”), has 7 electrons in its outer shell and gains one to become CI. Other non-metals may
gain more than one electron and therefore have a more negative charge.

B4.2 Your turn

1. Which ions are formed by the following elements?

i Na i O
iii Mg iv. b
v Al vi S

An ionic bond is the attraction between oppositely charged ions formed in this way. lonic
compounds are neutral overall, so the total charge of the positive and negative ions must cancel
each other out. This enables you to work out the formula of an ionic compound

e.g. sodium forms Na* ions while oxygen forms 0% ions. So to balance out the charges you need
twice as many Na* as 0% ions. The formula of sodium oxide is therefore Na,O.

B4.3 Your turn

1. What will be the formula of the ionic compound formed by ions of the following elements?

ii. NaandCl ... ii. MgandF ...
iii Aland Bro....ee s iv. Liand N ..o,
vi. Aland O .o vi. Aland N.. ...,

These websites may help you, if you're not yet comfortable predicting the formulae of ionic
compounds:

http://freesciencelessons.co.uk/charges-on-ions/

and

http://freesciencelessons.co.uk/formula-of-ionic-compounds/
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You should remember how to draw dot and cross diagrams from GCSE for ionic compounds. Here
are some examples:

Chlorine

Sodium Chlorine

Magnesiurn Chloride
Sodium Chloride

Notice the square brackets and the charges which show that these are no longer atoms: they’re
ions. At A-level we will still use these diagrams, but keep things simpler: we just show the electron
arrangement once the bonds are formed (not what the atoms were like before this) and we just
show just the outer shell electrons in the compound.

e.g. for sodium chloride:

Some ionic compounds contain polyatomic ions: these are ions that are made up of a group of
atoms joined together by covalent bonds, and the whole thing carries a charge. There is a short list
of common ones that you’ll need to learn, so get ahead of the game by learning them now:

e Polyatomic lons to memorise:
Hydroxide OH Sulfate SO;* Nitrate NOs"

Carbonate CO;* Ammonium NH;*

27



Note: you have to be careful when writing the formula of a compound if it contains more than one
polyatomic ion e.g. calcium hydroxide is made up of Ca?* and OH", and it obviously takes two OH-
for each Ca?* to balance the charges. However, CaO,H; would be an unclear way of representing it.
Is the anion made of two O atoms and two H atoms all joined together? Are there two anions: one
containing two O atoms and one containing two H atoms? Clearly not. CaOH; is wrong because it
suggests only one O atoms and two H atoms.

To show that there are two lots of the whole OH"ion, you put a bracket around it in the formula:

Ca(OH),

B4.4 Your turn

Write down the formulae of the following compounds:

i. Magnesium sulfate
ii. Ammonium fluoride
iii. Strontium nitrate L
iv. Ammonium carbonate ..
v. Aluminium sulfate L

B5 Balancing Equations

At A-level you will need to be able to write balanced symbol equations for most of the reactions you
come across, so practising balancing — and being able to do it quickly —is a skill that’s worth
developing at this point. It WILL become hugely important very quickly after you start the course.

B5.1 How to balance an equation

The first rule is that you must always make sure the individual substance formulae are correct before
you start trying to do your balancing act. So:

e First decide if it’s an ionic or covalent substance. Metal plus non-metal, or just non-metals?.

e Ifit'sionic, think about the ionic charge and then use the charge-balancing rule (see above)
to get the formula.

e Ifit’s covalent, there are various ways you can get the correct formula — but we won’t get
into that at the moment.

Now you can start putting your equation together:

1. Write down the correct chemical formula for each reactant and product

2. Check the equation to see if there are the same number of atoms of each element in the
reactants and products. If there are not, it’s not strictly an equation. You need to adjust it.

3. To set about balancing, start with an element that is only in one reactant and one product.
Put a number IN FRONT of the particular reactant or product WITHOUT changing the
formula, to make that element balance. Remember, these numbers in front are balancing
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numbers — they are not part of the formula of the individual substance. Any number in front
multiplies every atom in that compound.

Now do the same for a different element. Remember you can’t change any balancing
number you have already fixed. Continue to do this for each element, until both sides
contain the same number of each type of atom.

e.g. the reaction of iron (lll) oxide with magnesium:

Let’s start with Fe: at the moment, we have 2 on the left but 1 on the right. We can fix this
by putting in a balancing number:

1Fe,05 + ... Mg 2> ... MgO + 2Fe

Note we didn’t write “Fe,”: this would be changing the formula. The underlined numbers are
now fixed — we mustn’t change them. So we can see that since we’re stuck with 1 Fe;0s,
we’ll have to have 3 oxygens on the right too. To make that happen, we need a balancing
number for MgO:

1Fe;05 + .....Mg > 3MgO + 2Fe

Now we’re almost there. We just need to make Mg balance, and that’s easily done:

1Fe,0; + 3Mg > 3MgO + 2Fe

We don’t generally write “1” in an equation —it’s just implied if there is no other balancing
number. So we would write our final equation as:

Fe,0s + 3Mg 2> 3MgO + 2Fe

If you would like more help in learning to balance equations, try these websites:

http://freesciencelessons.co.uk/balancing-chemical-equations/ and

http://www.wikihow.com/Balance-Chemical-Equations
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B5.2 Your turn

1. Balance the following by adding balancing numbers.

i C + H, - CHa

ii. Si + Cl, - SiCl4

iii. H» + F, - HF

iv. CHg4 + (O]} - CO; + H,O
V. Fe + Cly -> FeCl;

vi. Al + 0, - AlLO

For the following reactions, you first have to write formulae for the reactant and products before
balancing. Use what you learned earlier: remember to match the charges of the ions in an ionic
compound’s formula and remember the formulae of the polyatomic ions.

i. burning magnesium in oxygen to give magnesium oxide

ii. sodium + chlorine 2  sodium chloride

(chlorine is a diatomic molecule)

iii. sodium + water 2 sodium hydroxide + hydrogen

iv. sodium carbonate + hydrochloric acid > sodium chloride + carbon dioxide + water

v. sodium hydroxide + sulphuric acid 2 sodium sulphate + water

vii. reacting sodium carbonate solution with magnesium chloride solution to give a precipitate of
magnesium carbonate and another compound left in solution.
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B6 Answers to self-marked Chemistry questions

B1.2 Your turn

1. You've probably never met any rubidium (atomic number 37) but see if you can predict what
sort of properties it might have, from its position in the table.

How many electrons in the outershell? .................. 1(groupl)..ccoviiiniiiiiiinnnn..
How many shells doesithave? ....................ooooell. 5 (Period 5)...............
Will it react by giving electrons or receiving them? (think about elements in the group)

..................................... LOSI N i,
iv. Will it tend to form a cation or an anion? ............... Cation....ooevviiiiii
V. Will the products of its reaction with water be acidic or alkaline? ...... alkaline: think
NaOH and LiOH
vi. Will it be reactive or relatively inert? ......... Low in group 1 so (very) reactive......
2. Which elements are these?
i Group 14 (old group 4), Period 3 ...l ) P
ii. 2 shells, 7 electrons in the outer shell.................. Fluorine (F)...(Period 2, group 17)...

B2.2 Your turn.

1.

Complete the table.

Protons Neutrons | Electrons | Symbol
i 1 1 1 ZH
ii 26 30 26 *66Fe
iii 92 143 92 2359,U
iv 7 8 7 BN




2. Write the name and the symbol for what you get when:

(i) An oxygen atom gains two electrons. ........................... 0%

(ii) An aluminium atom loses three electrons ....................... Al

B3.2 Your turn

1. Sulfur occurs as a mixture of 3 isotopes: 325:94.9% $5: 0.80% 35 : 4.3%.
Calculate the relative atomic mass of sulfur.

(32x94.9) + (33x0.8) + (34x4.3) = 32.09
100

B3.4 Your turn

1. What is the mass of 3 moles of fluorine atoms?
1 mole has a mass of 19.0 g so 3 moles has a mass of 3x19.0g=57.0¢g
2. How many atoms are there?
Each mole has Na atoms, so 3 moles has 3xNa or 3x6.022x10%% = 18.066x10?% (or 1.8066x10%%)
3. Asample of Ne (heon) atoms has a mass of 4.0 g. How many moles is this?
One mole has a mass of 20.2 g. So 4.0 g is 4/20.2 = 0.20 mole
4. How many atoms are in the sample of Neon?
1 mole has Na atoms so 0.20 mole has 0.20 x Na = 1.2x10%

B3.6 Your turn

1. What is the relative formula mass of CH4?
12.0 + 4(1.0) = 16.0

2. What would be the mass of 2 moles of CHs molecules?
One mole would have a mass of 16.0 g, so 2 moles has a mass of 2x16.0=32.0g

3. A molecule containing only carbon and hydrogen has a relative formula mass of 44.0. It has 3
carbon atoms. How many H atoms are there?

3 C atoms have a combined mass of 3x12.0 = 36.0. This leaves a mass of 44.0-36.0 = 8.0
which is 8.0/1.0 = 8 hydrogens. 3 carbons and 8 hydrogens together have a formula C3Hs.
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B4.2 Your turn

1. Which ions are formed by the following elements?

i Na...ooovvvvennnn.. Na*. oo,

ii. ME ..o, Mg i,

iii. Al oo AR
B4.3 Your turn

ii. (O R o>
iii. )
Vi S s*

1. What will be the formula of the ionic compound formed by ions of the following elements?

i NaandCl............... NaCl............

ii. AlandBr............... AlBrs...............

iv. AlandO ................ A|203 ................
B4.4 Your turn

ii. MgandF ............ MgFa..c.o.......
iv. LiandN.............. LisN............
Vi. AlandN.............. AIN..............

1. Write down the formulae of the following compounds:

i Magnesium sulfate ...l

ii. Ammonium fluoride ...l

iii. Strontium nitrate ...l

iv. Ammonium carbonate ...

V. Aluminium sulfate ...
B5.2 Your turn

1. Balance the following by adding balancing numbers.

I C + 2H, -
ii. Si + 2Cl, >
iii. H, + F2 -
iv. CH4 + 20, >
V. 2Fe + 3Cl; -
Vi. 4Al + 30, -

CHa

SiCla

2HF

CO; +
2FeCls
2Al,04

2H,0
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2. For the following reactions, you first have to write formulae for the reactant and products
before balancing. Use what you learned earlier: remember to match the charges of the ions
in an ionic compound’s formula and remember the formulae of the polyatomic ions.

i burning magnesium in oxygen to give magnesium oxide (oxygen is a diatomic molecule)

ii. sodium + chlorine 2  sodium chloride (chlorine is a diatomic molecule)

iii. sodium + water >  sodium hydroxide + hydrogen

iv. sodium carbonate + hydrochloric acid >  sodium chloride + carbon dioxide + water

V. sodium hydroxide + sulphuric acid 2 sodium sulphate + water

vi. burning CsHi; in oxygen to give carbon dioxide and water

vii. reacting sodium carbonate solution with magnesium chloride solution to give a
precipitate of magnesium carbonate and another compound left in solution.
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