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How to use this book

Each chapter begins with a short Thereis a short

list of the facts and concepts that context at the Introduction
: Hve- H H In the last chapter we looked at the types of forces that shall also consider how the closeness and motion of
are expla ! ned init. begl nni ng Of e?C!' keep the particles in solids and liquids together and the particles influences the properties of these three
cha pter, containi ng make it possible to liquefy gases. In this chapter, we states of matter (Figure 5.1).

an example of how
the material covered
in the chapter relates
to the ‘real world’.

S

Learning outcomes

Youshould be at

Figure 5.1 The three states of water are ice, water and steam. The ‘steam’ we see from the kettle is condensed droplets of
water. The real gaseous water is in the area between this condensation and the spout of the kettle. We can’t see it because
itis colourless.

This book does not contain detailed instructions for doing particular experiments,
but you will find background information about the practical work you need to

do in these boxes. There are also two chapters, P1 and P2, which provide detailed
information about the practical skills you need to develop during the course.

METHODS FOR FOLLOWING THE COURSE OF A REACTION (CONTINUED)

Important equations and
other facts are shown in
highlight boxes.

A

Fluoroalkanes least reactive
Chloroalkanes
Bromoalkanes

lodoalkanes most reactive

Questions throughout the text give
you a chance to check that you have
understood the topic you have just
read about. You can find the answers
to these questions on the CD-ROM.

The text and illustrations describe and
explain all of the facts and concepts
that you need to know. The chapters,
and often the content within them

as well, are arranged in the same

sequence as in your syllabus. S

The progress of some reactions can be followed

by measuring small changes in the volume of the
reaction mixture. For example, during the hydration
of methylpropene, the volume decreases.

o

H
(CH,),C=CH, + H,0 —> (CH,),COH

An instrument called a dilatometer (Figure 22.4) is

used to measure the small changes in volume. The
temperature has to be controlled to an accuracy of
+0.001°C. Can you think why?

2 a Suggesta suitable method for following the
progress of each of these reactions:
i H,0,(aq) + 2I"(aq) + 2H*(aq)
—> 2H,0(l) + I(aq)
ii  HCOOCH,(aq) + H,0(l)
—> HCOOH(aq) + CH,0H(aq)
iii 2H,0,(aq) —> 2H,0(l) + O,(g)
iv. BrO, (aq) + 5Br-(aq) + 6H*(aq)
— 3Br,(aq) + 3H,0())
b Why isit essential that the temperature is

kept constant when measuring the progress of
areaction?

Calculating rate of reaction graphically
Rate of reaction usually changes as the reaction proceeds.
This is because the concentration of reactants is
decreasing. Taking the isomerisation of cyclopropane to
propene as an example:

HC
é 0 () ———— CH,CH = CHyg)
2

cyclopropane propene

The progress of this reaction can be followed by measuring
the decrease in concentration of cyclopropane or increase

capillary tube

scale

bulb holding
the reaction
mixture

Figure 22.4 Adilatometer.

in concentration of propene. Table 22.1 shows these
changes at 500 °C. The measurements were all made at
the same temperature because reaction rate is affected
markedly by temperature.

Time/min | [cyclopropane]/ [propene] /
moldm3 moldm
0 1.50 0.00
5 1.23 0.27
10 1.00 0.50
15 0.82 0.68
20 0.67 0.83
25 0.55 0.95
30 0.45 1.05
35 0.37 113
40 0.33 117

Table 22.1 Concentrations of reactant (cyclopropane)
and product (propene) at 5-minute intervals
(temperature =500°C (773K)).

Note that we put square brackets, [ ], around the
cyclopropane and propene to indicate concentration;
[propene] means ‘concentration of propene’.

Figure 22.5 shows how the concentration of propene
changes with time.




How to use this book

Wherever you need to know how to use a formula to carry out a calculation,

there are worked example boses to show you how to do this. . .
Definitions that are required by the

syllabus are shown in highlight boxes.

WORKED EXAMPLE (CONTINUED) WORKED EXAMPLE (CONTINUED)
Step 1 Draw a graph of concentration (of hydrochloric the [CH,0H] because if you look at the data in Table \
acid) against time (Figure 22.13). 22.6, you will see that the concentration of CH,0H P
; . 2 Oxidation Is Loss of electrons.
is decreasing at the same rate as the decrease in N )
ARG EEL Reduction Is Gain of electrons.
1.84

Theinitial letters shown in bold spell OIL RIG. This may
help you to remember these two definitions!

tangent to the curve at 600mi
gives reaction rate at 600mi

T 1404 = .0
§ 1204 48O 551074 o ¢
E
H 1.00 Z"‘
% 080 E 3.04
g 0.60- g
o o S w
0.40 St L
0.20- S35 Z . . .
HEHHEHEE £ 297 Key words are highlighted in the text
0 200 400 600 800 1000 1200 14001600 1800 2000 T . .
B H when they are first introduced.
o 107 /[
Flgdure z:"'s l1f—hlf C°’;Ice“"a"°“ afliyaieailene ae e hydrolyse a protein and try to identify the amino acid
and methanol fall at the same rate as time passes. n s .
B residues present. This is when two-way chromatography is
04

useful. In this technique, paper chromatography is carried
out as normal but then the chromatogram produced

Step 2 Draw tangents to the curve at various places 1.0 20
corresponding to a range of concentrations. In [HCI] and [CH3OH)/ moldnt>
Figure 22.13 the tangent drawn corresponds to

is rotated by 90° and re-run in a different solvent. It is
[HCl] =1.04moldm-3.

Figure 22.14 Agraph showing how concentration unlikely that the R, values will coincide in two different

Step 3 For each tangent drawn, calculate the gradient changes of hydrochloric acid or methanol affect rate . .

) X solvents, so separation takes place (Figure 29.4).
and then the rate of reaction. In Figure 22.13, the rate of reaction. The curve shows that the reaction is likely ’ P P (Fig )
corresponding to [HCl] = 1.04moldm2is to be second order.

1.480

=400 _ -5 31
2000 x 60~ 1:23% 10 moldm™3s

Figure 22.14 shows an upward curve. This indicates
that the reaction is second order. But second order
with respect to what? As the concentrations of both
HCland CH,OH are decreasing at the same rate, either
of these may be second order. The possib

rate = k[CH,OH] [HCU]

rate =k[CH,OH]*

rate = k[HCI]?

Further experiments would have to be carried out to

(multiply by 60 to convert minutes to seconds)

You will also find definitions of
these words in the Glossary.

Table 22.7 shows the rates corresponding to five
different concentrations of hydrochloric acid.

Time/ | Concen- | Rate from Rate from \ two-way chromatography a technique used in paper
or thin-layer chromatography in which one spot of a

min tration/ |graph/ graph/
moldm=3 | moldm=min! | moldm3s?

-3 -5 mixture is placed at the corner of a square sheet and
0 184 23010 5 383x10 S confirm one or other of these possibilities. The only . P . fi q .
200 145 146 10~ 243 x 10~ thing we can be sure of is that the reaction is second is developed in the first solvent as usual. The sheet is
400 1.22 1.05% 1073 175x10° order overall. then turned through 90° and developed in the second
600 104 0.74x10° 123x10° solvent, giving a better separation of components
800 0.91 0.54 x 10~3 0.90 x 10-°

having similar R values.

There is a summary of key

. h f h Summary
pOInts at the end oreac m  Each of the transition elements forms at least one = Some transition element complexes exist as
Chapte r. You m|ght f|nd ion with a partially filled d orbital. They are metals geometrical (cis-trans) isomers, e.g. cis- and trans-
with similar physical and chemical properties. platin; others, especially those associated with

ligands with c ination number 6, may
exist as optical isomers.

thls helpfu' When you are = When a transition element is oxidised, it loses

revisi ng, electrons from the 4s subshell first and then the 3d
subshell to form a positively charged ion.

cis-platin can be used as an anti-cancer drug by
binding to DNA in cancer cells and preventing

= Transition elements can exist in several oxidation e
cell division.

states.

Questions at the end of each chapter are more
demanding exam-style questions, some of which
may require use of knowledge from previous
chapters. Answers to these questions can be
found on the CD-ROM.

End-of-chapter questions

1 Thediagram shows an electrochemical cell designed to find the standard electrode potential for zinc.

O

M

I ==

Name the apparatus labelled A and give a characteristic it should have.

i Name part Band give its two functions.

i Describe how part B can be prepared.

Whatis C?

Name part D and give its two functions.

Give the three standard conditions for the measurement of a standard electrode potential.

Total=15







Moles and equations

Learning outcomes
You should be able to:

m define and use the terms: m perform calculations, including use of the mole
- relative atomic mass, isotopic mass and concept involving:
formula mass based on the 2C scale - reacting masses (from formulae and equations)
- empirical formula and molecular formula - volumes of gases (e.g. in the burning of
- the mole in terms of the Avogadro constant hydrocarbons)
analyse and use mass spectra to calculate the ~ volumes and concentrations of solutions
relative atomic mass of an element m deduce stoichiometric relationships from

calculate empirical and molecular formulae using calculations involving reacting masses, volumes of
combustion data or composition by mass gases and volumes and concentrations of solutions.

write and construct balanced equations
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Introduction

For thousands of years, people have heated rocks and
distilled plant juices to extract materials. Over the
past two centuries, chemists have learnt more and
more about how to get materials from rocks, from
the air and the sea, and from plants. They have also
found out the right conditions to allow these materials
to react together to make new substances, such as
dyes, plastics and medicines. When we make a new
substance it is important to mix the reactants in the
correct proportions to ensure that none is wasted. In
order to do this we need to know about the relative
masses of atoms and molecules and how these are
used in chemical calculations.

Masses of atoms and molecules

Relative atomic mass, A

Atoms of different elements have different masses. When
we perform chemical calculations, we need to know how
heavy one atom is compared with another. The mass of

a single atom is so small that it is impossible to weigh it
directly. To overcome this problem, we have to weigh a lot
of atoms. We then compare this mass with the mass of the
same number of ‘standard’ atoms. Scientists have chosen
to use the isotope carbon-12 as the standard. This has been
given a mass of exactly 12 units. The mass of other atoms is
found by comparing their mass with the mass of carbon-12
atoms. This is called the relative atomic mass, A .

The relative atomic mass is the weighted average mass of
naturally occurring atoms of an element on a scale where
an atom of carbon-12 has a mass of exactly 12 units.

From this it follows that:
A [element Y]

average mass of one atom of element Y x 12

mass of one atom of carbon-12

Figure 1.1 Atitration is a method used to find the amount of
a particular substance in a solution.

We use the average mass of the atom of a particular element
because most elements are mixtures of isotopes. For example,
the exact A_of hydrogen is 1.0079. This is very close to 1 and
most periodic tables give the A of hydrogen as 1.0. However,
some elements in the Periodic Table have values that are not
whole numbers. For example, the A for chlorine is 35.5. This
is because chlorine has two isotopes. In a sample of chlorine,
chlorine-35 makes up about three-quarters of the chlorine
atoms and chlorine-37 makes up about a quarter.

Relative isotopic mass
Isotopes are atoms that have the same number of protons
but different numbers of neutrons (see page 28). We represent
the nucleon number (the total number of neutrons plus
protons in an atom) by a number written at the top
left-hand corner of the atom’s symbol, e.g. 2°Ne, or by
a number written after the atom’s name or symbol, e.g.
neon-20 or Ne-20.

We use the term relative isotopic mass for the mass
of a particular isotope of an element on a scale where
an atom of carbon-12 has a mass of exactly 12 units. For
example, the relative isotopic mass of carbon-13 is 13.00.
If we know both the natural abundance of every isotope
of an element and their isotopic masses, we can calculate



the relative atomic mass of the element very accurately.
To find the necessary data we use an instrument called a
mass spectrometer (see box on mass spectrometry).

Relative molecular mass, M,

The relative molecular mass of a compound (M) is the
relative mass of one molecule of the compound on a
scale where the carbon-12 isotope has a mass of exactly
12 units. We find the relative molecular mass by adding
up the relative atomic masses of all the atoms present in
the molecule.

For example, for methane:

formula CH,
1xC;4xH
(I xA[C])+@xA[H])
=(1x12.0)+ (4 x 1.0)
=16.0

atoms present
add A_ values
M, of methane

Relative formula mass

For compounds containing ions we use the term relative
formula mass. This is calculated in the same way as for
relative molecular mass. It is also given the same symbol,
M.. For example, for magnesium hydroxide:

Mg(OH),

1 x Mg?*; 2 x (OH")

formula
ions present

add A_ values (1 x A [Mg]) + (2 x (A,[O] + A [H])
M, of magnesium
hydroxide = (1 x24.3) + (2 x (16.0 + 1.0))

=583

1 Usethe Periodic Table on page 473 to calculate the
relative formula masses of the following:

a calcium chloride, CaCl,

b copper(ll) sulfate, CuSO,

¢ ammonium sulfate, (NH,),SO,

d magnesium nitrate-6-water, Mg(NO,),.6H,0

Hint: for part d you need to calculate the mass of
water separately and then add it to the M, of Mg(NO,),.

Chapter 1: Moles and equations

Accurate relative atomic masses

MASS SPECTROMETRY

A mass spectrometer (Figure 1.2) can be used

to measure the mass of each isotope present

in an element. It also compares how much of

each isotope is present - the relative abundance
(isotopic abundance). A simplified diagram of a
mass spectrometer is shown in Figure 1.3. You will
not be expected to know the details of how a mass
spectrometer works, but it is useful to understand
how the results are obtained.

Figure 1.2 A mass spectrometer is a large and complex
instrument.

vaporised sample

l positively charged
| electrodes accelerate positive ions

K
|

magnetic field

7

heated \

211'232:5 ionisation ion
flight tube

high-energy chamber I3 detector

electrons

recorder

computer

Figure 1.3 Simplified diagram of a mass spectrometer.
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MASS SPECTROMETRY (CONTINUED)

The atoms of the element in the vaporised sample
are converted into ions. The stream of ions is
brought to a detector after being deflected (bent)
by a strong magnetic field. As the magnetic field is
increased, the ions of heavier and heavier isotopes
are brought to the detector. The detector is
connected to a computer, which displays the

mass spectrum.

The mass spectrum produced shows the relative
abundance (isotopic abundance) on the vertical
axis and the mass to ion charge ratio (m/e) on the
horizontal axis. Figure 1.4 shows a typical mass
spectrum for a sample of lead. Table 1.1 shows
how the data is interpreted.

3_

Detector current/ mA

0 ! T 1 1 1
204 205 206 207 208 209
Mass/charge (m/e) ratio

Figure 1.4 The mass spectrum of a sample of lead.

For singly positively charged ions the m/e values
give the nucleon number of the isotopes detected.
In the case of lead, Table 1.1 shows that 52% of the
lead is the isotope with an isotopic mass of 208.
The rest is lead-204 (2%), lead-206 (24%) and lead-
207 (22%).

Isotopic mass Relative abundance /%

204 2
206 24
207 22
208 52
total 100

Table 1.1 The data from Figure 1.4.

Determination of A_from mass spectra
We can use the data obtained from a mass spectrometer
to calculate the relative atomic mass of an element very
accurately. To calculate the relative atomic mass we follow
this method:

m  multiply each isotopic mass by its percentage abundance
®  add thefigures together
m divide by 100.

We can use this method to calculate the relative atomic
mass of neon from its mass spectrum, shown in Figure 1.5.
The mass spectrum of neon has three peaks:

20Ne (90.9%), 2'Ne (0.3%) and *>Ne (8.8%).

A, of neon

~ (20x90.9) + (21.0x 0.3) + (22 x 8.8) _ 202
B 100 oo

Note that this answer is given to 3 significant figures,
which is consistent with the data given.

2
100 - 2
(=)}
< 80
~
g
5 60
=
=
<
o 40-
=
ks
& 20 8
S o
% =]
o
0 T I ! 1
19 20 21 2 23

Mass/charge (m/e) ratio

Figure 1.5 The mass spectrum of neon, Ne.

A high-resolution mass spectrometer can give very
accurate relative isotopic masses. For example °0 = 15.995
and 32S = 31.972. Because of this, chemists can distinguish
between molecules such as SO, and S,, which appear to
have the same relative molecular mass.



2 Look at the mass spectrum of germanium, Ge.

QQ
3
40 ©
- S
<
s 307 s N
~ ©
g S
) 20
f o
3 7 S 8
< 10 i
0'_/\/ T T T [ 1T || T I UL
70 75 80

Mass/charge (m/e) ratio

Figure 1.6 The mass spectrum of germanium.

a Write the isotopic formula for the heaviest isotope
of germanium.

b Use the % abundance of each isotope to calculate
the relative atomic mass of germanium.

Amount of substance

The mole and the Avogadro constant

The formula of a compound shows us the number of
atoms of each element present in one formula unit or one
molecule of the compound. In water we know that two
atoms of hydrogen (A = 1.0) combine with one atom of
oxygen (A, = 16.0). So the ratio of mass of hydrogen atoms
to oxygen atoms in a water molecule is 2: 16. No matter
how many molecules of water we have, this ratio will
always be the same. But the mass of even 1000 atoms is
far too small to be weighed. We have to scale up much
more than this to get an amount of substance that is easy
to weigh.

The relative atomic mass or relative molecular mass of
a substance in grams is called a mole of the substance. So a
mole of sodium (A = 23.0) weighs 23.0g. The abbreviation
for a mole is mol. We define the mole in terms of the
standard carbon-12 isotope (see page 28).

One mole of a substance is the amount of that substance
that has the same number of specific particles (atoms,
molecules or ions) as there are atoms in exactly 12 g of the
carbon-12 isotope.

Chapter 1: Moles and equations

We often refer to the mass of a mole of substance as its
molar mass (abbreviation M). The units of molar mass
areg mol .

The number of atoms in a mole of atoms is very large:
6.02 x 10 atoms. This number is called the Avogadro
constant (or Avogadro number). The symbol for the
Avogadro constant is L (the symbol N, may also be used).
The Avogadro constant applies to atoms, molecules, ions
and electrons. So in 1 mole of sodium there are 6.02 x 10%
sodium atoms and in 1 mole of sodium chloride (NaClI) there
are 6.02 x 10?* sodium ions and 6.02 x 10% chloride ions.

It is important to make clear what type of particles
we are referring to. If we just state ‘moles of chlorine’, it is
not clear whether we are thinking about chlorine atoms
or chlorine molecules. A mole of chlorine molecules, Cl,,
contains 6.02 x 10 chlorine molecules but twice as many
chlorine atoms, as there are two chlorine atoms in every
chlorine molecule.

Figure 1.7 Amedeo Avogadro (1776-1856) was an Italian
scientist who first deduced that equal volumes of gases
contain equal numbers of molecules. Although the Avogadro
constant is named after him, it was left to other scientists to
calculate the number of particles in a mole.

Moles and mass

The Systéme International (SI) base unit for mass is the
kilogram. But this is a rather large mass to use for general
laboratory work in chemistry. So chemists prefer to use
the relative molecular mass or formula mass in grams
(1000g = 1kg). You can find the number of moles of a
substance by using the mass of substance and the relative
atomic mass (A ) or relative molecular mass (M)).

mass of substance in grams (g)

number of moles (mol) =
molar mass (gmol™)
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1 How many moles of sodium chloride are present in
117.0 g of sodium chloride, NaCl?

(A, values: Na =23.0, Cl = 35.5)
molar mass of NaCl = 23.0 + 35.5
= 58.5 g mol™*

number of moles =-——=

117.0

58.5

2.0 mol

Figure 1.8 From left to right, one mole of each of copper,
bromine, carbon, mercury and lead.

3 a UsetheseA values(Fe=55.8,N=14.0,0=16.0,
S=32.1) to calculate the amount of substance in
moles in each of the following:

i 10.7gof sulfur atoms
i 64.2g of sulfur molecules (Sg)
ili 60.45g of anhydrous iron(lll) nitrate, Fe(NO,)

b Use the value of the Avogadro constant (6.02 x
1023 mol™) to calculate the total number of atomsin
7.10g of chlorine atoms. (A value: Cl =35.5)

3°

To find the mass of a substance present in a given number
of moles, you need to rearrange the equation

mass of substance in grams (g)

number of moles (mol) =
molar mass (gmol™)

mass of substance (g)
= number of moles (mol) x molar mass (gmol ™)

2 What mass of sodium hydroxide, NaOH, is present in
0.25mol of sodium hydroxide?

(A, values: H=1.0,Na=23.0,0 = 16.0)
molar mass of NaOH =23.0+16.0+ 1.0

=40.0gmol!
mass = number of moles x molar mass
=0.25x40.0g
=10.0g NaOH

4 UsetheseA values:C=12.0,Fe=55.8,H=1.0,
0=16.0,Na=23.0.
Calculate the mass of the following:
a 0.20 moles of carbon dioxide, CO,
b 0.050 moles of sodium carbonate, Na,CO,
¢ 5.00 moles of iron(ll) hydroxide, Fe(OH),

Mole calculations

Reacting masses

When reacting chemicals together we may need to know
what mass of each reactant to use so that they react exactly
and there is no waste. To calculate this we need to know
the chemical equation. This shows us the ratio of moles

of the reactants and products - the stoichiometry of the
equation. The balanced equation shows this stoichiometry.
For example, in the reaction

Fe,O, + 3CO —> 2Fe + 3CO,

1 mole of iron(III) oxide reacts with 3 moles of carbon
monoxide to form 2 moles of iron and 3 moles of carbon
dioxide. The stoichiometry of the equationis 1:3:2:3.
The large numbers that are included in the equation
(3, 2 and 3) are called stoichiometric numbers.

In order to find the mass of products formed in a
chemical reaction we use:

m the mass of the reactants
m the molar mass of the reactants
m the balanced equation.
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WORKED EXAMPLE

4 Iron(Ill) oxide reacts with carbon monoxide to form
iron and carbon dioxide.

Fe,0, + 3CO —> 2Fe + 30,

Calculate the maximum mass of iron produced when
798 g of iron(lll) oxide is reduced by excess carbon
monoxide.

(A, values: Fe=55.8,0=16.0)

Step1 Fe,0, + 3CO —> 2Fe + 3CO,

Step2 1 moleiron(lll) oxide —> 2molesiron
(2% 55.8) +(3x16.0) —>2x55.8

159.6g Fe,0, —> 111.6gFe
Figure 1.9 Iron reacting with sulfur to produce iron sulfide. 111.6
We can calculate exactly how much iron is needed to react Step3 798¢ 159.6 X798
with sulfur and the mass of the products formed by =558g Fe
knowing the molar mass of each reactant and the balanced You can see that in step 3, we have simply used ratios
chemical equation. to calculate the amount of iron produced from 798 g of

iron(l1l) oxide.
WORKED EXAMPLE
3 Magnesium burns in oxygen to form magnesium oxide.
QUESTION
2Mg + 0, —> 2MgO0

We can calculate the mass of oxygen needed to react 5 a Sodium reacts with excess oxygen to form sodium
with 1 mole of magnesium. We can calculate the mass peroxide, Na,0,.
of magnesium oxide formed. 2Na + 0, —> Na,0,

Step 1 Write the balanced equation.
Calculate the maximum mass of sodium

peroxide formed when 4.60 g of sodium is burnt
in excess oxygen.

Step 2 Multiply each formula mass in g by the
relevant stoichiometric number in the equation.

Mg+ 0, — 2MgO (A, values: Na =23.0,0=16.0)
2x24.3g 1x32.0g 2x(24.3g + 16.0g) . L .
8.6 320 " b Tin(IV) oxide is reduced to tin by carbon. Carbon
g Vg ©8 monoxide is also formed.
From this calculation we can deduce that: Sn0, + 2C —> Sn +2CO

32.0g of oxygen are needed to react exactly with
48.6 g of magnesium
80.6 g of magnesium oxide are formed.

Calculate the mass of carbon that exactly reacts
with 14.0 g of tin(IV) oxide. Give your answer to 3
significant figures.

If we burn 12.15 g of magnesium (0.5 mol) we get (A_values: C=12.0,0=16.0, Sn=118.7)
] : .0, .0, .

20.15g of magnesium oxide. This is because the
stoichiometry of the reaction shows us that for every
mole of magnesium burnt we get the same number of
moles of magnesium oxide. The stoichiometry of a reaction
We can find the stoichiometry of a reaction if we know the
amounts of each reactant that exactly react together and
the amounts of each product formed.

For example, if we react 4.0 g of hydrogen with 32.0g of
oxygen we get 36.0g of water. (A, values: H = 1.0, O = 16.0)

In this type of calculation we do not always need to know
the molar mass of each of the reactants. If one or more of
the reactants is in excess, we need only know the mass in
grams and the molar mass of the reactant that is not in
excess (the limiting reactant).
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hydrogen (H,) + oxygen (O,) —> water (H,0)

4.0 32.0 36.0
2x1.0 2x16.0 (2x1.0) + 16.0
=2 mol =1 mol =2 mol

This ratio is the ratio of stoichiometric numbers in the
equation. So the equation is:

2H, + O, — 2H,0

We can still deduce the stoichiometry of this reaction
even if we do not know the mass of oxygen that reacted.
The ratio of hydrogen to water is 1: 1. But there is only one
atom of oxygen in a molecule of water — half the amount
in an oxygen molecule. So the mole ratio of oxygen to
water in the equation must be 1:2.

6 56.2gofsilicon, Si, reacts exactly with 284.0 g of
chlorine, Cl,, to form 340.2 g of silicon(IV) chloride,
SiCl,. Use this information to calculate the
stoichiometry of the reaction.

(A, values: Cl=35.5,Si=28.1)

Significant figures
When we perform chemical calculations it is important
that we give the answer to the number of significant
figures that fits with the data provided. The examples show
the number 526.84 rounded up to varying numbers of
significant figures.

rounded to 4 significant figures = 526.8

rounded to 3 significant figures = 527

rounded to 2 significant figures = 530
When you are writing an answer to a calculation, the

answer should be to the same number of significant figures

as the least number of significant figures in the data.

5 How many moles of calcium oxide are there in 2.9 g of
calcium oxide?

(A, values: Ca=40.1,0=16.0)

If you divide 2.9 by 56.1, your calculator shows
0.051693.... The least number of significant figures
in the data, however, is 2 (the mass is 2.9 g). So your
answer should be expressed to 2 significant figures,
as 0.052mol.

Note 1 Zeros before a number are not significant
figures. For example, 0.004 is only to 1 significant
figure.

Note 2 After the decimal point, zeros after a number
are significant figures. 0.0040 has 2 significant figures
and 0.00400 has 3 significant figures.

Note 3 If you are performing a calculation with
several steps, do not round up in between steps.
Round up at the end.

Percentage composition by mass

We can use the formula of a compound and relative atomic
masses to calculate the percentage by mass of a particular
element in a compound.

% by mass

atomic mass x number of moles of particular

element in a compound
= x 100
molar mass of compound

6 Calculate the percentage by mass of iron in iron(lll)

oxide, Fe,0,.
(A, values: Fe=55.8,0=16.0)
. 2x%x55.8
9 =
% mass of iron (2%55.8)+ (3% 16.0) x 100
=69.9%

Figure 1.10 Thisiron oreisimpure Fe,0,. We can calculate
the mass of iron that can be obtained from Fe,0, by using
molar masses.



7 Calculate the percentage by mass of carbon in
ethanol, C,H,OH.

(A values: C=12.0,H=1.0,0=16.0)

Empirical formulae

The empirical formula of a compound is the simplest whole
number ratio of the elements present in one molecule or
formula unit of the compound. The molecular formula of a
compound shows the total number of atoms of each element
present in a molecule.

Table 1.2 shows the empirical and molecular formulae
for a number of compounds.

m The formula for anionic compound is always its
empirical formula.

® The empirical formula and molecular formula for simple
inorganic molecules are often the same.

m Organic molecules often have different empirical and
molecular formulae.

Compound Empirical Molecular
formula formula
water H,O H,0
hydrogen peroxide HO H,0,
sulfur dioxide SO, SO,
butane C,Hg CHyp
cyclohexane CH, CeHyn

Table 1.2 Some empirical and molecular formulae.

8 Write the empirical formula for:
a hydrazine,N,H,

b octane, C,H,

¢ benzene, C.H,
d ammonia, NH,

The empirical formula can be found by determining

the mass of each element present in a sample of the
compound. For some compounds this can be done by
combustion. An organic compound must be very pure in
order to calculate its empirical formula. Chemists often
use gas chromatography to purify compounds before
carrying out formula analysis.
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WORKED EXAMPLES

7 Deduce the formula of magnesium oxide.

This can be found as follows:
burn a known mass of magnesium (0.486 g) in
excess oxygen
record the mass of magnesium oxide formed
(0.806g)
calculate the mass of oxygen that has combined
with the magnesium (0.806 - 0.486g) =0.320g
calculate the mole ratio of magnesium to oxygen
(A, values: Mg=24.3,0=16.0)

.486¢
moles of Mg = ——————=0.0200mol
24.3gmol
.320g
moles of oxygen = —————=0.0200mol
16.0gmol~

The simplest ratio of magnesium:oxygen is 1:1. So the
empirical formula of magnesium oxide is MgO.

8 When 1.55g of phosphorus is completely combusted
3.55g of an oxide of phosphorus is produced. Deduce
the empirical formula of this oxide of phosphorus.

(A, values: 0=16.0,P =31.0)

P o
Step1 note the mass 1.55¢g 3.55-1.55
of each element =2.00g
Step 2 divide by atomic 1.55g 2.00g
masses
31.0gmol? 16.0gmol™!
=0.05mol =0.125mol
Step 3 divide by the 0.05 _ 0.125 _
lowest figure 0.05 1 0.05 -2
Step 4 if needed, obtain P,0,

the lowest whole
number ratio

to get empirical
formula

An empirical formula can also be deduced from data that
give the percentage composition by mass of the elements
in a compound.
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9 Acompound of carbon and hydrogen contains 85.7%
carbon and 14.3% hydrogen by mass. Deduce the
empirical formula of this hydrocarbon.

(A, values: C=12.0,0=16.0)

(o H
Step 1 note the % by mass 85.7 14.3
. 857 _ 143 _
Step 2 divide by A values 20 - 7.142 1o - 14.3
Step 3 divide by the lowest  7.142 _ 143 _ )
figure 7.142 7.142

Empirical formula is CH,.

9 The composition by mass of a hydrocarbon is 10%
hydrogen and 90% carbon. Deduce the empirical
formula of this hydrocarbon.

(A, values: C=12.0,H=1.0)

Molecular formulae

The molecular formula shows the actual number of each
of the different atoms present in a molecule. The molecular
formula is more useful than the empirical formula. We
use the molecular formula to write balanced equations
and to calculate molar masses. The molecular formula is
always a multiple of the empirical formula. For example,
the molecular formula of ethane, C,H,, is two times the
empirical formula, CH,.

In order to deduce the molecular formula we need
to know:

m therelative formula mass of the compound
m the empirical formula.

10 Acompound has the empirical formula CH,Br. Its
relative molecular mass is 187.8. Deduce the molecular
formula of this compound.

(A, values: Br=79.9,C=12.0,H=1.0)

Step 1 find the empirical formula mass:
12.0+(2x1.0)+79.9=93.9

Step 2 divide the relative molecular mass by

.. 187.8 _
the empirical formula mass: 93.9 =2

Step 3 multiply the number of atoms in the empirical
formula by the number in step 2:
2 % CH,Br, so molecular formulais C,H,Br,.

10 The empirical formulae and molar masses of three
compounds, A, B and C, are shown in the table below.
Calculate the molecular formula of each of these
compounds.

(A, values: C=12.0,Cl=35.5,H=1.0)

A C,H, 82
B ccl, 237
C CH 112

Chemical formulae and
chemical equations

Deducing the formula

The electronic structure of the individual elements in a
compound determines the formula of a compound (see
page 33). The formula of an ionic compound is determined by
the charges on each of the ions present. The number of positive
charges is balanced by the number of negative charges so that
the total charge on the compound is zero. We can work out the
formula for a compound if we know the charges on the ions.
Figure 1.11 shows the charges on some simple ions related to
the position of the elements in the Periodic Table. The form
of the Periodic Table that we shall be using has 18 groups
because the transition elements are numbered as Groups
3 to 12. So, aluminium is in Group 13 and chlorine is in
Group 17.

For simple metal ions in Groups 1 and 2, the value of
the positive charge is the same as the group number. For
a simple metal ion in Group 13, the value of the positive
charge is 3+. For a simple non-metal ion in Groups 15 to
17, the value of the negative charge is 18 minus the group



18
Group
+
» | H 13 14 15 16 17 |
BeZ* none
Mg2* AP+ none
Caz* . Ga’* none
transition
g2+ elements none

Figure 1.11 The charge on some simple ionsis related to
their position in the Periodic Table.

number. The charge on the ions of transition elements can
vary. For example, iron forms two types of ions, Fe** and
Fe** (Figure 1.12).

Figure 1.12 Iron(ll) chloride (left) and iron(lll) chloride (right).
These two chlorides of iron both contain iron and chlorine,
but they have different formulae.

Ions that contain more than one type of atom are called
compound ions. Some common compound ions that you
should learn are listed in Table 1.3. The formula for an
ionic compound is obtained by balancing the charges of
the ions.

ammonium NH,*
carbonate Co»
hydrogencarbonate HCO,
hydroxide OH~

nitrate NO,~
phosphate PO,*
sulfate SO,*

Table 1.3 The formulae of some common compound ions.
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WORKED EXAMPLES

11 Deduce the formula of magnesium chloride.

lons present: Mg2* and Cl-.
For electrical neutrality, we need two Cl~ ions for every
Mg?*ion. (2% 1-)+(1x24)=0
So the formula is MgCL,.
12 Deduce the formula of aluminium oxide.
lons present: Al** and 0%

For electrical neutrality, we need three 0% ions for
every two Al3* jons. (3x2-) +(2x3+) =0

So the formula is AL,O,.

The formula of a covalent compound is deduced from the
number of electrons needed to achieve the stable electronic
configuration of a noble gas (see page 49). In general,
carbon atoms form four bonds with other atoms, hydrogen
and halogen atoms form one bond and oxygen atoms form
two bonds. So the formula of water, H,O, follows these
rules. The formula for methane is CH,, with each carbon
atom bonding with four hydrogen atoms. However, there
are many exceptions to these rules.

Compounds containing a simple metal ion and non-
metal ion are named by changing the end of the name of
the non-metal element to -ide.

sodium + chlorine —> sodium chloride

zinc + sulfur —> zinc sulfide

Compound ions containing oxygen are usually called
-ates. For example, the sulfate ion contains sulfur
and oxygen, the phosphate ion contains phosphorus
and oxygen.

QUESTION

11 a Write down the formula of each of the following
compounds:

i magnesium nitrate
ii calcium sulfate
iii sodiumiodide
iv hydrogen bromide
v sodium sulfide

b Name each of the following compounds:
i Na,PO, i AlCL,
ii (NH),S0, iv Ca(NO,),
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Balancing chemical equations
When chemicals react, atoms cannot be either created

or destroyed. So there must be the same number of each Step3 balancethe Fe,0, + CO —> 2Fe + CO,
type of atom on the reactants side of a chemical equation iron

as there are on the products side. A symbol equation is a 2[Fe]+ 1[C]+ 2[Fe] + 1[C]+
shorthand way of describing a chemical reaction. It shows 3[0]  1[0] 2[0]
the number and type of the atoms in the reactants and the Step4 balancethe Fe,0, + 3CO —> 2Fe + 3CO,
number and type of atoms in the products. If these are oxygen 2[Fe]+ 3[C]+ 2[Fe] + 3[C]+
the same, we say the equation is balanced. Follow these 3[0]  3[0] 6[0]
examples to see how we balance an equation. In step 4 the oxygen in the CO, comes from two places,

the Fe,0, and the CO. In order to balance the equation,
the same number of oxygen atoms (3) must come from
the iron oxide as come from the carbon monoxide.

13 Balancing an equation

Step 1 Write down the formulae of all the reactants and
products. For example:

H, + 0, > H,0 12 Write balanced equations for the following reactions.
Step 2 Count the number of atoms of each reactant a Iron reacts with hydrochloric acid to form iron(ll)
and product. chloride, FeCl,, and hydrogen.

H, + o, —> H,0 b Aluminium hydroxide, Al(OH),, decomposes on

2[H] 2[0] 2[H] + 1[0] heating to form aluminium oxide, AL, O,, and water.
H H i f
Step 3 Balance one of the atoms by placing a number S DI CH,, burns in oxygen to form carbon
) . dioxide and water.
in front of one of the reactants or products. In this case

the oxygen atoms on the right-hand side need to be

balanced, so that they are equal in number to those on
the left-hand side. Remember that the number in front Using state sym bols
multiplies everything in the formula. For example, 2H,0

We sometimes find it useful to specify the physical states
has 4 hydrogen atoms and 2 oxygen atoms.

of the reactants and products in a chemical reaction. This

H, * 0, — 2H,0 is especially important where chemical equilibrium and
2[H] 2[0] 4[H] +2(0] rates of reaction are being discussed (see Chapter 8 and
Step 4 Keep balancing in this way, one type of atom at Chapter 9). We use the following state symbols:
a time until all the atoms are balanced. = (s)solid
2H, u 0, — 2H,0 m () liquid
4[H] 2[0] 4[H]+2[0] ® (g)gas
Note that when you balance an equation you must not ® (aqg) aqueous (a solution in water).
change the formulae of any of the reactants State symbols are written after the formula of each
or products.

reactant and product. For example:
14 Write a balanced equation for the reaction of iron(lll)

oxide with carbon monoxide to form iron and carbon ZnCO,4(s) + H,S0,(aq) —> ZnSO,(aq) + H,0(1) + CO,(g)
dioxide.

Stepl formulae Fe,0, + CO —> Fe + CO,
Step2 countthe Fe,0,+ CO —> Fe + CO,

number 13 Write balanced equations, including state symbols, for
ofatoms  2[Fe]+ 1[C]+ 1[Fe] 1[C]+ the following reactions.
3[0] 1[0] 2[0] a Solid calcium carbonate reacts with aqueous

hydrochloric acid to form water, carbon dioxide
and an aqueous solution of calcium chloride.



b Anaqueous solution of zinc sulfate, ZnSO,,
reacts with an aqueous solution of sodium
hydroxide. The products are a precipitate of zinc
hydroxide, Zn(OH),, and an aqueous solution of
sodium sulfate.

Figure 1.13 The reaction between calcium carbonate and
hydrochloric acid. The equation for this reaction, with all the
state symbols, is:

CaCO,(s) + 2HCl(aq) —> CaCl,(aq) + CO,(g) + H,0(l)

Balancing ionic equations
When ionic compounds dissolve in water, the ions
separate from each other. For example:

NaCl(s) + ag —> Na'*(aq) + Cl (aq)

Ionic compounds include salts such as sodium bromide,
magnesium sulfate and ammonium nitrate. Acids and
alkalis also contain ions. For example H*(aq) and Cl (aq)
ions are present in hydrochloric acid and Na*(aq) and
OH™(aq) ions are present in sodium hydroxide.

Many chemical reactions in aqueous solution involve
ionic compounds. Only some of the ions in solution take
part in these reactions.

The ions that play no part in the reaction are called
spectator ions.

An ionic equation is simpler than a full chemical
equation. It shows only the ions or other particles that are
reacting. Spectator ions are omitted. Compare the full
equation for the reaction of zinc with aqueous copper(II)
sulfate with the ionic equation.

full chemical equation: Zn(s) + CuSO,(aq)

—>ZnSO,(aq) + Cu(s)
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with charges: Zn(s) + Cu**SO,*"(aq)

—> Zn**SO,*"(aq) + Cu(s)
cancelling spectator ions:  Zn(s) + CuziSQf—‘G&q-)
—> Zn**$0~aq)r + Cu(s)

Zn(s) + Cu**(aq)
—> Zn**(aq) + Cul(s)

ionic equation:

In the ionic equation you will notice that:

m there are no sulfate ions - these are the spectator ions as
they have not changed

m  both the charges and the atoms are balanced.

The next examples show how we can change a full
equation into an ionic equation.

WORKED EXAMPLES

15 Writing an ionic equation

Step 1 Write down the full balanced equation.

Mg(s) + 2HCl(aq) —> MgCl,(aq) + H,(g)
Step 2 Write down all the ions present. Any reactant
or product that has a state symbol (s), (I) or (g) oris a
molecule in solution such as chlorine, Cl,(ag), does not
splitintoions.

Mg(s) + 2H"(aq) + 2Cl(aq)

—> Mg (aq) + 2Cl"(aq) + H,(g)

Step 3 Cancel the ions that appear on both sides of
the equation (the spectator ions).

Mg(s) + 2H"(aq) + 2€tae)
—> Mg?*(aq) + 2€ttag) + H,(g)
Step 4 Write down the equation omitting the
spectator ions.

Mg(s) + 2H*(ag) —> Mg?*(aq) + H,(g)
16 Write the ionic equation for the reaction of aqueous
chlorine with aqueous potassium bromide. The

products are aqueous bromine and aqueous
potassium chloride.

Step 1 The full balanced equation is:
Cl,(aq) + 2KBr(aq) —> Br,(aq) + 2KCl(aq)
Step 2 Theions present are:
Cl,(aq) + 2K*(aq) + 2Br(aq)
—> Br,(aq) + 2K*(aq) + 2Cl-(aq)
Step 3 Cancel the spectator ions:
Cl,(aq) + 2KkXas} + 2Br (aq)
—> Br,(aq) + 2KXag} + 2Cl(aq)
Step 4 Write the final ionic equation:
Cly(aq) + 2Br(agq) —> Br,(aq) + 2Cl*(aq)
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14 Change these full equations to ionic equations.
a H,SO,(aq)+2NaOH(aq) —> 2H,0(aq)+Na,SO,(aq)
b Br,(aq) + 2KI(aq) —> 2KBr(aq) + I,(aq)

Chemists usually prefer to write ionic equations for
precipitation reactions. A precipitation reaction is a
reaction where two aqueous solutions react to form a solid
- the precipitate. For these reactions the method of writing
the ionic equation can be simplified. All you have to do is:

m write the formula of the precipitate as the product

m write the ions that go to make up the precipitate as
the reactants.

WORKED EXAMPLE

17 Anaqueous solution of iron(ll) sulfate reacts with an
aqueous solution of sodium hydroxide. A precipitate of
iron(ll) hydroxide is formed, together with an aqueous
solution of sodium sulfate.

Write the full balanced equation:

FeSO,(aq)+2NaOH(aq) —> Fe(OH),(s) + Na,SO,(aq)

The ionic equation is:
Fe*"(aq) + 20H (aq) —> Fe(OH),(s)

15 Write ionic equations for these precipitation reactions.
a CusO,(aq) + 2NaOH(aq)
— Cu(OH),(s) + Na,S0,(aq)
b Pb(NO,),(aq) + 2KI(agq) — PbI,(s) + 2KNO,(aq)

Solutions and concentration

Calculating the concentration of

a solution

The concentration of a solution is the amount of

solute dissolved in a solvent to make 1 dm? (one cubic
decimetre) of solution. The solvent is usually water. There
are 1000 cm? in a cubic decimetre. When 1 mole of a

compound is dissolved to make 1dm? of solution the
concentration is 1 moldm™.

concentration (moldm™3)
_ number of moles of solute (mol)

volume of solution (dm?3)
We use the terms ‘concentrated’ and ‘dilute’ to refer to the
relative amount of solute in the solution. A solution with a
low concentration of solute is a dilute solution. If there is a
high concentration of solute, the solution is concentrated.
When performing calculations involving
concentrations in moldm™ you need to:

m change massin grams to moles
m change cm?to dm? (by dividing the number of cm3 by 1000).

WORKED EXAMPLE

18 Calculate the concentration in moldm=3 of sodium
hydroxide, NaOH, if 250 cm? of a solution contains 2.0g
of sodium hydroxide.

(M, value: NaOH =40.0)

Step1 Change grams to moles.
2.0

200 0.050 mol NaOH

Step2 Change cm?todm?3.
250

250cm?3= mdm3 =0.25dm3

Step 3 Calculate concentration.
0.050 (mol)

=0.20moldm-3
0.25 (dm?) motam

Figure 1.14 The concentration of chlorine in the waterin a
swimming pool must be carefully controlled.



We often need to calculate the mass of a substance present
in a solution of known concentration and volume. To do
this we:
® rearrange the concentration equation to:
number of moles (mol)
= concentration (mol dm~3) x volume (dm?3)
m  multiply the moles of solute by its molar mass

mass of solute (g)
=number of moles (mol) x molar mass (gmol™)

WORKED EXAMPLE

19 Calculate the mass of anhydrous copper(ll) sulfate in
55cm?3 of a 0.20 moldm™3 solution of copper(ll) sulfate.

(A, values: Cu=63.5,0=16.0,S=32.1)

Step1l Change cm?todm?3.

__5 _ 3
=1000 =0.055dm

Step2 moles = concentration (moldm™3)
x volume of solution (dm3)
=0.20 x 0.055=0.011 mol
Step3 mass(g) =molesx M
=0.011 % (63.5+32.1+ (4x 16.0))
=1.8g (to 2 significant figures)
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16 a Calculate the concentration, in moldm™3, of the
following solutions: (A, values: C=12.0,H=1.0,
Na=23.0,0=16.0)

i asolution of sodium hydroxide, NaOH,
containing 2.0 g of sodium hydroxide in 50 cm3
of solution

i asolution of ethanoic acid, CH,CO,H, containing
12.0g of ethanoic acid in 250 cm? of solution.
b Calculate the number of moles of solute dissolved
in each of the following:

i 40cm? of aqueous nitric acid of concentration
0.2moldm™3

ii  50cm?3 of calcium hydroxide solution of
concentration 0.01 moldm-3.

CARRYING OUT A TITRATION

A procedure called a titration is used to determine the
amount of substance present in a solution of unknown
concentration. There are several different kinds of
titration. One of the commonest involves

the exact neutralisation of an alkali by an acid

(Figure 1.15).

If we want to determine the concentration of a solution
of sodium hydroxide we use the following procedure.

Get some of acid of known concentration.

Fill a clean burette with the acid (after having washed
the burette with a little of the acid).

Record the initial burette reading.

Measure a known volume of the alkali into a titration
flask using a graduated (volumetric) pipette.

Add an indicator solution to the alkali in the flask.
Slowly add the acid from the burette to the flask,
swirling the flask all the time until the indicator changes
colour (the end-point).

Record the final burette reading. The final reading
minus the initial reading is called the titre. This first
titre is normally known as a ‘rough’ value.

Repeat this process, adding the acid drop by drop
near the end-point.

Repeat again, until you have two titres that are no
more than 0.10 cm? apart.

Take the average of these two titre values.

Your results should be recorded in a table, looking
like this:

final burette 37.60 | 3865 | 36.40 | 34.75
reading/cm?

initial burette 2.40 400 | 1.40 | 0.00
reading/cm?

titre /cm? 3520 | 34.65 | 35.00 | 34.75
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CARRYING OUT A TITRATION (CONTINUED)

Figure 1.15 a A funnelis used to fill the burette with hydrochloric acid. b A graduated pipette is used to measure 25.0cm3
of sodium hydroxide solution into a conical flask. ¢ An indicator called litmus is added to the sodium hydroxide solution,
which turns blue. d 12.5cm? of hydrochloric acid from the burette have been added to the 25.0 cm? of alkali in the conical
flask. The litmus has gone red, showing that this volume of acid was just enough to neutralise the alkali.

You should note: 3 the concentration of the solution in the burette
all burette readings are given to an accuracy 4 the volume of the solution in the titration flask (in the
of 0.05cm? example above this is sodium hydroxide)
the units are shown like this ¢/ cm® 5 the concentration of the solution in the
the two titres that are no more than 0.10cm? apart are titration flask.

1 and 3, so they would be averaged

" treis 34,70 e If we know four of these five things, we can calculate
the average titre is 34.70cm?>.

the fifth. So in order to calculate the concentration
In every titration there are five important pieces of of sodium hydroxide in the flask we need to know
knowledge: the first four of these points.

1 the balanced equation for the reaction

2 the volume of the solution in the burette (in the
example above this is hydrochloric acid)



Calculating solution concentration by
titration

A titration is often used to find the exact concentration
of a solution. Worked example 20 shows the steps used
to calculate the concentration of a solution of sodium
hydroxide when it is neutralised by aqueous sulfuric acid
of known concentration and volume.

WORKED EXAMPLE

20 25.0cm? of a solution of sodium hydroxide is
exactly neutralised by 15.10 cm? of sulfuric acid of
concentration 0.200 moldm™3.
2NaOH + H,50, —> Na,S0, + 2H,0
Calculate the concentration, in moldm=3, of the
sodium hydroxide solution.

Step 1 Calculate the moles of acid.

moles = concentration (moldm™3)
xvolume of solution (dm3)
15.10

0.200 % 7= =0.00302mol H,S0,

Step 2 Use the stoichiometry of the balanced
equation to calculate the moles of NaOH.

moles of NaOH = moles of acid (from step 1) x 2

Step 3 Calculate the concentration of NaOH.

concentration (moldm™3)
number of moles of solute (mol)

volume of solution (dm3)
~ 0.00604
~ 0.0250
=0.242moldm3

Note 1 In the first step we use the reagent for which
the concentration and volume are both known.

Note 2 In step 2, we multiply by 2 because the
balanced equation shows that 2 mol of NaOH react
with every 1mol of H,SO,.

Note 3 In step 3, we divide by 0.0250 because we have
25.0

3 3 = E20Y
changed cm?to dm?10.0250 1000/

Note 4 The answer is given to 3 significant figures
because the smallest number of significant figures in
the datais 3.
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17 a The equation for the reaction of strontium
hydroxide with hydrochloric acid is shown below.

Sr(OH), + 2HCl —> SrCl, + 2H,0

25.0cm3 of a solution of strontium hydroxide was
exactly neutralised by 15.00cm? of 0.100 moldm™3
hydrochloric acid. Calculate the concentration, in
moldm=3, of the strontium hydroxide solution.

b 20.0cm?3ofa0.400moldm™3 solution of sodium
hydroxide was exactly neutralised by 25.25cm?3
of sulfuric acid. Calculate the concentration, in
moldm=3, of the sulfuric acid. The equation for the
reaction is:

H,S0, + 2NaOH —> Na,S0, + 2H,0

Deducing stoichiometry by titration

We can use titration results to find the stoichiometry

of a reaction. In order to do this, we need to know the
concentrations and the volumes of both the reactants. The
example below shows how to determine the stoichiometry
of the reaction between a metal hydroxide and an acid.

WORKED EXAMPLE

21 25.0cm? of a 0.0500 moldm=3 solution of a metal
hydroxide was titrated against a solution of
0.200moldm=3 hydrochloric acid. It required 12.50 cm?
of hydrochloric acid to exactly neutralise the metal
hydroxide. Deduce the stoichiometry of this reaction.

Step 1 Calculate the number of moles of each reagent.

moles of metal hydroxide
= concentration (moldm™3) x volume of solution (dm?3)
25.0
1000
moles of hydrochloric acid
= concentration (moldm=3) x volume of solution (dm3)
12.50

= == =3
0.200 x 1000 2.50 % 102 mol

Step 2 Deduce the simplest mole ratio of metal
hydroxide to hydrochloric acid.

1.25 x 10~3moles of hydroxide:2.50 x 10-3moles of acid
=1 hydroxide:2 acid

=0.0500 x =1.25%103mol
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Step 3 Write the equation.
M(OH), + 2HCl —> MCl, + 2H,0

One mole of hydroxide ions neutralises one mole of
hydrogen ions. As one mole of the metal hydroxide
neutralises two moles of hydrochloric acid, the metal
hydroxide must contain two hydroxide ions in each
formula unit.

18 20.0cm? of a metal hydroxide of concentration
0.0600 moldm=3 was titrated with 0.100 moldm-3
hydrochloric acid. It required 24.00 cm? of the
hydrochloric acid to exactly neutralise the metal
hydroxide.

a Calculate the number of moles of metal
hydroxide used.

b Calculate the number of moles of hydrochloric
acid used.

¢ What is the simplest mole ratio of metal hydroxide
to hydrochloric acid?

d Write a balanced equation for this reaction using
your answers to parts a, b and c to help you. Use
the symbol M for the metal.

Calculations involving gas
volumes

Using the molar gas volume

In 1811 the Italian scientist Amedeo Avogadro suggested
that equal volumes of all gases contain the same number
of molecules. This is called Avogadro’s hypothesis. This
idea is approximately true as long as the pressure is not
too high or the temperature too low. It is convenient to
measure volumes of gases at room temperature (20 °C)
and pressure (1 atmosphere). At room temperature and
pressure (r.t.p.) one mole of any gas has a volume of
24.0dm?3. So, 24.0 dm? of carbon dioxide and 24.0 dm? of
hydrogen both contain one mole of gas molecules.

We can use the molar gas volume of 24.0 dm? at r.t.p.
to find:

m thevolume of a given mass or number of moles of gas
m the mass or number of moles of a given volume of gas.

22 Calculate the volume of 0.40 mol of nitrogen at r.t.p.

(volume (in dm3) =24.0 X number of moles of gas

volume =24.0 x 0.40
=9.6dm?3
23 Calculate the mass of methane, CH,, presentin
120cm3 of methane.

(M, value: methane = 16.0)

120cm3is 0.120dm3( 120 _ 0.120)

1000
volume of methane (dm?3)
24.0

moles of methane =
0.120

" 7240

=5x%1073mol
mass of methane =5x 1073 x 16.0

=0.080g methane

19 a Calculate the volume, in dm?, occupied by 26.4 g of
carbon dioxide atr.t.p.

(A, values: C=12.0,0=16.0)
b Aflask of volume 120 cm?is filled with helium gas

atr.t.p. Calculate the mass of helium present in
the flask.

(A, value: He =4.0)

Figure 1.16 Anaesthetists have to know about gas volumes
so that patients remain unconscious during major operations.



Gas volumes and stoichiometry

We can use the ratio of reacting volumes of gases to
deduce the stoichiometry of a reaction. If we mix 20 cm?
of hydrogen with 10 cm? of oxygen and explode the
mixture, we will find that the gases have exactly reacted
together and no hydrogen or oxygen remains. According
to Avogadro’s hypothesis, equal volumes of gases contain
equal numbers of molecules and therefore equal numbers
of moles of gases. So the mole ratio of hydrogen to oxygen
is 2:1. We can summarise this as:

hydrogen + oxygen —> water

(H,) (0, (H,0)
20 cm? 10cm3
ratio of moles 2 : 1
equation 2H, + O, — 2HO

Chapter 1: Moles and equations

We can extend this idea to experiments involving
combustion data of hydrocarbons. The example below
shows how the formula of propane and the stoichiometry
of the equation can be deduced. Propane is a hydrocarbon
- a compound of carbon and hydrogen only.

20 50cm? of a gaseous hydride of phosphorus, PH, reacts
with exactly 150 cm? of chlorine, CL,, to form liquid
phosphorus trichloride and 150 cm? of hydrogen
chloride gas, HCL.

a How many moles of chlorine react with 1 mole of
the gaseous hydride?

b Deduce the formula of the phosphorus hydride.
¢ Write a balanced equation for the reaction.

WORKED EXAMPLE

24 When 50cm? of propane reacts exactly with 250 cm? of
oxygen, 150 cm® of carbon dioxide is formed.

propane +oxygen — carbon dioxide + water

(0,) (co,) (H,0)
50cm3®  250cm3 150cm?
ratio
of moles 1 5 3

As 1 mole of propane produces 3 moles of carbon dioxide,
there must be 3 moles of carbon atoms in one mole of
propane.

C,H, +50, —> 3O, + yH,0

The 5 moles of oxygen molecules are used to react with
both the carbon and the hydrogen in the propane. 3 moles
of these oxygen molecules have been used in forming
carbon dioxide. So 5 - 3 =2 moles of oxygen molecules
must be used in reacting with the hydrogen to form

water. There are 4 moles of atoms in 2 moles of oxygen
molecules. So there must be 4 moles of water formed.

C,H, +50, —> 3C0, + 4H,0

So there must be 8 hydrogen atoms in 1 molecule of
propane.

C;H, + 50, —> 3CO, + 4H,0
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Summary

m Relative atomic mass is the weighted average mass
of naturally occurring atoms of an element on a
scale where an atom of carbon-12 has a mass of
exactly 12 units. Relative molecular mass, relative
isotopic mass and relative formula mass are also
based on the *°C scale.

m Thetype and relative amount of each isotope in an
element can be found by mass spectrometry.

m The relative atomic mass of an element can be
calculated from its mass spectrum.

= One mole of a substance is the amount of substance
that has the same number of particles as there are
in exactly 12 g of carbon-12.

m The Avogadro constant is the number of a stated
type of particle (atom, ion or molecule) in a mole of
those particles.

Empirical formulae may be calculated using the
mass of the elements present and their relative
atomic masses or from combustion data.

Molecular formulae show the total number of atoms
of each element present in one molecule or one
formula unit of the compound.

The molecular formula may be calculated from
the empirical formula if the relative molecular mass
is known.

The mole concept can be used to calculate:
- reacting masses

- volumes of gases

- volumes and concentrations of solutions.

The stoichiometry of a reaction can be obtained
from calculations involving reacting masses,
gas volumes, and volumes and concentrations

» Empirical formulae show the simplest whole of solutions.
number ratio of atoms in a compound.
End-of-chapter questions
1 a i Whatdoyouunderstand by the term relative atomic mass? [1]

ii  Asample of boron was found to have the following % composition by mass:

198 (18.7%), ' B (81.3%)

Calculate a value for the relative atomic mass of boron. Give your answer to 3 significant figures. [2]
b Boronions, B*, can be formed by bombarding gaseous boron with high-energy electrons in a mass
spectrometer. Deduce the number of electrons in one B3* ion. [1]

¢ Boronis presentin compounds called borates.

i UsetheA values below to calculate the relative molecular mass of iron(lll) borate, Fe(BO,),.

(A, values: Fe=55.8, B=10.8,0=16.0)

(1]

ii  The accurate relative atomic mass of iron, Fe, is 55.8. Explain why the accurate relative atomic mass

is not a whole number.

(1]
Total=6
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2 This question is about two transition metals, hafnium (Hf) and zirconium (Zr).
a Hafnium forms a peroxide whose formula can be written as Hf0,.2H,0. Use the A values below to
calculate the relative molecular mass of hafnium peroxide.
(A values: Hf = 178.5,H=1.0,0 = 16.0)
b Aparticularisotope of hafnium has 72 protons and a nucleon number of 180. Write the isotopic symbol
for this isotope, showing this information.
¢ The mass spectrum of zirconium is shown below.

100

80

[=2)
o
|

N
o
|

Abundance / %

+—17.4%

N
o
|
+—11.2%
+17.1%

N\

90

Mass/charge (m/e) ratio

i Usetheinformation from this mass spectrum to calculate the relative atomic mass of zirconium.
Give your answer to 3 significant figures.

ii High-resolution mass spectra show accurate relative isotopic masses. What do you understand by
the term relative isotopic mass?

Total=5

3 Solid sodium carbonate reacts with aqueous hydrochloric acid to form aqueous sodium chloride,
carbon dioxide and water.

Na,CO, + 2HCl —> 2NaCl + CO, + H,0

a Rewrite this equation to include state symbols.
Calculate the number of moles of hydrochloric acid required to react exactly with 4.15g of sodium
carbonate.
(A values: C=12.0,Na=23.0,0=16.0)
Define the term mole.
An aqueous solution of 25.0cm? sodium carbonate of concentration 0.0200 moldm=3 is titrated with
hydrochloric acid. The volume of hydrochloric acid required to exactly react with the sodium carbonate

is 12.50cm3.
i Calculate the number of moles of sodium carbonate present in the solution of sodium carbonate.

i Calculate the concentration of the hydrochloric acid.
How many moles of carbon dioxide are produced when 0.2 mol of sodium carbonate reacts with excess

hydrochloric acid?
Calculate the volume of this number of moles of carbon dioxide at r.t.p. (L mol of gas occupies

24dm3atrt.p.) (1]

Total=10
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4 Hydrocarbons are compounds of carbon and hydrogen only. Hydrocarbon Z is composed of 80% carbon
and 20% hydrogen.

a Calculate the empirical formula of hydrocarbon Z.

(A, values:C=12.0,H=1.0)

b The molar mass of hydrocarbon Z is 30.0 gmol™. Deduce the molecular formula of this hydrocarbon.
When 50cm?3 of hydrocarbon Y is burnt, it reacts with exactly 300 cm? of oxygen to form 200 cm3 of
carbon dioxide. Water is also formed in the reaction. Deduce the equation for this reaction. Explain
your reasoning.

d Propane has the molecular formula C;H,. Calculate the mass of 600cm? of propane at r.t.p. (1 mol of
gas occupies 24dm?3atr.t.p.)

(A values:C=12.0,H=1.0)

2]

Total =10

5 When sodium reacts with titanium chloride (TiCl,), sodium chloride (NaCl) and titanium (Ti) are produced.

a Write the balanced symbol equation for the reaction.

b What mass of titanium is produced from 380 g of titanium chloride? Give your answer to 3 significant
figures.
(A, values: Ti=47.9,Cl=35.5)

¢ What mass of titanium is produced using 46.0 g of sodium? Give your answer to 3 significant figures.
(A, values: Na=23.0)

6 Inthis question give all answers to 3 significant figures.
The reaction between NaOH and HCl can be written as:

HCl + NaOH —> NaCl + H,0

In such a reaction, 15.0cm? of hydrochloric acid was neutralised by 20.0cm? of 0.0500 moldm~ sodium

hydroxide.

a Whatwas the volume in dm?3 of:
i theacid?
ii thealkali?

b Calculate the number of moles of alkali.
Calculate the number of moles of acid and then its concentration.

7 Give all answers to 3 significant figures.
Ammonium nitrate decomposes on heating to give nitrogen(l) oxide and water as follows:

NH,NO,(s) —> N,0(g) + 2H,0())
a Whatisthe formula mass of ammonium nitrate?

b How many moles of ammonium nitrate are present in 0.800 g of the solid?
¢ What volume of N,O gas would be produced from this mass of ammonium nitrate?

2]

2]

(2]
Total=6

(1]
(1]
(1]

Total=5

Total=5
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8 Give all answers to 3 significant figures.
a 1.20dm3 of hydrogen chloride gas was dissolved in 100cm?® of water.
i How many moles of hydrogen chloride gas are present?
ii  What was the concentration of the hydrochloric acid formed?
25.0cm? of the acid was then titrated against sodium hydroxide of concentration 0.200 moldm=3
to form NaCl and water:

NaOH + HCl —> H,0 + NaCl

i How many moles of acid were used?
ii Calculate the volume of sodium hydroxide used.

9 Give all answers to 3 significant figures.
4.80dm? of chlorine gas was reacted with sodium hydroxide solution. The reaction taking place was
as follows:

Cl,(g) + 2NaOH(aq) —> NacCl(aq) + NaOCl(aq) + H,O(l)

How many moles of Cl, reacted?

What mass of NaOCl was formed?

If the concentration of the NaOH was 2.00 moldm=3, what volume of sodium hydroxide solution
was required?

Write an ionic equation for this reaction.

10 Calcium oxide reacts with hydrochloric acid according to the equation:
Ca0 + 2HCl —> CaCl, + H,0

a  What mass of calcium chloride is formed when 28.05 g of calcium oxide reacts with excess
hydrochloric acid? 2]
What mass of hydrochloric acid reacts with 28.05g of calcium oxide? [2]
What mass of water is produced? (1]

Total=5

11 When ammonia gas and hydrogen chloride gas mix together, they react to form a solid called ammonium
chloride.
Write a balanced equation for this reaction, including state symbols. [2]
Calculate the molar masses of ammonia, hydrogen chloride and ammonium chloride. [3]
What volumes of ammonia and hydrogen chloride gases must react at r.t.p. in order to produce 10.7 g of
ammonium chloride? (1 mol of gas occupies 24dm?3 at r.t.p.) [3]

Total=8




Atomic structure

Learning outcomes
You should be able to:

m identify and describe protons, neutrons and
electrons in terms of their relative charges and
relative masses

m deduce the behaviour of beams of protons, neutrons
and electrons in electric fields

m describe the distribution of mass and charges within
an atom

m deduce the numbers of protons, neutrons and
electrons present in both atoms and ions given

proton and nucleon numbers and charge

m describe the contribution of protons and neutrons

to atomic nuclei in terms of proton number and
nucleon number

distinguish between isotopes on the basis of different
numbers of neutrons present

recognise and use the symbolism ;A forisotopes,
where *is the nucleon number and yis the

proton number.



Introduction

In order to explain how chemical substances behaved,
scientists first had to understand what the substances
themselves were made from. Over time, a model was
developed in which all substances were composed

of atoms of elements. Originally it was thought that
atoms could not themselves be broken up into yet
smaller parts, but now we understand the structure
inside the atoms themselves, and the role of electrons,
protons and neutrons. We can now design and make
materials and objects almost at the atomic level.

Nanotechnology is the design and making of objects
that may have a thickness of only a few thousand
atoms or less. Groups of atoms can be moved around
on special surfaces. In this way scientists hope to
develop tiny machines that may help deliver medical
drugs to exactly where they are needed in the body.

Elements and atoms

Every substance in our world is made up from chemical
elements. These chemical elements cannot be broken down
further into simpler substances by chemical means. A few
elements, such as nitrogen and gold, are found on their
own in nature, not combined with other elements. Most
elements, however, are found in combination with other
elements as compounds.

Every element has its own chemical symbol. The
symbols are often derived from Latin or Greek words.
Some examples are shown in Table 2.1.

Element | Symbol

Li (from Greek ‘lithos’)
Fe (from Latin ferrum’)

potassium K (from Arabic ‘al-qualyah’ or from the
Latin ‘kalium’)

Table 2.1 Some examples of chemical symbols.

Chemical elements contain only one type of atom. An
atom is the smallest part of an element that can take part
in a chemical change. Atoms are very small. The diameter
of a hydrogen atom is approximately 1071°m, so the mass
of an atom must also be very small. A single hydrogen
atom weighs only 1.67 x 10" kg.

Chapter 2: Atomic structure
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Figure 2.1 Each of the blue peaks in this image is an
individual molecule. The molecules can be moved over
a copper surface, making this a molecular abacus or
counting device.

Figure 2.2 Our Sunis made largely of the elements hydrogen
and helium. This is a composite image made using X-ray and
solar optical telescopes.

Inside the atom

The structure of an atom

Every atom has nearly all of its mass concentrated in a
tiny region in the centre of the atom called the nucleus.
The nucleus is made up of particles called nucleons. There
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are two types of nucleon: protons and neutrons. Atoms of
different elements have different numbers of protons.

Outside the nucleus, particles called electrons move
around in regions of space called orbitals (see page 37).
Chemists often find it convenient to use a model of the
atom in which electrons move around the nucleus in
electron shells. Each shell is a certain distance from the
nucleus at its own particular energy level (see page 37).
In a neutral atom, the number of electrons is equal to the
number of protons. A simple model of a carbon atom is
shown in Figure 2.3.

electron

nucleus

electron shells
(energy levels)

proton neutron

Figure 2.3 Amodel of a carbon atom. This modelis not very
accurate but it is useful for understanding what happens to
the electrons during chemical reactions.

Atoms are tiny, but the nucleus of an atom is far tinier
still. If the diameter of an atom were the size of a football
stadium, the nucleus would only be the size of a pea. This
means that most of the atom is empty space! Electrons are
even smaller than protons and neutrons.

Figure 2.4 Ernest Rutherford (left) and Hans Geiger (right)
using their alpha-particle apparatus. Interpretation of

the results led to Rutherford proposing the nuclear model
for atoms.

EXPERIMENTS WITH SUBATOMIC PARTICLES

We can deduce the electric charge of subatomic
particles by showing how beams of electrons,
protons and neutrons behave in electric fields. If we
fire a beam of electrons past electrically charged
plates, the electrons are deflected (bent) away from
the negative plate and towards the positive plate
(Figure 2.5a). This shows us that the electrons are
negatively charged.

A cathode-ray tube (Figure 2.5b) can be used to
produce beams of electrons. At one end of the tube

fluorescent
screen
with scale

cathode rays

charged —
plates (anode)

magnets causing

electromagnetic
a field beam deflected
downwards
| —
-------- S T Figure 2.5 a The beam of electrons is deflected away from a negatively
electron |:\\\ charged plate and towards a positively charged plate. b The electron
beam + S beam in a cathode-ray tube is deflected (bent) by an electromagnetic
field. The direction of the deflection shows us that the electron is

negatively charged.
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EXPERIMENTS WITH SUBATOMIC PARTICLES (CONTINUED)

is a metal wire (cathode), which is heated to a high
temperature when a low voltage is applied to it. At
the other end of the tube is a fluorescent screen,

In recent years, experiments have been carried out
with beams of electrons, protons and neutrons. The
results of these experiments show that:

which glows when electrons hit it.

The electrons are given off from the heated wire and
are attracted towards two metal plates, which are
positively charged. As they pass through the metal
plates the electrons form a beam. When the electron
beam hits the screen a spot of light is produced.
When an electric field is applied across this beam
the electrons are deflected (bent). The fact that the
electrons are so easily attracted to the positively
charged anode and that they are easily deflected by
an electric field shows us that:

electrons have a negative charge
electrons have a very small mass.

‘x

Figure 2.6 J.J. Thomson calculated the charge to mass
ratio of electrons. He used results from experiments with
electrons in cathode-ray tubes.

1 Abeam of electronsis passing close to a highly
negatively charged plate. When the electrons pass
close to the plate, they are deflected (bent) away from
the plate.

a proton beam is deflected away from a positively
charged plate; as like charges repel, the protons must
have a positive charge (Figure 2.7)

an electron beam is deflected towards a positively
charged plate; as unlike charges attract, the electrons
must have a negative charge

a beam of neutrons is not deflected; this is because
they are uncharged.

protons detected on
walls of apparatus

protons

+

Figure 2.7 Abeam of protons is deflected away from a
positively charged area. This shows us that protons have
a positive charge.

In these experiments, huge voltages have to be

used to show the deflection of the proton beam.
This contrasts with the very low voltages needed

to show the deflection of an electron beam. These
experiments show us that protons are much heavier
than electrons. If we used the same voltage to
deflect electrons and protons, the beam of electrons
would have a far greater deflection than the beam
of protons. This is because a proton is about 2000
times as heavy as an electron.

a What deflection would you expect, if any, when the
experiment is repeated with beams of i protons and
ii neutrons? Explain your answers.

b Which subatomic particle (electron, proton or neutron)
would deviate the most? Explain your answer.




Cambridge International AS Level Chemistry

Masses and charges: a summary

Electrons, protons and neutrons have characteristic charges
and masses. The values of these are too small

to be very useful when discussing general chemical
properties. For example, the charge on a single electron

is -1.602 x 107" coulombs. We therefore compare their
masses and charges by using their relative charges and

masses. These are shown in Table 2.2.

Subatomic | Symbol Relative Relative
particle mass charge

1
electron e 1836 -1
neutron n 1 0
proton p 1 +1

Table 2.2 Comparing electrons, neutrons and protons.

Numbers of nucleons

Proton number and nucleon number

The number of protons in the nucleus of an atom is called
the proton number (Z). It is also known as the atomic
number. Every atom of the same element has the same
number of protons in its nucleus. It is the proton number
that makes an atom what it is. For example, an atom with
a proton number of 11 must be an atom of the element
sodium. The Periodic Table of elements is arranged in order
of the proton numbers of the individual elements
(see Appendix 1, page 473).

The nucleon number (A) is the number of protons plus
neutrons in the nucleus of an atom. This is also known as
the mass number.

How many neutrons?

We can use the nucleon number and proton number to find
the number of neutrons in an atom. As:

nucleon number = number of protons + number of neutrons

Then:
number of neutrons = nucleon number — number of protons
=A-Z

For example, an atom of aluminium has a nucleon number
of 27 and a proton number of 13. So an aluminium atom
has 27 - 13 = 14 neutrons.

2 Usetheinformation in the table to deduce the number
of electrons and neutrons in a neutral atom of:

a vanadium
b strontium
¢ phosphorus.

vanadium 51 23

strontium 84 38

phosphorus 31 15
Isotopes

All atoms of the same element have the same number of
protons. However, they may have different numbers of
neutrons. Atoms of the same element that have differing
numbers of neutrons are called isotopes.

Isotopes are atoms of the same element with different
nucleon (mass) numbers.

Isotopes of a particular element have the same chemical
properties because they have the same number of
electrons. They have slightly different physical properties,
such as small differences in density.

We can write symbols for isotopes. We write the
nucleon number at the top left of the chemical symbol and
the proton number at the bottom left.

The symbol for the isotope of boron with 5 protons and
11 nucleons is written:

nucleon number —> 11 B
proton number —> 5

Hydrogen has three isotopes. The atomic structure and
isotopic symbols for the three isotopes of hydrogen are
shown in Figure 2.8.

When writing generally about isotopes, chemists also
name them by omitting the proton number and placing
the nucleon number after the name. For example, the
isotopes of hydrogen can be called hydrogen-1, hydrogen-2
and hydrogen-3.
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deuterium tritium

1 1
1 2

2 3
iH 1

Figure 2.8 The atomic structure and isotopic symbols for the three isotopes of hydrogen.

Isotopes can be radioactive or non-radioactive. Specific
radioisotopes (radioactive isotopes) can be used to check
for leaks in oil or gas pipelines and to check the thickness
of paper. They are also used in medicine to treat some
types of cancer and to check the activity of the thyroid
gland in the throat.

3 Use the Periodic Table on page 473 to help you.
Write isotopic symbols for the following neutral atoms:
a bromine-81
b calcium-44
c iron-58
d palladium-110.

How many protons, neutrons
and electrons?

In a neutral atom the number of positively charged protons
in the nucleus equals the number of negatively charged
electrons outside the nucleus. When an atom gains or loses
electrons, ions are formed, which are electrically charged.
For example:

Cl + e — Cl

1 electron gained chloride ion
17 protons
18 electrons

chlorine atom
17 protons
17 electrons

The chloride ion has a single negative charge because there
are 17 protons (+) and 18 electrons (-).

Mg —> Mg?* + 2e”
magnesium magnesium 2 electrons
atom ion removed
12 protons 12 protons

12 electrons 10 electrons

The magnesium ion has a charge of 2+ because it has 12
protons (+) but only 10 electrons (-).

The isotopic symbol for an ion derived from sulfur-33
is 2°$2. This sulfide ion has 16 protons, 17 neutrons
(because 33 - 16 = 17) and 18 electrons (because 16 + 2 = 18).

4 Deduce the number of electrons in each of these ions:
a Kt
b N
c 20~

d IGa3
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Summary

m Every atom has an internal structure with a nucleus m The number of neutrons in an atom is found by
in the centre and the negatively charged electrons subtracting the proton number from the nucleon
arranged in ‘shells’ outside the nucleus. number (A - 2).

m Most of the mass of the atom is in the nucleus, which ® In aneutral atom, number of electrons = number
contains protons (positively charged) and neutrons of protons. When there are more protons than
(uncharged). electrons, the atom becomes a positive ion. When

there are more electrons than protons, a negatively

= Beams of protons and electrons are deflected by
charged ion is formed.

electric fields but neutrons are not.

m Isotopes are atoms with the same atomic number
but different nucleon numbers. They only differ in
the number of neutrons they contain.

m All atoms of the same element have the same
number of protons. This is the proton number (2),
which is also called the atomic number.

m The nucleon number, which is also called the mass
number (4), is the total number of protons and
neutrons in an atom.

End-of-chapter questions

1 Boronisan elementin Group 13 of the Periodic Table.
a Boron has two isotopes.

What do you understand by the term isotope? [1]

State the number of i protons, ii neutrons and iii electrons in one neutral atom of the isotope léB. [3]

State the relative masses and charges of:

i anelectron [2]

ii aneutron [2]

iii aproton [2]
Total=10

2 Zirconium, Zr, and hafnium, Hf, are metals.
An isotope of zirconium has 40 protons and 91 nucleons.
a i Writetheisotopic symbol for this isotope of zirconium. [1]
ii  How many neutrons are present in one atom of this isotope? [1]
b Hafniumions, lgngzﬁ are produced in a mass spectrometer.

How many electrons are present in one of these hafnium ions? [1]
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neutrons and protons. A beam of protons is fired into an electric field
produced by two charged plates, as shown in the diagram. beam of

protons

¢ The subatomic particles present in zirconium and hafnium are electrons,
+

1

i Describe how the beam of protons behaves when it passes through the gap between the charged plates.

Explain your answer. [2]
ii Describe and explain what happens when a beam of neutrons passes through the gap between the
charged plates. 2]
Total=7
3 a Describethe structure of an atom, giving details of the subatomic particles present. [6]
b Explain the terms atomic number and nucleon number. [2]
¢ Copyand complete the table:

Neutral atom | Atomic number | Nucleon number | Numbers of each subatomic particle present

Mg 12 24
Al 13 27 2l
Explain why atoms are neutral. (1]
An oxygen atom has 8 protons in its nucleus. Explain why it cannot have 9 protons. [1]
f When calculating the relative mass of an atom, the electrons are not used in the calculation. Explain why not. [1]
Total=13
4 The symbols below describe two isotopes of the element uranium.
235, 238
0V 5V
a Statethe meaning of the term isotope. [1]
b i Inwhatwaysarethese two isotopes of uranium identical? 2]
ii Inwhatways do they differ? [2]
¢ Inamass spectrometer uranium atoms can be converted to uranium ions, U%",
State the number of electrons present in one U%* ion. [1]
Total=6
5 Thetable below shows the two naturally occurring isotopes of chlorine.
a Copyand complete the table.
35 37
| Za el
number of protons
number of electrons
number of neutrons i3]
b The relative atomic mass of chlorine is 35.5. What does this tell you about the relative abundance of the
two naturally occurring isotopes of chlorine? 2]
¢ Magnesium chloride contains magnesium ions, Mg2*, and chloride ions, Cl".
i Explain why a magnesium ion is positively charged. [1]
ii Explain why a chloride ion has a single negative charge. 2]

Total=8




Electrons in atoms

Learning outcomes

You should be able to:

m describe the number and relative energies of the m Uuseionisation energy data to:
s, p and d orbitals for the principal quantum - explain the trends across a period and down a
numbers 1,2 and 3 and also the 4s and 4p orbitals group of the Periodic Table
describe the shapes of s and p orbitals - deduce the electronic configurations of elements
state the electronic configuration of atoms and ions m interpret successive ionisation energy data of an
given the proton number and charge, using the element in terms of the position of that element
convention 1s22s22p®, etc. within the Periodic Table.

m explain and use the term ionisation energy, and the
factors influencing the ionisation energies of elements

W
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Introduction

The arrangement of the electrons within each atom
determines how that atom interacts with other atoms
and with its surroundings. The electrons are organised
into different levels of energy, and understanding the
effects of this arrangement is key to understanding
chemistry itself. We can also make use of these
electron levels. For example, causing an electron to
move between energy levels can cause energy to be
emitted or absorbed. Sometimes, we can see this in
the form of light.

Figure 3.1 Electrons moving between energy levels are the
source of this light energy. Chemicals in the tubes are said to
be ‘chemiluminescent’.

Si m p le e le ctron i ¢ structure elements in the Periodic Table. Each principal quantum

shell can hold a maximum number of electrons:
On page 26 we saw that electrons are arranged outside the

] o m shell1-upto2electrons
nucleus in energy levels or quantum shells. These principal m shell 2 - up to 8 electrons
energy levels or principal quantum shells (symbol #) are m shell 3 up to 18 electrons
numbered according to how far they are from the nucleus.

m shell4-upto32electrons.

The lowest energy level, n = 1, is closest to the nucleus, the
energy level n = 2 is further out, and so on. The electrons

Atomic Number of electrons in shell
in quantum shells further away from the nucleus have number
more energy and are held less tightly to the nucleus. mm
The arrangement of electrons in an atom is called its H 1 1
electronic structure or electronic configuration. The He 2 2
electronic configurations of lithium, carbon and neon are Li 3 5 1
shown in Figure 3.2, together with a shorthand way of
i . Be 4 2 2
writing this structure.
B 5 2 3
3 @ C 6 2 4
v N 7 2 5
lithium neon chlorine 0 8 2 6
2,1 2,8 28,7 F 9 5 7
Figure 3.2 The simple electronic structures of lithium, neon Ne 10 2 8
and chlorine. The nuclei of the atoms are not shown. Na 1] 2 3 1
Table 3.1 shows the number of electrons in each of the Table 3.1 Simple electronic configurations of the first 11

principal quantum shells (energy levels) for the first 11 elements in the Periodic Table.
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1 Write the simple electronic configuration of the
following atoms, showing the principal quantum shells
only:

a sulfur; the atomic number of sulfur, Z= 16

b magnesium,Z=12
¢ fluorine,Z=9

d potassium,Z=19
e carbon,Z=6

Evidence for electronic structure

lonisation energy, AH,
By firing high-speed electrons at atoms, scientists can
work out how much energy has to be supplied to form an
ion by knocking out one electron from each atom.

The energy change that accompanies this process is
called the ionisation energy.

SPECTRA OF THE METALS OF THE ALKALIES & ALKALINE EARTHS.

From the Drowings of BUNSEN & KIRCHHOFF,

PB m m s BoomoO™ B Om M e B N W N

il ; z
|||I - ’g
E

Figure 3.3 The frequencies of the lines in an atomic
emission spectrum can be used to calculate a value for the
ionisation energy.

The 1stionisation energy of an element is the energy
needed to remove one electron from each atom in one
mole of atoms of the element in the gaseous state to form
one mole of gaseous 1+ ions.

Ionisation energies are measured under standard
conditions. The general symbol for ionisation energy is
AH,. Its units are k] mol™.

The symbol for the 1st ionisation energy is AH,. Using
calcium as an example:

Ist ionisation energy: Ca(g) —> Ca*(g) + e~
AH,, = 590k] mol™

If a second electron is removed from each ion in a mole of
gaseous 1+ ions, we call it the 2nd ionisation energy, AH,,.
Again, using calcium as an example:

2nd ionisation energy: Ca*(g) —> Ca?*(g) + e
AH,, = 1150kJ mol™

Removal of a third electron from each ion in a mole of
gaseous 2+ ions is called the 3rd ionisation energy. Again,
using calcium as an example:

3rd ionisation energy: Ca?*(g) —> Ca’*(g) + e
AH,; = 4940k] mol™!

We can continue to remove electrons from an atom until
only the nucleus is left. We call this sequence of ionisation
energies, successive ionisation energies.

The successive ionisation energies for the first 11
elements in the Periodic Table are shown in Table 3.2.

The data in Table 3.2 shows us that:

m Foreach element, the successive ionisation energies
increase. This is because the charge on the ion gets
greater as each electron is removed. As each electron is
removed there is a greater attractive force between the
positively charged protons in the nucleus and the remaining
negatively charged electrons. Therefore more energy is
needed to overcome these attractive forces.

®m Thereis a big difference between some successive
ionisation energies. For nitrogen this occurs between
the 5th and 6th ionisation energies. For sodium the first
big difference occurs between the 1st and 2nd ionisation
energies. These large changes indicate that for the second
of these two ionisation energies the electron being removed
is from a principal quantum shell closer to the nucleus.

For example, for the 5th ionisation energy of nitrogen,
the electron being removed is from the 2nd principal
quantum shell. For the 6th ionisation energy of nitrogen,
the electron being removed is from the 1st principal
quantum shell.
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Electrons removed

1 H 1310

2 | He 2370 5250

3 Li 519 7300 11800

4 | Be 900 1760 14850 21000

5 B 799 2420 3660 25000 32800

6 C 1090 2350 4620 6220 37800 47300

7 N 1400 2860 4580 7480 9450 53300 64400

8 0 1310 3390 5320 7450 11000 13300 71300 84100

9 F 1680 3370 6040 8410 11000 15200 17900 92000 106000
10 | Ne 2080 3950 6150 9290 12200 15200 20000 23000 117000 | 131400
11 | Na 494 4560 6940 9540 13400 16600 20100 25500 28900 | 141000 | 158700

Table 3.2 Successive ionisation energies for the first 11 elements in the Periodic Table.

2 a Write equations that describe:
i the lstionisation energy of calcium
ii the 3rd ionisation energy of potassium
iii the 2ndionisation energy of lithium
iv the 5thionisation energy of sulfur.

b The 2nd ionisation energy of nitrogen is
2860kJ mol™. The 3rd ionisation energy of
nitrogen is 4590kJ mol ™. Explain why the 3rd
ionisation energy is higher.

Three factors that influence ionisation
energies

1 The size of the nuclear charge

As the atomic number (number of protons) increases, the
positive nuclear charge increases. The bigger the positive
charge, the greater the attractive force between the nucleus
and the electrons. So, more energy is needed to overcome
these attractive forces if an electron is to be removed.

m Ingeneral, ionisation energy increases as the proton
number increases.

2 Distance of outer electrons from the
nucleus

The force of attraction between positive and negative
charges decreases rapidly as the distance between them
increases. So, electrons in shells further away from the
nucleus are less attracted to the nucleus than those closer
to the nucleus.

m The further the outer electron shell is from the nucleus, the
lower the ionisation energy.

3 Shielding effect of inner electrons

As all electrons are negatively charged, they repel each
other. Electrons in full inner shells repel electrons in outer
shells. Full inner shells of electrons prevent the full nuclear
charge being felt by the outer electrons. This is called
shielding. The greater the shielding of outer electrons by
the inner electron shells, the lower the attractive forces
between the nucleus and the outer electrons.

m Theionisation energy is lower as the number of full
electron shells between the outer electrons and the
nucleus increases.
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Interpreting successive ionisation
energies

Figure 3.4 shows a graph of successive ionisation
energies against the number of electrons removed for
sodium. A logarithmic scale (to the base 10) is used
because the values of successive ionisation energies have
such a large range.

5

IS
1

W
1

log, , ionisation energy / k) mol™!

2 T T T T T T T T T T

T
01 2 3 4 5 6 7 8 9 10 11
Number of electrons removed

Figure 3.4 Graph of logarithm (log ) of ionisation energy of
sodium against the number of electrons removed.

We can deduce the following about sodium from
Figure 3.4:

m Thefirst electron removed has a low 1st ionisation energy,
when compared with the rest of the data. It is very easily
removed from the atom. It is therefore likely to be a long way
from the nucleus and well shielded by inner electron shells.

m The second electron is much more difficult to remove than
the first electron. There is a big jump in the value of the
ionisation energy. This suggests that the second electron is
in a shell closer to the nucleus than the first electron. Taken
together, the 1st and 2nd ionisation energies suggest that
sodium has one electron in its outer shell.

m From the second to the ninth electrons removed there is
only a gradual change in successive ionisation energies. This
suggests that all these eight electrons are in the same shell.

m The 10th and 11th electrons have extremely high ionisation
energies, when compared with the rest of the data. This
suggests that they are very close to the nucleus. There must
be a very great force of attraction between the nucleus and
these electrons and there are no inner electrons to shield
them. The large increase in ionisation energy between the
9th and 10th electrons confirms that the 10th electronisin a
shell closer to the nucleus than the 9th electron.

Figure 3.5 shows this arrangement of electrons.

7 “a——1 electron;
’ O O N H
K - s, N, veryeasily
’ A \
2 electrons; —r',;/,e T W removed
. i , \ \ !
;/ery difficult ° ' 0——— 8electrons;
X :
0 remove Q / i less easily
\ ’ !
R o , / removed
/ /
4 /
S O
) S

nucleus ~o -

Figure 3.5 The arrangement of electronsin an atom of
sodium can be deduced from the values of successive
ionisation energies.

3 a Thesuccessive ionisation energies of boron are
shown in Table 3.3.

1st 2nd 3rd  4th 5th

799 2420 3660 25000 32800

Table 3.3 Successive ionisation energies of boron.

i Whyisthere a large increase between the third
and fourth ionisation energies?

ii Explain how these figures confirm that the
electronic structure of boron is 2, 3.

b Forthe element aluminium (Z=13),draw a
sketch graph to predict the log,; of the successive
ionisation energies (y-axis) against the number of
electrons removed (x-axis).

We can use successive ionisation energies in this way to:

m predict or confirm the simple electronic configuration
of elements

m confirm the number of electrons in the outer shell of an
element and hence the group to which the element belongs.

1 The successive ionisation energies, AH,, of an element
Xare shown in Table 3.4. Which group in the Periodic
Table does X belong to?

We look for a large jump in the value of the ionisation
energy. This occurs between the removal of the

6th and Tth electrons. So, six electrons have been
removed comparatively easily. The removal of the

Tth electron requires about three times the energy
required to remove the 6th electron. So, there must be
six electrons in the outer shell of X. So, element X must
be in Group 16 of the Periodic Table.
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Number of electrons removed

AH /kimol | 1000 | 2260 | 3390 | 4540 | 7010 | 8500 | 27100 | 31670 | 36580 | 43140 |

Table 3.4 The successive ionisation energies of an element X. For Worked example 1.

4 a Thefirstsixionisation energies of an element are
1090, 2350, 4610, 6220, 37800 and 47300 kJ mol.
Which group in the Periodic Table does this
element belong to? Explain your decision.

b Draw a sketch graph to show the log,, values of
the first four successive ionisation energies of a
Group 2 element.

Subshells and atomic orbitals

Quantum subshells

The principal quantum shells, apart from the first, are split
into subshells (sublevels). Each principal quantum shell
contains a different number of subshells. The subshells

are distinguished by the letters s, p or d. There are also f
subshells for elements with more than 57 electrons. Figure
3.6 shows the subshells for the first four principal quantum

4ad
5s
n=4 4p
3d
A >< s
a =
& n=3 3p
51
2
B 3s
o
£
2p
n=2 <
2s
n=1 Is
principal quantum sub-shell

shell

Figure 3.6 The subshells for the first four principal
quantum shells.

levels. In any principal quantum shell, the energy of the

electrons in the subshells increases in the order s < p < d.
The maximum number of electrons that are allowed

in each subshell is: s = 2 electrons, p = 6 electrons,

d =10 electrons.

m Thefirst principal quantum level, n =1, can hold a maximum
of 2 electrons in an s subshell.

m The second principal quantum level, n=2, can hold a
maximum of 8 electrons: 2 electrons in the s subshell and
6 electronsin the p subshell.

m Thethird principal quantum level, n=3, can hold a maximum
of 18 electrons: 2 electrons in the s subshell, 6 electrons in the
p subshell and 10 electrons in the d subshell.

You will also notice from Figure 3.6 that the order of
the subshells in terms of increasing energy does not
follow a regular pattern of s then p then d after the
element argon. The order of subshells after argon appears
to overlap. The next element after argon is potassium.
Potassium’s outer electron is in the 4s, not in the 3d,
subshell. The first element with an electron in the 3d
subshell is element 21, scandium.

When high-speed electrons hit gas particles at low
pressure, coloured lines are seen through an instrument
called a spectroscope. The letters s, p and d come from
the terms used to describe these lines: s for ‘sharp’, p for
‘principal’ and ‘d for ‘diffuse’.

Atomic orbitals
Each subshell contains one or more atomic orbitals.

An atomic orbital is a region of space around the nucleus
of an atom that can be occupied by one or two electrons.

As each orbital can only hold a maximum of two electrons,
the number of orbitals in each subshell must be:

s — one orbital

p - three orbitals

d - five orbitals.
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Shapes of the orbitals

Each orbital has a three-dimensional shape. Within this
shape there is a high probability of finding the electron or
electrons in the orbital. Figure 3.7 shows how we represent
the s and p orbitals.

‘ normally drawn as

a sorbitals

/ ‘/ s
A =

normally drawn as

s

b p orbitals

Figure 3.7 Representations of orbitals (the position of the
nucleus is shown by the black dot): a s orbitals are spherical;
b porbitals, p,, pyand p,» have ‘lobes’ along the x, y and

Z axes.

An s orbital has a spherical shape. The 2s orbital in the
second principal quantum shell has the same shape as
the 1s orbital in the first quantum shell. They are both
spherical, but electrons in the 2s orbital have more energy
than electrons in the 1s orbital. There are three 2p orbitals
in the second quantum shell. Each of these has the same
shape. The shape is like an hourglass with two ‘lobes’. The
three sets of ‘lobes’ are arranged at right angles to each
other along the x, y and z axes. Hence the three 2p orbitals
are named 2p , 2p, and 2p,. The three 2p orbitals have the
same energy as each other. There are also three 3p orbitals
in the third quantum shell. Their shapes are similar to the
shapes of the 2p orbitals.

The d orbitals are more complex in shape and
arrangement in space. In 1925 Louis de Broglie
suggested that electrons behaved like waves. This led
to the idea of electron probability clouds. The electron
probability cloud for one type of d orbital is very strange -
it is like a modified p orbital with a ring around the middle
(Figure 3.8). You will not need to know the d-orbital
shapes at AS level, but you will for A level when studying
the transition elements (see Chapter 24).

Figure 3.8 The shape of a dz? orbital.

Filling the shells and orbitals

The most stable electronic configuration (electronic
structure) of an atom is the one that has the lowest amount
of energy. The order in which the subshells are filled
depends on their relative energy. The subshell with the
lowest energy, the 1s, is therefore filled first, followed by
those that are successively higher in energy. As we noted in
Figure 3.6, the order of the subshells in terms of increasing
energy does not follow a regular pattern of s then p then d
after argon, where the 3p subshell is full. Figure 3.9 shows
the order of filling the subshells.

(w) (i) 0=
D0 ORI
® -

@ n=1

Figure 3.9 Diagram to show the order in which orbitals are
filled up to shelln=4.

5 a Namethethree types of orbital present in the third
principal quantum shell.

b State the maximum number of electrons that
can be found in each subshell of the third
quantum shell.

Electronic configurations

Representing electronic configurations
A detailed way of writing the electronic configuration of
an atom that includes information about the number of
electrons in each subshell is shown below for hydrogen.
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m Helium has two electrons. Both electrons can go into the 1s
orbital, as this can hold a maximum of two electrons. So,
the electronic structure of helium is 1s2.

m Lithium has three electrons. The 1s orbital can only hold a
maximum of two electrons so the third electron must go
into the next highest subshell, the 2s. So, the electronic
structure of lithium is 1s22st.

Electrons are added one by one for successive elements,
filling each subshell in order of increasing energy. The
electronic configurations of the first 18 elements are shown
in Table 3.5.

A question about this type of detailed notation will
often be stated like this: ‘Use 1s? notation to give the
electronic configuration ...

6 Use 1s? notation to give the electronic configurations
of the atoms with the following atomic numbers:
a 16
b 9
c 20

The electronic configurations of some of the elements
after argon are shown in Table 3.6. In this table part of the
electronic configuration of each element is represented

by [Ar]. This ‘noble gas core’ represents the electronic
configuration of argon: 1s?2s?2p®3s?3p®. This method is
a shorthand way of writing electronic structures of atoms
with many electrons. However, in an exam you should be
prepared to write out the full electronic configuration.

You should note the following:

m Electronic configuration of potassium
Potassium has the electronic structure
1s%2s%2p®3s?3p©4s!. The outer electron goes into the
4s subshell rather than the 3d subshell because the 4s is
below the 3d in terms of its energy.

m Filling the 3d subshell
After calcium, a new subshell becomes occupied. The
next electron goes into a 3d subshell rather than a 4p
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Proton Electronic configuration
number

1 H 1st

2 He 1s?

3 Li 1s%2s!

4 Be 1s%25?

5 B 1?25 2pt

6 C 1s%2s%2p?

7 N 1s%2s%2p°

8 0 1s%2s? 2p*

9 F 15?257 2p°
10 Ne 15?257 2p°
11 Na 1s%2s%2pb3st
12 Mg 15?25 2p®3s?
13 Al 1s%25%2pf3s?3p?
14 Si 15%25?2pf3s? 3p?
15 P 1s%25?2pf3s?3p3
16 S 1s%25%2pf3s%3p*
17 cl 15%25%2pf3s%3p°
18 Ar 15%25%2pf3s%3p°

Table 3.5 Electronic configurations for the first 18 elements in
the Periodic Table.

subshell. So scandium has the electronic configuration
[Ar] 3d! 4s%. This is because electrons occupy the
orbitals with the lowest energy — the 3d subshell is just
above the 4s subshell but below the 4p subshell. This
begins a pattern of filling the 3d subshell ending with
zinc. Zinc has the electronic configuration [Ar] 3d'04s2.

m Chromium and copper
The electronic configurations of chromium and copper
do not follow the expected pattern. Chromium has
the electronic configuration [Ar] 3d®4s' (rather than
the expected [Ar] 3d*4s?). Copper has the electronic
configuration [Ar] 3d'°4s! (rather than the expected
[Ar] 3d°4s?). You will have to learn that these two
elements are exceptions to the pattern.

m  Gallium to krypton
The electrons add to the 4p subshell because this is the
next highest energy level above the 3d.
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Proton

Name (Symbol)

Electronic

number configuration
19 potassium (K) [Ar]4st

20 calcium (Ca) [Ar] 4s?

21 scandium (Sc) [Ar] 3d*4s?

24 chromium (Cr) [Ar] 3d°4s!

25 manganese (Mn) [Ar] 3d°4s?

29 copper (Cu) [Ar]3d04s!

30 zinc (Zn) [Ar] 3d104s2

31 gallium (Ga) [Ar]3d104s24p!
35 bromine (Br) [Ar]3d104s? 4p°
36 krypton (Kr) [Ar]3d104s? 4pP

Table 3.6 Electronic configurations for some of the
elements 19 to 36, where [Ar] is the electronic structure of
argon 1s22s22p63s23pS.

7 Use 1s? notation to give the electronic configurations

for the following elements:

a vanadium (Z=23)
b copper(Z=29)
¢ selenium (Z=34)

Orbitals and the Periodic Table

The arrangement of elements in the Periodic Table reflects
the electronic structure of the elements. The Periodic Table
can be split into blocks of elements (Figure 3.10).

m Elementsin Groups 1 and 2 have outer electronsin an

s subshell.

s-block .

d-block

p-block

Figure 3.10 Some of the blocks of elements in the
Periodic Table.

m Elementsin Groups 3 to 18 (apart from He) have outer

electronsin a p subshell.

m Elementsthat add electrons to the d subshells are called

the d-block elements. Most of these are transition elements.

8 a Anelement has the electronic configuration
1522522p®3s23p®3di04s24p®4dL05s25p°,
i Which block in the Periodic Table does this
element belong to?
ii  Which group does it belong to?
i Identify this element.
b Which block in the Periodic Table does the

element with the electronic configuration
15225%2p®3s23pf3d°4s! belong to?

Filling the orbitals

A useful way of representing electronic configurations is a
diagram that places electrons in boxes (Figure 3.11).

m Each box represents an atomic orbital.

m The boxes (orbitals) can be arranged in order of increasing
energy from bottom to top.

m Anelectronis represented by an arrow.

m Thedirection of the arrow represents the ‘spin’ of the
electron. (We imagine an electron rotating around its own
axis either in a clockwise or anticlockwise direction.)

m  When there are two electrons in an orbital, the ‘spins’ of the
electrons are opposite, so the two arrows in this box point in
opposite directions.

»p [
x|,
1

Figure 3.11 The electronic configuration of boron in
box form.

Electrons in the same region of space repel each other
because they have the same charge. So wherever possible,
electrons will occupy separate orbitals in the same subshell
to minimise this repulsion. These electrons have their
‘spin’ in the same direction. Electrons are only paired
when there are no more empty orbitals available within

a subshell. The spins are then opposite to minimise
repulsion. Figure 3.12 shows the electronic structures of
carbon, nitrogen and oxygen to illustrate these points.
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Figure 3.12 When adding electrons to a particular subshell,
the electrons are only paired when no more empty orbitals
are available.

Electronic configuration of ions

Positive ions are formed when electrons are removed from
atoms. The sodium ion, Na* (proton number = 11), has

10 electrons. So, its electronic configuration is 1s*2s?2p°.
Note that this is the same as the electronic configuration
of neon, the element with 10 electrons in each atom.

Negative ions are formed when atoms gain electrons.
The sulfide ion, $*~ (proton number = 16), has 18 electrons.
Its electronic configuration is 1s*2s?2p®3s?3p®, which is
the same as argon, the element with 18 electrons in each
atom.

Note that, in general, electrons in the outer subshell
are removed when metal ions form their positive ions.
However, the d-block elements behave slightly differently.
Reading across the Periodic Table from potassium to zinc,
the 4s subshell fills before the 3d subshell. But when atoms
of a d-block element lose electrons to form ions, the 4s
electrons are lost first.

For example:

Ti atom: 1s?2s?2p®3s23p®3d24s?
—> Ti?" ion: 1s?2s?2p®3s?3p®3d?

Cr atom: 1s?2s?2p®3s?3p®3d°4s!
—> Cr’"ion: 1s?2s?2p®3s23p°©3d?

9 Write electronic configurations for the following ions:
a AP*(Z=13) d Cu?*(z=29)
b 0% (Z=8) e Cu*(Z=29)
¢ Fe¥*(Z=26)

Chapter 3: Electrons in atoms

Patterns in ionisation energies
in the Periodic Table

Patterns across a period

Figure 3.13 shows how the first ionisation energy, AH,,
changes across the first two periods. We can explain the
form of the graph mainly by referring to the factors that
influence ionisation energies (see page 35).

2500 He
2000
1500
1000

500

First ionisation energy / kI mol™!

0 L B L
0 5 10
Atomic number (Z)

Figure 3.13 Agraph of the first ionisation energies of the
elements hydrogen to sodium plotted against atomic number.

1 There is a general increase in AH, across a period. This
applies to Period 1 (hydrogen and helium), Period 2
(lithium to neon) and also to other periods. As you go
across a period the nuclear charge increases. But the
electron removed comes from the same shell. So, the
force of attraction between the positive nucleus and the
outer negative electrons increases across the
period because:

i the nuclear charge increases

ii the distance between the nucleus and the outer
electron remains reasonably constant

iii the shielding by inner shells remains
reasonably constant.

2 'There is a rapid decrease in ionisation energy between

the last element in one period and the first element in
the next period. The AH, for lithium is much smaller
than the AH,, for helium. Helium has two electrons.
These are in the first quantum shell. But lithium has
three electrons. The third electron must go into the
next quantum shell further away from the nucleus. So,
the force of attraction between the positive nucleus and
the outer negative electrons decreases because:
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i the distance between the nucleus and the outer
electron increases

ii the shielding by inner shells increases

iii these two factors outweigh the increased nuclear charge.

3 There is a slight decrease in AH,, between beryllium
and boron. Although boron has one more proton than
beryllium, there is a slight decrease in AH,; on removal
of the outer electron. Beryllium has the electronic
structure 1s?2s? and boron has the electronic
structure 1s?2s?2p'. The fifth electron in boron must
be in the 2p subshell, which is slightly further away
from the nucleus than the 2s subshell. There is less
attraction between the fifth electron in boron and the
nucleus because:

i the distance between the nucleus and the outer
electron increases slightly

ii the shielding by inner shells increases slightly

iii these two factors outweigh the increased
nuclear charge.

4 'There is a slight decrease in AH,, between nitrogen
and oxygen. Oxygen has one more proton than
nitrogen and the electron removed is in the same 2p
subshell. So, you might think that AH,; would
increase. However, the spin-pairing of the electrons
plays a part here. If you look back at Figure 3.12, you
will see that the electron removed from the nitrogen
is from an orbital that contains an unpaired electron.
The electron removed from the oxygen is from the
orbital that contains a pair of electrons. The extra
repulsion between the pair of electrons in this orbital
results in less energy being needed to remove an
electron. So, AH,, for oxygen is lower, because of
spin-pair repulsion.

These patterns repeat themselves across the third period.

However, the presence of the d-block elements in Period 4

disrupts the pattern, as d-block elements have first

ionisation energies that are relatively similar and fairly high.

Patterns down a group

The first ionisation energy decreases as you go down a
group in the Periodic Table. For example, in Group 1 the
values of AH,, are:

m Li=519kJmol™!
® Na=494kJmol™?
m K=418kJmol™*
® Rb=403kJmol™*

As you go down the group, the outer electron removed

is from the same type of orbital but from a successively

higher principal quantum level - 2s from lithium, 3s

for sodium and 4s for potassium. Although the nuclear

charge is increasing down the group there is less attraction

between the outer electron and the nucleus because:

1 the distance between the nucleus and the outer
electron increases

2 the shielding by complete inner shells increases

these two factors outweigh the increased nuclear charge.

10 a Thefirstionisation energies of four consecutive

elements in the Periodic Table are:

sodium =494 kJ mol™*!

magnesium = 736 kJ mol™!

aluminium =577kJmol™*

silicon = 786 kJ mol™*

i Explain the generalincrease in ionisation
energies from sodium to silicon.

ii  Explain why aluminium has a lower first
ionisation energy than magnesium.

b Thefirstionisation energy of fluorine is
1680kJ mol* whereas the first ionisation energy of
iodine is 1010kJ molL. Explain why fluorine has a
higher first ionisation energy than iodine despite it
having a smaller nuclear charge.



Summary

Electrons in an atom can exist only in certain energy
levels (shells) outside the nucleus.

The main energy levels (shells) are given principal
quantum numbers n=1, 2, 3, 4, etc. The lowest
energy level (n =1) is closest to the nucleus.

The shells may be divided into subshells known
as s, p and d subshells, which can hold a maximum
of 2, 6 and 10 electrons, respectively.

The region of space in which an electron is likely to
be found is called an orbital. Each subshell has a
number of orbitals which can each hold a maximum
of two electrons. Subshells s, p and d have 1, 3 and 5
orbitals, respectively.

The s orbitals are spherical in shape. The p orbitals
have two ‘lobes’.

When two electrons are present in an orbital they
spin in opposite directions and are said to be paired.

The electronic configuration of atoms is found by
adding electrons to each orbital starting from those
in the lowest energy level.

When electrons are added to orbitals in the same
subshell they go into separate orbitals if possible.
Electrons pair up where this is not possible.

Chapter 3: Electrons in atoms

The 1st ionisation energy of an element is the energy
needed to remove one electron from each atom in
one mole of atoms of the element in the gaseous
state (to form gaseous 1+ ions).

The ionisation energies needed to remove the first,
second, third, fourth, etc., electrons from each
atom orion in a mole of gaseous atoms are called
successive ionisation energies.

The magnitude of the ionisation energy depends on
these four factors:

- the distance of the electron from the nucleus

- the number of positive charges in the nucleus

- the degree of shielding of outer electrons by

inner electron shells

- spin-pair repulsion.
The trends in 1st ionisation energy of the elements
across a period and down a group can be explained
using the four factors above.

Values of successive ionisation energies of atoms
provide evidence for their electronic configuration.
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End-of-chapter questions

1 The sketch graph shows the 13 successive ionisation energies of aluminium.

log; ionisation energy

01234356786 n0n00G

Number of electrons removed
Define the term 1st ionisation energy.
How does the graph provide evidence for the existence of three electron shells in an aluminium atom?
Write an equation, including state symbols, to represent the 2nd ionisation energy of aluminium.
Write the electronic configuration of an aluminium ion, A®*, using 1s? notation.

o N T o

(3]
[6]
[2
[

Total=12

=N

2 Thetable below shows the 1stionisation energies, AH, , in kJmol™, of the elements in Period 3 of the Periodic Table.

Element Na Mg Al Si P S Cl Ar

494 736 577 786 | 1060 | 1000 | 1260 | 1520

AH

il

Explain why there is a general increase in the value of AH, across the period.
Explain why aluminium has a lower value of AH,; than magnesium.

Write the electronic configuration for argon (Z=18) using 1s? notation.

Copy and complete the diagram below for the 15 electrons in phosphorus by
i addinglabels for the other subshells

ii showing how the electrons are arranged.

o 0N T o

s (T

e Predict avalue for the 1st ionisation energy for potassium, which has one more proton than argon.

(1]
Total =14
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3 a Whatdoyouunderstand by the term atomic orbital?
b Draw diagrams to show the shape of:
i ansorbital
ii aporbital.
Element X has the electronic configuration 1s22s?2p63s23p®3d84s2,
i Which block in the Periodic Table does element X belong to?
i State the maximum number of electrons in a d subshell.
iii Element X forms an ion of type X2,
Write the full electronic configuration for this ion using 1s? notation.
iv Write the symbol for the subshell that begins to fill after the 3d and 4s are completely full.

Total=7

4 The lstionisation energies of several elements with consecutive atomic numbers are shown in the graph below.
The letters are not the symbols of the elements.

A
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Which of the elements A to I belong to Group 1 in the Periodic Table? Explain your answer.
Which of the elements A to | could have the electronic configuration 1s22s22p®3s2?
Explain therise in 1stionisation energy between element E and element G.

Estimate the 1st ionisation energy of element J.

The successive ionisation energies of element A are shown in the sketch graph.

log, , ionisation energy

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

What information does this graph give about how the electrons are arranged in shells for element A? [3]

Total=13
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5 a Definethe following:

i 1stionisation energy
ii 3rdionisation energy.

b Give the equations representing:
i the 1stionisation energy of magnesium
ii the 3rd ionisation energy of magnesium.

¢ Whichionisation energies are represented by the equations below?
i Mg¥(g) —> Mg*(g) +e
i Al*(g) —> Al**(g) + e

6 The graph shows a sketch of log,  ionisation energy against number of electrons removed for magnesium.
Use this sketch graph to answer the following questions.

log, , ionisation energy

o

T
o 1 2 3 4 5 6 7 8 9 10 11 12
Number of electrons removed

Explain why the first two electrons are relatively easy to remove.

Why is there a sharp rise in ionisation energy when the third electron is removed?
What information does the graph give about the electron arrangement of magnesium?
Give the equation for the ionisation energy marked X (the 5th ionisation energy).

Q N T o

7 a Thetable shows the first five ionisation energies for five elements (A to E). For each one state which
group the element belongs to.

lonisation energy [ kJ mol

A 786.5 15771 32316 43555 16091
B 598.8 11454 4912 6491 8153
C 496 4562 6910 9543 13354
D 1087 2353 4621 6223 37831
E 578 1817 2744 11577 14842

b Explain your reasoning behind your answer for element E.

¢ Draw a sketch graph to show how log, , ionisation energy for phosphorus (atomic number 15) varies
when plotted against number of electrons removed.

(3]
(3]
(2]
(2]
(1]
(1]
Total=12
(3]
(3]
(3]
[2]
Total=11

(5]

(1]

6]
Total=12
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Define the term 1st ionisation energy.

Draw a sketch graph to show how log, ; ionisation energy for chlorine (atomic number 17) varies when
plotted against number of electrons removed.

Explain the shape of the graph you have drawn.
Total=15




Chemical bonding

Learning outcomes

You should be able to:
m describe different types of bonding using ‘dot-and- m explain the shape of, and bond angles in, ethane and
cross’ diagrams, including: ethene, and use this knowledge to predict the shapes
- ionic bonding of, and bond angles in, similar molecules
- covalent bonding m explain the terms bond energy, bond length
— co-ordinate (dative covalent) bonding and bond polarity and use them to compare the
m explain the shapes of, and bond angles in, molecules reactivities of covalent bonds
by using the qualitative model of electron-pair m describe intermolecular forces based on permanent
repulsion (including lone pairs) using as simple and induced dipoles, hydrogen bonding and
examples: BF, (trigonal), CO, (linear), metallic bonding
CH, (tetrahedral), NH, (pyramidal), H, (non-linear), m describe, interpret and predict the effect of
SF, (octahedral) and PF; (trigonal bipyramidal) different types of bonding on the physical properties
m describe covalent bonding in terms of orbital overlap, of substances
giving o and 1 bonds, including the concept of m deduce the type of bonding present from

hybridisation to form sp, sp? and sp? orbitals given information. Q




Introduction

In we looked at the electronic configurations
of individual atoms. We can use these electronic
configurations to help us understand what happens
when atoms combine to form compounds. The atoms
in compounds are held together by different types of
chemical bonding. Understanding what bonding is,
and how bonds can be formed or broken, gives us the
ability to extract resources from the Earth and make
new compounds.

Figure 4.1 This sodium chloride (salt) has been extracted
from the ground. Sodium chloride is an ionic compound.

Types of chemical bonding

Ionic bonding is the electrostatic attraction between positive
and negative ions in an ionic crystal lattice. Covalent bonds

are formed when the outer electrons of two atoms are shared.

The ionic or covalent bonds formed are usually very strong
— it takes a lot of energy to break them. There is also a third
form of strong bonding: metallic bonding.

Although the atoms within molecules are kept
together by strong covalent bonds, the forces between
molecules are weak. We call these weak forces
intermolecular forces.

There are several types of intermolecular force:

m vander Waals’ forces (also called ‘dispersion forces’ and
‘temporary dipole-induced dipole forces’)

m permanent dipole-dipole forces
m  hydrogen bonds.

An understanding of these different types of chemical
bonding and an understanding of intermolecular forces
helps us to explain the structure and physical properties
of elements and compounds.

lonic bonding

How are ions formed?
One way of forming ions is for atoms to gain or lose one or
more electrons.

m Positive ions are formed when an atom loses one or more
electrons. Metal atoms usually lose electrons and form
positive ions.

m Negative ions are formed when an atom gains one or
more electrons. Non-metal atoms usually gain electrons
and form negative ions.

Chapter 4: Chemical bonding

The charge on the ion depends on the number of electrons
lost or gained (see page 41).

When metals combine with non-metals, the electrons
in the outer shell of the metal atoms are transferred to
the non-metal atoms. Each non-metal atom usually gains
enough electrons to fill its outer shell. As a result of this,
the metal and non-metal atoms usually end up with outer
electron shells that are complete - they have an electronic
configuration of a noble gas.

In Figure 4.2 we can see that:

m thesodiumion has the electronic structure [2,8]*, the same
as that of neon

m thechlorideion has the electronic structure [2,8,8], the
same as that of argon.

.
2,8,1 2,8,7
+ —_
@)@
(2,81 [2,8,8]"
NaCl (Na*CI")

Figure 4.2 The formation of a sodium ion and chloride ion
by electron transfer.
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Figure 4.3 These crystals of salt are made up of millions of
sodium ions and chloride ions.

The strong force of attraction between the positive and
negative ions in the ionic crystal lattice results in an ionic
bond. An ionic bond is sometimes called an electrovalent
bond. In an ionic structure, the ions are arranged in a
regular repeating pattern (see Chapter 5). As a result of
this, the force between one ion and the ions of opposite
charge that surround it is very great. In other words, ionic
bonding is very strong.

Dot-and-cross diagrams

You will notice that in Figure 4.2 we used dots and crosses to
show the electronic configuration of the chloride and sodium
ions. This helps us keep track of where the electrons have come
from. It does not mean that the electron transferred is any
different from the others. Diagrams like this are called
dot-and-cross diagrams.

When drawing a dot-and-cross diagram for an ionic
compound it is usually acceptable to draw the outer
electron shell of the metal ion without any electrons. This
is because it has transferred these electrons to the negative
ion. Figure 4.4 shows the outer shell dot-and-cross
diagram for sodium chloride.

A dot-and-cross diagram shows:

m theouterelectron shells only

m thatthe charge of the ion is spread evenly, by using
square brackets

m thecharge on eachion, written at the top right-hand corner
of the square brackets.

Figure 4.4 Dot-and-cross diagram for sodium chloride.

Some examples of dot-and-cross
diagrams

Magnesium oxide

When magnesium reacts with oxygen to form magnesium
oxide, the two electrons in the outer shell of each magnesium
atom are transferred to the incompletely filled orbitals of
an oxygen atom. By losing two electrons, each magnesium
atom achieves the electronic configuration [2,8] (Figure
4.5). By gaining two electrons, each oxygen atom achieves
the electronic configuration [2,8]. [2,8] is the electronic
configuration of neon; it is a ‘noble-gas configuration’.

(DO-E

Figure 4.5 Dot-and-cross diagram for magnesium oxide.

2+

2.8 2.8
MgO

Calcium chloride

Each calcium atom has two electrons in its outer shell, and
these can be transferred to two chlorine atoms. By losing
two electrons, each calcium atom achieves the electronic
configuration [2,8,8] (Figure 4.6). The two chlorine

atoms each gain one electron to achieve the electronic
configuration [2,8,8]. [2,8,8] is the electronic configuration
of argon; it is a ‘noble-gas configuration’.

2+
Y

2882 (2,88

[2,8,8]"
CaCl,

Figure 4.6 Dot-and-cross diagram for calcium chloride.



1 Draw dot-and-cross diagrams for the ions in the
following ionic compounds. Show only the outer
electron shells.

a Potassium chloride, KCl

b Sodium oxide, Na,O

¢ Calcium oxide, CaO

d Magnesium chloride, MgCl,

Covalent bonding

Single covalent bonds

When two non-metal atoms combine, they share one,

or more, pairs of electrons. A shared pair of electrons

is called a single covalent bond, or a bond pair. A single
covalent bond is represented by a single line between the
atoms: for example, CI—Cl.

Figure 4.7 a Bromine and b iodine are elements. They both
have simple covalent molecules.

Chapter 4: Chemical bonding

You can see that when chlorine atoms combine not all
the electrons are used in bonding. The pairs of outer-shell
electrons not used in bonding are called lone pairs. Each
atom in a chlorine molecule has three lone pairs
of electrons and shares one bonding pair of electrons
(Figure 4.8).

a shared pair
of electrons is a

F‘ covalent bond

a—d

chlorine atoms chlorine molecule:
2,8,7) each chlorine is now 2,8,8

Figure 4.8 Atoms of chlorine share electrons to form a single
covalent bond.

When drawing the arrangement of electrons in a
molecule we:

m use a ‘dot’ for electrons from one of the atoms and a ‘cross’
for the electrons from the other atom

m ifthere are more than two types of atom we can use
additional symbols such as a small circle or a small triangle

m  we draw the outer electrons in pairs, to emphasise the
number of bond pairs and the number of lone pairs.

Some examples of dot-and-cross diagrams for simple
covalently bonded molecules are shown in Figure 4.9.

There are some cases in which the electrons around
a central atom may not have a noble gas configuration.
For example:

m  boron trifluoride, BF,, has only six electrons around
the boron atom; we say that the boron atom is
‘electron deficient’

m sulfur hexafluoride, SF, has twelve electrons around the
central sulfur atom; we say that the sulfur atom has an
‘expanded octet’ (Figure 4.10).
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a Hydrogen
ORONEN D H—H
two hydrogen hydrogen molecule
atoms (1) each hydrogen is now (2)
b Methane
JoREBENT §8 DR
€D H
four carbon methane molecule: each
hydrogen atom hydrogen now shares two
atoms (1) 2,4) electrons with carbon
€ Water
) "
two oxygen water molecule: hydrogen and
hydrogen atom oxygen both fill their outer shells
atoms (1) (2,6) by sharing electrons
d Ammonia
i
JOZ —=EQ v g N
H H
@ “
three nitrogen ammonia molecule: hydrogen
hydrogen atom and nitrogen both fill their
atoms (1) 2,5) outer shells by sharing electrons

e Hydrogen chloride

@+@—> H—dl

hydrogen chlorine hydrogen chloride molecule:
atom atom hydrogen and chlorine both
m 2,8,7) fill their outer shells by
sharing electrons

Figure 4.9 Dot-and-cross diagrams for some covalent
compounds: a hydrogen, H,,b methane, CH,, ¢ water, H,0,
d ammonia, NH,, and e hydrogen chloride, HCI.

a Boron trifluoride

3 ®+‘—> QB F\B/F
(F) F

three boron boron trifluoride
fluorine atom (2,3) molecule
atoms (2,7)

b Sulfur hexafluoride

ANV
0 ()~@ B
GIoJA
six sulfur sulfur hexafluoride

fluorine atom molecule
atoms (2,7) (2,8,6)

Figure 4.10 Dot-and-cross diagrams fora boron trifluoride,
BF,, and b sulfur hexafluoride, SF,.

2 Draw dot-and-cross diagrams for the following
covalently bonded molecules. Show only the outer
electron shells. Note that in part d the beryllium atom
is electron deficient and in part e the phosphorus
atom has an expanded octet.

a Tetrachloromethane, CCl,
Phosphorus(lll) chloride
Bromine, Br,

Beryllium chloride, BeCl,
Phosphorus(V) chloride, PCL,

" o n T

Multiple covalent bonds

Some atoms can bond together by sharing two pairs of
electrons. We call this a double covalent bond. A double
covalent bond is represented by a double line between the
atoms: for example, O=O0. The dot-and-cross diagrams
for oxygen, carbon dioxide and ethene, all of which have
double covalent bonds, are shown in Figure 4.11.

m Inorderto form an oxygen molecule, each oxygen atom
needs to gain two electrons to complete its outer shell. So
two pairs of electrons are shared and two covalent bonds
are formed.

m Forcarbon dioxide, each oxygen atom needs to gain two
electrons as before. But the carbon atom needs to gain four
electrons to complete its outer shell. So two oxygen atoms
each form two bonds with carbon, so that the carbon atom
has eight electrons around it.



a Oxygen

OO-CD-

two oxygen atoms oxygen molecule
(2,6)

b Carbon dioxide

OfoXaIDES

two oxygen carbon carbon dioxide
atoms (2,6)  atom (2,4) molecule
C Ethene

four two ethene molecule
hydrogen carbon
atoms (1)  atoms (2,4)

Figure 4.11 Dot-and-cross diagrams fora oxygen, O,,
b carbon dioxide, CO,, and ¢ ethene, C,H,.

®m Inethene, two hydrogen atoms share a pair of electrons
with each carbon atom. This leaves each carbon atom with
two outer shell electrons for bonding with each other. A
double bond is formed.

Atoms can also bond together by sharing three pairs of
electrons. We call this a triple covalent bond. Figure 4.12
shows a dot-and-cross diagram for the triple-bonded
nitrogen molecule.

In order to form a nitrogen molecule, each nitrogen
atom needs to gain three electrons to complete its outer
shell. So three pairs of electrons are shared and three
covalent bonds are formed.

Nitrogen

OO~

two nitrogen nitrogen molecule
atoms (2,5)

Figure 4.12 Dot-and-cross diagram for a nitrogen
molecule, N,.

Chapter 4: Chemical bonding

3 Draw dot-and-cross diagrams for the following
covalently bonded molecules; show only the outer
electron shells:

a ethene, CH,=CH,
b carbon disulfide, CS,.

Co-ordinate bonding
(dative covalent bonding)
A co-ordinate bond (or dative covalent bond) is formed
when one atom provides both the electrons needed for a
covalent bond.

For dative covalent bonding we need:

m oneatom having a lone pair of electrons

m asecond atom having an unfilled orbital to accept the lone
pair; in other words, an electron-deficient compound.

An example of this is the ammonium ion, NH,*, formed
when ammonia combines with a hydrogen ion, H*. The
hydrogen ion is electron deficient; it has space for two
electrons in its shell. The nitrogen atom in the ammonia
molecule has a lone pair of electrons. The lone pair on
the nitrogen atom provides both electrons for the bond
(Figure 4.13).

In a displayed formula (which shows all atoms and
bonds), a co-ordinate bond is represented by an arrow.
The head of the arrow points away from the lone pair that
forms the bond.

Another molecule that has co-ordinate bonds is
aluminium chloride. At high temperatures aluminium
chloride exists as molecules with the formula AICI,. This
molecule is electron deficient; it still needs two electrons to
complete the outer shell of the aluminium atom. At lower

() (D)
ool
) )

H +

o+

Figure 4.13 The formation of a co-ordinate bond in the
ammonium ion.
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temperatures two molecules of AICl, combine to form a
molecule with the formula Al,Cl,. The AICI, molecules
are able to combine because lone pairs of electrons on two
of the chlorine atoms form co-ordinate bonds with the
aluminium atoms, as shown in Figure 4.14.

4 a Draw dot-and-crossdiagrams to show the
formation of a co-ordinate bond between
the following:

i boron trifluoride, BF,, and ammonia, NH,, to
form the compound F,BNH,
ii phosphine, PH,, and a hydrogen ion, H, to
form theion PH,".
b Draw the displayed formulae of the products

formed in part a. Show the co-ordinate bond by
an arrow.

Bond length and bond energy

In general, double bonds are shorter than single bonds.
This is because double bonds have a greater quantity of
negative charge between the two atomic nuclei. The
greater force of attraction between the electrons and the
nuclei pulls the atoms closer together. This results in a
stronger bond. We measure the strength of a bond by
its bond energy. This is the energy needed to break one
mole of a given bond in a gaseous molecule (see also
Chapter 6). Table 4.1 shows some values of bond lengths
and bond energies.

0@

Bond energy [ kJ mol™*

Bond length/nm

c—C 350 0.154

=C 610 0.134
c—0 360 0.143
=0 740 0.116

Table 4.1 Examples of values for bond energies and
bond lengths.

Bond strength can influence the reactivity of a compound.
The molecules in liquids and gases are in random motion
so they are constantly colliding with each other. A reaction
only happens between molecules when a collision occurs
with enough energy to break bonds in either or both
molecules. Nitrogen is unreactive because it has a triple
bond, N=N. It takes a lot of energy to break the nitrogen
atoms apart; the bond energy required is 994kJ mol..
Oxygen is much more reactive. Although it has a double
bond, it only takes 496 k] to break a mole of O=O bonds.
However, bond strength is only one factor that influences
the reactivity of a molecule. The polarity of the bond (see
page 61) and whether the bond is a 0 bond (sigma bond) or
a m bond (pi bond) (see page 57) both play a large part in
determining chemical reactivity.

o0

a d a
\AI/ \AI/
/NN

a a a

Figure 4.14 Adot-and-cross diagram for an aluminium chloride molecule, AL,Cl..



5 Thetablelists bond lengths and bond energies of
some hydrogen halides.

HCl 0.127 431
HBr 0.141 366
HI 0.161 299

a Whatis the relationship between the bond length
and the bond energy for these hydrogen halides?

b Suggest why the bond energy values decrease in
the order HCl > HBr > HI.

¢ Suggest avalue for the bond length in hydrogen
fluoride, HF.

Shapes of molecules

Electron-pair repulsion theory
Because all electrons have the same (negative) charge, they
repel each other when they are close together. So, a pair
of electrons in the bonds surrounding the central atom in
a molecule will repel other electron pairs. This repulsion
forces the pairs of electrons apart until the repulsive forces
are minimised.

The shape and bond angles of a covalently bonded
molecule depend on:

m the number of pairs of electrons around each atom
m  whether these pairs are lone pairs or bonding pairs.

Lone pairs of electrons have a more concentrated electron
charge cloud than bonding pairs of electrons. Their
cloud charges are wider and slightly closer to the nucleus
of the central atom. This results in a different amount
of repulsion between different types of electron pairs.
The order of repulsion is lone pair-lone pair (most
repulsion) > lone pair-bond pair > bond pair-bond pair
(least repulsion).

Figure 4.15 shows the repulsions between lone pairs
(pink) and bonding pairs (white) in a water molecule.

reatest repulsion between lone pairs
et P

N
Q /Z(r)>\ ¢— intermediate repulsion
W< H H— O —H angle is 104.5
I— least repulsion between bonding pairs

Figure 4.15 Repulsion between lone and bonding electron
pairs in water.
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Working out the shapes of molecules

The differences in electron-pair repulsion determine the
shape and bond angles in a molecule. Figure 4.16 compares
the shapes and bond angles of methane, ammonia and
water. Space-filling models of these molecules are shown
in Figure 4.17. Each of these molecules has four pairs

of electrons surrounding the central atom. Note that in
drawing three-dimensional diagrams, the triangular
‘wedge’ is the bond coming towards you and the dashed
black line is the bond going away from you.

a Methane n
N H
qmb 109,5/0(' C——> Lzr:ﬂ:ions
& HT\
)

a Ammonia
lone pair
e
qe eﬂ N greater
N repulsion
oD VR
" H Tore H
H
a Water

‘3— intermediate

0---H repulsion

\‘/] 04.5°
H

greatest
repulsion

Figure 4.16 The bond anglesina methane,b ammonia and
¢ water depend on the type of electron-pair repulsion.

¢ Water

b Ammonia

a Methane

&

Figure 4.17 Shapes of molecules. These space-filling models
show the molecular shapes of a methane, CH,,b ammonia,
NH,, and ¢ water, H,0.

m Methane has four bonding pairs of electrons surrounding
the central carbon atom. The equal repulsive forces of each
bonding pair of electrons results in a tetrahedral structure
with all H—C—H bond angles being 109.5°.

In ammonia and water, the tetrahedral arrangement of the
electron pairs around the central atom becomes distorted.
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m Ammonia has three bonding pairs of electrons and one lone

pair. As lone pair-bond pair repulsion is greater than bond
pair-bond pair repulsion, the bonding pairs of electrons are
pushed closer together. This gives the ammonia molecule

a triangular pyramidal shape. The H—N—H bond angle is
about 107°.

m  Water has two bonding pairs of electrons and two lone
pairs. The greatest electron pair repulsion is between the
two lone pairs. This results in the bonds being pushed even
closer together. The shape of the water molecule is a non-
linearV shape. The H—O—H bond angle is 104.5°.

6 a Predictthe shapes of the following molecules,
which you drew in question 2 on page 52:

i tetrachloromethane, CCl,
i beryllium chloride, BeCl,
iii phosphorus(lll) chloride.

b Draw dot-and-cross diagrams for the following
molecules and then predict their shapes:

i hydrogensulfide, H,S
i phosphine, PH,.

More molecular shapes

We can work out the shapes of other molecules by
following the rules for electron-pair repulsion.

Boron trifluoride

Boron trifluoride is an electron-deficient molecule. It

has only six electrons in its outer shell. The three
bonding pairs of electrons repel each other equally, so the
F—B—F bond angles are 120° (Figure 4.18). We describe
the shape of the molecule as trigonal planar. “Trigonal’
means ‘having three angles’.

0
e’ F/B—F
(S

Figure 4.18 Boron trifluoride.

&

Figure 4.19 Carbon dioxide.

Carbon dioxide

Carbon dioxide has two carbon-oxygen double bonds
and no lone pairs. The four electrons in each double bond
repel other electrons in a similar way to the two electrons
in a single bond (Figure 4.19). So, the O—C—O bond angle
is 180°. We describe the shape of the carbon dioxide
molecule as linear.

Phosphorus pentafluoride

Phosphorus pentafluoride has five bonding pairs of
electrons and no lone pairs. The repulsion between the
electron pairs results in the most stable structure being
a trigonal bipyramid (Figure 4.20). Three of the fluorine
atoms lie in the same plane as the phosphorus atom. The
bond angles FPF within this plane are 120°. Two of the
fluorine atoms lie above and below this plane at 90° to it.

Figure 4.20 Phosphorus pentafluoride.

Sulfur hexafluoride

Sulfur hexafluoride has six bonding pairs of electrons and
no lone pairs. The equal repulsion between the electron
pairs results in the structure shown in Figure 4.21. All
F—S—F bond angles are 90°. We describe the shape

as octahedral.

a

@’ @ F\\S|F/F

OO
W,

Figure 4.21 Sulfur hexafluoride.



7 a Draw adot-and-cross diagram for a molecule of
selenium hexafluoride, SeF,. Asingle selenium
atom has six electrons in its outer shell.

Predict the shape of selenium hexafluoride.
Draw the shape of the phosphorus(V) chloride
molecule that you drew as a dot-and-cross
diagram in question 2 on page 52.

O bonds and tbonds

A single covalent bond is formed when two non-metal
atoms combine. Each atom that combines has an atomic
orbital containing a single unpaired electron. In the
formation of a covalent bond the atomic orbitals overlap
so that a combined orbital is formed, containing two
electrons. We call this combined orbital a molecular
orbital. The amount of overlap of the atomic orbitals
determines the strength of the bond: the greater the
overlap, the stronger the bond. Figure 4.22 shows how the
s atomic orbitals of two hydrogen atoms overlap to form a
covalent bond.

. + . JEE . .
s atomic molecular orbital in a
orbitals hydrogen molecule

Figure 4.22 Two 1s atomic orbitals in hydrogen overlap to
form a covalent bond.

The p atomic orbitals can also overlap linearly (end-on)
to form covalent bonds. When p orbitals are involved in
forming single bonds, they become modified to include
some s orbital character. The orbital is slightly altered
in shape to make one of the lobes of the p orbital bigger.
The process of mixing atomic orbitals (for example

one s orbital and three p orbitals) in this way is called

—>

p orbital =~ ™ p orbital

molecular

orbital
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hybridisation. The hybrids are called sp® hybrids. In sp?
hybrids, each orbital has 1 s character and 2 p character.
When one s orbital and two p orbitals are hybridised,

the hybrids are called sp? hybrids. When one s orbital and
one p orbital are hybridised, the hybrids are called

sp orbitals. When hybridised orbitals overlap linearly
(end-on) we call the bond a o bond (sigma bond).

Figure 4.23 shows the formation of ¢ bonds.

- are the nuclei of the atoms mol_ecular
orbital
° + ° —_—> L] .
modified p s atomic o bond
atomic orbital, between
orbital, e.g. e.g. from CandH
from carbon hydrogen
molecular
orbital
. /
+ * —_—> ° .
modified p modified o bond
orbital, e.g. p orbital, e.g. between
from carbon from carbon CandC

Figure 4.23 Bonds are formed by the linear (end-on) overlap
of atomic orbitals.

The electron density of each o bond is symmetrical about a
line joining the nuclei of the atoms forming the bond.

Bonds formed by the sideways overlap of p orbitals are
called m bonds (pi bonds). A  bond is not symmetrical
about the axes joining the nuclei of the atoms forming the
bond. Figure 4.24 shows how a m bond is formed from two
p orbitals overlapping sideways.

We often draw a single m bond as two electron clouds,
one arising from each lobe of the p orbitals. You must
remember, though, that the two clouds of electrons in
a T bond represent one bond consisting of a total of
two electrons.

<D

= > 7 bond

© ©

This is an acceptable
way of writing the
molecular orbital
forming the r bond.

Figure 4.24 m bonds are formed by the sideways overlap of atomic orbitals.
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The shape of some organic molecules
We can explain the shapes of molecules in terms of the patterns
of electron density found in 0 bonds and 7 bonds.

Ethane
The displayed formula

for ethane is: H

I—0O—xX

H
|
—C—H
|
H

All the bonds in ethane are formed by linear overlap of
atomic orbitals. They are all o bonds.

Figure 4.25 shows the electron density distribution in
ethane formed by these o bonds. All the areas of electron
density repel each other equally. This makes the HCH
bond angles all the same (109.5°).

H
H 10950 1 H
H———<C3 ¢ 109.5°
/
H H

o bonds
o carbon nucleus

x hydrogen nucleus

Figure 4.25 The electron density distribution in ethane.

Ethene
The displayed formula for ethene is
H H
N/
C=C
/N
H H

Each carbon atom in ethene uses three of its four outer
electrons to form o bonds. Two o bonds are formed with
the hydrogen atoms and one o bond is formed with the
other carbon atom.

The fourth electron from each carbon atom occupies a

p orbital, which overlaps sideways with a similar p orbital
on the other carbon atom. This forms a m bond. Figure
4.26 shows how this occurs.

p orbitals 7 bond
H H H
9 0 - o
200 c—C  — P )120
WO O _— H
p orbitals 7 bond

Figure 4.26 Overlap of p orbitals to produce a mbond
in ethene.

The electron density distribution of both the o and nt
bonds in ethene is shown in Figure 4.27.

X hydrogen nuclei

@ carbon nuclei

Figure 4.27 The electron density distribution in ethene.

Ethene is a planar molecule because this ensures the
maximum overlap of the p orbitals that form the n bond.
You will notice that the electron clouds that make up the
7 bond lie above and below the plane of the carbon and
hydrogen nuclei. We would expect the H—C—H bond
angle in ethene to be about 120° because the three areas
of electron density of the o bonds are equally distributed.
However, because of the position of the w bond, this bond
angle is actually 117°. This minimises the repulsive forces.

Metallic bonding

What is a metallic bond?

Figure 4.28 Metals, clockwise from top left: sodium, gold,
mercury, magnesium and copper.



In a metal, the atoms are packed closely together in a
regular arrangement called a lattice. Metal atoms in a
lattice tend to lose their outer shell electrons and become
positive ions. The outer shell electrons occupy new energy
levels and are free to move throughout the metal lattice.
We call these electrons delocalised electrons (mobile
electrons). Delocalised electrons are electrons that are not
associated with any one particular atom or bond.

Metallic bonding is strong. This is because the ions
are held together by the strong electrostatic attraction
between their positive charges and the negative charges of
the delocalised electrons (Figure 4.29). This electrostatic
attraction acts in all directions. The strength of metallic
bonding increases with:

®m increasing positive charge on the ions in the metal lattice
m decreasing size of metalions in the lattice
B increasing number of mobile electrons per atom.

Metallic bonding and the properties of
metals

We can use our model of metallic bonding to explain
many of the properties of metals.

Most metals have high melting points and
high boiling points

It takes a lot of energy to weaken the strong attractive
forces between the metal ions and the delocalised
electrons. These attractive forces can only be overcome
at high temperatures. However, mercury is a liquid at
room temperature (Figure 4.30). This is because some of
the electrons in a mercury atom are bound more tightly
than usual to the nucleus, weakening the metallic bonds
between atoms.

outer-shell electrons
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Figure 4.30 Mercury is a liquid at room temperature.

Metals conduct electricity

When a voltage is applied to a piece of metal, an electric
current flows in it because the delocalised electrons
(mobile electrons) are free to move. Metallic bonding is
the only type of bonding that allows us to predict reliably
that a solid will conduct electricity. Covalent solids cannot
conduct electricity because none of their electrons are free
to move, although graphite is an exception to this. Ionic
solids cannot conduct because neither their electrons nor
their ions are free to move.

O10101010

— OO G.

LOUOO

‘sea’ of delocalised electrons

Figure 4.29 Metallic bonding: there are strong attractive forces between the positively charged ions and the

delocalised electrons.
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8 Answer the following, giving a full explanation in terms
of metallic bonding.

a Explain why aluminium has a higher melting point
than sodium.

b The thermal conductivity of stainless steel is
82Wm—K. The thermal conductivity of copper
is 400Wm=—K1, Why do some stainless steel
saucepans have a copper base?

¢ Why does aluminium conduct electricity better

than sodium? Figure 4.31 Theintermolecular forces in water allow some
insects to skate over its surface.

Metals conduct heat
The conduction of heat is partly due to the movement of
the delocalised electrons and partly due to the vibrations

passed on from one metal ion to the next. Electronegativity is the ability of a particular atom, which
is covalently bonded to another atom, to attract the bond
pair of electrons towards itself.

Electronegativity

Intermolecular forces
The forces within molecules due to covalent bonding are The greater the value of the electronegativity, the greater
strong. However, the forces between molecules are much the power of an atom to attract the electrons in a covalent
n weaker. We call these forces intermolecular forces. bond towards itself. For Groups 1 to 17 the pattern of
There are three types of intermolecular force: electronegativity is:

m vander Waals’ forces (which are also called dispersion
forces and temporary dipole-induced dipole forces)

m permanent dipole-dipole forces

m electronegativity increases across a period from Group 1 to
Group 17

) m electronegativity increases up each group.
m hydrogen bonding.

) This means that fluorine is the most electronegative
Table 4.2 compares the relative strength of these

) element.
intermolecular forces and other bonds. For the most electronegative elements, the order of
Type of bond Bond strength electronegativity is:
/kJmol? _ ) .
increasing electronegativity
ionic bonding in sodium chloride 760 Br<Cl<N<O<F'
O—H covalent bond in water 464 Carbon and hydrogen have electronegativities that are
) lower than those of most other non-metallic elements.
hydrogen bonding 20-50
permanent dipole-dipole force 5-20 POIarlty in molecules
When the electronegativity values of the two atoms
van der Waals’ forces 1-20 forming a covalent bond are the same, the pair of electrons
is equally shared. We say that the covalent bond is
Table 4.2 Strengths of different types of bond and non-polar. For example, hydrogen (H,), chlorine (Cl)) and
intermolecular force. bromine (Br,) are non-polar molecules.
When a covalent bond is formed between two atoms
In order to understand how intermolecular forces having different electronegativity values, the more
work, we first have to know about electronegativity and electronegative atom attracts the pair of electrons in the

bond polarity. bond towards it.



As aresult:

m the centre of positive charge does not coincide with the
centre of negative charge
m we say that the electron distribution is asymmetric
the two atoms are partially charged
m  weshow
- the less electronegative atom with the partial charge 6+
(‘delta positive’)
- the more electronegative atom with the partial charge
8- (‘delta negative’)
m we say that the bond is polar (or that it has a dipole).

Figure 4.32 shows the polar bond in a hydrogen
chloride molecule.

H—d
o+ o-
—+—

Figure 4.32 Hydrogen chloride is a polar molecule.

As the difference in electronegativity values of the atoms
in a covalent bond increases, the bond becomes more
polar. The degree of polarity of a molecule is measured as a
dipole moment. The direction of the dipole is shown by the
sign +——>. The arrow points to the partially negatively
charged end of the dipole.

In molecules containing more than two atoms, we have
to take into account:

m the polarity of each bond
m the arrangement of the bonds in the molecule.

Trichloromethane, CHCla, is a polar molecule. The

three C—Cl dipoles point in a similar direction. Their
combined effect is not cancelled out by the polarity of the
C—H bond. This is because the C—H bond is virtually
non-polar. The electron distribution is asymmetric. The
molecule is polar, with the negative end towards the
chlorine atoms. This is shown in Figure 4.33a.

a |-|I 5+ b (|:|
C~- C~.
e \ ~Cl Ve \ ~d
c U 5- Cl 0
trichloromethane, tetrachloromethane,

a polar molecule a non-polar molecule

Figure 4.33 The polarity of a trichloromethane and
b tetrachloromethane.

Some molecules contain polar bonds but have no overall
polarity. This is because the polar bonds in these molecules
are arranged in such a fashion that the dipole moments

Chapter 4: Chemical bonding

cancel each other out. An example is tetrachloromethane,
CCl, (Figure 4.33b). Tetrachloromethane has four polar
C—Cl bonds pointing towards the four corners of a
tetrahedron. The dipoles in each bond cancel each other.
So, tetrachloromethane is non-polar.

The charge distribution in molecules and ions can be
determined by a method called X-ray spectroscopy. One
method involves firing X-rays at molecules and measuring
the energy of the electrons given off. Using this method,
scientists have found that in a sulfate ion, the sulfur atom
has a charge of +1.12 units and the four oxygen atoms each
have a charge of -0.78 units.

9 Arethe following molecules polar or non-polar? In each
case give a reason for your answer.

(Electronegativity values: F=4.0, Cl=3.0, Br=2.8,
S=2.5,C=25H=2.1)

a Chlorine, Cl,

Hydrogen fluoride, HF

The V-shaped molecule, sulfur dichloride, SC,
The tetrahedral molecule, chloromethane, CH,CI

mn Qo N T

The tetrahedral molecule tetrabromomethane, CBr,.

Polarity and chemical reactivity

Bond polarity influences chemical reactivity. For example,
both nitrogen, N=N, and carbon monoxide, C=O0, have
triple bonds requiring a similar amount of energy to
break them. Nitrogen is a non-polar molecule and is fairly
unreactive. But carbon monoxide is a polar molecule, and
this explains its reactivity with oxygen and its use as a
reducing agent. Many chemical reactions are started by a
reagent attacking one of the electrically charged ends of a
polar molecule. For example, chloroethane, C,H.Cl, is far
more reactive than ethane, C,H,. This is because reagents
such as OH™ ions can attack the delta-positive carbon atom
of the polarised C—Cl bond (see also page 220).

H H

I ls+ 5=
H—C—C—d

[

H H

Such an attack is not possible with ethane because the
C—H bond is virtually non-polar. This helps to explain
why alkanes, such as ethane, are not very reactive.
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van der Waals’ forces

Noble gases such as neon and argon exist as isolated atoms.
Noble gases can be liquefied, but at very low temperatures,
so there must be very weak forces of attraction between
their atoms. These weak forces keep the atoms together in
the liquid state.

Bromine is a non-polar molecule that is liquid at
room temperature. The weak forces of attraction are
keeping the bromine molecules together at room
temperature. These very weak forces of attraction are
called van der Waals’ forces. Van der Waals’ forces exist
between all atoms or molecules. So, how do van der
Waals’ forces arise?

The electron charge clouds in a non-polar molecule
(or atom) are constantly moving. It often happens that
more of the charge cloud is on one side of the molecule
than the other. This means that one end of the molecule
has, for a short moment, more negative charge than the
other. A temporary dipole is set up. This dipole can set up
(induce) a dipole on neighbouring molecules. As a result
of this, there are forces of attraction between the 6+ end
of the dipole in one molecule and the 8- end of the dipole
in a neighbouring molecule (Figure 4.34). These dipoles
are always temporary because the electrons clouds are
always moving. Van der Waals’ forces are sometimes called
temporary dipole-induced dipole forces.

Van der Waals’ forces increase with

m increasing number of electrons (and protons) in the molecule

B increasing the number of contact points between the
molecules - contact points are places where the molecules
come close together.

Differences in the size of the van der Waals’ forces can

be used to explain the trend in the enthalpy change of
vaporisation and boiling points of the noble gases. Figure
4.35 shows how these vary with the number of electrons
present. (The enthalpy change of vaporisation is the energy
required to convert a mole of liquid into a mole of gas.)

electron movements
result in temporary
dipole

atom without
dipole

‘ ‘ as atoms
i \\ P, approach ee_Jch
repulsion ‘%k‘/ other, the dipole
on one atom
attraction induces a dipole
on another

Figure 4.34 How van der Waals’ forces arise.

You can see that both the enthalpy change of vaporisation
and the boiling points of the noble gases increase as the
number of electrons increases. This is because the van
der Waals’ forces between the atoms are increased with
an increasing number of electrons. So, more energy is
needed to change the liquid into vapour and the boiling
point is higher.

The effect of increasing the number of contact points
can be seen by comparing the boiling points of pentane
(boiling point 36 °C) and 2,2-dimethylpropane (boiling
point 10°C) (Figure 4.36). These compounds have equal
numbers of electrons in their molecules.

The molecules in pentane can line up beside each other
so there are a large number of contact points. The van der
Waals’ forces are higher, so the boiling point is higher.
The molecules of 2,2-dimethylpropane are more compact.
The surface area available for coming into contact with
neighbouring molecules is smaller. The van der Waals’
forces are relatively lower, so the boiling point is lower.
The van der Waals’ forces between individual atoms are very
small. However, the total van der Waals’ forces between very
long non-polar molecules such as poly(ethene) molecules (see
page 211) can be much larger. That is why poly(ethene) is a
solid at room temperature.

a 20+ b -100 Xe

E

S

= Kr

= Xe

S & Ar

] =

£ 10+ Kr S -200 -

a (=9

S Ar o

o ]

=y < Ne

b=

= Hg‘e Figure 4.35 a Enthalpy changes of

) | | | —270 {He | | | vaporisation and b boiling points of the
0 20 40 60 0 20 40 60 noble gases plotted against the number

Number of electrons Number of electrons of electrons present.
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contact points

CH, CH, CH CH; WA CH CH
AN AN 3 3 3 3
CH& WCHZw\;“é %cm \C/ \c/
NV, 2V, 12 /N /
CH3 CHZ CH3 CH3 CH3 WW CH3 CH3
pentane, 2,2-dimethylpropane,
boiling point 36°C boiling point 10°C

Figure 4.36 The difference in boiling points of pentane and 2,2-dimethylpropane can be explained by the strength of the van der
Waals’ forces.

Two types of poly(ethene) are low-density poly(ethene), Permanent dipole-dipole forces
LDPE, and high-density poly(ethene), HDPE. Both have

In some molecules, the dipole is permanent. Molecules
crystalline and non-crystalline regions in them (Figure 4.37).

with a permanent dipole are called polar molecules. A
Y fine jet of polar molecules will be attracted towards an

16 \ IR, . .
% e~ electrically charged plastic rod or comb. (The rod can be
j) % aystalline region charged by rubbing it with a woollen cloth.) Figure 4.38
% shows the result of this experiment.
\A /% The molecules are always attracted to the charged

rod, whether it is positively or negatively charged. This is

/é non-crystalline because the molecules have both negatively and positively
M ) region charged ends.
<

The forces between two molecules having permanent

— /éb dipoles are called permanent dipole-dipole forces.
@ The attractive force between the 8+ charge on one
— molecule and the 8- charge on a neighbouring
Figure 4.37 Crystalline and non-crystalline regions molecule causes a weak attractive force between the
in poly(ethene). molecules (Figure 4.39).

HDPE has more crystalline regions where the molecules
are closer together than LDPE. The total van der Waals’
forces are greater, so HDPE is the stronger of the two.

10 a The boiling points of the halogens are:

fluorine  -188°C chlorine  -35°C

bromine  +59°C iodine +184°C

i Describe the trend in these boiling points going
down Group 17.

ii Explain the trend in these boiling points.

o

The table lists the formulae and boiling points
of some alkanes. Explain this trend.

methane CH, -164
ethane CH,CH, -88
propane CH,CH,CH, 42
butane CH3CH,CH,CH, 0 Figure 4.38 The deflection of water by an electrically

charged nylon comb.
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weak permanent
dipole-dipole force

CHs CHs

5- N 8-

8+ C=0 5+ C=0
CH; CH;

Figure 4.39 Dipole-dipole forces in propanone.

For small molecules with the same number of electrons,
permanent dipole-dipole forces are often stronger

than van der Waals’ forces. For example, propanone
(CH,COCH,, M_ = 58) has a higher boiling point than
butane (CH,CH,CH,CH,, M, = 58) (Figure 4.40).

This means that more energy is needed to break the
intermolecular forces between propanone molecules than
between butane molecules.

CH3\
CH, CHs _ &
;O CH, o+ =0
CH;
butane, propanone,

boiling point 0°C boiling point 56 °C

Figure 4.40 The difference in the boiling points of propanone
and butane can be explained by the different types of
intermolecular force between the molecules.

The permanent dipole-dipole forces between propanone
molecules are strong enough to make this substance a liquid
at room temperature. There are only van der Waals’ forces
between butane molecules. These forces are comparatively
weak, so butane is a gas at room temperature.

11 Bromine, Br,, and iodine monochloride, ICl, have the
same number of electrons. But the boiling point of
iodine monochloride is nearly 40°C higher than the
boiling point of bromine. Explain this difference.

Hydrogen bonding

Hydrogen bonding is the strongest type of intermolecular
force. For hydrogen bonding to occur between two
molecules we need:

m one molecule having a hydrogen atom covalently bonded to
F, O or N (the three most electronegative atoms)

m asecond molecule havinga F, O or N atom with an available
lone pair of electrons.

When a hydrogen atom is covalently bonded to a very
electronegative atom, the bond is very highly polarised.
The 8+ charge on the hydrogen atom is high enough for

a bond to be formed with a lone pair of electrons on the

F, O or N atom of a neighbouring molecule (Figure 4.41).
The force of attraction is about one-tenth of the strength
of a normal covalent bond. For maximum bond strength,
the angle between the covalent bond to the hydrogen atom
and the hydrogen bond is usually 180°.

H H
H—N ¢ ©+ H—N 2
H H

Figure 4.41 Hydrogen bonding between two ammonia
molecules. A hydrogen bond is represented by a line of dots.

The average number of hydrogen bonds formed per

molecule depends on:

m the number of hydrogen atoms attached to F, O or Nin
the molecule

m the number of lone pairs present on the F, O or N.

Water has two hydrogen atoms and two lone pairs per
molecule (Figure 4.42). So water is extensively hydrogen
bonded with other water molecules. It has an average of
two hydrogen bonds per molecule.

oy
%

CQ./SED.
H 8" ‘H 8" H
Ny N,/
5 &

Figure 4.42 Water can form, on average, two hydrogen bonds
per molecule.

Ammonia is less extensively hydrogen bonded than
water (see Figure 4.41). It can form, on average, only one
hydrogen bond per molecule. Although each ammonia
molecule has three hydrogen atoms attached to the
nitrogen atom, it has only one lone pair of electrons that
can be involved in hydrogen bond formation.

12 Draw diagrams to show hydrogen bonding between
the following molecules:

a ethanol, C,H,

b ammonia and water

OH, and water

¢ two hydrogen fluoride molecules.



How does hydrogen bonding affect
boiling point?

Some compounds may have higher boiling points than
expected. This can be due to hydrogen bonding. Figure
4.43 shows a graph of the boiling points of the hydrogen
halides, HF, HCI, HBr and HI, plotted against the position
of the halogen in the Periodic Table.

+50

=50

Boiling point / °C

-100

HF HCl HBr HI

Figure 4.43 The boiling points of the hydrogen halides.

The rise in boiling point from HCI to HI is due to the
increasing number of electrons in the halogen atoms as we
go down the group. This leads to increased van der Waals’
forces as the molecules get bigger. If hydrogen fluoride
only had van der Waals’ forces between its molecules,

we would expect its boiling point to be about -90°C.
However, the boiling point of hydrogen fluoride is 20°C,
which is much higher. This is because of the stronger
intermolecular forces of hydrogen bonding between the
HF molecules.

The peculiar properties of water

1 Enthalpy change of vaporisation and
boiling point

Water has a much higher enthalpy change of vaporisation
and boiling point than expected.

This is due to its extensive hydrogen bonding. Figure
4.44 shows the enthalpy changes of vaporisation of water
and other Group 16 hydrides.

The rise in enthalpy change of vaporisation from H,S
to H,Te is due to the increasing number of electrons in
the Group 16 atoms as we go down the group. This leads
to increased van der Waals’ forces as the molecules get
bigger. If water only had van der Waals’ forces between
its molecules, we would expect its enthalpy change to be
about 17 k] mol~’. But the enthalpy change of vaporisation
of water is much higher. This is because water is
extensively hydrogen bonded. The boiling point of water
is also much higher than predicted by the trend in boiling
points for the other Group 16 hydrides. This also indicates
that much more energy is required to break the bonds
between water molecules compared with other hydrides of
Group 16 elements.
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3 Iceis less dense than water

Most solids are denser than their liquids. This is

because the molecules are more closely packed in the
solid state. But this is not true of water. In ice, there is a
three-dimensional hydrogen-bonded network of water
molecules. This produces a rigid lattice in which each
oxygen atom is surrounded by a tetrahedron of hydrogen
atoms. This ‘more open’ arrangement, due to the relatively
long hydrogen bonds, allows the water molecules to be
slightly further apart than in the liquid (Figure 4.46). So
the density of ice is less than that of liquid water.

Figure 4.46 A model of ice. Oxygen atoms are red, hydrogen
atoms are white, hydrogen bonds are lilac. This hydrogen-
bonded arrangement makes ice less dense than water.

Bonding and physical
properties

The type of bonding between atoms, ions or molecules
influences the physical properties of a substance.

Physical state at room temperature and
pressure

lonic compounds

Ionic compounds are solids at room temperature and
pressure. This is because:

m there are strong electrostatic forces (ionic bonds) holding
the positive and negative ions together

m theionsareregularly arranged in a lattice (see Chapter 5),
with the oppositely charged ions close to each other.

Ionic compounds have high melting points, high boiling
points and high enthalpy changes of vaporisation. It
takes a lot of energy to overcome the strong electrostatic
attractive forces.

Metals

Metals, apart from mercury, are solids. Most metals have
high melting points, high boiling points and high enthalpy
changes of vaporisation. This is because it takes a lot of
energy to overcome the strong attractive forces between
the positive ions and the ‘sea’ of delocalised electrons.

Covalent compounds

Covalently bonded substances with a simple molecular
structure, for example water and ammonia, are usually
liquids or gases. This is because the forces between the
molecules are weak. It does not take much energy to
overcome these intermolecular forces, so these substances
have low melting points, low boiling points and low
enthalpy changes of vaporisation compared with ionic
compounds. Some substances that have covalently bonded
molecules may be solids at room temperature, for example
iodine and poly(ethene). These are usually molecules
where the van der Waals’ forces are considerable. However,
the melting points of these substances are still fairly low
compared with ionic compounds or most metals.

Solubility

lonic compounds

Most ionic compounds are soluble in water. This is because
water molecules are polar and they are attracted to the
ions on the surface of the ionic solid. These attractions

are called ion-dipole attractions (see page 265). These



attractions replace the electrostatic forces between the ions
and the ions go into solution.

Metals

Metals do not dissolve in water. However, some metals, for
example sodium and calcium, react with water.

Covalent compounds
Covalently bonded substances with a simple molecular
structure fall into two groups.

® Those that are insoluble in water. Most covalently bonded
molecules are non-polar. Water molecules are not attracted
to them so they are insoluble. An example is iodine.

m Those that are soluble in water. Small molecules that can
form hydrogen bonds with water are generally soluble. An
example is ethanol, C,H,OH.

Some covalently bonded substances react with water rather
than dissolving in it. For example, hydrogen chloride
reacts with water to form hydrogen ions and chloride ions,
and the ions are soluble. Silicon chloride reacts with water
to form hydrogen ions, chloride ions and silicon dioxide.
This reaction is called a hydrolysis reaction.

Electrical conductivity

lonic compounds

Ionic compounds do not conduct electricity when in the

solid state. This is because the ions are fixed in the lattice
and can only vibrate around a fixed point. When molten,
an ionic compound conducts electricity because the ions
are mobile.

Summary

m lons are formed when atoms gain or lose electrons.

m lonic (electrovalent) bonding involves an
attractive force between positively and negatively
charged ions in an ionic lattice.

m Acovalent bond is formed when atoms share a pair
of electrons.

m  When atoms form covalent or ionic bonds each atom
orion has a full outer electron shell of electrons.
(Some covalent compounds may be electron
deficient or have an ‘expanded octet’)

m Dot-and-cross diagrams can be drawn to show
the arrangement of electrons in ionic and
covalent compounds.

Chapter 4: Chemical bonding

Metals

Metals conduct electricity both when solid and when
molten. This is because the delocalised electrons are
mobile.

Covalent compounds

Covalently bonded substances with a simple molecular
structure do not conduct electricity. This is because they
have neither ions nor electrons that are mobile.

14 Explain the following differences in terms of the type

of bonding present.

a Aluminium oxide has a melting point of 2980°C but
aluminium chloride changes to a vapour at 178 °C.

b Magnesium chloride conducts electricity when
molten but not when solid.

¢ Iron conducts electricity when solid but the ionic
solid iron(ll) chloride does not conduct when solid.

d Sodium sulfate dissolves in water but sulfur
does not.

e Propanol, CH,CH,CH,OH, is soluble in water but
propane, CH,CH,CH,, is not.

f Asolution of hydrogen chloride in water
conducts electricity.

= Indative covalent bonding one atom provides both
electrons in the formation of the covalent bond.

m The shapes and bond angles in molecules can be
predicted using the idea that lone pairs of electrons
repel other lone pairs more than bond pair electrons,
and that bond pair to bond pair repulsion is least.

m o bonds (sigma bonds) are formed by end-on
overlap of atomic orbitals, whereas  bonds (pi
bonds) are formed by sideways overlap of p-type
atomic orbitals.

m Three types of relatively weak intermolecular forces
are hydrogen bonding, permanent dipole-dipole
forces and van der Waals’ forces.
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m Electronegativity differences can be used to m Metallic bonding can be explained in terms
predict the type of weak intermolecular forces of a lattice of positive ions surrounded by
between molecules. mobile electrons.

= Hydrogen bonding occurs between molecules that m The physical properties of substances may be
have a hydrogen atom covalently bonded to an atom predicted from the type of bonding present.

of a very electronegative element (fluorine, oxygen

m Substances with ionic bonding have high melting
or nitrogen).

and boiling points, whereas simple molecules with
m The reactivities of covalent bonds can be covalent bonding have low melting points.
explained in terms of bond energy, bond length

m The presence of hydrogen bonding in a molecule
and bond polarity.

influences its melting point and boiling point.
= Intermolecular forces are based on either permanent

dipoles, as in CHCL,(l), or temporary induced dipoles

(van der Waals’ forces), as in Br,(l).

n End-of-chapter questions

1 Thetable shows the atomic number and boiling points of some noble gases.

Gas helium neon argon krypton xenon
Atomic number 2 10 18 36 54
Boiling point/°C -253 -246 -186 -152 -107
a Useideas about forces between atoms to explain this trend in boiling points. [2]
b Xenon forms a number of covalently bonded compounds with fluorine.
i What do you understand by the term covalent bond? 1]
i Draw a dot-and-cross diagram for xenon tetrafluoride, XeF,. [1]
i Suggest a shape for XeF,. Explain why you chose this shape. (3]
¢ Thestructure of xenon trioxide is shown below.
)
PN
o I Yo
0
i Byreferringto electron pairs, explain why xenon trioxide has this shape. [2]
ii Draw the structure of xenon trioxide to show the partial charges on the atoms and the direction of the
dipole in the molecule. [2]

Total=11
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2 Aluminium chloride, AlCl,, and ammonia, NH,, are both covalent molecules.

a i Draw adiagram of an ammonia molecule, showing its shape. Show any lone pairs of electrons. (3]
ii State the bond angle H/\N/\H in the ammonia molecule. [1]
b Explain why ammonia is a polar molecule. [2]

¢ Anammonia molecule and an aluminium chloride molecule can join together by forming a co-ordinate bond.
i Explain how a co-ordinate bond is formed. [1]
ii Draw a dot-and-cross diagram to show the bonding in the compound formed between ammonia and
aluminium chloride, H;NAICL,.
(Use a @ for a nitrogen electron, a © for an aluminium electron and an X for the hydrogen and
chlorine electrons.) 3]
d Aluminium chloride molecules join together to form a compound with the formula ALCL,.

Draw a displayed formula (showing all atoms and bonds) to show the bonding in one AL,Cl, molecule.
Show the dative covalent bonds by arrows. [2]

Total=12
3 Electronegativity values can be used to predict the polarity of bonds.

a Explain the term electronegativity. [2]
b The electronegativity values for some atoms are given below:

H=2.1,C=2.5F=4.0,Cl=3.0,1=2.5

Use these values to predict the polarity of each of the following bonds by copying the bonded atoms
shown below and adding §+ or §- above each atom.

i H—I
i F—I
i C—Cl [2]
¢ Theshape of iodine trichloride, ICL,, is shown below.
a G a
1
/ )
(¢
i Describe the shape of this molecule. [2]
i Explain why the ICl, molecule has this shape. [2]
iii Suggest a value for the CI—I—Cl bond angle. 1]

d The boiling points of the hydrogen halides are shown in the table.

Hydrogen halide HF HCl HBr HI

Boiling point/°C +20 -85 -67 -35
i Explain the trend in boiling points from HCl to HIL. [2]
ii Explain why the boiling point of HF is so much higher than the boiling point of HCL. [3]

e Tetrachloromethane, CCl,, is a non-polar molecule.

S

i Draw adiagram to show the shape of this molecule.

—
=

ii Explain why this molecule is non-polar.

Total=17
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4 Thediagram below shows part of a giant metallic structure.

® 0 &6
U000,
@e_®e_ @e_®e_®e_
oMcdododod
a Usethis diagram to explain the main features of metallic bonding. 3]
b Explain why metals are good conductors of electricity. [2]
¢ Explain why, in general, metals have high melting points. [2]
d Suggest why potassium is a better conductor of electricity than lithium. [4]
Total=11
5 Methane, CH,, is a gas at room temperature.
a Explain why methane is a gas at room temperature. [2]
b Draw a diagram to show the shape of a molecule of methane. On your diagram show a value for
the H/\E/\H bond angle. [3]
¢ Perfumes often contain molecules that have simple molecular structures. Explain why. [2]
d When a negatively charged rod is held next to a stream of propanone, CH,COCH,, the stream of propanone
is attracted to the rod.
Draw the full structure of a molecule of propanone and use your diagram to explain why the stream of
propanone is attracted to the rod. [3]
Total=10
6 Sodium iodide and magnesium oxide are ionic compounds. lodine and oxygen are covalent molecules.
a Drawdot-and-cross diagrams for:
i magnesium oxide
i oxygen. (2]
b How do sodiumiodide and iodine differ in their solubility in water? Explain your answer. [3]
¢ Explain why molten sodium iodide conducts electricity but molten iodine does not. [2]
d The boiling point of sodium iodide is 1304 °C. The boiling point of iodine is 184 °C. Explain this difference. [5]
Total=12
7 Hydrogen sulfide, H,S, is a covalent compound.
a Draw adot-and-cross diagram for hydrogen sulfide. [2]
b Draw adiagram of a hydrogen sulfide molecule to show its shape. Show on your diagram:
S
i thevalueofthe HOH bond angle
ii the partial charges on each atom as 8+ or 8-
iii an arrow showing the exact direction of the dipole in the molecule as a whole. [4]
¢ Oxygen, O, sulfur, S, and selenium, Se, are in the same group in the Periodic Table.
i Explain why hydrogen selenide, H,Se, has a higher boiling point than hydrogen sulfide, H,S. [2]
ii Explain why the boiling point of water is so much higher than the boiling point of hydrogen sulfide. [5]

Total=13
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8 Thetable shows the type of bonding in a number of elements and compounds.

Element or compound | Type of bonding

Fe,Na metallic

NaCl, MgCl, ionic

Co,,Br, covalent within the molecules

Draw a labelled diagram to show metallic bonding.

Explain why magnesium chloride has a high melting point but bromine has a low melting point.

Explain why solid sodium conducts electricity but solid sodium chloride does not conduct electricity.

i Draw adot-and-cross diagram for carbon dioxide.

ii Describe the shape of the carbon dioxide molecule.

iii Explain why a carbon dioxide molecule has this shape.

Bromine is a liquid at room temperature. Weak van der Waals’ forces hold the bromine molecules

together. Describe how van der Waals’ forces arise. [5]

Total=18

9 Wateris extensively hydrogen bonded. This gives it anomalous (peculiar) properties.
a Explain why ice s less dense than liquid water. [3]
b State two other anomalous properties of water.
¢ Propanone has the structure shown below.

CH;

When propanone dissolves in water, it forms a hydrogen bond with water.

i What features must water and propanone molecules posses in order to form a hydrogen bond? [2]
ii Draw a diagram to show a propanone molecule and a water molecule forming a hydrogen bond. [2]
Propanone has a double bond. One of the bonds is a 6 bond (sigma bond). The other is a mbond (pi bond).

i Explain the difference between a 0 bond and a mbond in terms of how they are formed.

ii Copy the diagram, then complete it to show the shapes of the electron clouds in the o bond and the
1 bond between the carbon atoms in ethene. Label your diagram. [3]

H
\ /
C C

/ \

H H

Total=