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Get the most from this book

Welcome to the AQA A-level Chemistry 1 Student’s Book. This book
covers Year 1 of the AQA A-level Chemistry specification and all content for

the AQA AS Chemistry specification.

The following features have been included to help you get the most from
this book.

Prior knowledge

This is a short list of topics that

you should be familiar with before
starting a chapter. The questions
will help to test your understanding,

Tips
These highlight important facts,
common misconceptions and

signpost you towards other relevant
topics.
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Examples
Examples of questions or
calculations are included to illustrate
topics and feature full workings and
sample answers.

Test yourself questions

These short questions, found
throughout each chapter, are useful
for checking your understanding as
you progress through a topic.

Key terms and formulae

These are highlighted in the text and
definitions are given in the margin

to help you pick out and leam these
Important concepts.
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— Activities
These practical-based activities will help consolidate your learning and test
your practical skills.

In this edition the authors describe many important experimental procedures

as “Activities” to conform to recent changes in the A-level cumriculum. Teachers
should be aware that, although there is enough information to inform students
of techniques and many observations for exam-question purposes, there is not
enough information for teachers to replicate the experiments themselves or
with students without recourse to CLEAPSS Hazcards or Laboratory worksheets
which have undergone a thorough risk assessment procedure.

T

vk . Byt
gaL3ag) " O o ey o

Practice questions
You will find practice questions, including multiple-choice questions,
at the end of every chapter. These follow the style of the different types

of questions with short and longer answers that you might see in your
examination, and they are colour coded to highlight the level of difficulty.

® Green — Basic questions that everyone should be able to answer without
difficulty.

® Orange — Questions that are a regular feature of exams and that all
competent candidates should be able to handle.

® Purple — More demanding questions which the best candidates should be

able to do.

A dedicated chapter for developing your Maths can be found at the back of
this book.
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Atomic structure
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PRIOR KNOWLEDGE

Protons have a positive charge [relative charge = +1], electrons have a
neqative charge (relative charge = -1) and neutrons have no charge at all
[relative charge = 0).

The mass of an atom is centred in the nucleus as the mass of electrons
are very much less than the mass of protons and neutrons,

The relative mass of a proton is 1; the relative mass of a neutron is 1 but
the relative mass of an electron is ﬁ.

Electrons are arranged in shells at increasing distances from the
nucleus, There are a maximum number of electrons which each shell
can hold. The shells closest to the nucleus fill first.
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® The number of protons in the nucleus of an atom of a particular

element is the same as the atomic number for that element,

In an atom, the number of protons is equal to the number of

electrons. This makes atoms electrically neutral [have no charge].

@ The number of neutrons is equal to the mass number - atomic
number.

@® The mass number and atomic number are often written before the
symbol for the element as for example, $3Na, where 11 is the atomic
number for sodium and 23 is the mass number for this atom of
sodium.

® Atoms of the same element with the same number of protons and a

different number of neutrons are called isotopes. For example boron
has two isotopes: 128 and 1§B. An atom of 1%5 contains 5 protons,
5 electrons and 5 neutrons: an atom of 1:'58 contains 3 protons, 5
electrons and 6 neutrons.
® The electronic structure of an atom 1s determined from the number
of electrons. The first shell can hold a maximum of 2 electrons,
the second shell can hold 8 electrons and the third shell can hold a
maximum of 8 electrons.
For example an atom of sodium [atomic number 11, mass number 23]
has 11 protons in the nucleus; 11 electrons arranged in shells and 12
[= 23 - 11) neutrons in the nucleus. The 11 electrons are arranged 2
in the first shell: 8 in the second shell and 1 in the third shell - this
IS often written as 2, 8, 1 for the electronic structure or electron

configuration. :

*
tliiiﬁi!i#il-i--i-'ll-ioll#'i-bi-i-i*ilﬂiﬁiii*!Iliii-i-i-'iodlll4-'lﬂl-t-illdi.t'Iii+t-l|'-l-l-dlIhiii.io&tiittii#iit#%if#‘w

TEEAS S FANNEESSS4+ATRNRNR A4S ANEERN S+ 34401000 &4+ 3 FAERERSsteFANEN

ERF+ 444000 RASFFTan

(e A R R R R LY L P PR R e e T R R N L P e L R R R L Ry L R R R R R R Y L e e e R T e T E R R S S SRR L R R S A R R R R R P RS )
ANINERSFSSLEEE




-
*
*
*
&

":::"Illlllllllllll'.lIli*l’ff'lIIIlifil'illl EEEESSSSNERENASSSEFSANRENEE EEEEREEEF ST IRRE NS FEFERRREN

TEST YOURSELF ON PRIOR KNOWLEDGE 1

1 What is meant by the term atomic number?

2 State the relative mass and relative charge of: a) a proton; b) an
electron and c a neutron?

3 #cland $jCL are isotopes of chlorine.
a) What is meant by the term isotopes?
b) Calculate the number of protons, electrons and neutrons in an

atom of ?;Cl.

4 Write electron configurations for the following atoms:
alP bJLi 0o dlK el Ar f]He g]Al

5 Identify the element which has atoms with 15 electrons and 16
neutrons.
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The development of theories about atoms and their structure has spanned
centuries. The model of the atom that will be familiar from previous study is
of a heavy nucleus containing protons (and neutrons) surrounded by electrons
orbiting in shells. Many scientists contributed to the development of theories
of atomic structure.

O The basics of atomic structure

An atom is the smallest particle of an element which has the characteristic
properties of the element. The symbol for an element can represent an atom
of that element. For example, Mg represents an atom of magnesium, C
represents an atom of carbon.

Relative mass of subatomic particles

Atoms are composed of subatomic particles called electrons, protons

and neutrons. The table below shows the relative mass, relative charge

and location of the subatomic particles. The actual mass of a proton is
1.67262178 X 10727 kg. For ease of calculaton the masses of the subatomic
particles are measured relative to the mass of a proton, which is given a value
of 1. The mass of a neutron is the same and the mass of an electron is 1840
times less. The same idea of a relative scale is used with charge. The charge on
a proton is given a value of +1 and the charge on an electron has the same

magnitude but it is oppositely charged.

ATOMIC STRUCTURE

F

Particle Relative mass Relative charge Location in the atom

Proton 1 +1 nucleus

Neutron 1 0 nucleus

Electron -1—-51-;{5 =3 energy levels

As the relative mass of an electron is substantially smaller than the mass of

a proton and a neutron, most of the mass of an atom is concentrated in the
nucleus. The nucleus occupies only a small fraction of the total volume of the
atom.

The incredibly high density within the nucleus suggests that the particles

within it are drawn very close together by extremely powerful forces. These
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TIP

The number of protons defines
the element. Any particles with
17 protons are particles of the
element chlorine - they may be
ions or atoms.

Figure 1.1 The explosive power

of a hydrogen bomb results from

an uncontrolled, chain reaction in
which isotopes of hydrogen - namely
deuterium and tritium combine under

extremely high temperatures. What
element do you think is produced?

e : 1e
L 3
1p
1 2
1H 1H
Protium Deuterium

Figure 1.2 The three isotopes of hydrogen,

showing their subatomic particles.

forces are obviously so powerful that they can overcome the repulsion which
the protons have for each other as they are positively charged. Neutrons have
no charge and are not involved in the repulsion in the nucleus.

Atomic number and mass number

® The atomic number is equal to the number of protons in the nucleus of
an atom.

® The mass number is the total number of protons and neutrons in the
nucleus of an atom.

® Atoms of the same element can have different masses. For example an
atom of hydrogen can have a mass number of 1, 2 or 3.

® Atoms of the same element, which have different mass numbers, are
called isotopes.

@ All the isotopes of an element have the same atomic number as they have
the same number of protons in the nucleus.

Isotopes
Isotopes should be written as shown below.

Mass number — A E
Atomic number — Z

where E is the symbol for the element. A is often used to represent the mass
number and Z is used to represent the atomic number The atomic number
can also be called the proton number

There are three isotopes of hydrogen which can be written as:

[H Mass Number 1, Atomic Number 1, called protium
{'H Mass Number 2, Aromic Number 1, called deuterium
:;'H Mass Number 3, Atomic Number 1, called trittum

From the mass number and atomic number, it is possible to determine the
quantities of the various subatomic particles in an atom of each isotope, using
the formulae:

Mass Number = Number of protons + Number of neutrons

Atomic Number = Number of protons

So
Number of neutrons = Mass Number — Atomic Number
Number of electrons = Number of protons [in a neutral atom]
Te Number of Number of Number of
2 protons electrons neutrons
Y
1p + 2n Protium {H 1 1 0

3 Deuterium iH |1 1 1

1 H

g Tritium {H 1 1 2

Tritium L \

S
1
S
&
W
5
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3
&
"
s
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Not all isotopes of elements have individual names, for example, with the two
isotopes of chlorine:
12C1 (often called chlorine-35): Mass Number 35, Atomic Number 17
+7Cl (often called chlorine-37): Mass Number 37, Atomic Number 17

The table below shows the numbers of subatomic particles for the two
isotopes of chlorine.

Number of protons Number of electrons Number of neutrons

Chlorine-35 |17 17 18
Chlorine-37 |17 17 20
; ‘i.ﬁ“ Isotopes have the same number and arrangement of electrons

and so the atoms of each isotope will have the same

chemical properties. However due to the different numbers
of neutrons, the atoms have different masses and hence
different physical properties. For example pure :{’;Clg will

have a higher density, higher melting point and higher boiling
point than pure ;’?Clz.

Two important isotopes of carbon are 12C and 1°C.

Figure 1.3 Analysis of carbon isotope
ratios [13C05:12C05) in the breath of

The carbon-12 standard

paediatric patients on ventilators can The masses of all atoms are measured relative to the mass of an atom of
lead to early detection of sepsis. Sepsis  carbon-12, which is given a value of 12.0000. In all the fallamng definitions
w 's@whole-body inflammation caused the rerm relative means that the mass is measured against 75 the mass of an
o by severe infection, which can lead to Foibiandd.
s atom of carbon-
5 _ The reason for the choice of carbon as the standard 1s an historical one and a
= TIP practical one. Originally hydrogen was chosen as the standard against which
O L R ot the masses of all other elements was measured, however when the accuracy
= sty e of atomic mass measurement reached 0.00001, it was realised that elements
o not included when identifying de= : : : |
= : , s were a mixture of atoms of different masses. So it was decided to choose one
< isotopes but the mass number ' g b dard. 2C h S 0 o, o
should always be written. isotope of an element as the standard. “5C was chosen for the practicality o
- Chlnrme 33? may be written carrying a solid around as opposed to a gas.
as 17CL or CL The relative |mmp|c mass is the mass of a single isotope of an element
—_—

relative to 15 the mass of an atom of carbon-12. This is most often derived
from mass spectrometry where the mass of the individual isotopes can be
determined. This will be explained in the next section. For all purposes the
value of the relative isotopic mass is the same as the mass number for a
particular isotope of an element.

The relativ ¢ atomic mass (A,) is the average mass of an atom of an element
relative to 12 the mass of an atom of carbon-12. A, is often used as shorthand
for relative atomic mass.



Calculating relative atomic mass

Naturally occurring elements are composed of a mixture of different isotopes. S
These isotopes occur in different proportions. o
Y

If the proportion of each isotope were to be changed, the relative atomic mass §
of the element would change. The following hypothetical example shows what S
would happen if the proportion of the two isotopes of chlorine were ditferent. &
o

% chlorine-35 100.0 75.0 50.0 25.0 0.0 g
% chlorine-37 0.0 250  |500  |75.0 100.0 3
Relative atomic mass 35.0 35.5 36.0 36.5 37.0 E.
3

EXAMPLE 1

In a naturally occurring sample of chlorine, 75% is
3BCl and the remainder [25%) is 37CL. Calculate the
relative atomic mass of the sample of chlorine.

The relative abundance of the two isotopes may not
be given as a percentage. The relative atomic mass is
calculated in the same way. Multiply the mass by the
relative abundance for each isotope. Add these values
together and divide by the total of all the relative
abundances.

Assuming 100 atoms of chlorine,

Answer

Total mass of 38Cl atoms = 75 x 35 = 2625

Total mass of 37Cl atoms = 25 x 37 = 925

Total mass of 100 atoms = [75 = 35) + (25 x 37] = 3550

Average mass =320 - 355

Relative atomic mass of chlorine = 35.5.

® e

EXAMPLE 2

This table shows the relative abundances of the three different isotopes
of magnesium. Calculate the relative atomic mass of magnesium to one
decimal place.

Isotope Relative abundance

2iMqg 15.8
25Mg 2.0
26Mg 2.3

For each isotope multiply the mass by the relative abundance and add

_ these together. Finally divide this number by the sum of the relative
TIP abundances.

Often you may be asked to quote
the answer to a specific number
of decimal places. The answer

above to 1 decimal place is 24.3.
24 48 to 1 decimal place becomes =

Answer
Relative atomic mass =

379.2 + 50 + 57.2

(15.8 x 24) + (2.0 x 25) + (2.2 x 26)
158+20+ 2.2

24.5. 48.775 to 2 decimal places £H
becomes 48.78. If you are unsure . 4864 _ 24.32
about decimal places see 20

Chapter 17. The answer to one decimal place is 24.3.
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TEST YOURSELF 2

1 State the number of protons, electrons and neutrons present in the
following atoms:
al $k bl o '¥Ba  d) R

2 Bromine has two isotopes which are detailed in this table.

Isotope Atomic number Mass number % abundance

gor

35 81 49.5

a) Copy and complete the table above.

b) Calculate the relative atomic mass of bromine.

3 Copper exists as two isotopes, °5Cu and #3Cu. #3Cu has an abundance
of 30.8%.
a) Calculate the relative abundance of é3Cu.
b) Calculate the relative atomic mass of copper to two decimal

places.

4 Silver has two isotopes, '%7Ag and '"%Ag. 52% of silver is 107Aqg.
Determine the relative atomic mass of silver.

9 92.0% of lithium is 7Li and the remainder is Li. Determine the relative
atomic mass of lithium to 1 decimal place.

6 Boron has two isotopes, '9B and "'B. The relative atomic mass of
boron is 10.8. Calculate the percentage abundance of each of the two

isotopes.
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O Mass spectrometry

Mass spectrometry can be used to determine information about elements and
compounds. It can determine the relative isotopic masses of the isotopes of
elements and their relative abundance. It shows the different isotopes of an
element. This information is used to calculate the relative atomic mass (A,)

of an element. For compounds, mass spectrometry can identify unknown
purified compounds by comparing the mass spectrum obtained to those in a
database. The mass spectrum of a compound also gives its relative molecular

mass (M,).

Time-of-flight [TOF) mass spectrometer

A TOF mass spectrometer is used to analyse elements and compounds. The
sample is dissolved in a polar, volatile solvent and pumped through a narrow

capillary tube to create droplets of the solution. A polar volatile solvent is used
to ensure that it evaporates.

ATOMIC STRUCTURE

F

The five processes which occur in a TOF mass spectrometer are:
| Electrospray ionisation

A high voltage is applied to the tip of the capillary to produce highly
charged droplets. The solvent evaporates from these droplets to produce
gaseous charged ions. All the ions in this simple treatment of TOF mass
spectrometry are considered to be mononuclear ions (with a single positive
charge).



2 Acceleration

An electric field is applied to give all the ions with the same charge a g
constant kinetic energy. As kinetic energy = %mvz, it depends on the mass @
of the particles (m) and their velocity (v, or speed). As all particles are given ®
the same kinetic energy, heavier particles (larger M,) move more slowly than a
lighter particles. §
3 Ton drift S

The ions enter a region with no electric field called the flight tube. Here the
ions are separated based on their different velocities. The smaller fast ions
travel though the flight tube much more rapidly and arrive at the detector
first.

4 lon detection

The detector records the different flight times of the ions. The positively
charged ions arrive at the detector and cause a small electric current
because of their charge.

5 Data analysis

The flight times are analysed and recorded as a mass spectrum by the data
analyser The mass spectrum obtained is a plot of relative abundance against
mass to charge ratio (m/z).

General information about a mass spectrum

The trace from the mass spectrometer (the mass spectrum) is a series of peaks
on a graph where the vertical axis is relative abundance (which is the same as
the electric current from the detector) and the horizontal axis is the mass to
charge ratio.

The relative abundance is a measure of how many of each ion is present.
Often the highest peak is given a value of 100 and the other peaks are worked

out relative to this value.

The mass/charge ratio for single charge ions is equivalent to the mass of the
ion, as mass divided by 1 = mass. The horizontal axis should be labelled
‘m/z’ but it may also be labelled ‘'m/e’ or ‘mass to charge ratio’. The m/z
values for isotopes of an element are the relative isotopic masses for these
isotopes.

Mass spectrum of an element

Below is an example otf a mass spectrum of naturally
occurring magnesium (an element). The numbers above
the peaks indicate the relative abundance of each ion
detected. Sometimes it is given like this and for other
examples the relative abundance may have to be read
from the scale on the vertical axis.

100

relative abundance

22 23 24 25 26 27 258 20
miz

Figure 1.4 Mass spectrum of magnesium.
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TIP

If you are asked to calculate
the relative atomic mass of
magnesium to an appropriate
level of precision, the answer
must be given to 2 significant
figures as this is the least

accurate level of measurement.

All of the relative isotopic
abundance data are given

to 2 significant figures. The
relative abundance data are
given to 2 (8.9) and 3 (100

and 10.9] significant figures.
Any calculation in which the
appropriate level of precision in
an answer is required should
have its answer quoted to the
number of significant figures of

the lowest level of precision of the

data used.

C—

The peaks in the spectrum are caused by the isotopes of magnesium.
The mass spectrum tells us several things:

1 Magnesium has three isotopes as there are three peaks on the spectrum
corresponding to each of the isotopes.

2 The relative isotopic masses of these isotopes are 24, 25 and 26 as these are
the m/z values for each of the isotopes.

3 The most abundant isotope of magnesium has a relative isotopic mass
of 24. This is the m/z value for the peak with the highest relative
abundance.

4 The ion responsible for the peak at 24 is 24Mg+; the ion responsible for the
peak at 25 is 25Mgt; the ion responsible for the peak at 26 is 26Mg+.

5 The relative atomic mass (A,) of magnesium can be calculated from the
information in the mass spectrum.

The relative atomic mass of magnesium is simply the average mass of all the atoms
of the different isotopes. This calculation is carried out by multiplying the relative
isotopic mass by the relative abundance for each peak. These are then added
together and the total is divided by the total of all the relative abundances.

Working this out

(100 X 24) + (8.9 X 25) + (10.9 X 26)
119.8

relative atomic mass = = 24.26

To 1 decimal place this is 24.3 as given on the Periodic Table of the Elements
supplied in the Data Booklet with examinations.

TIP

The mass spectrum of magnesium shows that the most abundant isotope
is 24Mg and the heavier 2Mg and 26Mg occur in smaller proportions.

Even without a calculator it is possible to predict that the relative atomic
mass of magnesium would be close to 24 but slightly above it due to the
presence of the heavier isotopes.

EXAMPLE 3

Cubic zirconia, the cubic crystalline form of zirconium
dioxide is extensively used in gems as a cheap
alternative to diamond. It is artificially manufactured
and contains the element zirconium, a transition

metal which has four isotopes.

The mass spectrum on page 7 is for zirconium.
Determine the relative atomic mass of zirconium to

one decimal place.

Figure 1.5 Cubic zirconia resembles diamond, and
sparkles with brilliance. Can you compare its chemical
composition and properties with that of diamond?




Answer 9.0 |
There are four isotopes of zirconium with relative 8.0

isotopic masses of 90, 91, 92 and 94. g 70 |
The relative abundances of the isotopes are: %07r = 9.0; -'.E 6.0

NZr=2.0:97r=3.0; %Zr=3.0. _E 5B
e , ¢ 4.0
relative atomic mass o

£ 30
B [90x 9.0)+ [91x2.0)+(92x 3.0] + (94 % 3.0) = 50
9+2+3+3 10

1550 . =
T 91.2 [to 1 decimal place] 0

Q0 91 92 93 94
m/z
Figure 1.6 Mass spectrum of zirconium.

(y—

TIP

The element in Example 3 could
have been an unknown element
and you may have had to identify
it from its relative atomic mass.
In the Periodic Table provided
with your examination, zirconiurm
has a relative atomic mass of 91.2.
]|

relative abundance

(@

TIP

The ability to read data from a graph or in this case a spectrum and to
translate these data into numerical form is an important skill throughout
Chemistry. Use the level of precision given on the graph/spectrum - in
this case both the m/z values and the relative abundance values are given
to two significant figures. If you were asked for an appropriate level of
precision in the answer, it should also be to two significant figures.

Mass spectrum of a molecular element

Elements like chlorine exist as diatomic molecules. In the mass spectrometer
the molecules of an element like chlorine can form ions with a single positive
charge but also the mass spectrometer can break up the molecule into atoms,
which can also form single positively charged ions.

Chlorine has two different isotopes: 3°Cl and *7Cl

There are five different possible ions which should be detected in the mass
spectrometer:

® 53 Cl+
@ 3‘?C1+
® (3°C1—35ChH+
@ (35(:1_3 TCD +
e (CCl—27CD+

There should be peaks seen at m/z values of 35, 37, 70, 72
| and 74 on a mass spectrum of molecular chlorine.

1 I 1 I L) I = 1 I )
10 20 30 40 50
m/z

Figure 1.7 Mass spectrum of molecular
chlarine.

I

1§ I i

60 70 e .
The mass spectrum of molecular chlorine is shown in

Figure 1.7.

® As predicted there are peaks at 35, 37, 70, 72 and 74

® As the ratio of 3°Cl:37Cl is 3:1 the relative abundance of the peaks at m/z
values of 35 and 37 are in a 3:1 ratio.

@ The ratio of the peaks at m/z values of 70:72:74 are 9:6:1.

3
3
1]
a
%
3
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TIP TIP

It is also important to be able There are two atoms and the ratio for the individual isotopes is 3:1. The
to translate data in a graphical probability of two atoms being 35CL is [ x4 =+%).

form like 3 mass spectrum to The probability of two atoms being 37Clis [} x 4=+

S B Gl and the probability of either (3CL - 37C1) or (27C1 - 35CU) is £{1 - -],
the labels on the axes (and any This gives a ratio of 9:6:1.
units present] to see what data
can be obtained from a graphical
representation.

Mass spectrum of a compound
For a compound, the last major peak at the highest m/z value is the

molecular ion. This means it is caused by the molecular ion formed from the
whole molecule. The m/z value of this peak is the relative molecular mass

(M,) of the compound.

The relative molecular mass is the mass of a molecule relatve to ﬁ the mass
of an atom of carbon-12. The relative molecular mass is often written as M, It
can be calculated by adding up the relative atomic masses of all the atoms in a
compound.

When a molecule is put through a mass spectrometer, the molecule breaks
up. This process is called fragmentation. The fragments of the molecule form
ions and these are detected. The pattern of peaks caused by these fragments is
called the fragmentation pattern.

Figure 1.8 shows the spectrum of ethanol, C;H;OH. The molecular ion peak
(often written as M+) is at an m/z value of 46. This is the last major peak in
the spectrum of the highest m/z value. There is a small peak at 47 and this is
caused by the presence of one 1*C atom.

The peak with the greatest abundance is usually not the molecular ion
peak. The peak with the greatest abundance is called the base peak (in this
case the one at an m/z value of 31) and in computer generated mass spectra,

LU
= the height of this peak is usually taken as 100 and all other peaks are
5 measured relative to it.
-
v
o 100 Largest peak is called the base peak - it is
= || caused by the most stable ion formed as
o the molecule break up
’_. :
= 80
g
N
i
& 60 A major peak at
| the highest m/z
@ | ratio occurs at
% 40 46 50 Mr = 46
s % :
20 //
0'0 i i [ ] i 'l I i I 2 i I i
10 20 30 40 50

m/z

Figure 1.8 Mass spectrum of ethanol, CH3CH;0H.
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EXAMPLE 4

A sample of an unknown compound was analysed in a time-of-flight
[TOF) mass spectrometer. The spectrum obtained is shown in Figure 1.9.
What is the M; of this compound and what is the m/z value of the base peak?

100
&0
60 +

40_

relative abundance

201

0.0 — ' Jil. : =
0.0 20 40 60 80 100
m/z

Figure 1.9 Spectrum of unknown compound.

Answer

The M, of the compound is 88. This is the highest m/z of a peak in the
spectrum and corresponds to the molecular ion.

The peak at an m/z value of 43 is the base peak and corresponds to the
most stable ion as the molecule breaks up in the mass spectrometer.

Identification of elements (and compounds]

A mass spectrum is obtained, and information about the peak heights and
m/z values are fed into a computer. This computer compares the spectrum

of the unknown element (or compound) with those in its data banks and

can identify the element (or compound). The fragmentation pattern of a
compound is the same and acts like a fingerprint for that compound. An exact
match is required for identification and this requires a pure sample.

TEST YOURSELF 3

1 The mass spectrum of an element is shown below. 2 The mass spectrum of lead is shown below.,

Calculate the relative atomic mass of the element Calculate the relative atomic mass of the lead.

to one decimal place and identify the element. i

0 .

: 114 E a- :

- k- :

T 3 3- -

- .

3 o .

2 g 2 I

w .

- o

k: B .
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0z I 1 T 1 :

T t } 1 t i t 204 205 206 207 208 E

18 19 20 21 22 23 24 25 m/z :

m/z :

Figure 1.11 :

Figure 1.10
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3 The spectrum below is for an unknown alkane. All a) State the m/z value of the molecular ion peak.

m/z

Figure 1.12 Spectrum for unknown alkane.
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§ 3
’ alkanes have the general formula CpHzp.e. b) State the m/z value of the peak with the highest §
i s relative abundance.
c) i) Whatis the relative molecular mass [M_] of 3
; 80 this alkane?
L i) Suggest a formula for the alkane using the  }
P & M.
{2 60 :
+ 2 .
: 8 1
¥ i
2 40 —— o i 1 T I —t
i &
: B i
i 20
g 0.0 d 1 | O e it B §
: 0.0 10 20 30 40 50 60 :
z :
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TIP

For some work in bonding
and structure, GCSE notation
of electrons in shells is still
used, particularly in dot and
cross diagrams and shapes of
molecules.

O Electron configuration

The shells which may be familiar from GCSE are now called energy levels,
Each energy level may be divided into sub-shells.

The evidence for the existence of sub-shells comes from evidence of
ionisation energies of elements. Ionisation energies will be examined in the
next part of this topic but before this can be done we need to understand
electron configuration.

Basic information

@ The first energy level (moving out from the nucleus) is called n=1; the
second n=2 and so on. This number is called the principal quantum
number.

® The energy levels get closer together as you move further from the nucleus.
The difference between the first energy level (n=1) and the second energy
level (n=2) is larger than the distance between the second energy level
(n=2) and the third energy level (n=3). This continues further from the
nucleus.

® Each energy level is divided into sub-shells.

® A sub-shell is an orbital or a combination of orbitals.

@ An orbital is a three-dimensional space and each orbital can hold up to two
electrons.

® Two electrons in the same orbital spin in opposite directions to minimise
repulsions.

® There are four main types of orbitals: s, p, d and f, but at this level only s, p
and d orbitals are studied.

® There is only one s orbital at each energy level.

® There are three p orbitals at each energy level starting at n=2 making up a
p sub-shell.

® There are five d orbitals at each energy level starting at n=3 making up a d
sub-shell.



Sub-shells

m
A sub-shell is always written as the energy level (principal quantum number) g
and then the type of orbital which makes up that sub-shell. S
_ For example: §
TIP | n et B B 3
Although the 4s fills before the ® Thes arb?tal at energy level n=1 is written as 1s; th%s 13 the 1; sub-shell ‘E
3d. in written form the 3d should ® Thes nﬂ:nFal at energy level n=2l*j‘s um,t.ten as 2s: [h_l? 15 the 2s sub-shell N
always be written before the 4s. ® The p orbital at energy level n=2 is written as 2p; this is the 2p sub-shell 2.
This means a scandium atom ® The s orbital at energy level n=3 is written as 3s: this is the 3s sub-shell =
would be 1s? 252 2pé 3s2 3pé and so on
3d' 452, Sub-shells at the same
energy level should be written Writing notation for electrons in sub-shells

together in sequence. When electrons are placed in a sub-shell, a number (written as a superscript)

is written after the sub-shell notation. If there are no electrons in a particular
sub-shell, it does not again have to be written.

For example:

® One electron in the 1s sub-shell is written as 1s!

® Two electrons in the 1s sub-shell is written as 1s2
¥ ® Three electrons in the 2p sub-shell is written as 2p3

af ® Six electrons in the 2p sub-shell is written as 2p®

The 3d sub-shell is at a slightly higher energy level than the 4s sub-shell as
energy levels overlap slightly but by convention the 3d should be written
before the 4s.

Sub-shells available at each energy level

® The n=1 energy level can have two electrons in the same sub-shell (1s).
® The n=2 energy level can have two electrons in one sub-shell (2s) and six
electrons in a slightly higher sub-shell (2p).

, : | @® The n=3 energy level can have two electrons in one sub-shell (3s), six
: :‘gg:nt::i Er:asgurs_n;htsur: ;nrzr;ﬁs;.the electrons in a slightly higher sub-shell (3p) and ten electrons in a sub-shell
Follow the arrow! slightly higher again (3d).
— ® The n=4 energy level can have two electrons in one sub-shell (4s), six
electrons in a slightly higher sub-shell (4p), ten electrons in the next sub-
shell (4d) and 14 electrons in a sub-shell slightly higher again (4f).

1s 2s 2p 3s 3p ds 3d 4p Filling order of sub-shells

L

The sub-shells fill in the following order shown in Figure 1.13.

increasing distance from nucleus

Figure 1.13 Sub-shells filling order.

A typical sub-shell diagram
Figure 1.15 shows the electron configuration of a potassium atom.

At this stage it is important to note the following from the diagram:

® the distance between the energy levels decreases further from the nucleus

® the n=3 and n=4 energy levels overlap so that the 4s sub-shell is ata
lower level than the 3d sub-shell

® clectrons fill the sub-shells closest to the nucleus first

@ in a potassium atom there is one electron in the outer 4s sub-shell and all
other sub-shells closer to the nucleus are full



3d
T 4s

S T R

T 3s |

T T 2%

T 25

T s

Figure 1.15 The electron configuration of a potassium atom.

® the electrons are indicated by an up arrow (1) and a down arrow (|);
the up and down arrows represent the different directions of spin of the
electrons in an orbital to minimise repulsions

® the 3d and 4p sub-shells are not occupied by electrons and so are not
written in the electron configuration

® from the diagram below the electron configuration of a potassium atom is
written as: 1s? 2s? 2p® 352 3p6 4sl,

® when electrons are in their lowest possible energy levels, the atom is said to
be in the ground state.

_ Writing electron configurations

TIP Electrons repel each other and so when forming pairs in an orbital, they will
Remember it is convention to only do this when they must.

write the 3d before the 4s even

though the 4s fills first. The An s sub-shell has only one orbital so two electrons will occupy this (spinning
principal quantum numbers are in opposite directions).

kept together. A p sub-shell has three p orbitals. If two electrons are placed in a p sub-shell

they will go into different orbitals which make up the sub-shell.

L
o
5 O
'g EXAMPLE 5
o Write the electron configuration of a nitrogen atom.
(0]
% Answer
E T [T |2 An electron in box notation diagram helps to show this as it shows the
< electrons at each of the energy levels. Nitrogen atoms [atomic number = 7
= T |2 have full 1s and 2s sub-shells and there are three more electrons to
place in the 2p sub-shell. There is one electron in each of the three 2p
L |4s orbitals that make up the 2p sub-shell. The three electrons are shown to
be spinning in the same direction (all as 1] in the electron in box notation
Figure 1.16 The three electrons are diagram [Figure 1.16).
shown to be spinning in the same . . ,
direction [allas 1) in the electron in box The electron configuration of nitrogen is written 152 2s2 2p3,
RApATGN SipgraT): Nitrogen atomns have three unpaired electrons.
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EXAMPLE 6 E
Write the electron configuration of an oxygen atom. 3
S
Answer 9
The atomic number of oxygen is 8. g.:
11T 11 The 1s and 2s sub-shells are full and this leaves 4 electrons to place S
’ in the 2p sub-shell. There is one orbital with 2 electrons [spinning in f';-_!._
T, |25 opposite directions shown as 7)) and the other two 2p orbitals in this g
sub-shell have one electron [both shown as 1)
TL |1s Oxygen atoms have only two unpaired electrons as one of the 2p orbitals
has a pair of electrons which spin in opposite directions to minimise their
Figure 1.17 The electron configuration repulsion for each other.

of oxygen is written 152 252 2p4,

(-

EXAMPLE 7 4p

Write the electron configuration of a vanadium atom. T It |1 2

Answer Ll

The atomic number of vanadium is 23. For 23 T |t | 1w [

electrons once again the 1s2 2s? 2pé 3s2 3pé sub- TL |3s

shells are full (18 electrons in total]. This leaves five 10 114 (14 [2p

electrons to place in the 4s and 3d sub-shells. The 4s 1 |2

fills first taking two electrons and then the remaining

three electrons are placed in the 3d (all spinning in

the same direction in different orbitals). 11 |1s
Figure 1.18 The electron configuration of a vanadium atom
is 152 252 2p® 352 3p® 3d3 452,

(O

EXAMPLE 8
Write the electron configuration of a chromium atom.

Answer
The atomic number of chromium is 24. TLTL [T 3p

24 electrons means the 1s? 22 2p® 352 3pé are full as W |5
before (18 electrons in total). This leaves six electrons TTL T f2p
to place in the 4s and 3d sub-shells. By moving one TL |2s

electron from the 4s to the 3d the chromium atom can
have a half-filled 3d sub-shell [3d5). A half-filled or
filled sub-shell is more stable so this is a more stable ™ |t
electron configuration for the chromium atom.

Figure 1.19 The electron configuration of a chromium atom
is 152 252 2pb 352 3pé 3d% 4sl.
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EXAMPLE 9

Answer
The atomic number of copper is 29.

3d sub-shell

Write the electron configuration of a copper atom.

29 electrons means the 152 252 2pé 352 3pé are full (18
electrons in totall. This leaves 11 electrons to place in LT |2p
the 4s and 3d sub-shells. As with chromium, copper has [Tl |2s

an unusual electron configuration as one electron moves
from the 4s to the 3d sub-shell giving a more stable full

(18 (20 |78 |18 |24

Tl | [T |3p

Tl |3s

TL |1s

Figure 1.20 The electron configuration of a copper atom is
152 262 2p® 352 3pb 3d10 4¢7,

O

TIP

When you go into any Chemistry
AS or A2 exam you should put

a star at chromium and copper
on the Periodic Table as their
atoms have unusual electron
configurations.

The atoms of chromium and copper have an unusual electron configuration
because of the stability of filled and half-filled sub-shells. Chromium is

1s2 252 2p6 352 3pb 3d7 4s! instead of 3d* 4s2. This is because one electron

in each of the orbitals of the 3d sub-shell makes it more stable — they are
symmetrical around the nucleus. Copper is 1s2 252 2p6 3s2 3p6 3d10 4s! instead
of 3d® 4s2 as would have been expected. Again the ten electrons in the 3d
sub-shell make it more stable due to symmetry around the nucleus.

Electron configuration of simple ions

When atoms form simple ions thE}r can either lose or gain electrons.

lons formed from metal atoms

® Metal atoms tend to lose electrons to become positive ions.

@ The number of electrons they lose is the same as the positive charge on the
iom.

® The name of a positive ion is the same as the atom, e.g. Na is a sodium
atom and Na% is a sodium ion; Al is an aluminium atom and AP+ is an
aluminium ion.

® When metal atoms lose electrons they lose them from the outermost level
except atoms of d block elements.

@ Atoms of d block elements lose their 4s electrons first then their 3d.

Ions formed from non-metal atoms

® Non-metal atoms tend to gain electrons to become negative ions.

® The number of electrons they gain is the same as the negative charge on the
lon.

® The name of a negative ion is the atom stem with “-ide’ on the end, e.g.
O is an oxygen atom and O2?— is an oxide ion; Br is a bromine atom and
Br— is a bromide ion.

Hydrogen
® A hydrogen atom has only one 1s electron.

® A hydrogen atom can either lose this electron to become a hydrogen ion,
H+ or it can gain an electron to become a hydride ion, H-.



EXAMPLE 10
Write the electron configuration of an iron(ll] ion.

Answer
o Atoms of iron have 26 electrons.

_ o Aniron(lll] ion is Fe®+,

§
o
a
S
.‘-_h
%t
P
o
e

TIP @ The electrons in an atom of iron are arranged 152 2s2 2pé 352 3p® 3d® 452,
Atoms on elements in the main :

groups [not transition metals) ® Iron is a d block element.

form ions which have the electron @ Atoms of d block elements lose their 4s electrons first.

configuration of the nearest
Noble gas. For example nitride
ions, N3, have the same electron

configuration as Ne atoms. @ The electron configuration of an iron(lll) ion is 152 252 2pé 352 3pé 3d5.
e 4 A

@ Aniron atom loses three electrons to become Fed+ so it loses two
electrons from the 4s and one electron from the 3d.

EXAMPLE 11

Write the electron configuration of a sulfide ion, S2-.

Answer

Atoms of sulfur have 16 electrons, arranged 1s2 2s2 2pé 3s2 3pé4,

When sulfur atoms form sulfide ions, they gain two electrons to give
them the same electron configuration as argon.

The electron configuration of a sulfide ion is 152 252 2pé 352 3pé,

Isoelectronic

® Particles which are isoeclectronic have the same electron configuration.

® An atom of neon has an electron configuration of 1s? 2s2 2p6.

® An oxide ion, O?~, also has an electron configuration of 1s? 2s? 2p°.

® A neon atom has 10 protons and an oxide ion has 8 protons. This is
what makes them different despite the fact they have the same electron
configuration (are isoelectronic).
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: TEST YOURSELF 4
: 1 Write electron configurations in spd format for the 3 Using the following electron configurations: :
:  following ions: A 1522522pé
: i) Li* i) ct dii) 0% iv) Na* v) Fe? B 1s2
fvi) Fe® wii) Niz viii)cu? ix) cri* x) Br C 1522522p83523pb3d104s2
: 2 Which of the following ionic compounds contains D 1s22s22p%3s23p®3d'04524pé
: ions that are isoelectronic [have the same electron E 1522522p43523p43d5
:  configuration]? Give the letter [A to E] which represents the
: A sodium chloride electron configuration of the following atoms
: B aluminium oxide and ions.
i C potassium fluoride i) H- i) N iilZn iv)Gar v) Mg vi) Kr
: D zincoxide vii) Sez- viii) Rb* ix) Li+ x) He xi)o> xii] Sr2+ i

I

GBS FRANHRARASR R PR AR AR R R PP R AN R R R AR R ARG R R R ARG PR R R R AR R PR R R PR AR AR R PR R A AR R R R R R R AR F R R R PR AR PR R AR R RR R R R R R



g lonisation energies
The electrons in atoms and ions are attracted to the positive nucleus. Energy
is required to overcome this attraction and remove electrons. The process of

removing electrons from atoms and ions is called ionisation. The ionisation
energy is the energy required to remove electrons.

electron removed

@

energy needed =
ionisation energy

The lirst ionisation energy is the energy required to remove one mole of
electrons from one mole of gaseous atoms to form one mole of gaseous 1+
1ons.

Successive ionisations give the first, second, third, fourth, etc. ionisation
energies. Only one mole of electrons is removed with each ionisation.

For example for sodium

: — The first ionisation of sodium is represented by the equation:

Figure 1.21 What element is being

e R 5

lonised in this diagram? Na(g) — Na+(g) + e~

The second ionisation of sodium is represented by the equation:
Na+(g) — Na2*(g) + e~

The third ionisation of sodium is represented by the equation:

NaZ*(g) — Na’*t(g) + e~

TIP

Equations for ionisation energies are often asked for. You must include
state symbols. The atoms and ions must be in the gaseous state.

ATOMIC STRUCTURE

Figure 1.22 lonisation in plasma
televisions.

F

lonisation occurs in plasma screen televisions. The screen consists of two glass
panels with millions of tiny cells containing xenon and neon gas, sandwiched
in berween. When energy in the form of an electrical voltage is supplied, the
atoms become lonised into a mixture of positive ions and negative electrons,

which is called a plasma.

Ne(g) — Ne+(g) + e
Xe(g) = Xet(g) + e

In a plasma with an electrical current running through it, positively charged
ions collide with electrons, exciting the gas atoms in the plasma and causing
them to release ultraviolet photons that interact with the phosphor material
coated on the inside of the cell, and gives off visible light.



Values for ionisation energies

—
lonisation energies are measured in k] mol-! (kilojoules per mole). The units S
include per mole (mol—1) as it is the energy per mole of gaseous atoms. 4
The first ionisation energy of sodium is +496 k] mol-1. 496k] of energy are §
required to convert 1 mole of Na(g) to 1 mole of Na+(g) by removing 1 mole s
of electrons. 3
S
Often this is written as: o
Na(g) — Nat(g) + e~ AH = + 496 k] mol~!
_ All ionisation energy values will be positive as they are endothermic as energy
TIP is required to remove an electron from the attractive power of the nucleus.
Only 1 mole of electrons is The higher the value, the more energy is required to remove 1 mole of
removed with each ionisation, electrons. The first ionisation energy for magnesium is +738 k] mol-1. 738K]
even though the ions formed may of energy are required to convert 1 mole of Mg(g) to 1 mole of Mg+(g) by
look odd, for example Cl*(g) or removing 1 mole of electrons. There are trends in ionisation energy values
AlZ+(g]. in the Periodic Table that provide evidence for the existence of electron

——====_ arrangement in energy levels and in sub-shells.

lonisation energies as evidence for energy levels

& General increase in successive ionisation

energy values due to increase in effective
nuclear charge, i.e. ratio of protons to
electrons increasing

(i

¥ =

Large gap between ninth and
tenth electrons as tenth
\ electron is removed from an

energy level closer to the nucleus

M‘

Large gap between first
and second electrons

as second electron is
rermoved from an energy
level closer to the nucleus

Log(ionisation energy)
g

—
1

Figure 1.23 The loglionisation energy) 0 ; ; . : . . — : . .
against the number of electrons 0 1 2 3 4 5 6 7 & 9 10 11
removed from a sodiurm atom. Number of electrons removed

The graph shows the successive ionisation energies of a sodium atom, it
becomes clear that there is a distinct set of energy levels. The diagram shows
the log(ionisation energy) against the number of electrons removed from a
sodium atom.

The log of the ionisation energy is used to condense the diagram as the
ionisation energies vary across a wide range of values.

The existence of energy levels is proven by the large gaps in the successive
ionisation energies as these correspond to the removal of electrons from
energy levels closer to the nucleus and so more energy is required to remove
the electron.

The general increase in successive ionisation energies is caused by the increase
in the ratio of protons to electrons as successive electrons are removed. This is
often called effective nuclear charge.



Using successive ionisation energies

Successive ionisation energies are an indicator of the group to which an
element belongs.

O

EXAMPLE 12

The first five successive ionisation energies for four different elements
are given in the table.

lonisation energy [(kJ mol-1)

Element

First Second Third
W +496 +4562 +6912 +9543 +13353
X +1087 +2353 +4621 +6223 +37831
Y +578 +1817 +2745 +11577 +14842
Z +738 +1451 +7733 +10543 +13630

1 State which element belongs to Group 4.

2 Which element would form a simple ion with a charge of 2+?

24 Which element would have one electron in its outer energy level?

4 Which element would form an oxide with the formula M;03 where M
represents the element?

Answers

I Element X has a large increase in ionisation energy after the fourth
electron has been removed (+6223 to remove the fourth electron and
+37831 to remove the fifth electron). This would suggest four electrons in
the outer energy level and the fifth electron in an energy level closer to the
nucleus. 5o, element X has four electrons in the outer energy level, which
is characteristic of an element in Group 4. Element X is actually carbon.

2 An element in Group 2 would form a simple ion with a charge of 2+,

Element Z has a large increase in ionisation energy after the second

electron has been removed [+1451 to remove the second electron and

+7733 to remove the third electron). This would suggest there are two
electrons in the outer energy level and the third electron is in an energy
level closer to the nucleus. So, element Z has two electrons in its outer

energy level, which is characteristic of an element in Group 2.

Element £ is actually magnesium.

One electron in the outer energy level would suggest a Group 1

element. Element W has a large increase in ionisation after the

first electron has been removed [+496 to remove the first electron

and +4562 to remove the second electron). This would suggest one

electron in the outer energy level and the second electron in an energy

level closer to the nucleus. So, element W has one electron in the

outer energy level, which is characteristic of an element in Group 1.

Element W is actually sodium.

4 An element which forms an oxide with the formula M,0, would suggest

| an elementin Group 3. Element Y has a large increase in ionisation

_ energy after the third electron has been removed [+2745 to remove

TIP the third electron and +11577 to remove the fourth electron). This

All of the above questions are would suggest three electrons in the outer energy level and the fourth

different ways of getting you to electron in an energy level closer to the nucleus. So, element X has

place an element in a particular three electrons in the outer energy level, which is characteristic of an
group. element in Group 3. Element Y is actually aluminium.

ATOMIC STRUCTURE
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lonisation energy pattern for elements 1
to 36

The graph (Figure 1.24) shows the pattem in first ionisation
energies for the elements, hydrogen (atomic number 1) to
krypton (atomic number 36).

There are three general patterns which should be apparent
from this diagram:

—
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Figure 1.24 First ionisation energies far the elements,
hydrogen [atomic number 1] to krypton [atomic number 3é6].

1 Ionisation energy decreases down a group.

Look at the decrease from helium to neon to argon and then
krypton. The same pattern is clear for Group 2.

This is seen more clearly by examining a graph of first
lonisation energies of the Group 2 elements (Figure 1.25).

2 lonisation energy shows a general increase across a

period.

First ionisation energy/k) mol™

Be Mg Ca Sr Ba  From sodium to argon there is a general increase in first

Group 2 element jonisation energy.
Figure 1.25 Graph of first ionisation energy of the Group 2
elements.

The graph in Figure 1.26 shows the first ionisation energies
of the Period 3 elements from sodium to argon.

3 Within the short periods (periods 2 and 3), there is a zig-
Zag p-attem.

The first ionisation drops below the general increase for
elements in Group 3 (boron and aluminium) and Group 6
(oxygen and sulfur) (Figure 1.26).

Firstionisation energy/kJ mol?

Mg Al Si P 5 ¢l Ar Explaining trends in ionisation energies
Period 3 element e 6o 0 ; ;
The pattemns in ionisation energies can be explained by
the electronic structure of the atoms. There are three main
factors which can be used to explain these pattems:

=
T

Figure 1.26 First ionisation energies of Group 3 elements.

I Atomic radius (how far the outer electrons are from the attractive power of
the nucleus).

® The atomic radius of beryllium is less than the atomic radius of
magnesium.

® Atomic radius increases down a group and decreases across a period.

® The further an outer electron is from the attractive power of the nucleus
the less energy is required to ionise it.

2 Nuclear charge (how many protons are attracting the outer electron).

® The greater the number of protons, the greater the nuclear charge.
® A greater nuclear charge leads to a stronger attraction to the outer
electron so more energy is required to ionise it.



3 Shielding by inner electrons (how many electrons are between the nucleus
and the outer electron so shielding the attractive power of the nucleus).

@ The attractive power of the nucleus can be shielded by inner electrons.
® The more inner electrons there are, the more the nucleus is shielded and
the less energy is required to ionise the outer electron.

First ionisation energy decreases down a group

This pattern is due to the existence of energy levels within the atom. Asa
group is descended, the outer electrons are further away from the nucleus (at
higher energy levels) and so are more easily removed as the positive nucleus
has less of a hold on them. This factor is called atomic radius.

Also as the outer electron is at a higher energy level, there are more electrons
between it and the positive nucleus so this shields the attractive power of
the nucleus from the outer electrons. This factor is called shielding by inner
electrons. The charge of the nucleus also increases as a group is descended
and so works against the other two factors to hold the electron more firmly.
This factor is called nuclear charge. However, the combination of the three
factors causes the ionisation energy to decrease as the group is descended.

Figure 1.27 Lithium is used in
batteries. Why is a low ionisation energy

important? ; i s : .
First ionisation energy increases across a period

The pattern of a general increase in ionisation energy as the period is crossed
from left to right is caused by the increase in nuclear charge.

Also the atomic radius decreases across the period. The outer electron is
closer to the nucleus with a greater nuclear u:harge, holding it SO more energy is
required to remove it.

There is no increased shielding (as the electron being removed is in the same
energy level).

Group 1 elements, such as lithium, have low ionisation energies and are
likely to form positive ions. Lithium'’s low ionisation energy, for example, is
important for its use in lithium-ion computer backup batteries where the
ability to lose electrons easily makes a battery that can quickly provide a large
T 3p amount of energy.

Tl |38

11110 (14 |2p Group 3 and Group 6 first ionisation energies

1 |26 The zig-zag pattemn gives us evidence for the existence of sub-shells in energy
levels.

ATOMIC STRUCTURE
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L |1 The atoms of Group 3 elements, such as aluminium, show a lower than
expected first ionisation energy. This is due to the division of the energy level
Figure 1.28 Electron configuration of into sub-shells. Aluminium has the electron configuration 1s2 2s2 2p6 3s2 3pl.
stuminium. The 3p! electron is further from the nucleus and has additional shielding from
the 3s2 inner electrons so it requires less energy to ionise it.

T (T |T (38
*1 |35 The atoms of Group 6 elements, such as sulfur, show a lower than expected
1L |14 |2 first ionisation energy. This 15 due to the pairing of electrons in the p sub-shell.
The 3p* electron configuration of sulfur (1s* 2s* 2p® 3s? 3p*) means that two
electrons are paired in a p orbital in this sub-shell. The repulsion between
these two electrons lowers the energy required to remove one of the electrons
T |5 and this decreases first ionisation energy.

T |25

Figure 1.29 Electron configuration of
sulfur.



Figure 1.30 Why is helium safe to use in
a diver's tank?

The fact that the atoms of elements in Group 3 and Group 6 show a lower
first ionisation energy than would be expected provides evidence that the
second and third energy levels are divided into two sub-shells, the first taking
two electrons and the second taking six. This would explain the decrease in
first ionisation energy from Group 2 to Group 3 and also the decrease from

Group 5 to Group 6.

Group 1 and Group 0 elements

Atoms of Group 1 elements have the lowest first ionisation energy in every
period as they have the greatest atomic radius and the lowest nuclear charge
in a particular period.

Atoms of Group 0 elements have the highest first ionisation energy in every
period for the opposite reasons — they have the smallest atomic radius and the
highest nuclear charge in a period.

The increased pressure that scuba divers experience far below the water’s
surface can cause too much oxygen to enter their blood, which would result
in confusion and nausea. To avoid this, divers sometimes use a gas mixture
called heliox — oxygen diluted with helium. Helium’s high ionisation energy
ensures that it will not react chemically in the bloodstream.

Summary of patterns in ionisation energy and their explanation
1 First ionisation energy decreases down a group

@ Atomic radius increases
@ Shielding by inner electron increases
® So less energy required to remove the electron.

2 First ionisation energy Increases across a per’md

® Atomic radius decreases

® Nuclear charge increases

® Shielding by inner electrons is the same

® More energy required to remove the electrons.

3 Lower first ionisation energy than expected for elements in Group 3 and 6

@ Group 3 atoms have an s? p! arrangement

® Outer p! electron is further from the nucleus

® Inner s* electrons increase shielding so less energy is required to ionise
the outer p! electron

® Group 6 atoms have a p* arrangement — the repulsion of two electrons in
the same p orbital leads to less energy being required to ionise the outer
electron.

Patterns in second ionisation energies

The patterns in first ionisation energy are shifted one to the left when the
pattemns of second ionisation energy are considered. Where a Group 1
element would have the lowest first ionisation energy, it would have the
highest second ionisation energy.

TIP

The pattern in ionisation energies for Group 2 can be applied to any group
in the Periodic Table. The patterns in Period 3 can be applied to Period 2.

)
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Table 1.1 shows the first and second ionisation energies for the Period 3
elements,

Group 1 elements have the highest second ionisation energy in a particular
period as the second electron is being removed from an energy level closer to
the nucleus. Group 2 elements have the lowest second ionisation energy in a
particular period.

Table 1.1 First and second ionisation energies for the Period 3 elements.

Element Firstionisation energy/kJmol! Second ionisation energy/kJmol-!

Na 494 4560
Mg 738 1450
Al 577 1814
Si 786 1577
- 1040 1890
S 1000 2260
cl 1256 2295
Ar 1520 2665
TEST YOURSELF 5

1 What is the definition of first ionisation energy?

2 What are the units of ionisation energy?

3 Write equations for the following ionisations including state symbols:
a) firstionisation of silicon
b) second ionisation of potassium
c) third ionisation of carbon.

4 The first six successive ionisation energies, in kJ mol-', of an element
M are:
578, 1817, 2745, 11578, 14831, 18378
What is the formula of the oxide of M?
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Pra Ctl ce q uest | ons W 5The graph below shows the first ionisation

energies of the elements hydrogen to sodium.
1 Which of the following represents the second

ionisation of magnesium?

A Mg(s) — Mg*(s) + e

B Mg(s) — Mg2*+(g) + 2e~

C Mgt(g) — Mg**t(g) + e~

D Mgt(g) — Mg2*+(s) + e~ (1)
B 2 Which of the following is the electron

configuration of an iron(II) ion? Atomic number

A 1s2 252 2pb 352 3pb 3d6 452 Figure 1.31
B 1< 252 Ip6 352 3p6 3d6 a) Write an equation for the first ionisation
s 2s? 2pb 3s2 3p

=)
P
M
~4
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D
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First ionisation energy/k) mol?

of boron including state symbols. (1)
2 1a2 b e 36 345 dal
€ Eanig o apaa i b) Explain why the first ionisation energy
D 1s? 252 2p® 352 3pb 3d3 (1) of sodium is less than that of lithium. €))
¥ 3 An unknown element in Period 3 has the c) Explain why the first ionisation energy of
following successive ionisation energies in oxygen is less than the first ionisation
k] mol—1. energy of nitrogen. (2)
First ionisation energy +1000 d) Continue the sketch above for the next
: s three elements after sodium. (3)
Second ionisation energy L7352
by g s e) Explain why the Noble gases have the
Third ionisation energy +3357 highest ionisation energy in each period. (3)
Fourth ionisati + 4456
ru ' 1c1}m5-a SRS ™ 6 The graph below shows the first ionisation
Fifth ionisation energy +7004 energies of the elements lithium (atomic
Sixth ionisation energy +8496 number 3) to neon (atomic number 10).
Seventh ionisation energy 272107 1 2500+
Eighth ionisation energy +31719 E 2000-
-
To which group of the Periodic Table does the 515 004
element belong? :
£ 1000-
A Group 3 B Group 4 ¥
| 8
C Group 5 D Group 6 (1) E S
B 4 Wri'te e?quat‘mns to represent the following = 5 3 4 &5 & 7 8 ©8 10 11
lonisatons: Atomic number
a) First ionisation of aluminium (1) Figure 1.32

a) Explain why there is a general increase in

b) Third ionisation energy of lithium (1) I :
first ionisation energy across the period. (3)
lain why there i fourth ionisation of
) Eﬁj;‘ R e e 0(1 ) b) Explain why the value for the first ionisation
‘ energy of boron is lower than the value
for beryllium. (2)

¢) Write the electron configuration of an
atom of nitrogen. (1)



W 7 An element was analysed using a TOF (time-of- W 9 The second ionisation of sodium is represented
flight) mass spectrometer. The spectrum showed by the equation:
that there were four isotopes. The relative

+ T
isotopic masses and relative abundances are Na{g)—>Narig) +e
given in the table below. a) Explain why the second ionisation energy is
greater than the first ionisation energy
Relative isotopic mass Relative abundance of sodium. (2)
50 9.4 b) Write an equation for the first ionisation
5> 725 of sodium. (1)
£3 14.5 ¢) Which element in Period 3 would be
expected to have the lowest second
54 3.6 ionisation energy? (1)
a) Calculate the relative atomic mass of the d) The electron configuration of an ion is
element to one decimal place. (2) shown below:
b) Identify the element. (1) 4p
¢) Identify the species responsible for the £ NN T[N |3d
peak at 54. (1) S e e
' 8 The spectrum below is for ethanoic acid. 1 |35
a) State the m/z value of the peak with the | TLTET f2p
highest relative abundance. (1) T |25
b) What is the relative molecular mass (M,) =t
of this compound? (1) v |
100 Figure 1.34
i) ‘Write the electron configuration. (1)
o i) An ion of zinc and an ion of copper
L e i g
= g have this electron configuration.
g T 60 Write the formulae of these two ions. (2)
& v
o w
= £ 40 — —
v T
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Figure 1.33




Amount of substance
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PRIOR KNOWLEDGE

@ Chemical elements are represented by symbols, for example Mg is
the symbol for magnesium and O is the symbol for oxygen. -

® The symbol for an element represents an atom of that element.

@ State symbols are used after chemical formula to show the physical
state of the substance: (s) for solid; [l for liquid; (g for gas and [aqg) for :
aqueous.

® Some elements exist as simple molecules. The diatomic elements
have two atoms covalently bonded together. These are Hjp, N3, O3, F3,
Cl.g, Bl’“z. Iz.

@ Molecularions [also called compound ions) are ions made up of more
than one atom. :

Ld
T T T T T L T
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: TEST YOURSELF ON PRIOR KNOWLEDGE 1

i 1 Write the symbols for the following elements including state symbols.
a) solid sodium b} liquid mercury
c) gaseous helium d) chlorine water (aqueous chlorine]

2 Write the farmula for the following compounds including state

(RS LA A RS ST AR A S AT

#F4+dFRann
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: symbols. :
t a) liquid water b) gaseous carbon dioxide
i ) ice d) sodium chloride solution
:llll- - L] (SR FFTITYIRY N S hERdSSAAAEEdSFSFRARESd FhAAEEERASSFAAALEdFETR ﬁ_.

Chemical formulae

A chemical formula shows the atoms/ions of each element that are present in
a compound or molecule, as well as the number of each atom/ion.

For example H,O is the chemical formula for water and it shows that a water
molecule contains two hydrogen atoms and one oxygen atom; MgCl; is the
chemical formula for magnesium chloride and it contains one magnesium ion
and two chloride ions.

The formulae of familiar and unfamiliar ionic compounds can be determined
using the charges on the ions.

® The formula and charge of molecular ions need to be learned as you
encounter them, for example, sulfate is SO, nitrate is NO; , carbonate is
co3™, hydroxide is OH~, ammonium is NHJ .

® Where more than one of a molecular 1on is needed, brackets are used
around the molecular ion and the number of these needed is placed
outside the bracket.

® The formulae of some compounds just need to be learned. For example:
water is H,O, methane is CH,4, ammonia is NH;, hydrogen peroxide is
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Using charges on ions

In an ionic compound, the number of each ion required is determined by
using the charge on the ion. The compound should have no overall charge
as the total positive charge and the total negative charge on the ions should
cancel out.

For example:

lithinm oxide

lithium ion is Lit: oxide ion is O2—

2Li+ and 1 O?~ are required to cancel out the charge
Formula for lithium oxide is Li, O

iron(1II) chloride

iron(IIl) 1on is Fe3+: chloride ion is Cl—

o 1 Fe3+ and 3 Cl— are required to cancel out the charge

TIP
If an unusual ion is given, the Formula for iron(Ill) chloride is FeCls
same rules apply. For example
the ethanedioate ion is CEOE‘.
Potassium ethanedioate is K,C,0;.
~

aluminium sulfate

N _ —— 23—
aluminium ion is A’*; sulfate ion is SO}

2A13+ and 3503 are required to cancel out the charge

Formula of aluminium sulfate is Al,(SO,4);

Types of formulae

An empirical formula shows the simplest whole number ratio of the atoms of
each element in a compound.

This type of formula is used for ionic compounds and macromolecules (giant
covalent molecules).

Examples: NaCl (ionic); MgO (ionic); CaCly (ionic); Si0O, (macromolecular).

Glucose and ethanoic acid are both found in foods. Glucose tastes sweet and
ethanoic acid tastes sour. Glucose is found in sweets, cake and chocolate.
Ethanoic acid is the main ingredient in vinegar. These are different chemicals,

Figure 2.1 Sweets containing glucose
Ce¢H1204 and vinegar containing ethanoic
acid CH;COOH. Both have the same
empirical formula - what is it?




yet both have the same empirical formula. Formaldehyde, a pungent smelling
substance used as a preservative in medical laboratories also has the same
empirical formula. All three chemicals have different molecular formulae.
What is the difference between molecular and empirical formula?

A molecular formula shows the actual number of atoms of each element in
one molecule of the substance.

This is used for all molecular (simple) covalent substances.

Examples: H,O; CO;; O,; CHy; NHj; HyO,; 1; Sg (all molecular covalent).

>
o
=
o
o
g
=
3

Some elements exist as simple molecules. The following exist as diatomic
molecules (H,, N,, O,, F;, Cl;, Bry, I;) whereas sulfur exists as Sg molecules
and phosphorus as P4 molecules.

An empirical formula can be written for molecular covalent substances and
this may be the same as the molecular formula or it may be different, e.g. the
molecular formula of hydrogen peroxide is H,O; but its empirical formula is
written as HO (simplest ratio).

miiiiliiiiiiii{iiittiiii'iitti*#iiiitii#.iiiilitiiiiii#tiiiiiiiiil#!il#iii'ii#i##ii#iii##i!‘:
L

: TEST YOURSELF 2
1 Write formulae for the following compounds:

a) sodium fluoride b) magnesium oxide

c) potassium oxide d) barium chloride
2 Name the following ions: a) OH-; b) 02 c) Cl=: d) A3+ e) S0F
3 Write formulae for the following transition metal compounds:
Figure 2.2 The energy drink Red Bull a) copper(ll] chloride b} zinc oxide
contains about 80 mg of caffeine in : ) copper sulfate d) iron(lll] hydroxide
it Tl smialotemant |4 ame e alowing compaus
Caffeine has the molecular formula a) Co, b] KNO3 c) CIUCU;?, d) HF e] Mgso,
CeH1gN405. What is its empirical 5 Write formulae for the following compounds:
formula? : a) ammonium sulfate  b) sulfur dioxide
c) calcium carbonate  d) aluminium sulfate

*
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O Balanced equations

A balanced equation shows the rearrangement of atoms in a chemical
reaction.

O

TIP

Remember you cannot change a formula to balance an equation
2Mg + 0O, = 2MgO

S g
STEP 2: With the acxygen now STEP 1: A 2 here balances the
balanced, you need a 2 here in oxygen but creates another issue
front of the Mg to give 2 Mg and now there are 2 Mg on the
atorns and balance the equation right hand side - this now has to

be balanced as well

Figure 2.3

The equation is now balanced; often you have to balance one element
which may create another issue with another element.




Natural gas is used as a fuel. It is made up mainly of methane, with about

Q::_:,:.’ 2.9% ethane.
ey Ethane burns Ctljmpletel‘y.f inair to form carbon dioxide and water. Write a
‘_‘ . PN balanced equation for this reaction.
Answer

CH + 0, = CO, + HO

F Z
Figure 2.4 When natural gas burns it =il * X B
produces a clear, steady, blue flame. ethane is C,H, oxygen is diatomic carbon dioxide water is H,O

What is produced? s0is O, is CO,
Figure 2.5

This equation is not balanced as there are:
2 C atoms on the left [in C;Hg) and only 1 C atom on the right [in COy;

also there are 6 H atoms on the left [in C,H,) and only 2 H atoms on the
right [in Hy0}; 2 O atoms on the left [in Oy) but 3 O atoms on the right
[20inCO,and 10 in H,0).

Sort out the carbon first:

CHy + 330, = 2C0, + 3H,0

2
g ] b
STEP 3: A 35 here STEP 1: A 2 here STEP 2: A 3 here
balances the balances the balances the
oxygen atorrs carbon atoms hydrogen atoms

Figure 2.6

It may seem unusual to balance an equation using decimals and the balancing
numbers in the equation can be doubled to avoid the decimal giving:

ECEHE -+ 702 — ﬂCUg + 6H30

TIP
At AS level it is fine to use decimals to balance equations particularly
combustion equations and this will even be encouraged in the energetics

section of AS level.

L
Q
=
=
7))
[a1]
=)
wn
L
o
—
=
-
o
=
<
o

Copper|(ll] oxide reacts with nitric acid to form copper(ll] nitrate and water.
Write a balanced equation for this reaction.

Answer
_ The unbalanced equation is written as:
TIP Cu0 + HNO3 — Cu[NO3), + H,0

It is common to be given the
names of reactants and products
and have to write a balanced
equation for an unfamiliar
reaction. Follow the pattern
shown in previous examples
balancing each type of atom on
both sides of the equation. Cu0 + 2HNOz — Cu[NOgzl; + Hz0

In this type of equation it is easy to get lost with the oxygen atoms as
there are three in HNO5 and one in CuO on the left, and six in Cu[NO3);
and one in HO on the right of the equation. As the NO3 is not broken
up, it is best to treat it as a unit. As there is only one NOj on the left and
two on the right, so two 2HNO3 are required; this will also balance the
hydrogen. The oxygen in Cu0 is balanced with the oxygen in H;0.




lonic equations

Some chemical reactions which involve ionic compounds are acrually
reactions between only some of the ions involved in the reaction. The
balanced equation can be rewritten as an ionic equation leaving out the ions
which do not take part in the reaction. Ions which do not take part in the
reaction are known as spectator jons,

>
3
3
g
:
g

For each ionic substance in the reaction write the ions present below it and
how many of each ion are present. Covalent substances should be left as they
are. If an ion appears on both sides of the equation (in the same state), it
should not be included in the ionic equation.

Sometimes state symbols need to be included to show exactly what ions have
changed and which have not changed.

©

EXAMPLE 3

Write the ionic equation for the reaction between hydrochloric acid and
sodium hydroxide.

Answer
The balanced equation is:

HCl + NaOH — NaCl + H,0
lons:
H*+ Cl-+ Na* + OH- — Na* + Cl- + H,0

The Na* and Cl" ions are on both sides of the equation so are not part of
the ionic reaction. These are the spectator ions.

The ionic equation is:
H* + OH= — H,0

(I

EXAMPLE 4

Write an ionic equation for the reaction between copper|(ll] sulfate solution and
sodium hydroxide solution.

Answer
The balanced equation is:

CuS0,laq) + 2NaOH[ag) — Cu[OH],[s) + Na,;S0,[aq]
lons:
Cu?*(aq) + SOZ (ag) + 2Na*[aq) + 20H-[aq) — Cu2+(s) + 20H-(s) + 2Na*(aq) + SOZ(aq)

The 2Na+(aqg) and SOE'[aq] are on both sides of the equation so are not part of the
lonic equation.

The ionic equation is:

Figure 2.7 Copper hydroxide
Cu?+ (ag) + 20H-[ag) — CulOH],(s) is a blue precipitate.

This reaction is a precipitation reaction. Copper hydroxide is insoluble and is formed
as a blue precipitate, as shown in Figure 2.7.
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EXAMPLE 5

_ Write an ionic equation for the reaction between potassium chloride

TIP solution and silver nitrate solution.
State symbols are most often not Answer
required but they may help you -
work out the spectator ions in the The balanced equation is:
equation. KCllag)] + AgNOalag) — AgCl(s) + KNOalag]
T
lons:

K+lag] + Cl-laq) + Ag*lag) + NOz(ag) — Agls] + Cl-[s] + K*lag) + NOz(aqg]

The K*(ag) and NOz(aqg) are on both sides of the equation so are not part
of the ionic equation.

The ionic equation is:

Cl-[ag) + Ag* [ag] — AgCl[s]

TIP

These equations are useful in the tests for cations and anions which will
be looked at in Group 2 and Group 7 on pages 238-241.
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TEST YOURSELF 3

1 Write balanced equations for the following reactions.
a) potassium hydroxide + sulfuric acid — potassium sulfate + water
b) calcium + oxygen — calcium oxide
c) aluminium + chlorine — aluminium chloride

2 Barium chloride solution reacts with potassium sulfate solution to

produce solid barium sulfate and potassium chloride remains in
solution.

a) Write a balanced symbol equation for the reaction.
b) Write an ionic equation for the reaction.

3 Write a balanced symbol equation for the reactions:
a) calcium hydroxide + hydrochloric acid — calcium chloride + water
b) aluminium oxide + sulfuric acid — aluminium sulfate + water
c) zinc + hydrochloric acid — zinc chloride + hydrogen

4 Write an ionic equation for the reaction between zincl(ll] ions and
hydroxide ions to produce zinc|ll] hydroxide.

5 Convert the following balanced symbol equations into ionic equations
by removing spectator ions:
a) Mgls] + CuS0,(aq) — MgS0ylaq) + Culs]
b) Zn(s) + 2HCllag) — ZnClz(ag) + Halg]
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Figure 2.8 Just how big is the

Avogadro constant? The Shard near
London Bridge is 304000 m high.
Currently itis the tallest building in

the European Union. If there was a
building é x 1023m tall, it would be
1980000000000000000000 times taller
than the Shard.

Figure 2.9 Each beaker contains 1 mole
of a different coloured compound and
hence each contains the Avogadro
constant number of particles. The
compounds shown are copper carbonate,
hydrated copper sulfate, sodium
chloride, potassium manganate(VIl] and
potassium dichromate(VI].

TIP

The A, values should be used to
1 decimal place as given on the
Periodic Table supplied with the
AQA examinations. It is available
to download from the past paper
section of the AQA website.

The mole and the Avogadro constant

A balanced equation for a reaction gives the rearrangement of the atoms
within a chemical reaction.

Using the equation: C +Oy~—»C05

We can read thisas 1 C atom reacts with 1 O, molecule to form 1 CO,
molecule.

However, the mass of 1 atom of carbon is approximately 2.0 X 10~-23g, This
sort of measurement is not practically possible and so the number of particles
measured must be scaled up but they will still react in the same ratio.

For example 1 million C atoms will react with 1 million oxygen molecules
to form 1 million carbon dioxide molecules. However, the mass of 1 million
carbon atoms is 1000000 X 2.0 X 10%23 = 2 X 10~17g, This is stll too
small to be measured practically. We need to multiply by 6.02 X 1023, This
number is called the Avogadro constant. The Avogadro constant is often
represented by the capital letter L and may be defined as the number of
atoms in 12.000 g of carbon-12. The Avogadro constant is used to get a
measureable mass.

@ 1 carbon atom has amass of 2 X 10-23g so 6.02 X 1023 carbon atoms
have a mass of approximately 12 g.

® The amount of a substance that contains the number of particles (atoms,
ions, molecules or electrons) equal to the Avogadro constant (6.02 X 102%)
is called a mole of the substance.

@ The term ‘amount’ is the quantity which is measured in moles. Mole is
written as mol for unit purposes.

Reading equations in moles
This equation:  C + O; — CO, can be read as:

1 mole of carbon atoms reacts with 1 mole of oxygen molecules to form 1 mole
of carbon dioxide.

For any substance the mass of 1 mole is simply the total of the relative atomic
masses (A,) of all the atoms which make up the substance:

1 mole of Mg = 24.3 ¢ (A, of Mg = 24.3)
1 mole of O, = 32.0g (A, of O = 16.0)
1 mole of H,O = 18.0¢g (A,of H=1.0;A,0f O = 16.0)

1 mole of Ca(OH), = 74.1g (A;of H=1.0;A,0f O = 16.0; A, of Ca = 40.1)
1 mole of Fe,(SO4); = 399.9g (A, of O = 16.0;S = 32.1; Fe = 55.8)

There are 2 moles of Fe atoms, 3 moles of S atoms and 12 moles of O atoms in
1 mole of Fe,(SO4)s.

Often the total of the relative atomic masses in any substance is referred to as
the relative molecular mass (represented by M,). Relative formula mass (RFM)
may be used for ionic compounds but M, is accepted for all compounds.

The M, of H,O = 18.0 (no units required)
The M, of Fe,(S0,); = 399.9
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The term molar mass is also used which means the mass of 1 mole

The units of molar mass are g/mol or gmol—!

Molar mass of Ca(OH), = 74.1 gmol-!
Molar mass of O; = 32.0gmol~!

The terms molar mass, M, and RFM have the same numerical value. M, and
RFM do not have units but molar mass has units of gmol~!.

O

TIP

During calculations it is acceptable to follow through with the answer

on your calculator. If writing down a number from your calculator during
a calculation (e.g. 0.02927400468) you would be advised to write down

a number less than 1 to 4 significant figures (i.e. 0.02927] or a number
greater than 1 to 3 decimal places [e.g. 20.482]. Most calculations in this
chapter will ask for an answer to 3 significant figures. If an ‘appropriate
level of precision’ is asked for in an answer, the answer must be given
to the limits of the least accurate measurement used [fewest number of
significant figures).

Calculating moles from mass

The amount, in moles, of a substance can be calculated from the mass using
the expression:
mass (g)
M,
The mass must be in grams to calculate a correct amount, in moles.

amount (in moles) =

Amount, in moles, is often written as n so the expression is often written as

m
L B g
> M;
=
o (R (@ .
= TIP EXAMPLE 6
L | The mass ofwater is given to 3 Calculate the amount, in moles, present in 0.274g of water. Give your
= | significant figures and the M. is answer to 3 significant figures.
§ also calculated to 3 significant
g figures. It is then common to be Answer
< | asked foran answer to the same The M, of water is (2 x 1.0] + 16.0 = 18.0.
level of precision.
> n—ﬂson—m—[]mﬁ?mo{
S 3 e Mr o 18.0 . * &k
=
TIP EXAMPLE 7
As the mass is given in kg, it Calculate the amount, in moles, present in 250kg of iron(lll] oxide. Give
must be converted to grams your answer to 2 decimal places.
by multiplying by 1000. Many
mistakes are made in converting Answer
a measurement from one unit to The M. of iron(l1l) oxide [Fe,03) = 2 x 55.8 + 3 x 16.0 = 159.6
another. Think carefully when you 556000
are doing this. i = =i, 50 0= S = 1566.42mol
250 kg = 2500004 M, 159.6
. g ~



(@

TIP

In this question decimal places are used as the mass and amount, in
moles, are large numbers and the precision of the answer would be
limited if 3 or 4 significant figures were used.

O

TIP
If a mass in tonnes is given multiply the number by 104 to change to
grams. See Chapter 17 for more information.

Using the Avogadro constant
Sometimes calculations are set which require the calculation of the mass of
one atom or molecule or a comparison between masses of atoms. Or there

may be a comparison between the number of particles (atoms, molecules,
ions) in a certain mass of substances.
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The Avogadro constant is the number of particles in one mole.
The Avogadro constant is equal to 6.02 X 1023,

All these calculations rely on these expressions:

mass (g) , number of particles
= amount in moles =

M, Avogadro constant

This is often written:

m number of particles
— Lt n —

M, L

where m is the mass in grams, M, is the relative molecular mass, n is the
amount (in moles) of a substance and L is the Avogadro constant.

The expression can be rearranged to:
m=n X M,

and

number of particles =n X L

(—

TIP EXAMPLE 8

Rearranging an expression Calculate the mass of 1 atom of Fe. Give your answer to 3 significant

to change the subject is an figures.

important mathematical skill. You

should rearrange the expression Answer :

before substituting values into Amount [in moles) of Fe for 1 atom = —==1.66 x 10-2%mol

it. See Chapter 17 for more 6.02 x 10

information. Mass of 1 iron atom = 1.66 x 10-24 x 55.8 = 9.27 x 10-23g
—




EXAMPLE ©
Calculate the number of oxygen atoms present in 4.409 of carbon dioxide.

Answer
M, of COp = 12.0 + (2 x 16.0] = 44.0. Give your answer to 3 significant
figures.
L 0.100 mol x L [6.02 x 1023) = 6.02 x 1022 molecules of CO,
M. 44.0

Each CO, contains two oxygen atoms
so the number of oxygen atoms = 2 x 6.02 x 1022

= 1.204 x 1023 atoms of oxygen

To 3 significant figures the answer is 1.20 x 1023,

m""iftibliﬁliﬁ'i‘.i!iiili.ﬂl#i.ﬁ‘!liO!ﬂ!C’fi.i“!!ﬁ#i"‘.iﬁitlt‘!'f!.'ﬁ'.!i!‘ll""iﬁ'liiiUi‘"#.

1 Calculate the number of atoms present in the following:
a) 0.243g of magnesium
b) 14.2g of neon
c) 0.482g of water (H,0]
2 Calculate the number of oxygen atoms present in 1.10g of carbon
dioxide [COy)
3 Calculate the number of molecules present in the following:
a) 9.05g of water
b) 11.0g of propane, C3Hg
4 What mass of magnesium contains the same number of atoms as the
number of atoms in 3.807g of iodine, 137
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Using balanced equations quantitatively

Quantitatively means measuring and calculating quantities.

As no atoms are gained or lost in a chemical reaction, the equation can be
read quantitatively. This allows mole calculations to be carried out.

A balanced equation such as the one below gives the mole ratios of the
reactants to products in the chemical reaction.
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2Pb(NO5),(s) — 2PbO(s) + 4NO,(g) + O,(g)

This equation shows that 2 moles of Pb(NO3); when heated to constant mass,
break down to produce 2 moles of PbO, 4moles of NO; and 1 mole of O;.

If the Pb(INO3); is heated to constant mass, this should ensure that it all
decomposes.



_ There are three steps to follow:

TIP Step 1 Using the mass of one of the reactants, which will be given to you,
For some calculations it is calculate the amount, in moles, of this substance by dividing by
important to realise that 2 moles the M.

of solid Pb[NOa), produce a total

of 5moles of gas [4NO; and Step 2 Using the balancing numbers in the equation, calculate the amount,
0,). State symbols [s] = solid; in moles, of the substance asked for in the question.

(U = liquid: |g] = gas and [aq] =

aqueous are often used to show Step 3 Change the amount, in moles, of this substance to mass by
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the states of the reactants and multiplying by the M.
products. Do not put them in
unless they are specifically asked _
for in a question. EXAMPLE 10
If there is a different amount, PbINOQj), undergoes thermal decomposition according to the equation:
in moles, of Pb(NOg); to start
with, the balancing numbers in 2Pb(NOgl; — 2Pb0 + 4NO; + O,
the equation still give the ratio 82.8g of Pb[NOg), were heated to constant mass. Calculate the mass of
of how many moles react or are PbO formed.
produced.
1 M_of Pb[NOg), = 207.2 + 2 x [14.0 + (3 x 16.0)] = 331.2
o | m 828 _ e
Asitis asolid, n M- 3312° 0.25 moles of Pb(NOg),

2 In the balanced equation, 2moles of Pb[NOQ3); forms 2 maoles of Pb0. So
0.25 moles of Pb[NO,), forms 0.25 moles of PhO.

3 0.25moles of PbO can be converted to mass by multiplying by its M.
M, of Pb0 = 207.2 + 16.0 = 223.2.
Mass of PbO formed=nx M. = 0.25x 2232 = 55.8¢

This type of calculation can be set out in a table below the balanced

equation
2Pb[NO;), — | 2Pb0 + |[4NO; + [Og
Mass 82.8¢ ***55.80
M. 331.2 **223.2
Moles |0.25 *0.25

1 Putin the mass you have been given and calculate the M, value of
that substance. Divide the mass by the M, to calculate the amount, in
moles. This is shown in the Pb[NO3), column.

2 Then calculate the other moles using the balancing numbers.

0.25 moles of Pb(NO3); produces 0.25 moles of PbO [* in the table).

1 Calculate the M. of PbO [** in the table] and multiply it by the amount,
in moles, to determine the mass of PbO [*** in the table).

e




: TIP

The types of calculation shown in this example are often asked in
guestions. The most common mistake is to calculate the M. and multiply
it by the balancing number before calculating the amount, in moles.
Remember that the M, is for 1 mole of the formula. The balancing
numbers are for that particular equation. In this example, the error would
be to use '662.4" as the M, of Pb{NQs), because it has a ‘2" in front of

it. Remember when using the table method to work down to moles, go
across using the balancing numbers and work up to mass.

2Pb(NOal; | —| 2PbO | + | 4NO, | + 0,
Mass 82.89 *rba.gg %
M, 331.2 **223.2 )
Moles | ™ 0.25 «0.25 <]
- . -

(R

EXAMPLE 11

27.5kg of aluminium were heated in a stream of oxygen until constant
rmass was achieved. Determine the mass of aluminium oxide formed.
Give your answer to 2 decimal places.

Answer
4AL + 309 — 2A1504
1 27.5kg of aluminium is 27500 g.

As it is a solid, moles = 2 2?500 = 1018.52 moles of Al
A, 27.0

Z In the balanced equation 4 moles of Al forms 2moles of AlyOj.

1012'52 = 509.26 moles of Al,;04.

3 M, of Al,05 = (2 x 27.0) + [3 x 16.0) = 102.0.
Mass of AlpO3 formed = mass x M. = 509.26 x 102.0 = 51 944.52g =

_ 21.94 kg.

TIP The table shows step 1 in the first column, step 2 working out other
moles* and step 3 working out M. ** and mass***.

So 1018.52 moles of Al forms
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Questions are set using kg’ to

ensure you know to use mass in

grams. Always convert to grams aie i i =ti| 2Alaily

before .wc:rkingiout moles IE'S mass 27 5009 51 ?ﬁd.SZg "o
moles is mass in grams divided

by the M,. This shows the use of M. 27.0 102.0**

scale particularly when dealing

with industrial processes. bk SHiEas 20%28%
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TIP

If a number iswritten in standard
form, for example 16.1712¢g
would be 1.61712 x 101g. The
first significant digit is the first
non-zero digit. In this case the
first three digits are significant so

EXAMPLE 12

carbon monoxide.

Answer
Ca0 + 3C — CaC, + CO

calcium oxide. Give your answer to 3 significant figures.

Calcium oxide reacts with carbon to form calcium carbide, CaC,, and

Calculate the mass of carbon required to react completely with 25.2 g of
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the answer is 16.2g. Significant Cal + |30 — |CaC, + |80
figures are maintained between

ordinary form and standard mass 25.249 16.1712g

form. 1.62 x 101 g is written ,

to 3 significant figures as is Mr 9 _12 .

16.2q. See Chapter 17 for more moles 0.44972 1.3474

information.

—————=_ | The answer to 3 significant figures is 16.2q.
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TEST YOURSELF 5

1 1.28g of sodium hydrogen carbonate, NaHCO3, are heated to constant
mass. Calculate the mass of sodium carbonate formed. Give your
answers to 3 significant figures.

2NaHC05(s) — Na,C0als) + H,0(l) + CO,(g])

LA A R A S 22 L LR J
FHFFLTRRRES A

E&FSsAaTmaad+++aAamnnn

LR A S L 0 2 2 ) L]

2 0.900g of copperlll] nitrate, Cu[NO3),, are heated to constant mass
releasing nitrogen dioxide and oxygen gas.

2Cu[NO3)zls] — 2Cu0ls) + 4N05lg) + 04lg)

Calculate the mass of copper|ll) oxide formed. Give your answer to
¢ 3 significant figures.
: 3 Methane reacts with steam according to the equation:

CHalg] + 2H20(g) — CO,lg) + 4H,lg]

Calculate the mass of carbon dioxide formed when 0.0124 g of
methane reacts. Give your answer to 3 significant figures.

4 Calculate the mass of PClg required to form 0.124 moles of HCL. Give
your answer to 3 significant figures.

PCls(s) + 4H,0(l) — HaPO4laq) + SHCl(aq)
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Percentage yield

® During a chemical reaction the calculated amount, in moles, of the
product formed or the calculated mass of the product formed is called the
theoretical yield. It is the moles or mass you would expect to be produced
if the reaction goes to completion.

® However many chemical reactions do not give the moles or mass you
would expect and the moles or mass you obtain is called the actual yield.
This is what you obtain experimentally.




® The percentage yield is the percentage of the theoretical yield which is
achieved in the reaction. It is calculated using the expression:

actual yield
theoretical yield

Percentage yield = X 100
® The actual yield and theoretical yield may be in moles or as a mass
measurement, usually in grams. The calculation will be correct as long as
both are moles or both are masses with the same units.
® The reasons why the percentage yield is not 100% are often asked and the
main reasons are:
@ loss by mechanical transfer (transferring from one container to another)
® loss during a separating technique, for example filtration, separating
funnel
® side reactions occurring
® reaction not being complete.,

(@

3 Reaction is not complete.

EXAMPLE 13 EXAMPLE 14
A sample of 3.72 g of magnesium was heated with Phosphorus(V] oxide, P,04q reacts with water
a Bunsen burner. The magnesium reacts with the according to the equation:
oxygen mlthie air forming magnesium oxide according P,01g + 6H,0 — 4HsPO,
to the equation:
72.0 g of phosphorus(V] oxide reacts with an excess of
Mg« ~+2MgD water to form HzPOy4. The percentage yield is 70.0%.
| Calculate the theoretical yield of magnesium oxide Calculate the mass of H3PO, formed to 3 significant
obtained in the reaction. figures.
2 4.44 9 of magnesium oxide were obtained, calculate A
the percentage yield of this reaction using your nswer
answer to 1.
P;0 6H50 — | 4H4P0
4 Suggest one reason why the percentage yield was L s : .
o not 100%. mass 72.09 99.379
=
E Answers M, 284.0 98.0
oM
g 2Mg 0, 2MgO moles 0.2535 1.014
L
E Mass 3.72g 6.174g The theoretical yield of HaPOy is 99.37 g.
= ;
24.3 40.3 |
& e BTN, Percentage yield = — actua'lyrelfd x 100
= theoretical yield
: Moles 0.1531 0.1531 | :
< actual yield
70.0 = 3937  * 100
e~ 1 The theoreticalyield is 6.17g of magnesium oxide, 700
MgO. actual yield = ,[U'G x 99.37 = 0.700 x 99.37 = 69.56 ¢
2 Percentage yield = actugt YEE[Q % 100 The mass of H3PO, formed to 3 significant figures is
theoretical yield 69.44.
4 44 . —
=217 x100 = 71.96%



EXAMPLE 15
Ammonia reacts with oxygen to form nitrogen(ll] oxide, NO, and steam.
4NHa + 50 — 4NO + 6H50

Calculate the mass of ammonia required to react with excess oxygen to
form 5.00 g of nitrogen(ll) oxide given a 40.0% yield. Give your answer to 3
significant figures.

Answer

In this question the actual yield is 5.00 g and the theoretical yield is
determined from the percentage yield.

100

\ ~ actual yield
Percentage yield = & oretical yield "

5.00 5.00 x 100
= 100 so theoretical yield = =12.5
theoretical yield i 40.0 9
The reacting mass calculation is carried out in reverse to determine the

mass of ammonia required to form 12.5g of nitrogen(ll] oxide.

40.0

STEP 3: Calculate the mass
of NH, from the armount,
in mples, and the M.

b

\ ANH, |[+| 50, |=| 4NO |+ 6H0
Imass 70833¢g 1259
M, 17.0 30.0
rroles 0.4167 0.4167
STEP 2: Determine the amount, STEP 1: Determmine the
in moles, of NH, using the ratio amount, in moles, of NO
in the balanced equation

Figure 2.10
The answer to 3 significant figures is 7.08 g of ammonia are required.

Drugs are produced in industry using different chemical steps, each of which
typically occurs with less than 100% yield. The overall percentage yield for
the production of the drug is the sum of the product of the percentage yields
of the individual steps. For a drug synthesis with many steps the overall
percentage yield can be very small and this is one factor contributing to the
huge cost of some drugs.

Salbutamol is an inhaled drug used to treat asthma. It is purified in a five step
synthesis. Table 2.1 below shows the percentage yield for each step, and the
overall percentage yield. Only about one fourteenth of the original matenial

was turned into the purified drug. Scientists are continually researching to find

new ways to improve percentage yields of the steps in the synthesis of high
purity drugs in order to decrease costs and improve profits.
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Table 2.1 The percentage yield for each step, and the overall percentage yield for the drug salbutamol.

Step 1 impure salbutamol — intermediate A percentage yield = 70%

Step 2 intermediate A — intermediate B percentage yield = 100%

Step 3 intermediate B — intermediate C percentage yield = 40%

Step 4 intermediate C — intermediate D percentage yield = 72%

Step 5 intermediate D — purified salbutamol percentage yield = 35%
overall percentage yield = 70% = 100% x 40% x 72% x 35% = 7.06%
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TEST YOURSELF 6

1 Calculate the percentage yield of magnesium sulfate if 2.10g of
magnesium reacts with excess sulfuric acid to form 8.30g of
magnesium sulfate. Give your answer to 3 significant figures.
Mgls] + H,504lag) — MgS0,(aq) + H,lg)

2 Calculate the mass of NO, formed from 5.00 kg of ammonia assuming
a 75.0% yield. Give your answer in kg to 3 significant figures.
4NHslg) + 70,(g) — 4NO,(g) + 6H,0l(g]

3 Calculate the percentage yield of sulfur when 42.1 g of hydrogen iodide
reacts completely with concentrated sulfuric acid. 1.20g of sulfur
were formed. Give your answer to 3 significant figures.
6HI(g) + HpS04(l) — 3la(s) + Sls) + 4H,0(g)

4 Iron(lll) hydroxide undergoes thermal decomposition to form iron(ll)
oxide and water.
Calculate the mass of Fe,05 formed from the decomposition of 17.2g
of Fe[OH]3, assuming a 40.0% yield. Give your answer to 3 significant
figures.
2Fe(0H]s(s) — Fey04(s) + 3H,0l(g]

Figure 2.11 Many people use
salbutamol to relieve the symptoms of
asthma. It is administered by inhaler.
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Calculations involving solutions
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1cm? [cubic centimetre) is the
same as 1ml [millilitre). 1dm?
[cubic decimetre] is the same as
11 [litre] of volume. 1000cm?3 is
equal to 1dm3. The concentration
of a solution in moldm=3 is the
amount, in moles, of solute which
would be dissolved in 1dm3 to
form the same concentration of
solution.

(©

Solutions contain a solute dissolved in a solvent. The amount, in moles, of the
solute can be determined from the solution volume used (most often in cm?)
and the concentration of the solution (most often in moldm-2).

TIP

moldm-3 can be written as mol/dm?3 or sometimes as molar [M].

A 1 molar solution is written as 1M and is described as having a molarity
of 1M.

1M = 1moldm=3. For a 1 moldm-3 solution, 1mole of solute is dissolved in
deionised water and the volume made up to form 1dm? of solution.
A ——




The amount, in moles, (n) of solute dissolved in a solution is calculated from

TIP the volume of the solution and the concentration based on the expression:
For a solution volume in dm? the . ke solution volume (cm?) X concentration (moldm=3)
expression becomes n= v xC. amount (in moles) = .
1000
E— vXC

or more simply as n =

(O

EXAMPLE 16

Calculate the amount, in moles, of calcium hydroxide present in 25.0 cm3
of a solution of concentration 0.127 moldm=3. Give your answer to 3
significant figures.

- vxe 25.0x 0.127
1000 1000

0.003175 may be written in standard form as 3.175 x 10-3,

1000

= 0.003175mol
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To 3 significant figures the answer is 0.00318 mol.

O Calculating volumes and concentrations
TIP The expression can be rearranged to allow the calculation of solution volume
Rearranging a mathematical or concentration.

expression to make some

other quantity the subject oo BHI000 o 32 1000

is an essential skill. Make C v

s Semibrm il ikl For volumes (v) in em? and concentrations (¢) in moldm= and where
process works.,

n = amount, in moles.
=]

EXAMPLE 17

Calculate the concentration of a solution of sodium hydroxide formed by
dissolving 6g of sodium hydroxide in deionised water and the volume of
the solution is made up to 250 cm3.

M. of NaOH = 23.0 + 16.0 + 1.0 = 40.0
m 6

RFM ~ 40.0
There are several ways to approach the next part of this calculation and
you may move from one method to the other with practice at these types
of calculations.

= 0.15mol

n=

Method 1: Using the expression

Asyou want to find the concentration of the solution the expression

C= _n_x]fﬂ_ may be used. v=250cm?; n = 0.15mol and ¢ is the quantity

you want to find.

} 0.15 x 1000

- : =
750 0.6moldm=2.




Method 2: Using the volumes

@ From the initial calculation you know that there are 0.15mol of NaOH
dissolved in 250cm? of the solution made.

@ The concentration in moldm=23 is the amount, in moles, which would
be required to makera solution of the same concentration if the volume
was 1dm?3 (1000 cm?).

@ To scale up from 250cm? to 1dm?3 there is a factor of four so
0.12x 4 = 0.6 moldm=3,

® 0.6 mol of NaOH would be required to be dissolved in 1dm? to produce
a solution of the same concentration as when 0.15mol of NaOH were
dissolved in 250cm3.

(@

EXAMPLE 18
Calculate the concentration of a solution formed when 1.25g of calcium

chloride are dissolved in deionised water and the volume of the solution
is made up to 25.0cm3. Give your answer to 3 significant figures.

M. of CaClp = 40.1 + (2 x 35.5) = 111.1

o 198
M, 1111

= 0.01125mol

Method 1: Using the expression

As you want to find the concentration of the solution the expression

C= pr o may be used. v=25.0cm3; n=0.1125mol and c is the

quantity you want to find.

= o L2 % TR 0.450 moldm-3,
Et 25.0
s Method 2: Using the volumes
g @ From the initial calculation you know that there are 0.01125 mol of
w CaCly dissolved in 25.0cm? of the solution made.
=)
= @ The concentration in moldm=2is the amount, in moles, which would
= . . -
= be required to make a solution of the same concentration if the volume
e Ol was 1dm? (1000 cmd).
<
TIP. | : ; ® To scale up from 25.0cm3 to 1dm?3 there is a factor of 40 so
™~ :_-:&D 15:8 very cnmmﬂn Ca Iculatlon 0.01125 x 40 = 0.450moldm-2 [to 3 significant figures).
feature when using solutions as
most pipettes measure 25.0 cm?3 @ 0.450mol of CaCl, would be required to be dissolved in 1dm3 to
of solution and concentration is produce a solution of the same concentration as when 0.01125 mol of
often asked. CaCl, were dissolved in 25.0cm?3,
— —_——
TIP

Throughout this calculation you should work to at least 3 significant
figures. 0.01125 mol is to 4 significant figures. The final answer is stated
to 3 significant figures as 0.450 mol dm-3.




Calculating concentrations from reactions forming a
solution

Some chemical reactions where a substance reacts with water or other solutions
such as acids can form the basis of calculations. The concentration of the
solution formed can be determined from the mass of the substance which reacts,
the ratios in the balanced equation and the final volume of the solution.

(@ (@

TIP EXAMPLE 19
Working to 4 significant figures
throughout in a calculation
where 3 significant figures are
required. Show all the steps in P2Ssls] + 8H20(l) — 2HaPO4lag) + 5H2S(g)

any calculation. If you make a Calculate the concentration of the solution of phosphoric(V] acid
mistake your method can be seen formed when 3.82q of phosphorus pentasulfide reacts with water

more cleartly. and the solution volume is made up to 100 cm?. Give your answer to
J significant figures.

Solid phosphorus pentasulfide, P,Ss, reacts with water to form a solution
of phosphoric|V) acid, H3POy, and hydrogen sulfide gas.
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Answer
M, of P3Ss = (2 x 31.0) + (5% 32.1) = 222.5

Calculating moles of P;Se:

m  3.82
M, 222.5

Males of HaPO; formed = 0.01717 x 2 = 0.03434 mol

= 0.01717mol [to 4 significant figures)

Method 1: Using the expression
n x 1000
= —
v
v =100cm?®; n = 0.03434 mol and c¢ is the quantity you want to find.

o -0'03‘:’3;‘5; 1000 | 8434 mol dm=¥.

The answer to 3 significant figures is 0.343 moldm-3

Method 2: Using the volumes

From 100cm? to 1dm3 (1000 cm?®] the factor is 10 so
0.03434 x 10 = 0.3434 moldm~23 and the answer to 3 significant figures is
0.343 moldm-3.

You may not have to calculate the amount, in moles, from the mass of the
substance which reacts with water. The amount, in moles, may be given
to you.

EXAMPLE 20

Calculate the concentration of nitric acid produced when 0.253 moles of
nitrogen dioxide [NO,) reacts with water and the solution volume is made
up to 200cm?3. Give your answer to an appropriate level of precision.
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TIP

The data given in the question are
to 3 significant figures [0.253 mol
and 200 cm?] and the answer
should be quoted to this number
of significant figures. If one of the
values given was to 2 significant
figures the level of precision in
the answer would be 2 significant
figures as this would be the
lowest level of precision in the
question.

Answer
3NO,(g) + H,0(l) — 2HNOs(aq) + NO(g)

0.253 moles of NO, fmms@ % 2 = 0.1687 mol of nitric acid [working to
4 significant figures during the calculation)

Method 1: Using the expression
n x 1000
= —
Vv
v=200cm3; n=0.1687 mol and c is the quantity you want to find.
_ 0.1687 x 1000
- 200

The concentration of the nitric acid formed is 0.844 moldm-3 [to 3
significant figures)

= 0.8435moldm-3,

Method 2: Using the volumes

From 200cm?@to 1dm3 (1000 cm3] the factor is 5 so
0.1687 x 5 = 0.8435moldm-3,

The answer to 3 significant figures is 0.844 moldm-3.

Calculating volumes and concentrations required to
react

When a solution reacts with a solid or another solution, calculatons can be
carried out to determine the concentration of solution required or the volume
of a particular concentration which is required.

All of these calculations are again carried out using the ratio in the balanced
equation and the expressions linking n, v and ¢ shown below:
vXe nXxX1000  n X 1000

G T T L .

@

EXAMPLE 21

Calculate the volume of 0.140moldm-2 hydrochloric acid required to
reactwith 1.00g of magnesium. Give your answer to 3 significant figures.

Mg + 2HCL — MgCl, + H;

Answer

@ Determine the amount, in moles, of magnesium

moles of Mg = Enl= %2 0.04115mol [to 4 significant figures)
r .

@ Moles of HCI that react with 0.04115moles of Mg = 0.04167 x 2 =
0.08230mol (using 1:2 ratio in the balanced equation).

@ Calculating volume of hydrochloric acid required

n x 1000

V=
c

c=0.140moldm3: n = 0.08230

~ 0.08230 x 1000
T 0.4

= 588 cm? (to 3 significant figures).




(A,

EXAMPLE 22

25.0cm?3 of nitric acid reacts completely with 5.00 g of copper. The balanced
equation for the reaction is:

Cu + 4HNO3 — Cu[NOg); + 2NO3 + 2H,0

Calculate the concentration of the nitric acid to 3 significant figures.

Answer
@ Determine the amount, in moles, of copper

moles of Cu = — = ——= 0.07874 mol [to 4 significant figures]
A 635
@ Moles of HNO3 which reacts with 0.07874 moles of Cu = 0.07874 x 4 =
0.31496 mol [using 1:4 ratio in the balanced equation). Figure 2.12 The dramatic reaction of
a penny with nitric acid. The copperin
the penny reacts and a green solution

v=250cm3 n=02314964 and brown nitrogen dioxide are
: ’ produced.
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@ Calculating concentration of nitric acid required
s n = 1000

_ 0.31496 x 1000

B 25.0
Remember this last calculation can be carried out using the volumes
method where you simple multiply by the factor which is 25.

= 12.5984 moldm-3

Answer to 3 significant figures is 12.6 moldm™3,

Om

TIP

This last calculation could be reversed. You could easily be asked

to calculate the mass of copper required to react with 25.0 cm? of

12.6 moldm-3 nitric acid. 12.6 moldm=3 is to 3 significant figures but your
answer should be very close to 5 g. This is similar to the questions in the
next section.

Calculating the mass or identity of a solid reacting
with a solution

In this style of question, you will be given information on the solution and
asked to calculate the amount, in moles, of the solute present in the solution.
From here you can calculate the amount, in moles, of solid which reacted
with the solute in the solution. From this point, the mass of a solid can be
calculated from the amount in moles and its M,, or the M, of the solid, can
then be calculated using its mass and moles. The solid can be easily identified
from its M.

The identity of an unknown compound can be determined by determining its
M, from the reaction of a given mass of solid reacting with a solution (usually
an acid).




EXAMPLE 23
Copperlll] chloride can be formed from the neutralisation reaction of
copperlll] carbonate with hydrochloric acid.

CuCO0s4ls) + 2HCl(ag) — CuCl,(ag) + CO,lg) + H,0(l)

15.2cm3 of 0.174 moldm~2 hydrochloric acid is reacted with copper(ll]
carbonate.

a) Calculate the amount, in moles, of HCl in 15.2¢cm?2 of 0.174 moldm-3

nitric acid. Give your answer to 3 significant figures.
bl Calculate the amount, in moles, of CuCQO5 which reacted with the nitric

acid. Give your answer to 3 significant figures.
¢| Calculate the minimum mass of powdered CuC0O4 which should

be added to react with all of the nitric acid. Give your answer to

3 significant figures.
Answers

vxc 15.2x0.174
T1000° 1000
blUsing the 2:1 ratio in the balanced equation for HCL:CuCO,
0.00264

2

c) M, of CuCO3 = 63.5+12.0 + 3(16.0] = 123.5
mass of CuCOy=nx M. =0.00132 x 123.5=0.163 g [to 3 significant
figures)

O

= 0.00264 [2.64 x 10-3] mol

aln

= 0.00132 mol

moles of CuCQO4 =

EXAMPLE 24

An unknown metal carbonate may be written X,C04. X,C04 reacts with
hydrochloric acid according to the balanced equation:

X,CO04lag) + 2HCl(ag) — 2XClag) + CO,{g] + H,0ll)

A 3.69g sample of solid X;C05 was dissolved in deionised water and the
solution volume made up to 1000cm3. A 25.0cm? portion of this solution
required 20.0cm?® of 0.125 moldm= hydrochloric acid for complete
reaction.

1 Calculate the amount, in moles, of HCl in 20.0cm? of 0.125 moldm™3.

2 Calculate the amount, in moles, of X,CO3which reacted with this
amount of HCL

2 Calculate the amount, in moles, of X;C03 present in the 3.69g sample.

4 Calculate the M, of X,C04.

5 Calculate the relative atomic mass [A.) of the metal X and deduce its
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identity,
Answers
vxc 20.0x0.125
) - . - 3
1 n 1000 1000 0.0025 [2.5 x 10-3) mol

2 Using the 2:1 ratio in the balanced equation for 2HCL:X;C04
0.0025

g 0.00125 mol

moles of X,C05 =




3 All of 3.69 g of X,C04 dissolved in 1000 cm? -
moles in 1000cm3 = 0.00125 x 40 = 0.05mol 9,

: : 5 : mass (g
4 Rearranging the expression: amount, in moles, =M 1 allows us to xE

¢

calculate the M_or relative formula mass of X,C04 §.:
m m P
n= v S0 M, = = a
o 3.69 2
TIP M. of X2C03 = 0.05 - 73.8 E“.
Remember you are asked for the 5 M, of 'COy’ = 12.0 + 3(16.0] = 60.0 o
identity of X in X,C03 so identify M, of Xy =73.8-60.0=13.8 _E
X and not the compound X,C0,. T S
This question provided a very MOl Kmrg =t 3
definite answer but remember From the Periodic Table, X is Lithium. 5
that rounding of solution volumes — 2,
may give an answer close to the é_

A_of the element. It is always _

a good idea to carry out the TIP
calculation in reverse to see if The calculation could also be an unknown hydrogen carbonate, XHCO3
“t.h'“m carbonate Wm.“d react or MHCOz where M represents a metal such as a Group 1 metal. The
with the volume of acid stated in calculation follows the same pattern except there is a 1:1 ratio for the
the question. reaction between XHCO3 and HCL

e

EXAMPLE 25

One indigestion table [0.850g) containing calcium carbonate reacts with
exactly 40.0cm3 of 0.220mol dm-2 hydrochloric acid.

CaCO4 [s) + 2HCL [ag) — CaClylag) + CO,lg) + H,0(l)

Calculate the percentage of calcium carbonate in one tablet. Give your
answer to 3 significant figures.

vxc  40.0x0.220
1000 1000

Moles of CaCOjz in the tablet =

Males of HCL = = 0.0088 mol

0.0066 = (0.0044 mol

Answer
M, of CaC0y = 40.1 + 12.0 + 3(16.0) = 100.1

Mass of CaCOgz in the tablet = 0.0044 x 100.1 = 0.440 g

0.440
0.850

Percentage of calcium carbonate in the tablet = x 100 = 51.8%.

O

TIP

A back titration may also be used to determine the mass of calcium
carbonate or any other insoluble solid using its reaction with an acid.
See page 58,
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TEST YOURSELF 7

1 What is the concentration, in moldm=3, of a solution prepared by
dissolving 0.737 g of phosphoric acid, HzPO4 in 25.0cm? of water? Give
your answer to 3 significant figures.

2 What mass of potassium sulfate, K,S0;, should be dissolved in
100cm?® of water to make a solution of concentration 0.5 moldm-37

3 0.137 g of an unknown metal hydroxide M(OH]; reacts completely with
15.4cm3 of 0.24 moldm~3 hydrochloric acid.

M[DH]z[S] + EHCI.[EIC[] — MClg[aq] + 2H20[|.]
al Determine the relative atomic mass [A,) of M to 1 decimal place.
b) Identify M
4 Zinc reacts with hydrochloric acid:
Znls) + 2HCllag) — ZnClylag) + Halg)

Calculate the volume in dm? of 0.12moldm~2 hydrochloric acid
required to react with 0.5g of zinc powder. Give your answer to
2 decimal places.
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Q Solutions reacting together

Solutions can react together. This is true in neutralisation reactions where an
acid neutralises an alkali. Both an acid and an alkali are solutions. They are
most often colourless solutions and an indicator can be used to determine the
point (called the end-point) where the solutions have neutralised each other.

Q Carrying out a titration

A titration is a method of volumetric analysis. One solution is placed in a
burette and the other is placed in a conical flask. An indicator is added to
the solution in the conical flask. The solution in the burette is added to the
solution in the conical flask. The indicator will show the end-point of the
titration (when the indicator changes colour). This is the point when the
reaction is complete.

Apparatus and practical techniques

The main pieces of apparatus used in a titration are a burette, a pipette with
safety filler, a volumetric flask and several conical flasks. One conical flask can
be used and it can be rinsed out between titrations.

2 AMOUNT OF SUBSTANCE

Preparing a burette for use
| rinse the burette with deionised water

2 ensure the water flows through the jet

3 discard the water

4

Figure 2.13 Burette, ' . _ : ghalaci oin
4 rinse the burette with the solution you will be filling it with

5 ensure the solution flows through the jet
6 discard the solution

7 charge (£ill) the burette with the solution you will be using in it.



Using a burette

When using a burette the volume of solution it contains is read at the bottom
of the meniscus as shown in the diagram.

If you are right handed the tap of the burette is operated with the left hand
to allow the right hand to be used to switl to mix the contents of the conical
flask.

Preparing a pipette for use in a titration
1 Using a pipette filler rinse the pipette using deionised water.

2 Discard the water.
3 Rinse the pipette with the solution you will be filling it with.
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4 Discard this solution.

Using a pipette

A pipette accurately measures an exact volume of a solution and should be

_ : used in the following way:
Figure 2.14 Using a burette.

1 A pipette filler is attached to the top of a pipette.

N

2 The pipette is placed in the solution and suction applied to draw the
solution up.

Line indicating o , '
exact volume 3 The solution is drawn up above the line on the pipette.

A 4 The solution is released until the meniscus sits on the line,
5 The solution in the pipette is released into a conical flask.

6 Pipettes measure out exactly 25.0 cm? or 10.0cm?. (Remember that
lcm? = 1ml but chemists prefer cm? as their unit of volume).

7 An exact volume of a solution is vital in volumetric work as taking exactly
25.0cm? of a known concentration of a solution means that we know
exactly how many moles of the dissolved substance are present in the

conical flask.

S
Figure 2.15 A typical pipette.

Conical flasks

Conical flasks are used in titrations as they can be swirled easily to mix the
reactants. Also the sloped sides prevent any of the solution spitting out when
it has been added. The conical flask should be rinsed out with deionised water

before use.

The conical flask does not have to be completely dry before use as the exact
volume of solution added contains an exact number of moles of solute. Extra
deionised water does not add to the number of moles of solute.

Line indicating
exact volume

Volumetric flasks

Volumetric flasks are used when diluting one of the solutions before the titration
is carried out. They can also be used when preparing a solution of a solid.

Figure 2.16 Avolumetric flask.



The dilution factor is the amount the Carrying out a dilution of a solution

original solution is diluted by. It is calculated | pipette 25.0 cm? of the original solution into a clean volumetric flask

by dividing the new total volume by the
volume of original solution put into the 2 add deionised water to the flask until the water is just below the line

wl 3 using a disposable pipette add deionised water very slowly until the bottom

of the meniscus is on the line

4 stopper the flask and invert to mix thoroughly.

If a 25.0 cm? sample of a solution is made up to a total volume of 250 cm?
using deionised water then the dilution factor is 10.

Ifal0.0cm? sample of a solution is made up to a total volume of 250 cm?
using deionised water then the dilution factor is 25.

_ Preparing a solution from a mass of solid
TIP When preparing a solution from a solid it is important not to lose any of the
You should calculate the mass solid or solution before it is placed in the volumetric flask.

required to make the solution

and weigh this out accurately. I Weigh out an accurate mass of a solid in a weighing boat and dissolve in a

Calculate the amount, in moles, suitable volume (100 cm?, if the final volume in the volumetric flask is to
of the solid from the solution be 250 cm?, to allow for rinsings) of deionised water in a beaker, stir with a
volume required and the glass rod and rinse the weighing boat into the beaker with deionised water.

concentration. Calculate the
mass required by multiplying the
amount by the M, of the solid.

2 Once dissolved, hold the glass rod above the beaker and rinse it with

deionised water before removing it.

3 Place a glass funnel into the top of a clean volumetric flask and pour the
prepared solution down a glass rod into the funnel.

4 Rinse the glass rod with deionised water into the funnel.

5 Rinse the funnel with deionised water,

Ly
: _ 6 Remove the funnel and add deionised water to the volumetric flask until the
ﬁ water is just below the line.
g TIP
= Glass pipettes may be used in 7 Using a disposable pipette add deionised water very slowly until the bottom
w preference to disposable plastic of the meniscus is on the line.
o pipettes.
'E el O Stopper the flask and invert to mix thoroughly.
o
= _
EXAMPLE 26
o~

Describe how you would prepare 250cm? of solution of 0.170 moldm3
potassium hydroxide.

Moles of KOH required = 25013561 o 0.0425 mol

Answer

1 Mrof KOH=3%.1 + 16.0 + 1.0 = 54.1.

2 Mass of KOH required = 0.0425 x 56.1 = 2.38g [to 3 significant figures|

2 Weigh out 2.38 g of KOH to 3 significant figures on a balance.

4 Dissolve in 100cm? of deionised water in a beaker.

5 Add the solution to a 250 cm3 volumetric flask and rinse the beaker into
the flask.

4 Make the solution up to the mark with deionised water until the bottom
of the meniscus is on the line.

7 Stopper the flask and invert to mix.




Carrying out a titration

The major points in carrying out a titration are shown in the diagram: 9?
<

3

/ g

Use a beaker and a small . Leave an air gap when filling. oY)
funnel to charge the burette; St o
remove the funnel before g
reading the initial volume and ~+
keep it out when titrating. g'

Use a retort stand and ——
burette clarmp to hold the
burette firmly in place.

REMEMEER: The burette

Use your left hand to reading is taken from the

operate the tap by reaching S
from the left around the bottom of the meniscus
whole tap (turn the burette (the curvature of the solution).

and operate with the right
hand corming from the right

if you are left-handed). it r,@

Hold the flask at the bottom
of the neck with the finger tips
and swirl in a 'lasso’ circular

A) motion to mix the reactants.
T Place a white tile underneath

L g o . the conical flask to view the
i — N\ indicator colour more clearly.

Figure 2.17 Carrying out a titration.

® In one volumetric analysis, several titrations should be carried out.

@ The first titration should be rough and should be an overshoot and
therefore the titre should be greater in value than the two accurate
[tranons.

@ The subsequent titrations should be accurate (within 0.10 cm? of each
other) with drop-wise addition as the end-point is reached. Titrations
which are not within 0.10 cm? of each other are not used to calculate the
average titre.

® Standard solutions are used in volumetric analysis. A standard solution is
a solution of known concentration.

® A burette has a total graduated volume of 50.0 cm?. You can perform two
titrations using a burette if the titres are well below 25cm?. However if the
rough is close to or above 25cm’, it is essential you refill the burette before
starting the first accurate titration.

® The funnel is removed to ensure any drops of the solution which remains
in the funnel do not interfere with the titration results.
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TIP

Several titrations may be carried
out and the accurate titrations
are identified as being within
0.10cm?® of each other,

O

TIP

Titration results are often marked
based on recording the results,
precision of the results [recording
to 2 decimal places), concordant
results [results within 0.10cm?

of each other) and accuracy
l[agreement with the supervisor's
value).

o,

TIP

Often several titration values
are given and you are asked

to choose the ones which are
concordant. Choose the ones
which are within 0.10cm3 of
each other. This table shows a
rough titration and two accurate
titrations.

Recording titration results
A typical table used to record titration results is shown below:

1st titration 2nd titration

Rough titration

Initial burette
reading/cm3

Final burette
reading/cm?

Titre/fcm?

The titre is the volume delivered from the burette into the conical flask until
the indicator changes colour (end-point).

Please note the following points about recording titration results.

® You should put units with the headings.

® All values should be recorded to 0.05 cm?, for example 0 cm’ is written
as 0.00; 24.5cm? is written as 24.50. 24.35 is acceptable but 24.31 and
24.38 are not. The units should be with the headings and not in the main
body of the table.

@ The rough titration titre should be greater than the two accurate titration
titres but not more than 1 cm? greater.

® The rwo accurate titration titre values should be within 0.10 cm? of each
other. Titrations should be carried out until two values within 0.10 cm? of
each other are obtained.

® The average titre must be stated with units to 2 decimal places.

® Titres within 0.10 cm? of each other should only be used to calculate the
average titre. Any other titres should be disregarded in the calculation.
You should indicate which titration results are being used to calculate the
average titre.

Calculating the average titre

® When calculating the average titre, ignore the rough titration and any
result, which is clearly not within 0.10 cm? of the other accurate titration
values.

® Write the average titre below the table and include the units. The average
titre should be written to 2 decimal places.

The table below shows a sample set of titration results.

1st titration 2nd titration

Rough titration

lnitia'L burette 0.00 0.00 24.00
reading/cm? ,

Fmal‘burette 24 50 24.00 4790
reading/cm?3

Titre/cm?3 24.50 24.00 23.90

Average titre = 23.95¢cm?




Units

® Units of volume are in cm? (1cm?® = 1ml).

® Concentration units are moldm=2. ‘moldm~>' can also be written as
‘mol/dm?>’.

® Remember that 1 dm? is the same as 1 litre.

® However M (molar) may also be used and is the same as moldm=—2.

® A 1M solution is 1 moldm=3. The molarity of a solution has units M but
concentration is usually quoted as moldm—2 but also can be given in
gdm—3.

@ Units of gdm~3 (grams per dm?) may be calculated by multiplying the
concentration (or molarity) by the M, of the solute.

=3
Q
s
3

Percentage error

The percentage error in the measurements obtained from different pieces of
apparatus can be calculated.

A volume of 25 cm? measured with a measuring cylinder has an error of
+0.5cm?. The percentage error for this piece of apparatus is

E— x 100 = 2%
25 N

A volume of 25 cm® measured using a class A pipette has an error of
+0.03 cm?. The percentage error is

0.03
25

A mass of 0.120 g measured using a balance with an error of £0.001g. The

percentage error 1S

x 100 = 0.12%.

TIP

Changes in temperature or titres
measured from a burette will
have double the + error as they
are calculated from two readings
and each reading will have an
error. For more information see
pages 358-9.

0.001
0.120 x 100 = 0.833%.
Indicators

The two main indicators used for acid-base titrations are phenolphthalein and
methyl orange.

Indicator Phenolphthalein Methyl orange
Colour in acidic solutions colourless red

Colourin neutral solutions | colourless orange
Colourin alkaline solutions | pink yellow

strong acid-strong base | strong acid-strong base

Titrations suitable for: . .
| weak acid-strong base |strong acid-weak base

The choice of indicator is based on the type of acid and base in the titration. It
is important to be able to choose the correct indicator for a particular titration.
If ethanoic acid (a weak acid) and sodium hydroxide solution (a strong alkali)
are being used then phenolphthalein is the indicator of choice. Both methyl
orange and phenolphthalein can be used for strong acid-strong base titrations.
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Figure 2.18 Phenolphthalein and methyl
orange indicator. Which beakers contain
acid andwhich alkali?

O

TIP

In this calculation you will
calculate the amount, in moles,
of sodium hydroxide (as you have
a volume and concentration

of sodium hydroxide]. Then

using the equation you can
calculate the amount, in moles,
of hydrochloric acid which will
react with the sodium hydroxide.
From this answer using the
concentration you can calculate
the volume of hydrochloric acid
required to react.
==

(OE

The colour change of the indicator at the end-point of a titration is given in
the table below:

Titration Methyl orange Phenolphthalein
Acid in conical flask ;
Alkaliin bursite red to yellow colourless to pink
Alkali in conical flask ;

Neid inhinaie yellow to red pink to colourless

Types of titrations at AS
For AS the titrations which are carried out are mainly monoprotic acids with

bases.

A monoprotic acid is an acid which can release 1 mole of H* ions per mole of
acid.

The main monoprotic acids which may be used are hydrochloric acid (HCI),
nitric acid (HNOj3) and ethanoic acid (CH3;COOH). Hydrochloric acid and
nitric acid are strong acids. Ethanoic acid is a weak acid.

Sodium hydroxide (NaOH) and potassium hydroxide (KOH) are strong bases.
Ammonia (NH,) is a weak base.

Diprotic acids such as sulfuric acid can be used in titrations. The only
difference in using a diprotic acid is the ratios in the equation for the reaction,
for example

2NaOH + H,S0, — Na,S0, + 2H,0.
There 1s a 2:1 ratio of NaOH:H,504

EXAMPLE 27

Calculate the volume of 0.750mol dm-3 hydrochloric acid required to
react with 18.2cm? of 0.840 moldm=2 sodium hydroxide solution. Give
your answer to 3 significant figures.

Answer
NaOHlag) + HCllag) — NaCllag) + H,0(l]

vxc 18.2x0.84
1000 1000

Using the ratio in the balanced equation: NaOH + HCL; ratio = 1:1
Moles of HCL= 0.01529 mol

n x 1000
C

Moles of NaOH =

= 0.01529 mol [to 4 significant figures)

Using the expression: v =

_ 0.015229 x 1000
0.75

= 20.4cm?3 (to 3 significant figures)




EXAMPLE 28

A solution of nitric acid was diluted by placing 25.0cm? of the solution

in a volumetric flask and the volume was made up to 250 cm?® using
deionised water. 25.0cm? of this diluted solution were placed in a conical
flask and titrated against 0.0120 moldm~=3 potassium hydroxide solution.
24.25cm? of the potassium hydroxide solution were required for complete
neutralisation. Calculate the concentration of the nitric acid in gdm-3.
Give your answer to 3 significant figures.

=3
Q
S
3

Answer
KOH(aq) + HNOlag) — KNOslaq) + H,0[l]

vxc  24.25x0.0120
1000~ 1000

Ratio of KOH:HNO3 in equation is 1:1
Moles of HNO, in 25.0cm?3 = 0.000291 mol
nx 1000

V

Moles of KOH = -=(0.000291 mol

Using the expression: ¢ =

TIP o

This step is the same as soC= 0'0023;_0 % _ 0.01164moldm-2
multiplying by 40.
—_ This is the concentration of the diluted solution. The dilution factor is 10
so the concentration of the original solution is

0.01164 x 10 = 0.1164 moldm-3

M, of HNO3 = 1.0 + 14.0 + 3(16.0) = 63.0
Concentration in gdm=2 = concentration in moldm= x M,
=0.1164 x 63.0 = 7.33gdm-23 [to 3 significant figures)

R,

. Finding the concentration of a sample of commercial
. vinegar
i Commercial vinegar contains ethanoic acid. 10.0 cm3 of commercial :
. vinegar was diluted to 1 dm?3 with water before being used in a

. restaurant. 25.0cm? of the diluted solution was titrated against

' 0.10moldm-2 sodium hydroxide using phenolphthalein indicator. The
results were recorded in the table below.

Rough titration 1st titration Z2nd titration

Initialtburette 0.00 0.00 0.00
reading [cm?]

Final burette
reading [cm?]

Titre [cm? 18.10 17.55 17.45

18.10 1705 17.45

i 1 Describe how you would prepare the diluted solution of vinegar. :
: 2 Describe how you would accurately transfer 25.0cm? of the diluted =
:  solution of vinegar into a conical flask. 5
3 State the colour change of the indicator at the end-point.
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- 4 Calculate the average titre.

: 5 Write the equation for the

. reaction of ethanoic acid with

:  sodium hydroxide.

. & Calculate the number of moles

: of sodium hydroxide used in the

: titration.

. 7 Calculate the number of moles

. of ethanoic acid in 25.0cm? of

. the diluted vinegar.

: B Calculate the concentration of

:  the diluted vinegar solution.

. 9 Calculate the concentration of

. the commercial vinegar solution
ingdm=3.

Figure 2.19Vinegar contains ethanoic
acid, and can be titrated with any alkali.

Back titration

The mass of calcium carbonate in an indigestion tablet can be determined
using a back titration. A back titration involves reacting the tablet (or any
insoluble solid) with a known excess of dilute hydrochloric acid. The excess
acid is then titrated using a standard solution of an alkali such as sodium
hydroxide solution. The basic method of any back titration is shown below
though the total volume and concentration of the sodium hydroxide solution

may vary.
Place solution in Take 25.0 cm? sample Add 0.1 mol dm=3
volumetric flask and  from diluted solution sodiurm hydroxide

make up volurne . and add 5 drops from a burette until
using deionised water of indicator. indicator just
to 250.0 cm?. changes colour.

@

Known rmass of Added to excess Containing excess Colourless solution
Group Il oxide,  known volume hydrochloric acid. changes to pink at
hydroxide or  and concentration endpoint.
carbonate. of hydrochloric
acid,

Figure 2.20



EXAMPLE 29

Two indigestion tables were reacted with 25.0cm3 of 2.00 moldm-3
hydrochloric acid. The solution was transferred to a volumetric flask and
the volume made up to 250cm? using deionised water. 25.0cm?3 of this
solution were titrated against 0.100 moldm=3 sodium hydroxide solution.
The average titre was found to be 24.7 cm3,

Answer

CaC0,ls) + 2HCllaq) — CaClylaq) + CO,lg) + H,0(L)

NaOH(ag) + HCllag) — NaCllag) + H.0ll]

Calculate the mass of calcium carbonate, in mg, present in one tablet.

vxc 24.7 % 0,100
1000 1000

Moles of HCLin 25.0cm?3 = 0.00247 mol

Moles of HCL in 250 cm?® = 0.00247 x 10 = 0.0247 mol

‘ _ | _vxc 25.0x2.00
Moles of HCL added initially to the tablets = 000~ 1000 - 0.0500 mol

Moles of HCl which reacted with CaC0Os in tablets = 0.0500 - 0.0247 =
0.0253 mol

Moles of NaOH = = 0.00247 mol

Moles of CaCOs in two tablets = 0'02253 = 0.01265 mol

Mass of CaCOs in two tablets = 0.01265 x 100.1 = 1.2669
1.

Mass of CaCOgz in one tablet = 2266 = 0.633¢g

Mass of CaCO5 in one tablet in mg = 0.633 x 1000 = 633 mg
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TEST YOURSELF 8

1 Calculate the volume of 0.220 moldm~3 sodium hydroxide solution
required to react with 20.5cm3 of 0.400 moldm=3 hydrochloric acid.
Give your answer to 3 significant figures.

NaOH(aq) + HCl[aq) — NaCllag] + Hz0I[l]

2 Calculate the concentration of nitric acid in gdm~3 if 1.4 cm? of nitric
acid reacts completely with 25.0cm?® of 0.350moldm=2 potassium
hydroxide solution.

KOH[ag) + HNO3slag) — KNO3lag) + HaO[l]

3 A solution of nitric acid was diluted by placing 25.0cm?3 in a volumetric
flask and making up the volume to 250 cm? using deionised water.
25.0cm3 of this solution required 17.7cm? of 0.200moldm-3 sodium
hydroxide solution for neutralisation.

a) Calculate the amount, in moles, of NaOH in 17.7cm? of
0.200moldm-3 solution.

b) Calculate the concentration of the diluted solution of HNO3.

¢} Calculate the concentration of the original solution of HNO3.
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O Calculations involving gases
E 1 mole of any gas occupies a volume of 24dm? (24000cm?) at room temperature

;I_.'_!P . and pressure. This is called the molar volume and is often written as V,,,.

e units of gas volume are

important as 24dm3= 24000 cm?3. The amount, in moles, of a gas (n) is related to the volume of the gas (V) by
If a question asks for a gas the following expression:

volume in dm3, use V., = 24dm3,

If a question asks for gas volume e volume or this can be simplified to n = b

V

m

in cm3, use V,, = 24000cm3, See Vi
Chapter 17 for more information.

V,, is 24 000 where the gas volume (V) is measured in cm?. V), is 24 where
the gas volume (V) is measured in dm?’.

_ The expression can be rearranged to:

TIP

A question may ask for specific gas volume (V) =n X V,,
units of gas volume but, if not, ,

be clear to state the units in _
your answer. It is a good idea to CEXAMPLE 30
get used to using a capital V for
gasvolume and a lower case v
for solution volume in solution
calculations.

4g of dry ice [solid carbon dioxide] is allowed to expand to room
temperature. Calculate the volume of carbon dioxide formed in dm?2. Give
your answer to 3 decimal places.

— Answer-

M, of COp=12.0 + 2(16.0) = 44.0

m
M. 44.0

As units of volume in dm3, V, = 24dm3.

gas volume (V] = n x V,, = 0.09091 x 24 = 2.182cm? (to 3 decimal places)

EXAMPLE 31

0.1g of magnesium ribbon reacts completely with hydrochloric acid
according to the equation below:

Mgls) + 2HCl[ag) — MgCl,lag) + H,lg)

Calculate the volume of hydrogen produced in cm3. Give your answer to
1 decimal place.
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Answer

This calculation required the calculation of the amount of Mg in moles,
using the ratio in the equation of Mg:H, and finally calculating the gas
volume of hydrogen in cm? using the V, = 24000 cm?,

A, of Mg = 24.3
Amount of Mg [in moles] = —:;i= %= 0.004115mol [to 4 significant
_ figures] ; :
TIP , , Amount of Hp [in moles] = 0.004115mol [1:1 ratio in equation]
This calculation would give
3 different answer if the V., = 24000 cm3 (as answer required in cm3]
IBMPETRIING ARG PrRSSUTS Ware Volume of Hy = 1 x Vp = 0.004115 x 24000 = 98.76 cm?3
not room temperature and |
pressure. Answer to 1 decimal place = 98.8cm3.




Q The Ideal Gas equation

As pressure increases at constant temperature, the volume of a gas decreases.
As temperature increases at constant pressure, the volume of a gas increases.
The amount of a gas in moles is directly proportional to its volume.

The ideal gas equation relates all these factors and includes the gas

constant, R.
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The ideal gas equation is pV = nRT where p is pressure (measured in Pascals,
Pa) V is gas volume (measured in cubic metres, m?), n is the number of
moles of the gas, R is the gas constant (R = 8.31JK~!mol~!) and T is the
temperature measured in kelvin (K).

Units in the Ideal Gas equation

Temperature

The kelvin temperature scale is an absolute scale. Temperatures in kelvin are
written as 273 K. There is no need for a degree symbol when using kelvin.
Zero kelvin (0K) is called absolute zero and is the temperature at which

all movement of particles stops. Temperatures in kelvin are either zero ora
positive numbet A rise of 1°C is the same as a rise of 1 K Absolute zero (0K)
is equivalent to —273.15°C. This is usually taken as —273°C. To convert
temperatures from °C to kelvin, add 273. To change from kelvin to °C,
subtract 273.

For example:

Convert 0°C to kelvin

Add 273;0°C1is 273K

or

Convert 1000K to °C.

Subtract 273; 1000Kis 727 °C.

Pressure

There are many different units of pressure. The units which are usually used
in the ideal gas equation are Pascals. The symbol for a Pascal is Pa. 1 Pa =

1 Nm-2 (Newton per square metre). 101325 Pa is equal to 1 atmosphere
pressure. Often kilopascals are used (kPa). When the gas constant is quoted
as 8.31 ] K!mol!, the units of pressure must be Pa.

Volume

As seen previously with the solution calculations, cm? and dm? are common
units of volume and gas volumes may also be measured in these units.

In the ideal gas equation, the gas volume (V) must be measured in m?.
1m3 = 1000dm? = 1000000 cm?.

o

TIP

Converting between different units is very important. 100cm = 1m so
when dealing with cubic quantities [100cm)3 = [1m|2 so 1000000cm3
= 1m?3 as 100 = 1000000. Also 10dm = 1m so when dealing with cubic
quantities (10dm)3 = [1m]3 so 1000dm3 = 1 m?3,




Moles

The units of n are mol. This may be calculated from a mass of a gas or be
given as an amount, in moles.

R, the gas constant

The gas constant can have various values depending on the units used for
pressure and volume but 8.31] K~! mol~! is most often used where volume is
measured in m? and pressure is measured in Pa.

Using the Ideal Gas equation

The ideal gas equation allows conversion between moles of gas and volume at
a particular temperature and pressure.

O

TIP
If n=1[1mole of a gas) and T = 298K [room temperature of 25 °C],
p = 101325Pa (atmospheric pressure],

_NRT _1x831x 298
p 101325

4 = 0.02445m3,

0.02445m3 = 24.45dm?3, which is why 24dm3 is used as the molar gas
volume at room temperature and pressure.

EXAMPLE 32

Calculate the volume, in dm?3, of a sample of chlorine gas if there are
0.217 moles of chlorine gas at temperature of 350 K and a pressure of
200 kPa. [The gas constant R = 8.31J K-Tmol-1.] Give your answer to

3 significant figures.

Answer

All of the above quantities are in the correct units to give a volume in m2,
p =200000Pa

T =350K

n =0.217mol

R =8.31JK-Tmol-

pV = nRT; V=%

0.217 % 8.31 x 350
200000

_ 631.1445
~ 200000

V =0.003156 x 1000 =3.16dm?3
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V = 0.003156 m3 [to 4 significant figures)




: TIP
As mentioned earlier this type
of reaction where two different
gases are produced is common
and you just need to combine
the total number of moles of
gas produced in the balanced
equation.

TIP

The temperature is quoted in

°C but +273 will convert to K

so the temperature used in the
calculation i1s 300 K. See Chapter

17 for more information.
—_—

(@

EXAMPLE 33

Calculate the total volume of gas produced in m3 at 27°C and 100kPa
when 0.254 moles of calcium nitrate are heated to a constant mass.

[The gas constant R = 8.31JK-Tmol-1.] Give your answer to 3 significant
figures.

Answer
2CalN0j),ls) — 2Ca0ls) + 4N0,lg] + O,(g)

From the balanced equation: 2 moles of Ca[NOa), produces 5moles of gas
[ANOZ + 02]

0.254 mol of Ca[NO3); =
pv =nRT

p =100kPa=100000Pa
R =8.31JK1mol!

0.254
2

x 5 =0.635mol of gas

n =0.635mol
T =300K
y DA
P

V- 0.635 x 8.31 x 300

N 100000

1583.055 g :

- — 3 |

V 100000 0.0158 m2 [to 3 significant figures)

®

EXAMPLE 34

By using gas volumes, this type of calculation may be reversed as shown
in the following example.

Boron trichloride [BClz) may be prepared as shown in the equation below.
B,04ls) + 3C(s) + 3Clylg) — 2BCl,(g) + 3CO(q]

A sample of boron oxide [B,03) was reacted completely with carbon and
chlorine.

The two gases produced occupied a total volume of 1250cm3 at a
pressure of 110kPa and a temperature of 375 K.

Calculate the mass of boron oxide that reacted. Give your answer to 3
significant figures. The gas constant R = 8.31 JK-Tmol-

Answer

The first step is to calculate the total number of moles of gas that were
produced using the ideal gas equation.

pV =nRT

p =110kPa=110000Pa

V =1250cm?3=0.00125m3 (1250/1000 000
R =831JKTmol-!
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T =375K
pV = nRT

_pV_ 110000 x 0.00125
TRTT T 831x875

1375 ool e \
= 5715 55 = 0-04412mol to 4 significant figures)
5mol of gas in the equation [2BClz + 3C0) formed from 1 mol of B;03
(— 0.04412mol of gas is formed from D'D"’é‘m - 0.008824 ol B,0;
TIP M, of B,0, = 2(10.8) + 3(16.0) = 69.6
1250cm3 in m3 can be put into o i _ ot _
Jour calcilatst as 12501 184 Mass of By03 = n x M, = 0.008824 x 69.6 = 0.6142q of By03
usually 1250 EXP (or EE] -6. Answer is 0.614 g of B203 to 3 significant figures.
TEST YOURSELF 9

1 Calculate the volume in dm3 that 0.726 mol of nitrogen occupies at a
temperature of 200K and a pressure of 150kPa. [The gas constant,
R =8.31JK-Tmol-1). Give your answer to 3 significant figures.

2 Calculate the mass of ammonia in g which has a volume of 20.0dm3 at
a pressure of 100kPa and a temperature of 298 K. [The gas constant,
R = 8.31JK-mol-"). Give your answer to 3 significant figures.

3 Thionyl chloride [SOCI;) reacts with water to form hydrogen chloride
and sulfur dioxide. [The gas constant, R = 8.31 JK-Tmol-].

SOClyl) + H40[l) — S05(g) + 2HCl(g)

2.00g of SOCI,; reacts completely with water.

a) Calculate the amount, in males of SOCL, used.

b) Calculate the total amount, in moles, of gases produced.

¢) Calculate the volume of gas present in dm?3at 300K and 120kPa
pressure. Give your answer to 3 significant figures.
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Determining empirical and molecular

formulae

® The formula which is determined from experimental mass (or percentage)
data is called the empirical formula.

® The empirical formula is the simplest whole number ratio of the atoms of
each element in a compound.

® The molecular formula is the acrual number of the atoms of each element

in a compound.
® The molecular formula is a simple multiple of the empirical formula.

(@

TIP

Remember to use the M. to determine how many times the empirical
formula you need for the molecular formula. Also remember to cancel
down the number of each type of atom to its lowest number to determine
the empirical formula.
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EXAMPLE 35

The empirical formula of a compound is CH,0 but its M, is 180.0.
Determine the molecular formula of the compound.

Answer
The M, of CH,0 is 30.0.

So 6 x CH,0 [6 x 30.0 =180.0) must be present in the compound so the
molecular formula is CgHq,0,.

EXAMPLE 36

The molecular formula of a compound is Na,5,0, Determine the
empirical formula of the compound.

Answer

The simplest whole number ratio of the atoms is found by dividing the
number of each type of atom by 2.

aejnwiof sejndajow pue jesiiidwa buiuiwiiaiag

The empirical formula is Na$,0s,.

Determining formulae of simple compounds

Simple compounds are formed from two elements, for example, sodium
chloride and magnesium oxide. However you must also be able to use
percentage information by mass to determine the empirical formula of a
simple compound.

You can calculate the amount, in moles, of the atoms of each element by
dividing the percentage or mass of the element by its A, (always use the A, for
these type of calculations with elements).

® The amounts in moles are converted to a simple ratio — this is best
achieved by making the lowest mole value = 1 and then dividing though
the other mole values by the lowest mole value.

® In some examples, you may be given the mass of the elements which
combine and in other examples you may be given the mass of the
compound formed (a simple subtraction will calculate the mass of the
second element).

® You also need to be able to plan practically how to carry out these
experiments to determine the formula of a simple compound. Most of the
experiments involve heating to constant mass but full practical details and

apparatus required may be expected.

(O

TIP

Take care with diatomic elements like chlorine and oxygen. Use 35.5 as
the A, of chlorine atoms and 16.0 as the A, of oxygen atoms. Mistakes are
made most often using 71.0 and 32.0 to calculate the amount, in moles,
of the elements. It is the amount, in moles, of the atoms that you are
trying to find not the amount of the diatomic molecules.
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TIP

The masses are measured to 2
decimal places which may allow
for some error, This is why the
ratio is not exactly 1:1 so do allow
some room for error but not too
much. For example 1.329 1s most
likely 1.333 so the moles should
be multiplied by 3 to achieve a
whole number ratio.

crucible lid

_—

crucible
containing
solid

tripod

heatproof
rmat

Figure 2.21

EXAMPLE 37
1.06 g of magnesium combines with oxygen to give 1.76 g of magnesium

oxide, calculate the formula of the oxide of magnesium.

Answer

1 Find the mass of the empty crucible: 16.18q (1)

2 Find the mass of the crucible and some magnesium: 17.24q (2)

3 Mass of magnesium = (2] - (1) = 17.24 - 16.18 = 1.06g (3)

4 Find the mass of the crucible after heating to a constant mass: 17.94g (4)
5 Mass of oxygen combined = (4) - (2) = 17.94 - 17.24 = 0.70g

We can now calculate the formula of the oxide of magnesium.

Element Magnesium Oxygen

Mass [g] 1.06 0.70

As 24.3 16.0

Moles 1282004362 %78~ 0.04375
Ratio [+ 0.04342) 1 1.003 [=1)
Empirical Formula |MgO

(@

EXAMPLE 38

A sample of solid phosphorus was burned in excess oxygen. 0.7759 of
phosphorus reacted with 1.00g of oxygen.

1 Calculate the empirical formula of the oxide of phosphorus formed.

2 Given that the M, of the oxide of phosphorus is 284, calculate the
molecular formula of the oxide.

Answers

1 In this example the masses of the two elements are given directly.

Element Phosphorus Oxygen
Mass (g] 0.775 1.00
A 31.0 16.0

‘ TS 1.00 _ :
Moles ET 0.0250 £ I 0.0625
Ratio [+ 0.025] 1 25

The ratioworks out at 1:2.5 but both are multiplied by
2 to give whole numbers

2 5

Empirical Formula |P;0g

2 The M, of P;0g is 142 and the M, of the oxide is 284.
S50 2 x P,0g must be present in the compound so the molecular formula
IS rD,ﬁOm
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EXAMPLE 39

A compound containing chlorine and oxygen contains 61.2% by mass of
oxygen. Calculate the empirical formula of the compound.

Answer

In a percentage by mass question, we assume 100g of the compound are
present so in this example oxygen makes up 61.2q of the 100g and the
rest of the mass (100 - 61.2 = 38.8g is due to chlorine.

Element Chlorine Oxygen
Mass [g] 38.8 61.2
Ac 355 16.0

38.8 _ 61.2
Moles 55" 1.093 10 3.825
Ratio [+ 1.093] 1 3.4995 = 3.5)

:
3
S
<
3
5
3
Q
3
S
8
e
g
3
:

The ratio works outat 1:3.5 but both are multiplied by 2
to give whole numbers

2 {

Empirical Formula | Cl;04

Determining degree of hydration by heating to
constant mass

The method of determining simple formula can also be applied to hydrated
compounds.

@ If hydrated compounds are heated they lose water of crystallisation so their
mass decreases and the anhydrous compound is formed.

® By using the mass of the anhydrous compound and the mass of water lost
the degree of hydration can be determined.

® The assembled apparatus used to heat hydrated compounds is shown in
Figure 2.22.

Figure 2,22



EXAMPLE 40

Answer
Mass of anhydrous salt [CuS0,) = 2.00g

Mass of water lost [H,0] =3.12-2.00=1.12g

Given that 3.12q of hydrated copperlll) sulfate, CuSO,.nH,0, produces
2.00g of the anhydrous copperl(ll] sulfate CuSO, on heating to constant
mass, find the value of n in the formula of the hydrated salt.

Compound Copper|(ll] sulfate Water
Formula CuS0y, H,0

Mass (g] 2.00g 112 g

M, 159.6 18.0

Moles 280 = 0.01253 1922 0,06222
Ratio [+ 0.01253] 1 4.96 [=5)
Empirical Formula Cu504.5H,0

You can see from the empirical formula that the value of n = 5.
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TEST YOURSELF 10

1 An oxide of sulfur contains 40% sulfur by mass. Calculate the
empirical formula of the oxide.

2 6.57¢ of hydrated nickel(ll]) sulfate, NiSO,.xH,0, were heated to
constant mass. 3.87 g of solid remained at the end. Calculate the
value of x in NiS0;.xH;0.

3 Calculate the empirical formula of an oxide of lead which contains
90.67% of lead by mass.

4 A compound of nitrogen and hydrogen contains 87.5% nitrogen by
mass. The M, of the compound is 32.0.

a) Calculate the empirical formula of the compound.
b) Calculate the molecular formula of the compound.
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Atom economies

Atom economy is a measure of how efficiently the atoms in the reactants are
used in a chemical reaction.

[t can be calculated as a percentage using the following expression:

molecular mass of desired product
sum of molecular masses of all reactants

% atom economy = X 100
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EXAMPLE 41

Calculate the percentage atom economy in the addition of bromine to
cyclohexene.

Answer
CeHip  + Bro  —  CgHyBry
cyclohexene bromine 1,2-dibromocyclohexane

This is an addition reaction and by their very nature, they are atom
economical because there is only one product,

M, of reactants

M. of desired product

:
3
3.
s
3
§_:
3
Q
3
S
:
)
g
3
8

CsHig 82.0 CgH1gBra 241.8
Br, 159.8 - .
Total 241.8 Total 241.8
% atom economy = M 8 = 100 = 100%

e Y=2418

(@

EXAMPLE 42
In the blast furnace, carbon monoxide is used to reduce iron oxide to iron.

Answer
Fes04q + 3C0 — 2Fe  + 3C0O,
iron oxide carbon monoxide iron carbon dioxide

Calculate the percentage atom economy of this reaction if iron is the
desired product. Give your answer to 3 significant figures.

M. of reactants M, of desired product

FQEDQ 159.6 2Fe 111.6
3CO0 84.0 = -
Total 243.6 Total 111.6

111.6

nn = A5 RO
2&3.63:100 43.8%

% atom economy =

_ Understanding atom economy and percentage yield
TIP Chemists often use percentage yield to determine the efficiency of a chemical

Chemists now look at having a synthesis process. A high percentage yield would indicate that the reaction
high percentage yield but also process is efficient in converting reactants into products. This is important for
a high atom economy to reduce profit but percentage yield does not take into account any waste products.

waste. This is the main thrust of ] ' : o o :
Green Chemistry. Chemistry, like all other industries, is concerned about its effect on the

—  CTIVironment, particularly when it comes to waste. A reaction may have a high
percentage yield but have a low atom economy. This will mean that other
products in the reaction would be waste and with a high percentage yield
there are just more of them.
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TIP

The mass of salicylic acid can be
determined in a tablet by a simple
titration with an alkali such as
sodium hydroxide solution and
using phenolphthalein indicator.
Aspirin i1s a weak monoprotic
acid.

TEIIISSS=====. Figure 2.23 Aspirin tablets contain the
drug salicylic acid. The manufacture of
salicylic acid has a 76% atom economy.

]

ACTIVITY
i Finding the formula of titanium oxide titanium

To determine the empirical

: formula of an oxide of titanium,

. some titanium metal was heated
¢ ina stream of oxygen as shown in
¢ Figure 2.24.

?
-]-bunsen burner :

oxygen s
carried out, before the cylinder from 9| |

1 Describe a test which could be

was used, to prove that the gas ~ /linder - e—
i initwas oxygen. ‘
2 What weighings would be made, Figure 2.24 Formation of titanium =

before heating to determine the
:  mass of titanium used?
i 3 In this reaction the titanium could be a solid lump or powdered. State
. and explain if there is any advantage in using titanium powder.
. 4 The ceramic container and its contents are repeatedly weighed,
. heated, reweighed and heated. Suggest and explain the trend in
i expected results.
. 5 What safety precautions should be taken in this experiment?
: 6 How would the reliability of the results be improved?
7 Water vapour reacts with hot titanium to produce titanium oxide and :
. hydrogen. Suggest how you could modify the apparatus to remove any :
:  traces of watervapour from the oxygen supply. :
: 8 In this experiment 4.8¢ of titanium was oxidised to form 8.0g of !
i titanium oxide. Deduce the empirical formula of the titanium oxide and =
suggest its systematic name. ;

oxide by heating titanium in oxygen. :
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9 al Titanium oxide is found in the naturally occurring ore rutile.
Titanium metal can be extracted from this ore by two different
methods. One uses a more reactive metal to displace the titanium:

Ti0, + 2Mg — Ti + 2Mg0

The second method is electrolysis of the ore. The overall reaction for
this method is:

Ti0; — Ti+ 0

Calculate the atom economy for each reaction.



b} Discuss which method is
greener’? What else might
you want to know before
making a final decision?

c] Oxygen is a useful product
and can be sold. What is
the atom economy of the
electrolysis if the oxygen is
collected and sold?

d) State and explain which
method might be more
expensive to runin industry.
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Figure 2.25 The mineral rutile
[titanium oxide], a major ore of the

] e) Titanium is used for metal titanium. This specimen is from
: replacement hip joints. What  Graves Mountain, Lincoln County,
properties must titanium Georgia, USA.

have to be used in this way?
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TEST YOURSELF 11

1 Ammonia can be produced by the reaction of water with magnesium
nitride.

MQENE[S] + 6H20[[] — 3MQ[DH]2[5] + 2NH3[g]

Calculate the percentage atom economy in this reaction if ammonia is
the useful product. Give your answer to 3 significant figures.

2 Calculate the percentage atom economy of the following reaction in
which hydrogen fluoride is the useful product. Give your answer to 3
significant figures.

CaFjls) + HpS0,(l) — CaS0yls) + 2HF(g)

Ll
&
&
&
1]

3 Which of the following reactions gives the highest atom economy for
the preparation of magnesium sulfate?

a) Mg + HpSO4 — MgSOy + Hp
b] MgO + H;S0; — MgS0, + Hp0
C, MQC03 + HESDﬁ —_ MgSDd + {302 + HQO
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Combined calculations

Some calculations may involve aspects of many different types of calculations
where mass, gas volumes, solution volumes and concentrations, pV = nRT
are combined.

Percentage yield and reacting mass

9.33¢g of zinc carbonate reacts with excess h}rdmchlotic acid.,

ZnCO;(s) + 2HCl(aq) — ZnCly(aq) + CO,(g) + H,O0)
1 Calculate the amount, in moles, of ZnCO; in 9.33 g of zinc carbonate.
M, of ZnCO; = 65.4 + 12.0 + 3(16.0) = 125.4

m 933
M,  125.4

moles of ZnCO; = =0.07440 mol



2 Calculate the mass of ZnCl, produced in this reaction assuming an 85%
yield.

ratio of ZnCO4:ZnCl, = 1:1 so moles of ZnCl;, = 0.07440 mol

M, of ZnCl, = 65.4 + 2(35.5) = 136.4
Theoretical yield of ZnCl, = 0.07440 X 136.4 = 10.148¢ (to 3 decimal

places)
; actual yield .
= X
percentage yield ecrerical yidd 100
1 - 1  percentage yield X theoretical yield
actual yield T
_ 85 Xx10.148

100 = 8.626g (to 3 decimal places)

Solution volume and pV = nRT
Solid lead reacts with warm nitric acid according to equation:

3Pb(s) + 8HNOz(aq) — 2Pb(NO3)x(aq) + 2NO(g) + 4H,O(1)

20.0 cm? of 2.40 moldm~2 nitric acid reacted completely with solid lead.
Some lead was left over

I Calculate the amount, in moles, of HNO; used.

vXc 200 X 2.40
1000 100

moles of HNO; = = 0.0480 mol

2 Calculate the amount, in moles of NO formed.
ratio of HNO43:NO = 8:2 = 4:1

0.0480
4

moles of NO formed = = 0.0120 mol

3 Calculate the volume of NO incm?® formed at 500 K and 120 kPa (The gas
constant, R = 8.31 ] K- mol~1). Give your answer to 3 significant figures.

pV = nRT

p = 120kPa = 120000 Pa
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n = 0.0120 mol

R = 8.31JK ! mol™!

T = 500K
120000 X V = 0.0120 X 8.31 X 500

120000 X V = 49.86

49.86
= p=— 3
% 130000 0.0004155m

Vinem? = Vinm? X 109 = 0.0004155 X 10° = 416cm’




Practice questions
8 1 Which of the following is the empirical

formula of an oxide of manganese that

contains 36.8% oxygen by mass.
A MnO B MnO,
C Mn,O3 D Mn;Oy (1)

1 2 The following table of results was obtained
from titration experiments.

:{f;?;:n Initial volume /cm3 | Final volume /cm?
1 0.40 21.40
: 21.40 43.10
3 0.00 21.30
4 21.30 42.70

Which titrations should be used to calculate
the average titre?

A all the dtrations B 1 and 2
C 2and 4 D 3and 4 (1)

B 3 Which of the following is the mass of H,SO,
formed from 2.5 kg of sulfur, assuming a 64%
yield and all other reactants are in excess?

25(s) + 30,(g) + 2H,0() — 2H,504(aq)
A 3.82kg B 4.89kg
C 7.64kg D 9.78kg (1)

4 Which of the following pieces of apparatus
would have the highest percentage error in the
measurements shown?

A A volume of 25 cm?® measured using a
measuring cylinder which has an error
of £ 0.5cm?

B A temperature of 45.5°C measured using a
thermometer which has an error of 0.5°C

C A mass of 1.20 g measured using a balance
with an error of = 0.001 g

D A volume of 25 cm?® measured using a

pipette which has a percentage error
of £ 0.3em? (1

B 5124 g of phosphorus were burned completely
in oxygen to give 2.84 g of phosphorus oxide.

a) Calculate the empirical formula of the
oxide. (3)

b) Calculate the molecular formula of the
oxide given that 1 mole of the oxide

weighs 284.0 g. (1)

" 6 Write a balanced equation for the thermal
decomposition of strontium nitrate into
strontium oxide, nitrogen(IV) oxide and
oxygen. (1)

" 7 Calculate the number of molecules of water
presentin 0.1g.
(The Avogadro constant, L = 6.02 X 1023). (2)

" 8 Calcium sulfate reacts with carbon to form
calcium sulfide according to the equation:

CaSO4(s) + 4C(s) — CaS(s) + 4CO(g)

a) Calculate the mass of carbon required to
react with 250 kg of calcium sulfate. (3)

b) Calculate the percentage atom economy
of this reaction if calcium sulfide is the
desirable product. (2)

= 9 Ammonia reacts with chlorine according to the
equation:

8NHs(aq) + 3Cly(g) — 6NH4CI(s) + Na(g)

25.0cm? of 7.80 moldm =2 ammonia solution
react completely with chlorine. Give all answers
to 3 significant figures.

a) Calculate the amount, in moles, of NH;
in 25.0cm? of 7.80 moldm~—2 solution. (1)

b) Calculate the amount, in moles, of N,
gas formed. (D

¢) Calculate the volume of N, gas, in cm?,
at 298K and 100 kPa pressure. (The gas
constant, R = 8.31JK-Imol—1). (3)

=0 10 A sample of 1.50 g of phosphorus was heated
in chlorine in the form of phosphorus(V)
chloride, PCls. The phosphorus reacts
according to the equation

P4(s) + 10Cl,(g) — 4PCly(s)

8.34 g of PCl; were obtained. Calculate the
percentage yield. Give your answer to 3
significant figures. (4)
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B 11 A solution of ethanoic acid (CH;COOH) is
diluted by placing 10.0 em? of the solution

into a 250 cm? volumetric flask and making the
volume up using deionised water. 25.0 cm? of

this diluted solution were placed in a conical

flask and titrated against 0.200 moldm—2

potassium hydroxide (KOH) solution. 15.7 cm?

of the potassium hydroxide solution were
required for neutralisation.

CH3;COOH(aq) + KOH(aq) —

CH3COOK(aq) + H,O®)

a) Calculate the amount, in moles, of KOH

a) Calculate the mass of anhydrous sodium
carbonate present at the end of the
experiment. (D

b) Calculate the amount, in moles, of
anhydrous sodium carbonate present at the
end of the experiment. (1)

c) Calculate the mass of water lost by

heating, (1)

d) Calculate the amount, in moles, of water

lost by heating. (1)

e) Determine the value of x in

used in this titration. (1) Na;CO5.xH,O. (1)
b) Calculate the amount, in moles, of 14 Lead reacts with nitric acid to form lead(II)
CH5COOH that reacted with KOH. (1) nitrate according to the equation.

¢) Calculate the concentration, in moldm—2,

of the diluted CH;COOH solution.

d) Calculate the concentration, in moldm—3,

of the undiluted CH3COOH soluton.

Give your answer to 3 significant figures.

(1)

(1)

B 121.00 g of impure calcium carbonate was reacted

3Pb(s) + BHNO;(aq) — 3Pb(NO5),(aq) +
2NO(s) + 4H,0()

a) Calculate the percentage atom economy

if lead (1) nitrate is the desirable product. (2)

b) The amount of lead(Il) nitrate produced was
0.522 mol.

with 50.0 cm? of 1.00 moldm~2 hydrochloric
acid. Once the reaction is finished the solution
is placed in a 250 cm? volumetric flask and the
volume made up to 250 cm? using deionised

i) Calculate the mass of lead required to
produce 0.522 moles of lead(Il) nitrate
if the nitric acid was in excess. (2)

ii) Calculate the volume, in dm?, of

completely with 0.100 moldm~2 hydrochloric
¥ 13 A sample of hydrated sodium carbonate, acid according to the equation:
Na,CO4.xH,0, was heated to constant mass
in an evaporating basin. The measurements

below are taken at 5 minute intervals.

Mg(s) + 2HCl(aq) — MgCly(aq) + H,(g)

a) Calculate the volume of 0.200 moldm—3
hydrochloric acid required to react
completely with the magnesium. Give
your answer to 3 significant figures. (3)

W water. A 25.0 cm? sample of this solution is

2 pipetted into a conical flask and titrated against 0.522mol of NO at 62°C and

= 0.100 moldm =2 sodium hydroxide solution. 125 kPa pressure. (The gas constant,

& The average titre was determined to be R=8.31JK-1mol-1) Give your |
73 34.0cm’. Calculate the percentage purity answer to 3 significant figures. 3)
= of the calcium carbonate to 3 significant B 15 0.0500 % of nssicsiun sbbom rescts

- figures. (7) e Sl |
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Mass of evaporating basin = 122.400¢g

Mass of evaporating basin and hydrated

sample = 122.900g b) Calculate the volume of hydrogen gas, in

cm”, produced in this reaction at 20.0°C
and 1.10 X 10°Pa. (The gas constant,

R = 8.31]JK~lmol~1). Give your answer to
3 significant figures. (4)

Mass of evaporating basin and sample after
5 minutes heating = 122.714g

Mass of evaporating basin and sample after
10 minutes heating = 122.612¢

Mass of evaporating basin and sample after
15 minutes heating = 122.612¢
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@ When atoms react together to form compounds the atoms usually
achieve a full outer shell which is more stable.

® lonic compounds are compounds which contain a metal. They are said
to have ionic bonding.

® When ionic compounds form from the atoms of its elements, a
transfer of electrons occurs.

@ For simple ionic compounds, atoms of metallic elements in Groups 1
and 2 reactwith atoms of non-metallic elements in Group é and 7.

® The charge on the ions formed depends on the numbers of electrons
lost [atom becomes a positive ion) or electrons gained (atom becomes
a negative ion).

» Atoms of Group 1 elements lose their outer shell electron to form a
single positive charged ion.

e Atoms of Group 2 elements lose their two outer shell electrons to
form a 2+ ion.

* Atoms of Group 6 elements gain two electrons to form a 2- ion.

* Atoms of Group 7 elements gain one electron to form a single
negatively-charged ion.

@ The name of simple positively-charged ions is the same as the atom
from which they are formed, for example Na is a sodium atom and
Na*is a sodium ion.

@ The names of simple negatively-charged ions end in -ide, for example
0 is an oxygen atom and 02" is an oxide ion.

@ Simple ionic compounds are named with the metal ion name followed
by the non-metal ion name, for example sodium oxide.

@ Atoms of non-metallic elements form covalent compounds with other
non-metals by sharing electrons to complete their outer shell.

® A single covalent bond is a shared pair of electrons.

® The number of unpaired electrons in an atom indicates the minimum
number of covalent bonds the atom can form in a covalent compound:
For example, atoms of elements in Group 4 have four unpaired
electrons so can form four covalent bonds.

@ Dot and cross diagrams use dots (e] and crosses x| to represent
electrons and to show transfer of electrons or sharing of electrons.
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TEST YOURSELF ON PRIOR KNOWLEDGE 1

1 State the name of the following ions:
a) N> b) cazs c] s2- d} B e] Rb* f) H-

2 What is meant by a covalent bond?

3 Name the compounds formed between the following elements:
a) sodium and oxygen b) calcium and fluorine
c) magnesium and iodine d) potassium and chlorine

4 State how many covalent bonds the following atoms can form:
a) fluorine b) carbon ¢) oxygen
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Nature of ionic, covalent and metallic
bonds

In addition to showcasing the best athletes in winter sport, the Winter
Olympics in Sochi in 2014 also showcased some new materials, which
enhanced the Olympic arenas and the equipment used by the athletes. The
40000 capacity Fisht Stadium was designed using materials that allowed vivid
light shows during ceremonies — for example the roof was made of a new
translucent cushioned membrane called texlon. Team GB's bobsleigh team,
used a range of new abrasives, sandpaper-like materials, made from aluminium
oxide and resins to allow the team a quicker and more effective way to polish
bobsled runners.

To design new materials chemists need information about the structure — how
the atoms or ions in the substance are arranged; and the bonding — how they

Figure 3.1 Fisht Stadium in Sochi,
Russia where the 2014 Winter Olympics
were held. The roof is made of a new are held together.
material called texlon, of which each
layer has been engineered to transmit,

Many materials are pure substances. All pure substances may be classified as

reflect or scatter the image, enabling elements or compounds. The diagram below shows the main subdivisions of
the roof to double as avisual display as  all pure substances. The type of bonding and structure shown by each type ot
shown above. substance with some common examples are also given.
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Figure 3.2 New materials such as
polyurethane suits and abrasives for
the bobsleigh runners were designed
by chemists, for use in the Winter
Olympics 2014. The structure of these
materials give them properties suitable
for their purpose,

The main type of structures (metals, ionic compounds, molecular covalent
and macromolecular elements and compounds) will be examined. Semi-
metals can also be called metalloids and they have properties of both metals
and non-metals. Silicon has a macromolecular strucrure.
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lonic compounds are formed because of a transfer of electrons usually from A
metal atoms (which lose electrons from their outer energy levels) to non-metal g’
atoms (which gain electrons to their outer energy levels). 3.
Em

w0

@ Metal atoms lose electrons and non-metal atoms gain electrons. This gives
them a noble gas electron configuration.

® The atoms of d block elements do not always achieve a noble gas electron
configuration.

® When atoms lose and gain electrons, they are no longer electrically neutral
and so have acquired an overall charge. They are now called ions.

® Metal atoms lose their outer electrons and so become positively charged.

® Non-metal atoms gain electrons to fill their outer energy level and so
become negatively charged.

@ Positive ions are called cations. Negative ions are called anions.

® The formaton of the ions can be shown using electron configurations.

® The attraction between the positive and negative ions is the ionic bond.

o Formation of ions

TIP
The ionic bond is not the transfer Ionic compounds form when atoms react together and transfer electrons. It is
of electrons. The transfer of important to understand this as it explains the charge on the ions formed.

electrons forms the ions. This is a , ‘ . | ey .
common mistake. Throughout this section you should understand that the ionic bond is the

——  clectrostatic attraction between oppositely charged ions.

Sodium reacts vigorously with chlorine. Explain how sodium atoms and
chlorine atoms react to form ions.

Answer

sodium atom sodium ion

Na — Na*

1% 297 Iph 35’ Ts* 255 Iph
chlorine atom chloride ion

Cl sk Cl-

1s? 252 2pf 35?2 3p° 152 252 2pf 352 3pf

Figure 3.3

@ The sodium atom loses its 3s! electron to achieve a noble gas electron
configuration. The sodium ion 1s Na*.

® Chlorine atoms have a 3p?® electron configuration and each atom Figure 3.4 Sodium reacts vigorously
requires one electron to achieve a noble gas electron configuration. with chlorine as shown in this
The chloride ion s CI7 photograph. Why?

¢ Both ions have a full outer energy level of electrons.




T EXAMPLE 2
Explain how atoms of magnesium react with atoms of oxygen.

Answer

magnesium atom magnesium lon
Mg — Mg

152 252 2p¢ 182 25% 2p®
oxygen a oxlIde lon

O — 0*

151 252 2t 152 252 2p"
Figure 3.5

@ The magnesium atom loses its 3s? electrons to form a noble gas
electron configuration. The magnesium ion is Mg2*,

® Oxygen atoms have a 3pé electron configuration and each atom
requires two electrons to achieve a noble gas electron configuration.
The oxide ion is 0%,

@ Both ions have a full outer energy level of electrons.

| pe—

Explain how atoms of calcium react with atoms of calcium atom calcium ion
fluorine, Ca s Ca2+
15? 2¢% 2p° 352 3p* 4 18? 2¢% 2p® 3% 3p°
Answer 2 fluorine ato 2 fluoride ions
® In this example two fluorine atoms are required F - F
P d 152 25 2p° 152 252 2p°

for each calcium atom as each calcium atom has F
2 electrons to lose from 4s? to obtain a noble gas  1s? 2¢% 2p8 12 252 2pf
configuration.

Figure 3.6

@ Each fluorine atom requires one electron to
achieve a noble gas configuration.

@ The calcium ion is Ca?* and the fluoride ion is F.

@ Again the ions formed have a full outer energy
level of electrons.

Figure 3.7 Fluorite is mineral composed of calcium
fluoride and is the source of most of the world's
fluorine. It is colourful both in visible and ultraviolet
light and is often used ornamentally.
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Key
. positive ion
. negative ion

4 An ionic lattice structure

Figure 3.8 As can be seen from the
diagram, each Na*ion is surrounded

by six Cl-ions and each Cl- ion is
surrounded by six Na* ions. The regular
structure continues like this to form the
crystal.

Figure 3.9 Part of an ionic lattice.

Unknown elements forming ionic compounds

A compound may be formed from unknown elements named X and Y and
you may be told the electron configuration or the number of electrons in their
outer shell.

EXAMPLE 4

Element X has 2 electrons in its outermost shell and element Y has
7 electrons in its outermost shell.

Several questions can result from this:
« What is the formula of an ion of X?

As X has 2 electrons in its outer shell, it will lose these 2 electrons
when it forms an ion so the charge on the ion is X%+,

« What is the formula of an ion of Y?

AsY has 7 electrons in its outer shell, it will gain 1 electron when it
forms an ion so the charge on the ionis Y-,

» What is the formula of the compound formed between X and Y?

Use the charges of the ions worked out from above: X is 2+ and Y is -
50 2Y- are needed for each X2+, The formula of the compound is XY,.

lonic crystals

® The ionic bond is the electrostatic attraction between the oppositely
charged ions.

@ The ionic solid formed has the ions held in a three-dimensional framework
called an ionic lattice. A lattice is a regular repeated three-dimensional
arrangement of atoms, ions, or molecules in a metal or other crystalline
solid.

® The lattice for NaCl has each Na* ions surrounded by 6 Cl~ ions and each
Cl~ ions surrounded by 6 Nat ions. This type of lattice is said to have a
6:6 configuration. Its lattice is described as a cubic arrangement as it is
based on a cube.

@ The ionic solid formed has many strong electrostatic attractions between
the oppositely charged ions.

® The regular pattemn of the ions within the structure causes the crystalline
nature of ionic compounds. When sodium chloride is heated, it makes a
cracking sound which is caused by the ionic crystalline structure breaking
up. This is called decrepitation.

You may be asked to draw a sodium chloride lattice with a specified number
of ions. Start with a Na*t ion and surround it with 6 Cl~ ions as shown in
Figure 3.9. The lines can be used to give a three-dimensional shape and show
the attraction between the ions. The diagram may be extended for more ions.
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The strength of the ionic bond accounts for many of the properties of ionic
substances.

| lonic compounds have a high melting point or boiling point, or are
solid at room temperature

The energy required to melt an ionic solid is large due to the large number of
strong electrostatic attractions between the positive and negative ions, which
is know as ionic bonding.

The smaller the ions and the higher the charge on the ions, the stronger the
ionic bond. Magnesium oxide has a melting point of 2852 °C whereas sodium
chloride has a melting point of 797 °C. The attraction between the Mg?+ and
O?~ ions is stronger than the attraction between the Nat and Cl-. Some
atomic and ionic radii measured in picometres (pm) are given below.

Group 1 Group2 Group3  Group 6 Group 7
ki® i Li |Be?* Be(B* B0 w OYIF w F
' 59 00 (41 82 ?BV 1267

5 W 5*|C

120 TDM 7019

Ca Se . Ser|B

196|114 174176 126(116 u 184 114u

a Rb [Sr3* g, Sr|ln

86
K|Ca

152
Rb*

v—.H

9.

As can be seen the ionic radius of Mg?* is 86 pm whereas the ionic radius of
Nat is 116 pm. The O2~ ion has an ionic radius of 126 pm whereas the Cl-
ion is 167 pm. The smaller and higher charged ions in magnesium oxide result
in a stronger ionic bond and a higher melting point and boiling point.

o—

TIP

1pm=10""2m. There are 1000000000000 nm in 1m. Sometimes
nanometres [(nm) are used. 1nm = 10-2m. There are 1000 pm in 1nm. It
is important to be able to recognise units of this scale when dealing with
the size of particles.

166 211 192

Figure 3.10
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Positive ions are generally smaller than the atoms from which they are formed.
Negative ions are larger than the parent atom. This results from the metal
atoms losing electrons from the outer energy level so the ion has an electron
configuration with one less energy level occupied. The effective nuclear charge
(ratio of protons to electrons) increases so the electrons are pulled closer to
the nucleus.

For negative ions, the ion is larger than the atom as the repulsion between the
electrons moves them further apart from each other. Also the effective nuclear
charge decreases as there are more electrons with the same number of protons.
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EXAMPLE 5

The melting point of sodium chloride is 797 °C, sodium bromide is 747 °C
and sodium iodide is 647 °C. Explain the difference in their melting points.

/

JIUo

S
3
3

Answer

These compounds all have a single positively-charged ion and a single
negatively-charged ion.

The positive ion is the same in all these compounds [Na*] but the size of
the negative ion is increasing from CL™ to Br-to I

The larger negative ion causes a weaker attraction between the ions as
they are not as close together.

The ionic bond strength decreases from NaCl to NaBr to Nal as there is
an increasingly weaker attraction between the Na* positive ion and the
negative ion.

2 lonic compounds are usually soluble in water

Water likes charged substances and likes to surround the ions that have
broken out of the lattice. When the moving water molecules hit the ionic
lattice they can knock ions off and then water molecules surround the ions.

For some ionic substances like aluminium oxide the electrostatic attraction
between the positive and negative ions (the ionic bond) is so strong that water
cannot break up the lattice so the compound is insoluble in water.

Figure 3.11 Sodium chloride dissolving in water. The sodium ions and the chloride
ions become surrounded by water molecules.

TIP
Remember that ionic substances do not like to dissolve in non-polar

solvents like hexane. [Polarity and non-polarity will be discussed later.]
R R N ——w—S,,
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lons fixed in lattice and cannot move

Figure 3.12

-+

3 lonic compounds conduct electricity when molten or when in aqueous
solution

In the solid state, ionic compounds cannot conduct electricity. However,

in the liquid and aqueous state, the ions are free to move and carry charge.
Electrical conduction is caused by the movement of charged particles and for
molten ionic compounds and ionic compounds dissolved in water, it is the
ions which are free to move and carry a charge.

Figures 3.12 and 3.13 show how, when molten, or dissolved, the ions in an
ionic compound can move and carry charge, yet when solid they cannot.

Other ionic compounds

Some ionic compounds contain molecular ions. Molecular ions include the
following ions:

lons can now rmove and conduct electricity
+ ions move to — ions move to
negative terminal positive terrninal Sulfate SDE‘ carbonate CO%"
Figure 3.13
Nitrate NOj; hydrogen carbonate HCO3
_ Hydroxide OH- ammenium NH;
TIP

The list of ions will be added to as
you progress through the course
but you should learn these ions
carefully. Remember you need to
be able to work from a formula
to a name or from a name to a
formula. For example, be able to
identify [NH4J,50;4 as ammonium
sulfate, but also be able to write
the formula of sodium carbonate
as Na,CO0,.

Compounds containing molecular ions are ionic and exhibit the properties of
ionic compounds. The molecular ions may contain covalent bonds within the
ions but their compounds are ionic.

TEST YOURSELF 2
1 Potassium chloride is formed when potassium reacts with chlorine.
a) Explain, using electron configurations, how atoms of potassium

and atoms of chlorine form potassium ions and chloride ions.
b] Explain why potassium chloride is soluble in water.
c) State two properties of potassium chloride, apart from solubility,
which are typical of ionic compounds.
: 2 Sodium hydroxide is an ionic compound.
a) State the charge on a sodium ion.
i b) Write the electron configuration of a sodium ion.
3 Complete the table below giving either the name or formula of the
ionic compound or the formulae of the ions present in the compound
including charges.
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Formula of
negative ion

Formula of
positive ion

Name of compound Formula
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silver(l) fluoride
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TIP

Dot and cross diagrams with up
to 12 electrons surrounding a
central atom in a molecule or ion
can help to explain shape. For
atoms of elements in Period 2,
the maximum is eight electrons
but in Period 3 and beyond the
maximum can be 2 x the group
number.

4 Sodium chloride has ionic bonding.
a) Explain what you understand by an ionic bond.
b) Explain why sodium chloride has a high melting point.

5 Explain why magnesium oxide (2852 °C| has a higher melting point
than calcium oxide [2572°C]).
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Nature of covalent and dative covalent
bonds

A covalent bond consists of one or more shared pairs of electrons between
tWo atoms.

Covalent bonds are found in:
a) molecular elements and compounds
for example: Cl, P4, Sg, CO;, H,O, CH4, CCly, C;Hs
b)macromolecular (giant) covalent elements and compounds
for example: C (graphite and diamond), 510,
¢) molecular ions
for example: NHY | NO3 , SO2™, CO3™, HCO; , H;O+

A single covalent bond is a shared pair of electrons. Normally each atom
provides one electron, which will have existed as an unpaired electron in an
orbital. The number of unpaired electrons is mostly equal to the number of
covalent bonds which the atom can form but beware of the promotion of
electrons as shown in the examples which follow.

A single covalent bond is represented as a line between two atoms, for
example, H—CL.

A double covalent bond is two pairs of shared electrons. A double covalent

bond is represented as a double line between two atoms, for example,
O=C=0,

A triple covalent bond is three pairs of shared electrons. A triple covalent
bond is represented as a triple line between two atoms, for example N=N.

Covalent bonds exist between non-metal atoms (some exceptions do occur
where metal atoms can form covalent bonds, i.e. beryllium in beryllium
chlonide, aluminium in aluminium chloride).

The human body contains carbohydrate, protein, fat and about 70% water. All
of these molecules contain covalent bonds.

Dot and cross diagrams

Dot and cross diagrams are used to show the arrangement of electrons in

covalently bonded molecules.

A shared pair of electrons may be represented as Xe to show that the two
electrons in the bond are from different atoms.

Dot and cross diagrams for covalent molecules, and ions containing covalent
bonds, help to determine the shape of the molecule or ion.
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How atoms form covalent bonds
A dot and cross diagram shows the covalent bonding in a molecule or ion.

® Aroms use unpaired electrons in orbitals to form covalent bonds.

@® The unpaired electron in an orbital of one atom can be shared with an
unpaired electron in an orbital of another atom.

® Aroms can promote electrons into unoccupied orbitals in the same energy
level to form more covalent bonds.

® Atoms may not promote electrons, so often a variety of compounds can be
formed, for example phosphorus can form PCl; and PCls.

Boron trifluoride

Boron trifluoride (BF3) is shown as an example of how atoms form covalent

bonds and how a dot and cross diagram and bonding diagram should be drawn.

Flements in Group 3 have a szpl arrangement of electrons

J - P & in their outer shell. One of the s electrons in the outer shell
e |28 P = can be promoted to the p sub-shell to give the element three
unpaired electrons,
TL |1s TL |1s : :
Boron in the ground state is shown on the left but when

Figure 3.14 forming covalent bonds, boron promotes one of the paired

2s electrons to the 2p to give three unpaired electrons.

TIP
This process is called hybridisation and while it is not on the course for A

level, it does explain why boron can form three covalent bonds but from
its electron configuration it only has one unpaired electron.

The dots (@) are used to The three unpaired electrons in boron are usually represented as shown on the
represent the unpaired left.
./ electrons in a boron atorr
e B Other atoms with unpaired electrons can form covalent bonds with boron by
.\ Tha ymboiiar e sharing the unpaired electrons. Fluorine atoms have an electron configuration
elernent is written to show 3nia 3 : \ :
the identity of the atorr, of 1s* 2s% 2p°. Fluorine atoms have one unpaired electron which can form a
= covalent bond with boron atoms forming BF;.
5 Figure 3.15
=
o
TIP
o x X The boron atom in BF4 has an empty orbital (one of the 2p orbitals). This
M= R . . . et L g
x F % will be important later when coordinate bonding is discussed.
g X@
XF® B | |
x ' x The Xe presents the covalent bond. Boron forms three single covalent bonds,
XX @ . ‘ _ . Tl
X F X one to each fluorine atom. The bonds can be shown in a bonding diagram
x o xx where a single line is used to represent the covalent bonds.
Figure 3.1 This is not the shape of the BF; molecule but the single lines between the
| atoms show the single covalent bonds.
| ¢ y—
F—B TIP
| x or e can be used for either atom in a molecule as it is simply to show
F the pairing of the atoms. Throughout the diagrams which follow e has
been used for the central atom.
Figure 3.17 —_——————




Beryllium chloride (BeCl,)

Beryllium chloride is covalent. This is unusual chemistry for a Group 2 §
element. Beryllium atoms have an electron configuration of 1s22s%. Beryllium S
atoms promote one electron from the 2s to the 2p sub-shell to give the g
beryllium atoms two unpaired electrons. The dot and cross diagram for =,
beryllium chloride is shown on the left with a diagram S
XX X X showing the covalent bonds in a beryllium chloride ;i-';‘
xClgBeRClX Cl—Be—Cl molecule. =
X X X X )
Dot and cross diagram Bonding diagrarm The beryllium atom in beryllium chloride and the boron a
, atom in boron trifluoride do not have a complete outer shell &
Figure 3.18 o
when they form covalent bonds. L
)
0
Methane (CH,) g
T 17 % T 11 1T |2 Carbon is Iin Group 4. Ca_rb::an atoms have an electron o
_ configuration of 1s22s?2p?. This is shown below on the left. &
TL |25 T |2s ~ ‘ - . T
When forming covalent bonds, carbon atoms can promote S
[03_ one electron from the 2s to the 2p to give four unpaired o
L i b form four covalent bonds
T |1s 11 |15 electrons. Carbon atoms can form four covalent bonds.
Figure 3.19 Hydrogen atoms have an electron configuration of 1s! so
can form one covalent bond by sharing the one electron.
H H
® X
HxcoH  H—C—H
xX®
H H
Dot and cross diagram Bonding diagrarm
Figure 3.20
Figure 3.21
The photograph shows a worker at a landfill site in France. This site collects
the methane gas released from household waste as it decomposes, and burns
it to produce electricity.
Ammonia (NH3)
T N S P Niu'c;gersiz is 11'; Group 5 and atoms of nitrogen have an electron configuration
f 1s% 25* 2p°.
1 |2s i
Nitrogen atoms have three unpaired electrons so can form three covalent
0 |1 bonds. Nitrogen atoms cannot promote one of the 2s electrons as there are
no more sub-shells available in the second energy level. However in ammonia,

Figure 3.22 the nitrogen atom will have a pair of electrons in the 2s sub-shell which are
not involved in bonding. This is called a lone pair of electrons and should
always be shown on a diagram of bonding or shape. They are mostly shown
as X X or ee on the atom.
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I+ Bonding pair Lone pair of

ee o0 @ x«— of electrons @-r"" electrons
HeNXH H (I\? - HSC%H E“!.:N"."H
®x | X @ ®x
H H H H
Methane Amrronia

Figure 3.23 Bonding pairs of electrons and lone pairs of _
electrons, Figure 3.24

A bonding pair of electrons is a pair of electrons shared between two atoms.
A lone pair of electrons is an unshared (non-bonding) pair of electrons.

For example in a molecule like methane there are four bonding pairs of
electrons whereas an ammonia molecule has 3 bonding pairs of electrons and
one lone pair of electrons.

Water (H,0)
ot [T |2 Oxygen is in Group 6 and has an electron configuration of 1s? 2s? 2p*.

Ty |2s Oxygen atoms have two unpaired electrons so can form two covalent bonds.

Again oxygen atoms cannot promote one of the 2s electrons as there are no

more sub-shells available in the second energy level. However in water, the

T [As

oxygen atom will have two pairs of electrons in the 2s and 2p sub-shells
Figure 3.25 which are not involved in bonding. So the oxygen atom in water has two lone
pairs of electrons and again these should be shown as X X or ee on the atom.

& & @ o
HXOS H—0O
X® \
H H
Dot and cross diagrarn Bonding diagram
Figure 3.26

In all of the molecules examined so far, the central atom does not have
more than eight electrons. For elements in Period 3, the outer electrons
are in the third energy level and this allows the 3d sub-shell to be used for
hybridisation. This means that for atoms of elements in Groups 5, 6 and
7 from Periods 3 onwards, the atoms can form a maximum of 5, 6 and 7
covalent bonds respectively.

Phosphorus pentafluoride (PFs)
The electron configuration of atoms of phosphorus is 1s? 2s? 2p® 3s? 3p°.

3d
T IT [T |3p
TL |3s
L |TL [T |2p
TL |25
Tl [1s

Figure 3.27



e - Atoms of phosphorus can promote one of the 3s electrons to the 3d, which

. ;.: ;En:'; - Fi | will allow atoms of phosphorus to form five covalent bonds. %
eFe*® Fo
'-.x._ P ° /P —F  There are five bonding pairs of electrons around the central phosphorus atom =
F sl - F | and no lone pairs. >
o o0 P o
e o,° - -
Dot and cross diagrarn Bonding diagram Sulfur hexafluoride (SFﬁ) , g_
The electron configuration of atoms of sulfur is 1s22s22p®3s23p*, o
Figure 3.28 -
W
ad a
LT |T ([3p a
TL |3s 3
1L 1L |2 o
T |2s g..
3
4
T |15 §'
% % Figure 3.29 %
x x
% X yeX F KX % F
xx F e i x F : F\ | e F Aroms of sulfur can promote two electrons; one from the 3s electrons to the
x§ ° S & ix - S R 3d and one from the 3p to the 3d which will allow atoms of sulfur to form six
g’ ’;xi 'F" fo e F ||: F covalent bonds.
X There are six bonding pairs of electrons around the central sulfur atom and no
Dot and cross diagram Bonding diagram lone pairs.
Figure 3.30 _

TIP

The examples given showing bonding may be applied to similar
molecules with different elements from the same group. For example,
silane [SiH,) has similar bonding to methane [CHy); phosphine [PH4) has
similar bonding to ammonia [NH3); hydrogen sulfide [HoS) has similar
bonding to water [H,0]. The dot and cross diagrams for these molecules
are the same with only the central atom changed.

Multiple covalent bonds

Some molecules and ions contain multiple covalent bonds. Some examples
are given.

Oxygen, O,

X X @ @ In diatomic oxygen, the two oXygen atoms have two unpaired electrons as
* 5 : g~ ® 0—0 discussed for water. These electrons are in the 2p sub-level and oxygen atoms
% o X° @ @ can share electrons in both of the 2p orbitals.

Dot and cross diagram Bonding diagrarn

It is not completely necessary to show the lone pairs of electrons on the
Figure 3.31 oxygen atoms. O, is often shown as O=0. The double lines between the
oxygen atoms represent a double covalent bond.



Nitrogen, N,

X In diatomic nitrogen, the two nitrogen atoms have three unpaired electrons as
XN XN @NEN@ discussed for ammonia. These electrons are in the 2p subl—sheﬂ and nitrogen
| s atoms can share electrons between all three of the 2p orbitals.
’ [t is not completely necessary to show the lone pairs of electrons on the
Dot and cross diagram  Bonding diagram  piro0en atoms. N, is often shown as N=N. The triple lines between the
Figure 3.32 nitrogen atoms represent a triple covalent bond.

Carbon dioxide, CO,
e e o o @ f!> Carbon can fn_rrfl fo-ur covalent F:annds by promoting one electron from the
o 0Xc*0o * @ O —C—0) ® 25 to the 2p giving it four unpaired electrons. Oxygen can form two covalent
Y % % o’ Q._) @ bonds (due to two unpaired electrons).

Brkand ossdisgram  Boncig dagram Again is it not completely necessary to show the lone pairs of electrons on the

Figure 3.33 oxygen atoms. CO; is often shown as O=C=0. CO; contains two double
covalent bonds.

Coordinate bond (dative covalent bond)

An atom which has a lone pair of electrons can form a coordinate bond
with another atom which has an empty orbital. The lone pair of electrons is
donated into the empty orbital on another atom to form a coordinate bond.
The coordinate bond, once formed, is the same as a normal covalent bond.
A coordinate bond contains a shared pair of electrons with both electrons

supplied by one atom.
An example of this is the ammonium ion, NH .

When an ammonia (NH;) molecule reacts with an H+ ion, a coordinate bond
forms between the lone pair of electrons (pair of electrons not involved in
bonding) on the N atom and the empty 1s sub-shell in the H* ion.

The ammonia molecule has a lone pair of electrons which it can donate and
the hydrogen ion has no electrons, so it has an empty orbital available for
sharing a pair of electrons. Both electrons in the coordinate bond come from
one atom.

O When a coordinate bond is formed, it is indistinguishable from a normal
o covalent bond. When it is necessary to distinguish between a ‘covalent bond’
g and a “dative covalent bond’ (coordinate bond), use — to represent the latter,
- instead of — .
= H .

® X ®Xx ki

* ® 3 X 8 Ol and Cross
HIN. H HlNiH diagrarr
X® X@®
H T . S

Figure 3.34



A neutral NH; molecule and an H* ion result in an overall charge of + on the
ammonium ion formed. If there is a charge on the final ion, it must be shown.

H - H
H—+® H* H—++H ek
H = i1 e
Figure 3.35

The photograph shows white fumes of ammonium chloride particles forming
when gases from concentrated ammonia solution (left) and concentrated
hydrochloric acid (right) mingle and react. There is a coordinate bond in the
ammonium ion. The ammonium and chloride ions are held by ionic bonds

Figure 3.36 Other examples include:

| Hydronium ion, H3O%, formed from water and H™.

<
)
=~
=
®
S,
L]
2
N
®
3
~
)
3
Q
)
=
o
S
S
®
S
H
g
&

S

H308 H——|HZOSH| "4
Xe X®
H . H

" o -
H—c|)(:j H* —— [H—O—H| G
H L H

Figure 3.37

2 NHj; reacting with BF;

Earlier it was stated that the empty orbital in BF; would be important

later. The lone pair of electrons on the ammonia molecule is able to form a
coordinate bond with the empty orbital in BF5. This forms a molecule with
the formula NH;BFs.

H F H F
® X @ X X @X Bk acnd
HSNS BIF— HINSBIF "o
xX® XxX® X® X@ diagram
H F o O -
o | T
H—w® B—F H—Taﬁ—szm
H F H F

Figure 3.38



F o F —f= 3 BF, formed from BF; and F-

..F.' g .Bxx - ..F.. .Bxx F Dot and Fluoride ions have four lone pairs of electrons. They can

® . .' k> ." ° » .. v .. dF"ﬂﬁS | donate one of the pairs of electrons to BF; to form BF, .
F | F i ek The ion formed has an overall negative charge due to the

- B charge on the fluoride ion.
F B F T The fluoride ions form a coordinate bond with BF;.
= | ; . ; :
] s Bonding Once a coordinate bond is formed it has the same
|:F:.i| ? F F-s B|. P diagrare properties as a covalent bond and although both electrons

F F in the bond come from the same atoms, these electrons

are now treated as a bonding pair of electrons.
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TEST YOURSELF 3
1 What is a covalent bond?
2 From the list below:
CO, H,0 Ny, Hs0+ 0, NHy CH; BF; NHCL
a) Which contain multiple covalent bonds?
b) Which contain coordinate bonds?
3 Draw a dot and cross diagram of a molecule of ammonia and label a
bonding pair of electrons and a lone pair of electrons.
4 Explain how a coordinate bond forms.
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Figure 3.39
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Metallic bonding

As well as looking at the bonding in metallic compounds and non-metallic
elements and compounds, we must also look at the bonding in metals.

® Metals are generally solids and have their particles packed close together.

® The atoms are packed in layers and the outer shell electrons are not bound
to an individual atom. In fact these outer shell electrons can move about
between the layers.

® These electrons are referred to as delocalised electrons as they are not
confined to any one atom.

® As these delocalised electrons can move, this explains why metals can
conduct electricity and heat.

® The atoms in the layers are now without their outer shell electrons and
so they are ions. There is confusion created when discussing the particles
in metals (whether to refer to them as atoms or ions). In general when
discussing bonding, the metal particles are referred to as positive ions.
However, usually when discussing structure and reactivity, the convention
is to discuss metal atoms.

@ The metallic bond is the electrostatic attraction between the delocalised
electrons and the positive metals ions in the lattice.
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Figure 3.40




Figure 3.41
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Figure 3.42

Figure 3.43

This metallic structure is often described as a lattice of positive metal ions in a
sea of delocalised electrons.

The arrangement of the ions in sodium and magnesium is different as they
have a different metallic lattice structure but this is beyond the A-level course.

The structure and bonding in a metal can be used to explain the physical
properties of metals.
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Properties of metals
I Metals conduct electricity

There are delocalised electrons in the metal structure and these electrons
can move. An electric current flows because of the movement of electrons or
charged particles. The delocalised electrons can carry the charge.

2 Metals conduct heat

Heat is conducted when particles can move and are close enough together to
pass on the heat energy from one to another The delocalised electrons in the
metal structure enable heat energy to be passed through the metal.

Silver is an excellent conductor of heat, so one of its uses is in the rear-window
defrosters of cars. The tiny silver/ceramic lines conduct heat onto the glass,
clearing frost, ice and condensation.

3 Metals are ductile and malleable

Metals can be drawn out into wires or hammered into shape. This is due

to the layered structure of the lattice as the layers can slide over each other
without disrupting the bonding.

.@@@@ The top layer moves with the force applied to it. It is also
important to note that the bonding is not disrupted by

@@’ the movement of the layer as it just shifts over one and is

..’.. still held together by the delocalised electrons. The strong

.@..@ attraction between the positive ions and the delocalised
electrons hold the structure together.

4 Metals have high densities

In metals the positive ions are packed tightly together and so the density is
high. Tungsten wire is used as winding wire for musical instruments such
as the cello and viola. The high density of tungsten allows the strings to be
thinner and yet withstand the frequency of vibration.

5 Most metals have high melting points

Any discussion of melting points is related to the strength of bonding within
the structure being examined. Metals have a large regular structure with strong
forces of attraction between the positive ions and the delocalised electrons.

It is these attractive forces which must be overcome in order for the metal to
melt. This requires a large amount of energy in the form of heat.




The melting point of the first three elements in Period 3 (Na, Mg and Al) are
98°C, 649°C and 660 °C. The increase in melting point of the metals is due
to an increase in the strength of the metallic bond. Sodium forms Na*t ions
in the metallic lattice with only one delocalised electron per sodium. The
metallic bond in aluminium is stronger as the aluminium ion is AP+ and
there are three electrons which may be delocalised per aluminium; also the
aluminium ion is smaller than the Mg?* which is smaller than the Na* ion.
The attraction between the smaller AI’+ ions in the metallic lattice and the
delocalised electrons is stronger than the attraction between the larger Na*
ions and the delocalised electrons.

Transition metals have much higher melting points than the main group
metals. This is due again to the large number of d sub-shell electrons which
may be delocalised creating an even stronger metallic bond. For example iron
melts at 1535°C and rungsten melts at 3410 °C (the highest melting point of

any metal).
TEST YOURSELF 4
1 Draw the structure of the metal magnesium indicating how the metal
is bonded.

2 Explain the difference between the bonding in a metal and the
structure of a metal.,
3 Explain why iron, like most metals, is a good conductor of electricity.
4 Explain the meaning of the following terms:
a) malleable
b) ductile
5 Sodium has the typical properties of a metal.
a) Explain why sodium is malleable.
b) Explain why sodium conducts electricity.
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Bonding and physical properties
There are two main types of covalent substances.
| Molecular (sometimes called molecular covalent or simple covalent)

2 Macromolecular (sometimes called giant covalent)

Both these types of substances contain covalent bonds but they differ in their
sructure.

o)
=
=)
=
o
@
3]

Elements and compounds can be described as molecular if they exist as
simple discrete molecules. For example, chlorine molecules are Cly; water
molecules are H,O; sulfur hexafluoride molecules are SFg, ethane molecules
are C;Hg. The formula of these elements and compounds are molecular
formulae and they show exactly how many atoms of each element are present
in one molecule of the compound, for example the molecular formula of
ethene is C,H, which means that each molecule of ethene contains two
carbon atoms and four hydrogen atoms.




O Molecular covalent crystalline substances

. . ; ) | ve)

TIP Molecular covalent substances exist as single molecules, i.e. I,, Sg, CCly, H,O, g
The structure of molecular CH;, 5=, Cls, Q
covalent crystals is molecular _, S
and the bonding is covalent. These substances exist as gases (CH,4, O, and Cl,) or liquids (H,O and CCl,) Y
—— 0T low melting point solids (I, and Sg) at room temperature and pressure. 3_

_ Many solid molecular covalent substances form crystalline structures which %
alled molecular covalent crystals. A

TIP | are called molecular covalent crystals Q
The attractions betweer't_ the I; and H,O (ice) are covalent crystalline substances due to the attractions o
moleculeslwm belexamlned in Letrests i walacilis. ‘8
more detail later in the chapter. ®
TEes—— : 2 l"‘t

Iodine ®

The large iodide molecules pack together into a regular arrangement causing
the crystalline form of iodine.

e &
v '
Figure 3.44 lodine crystals are shown on the left. The structure of iodine on the

right shows iodine molecules as small units which pack togetherin a regular
lattice giving rise to the crystalline nature of solid iodine.

Ice

The structure of ice is shown below. The molecules of water are arranged in a
regular arrangement forming a crystalline structure,

@ Red sphere = oxygen atom
. White sphere = hydrogen atom

Figure 3.45

Molecular covalent substances like 1odine and ice which exist in a crystallinf:
form are referred to as molecular covalent crystals.



Properties of molecular covalent crystals

® Molecular covalent crystalline substances have low melting points
(I, 114°C and ice 0°C),

@ They are also brittle as they do not have the strong bonds holding them
together like other crystalline substances such as ionic crystals and
diamond.

® They do not conduct electricity as there are no charged particles to carry
charge.

Macromolecular (giant covalent] structures

Some non-metallic elements and compounds can form a giant structure

of covalent bonds. These structures are called macromolecular (or giant
covalent). They include diamond and graphite (forms of the element carbon).
The regular arrangement of atoms causes the crystalline form.

Carbon

There are two forms of the element carbon. These forms have identical atoms
but it is the way in which the atoms are bonded together that makes the forms
different. Different forms of the same element in the same physical state are
called allotropes. Two allotropes of carbon are diamond and graphite.

Figure 3.46 Diamond and graphite, two very different substances, but both are the
same element.

_ The physical properties of macromolecular (giant covalent) substances mostly
TIP depend on the many strong covalent bonds within the structure.

The structure of macromolecular Diamond
[giant covalent] substances

IS described as giant or
macromolecular but the bonding
IS covalent.

® Diamond is the hardest naturally occurring substance due to the many
strong covalent bonds and the rigid three-dimensional structure holding
surface atoms in place.

® Diamond has a very high melting point (3550 °C) as it has many strong
covalent bonds which require a lot of energy to break.

® Diamond tipped tools are used for cutting glass/drilling/engraving,

® Each carbon atom is strongly bonded to four others in a tetrahedral
arrangement and the bond angle is 109.5°.

® Diamond does not conduct heat or electricity as there are no charged
particles which can move.
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carbon atorn
/

) —covalent bond

The diagram on the left shows only a small part of the structure of diamond.

Figure 3.47



Graphite

® Graphite conducts electricity due to delocalised electrons between the
layers which can move and carry charge.

@ Graphite has a very high mzlting point (approximately 3600 °C) as it has
many strong covalent bonds which require a lot of energy to break.

® Graphite has a layered structure with weak forces of attraction between the
layers. This means that the layers can slide over each other This accounts
for the flakiness of graphite and its use in pencil lead and as a lubricant.

® Each carbon atom in graphite is bonded strongly to three others in a

Figure 3.48 A dental drill is a small, hexagonal arrangement and the bond angle is 120°.

high-speed drill used to remove decay Carbon atoms have four unpaired electrons and so can form four covalent

S ST WAt SloiPbs fr), bonds. In diamond all the four unpaired electrons are used in bonding as

the insertion of a filling or crown. The R . :

il Bit T Lnown s s Sirr ahd pitan each carbon atom is bonded to four others. In graphite only three of these

has a diamond coating. electrons are used in covalent bonding and the fourth electron becomes
delocalised between the layers, providing the weak forces of artraction
between the layers. The presence of the delocalised electrons explains why
graphite can conduct electricity.

® The forces of attraction between the layers are weak and so can be broken
easily hence allowing the layers to slide over each other However the strong
covalent bonds in the layers give graphite its high melting point as they

require a large amount of energy to break them.
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The structure of graphite is shown in Figure 3.50 where the layered structure
can be clearly seen.

carbon atom
covalent bond
\ /

weak bonds |
between layers !

Figure 3.49 The graphite in a pencil Figure 3.50 Layered structure of Figure 3.51 Structure of graphite.
being used to lubricate a zip fasteneras  graphite.
the layers can slide over each other.

O Types of crystalline substances

Crystalline substances can be divided into the following categories:

1 Metals

2 Jonic compounds
3 Molecular (simple) covalent substances
4 Macromolecular (giant) covalent substances

A discussion on the types of crystalline substance and their properties may be
found in the individual sections on metals, ionic crystals, molecular covalent

crystals and giant covalent crystals.



Table 3.1 summarises the four types of crystalline substances.

Table 3.1 Crystalline substances.

Molecular [simple] Macromolecular [giant]
covalent covalent

Type of crystalline
substance

Metals lonic compounds

Common examples | Magnesium Sodium chloride Ice, iodine Diamond, graphite

Covalentwithin ;
the molecules and Covalent [graphite has

Bonding Metallic lonic weak bonds between the

intermolecular forces boware in iz chviicking
between the molecules y

Does not conduct

Conduct electricity | electricity when solid. Does not conduct

Eéi%tg::ﬁ; when solid and Conducts electricity Does not conduct electricity E;ﬁ:ggﬁﬁiﬁteaiﬂaes
o molten when molten orwhen salid] y
dissolved in water
Melting point VBEFILY DN High melting points Low melting points High melting points

melting points

Mostly insoluble in water
[some polar substances
dissolve inwaterand some | Insoluble in water
non-polar substances react
with water]

Insoluble in water
Solubility in water |[some metals will
react with water)

Generally soluble in
water

GTIP
You should be able to draw simple examples for each type of crystalline
substance and explain the properties. Intermolecular forces will be

examined in more detail later in the chapter.

“— States of matter

Matter exists in three states: solid, liquid and gas. As a substance changes
from one state to another there is an energy change.

Melting
Melting is the change of state from solid to liquid. The temperarure at which

melting occurs is called the melting point. The melting point can be measured

in degrees Celsius (°C) or kelvin (K).

Energy is taken in when a substance melts to overcome the forces or bonds.
The stronger the forces or bonds in a substance, the greater the energy
required to melt the substance.
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The melting point is often used as a comparison between the strength of the
forces or bonds in crystalline substances such as metals, ionic compounds,
molecular (simple) covalent crystals and macromolecular (giant) covalent
substances.




Freezing

. o ! ‘ U
Freezing is the change of state from liquid to solid. The temperature at which y
a substance freezes is the same as its melting point. @
o
Energy is released when a substance freezes as forces or bonds are formed. 3"‘
The stronger the forces or bonds formed on freezing, the more energy is Y
released. o
~

Boiling

Boiling is the change of state from liquid to gas. The temperature at which
a substance boils is called the boiling point. Again the boiling point can be
measured in degrees Celsius (°C) or kelvin (K).

Energy is taken in when a substance boils. The stronger the bonds in the
liquid substance, the greater the energy required to boil the substance.

Boiling overcomes all attractions between the particles or molecules in a
substance so it is often used as a good measure of the strength of the bonding
or forces in a structure particularly for molecular covalent substances where
the intermolecular forces are broken on boiling.

Condensing

Condensing is the change of state from gas to liquid. The temperature at
which a substance condenses is the same as its boiling point.

Energy is released when a substance condenses. The stronger the bonds or
forces formed on condensing, the more energy is released.

Subliming

Subliming is the change of state from solid to gas on heating or from gas to
Figure 3.52 lodine sublimes when solid on cooling. Substances which sublime are solid iodine and solid carbon

heated. dioxide, which is called dry ice.
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TEST YOURSELF 5
1 Name two molecular covalent crystalline substances.
2 State the type of bonds present in an iodine crystal.
3 From the following ions:
Ct F Na* 0% Mg*
a) Which one is the smallest?
b) Which two would form an ionic compound with the highest
melting point?
: 4 Name the type of crystals shown by the following substances.
a) graphite
b) potassium iodide
c) sulfur
d) magnesium
9 Explain why a large amount of energy is needed to melt diamond. :
P P PP ST P U PP —
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X

H Bonding pair of electrons
o

O

~— Shapes of simple molecules and ions

The shape of a covalent molecule or an ion depends on the repulsion of the
electrons around a central atom. The electron pairs are charge clouds around

Lone pair of electrons : :
H ; N : il an atom and they repel each other as far as possible. There are two types of
xX® electron pair, a bonding pair of electrons and a lone (non-bonding) pair of
H electrons.
Figure 3.53 Example of bonding pair The shape of the molecule or ion is determined from:

and lone pair.

® the total number of electron pairs around a central atom
® the number of bonding pairs of electrons
@ the number of lone pairs of electrons.

You must be able to identify the lone pairs and bonding pairs of electrons in

any molecule or ion. Lone pairs are held closer to the central atom so they
have a greater repulsive effect on the other pairs of electrons.

Lone pair <= Lone pair  |is greater | Lone pair «= Bonding pair |is greater | Bonding pair «— Bonding pair
LP «= LP

than LP « BP than BP <« BP

Figure 3.54 The arder of strength of the repulsions experienced by the electron pairs.

X X L X
X X [ ]
xClg Beg Cl
X X L X
Figure 3.55
_ 180°
Ck—he—L{]

Figure 3.56

This means that lone pairs of electrons repel lone pairs of electrons more than
they repel bonding pairs of electrons. The lowest level of repulsion is between
bonding pairs of electrons. The molecule or ion will take up a shape which
minimises these repulsions. The shape depends on the arrangement of atoms
around a central atom.

In questions relating to shapes of molecules and ions you may be asked for
any combination of the following:

@ a sketch of the shape

@ the name of the shape

@ the bond angle

® an explanation of the shape.

For the examples that follow, all of the above will be given for each molecule
or ion.

Examples with only bonding pairs of electrons

Beryllium chloride (BeCl,)

Cl—Be—C(l| Around the beryllium atom there are two bonding pairs

sketch of the shape of electrons only. These repel each other equally so the
molecule takes up a linear shape to minimise the effect of
the repulsions.

Bond angle = 180° | The bond angle is the angle between the two covalent bonds,

Shape = Linear which in beryllium chloride is 180°.
Explanation: two bonding pairs of electrons
repel each other equally and the rrolecule
takes up this shape to minirmise repulsions




Boron trifluoride (BF5)

X X
L EE There are three bonding pairs of electrons around the boron
XX @X F\h /,F atom in BF;. These repel each other equally and so the
x F i B B molecule takes up a trigonal planar shape with a bond angle
X X0 | of 120°.
x F ) Th h d so fa be d i h
% X Skeiihvof theshage e two shapes encountered so far can be drawn easily as they

are two dimensional. When there are four or more pairs of
electrons, the arrangement becomes three-dimensional, which
Bond angle = 120° requires a little more skill in drawing,

FF
~ Shape = Trigonal planar
B i Explanation: three bonding pairs of electrons
F

repel each other equally and the molecule
takes up this shape to minimise repulsions
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Figure 3.57
H H Methane (CH,)
= ®Xx a ’ There are four bonding pairs of electrons around the carbon
Hx CxH C atom in methane. These repel each other equally and the
® X H/ \ " H molecule takes up a tetrahedral shape to minimise repulsions.
H H The bond angle is 109.5°,
Skatdvoribesoape The term tetrahedral stems from the fact that the solid shape
H formed when all the hydrogen atoms are connected would
109.5°  re- angle = 100.5° be a triangular-based pyramid with four sides, which is called
C. Shape = Tetrahedral a tetrahedron. The shaded area is the triangular base of the
” \ ~H Explanation: four bonding pairs of electrons mid
H H repel each other equally and the molecule pyraimid.
takes up this shape to minimise repulsions _
Figine 08 tetrahedron - TIP _ ‘ ,
When drawing a three-dimensional shape, such as the
tetrahedral shape of methane, three types of lines are
drawn to show the three-dimensional arrangement of
H H the atoms. Bonds in the plane of the page are shown as
normal lines [—]. Bonds coming towards the viewer out
I of the plane of the page are drawn using a solid wedge
= - 5 getting thicker as it comes out towards the atom at the
;5—- \ H \ = §> end of the bond («]. Bonds going backwards from the
H H H H plane of the paper are shown using a dashed line - - -].
rotate the molecule viewed from the side
until the two H atoms of the paper the H atom - | . ;
Al e e f with the solid wedge LI @ molecule of methane were viewed from the side and

lined up above and  plane of the paper bond is coming towards rotated with two of the bonds appearing to be vertical in

helow the G atom the viewer and the one plane with the carbon atom, the other bonds would be
H atom with the dashed ’ -y 2 :
bond is going away with one going into the plane of the paper and the other

from the viewer coming out.

Om—

TIP

Try this with a molymod kit to make

sure you can see the tetrahedral shape. .

It should look like Figure 3.60. Again " o
it is clear that with two H atoms in the (

one plane, there is an H atom in front of ‘

that plane and one behind. Figure 3.60

Figure 3.59




(@

TIP

The understanding of a two-dimensional [2D] and three-dimensional [3D]
arrangement of atoms in @ molecule orion is a key skill in predicting a
bond angle for the shape. You should know some bond angles, such as
those for tetrahedral, pyramidal and bent shapes of molecules and ions.

Carbon dioxide (CO,)

_ The carbon in carbon dioxide has two sets of bonding pairs of electrons. A
TIP, | | double bonding pair of electrons repels in the same way as a single bonding
The identical and symmetrical pair. The two sets of bonding pairs of electrons repel each other equally so

polar_bﬂ‘nds exXpiain the' la'ck i CO, takes up a linear shape to minimise repulsions.
polarity in the carbon dioxide

molecule, even though it Bond angle = 180°
contains polar bonds. Thiswillbe | ¢® ¥ % @9 Shape = Linear
explained soon. @ O 5 E ! O - O—C=—=0 |Explanation: two (sets of) bonding pairs of electrons
e $® ® © © repel each other equally and the rmolecule takes up
this shape to minimise repulsions
H C=N Figure 3.61

hydrogen cyanide
A double bonding pair of electrons or a triple bonding pair of electrons repel
H H in the same way as a single bonding pair. This can be seen from the bonding

< P diagram for hydrogen cyanide (HCN) and ethene (C;H,).
/C_ C\ Hydrogen cyanide is linear due to equal repulsions of the triple bonding
H H pair of electrons and the single bonding pair of electrons. Around the carbon
ethene atoms in ethene the shape is trigonal planar due to the equal repulsion of the
Figure 3.62 three sets of bonding pairs of electrons (even though one is a double set).
") It is thought that receptors in the nasal cavity identify the

shape of a molecule and use this to sense their odour
However as shown in the photograph benzaldehyde and
hydrogen cyanide have very different shapes, yet they both
smell of bitter almonds. Recent research has shown that
molecular vibrations rather than shape may be used by
receptors to identify smell

%)
=
=)
E Figure 3.63 Benzaldehyde [left] and
@ hydrogen cyanide (right).
< - Phosphorus pentafluoride (PFs)
XX
ol E - In PF5 there are five bonding pairs of electrons around the
% F x®%g F % ™ . central phosphorus atom. These bonding pairs of electrons
xx ® P % x p—F g pa |
3 Xg x® x_ / repel each other equally and the molecule takes up a trigonal
xxexxx E:“ F bipyramidal shape. There are two bond angles in a trigonal
F bipyramid, 90° and 120°.
sketch of the shape g ; g
F Again if the points where the fluorine atoms are placed are
age  |Bond angle = 90° and 120° connected the shape formed is a triangle with a pyramid
F~~,~ Shape = Trigonal bipyramidal above and below. This is called a trgonal bipyramid.
g Py

repel each other equally and the molecule

% 7 F | Explanation: five bonding pairs of electrons
‘- 1200 takes up this shape to minimise repulsions

Figure 3.64
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Figure 3.66
ee

HY¥O e
® X

H

Figure 3.67

x

W
x

F
il
F X F. gl
X
Fro B | N
F
sketch of the shape
_-F | Bond angle = 90°
Shape = Octahedral

Explanation: six bonding pairs of electrons
repel each other equally and the molecule
takes up this shape to minirnise repulsions

octahedron

Bond angle = 107°

Shape = Pyramidal

Explanation: three bonding pairs of electrons
and one lone pair of electrons; the lone pair

of electrons has a greater repulsion than the
bonding pairs of electrons and the molecule

takes up this shape to minimise repulsions

+53%

H

sketch of the shape

Bond angle = 104.5°

Shape = Bent

Explanation: two bonding pairs of electrons
and two lone pairs of electrons; the lone pairs
of electrons have a greater repulsion than the
bonding pair of electrons; the rrolecule takes
up this shape to minimise repulsions

O

Sulfur hexafluoride (SFy)

In SF; there are six bonding pairs of electrons around the
central sulfur atom. These repel each other equally and the
molecule takes up an octahedral shape to minimise the
repulsions.

The octahedral shape is also called square bipyramidal. The
term octahedral comes from the fact that the solid shape
formed from connecting all the fluorine atoms forms an eight
sided figure called an octahedron. The shaded area is the
central square.

Examples with bonding pairs of electrons
and lone pairs of electrons

The following examples all have four pairs of electrons around
the central atom. These pairs of electrons take up a tetrahedral
shape like CH,. However out of the four pairs of electrons,
some are bonding pairs of electrons and some are lone pairs
of electrons. Remember a lone pair of electrons has a greater
repulsion than a bonding pair of electrons.

Ammonia (NH,)

There are three bonding pairs of electrons and one lone pair
of electrons around the central nitrogen atom in NHj. The
basic arrangement of the electron pairs is tetrahedral around
the nitrogen but as there is no atom attached to the lone pair
all you see is the bottom of the tetrahedron which looks like a
pyramid. The extra repulsion from the lone pair squeezes the
bonding pairs of electrons closer together decreasing the bond

angle to 107°.

Water (H,0)

The basic arrangement of the electron pairs is tetrahedral
around the oxygen atom but as there is no atom attached to
the lone pairs all you see is two bonds of the tetrahedron,
which makes it appear bent. The extra repulsion from the lone
pairs squeezes the bonds closer giving a bent (or V) shape and
decreasing the bond angle to 104.5°.

TIP
Remember that with any shape with lone pairs of
electrons, you should show the lone pairs on the central
atomn. This should be done using { ) or @®. You can
also do this using ee or xx, See Figure 3.48.
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Figure 3.68 Different ways to show a lone pair of electrons.

Examples involving coordinate bonds

When a coordinate bond forms it converts a lone pair of electrons into a
bonding pair of electrons.

Ammonia reacts with hydrogen ions to form the ammonium ion, NHY .

H - H
® X ®X
X J X
H ® N H ® N -—cmrdinate bond
x9 : x0 . .
lone pair of = bonding pair
H electrons - H | of electrons
AMMONIA AMMONIUM ION
NH, NH?
@®) E H i
N |
/\ H -
H H
sketch of the shape o H o
Bond angle = 107° Bond angle = 109.5°
Shape = Pyrarnidal Shape = Tetrahedral
Explanation: three bonding pairs Explanation: four bonding
of electrons and one lone pair of pairs of electrons repel each

electrons; lone pair of electrons has | | other equally and the ion
a greater repulsion than the bonding | | takes up this shape to
pair of electrons; the molecule takes | | minimise repulsions

up this shape to minimise repulsions

Figure 3.69

The formation of the coordinate bond causes a change in the shape.
Remember ammonia (NH3) is pyramidal (three bonding pairs of electrons and
one lone pair of electrons) but the ammonium ion is tetrahedral (four bonding
pairs of electrons).

The H;O7 ion is formed when H,O reacts with H*. The H;O+ ion has
three bonding pairs of electrons and one lone pair of electrons around the
nitrogen atom so it takes up a pyramidal shape (bond angle 107°) to minimise
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repulsions.
L X 2 @ b Bond angle = 107°
HxX0®H 0 Shape = Pyramidal
LI Ty H Explanation: three bonding pairs
X0 H k of electrons and one lone pair of
9 H _ H electrons; lone pair of electrons has
o — greater repulsion than the bonding
sketch of the shape pair of electrons; the ion takes up
this shape to rrinimise repulsions

Figure 3.70



CH,

The BF, ion is formed when BF; reacts with F~. The BF, ion has four

/ \ /?13 «C".'..C T bonding pairs of electrons around the central boron atom so it takes up a Q
ch - CIH CF CH" tetrahedral shape (bond angle 109.5%) to minimise repulsions. S
M

[

H,C—CH, ‘ CH“I g B o K = o
CET F Bond angle = 109.5° s

o9 oXx | Shape = Pyramidal 3

® F @ BXF B Explanation: four bonding pairs ©

e ® ® B R of electrons repel each other equally o

2 e xeo F \ and the ion takes up this shape to =

L F = F rminirnise repulsions O

i - 1]

0

e Figure 3.71 5'-

Housane Churchane ¥
, Some unusual molecules get their name from their 3D shapes. Housane, CsHg 3
Figure 3.72 Housane, CgHg and and churchane, C;;H,, are shown in Figure 3.72. o
churchane, CyH1a. 3

More unusual examples

With some more complex molecules and ions it is important to be able to
visualise the total number of electrons around the central atom. This helps
with the basic shape. The number of lone pairs of electrons and bonding
pairs of electrons dictate the shape and the bond angle but it is important

to remember in a shape like a trigonal bipyramid that the lone pairs will take
up positions as far away from each other as possible. They will also push the
bonding pairs of electrons closer together. Each lone pair typically reduces the
bond angle by around 2 to 2.5°,

Bromine trifluoride (BrF;)

® Bromine (outer electron configuration, 4s? 4p®) has one unpaired electron
so to form the three covalent bonds required for BrF;, one electron in the
bromine atom is promoted to a higher sub-level.

@ This gives bromine three unpaired electrons in this compound, which can
form three bonding pairs of electrons and leaves two lone pairs of electrons.

@ Five pairs of electrons would suggest a trigonal bipyramidal general shape
with two of the pairs being lone pairs of electrons. The dots in the dot and
cross diagram represent the bromine electrons.

® The shape is described as T-shaped as the lone pairs of electrons take up
positions 120° from each other. The three fluorine atoms take up the three
other positions in the trigonal bipyramid

® The repulsion from the lone pairs of electrons is greater than the repulsion
from the bonding pairs of electrons so the 90° angle is reduced to 86°.

i Bond angle = 86°
: t ,f F Shape = T shaped
X @ XX ] Explanation: three bonding pairs of electrons and
.'B % % Br —F two lone pairs of electrons; basic shape is trigonal
% e X r bipyrirridal but lone pairs of electrons have greater
9xX AX 1 repulsion than the bonding pair of electrons; the
: f F molecule takes up this shape to minimise repulsions
: X X
=
- Br F Figure 3.73 Bromine trifluoride.

F™ oo

trigonal planar shape sketch The shape could be described as trigonal planar if the three fluorine atoms

took up the positions in Figure 3.74. However due to the greater repulsion of
the lone pairs of electrons the T-shape is more correct.

Figure 3.74 Trigonal planar
arrangement.



BrF; reacts to form BrF3 and BrF; . Determine the shape of both BrF5 and

BrF, .
[ ®9_ |* [Bondangle = 104.5° In BrFS , BrF; has lost an F-. BrF; contains two lone pairs of
= BF@ o o electrons and three bonding pairs of electrons
\ Explanation: two bonding pairs of electrons &P :
F and two lone pairs of electrons; the lone pairs + il b 1 _— j
= - | of electrons have a greater repulsion than the BrF, will contain two lone pairs of electrons and two
bonding pair of electrons; the molecule takes bonding pairs of electrons. With four pairs of electrons the
up this shape to minimise repulsions basic shape is tetrahedral but like water the shape will be

Figure 3.75 BrF} ion. bent with a bond angle of 104.5°.

In BrF, , BrF; has gained a F~ so BrF, has two lone pairs of

F ? iiiii “F| gs;d:fileu;zoﬂlanar electrons but four bonding pairs of electrons. This gives six
F I"'"@“‘I F Expf;_,ngﬁﬂ%;' fou? bonding pairs of electron pairs and a basic octahedral shape where the atoms
electrons and two lone pairs of and lone pairs will be at 90° to each other

electrons; the lone pairs of electrons
have a greater repulsion than the bonding o get as far away from each other as possible, the lone pairs

air of electrons; the molecule takes u e :
ghi-s shape to minimise Irepulsic:ns P of electrons take up positions above and below the Br atom.
This leaves the four F atoms in the ion arranged in a square

Figure 3.76 BrF; ion. planar arrangement with a bond angle of 90°,
F Eﬁﬂd BHEEE = 180° Xenon difluoride (XeF,)
dpe = Linear !
@b Explanation: two bonding Determine the shape of XeF,.
@XE pairs of electrons and _ _
@ three lone pairs of electrons; ® Xe promotes one electron to allow it to have two unpaired electrons and to
E?‘Sic 5h€§el i;tri;gonazl 3 form two covalent bonds.
F E;Eg{f ur:; g av: Z;r::ai:;;rs ® Xe will have three lone pairs of electrons and two bonding pairs of
repulsion than the bonding electrons.
pairs of electrons; the ® The basic shape is trigonal bipyramidal.

molecule takes up this shape

W renkrikn tenukions ® The three lone pairs take up position as far away from each other as

possible (120° from each other). The bonding pairs take up position above
Figure 3.77 XeF,. and below the Xe atom so the molecule is linear with a bond angle of 180°

Table 3.2 Summary table for shapes of molecules.

Totalnumb?r of Numl?er uf! Nuinber ot lohs
electron pairs around bonding pairs of : Bond angle Examples
& central atom electrons PASX D SI8CONS
E 2 2 0 linear 180° BeCly, CO,
E 3 3 0 trigonal planar 120° BF,
™ 4 4 0 tetrahedral 109.5° CHg, NHZ
&4 3 1 pyramidal 107° NHa,, HaO*
4 2 2 bent 104.5° H20, BrF;
2 2 0 trigonal bipyramid | 90° and 120° PFg
5 3 2 T-shaped 86° BrF;
5 | 2 < linear 180° xefF,
) ) 0 octahedral g0° SFg
b 4 2 square planar 90° BrF;
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TEST YOURSELF 6
1 What is the shape and bond angle for the following molecules?
al H,0 b} siH, ) PH; d] BCl,
2 What is the shape and bond angle for the following ions?
a) Hz0* b) PH; ¢} BF; d) BF;

WEEEF
LR S 2 L]

S
a.
b~
Q
o
Gy

BN FPEASFFARN S FFE
"
RS+ S TERSFFANNSTEEN

FEEF TR AI IS F LIRS Fr AL A RS R ARANENEFF P PR RAEEAEEE

O Bond polarity

The electronegativity of an element is the power of an atom to attract the pair
of electrons in a covalent bond.

®
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Every covalent bond contains electrons and the electrons in the bond move in
the bonded orbitals. However the electron distribution in the bond may not
be even and the electrons may be found more often closer to one atom than
the other. This atom is more electronegative.

The Pauling Flectronegativity scale is commonly used with F (4.0) as the most
electronegative element and Cs (0.7) as the least electronegative (or most
electropositive). There are no units of electroneganvity.

The Periodic Table in Figure 3.78 gives values of electronegativity of some

elements.
1 2 3 4 5 6 7
H
2.1
Li Be B C N 0 F
1.0 15 20 25 3.0 3.5 4.0
Na Mg Al Si P S Cl
0.9 1.2 1.5 1.8 2.1 2.5 3.0

K Ca 5S¢ Ti V Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br
0.8 1.0 1.3 1.5 1.6 1.6 1.5 1.8 1.8 1.8 1.9 1.6 1.6 1.8 2.0 2.4 2.8

Rb Sr In SN Sh Te l
0.8 1.0 1.7 1.8 1.9 2.1 2.5
Cs Ba Tl Pb Bi Po At
0.7 0.9 1.8 1.8 1.9 2.0 2.2

Figure 3.78 Electronegativities.
Electronegativity is dependent upon three factors:

1 The distance of the me:ling electrons from the attractive power of the
nucleus. This can be taken to be the same as the atomic radius.

It

The size of the nuclear charge. This can be measured as the atomic number.

The atomic radius decreases across a period so the electrons in the outer
energy levels, which would be forming covalent bonds, are closer to the
nucleus in oxygen compared to nitrogen. Oxygen also has a greater nuclear
charge than nitrogen.

3 The attractive power of the nucleus being shielded by inner electrons.
Going down a group there are more inner energy levels of electrons
shielding the attractive power of the nucleus, which, combined with the
increase in atomic radius, leads to a decrease in electronegativity despite the
increase in nuclear charge.
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TIP
The shielding by inner electrons
remains the same across a

period so it has no effect on the
electronegativity.

(y—

TIP

The nuclear charge increases
down the group which
counteracts the previous two
properties but the decreasing
trend is observed despite
this effect.

O

TIP

Hydrogen chloride gas dissolves
inwater to form hydrochloric
acid. The H—Cl bond is broken

in water and the two electrons in
the covalent bond remain with the
Cl atom forming chloride ions,
Cl=, and hydrogen ions, H*. This is
due to the polarity of the covalent
bond and this happens with many
acids.

Trends in electronegativity
In the Periodic Table, the following trends in electronegativity values are
observed:

| Electronegativity increases across a period.

® This is because atomic radius decreases across a period, giving a
progressively stronger attraction between the positive nucleus and the
two electrons in the covalent bond.

® Also the nuclear charge increases across the period and this will cause a
greater attraction for the electrons in the covalent bond.

2 Electronegativity decreases down a group.

® This is because the atomic radius increases down a group, giving a
progressively weaker attraction between the positive nucleus and the
electrons in the covalent bond.

@ The shielding of the nuclear charge increases down a group as there are
more electrons in inner energy levels.

The variation in electronegativity is most noticeable across the period. The
decreasing trend is observed going down a group but it is not as noticeable
due to the increasing nuclear charge.

Electronegativity as a quide to the polarity of bonds

In a covalent bond the two atoms at either end of the bond have an

electronegativity value. For example in H—CI, the electronegativity values are:
H=21;dA=3.0

This means that the electrons in this bond are drawn closer to Cl than to H as
Cl has a higher electronegativity value. This is represented by the use of 6+
(delta plus) and 6— (delta minus) above the atoms in the bond. The 6— is
placed above the atom which has the higher electronegativity value and the
0+ is placed above the atom with the lower electronegativity value. The more
electronegative atom has the greater pull on the two electrons hence it is 6—;
the other atom is 6 +.

Ionic and covalent character

For compounds composed of two different elements, the difference in
electronegativity of the different atoms of the elements dictates the type of
compound formed (i.e. ionic or covalent) and, if the compound is covalent,
also determines the polarity of the molecule.

1 No difference or a very small difference in electronegativity results in a non-
polar molecule. For example: Bry; I5; Cly; O,; CH,.

2 A small difference in electronegativity usually results in a polar molecule.
For example: HF; HCl; H;O; NH,.

3 A large difference in electronegativity results in an ionic compound. For
example: NaCl; MgO; CaF,.



Table 3.3 Properties and examples of

covalent and ionic bonds.
Non-polar covalent bond

A—A

Polar covalent bond
B+ B-
A—B

lonic bond

A+B-

The electronegativities of the two
atoms in the covalent bond are
the same. This means that the
bonding electrons are shared
equally, i.e. electron distribution
is symmetrical.

B is more electronegative than A. The electrons
inthe covalent bond are closerto B, i.e. electron
distribution is not symmetrical. So A will be slightly
positive [6+] and B slightly negative [6-). 6+ and &-
are used to show the polarity of the bonds and are
written above the atoms in the bond.

B is much more electronegative
than A. The electron cloud of B- is
not distorted at all by A+. The bond
consists of the attraction between
the oppositely charged ions A*and
B~

S
a
©
1
2
i

Examples: Examples Examples
B+ 8-
Cl—Cl H-Cl 52
64+ B~
H—H C-Cl K*CLo
b+ bH-
0=0 Be-Cl Cs*Cl-
N=N Eiﬁ— Na*F

‘ PolaEr covaﬂeat bcn?ing [

parti
lonic bondin PRITRLENETES Non-polar covalent bondin
(full c_harges? (electronically symmetrical?

_ Figure 3.7%
TIP

The overall polarity of a molecule
15 often called a dipole. Carbon
dioxide is non-polar or can be

said not to possess a dipole.

A molecule may be described as polar or non-polar A molecule such as water,
which contains two polar O—H bonds, is a polar molecule. However some
substances may contain polar bonds but the overall molecule is non-polar.

—  Carbon dioxide contains polar C=0 bonds but carbon dioxide molecules are
non-polar. This is because the polarities of the bonds are equal, both are C=0
?J+=ﬁc+={?“ bonds and the molecule has the two C=0 bonds arranged symmetrically so

Figure 3.80 Non-polar carbon dioxide. the polarities of the bonds cancel each other out.

BF; contains polar B—F bonds but BF; is non-polar. This is again due to the

P & equally polar bonds being arranged symmetrically around the boron atom so

F\\‘5 " /F the polarities of the bonds cancel each other out.
B

l Other non-polar molecules due to the cancelling out of the effect of equally
t polar bonds are: BeCly, CCl, and SFg. Generally, equal polar bonds arranged
S in a linear, trigonal planar, tetrahedral or octahedral arrangements create non-

Figure 3.81 Non-polar boron trifluoride.  polar molecules.

c—Be—ol g7 e e
| |’/ Cl F/ \F
F Cl :

Figure 3.82 Examples of non-polar molecules containing polar bonds.
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- Testing a liquid for polarity

The polar nature of a liquid can be demonstrated by using the following
i experimental method.

¢ @ Fill a burette with the liguid under investigation and place a beaker
¢ under the jet.
: ® Rub an acetate rod with a duster to create static charge.
. @ Open the burette tap and bring the charged rod close to the stream of
. water.
@ |Is the stream deflected from its vertical path?
. 1 Water was attracted to the charged rod because it is polar and
¢ contains polar bonds.
al What is meant by the phrase ‘polar bond'?
i b) Explain why the 0—H bond in water is polar.
: 2 Draw diagrams to show a water molecule attracted to a positively-
:  charged rod and to a negatively-charged rod. Show the polarity of the
:  water molecule.
i 3 The results table for the experiment is shown below. ;
. a) Foreach of the liquids ethanol, hexane and trichloromethane, state
and explain if it is a polar molecule. :
b] Complete the results table.

Liquid Is the stream deflected?

Water yes

: Ethanol, CHaCH,0H

Hexane, CyHqy4

Trichloromethane, CHCls

4 Tetrachloromethane, CCly, is not safe to use in a school laboratory.
a) Tetrachloromethane contains polar bonds. Identify the polar bond
in tetrachloromethane.

= b} Predict the effect of a charged rod on a stream of
: tetrachloromethane and explain your answer.
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" Forces between molecules

Intermolecular forces are the attractive forces between covalent molecules.
(Note that intramolecular forces are the bonds that exist within the molecule
itself 1.e. covalent or coordinate.)

There are three types of intermolecular force:

@ induced dipole-dipole forces (van der Waals’ forces)
® permanent dipole-dipole forces
® hydrogen bonds.
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Figure 3.83 Even distribution of
electrons.

Figure 3.84 A temporary dipole is
created.

Figure 3.85

Induced dipole-dipole forces [van der Waals’ forces)

Induced dipole-dipole forces or van der Waals’ forces are attractive forces
between all molecules and atoms. They are caused by induced dipoles, which
are temporary and constantly shifting. These attractive forces are also called
London forces or dispersion forces.

All molecules are composed of atoms which have electrons orbiting the
nucleus. These electrons are in rapid motion and at any one time they may

be distributed more on one side of the molecule than the other. Another
molecule approaching this side of the molecule will have its electrons repelled.
This creates a temporary or induced dipole.

These induced dipoles act one way and then another, continually forming and
disappearing as a result of electron movement. The forces are always attractive
forces. Even though the average dipole on every molecule is zero, the forces
between the molecules at any instant are not zero.

Figure 3.83 shows the distribution of electrons in two neighbouring atoms.
The electrons keep moving and the dots show the position of the electrons.

In this figure, the electrons are evenly distributed and the atoms have no
induced dipole.

In Figure 3.84, the electrons on the atom of the left are closer to the right
hand side. The electrons in the right hand atom are repelled to the right and

both atoms possess a temporary and instantaneous dipole.

The electrons are in continuous movement and so the dipoles keep shifting.
This creates an attraction between all atoms in close proximity. The larger a

molecule is, the higher the M, and the greater the number of electrons. The
more electrons there are, the greater the induced dipoles, so the greater the

van der Waals’ forces.

TIP

Remember that a larger molecule [greater M.| has more electrons
More electrons mean greater van der Waals’ forces between molecules.

Why can geckos walk upside down on a ceiling? Geckos have tiny hair-like
structures on their feet. When they touch a surface, van der Waals’ forces
between these hairs and the surface draw the materials together and cause
adhesion. These forces are relatively weak compared to normal chemical
bonds, but they provide the requisite adhesive strength that allows the gecko
to support its body upside down or to scurry along walls and ceilings.

Scientists have tried to develop various materials that mimic the gecko’s
remarkable stickiness. Researchers at the University of Kiel in Germany have
created silicone tape with tiny hairs which not only boasts impressive bonding
strength, but can also be attached and detached thousands of times without
losing its adhesive properties. A 20 cm? piece of the new GSA (gecko-inspired
synthetic adhesive) tape was able to support the weight of one team member
dangling from the ceiling.
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TIP

Remember both the alkanes

and the halogens are non-polar
molecules so the only forces of
attraction between the molecules

are van der Waals’ forces.
T

Evidence for van der Waals’ forces

Halogens are non-polar diatomic molecules. As shown in Table 3.4, there is a
definite trend in their boiling points, melting points and their states as the size
of the molecules increases.

Table 3.4

Halogen M, Melting point [°C]  Boiling point [°C)
fluorine Fa 38 gas -220 -188

chlorine Cls 71 gas -101 -34

bromine | Br 160 |liquid |-7 b8

iodine l2 254 |solid 114 183

This is again explained by the increase in the M, which causes an increase in
the number of electrons. This leads to an increased induced dipole-dipole

force thus leading to increased van der Waals' forces between the molecules.

® For small non-polar molecules such as CCly, Cly, CH,4 and CO,, the van
der Waals' forces are very small so these tend to be gases or volatile liquids.

® For large non-polar molecules such as polymers (e.g. polythene) there are
many contacts between molecules which means that the van der Waals’
forces are reasonably large.

Noble gases are monatomic. They are non-polar as they have no permanent
dipole and do not form any bonds, yet they will condense if the temperature
is low enough. Table 3.5 gives the boiling points of the Noble gases.

Table 3.5 Boiling points of Noble gases.

Helium Neon Argon Krypton Xenon  Radon

Boiling point [°C]

The increase in boiling point suggests that forces do exist between these
atoms in the liquid state. The increase in boiling point may be explained by:
® larger atoms

® more electrons

® greater induced dipole-dipole forces
® greater van der Waals' forces between the atoms.

Van der Waals’ forces are much weaker than covalent bonds, permanent
dipole-dipole forces or hydrogen bonds.

Trichloromethane : & Permanent dipole-dipole forces
Cl \C_‘ﬁ' Molecules which have a permanent dipole within the
\\ &+ & e .
g oS </ molecule have an additional type of intermolecular force
cl - I/ Cla- between their molecules. These permanent dipoles cause
& : i the molecules to be attracted to each other The 6+ end
perrmanent dipole-dipole force g _ ;
Propanone | of the dipole on one molecule is attracted to the 6- end of
ch\ H?‘:\ the dipole on another molecule. The attraction is called a
o S, S permanent dipole-dipole force.
H C/ H,C

2 3

perrmanent dipole-dipole force

Figure 3.86 Permanent dipole-dipole force.



The permanent dipole-dipole forces are responsible for holding together the
molecules in polar substances but it should be remembered that there are also
van der Waals' forces between these polar molecules as well.

Hydrogen bonds

Hydrogen bonds occur between a 6+ H atom (which is covalently bonded
to O, N or F) of one molecule and the lone pair of electrons of an O, N or F
atom of another molecule. The strength of a hydrogen bond is about 5 the
strength of a covalent bond. O—H, N—H and F—H bonds are the most
polar bonds but only O—H and N—H are found in covalent molecules as
H—TF bonds are only found in hydrogen fluoride.
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Hydrogen bonds explain many properties of simple covalent molecules.
1 Water
Figure 3.87 shows the hydrogen bond between two water molecules.

@Of'})

§+H / 6_\ H6+

Hydrogen bond
l‘ (/

@O@
6+H / a_\ H6+

Figure 3.87 Hydrogen bonding inwater

The important features of drawing a diagram like this are:

@® show 0+ and 6— on all atoms

@ show the lone pair of electrons forming the hydrogen bond

@ draw a dashed line to show the hydrogen bond between the lone pair and
the 6+ H atom.

The hydrogen bonds between water molecules explain many of its physical
properties.

a) Water is fluid as the hydrogen bonds can break and reform allowing
water molecules to move around each other.

b) Water has a higher boiling point than would be expected for a Group 6
hydride. The graph in Figure 3.88 on page 112 shows the boiling points
of all the Group 6 hydrides.

As can be seen clearly, water has a much higher boiling point than all the
other Group 6 hydrides. It would be expected based on the other hydrides
that water should have a boiling point of around —90°C. This would be the
case if the only intermolecular forces between water molecules were van der
Waals' forces of attraction and permanent dipole-dipole forces. However the
hydrogen bonds between water molecules mean that it requires substantially
more energy to separate the water molecules into the gaseous state.
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The boiling point of water is higher due to

150 + h FoR
ydrogen bonds between water molecules
Hzo /
100 +
50 T
&
E 0 H,Te
&
£ 501
s The general increase from H,5 to H.Te is
=100 caused by an increased M, so more electrons
rmeans more induced dipoles and so greater
~150 4 van der Waals' forces of attraction between
the molecules
~200 I % l |
2 3 4 5
Period

Figure 3.88 The boiling points of Group 6 hydrides.

The increase seen from H,S to H;Se and to H,Te is caused by an increase in
the van der Waals’ forces of attraction. As you descend Group 6, each atom
has more electrons so the induced dipoles increase and hence the van der
Waals' forces between molecules increase as well.

This pattern repeats for the Group 5 and Group 7 hydrides but not for the
Group 4 hydrides as CH, is non-polar.

Figure 3.89 shows the boiling points of all the hydrides of elements in
Groups 4 to 7 in Periods 2 to 5.

® H;O has a higher boiling point than H;S.

@ HF has a higher boiling point than HCI.

® NH; has a higher boiling point than PH;.

® With CH,, however, its boiling point is as expected based solely on van
der Waals' forces of attraction; there are no hydrogen bonds between CH,
molecules.

150 +

100 -

50 -

0..-

50 +

Boiling Point/*C

-100

~150 4

1 |
A I L !

~200

Period

Figure 3.89 The boiling points of hydrides in Groups 4 to 7.



c) Ice has a lower density than water.

When water freezes the hydrogen bonds hold the water molecules in a more
open 3D crystalline structure. The water molecules are further apart from each

other than they were in liquid water and so ice has a lower density.

As can be seen from the figures, the molecules in ice are much further apart
than the molecules in water. This is caused by the hydrogen bonds holding
the water molecules in this more open tetrahedral arrangement. This more
open arrangement means that ice has a lower density than water (fewer
particles in the same space) and so ice floats on water.

water ice

Figure 3.90 Water and ice.

Many solids are denser than water and sink in it. The iceberg in Figure 3.91 is
off the coast of Newfoundland in Canada. Why does ice float on water?

2 Ethanol (CH;CH,0OH)

a) Ethanol is soluble (or miscible) in water. The reason being that water can
form hydrogen bonds with ethanol molecules as shown in Figure 3.92,

Again, when asked to draw this diagram follow the important features noted
for drawing hydrogen bonds between water molecules on page 111.

b) Ethanol has a higher boiling point than expected for a molecule of its
M,. Ethanol has a boiling point of 79 °C whereas propane (CsHg) has a
similar M, but has a boiling point of —42°C. This can be explained by the
presence of hydrogen bonds between ethanol molecules. Whereas the only
forces of attraction between propane molecules are van der Waals’ forces.

Figure 3.91 Iceberg.

H6+
Y /Hydmgen bond
*

(‘Of“) HC @Oﬁa
- / a-\ . 3 \ / 5—-\
H H“ b Hydrogen bond ICEI
. 2

8 CH, 0 CH,
a*H/ﬁ_\C/ 5H_H/ﬁ._\c/
H

H

2 2

Figure 3.92 Hydrogen bonding between ethanol and water. Figure 3.93 Hydrogen bonding in ethanol.
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3 Propanone (CH;COCH;)

a) Propanone has a higher boiling point than would be expected for a
molecule with its M. However its boiling point would be lower than an

alcohol of similar M.

Molecule M. Boiling point [°C)
Butane [C4Hqq) 58 0.5

Propanone [CH3COCH;) 58 57

-Propan-%nl [CH43CH,CH,0H] -60 ~.9?*1

The permanent dipole-dipole forces between propanone molecules cause
its boiling point to be higher than an alkane with a similar M,, However
its boiling point is lower than an alcohol with a similar M,

The van der Waals' forces between the molecules in butane are wealer
than the van der Waals’ forces and permanent dipole-dipole forces

Figure 3.94 A glass of gin and tonic ‘ , :
water, Why are they miscible? between the molecules in propanone. These are weaker than the van der

Waals’ forces and hydrogen bonds between the molecules in propan-1-ol.

b) Solubility of propanone in water (or miscibility of propanone and water)

Permanent dipole-dipole interactions and van der Waals’ forces
exist between molecules of propanone as the C=0 bond is polar
(Figure 3.95). However when propanone mixes with water, hydrogen
p bonds are formed (Figure 3.96). This matches the definition of a
TIP hydrogen bond as the 6+ H atom in one molecule (bonded to oxygen,
nitrogen or fluorine) bonds with the lone pair of an oxygen, nitrogen
or fluorine atom in another molecule. The ability of propanone to form

The order of strength of the
intermaolecular forces is very

important. hydrogen bonds with water molecules explains its solubility in water
H.C H,C
\ﬁ+ o— \\EH- &—
2 /
=
- H,C H,C
& |
perrnanent dipole-dipole attraction

[ o

Figure 3.95 Intermolecular forces between propanone molecules.

@0 Hydrogen bond

O
5—
5+H/ \Hﬁ*/ CH,
"l
'@
§ 69\
CH,

Figure 3.96 Hydrogen bonding between propanone and water.
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: ACTIVITY

. Comparing the viscosity of liquids _
. Crude oil is very viscous, it does not flow easily. The viscosity of liquids
can be compared by measuring their flow rate, in cm3s-'. This may be
. carried out by measuring the volume of liquid flowing from a burette ina :
: certain time interval. =

The alcohols studied were:

ECHgCHgDH CH,0HCH,0H CH,0HCHOHCH,0H

ethanol ethane-1,2-diol propane-1,2,3-triol

1 Draw a labelled diagram showing the assembled apparatus used to

carry out this experiment.

2 Explain how you would carry out this experiment. State the

measurements you would take, and explain how you would use these
to determine the flow rate of each alcohol.

3 In the experiment the flow rate of ethanol was found to be 2.0cm3s,

Calculate a value for the molar flow rate of ethanol in molmin=1,
Ethanol has density of 0.79gcm3.

& Hydrogen bonding has an effect on flow rate.

al Explainwhat is meant by the term hydrogen bonding.
b] Show using a diagram, the hydrogen bonding between two ethanol
molecules.

9 The results of this experiment show that propane-1,2,3-triol has a

greater viscosity than ethane-1,2-diol which in turn has a greater
viscosity that ethanol. Explain this trend.

6 It was suggested that the flow rate depended on the relative

molecular mass [M,] of the molecule, rather than on hydrogen

bonding. Explain how you would carry out an experiment to determine

that M. did not affect flow rate, but hydrogen bonding did.
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TEST YOURSELF 7
1 What causes van der Waals' forces of attraction?
2 What is needed in a molecule to allow it to form hydrogen bonds?

3 What is the strongest type of intermolecular force which exists
between the molecules in the liquid state of the following substances?

al CHﬁ; b' H»0:
¢) C,HsOH: d) H,S:
e) CCl,; f] NH,
4 Explain fullywhy ice floats on water.
5 Explain why the halogens change from gases [fluorine and chlorine]
to liquid (bromine] to solid [iodine).
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Practice questions

1 Which of the following substances only shows
van der Waals’ forces between its molecules?

A HF B CH,

C NH; D H,O (1)
2 What is the shape of the ammonium ion?

A bent B pyramidal

C trigonal planar D tetrahedral (1)

3 What type of bond is formed when ammonia
reacts with hydrogen chloride?

B covalent

D metallic (1)

A coordinate
C ionic

4 Which atom has the lowest electronegativity
value?

A F B H
C N D O (1)

5 The graph below shows the boiling points of the
Group 5 hydrides.
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Figure 3.97

a) Explain why the boiling point of ammonia
(NH3) is much higher than that of
phosphine (PH;). (3)

b) Explain why there is a general increase in
boiling peint from phosphine (PH,) to
stibine (ShH3). (3)

6 The density of water is 1 gcm~> whereas the
density of ice is 0.92 gem—2. Explain why
the density of ice is less than the densiry
of water. (2)

7 Sodium chloride has a melting point of 797°C
and will not conduct electricity in the solid form
but will when molten.

a) Explain why sodium chloride solution
conducts electricity but solid sodium
chloride does not. (2)

b) State the type of structure shown by
sodium chloride. (1)

c) Explain why sodium chloride has a high
melting point. (2)

™ 8 Propanone (CH;COCH;) and butane

(CH;CH,CH,CHj3;) both have a relative
molecular mass of 58.

The boiling point of propanone is 56 °C whereas
the boiling point of butane is 0°C.

a) Name all the intermolecular forces which
exist berween molecules of butane in the
liquid state. (1)

b) Name all the intermolecular forces which
exist between molecules of propanone
in the liquid state. (1)

c) Explain why the boiling point of butane
is much lower than the boiling point of
propanone. (3)

B 9The diagram below shows the bonding and

shape of a sulfate ion.

‘IJ' 09.5°
S
i
0

Figure 3.98
a) What name is given to the shape shown
for the sulfate ion? (1)

b) Identify one neutral molecule which has
the same shape as the sulfate ion. (1)

c) Identify one positive ion which has the
same shape as the sulfate ion. (1)

d) Explain the shape of the sulfate ion based
on the bonding diagram shown above
using your understanding of electron pair

repulsion theory. (4)



B 10 The melting points of magnesium and some of WM 11 a) Sulfur exists as Sg molecules. It melts at

its compounds are given below. 115°C. :;i'?
Melting point (°C) i) Explain why the melting point of §:
Magnesium 650 sulfur is low. (3) -?__b
Magnesium oxide | 2852 ii) State the type of bonding and structure .y
Magnesium chloride |714 present in sulfur. (2) §
Magnesium iodide | 637 b) Sulfur difluoride, SF;, reacts with chlorine
in the presence of sodium fluoride. The
a) Explain why magnesium has a higher reaction forms sulfur(IV) fluoride and
melting point than sodium (melting sodium chloride.
point 98°C). (2)

i) Write an equation for this reaction. (1)
b) State the type of crystal structure shown

b S 1 ii) Using your understanding of electron
PRI & pair repulsion theory, describe the
c) Why is a very large amount of energy shape of the SF, and predict its
required to melt magnesium oxide. (3) bond angle. 3)
d) Explain why magnesium iodide has a lower iii) State the type of structure shown by

melting point than magnesium chloride. (3) sulfur dichloride and sodium fluoride. (2)




Energetics

Chemical reactions may be described as exothermic or endothermic

depending on the heat exchange with their surroundings.
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PRIOR KNOWLEDGE

@ If a chemical reaction releases heat to the surroundings [the reaction
vessel feelswarmer] it is described as exothermic. If a chemical
reaction absorbs heat from the surroundings, and so feels colder, it is
described as endothermic.

@ All combustion reactions are exothermic.

@ Many oxidation and neutralisation reactions are exothermic.

® Exothermic reactions are used in self-heating food cans and in some
hand warmers.

@ If a reaction is reversible and is endothermic in the forward direction,
it will be exothermic in the reverse direction. So if a reversible
reaction is exothermic in one direction, it will be endothermic in the
opposite direction.

@ Thermal decomposition reactions are endothermic.

® Some sports injury packs which cool quickly use an endothermic
reaction.
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TEST YOURSELF ON PRIOR KNOWLEDGE 1

1 Which of the following types of reactions are exothermic and which
are endothermic?
a) thermal decomposition
b) neutralisation
c) combustion
2 Classify the following reactions as exothermic or endothermic.
a) CH,lgl + 20,(g] — CO,lg] + 2H,0(l)
b] 2NEDH[3C|] =+ HESD&[EQI = NBESD;;[EQ] -+ EHQO[U
c) 2Maqls] + 0,(g) — 2MgO|s]
d) MgCO0als) — MgOls) + CO5(g]
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Enthalpy

Enthalpy is defined as a thermodynamic property of a system linked to
internal energy. It is represented by the capital letter H. The enthalpy relates to
the energy of the bonds broken and made during a chemical reaction. Some of
the important points about enthalpy are listed below:

® Reactants — the enthalpy of the reactants in a chemical reaction is given as
H;. This relates to the energy of the bonds in the reactants.

® Products — the enthalpy of the products in a chemical reaction is given
as H,. This relates to the energy of the bonds in the products.

® AH is the change in enthalpy.

® AH = enthalpy of the products — enthalpy of the reactants.




Figure 4.1 Sports coaches often use an
instant cold pack to reduce the pain of

a sporting injury. The pack consists of
two bags; one containing water inside

a bag containing solid ammonium
chloride. When the inner bag of water is
broken by squeezing the package, the
water dissolves the ammonium chloride
in an endothermic change. This reaction
absorbs heat from the surroundings
and the pack becomes cold.

Enthalpy The enthalpy change is the heat
energy change at constant pressure.

® For an exothermic reaction AH is negative; for an endothermic reaction AH
1s positive.
@ Enthalpy changes can be measured and calculated but enthalpy cannot.

AH is measured under stated conditions. For example AH;qq is the enthalpy
change at a temperature of 298K and a pressure of 100 kPa.

Some chemical reactions are reversible. For a reversible reaction the AH value
for the reverse reaction has the same numerical value as the forward reaction
but the sign is changed. This means that for an exothermic reaction in the
forward direction AH is negative, but in the reverse direction the AH value
has the same numerical value but it would be positive.

For example, the enthalpy changes for the reactions below show that the sign
changes if the direction of the reaction is reversed.

N,(g) + 3H,(g) — 2NH5(g) AH = —92kJmol-!

2NH;(g) = Ny(g) + 3Hy(® AH = +92kmol-1

In many of the examples of calculations seen in the following sections, you
will reverse a reaction theoretically to determine another enthalpy change.

Reaction profiles

A reaction profile is a diagram of the enthalpy levels of the reactants and
products in a chemical reaction. The vertical (y) axis is enthalpy but not AH.

The horizontal (x) axis is progress of reaction, reaction coordinate or extent
of reaction. Two horizontal lines are drawn and labelled with the names or
formulae of reactants and products. These represent the enthalpy of the
reactants (on the left) and the enthalpy of the products (on the right).

In an endothermic reaction the product line is at a higher enthalpy value
than the reactant line as the reaction has absorbed energy. Conversely, in an
exothermic reaction the product line is at a lower enthalpy value than the
reactant line as the reaction has released energy. The difference between the
lines is labelled AH (change in enthalpy). In an endothermic reaction this has
a positive value. In an exothermic reaction this has a negative value. All values
are measured in k] mol—1. If the actual reactants and products are known, the
lines should be labelled with their names or formulae. Otherwise the labels
‘reactants’ and ‘products’ are sufficient. Figure 4.2 shows enthalpy level
diagrams for both an endothermic reaction (Figure 4.2a) and an exothermic
reaction (Figure 4.2b).
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A positive value of AH | | The enthalpy of the products is A negative value of AH | | The enthalpy of the products is
(change in enthalpy) greater than the enthalpy of the (change in enthalpy) | | less than the enthalpy of the
indicates an endothermic | | reactants so energy has been ‘“d“’-'?'t“ an exothermic | | reactants so energy has %:een
reaction absorbed from the surroundings. reaction released to the surroundings.
& -
2 2 i
£ Products £ Reactants oy g
= AH = +ve o
Reactants Products
Progress of reaction Progress of reaction
The value of the enthalpy change (AH) in this endothermic The value of the enthalpy change (AH) in this exothermic
reaction is positive. This is because there has been an reaction is negative. This is because there has been a
increase in enthalpy from reactants to products. This is a decrease in enthalpy from reactants to products. This is a
standard feature of endothermic reactions and it must be standard feature of exothermic reactions and it must be
remembered that AH is positive. remembered that AH is negative.
Figure 4.2a An enthalpy level diagram for an endothermic Figure 4.2b An enthalpy level diagram for an exothermic
reaction. reaction.
Reaction pathways
The reaction pathway is shown as a line from reactants to products on an
T enthalpy level diagram. It represents the route in terms of enthalpy from
| reactants to products. Reaction pathways require an input of energy to break
~— N bonds in the reactants before new bonds can form in the products. This
l — |0 amount of energy is the maximum height of the pathway above the enthalpy
dd level of the reactants. This is called the activation energy.
e | For an exothermic reaction, a typical labelled enthalpy level diagram showing
- — the reaction pathway would appear as shown in Figure 4.4.

' 2y This shows that the activation energy is the minimum
amount of energy which the reactants must have in
order to react. Some reactions have low activation
energy and can obtain enough energy at room
temperature to raise the reactants to the required

Figure 4.3 A self-warming coffee can g‘ﬂth&lp}'- value to allow thie_ reaction to proceed.
g uses an inner chamber to hold the
E coffee and an outer chamber to hold Reaction
E calci.um oxide and water, sepa rated by a - pathway Adtivation
W barrier. When the ring can is pulled, the pu s energy
E chemicals come into contact and, due to 2
an exothermic reaction, release heat to é
N warm the coffee. i
Enthalpy of
reactants Reactants
Enthalpy of T— .
products Products

Progress of reaction

Figure 4.4 The reaction pathway for an exothermic reaction.



For an endothermic reaction, a typical labelled enthalpy level diagram showing
reaction pathway would appear as shown in Figure 4.5.

This shows that the activation energy is the amount of
energy which the reactants must have in order to react.
Many endothermic reactions have a high activation
energy and cannot obtain enough energy at room
temperature to raise the reactants to the required
enthalpy value to allow the reaction to proceed.
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g Reaction
= pathway Activation
= energy
+
&
Enthalpy of
products 4 Products
Enthalpy of AH = e .
reactants Reactants

Progress of reaction

Figure 4.5 The reaction pathway for an endothermic reaction.

_ Standard enthalpy values

TIP Standard enthalpy values are the AH values for enthalpy changes of specific
A phrase describing a standard reactions measured under standard conditions.
enthalpy change may not actually
include the word ‘change’. They ® Standard conditions are represented by the symbol ©. This symbol is
are all enthalpy changes as used after AH to indicate that an enthalpy changes occurs under standard
that is what is meant by AH but conditions.
you will often see the terms ® Standard conditions are 100 kPa pressure and a stated temperature.
’star[d'a rd enthalpy of formation’ ® There are three basic enthalpy changes for which the definitions must be
and standard enthalpy of leamt and you must be able to write equations to represent the reactions.
combustion’. These mean the @ State symbols should always be included in chemical equations to
same as the staqdard enthalpy represent enthalpy changes.
change of formation” and the '
f;ﬂg ua sr,g Denrjthalpy sl o Standard enthalpy of reaction (AH®)

—— 1 1115 15 the enthalpy change when substances react under standard conditions

in quantities given by the equation for the reaction.
For example:

CaO(s) + HyO) — Ca(OH)y(s)  AH®= — 63.7k]mol-!

This means that when 1 mole of calcium oxide reacts with 1 mole of water to
form 1 mole of calcium hydroxide, 63.7k] of heat would be released.

Standard enthalpy of formation (A{H®)

This is the enthalpy change when 1 mole of a compound is formed from its
constituent elements with all reactants and products in standard states under
standard conditions.



For example:
Ca(s) + C(s) + 130,(g) — CaCO4(s)

AH®= —1128.8 k] mol-1. This enthalpy change is per mole of calcium
carbonate formed.

or
EC(S) + ZHz(g) — C2H4(g)
AH®= +52.5k] mol-L. This enthalpy change is per mole of ethene formed.

The enthalpy of formation of an element is zero if the element is in its
standard state. The enthalpy of formation of oxygen, O,(g), is zero.

Standard enthalpy of combustion (A.H®)

Flaune e B TORCNI0 SWODBREVT  Thi et enthalpy change when 1 mole of a substance is burned completely

oxide and water is the reaction used in

self-heating coffee cans (Figure 4.3). It in excess oxygen with all reactants and products in their standard states under
IS a vigorous reaction and here, steam standard conditions.

Is seen rising from the hot reaction

mixture, The standard enthalpy of For example:

reaction for the calcium oxide and water : .

is A H=—63.7kJmol-. CHy(g) + 20,(g) — COy(g) + 2H, 00

A H? for this reaction (per mole of methane burned) = —890k] mol-!
The enthalpy change for the reaction:

2CH,(g) + 40,(g) — 2CO,(g) + 4H,00)
is AH® = 2 x AH® = —1780K]

Note that as with all standard combustion reactions and enthalpy values, the
combustion must be per mole of substance burned.

Some important points to note:

® It is vital that the standard enthalpy values of formation
and combustion are kept to per mole of what they refer

® If two moles of a fuel are combusted then the standard
enthalpy of reaction is the standard enthalpy of
combustion multplied by 2.

@ If four moles of a compound are formed from its
elements in their standard states, then the standard
enthalpy of formation value must be multiplied by 4 to
get the standard enthalpy value for this reaction.

® The standard enthalpy of combustion of carbon
(C(s) + Oy(g) — CO,(g)) has the same value as the
standard enthalpy of formation of catbon dioxide. It is
the same reaction and all the reactants and products are
in standard states in both equations. This also applies
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Figure 4.7 This image shows the most recent launch of to the standard enthalpy of formation of water and the
the space shuttle which took place in July 2011. A variety of standard enthalpy of combustion of hydrogen

ls wi ' ‘ '  used t : 0, (g)
fuels with large enthalpies of combustion are used to ge (H,(p) + i . H,00)).

the rocket off the pad.
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TIP TEST YOURSELF 2 -1

When asked to write an equation 1 State the conditions required for enthalpies of formation to be quoted
for a standard enthalpy change :  as standardvalues.

of combustion or formation, . 2 Explain why the value of the standard enthalpy of formation of water is
remember that for formation . the same as the standard enthalpy of combustion of hydrogen.

itis per mole of the compound 3 Write an equation to represent the standard enthalpy of formation of
formed and for combustion it . ammonia.

is per mole of the substance 2 4 Write e
burned.
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quations, including state symbols, to represent the standard
enthalpies of formation given below:
a) formation of calcium oxide, Ca0l(s]
b) formation of sodium chloride, NaCl[s]
c) formation of water, H,0(l]
d) formation of carbon monoxide, CO|[g]
e) formation of ethanol, CsHsOH(l)
f] formation of butane, C4Higlg).
b Write equations, including state symbols, to represent the standard
enthalpies of combustion given below:
a) combustion of carbon monoxide, CO(g]
b) combustion of ethene, C;H,lg)
c) combustion of methane, CH,lg)
d) combustion of potassium, K(s)
e) combustion of hydrogen, Hslg)
f) combustion of ethanol, C,H:0OH(L).
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Experimental determination of enthalpy changes

During a chemical reaction the enthalpy change in the reaction causes a
change in the temperature of the surroundings. For many reactions, this
change in temperature can be measured using a thermometer or a temperature
probe. The energy released or absorbed from the reaction can be used to
increase or decrease the temperature of a sample of water or the solution in
which the reaction occurs.

_ Temperature change (AT) may be converted to energy change (q) using the

TIP .
The specific heat capacity of €xpression.;

water is 4.18JK-1g-1. For many q = mcAT
solutions in neutralisation
determinations and other where
reactions the value is assumed
to be the same. Do not be
concerned if the value is m = mass in grams of the substance to which the temperature change occurs
quoted as 4.18J°C-1g-1as (usually water (for combustion) or a solution)

the temperature change of
1K [kelvin) is the same as a
temperature change of 1°C. substance by 1°C)

— AT = temperature change in °C or kelvin (K).

q = change in heat energy in joules

¢ = specific heat capacity (energy required to raise the temperature of 1g ofa
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Figure 4.8 Substances with high specific heat capacities take a lot of heat energy,
and therefore a long time to heat up and also a long time to cool down. One

interesting effect is the way inwhich the land heats up quicker than the sea. The
specific heat capacity of sea water is greater than that of the land and so more heat
energy is needed to heat up the sea by the same amount as the land and so it takes
longer. It also takes longer to cool down.

Calculating enthalpy change in a solution

The formula g = mcAT can be used to calculate the enthalpy change per mole of

a substance which dissolves in water to form a solution. When an acid reacts with
an alkali, a neurralisation reaction occurs. The enthalpy change of the neutralisation
reaction can be calculated per mole of water formed in the reaction. These two types
of calculations will be discussed in greater depth below.

Calculating enthalpy of solution

Some substances dissolve in water exothermically while others dissolve
endothermically. The enthalpy of solution of sulfuric acid is very exothermic
and so dilution should always be performed by adding the acid to the water,
rather than the water to the acid. The following example shows how q = mcAT
can be used to calculate the enthalpy change when one mole of a substance

dissolves in water

EXAMPLE 1

0.0770 moles of solid potassium iodide were dissolved in 25.0cm?3

125.0 gl of deionised water in an open polystyrene cup. The temperature
of the water was observed to decrease by 13.7°C. Assuming that the
temperature drop was due to the dissolution of potassium iodide,
calculate a value for the enthalpy change to 3 significant figures in
kJmol-1. [The specific heat capacity of water is 4.18J K-1g-1.]

Answer

AT=13.7°C

g=mcAT=25.0x 4.18 x 13.7=1431.65J
number of moles [n) = 0.0770

1431.65
s | 3"1
0.0770 18592.857 Jmol

enthalpy change in kJmol-1= 18592.857/1000 = +18.6 kJmol-1 [to 3
significant figures]

This enthalpy change is endothermic so a '+ is placed in front of the
value to indicate an endothermic enthalpy change.

energy change per mol of potassium iodide =




Calculating enthalpy of neutralisation
The enthalpy change that occurs during a neutralisation reaction when an

acid reacts with an alkali is a specific type of enthalpy change in solution. An

example of such a reaction is given in the following activity.
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CACTIVITY

Calculating enthalpy of neutralisation

1 Measure accurately using a pipette 25.0cm? of a known concentration
:  [usually 1.00moldm-3] of an acid. This could be a strong acid or a weak
acid. The enthalpy of neutralisation of a weak acid with a strong base is

less than the enthalpy of neutralisation of a strong acid with a strong base :

as some energy I1s used in dissociating the acid fully; sodium hydroxide
solution and ethanoic acid is -56.1kJ mol~! while sodium hydroxide and
hydrochloric acid - a strong base and strong acid - is -57.9kJ mol-'. The
enthalpy of neutralisation of a weak base with a strong acid is similar to
that of a weak acid with a strong base (ammonia and hydrochloric acid is
-53.4kJmol-1]. The enthalpy of neutralisation of a weak acid with a weak

base is less exathermic (ammonia and ethanoic acid is -50.4 kJmol™ . The

. energy difference depends on how weak the acid or base actually is.
: 2 Place the acid in a polystyrene cup.
. 3 Calculate the number of moles of acid used:

solution volume (25.0 cm?3] x concentration [1.00 moldm-3)

moles of acid = 1000

4 Measure accurately using a pipette 25.0cm3 of a known concentration

- |usually 1.00moldm=3) of alkali.

. 5 Calculate the number of moles of alkali used as for the acid in part 3.
. & Write a balanced symbol equation for the reaction of the acid with the
. alkali to determine the number of moles of water formed. (If the acid

is sulfuric acid, the moles of water formed will be 2H,0 whereas other

acids usually form 1 mole of H,0 for each mole of the acid and alkali
. used.]
7 From the balanced symbol equation calculate the number of moles of
:  water formed [n].
. B Place the thermometer in the acid and record its initial temperature
- (Rl
9 Add the alkali and record the highest temperature reached (75).

lid to prevent heat
loss by evaporation

polystyrene cup insulates
and prevents heat loss
to surroundings

mixture of 25.0cm? of ,
acid and 25.0cm? of alkali !

Figure 4.9 thermormeter -
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TIP

In this example the value is less
exothermic than the expected
value of -57.9 kJmol-! for a
strong acid and a strong base.
This is due to heat loss to the
surroundings or heat loss by
evaporation.

O

TIP

Sometimes the amount of water
in moles [n] may be given to you,
so simply use g=mcAT and divide
g by n and then divide the answer
by 1000 to calculate the enthalpy
of neutralisation for one mole of
water in kJmol-1,

i Method of calculation

. 1 Calculate temperature change [AT] =T - Ty. [This may be given in the

i question.]

i 2 Calculate the heat energy change in joules using g = mcAT [c is the

. specific heat capacity, i.e. the amount of energy required to raise the
temperature of 1g of a substance [in this case the solution] by 1K :
(1°C). Thiswill be quoted in the question. m is the mass of the solution !
heated and as the total volume is 50cm3, you will be given the density
or told to assume the density is 1gcm=3. Remember mass = density x

: volume.]

: 3 Convert to Jmol- by dividing q by n.

: 4 Convert to kJ mol-! by dividing by 1000. The answer is AH, for the

:  neutralisation. [All enthalpy values for neutralisation are exothermic
and should have a negative sign.]

EXAMPLE 2

25.0cm?3 of 1.00 moldm=2 hydrochloric acid were placed in a polystyrene
cup and the initial temperature recorded as 22.7°C. 25.0cm3 of
1.00moldm-3 sodium hydroxide solution were added.

The highest temperature recorded was 29.3°C. Assume the specific heat

capacity of the solution is 4.18 JK-1g~" and the density of the solution is
1.00gcm-3. Calculate a value for the enthalpy change when one mole of

water is formed, to 3 significant figures.

Answer
Experimental data given in the question are in bold in the answer below.
25.0 x 1.00
1000

25.0 % 1.00
1000
Neither reactant is in excess.

= 0.0250mol

Moles of acid =

=0.0250mol

Moles of alkali =

Balanced symbol equation:
NaOH(aqg) + HCllag) — NaCllaqg] + H;0[l)
1 mole of H,0 is produced for each mole of NaOH and HCl
so moles of water formed = 0.0250 =n
Volume of solution = 50.0 cm?®

As density is assumed to be 1.00gcm-3, the mass of solution heated
=050.0g=m

AT=T,-T;=293-227=6.6°C
g=mcAT=50.0x 418 x 6.6 =1379.4J

n=0.0250
_ 1379.4 ,
Energy change per mol of water formed = 0.0250 55176 Jmol-!
o oalib - .
AnH"==55g =—55.2kJ mol~! [to 3 significant figures]

Since all values in this calculation are given to 3 significant figures, the
answer would be expected to be to 3 significant figures. You can refer to
Chapter 17 for more details on mathematical precision.




EXAMPLE 3

In a neutralisation reaction between hydrochloric acid and sodium
hydroxide solution, 0.0125 moles of water were formed and the
temperature rose by 5.4 °C. The total mass of solution was 30.0g and
the specific heat capacity of the solution is assumed to be 4,18 JK-1g-1,
Calculate a value for the enthalpy change in kJ mol-! when one mole

of water is formed in this neutralisation reaction. Give your answer to

2 decimal places.

Answer
AT =5.4°C
g=mcAT =30.0x 418 x 5.4 =677.16J
n=0.0125
, 667.16
Energy change per mol of water formed = 0.0125 54172.8Jmol
Enthalpy change in kJmol-! = 5‘:;:]2208 =-54,173 kJ mol-1

Enthalpy change to 2 decimal places = -54.17 kJ mol-1

Calculating enthalpy change of combustion

The following procedure explains how to determine and calculate a value
for the enthalpy of combustion of a liquid fuel from experimental data. The
procedure can be examined in practical-style questions and may include a
diagram of the apparatus used and any sources of errors due to heat loss.
Values determined during the experiment are given in bold.
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CACTIVITY

thermorneter

1o measure
Ty and Ty

lid to prevent heat
loss by evaporation

m g of water

screen to
minimise
heat loss

x g of liquid fuel -
in spirit burner

Figure 4£.10

1 Set up a beaker containing a known volume of deionised water
:  =mcmi= mq of water. [The mass of water may be given but as the

density of water is 1 gcm-3, the mass and volume are the same value,

l.e. 100 g of water is 100cm3. Other solutions or liquids being heated
may have a different density which will be given.)

2y
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-
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. 2 Measure initial temperature of water using a thermometer (T,). ]
: 3 Burn the fuel below the beaker of water. The mass of the burner :
containing the fuel can be measured before and after combustion to

:  calculate the mass of fuel burned. The container should be insulated
. from heat loss and evaporation as shown in the diagram. The volume

. of the liquid fuel may be given along with the density of the fuel:
:  mass [g) =volume [cm3) x density [gcm-3)].

t 4 Measure the highest temperature reached by the water using a
' thermometer (T,).

. Method of calculation :
. 1 Calculate temperature change [AT] =T, - Ty. [The temperature change :
. may be given in the gquestion, 5o use this as AT] E
i 2 Calculate the heat energy change in joules, g = mc AT :
3 Calculate moles of fuel used by dividing x by M, of fuel = n moles. (The
moles of fuel burned may be given in the question instead of the mass
. sothisisn) :
i 4 Convert to Jmol=" [J per mol] by dividing g by n. :
5 Convert to kJ mol™! by dividing by 1000. [The temperature will increase
: inthis example so the final enthalpy change should have a negative :
sign.)

The answer is a value for the standard enthalpy of combustion of the
substance undergoing combustion.

¢ pu—

TIP

When enthalpy values are calculated from experimental data, the values
may be less than expected as some heat is lost to the surroundings

and also by evaporation. Also the substance may not have undergone
complete combustion (due to an inadequate supply of oxygen] or the
products may not have been in their standard states [water may have
been a gas rather than a liquid].

L EXAMPLE 4
e o - 200g of water were heated by burning ethanol in a spinit burner. The
B rmure sl Pamoping s piisn following mass measurements were recorded:
W associated with the tableside
«  Presentationof certain liqueur- Mass of spirit burner and ethanol [before burning) = 58.25g
drenched dishes, such as Bananas - h
Foster, when the alcohol is ignited and Mass of spirit burner and ethanol [after burning] = 57.629
results ina flare of blue-tinged flame. The initial temperature of the water was 20.7°C and the highest

By rapidly burning off the volatile
alcohol, flambéing can infuse a dish
with additional aroma and flavour and
moderates the harshness of raw, high-

temperature recorded was 41.0°C. The specific heat capacity of water
is 4.18 JK-1g-1. Calculate a value for the standard enthalpy change of
combustion of ethanol in kJ mol-1 to 3 significant figures.

proof spirits. Answer
_ Experimental data given in the question are in bold in the answer below.
TIP AT=T,-T;=41.0- 20.7=20.3°C

Remind yourself about significant
figures by reading pages 348-350
in Chapter 17. x = mass of ethanol burned = 58.25 - 57.62=0.63¢

m = 200 g of water




_Mass  0.63

M. = 46.0 0.01370mol §_=$
g=mcAT =200 x4.18 x 20.3=16970.8J %"
&

16970.8

Heat energy change per mol of ethanol burned = 0.01370

= 1238744.526 Jmol-
Standard enthalpy of combustion of ethanol per mole of ethanol =

1238744.526
1000

=-1240kJmol-! (to 3 significant figures)

Calculating other quantities from enthalpy changes

The expression ¢ = mcAT can be rearranged to calculate the temperature
change given the standard enthalpy change of combustion or neutralisation.

EXAMPLE 5

The standard enthalpy of combustion of propane is -2202 kJ mol-1. Given
that 0.015mol of propane are burned completely and the fuel is used to
heat 200 g of water [specific heat capacity 4.18 Jg-1K-1], calculate the
theoretical temperature change which would be measured. Give your
answer to 3 significant figures.

Answer

For 1 mol of propane, 2202 000J of energy would be released on complete
combustion.

For 0.015mol of propane, heat energy released
=0.015 x 2202000
=33030J [=q)

g=mcAT

AT=-L
mc

m=200g
c=4.18JK-1g"

L 33030
T 200 % 4.18

AT =39.5K

When 0.015mol of propane are burned completely in oxygen, the
temperature of 200g of water should rise by 39.5K or 39.5°C.
TIP

Remember that this is the theoretical temperature change assuming that

complete combustion of the fuel occurred and that there was no heat
loss to the surroundings, to the container or by evaporation.
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TIP

The temperatures at 5 and

6 minutes are ignored when
following the trend. The general
decrease in temperature from

7 minutes onwards is extrapolated
back to 4 minutes to determine
the highest temperature achieved

In the reaction mixture.
e
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Measuring and evaluating the enthalpy change for the :

. neutralisation of sodium hydroxide and hydrochloric acid

s
»
-
a
-

Sodium hydroxide can be neutralised by adding hydrochloric acid. This

i reaction is exothermic. A student carried out an experiment to determine

enthalpy of neutralisation for this reaction. The method followed was:

@ Transfer 25.0cm3 of 1.0moldm~-3 hydrochloric acid to a plastic cup.
: ® Record the temperature of the hydrochloric acid to 1 decimal place.
: ® Transfer 25.0cm?3 of sodium hydroxide to a second clean, dry plastic

cup and place the plastic cup inside a beaker. Stir the sodium
hydroxide with a thermometer and record the temperature to
1 decimal place.

; ® Every minute for a further 3 minutes stir the solution, measure the =

@ At the fourth minute add the 25.0cm3 of hydrochloric acid from the

@ Continue to stir the mixture and measure the temperature at the

temperature and record.
plastic cup. Stir the mixture but do not record the temperature.
fifth minute, and then every subsequent minute for a further 5

minutes. Record each temperature in a table like the one given below.
Temperature of the hydrochloric acid at the start = 21.1°C.

Table 4.1 Experiment results.

Time/min Temperature/ Time/min -Tempera-tu re/

ot i,
0 21.1 & 131.8
1 21.0 7 32.0
2 21.2 8 31.4
3 9
4

21.1 30.9
10 30.6

5 31.2

. 1 Plota graph of temperature i

¢ |y-axis] against time [x-axis) using
the results in Table 4.1. Draw a
line of best fit for the points before
the fourth minute. Draw a second
line of best fit for the points after
the fourth minute. Extrapolate
the lines to the fourth minute, as

. shownin Figure 4.12.

2 Use your graph to determine

: an accurate value for the IS
temperature of the sodium
hydroxide at the fourth minute 0

i before mixing.

3 Use your answer from Question Figure 4.12 Estimating the maximum

:  2andthe temperature of the temperature of 3 neutralisation
hydrochloric acid before mixing ~ éaction.
to calculate the average value

;  for the temperature of the two solutions before mixing (T3],

i 4 Use your graph to determine an accurate value for the temperature of

. the reaction mixture at the fourth minute [73).

Temperature/°C
&
e |

Time/minutes



- 5 Determine an accurate value for the temperature rise at the fourth

minute (T, - T;). Record your value to the appropriate precision,

: & Use your answer from Question 5 to calculate the heat given out

. during this experiment. Assume that the reaction mixture has a

. density of 1.00gcm=3 and a specific heat capacity of 418 JK-1g-1.

7 In the experiment 25.0cm? of 1.00 moldm-2 hydrochloric acid were :

:  neutralised with 25.0cm?3 of 1.00moldm-3sodium hydroxide. Calculate ;
the amount, in moles, of HCL present in 25.0cm?3 and the amount in :

. moles of NaOH presentin 25.0cms3.

: 8 Use your answers from GQuestions 6 and 7 to calculate the enthalpy

:  change, in kJmol-!, for the reaction between one mole of HCl and the

:  sodium hydroxide. ;

9 The maximum total error in using the thermometer in this experiment
is£0.1°C. The error takes into account multiple measurements made |
using the thermometer. Use your answer from Question 5 to calculate !

. the percentage error in your value for the temperature rise. :

10 Consider your graph. State whether your lines of best fit are good

. enough for you to extrapolate with confidence. Explain your answer. E

f§11 Explain why the experiment should be repeated several times in order

:  todetermine an accurate value for the enthalpy change. :

112 Suggest one reason why your value for the enthalpy change using the

. sodium hydroxide might differ from a data book value for the enthalpy

:  change of neutralisation of sodium hydroxide.

513 Suggest why the plastic cup was placed inside a beaker in the

:  practical.

14 Suggest how the 25.0cm3 of HCl was initially measured out.
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TEST YOURSELF 3

1 In an experiment the temperature of 120 g of water rose by 10.1°C
when 0.0170 moles of methanol were burned in air and the heat was
used to warm the water. Calculate a value for the enthalpy change
when one mole of methanol is burned. [The specific heat capacity of
water is 4.18 JK-1g-1] Give your answer to 3 significant figures.

2 0.6009 of propane [CaHg) were completely burned in air. The heat
evolved raised the temperature of 100g of water by 65.0°C. [The
specific heat capacity of water is 418 JK-1g-1.)

a) Calculate the number of moles of propane burned.

b) Calculate the heat energy released during the combustion in
joules [J).

c) Calculate avalue for the enthalpy of combustion of propane in
kJmol-1. Give your answer to 3 significant figures.

3 Inan experiment, 1.00g of propanone [CH3COCH,) was completely
burned in air. The heat evolved raised the temperature of 150 of water
from 18.8°C to 64.3°C. Use this data to calculate a value for the enthalpy :
of combustion of propanone in kJmol-1. [The specific heat capacity of :
water is 4.18 JK-1g-1.] Give your answer to 3 significant figures,
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4 In a neutralisation reaction between nitric acid and potassium
hydroxide solution, 0.050 moles of water were formed. The
temperature rose by 13.0°C. The specific heat capacity of the solution
is assumed to be 4.18 JK-1g-1. Calculate a value for the enthalpy
change in kJmol-' when one mole of water is formed if the total mass
of the solution is 50.0g.

5 0.0150 moles of solid sodium hydroxide were dissolved in 25.0cm?3
(25.0g) of deionised water in an open polystyrene cup. The
temperature of the water increased by 6.10°C. The specific heat
capacity of the water is 4.18 JK-1g-1. Assume that all the heat
released is used to raise the temperature of the water. Calculate
avalue for the enthalpy change in kJmol~!. Give your answer to an
appropriate number of significant figures.
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~ Hess’s Law

The principle of conservation of energy states that energy cannot be created
or destroyed, only changed from one form into another.

After practising medicine for several years in Irkutsk, Russia, Germain Hess
became professor of chemistry at the University of St Petersburg in 1830. In
1840 Hess published his law of constant heat summation, which we refer to
today as ‘Hess's Law’.

Hess's Law states that the enthalpy change for a chemical reaction is
independent of the route taken and depends only on the initial and final states.

Hess’s Law can be used to calculate enthalpy changes for chemical reactions
from the enthalpy changes of other reactions. This is useful as some reactions
cannot be carried out in reality, but a theoretical enthalpy change can be

determined for these reactions.

EXAMPLE 6
Calculate a value for the standard enthalpy of formation of propanone,

0 CH3COCHall), given the following standard enthalpy changes of combustion:
5 1
= AcHTkJ mol
i Cls] -394
=
"'" H,lg) -286
- CHZCOCH4(l) -1821
Answer

There are two ways to approach this question: using a Hess's Law
diagram or using the sum of the enthalpy changes.

Solving by Hess's Law diagram

Start by writing the main eguation for the enthalpy change you

are to calculate and then write equations for the standard enthalpy changes
you have been given to answer the question.




Main equation:

3C(s) + 3Halg) +305(g) — CHaCOCH;(1)
Equations for given enthalpy changes of combustion:
Cls] + 05lg] —  CO,lg] -394 kJmol-!
H,lg) + 30,(q) — Hy0(l) -286 kJmol-1
CH4COCH4(l) +40,5(g) —  3CO,[g) + 3H,0[  -1821 kJ mol-!
The substances which do not appear in the main equation but do appear
in these equations for the given enthalpy changes are CO,lg] and H,0ll).
These are these link substances which will allow you to draw a Hess's Law
diagram. Below the main equation put 3C0,(g) and 3H,0(l). Draw arrows
for the enthalpy changes given to you in the question in the direction of

the change. Write values on the arrows and remember to multiply by the
number of moles of substance burned.

The final calculation is from the reactants 3C[s), 3H,(g) and 30,(g) to the products
in the box and then from the box to propanone CH3COCHaz|l). The oxygen will
balance as the arrows to the box all represent combustion reactions.

Avalue for the standard enthalpy of formation of propanone [main
equation] can be calculated by going from the reactants to CO,lg) and
H,0(l) and then reversing the combustion of propanone.

AfH®CHaCOCHS3(1)
=+3(-394) + 3(-286) - [-1821]

3C(s) + 3H,(g) + +05(g) = CH,COCH,()

3(-394) 3(-286) -1821

N 4

3C0x(g)  3H,0()

Figure 4.13 Hess's Law diagram.

(O

TIP
When using standard enthalpy

changes of combustion it is not
necessary to balance the O|g]
as the same number of moles of
0,[g) will be added on each side.
In this example, 3 moles of Oylg)
together with the 20,(g] (total
3305lg]) react on the left-hand
side going to the box and S%Dz[g]
react on the right-hand side
going to the box so the moles of
0,lg) added cancel out.

AH

=-1182 - 858 + 1821

Reactants | ——|  Products

=-219kJmol-

Using the sum of the enthalpy changes AH reactan\ /LCH products

AH = [sum A_H reactants] - [sum A_H products]

This method only works for an example like this in which the
enthalpy of formation is calculated from enthalpy of combustion
values. The number of moles of the reactants and products must
be taken into account.

combu
For this example:

AH = ZAH [reactants) - ZAH [products]
where X is ‘the sum of” which means adding all the values together.
Reactants = 3C(s] + 3H,lg)

YA H [reactants] =3 x [-394] + 3(-286)
=-2040 kJ mol-1

Products = CH3COCHjs(l)
TAH [products] =-1821kJmol-1
AsH =TAH [reactants) - ZAH [products]
AfH = -2040 - [-1821)
=-2040+ 1821
=-219kJ mol-

Figure 4.14 Enthalpy cycle using enthalpy of

Combustion products

ction.
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EXAMPLE 7

Calculate a value for the standard enthalpy change of combustion of ethane
frorn the following standard enthalpy changes of formation:

AsHTkJ mol-!
CO.lg) -394
H,Oll)  —286
CoHelg) -85

Answer

Solving by Hess's Law diagram

& AH (reaction
Reactants ( )n- Products

Main equation:

C,H4lg) + 350,(g) — 2C0,(g) + 3H,0(1)
Equations for the given enthalpy changes:
Clsl +0slg] — COslg Elements
Halg) +3020g) — Ho0)
2C[s) + 3Halg] — CaHglgl

From the equation for the given enthalpy changes the substances which do not appear in the main equation are
Cls] and H,lg). This cycle can be thought of as ethane being converted to its elements in their standard states and
the elernents reacting with oxygen to form COz[g) and H,0[l).

AH® (CoH,(g)) = ~(-85) + 2(-394) + 3(-286)

AH (reactants) AH (products)

Figure 4.15 Enthalpy cycle using enthalpy of
formation.

CoHglg) + 330,(g) — 2C0,(g) + 3H,0()

=+85 - 788 - 858 \\
— _1561kJ mol-1 85 0 2(-304) 3(-286)
N/ 7
Using the sum of the enthalpy changes 2C(s) 3Hylg) 37000
AcH = [sum AH products) - [sum A¢H reactants] Figure 4.16

This method only works in an example in which the enthalpy of

combustion or the enthalpy of reaction is calculated from enthalpy of

formation values. The number of moles of the reactants and products _
must be taken into account. TIP

Oxygen is an element and so

its enthalpy of formation value
AH = ZAH [products) — £AH [reactants) iS zero.

Reactants = CoHglg) + 3‘1'0219]

YA [reactants) = -85kJ mol™

For this example:

TAH [products) = 2(-394) + 3(-286)
=-1646kJ mol

AH=-1646 — [-85)
=-1561kJ mol-1

Products = 2C0,(g) + 3H,0(l) TIP

AcH =ZAH [products) — ZAH [reactants)

These sum methods work to
calculate enthalpy of formation

or reaction from enthalpy of
combustion values [Example é)
and to calculate enthalpy of
combustion or reaction values
from enthalpy of formation values.




Figure 4.17 Iron is extracted from its ore in a blast furnace. Heat
radiated from the metal is reflected away by the shiny surface of
the protective suit, which covers all of the body.

EXAMPLE 8

Iron is extracted from its ore according to the following equation:
Fe;0als) + 3C0[g] — 2Fe(s) + 3C0,(g)

Calculate a value for the standard enthalpy change of this reaction
from the following standard enthalpy changes of formation:

AHYkJ mol-
FeoOsls] -826

COlgl  —111
Fels) 0
COslgl -394
Answer
Solving by Hess's Law diagram Fe;04(s) + 3CO(g) —= 2Fels) + 3CO;(g) _
This cycle can be thought of as \ / TIP
Fe,04 and CO being converted to 826 321110 0 3(-304) ;
their elements in their standard \ : \} / / 23:5:';25 Zr:utgéf;nizﬁﬁu d
states and C reacting with Oz to 2Fels) 3C(s) 30,(g) b zeruyas ST RS
form CO,. ' '
g Figure 4.18 standard enthalpy change of
AH®=—[-826) - 3(-111) + 3(-394] formation. The answer is that
— 1896 + 333 — 1182 = —23 kJ mol-1 this substance is an element.

Using the sum of the enthalpy changes
AH=ZAH [products] — ZAH [reactants]

(@

TIP
Reactants = Fe,03(s) + 3CO(qg] Fels] is an element in its
TAH [I"EBCIEIF"I{S] = 876 + 3[—1 1 1] standard state andl S0 its |
enthalpy of formation value is
=-1159 kJ mol-1 zero.

Products = 2Fels] + 3C03(g)
¥A¢H [products) = 3(-394)
=-1182kJmaol-1
AH =ZAH [products] - ZAH (reactants)
AcH=-1182-(-1159)
=-23 kJ mol-!
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Figure 4.19 Henry Ford came across a vanadium alloy

in 1905 in a crash at a racing event. When Ford picked

up a fragment, which was part of a valve spindle, he was
surprised how strong it was. He decided his new Model-T
carwould be made from vanadium steel. Mass production
began in 1913 and 15 million cars were made, all with
vanadium steel components.

EXAMPLE 9

Vanadium metal can be obtained from ore using calcium metal.
The reaction is represented by the equation:

V,05(s) + 5Cals) — 2V(l) + 5Ca0ls)

al Use the standard enthalpies of formation in the table below
to calculate a value for the standard enthalpy change of this reaction.

V,;0z[s] Cals] VIl CaOls)

AHTkImol! | —1551 0 +23 -635

0! Explain why the standard enthalpy of formation of Cals] is
zero but the standard enthalpy of formation of V(L) is not zero.

Answers
al

Solving by Hess’s Law diagram

AH®=—[-1551] + 2(+23] + 5[-635] V,0¢(s) + 5Cafs) —— 2V() + 5Ca0(s)
= +1551 + 46— 3175 - |
i -15‘? 0 2(+23) 5(-635)

Using the sum of the enthalpy changes My 230,90 SCaly)

AH=EAH [products) - ZAH [reactants)
Reactants = V,0s(s) + 5Cals]

ZAH [reactants] = -1551 kJ mol-" _

H P TIP
Products = 2V[l] + 5Ca0ls] Cals) is an element in its

TAH [products) = 2(+23) - 5(-635) standard state and so its enthalpy
= 199 k) Mgl of formation value is zero.
AH=ZAH [products] - TAH [reactants)
AH=-3129 - [-1551]
=-1578 kJ mol-!

h) Cals] is an element in its standard state whereas V() is an element
but it is not in its standard state under standard conditions. V(s is
the element in its standard state.

Figure 4.20
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t TEST YOURSELF 4 : E
1 Using the following values for the standard enthalpy changes, o
calculate the value for the reactions given below. o -

2

AH*H,lg) =-286 kJmol-!
AsHNaClls) = =411 kJ mol-!
AfH’CO,lg) =-394 kJ mol-!

al 2H,(gl + 02(g) — 2H,0(l)

b) 2Nals) + Cl;lg] — 2NaCl(s]

c] Cls] + 02lg) — CO5lgl

d) 2Cl[s) +205(g) — 2C05(g)

i e) 3Hylg) + 1302(9) — 3H0(U

+ 2 Use the standard enthalpy of formation data from the table and the
equation for the combustion of methane to calculate a value for the
standard enthalpy of combustion of methane.,

WEREFFPFIANER SO EN YR
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A¢H kI mol” -75 0 -394 -286

3 Use the standard enthalpy of combustion data from the table to
calculate a value for the standard enthalpy of formation of sucrose,
Ci2H20041[s). The equation for the formation of sucrose is given below.

1 QC[S] +1 Hz[gl +5%Dz!gl — C12H22D11[5]
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AH7kJImol ~394 —286 ~54640
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Bond enthalpies

The mean bond enthalpy is a measure of the energy required to break one
mole of a covalent bond measured in the gaseous state in kjmol~! (the ‘per
mole’ is per mole of the covalent bond) averaged across many compounds
containing the bond. For example, the mean bond enthalpy of a C—H bond is
412 kJ mol—1,

Bond breaking is endothermic and bond making is exothermic.

O
wop)— (2
© O

b c

Heat energy in Bond breaking

Figure 4.21 Breaking bonds takes in heat energy and is endothermic.



Heat energy out Bond making
Figure 4.22 Making bonds gives out heat energy and is exothermic.

® Breaking one mole of C—H bonds requires 412 k] of energy so the
value is written as a positive value, +412 k] mol~1. It is positive as it is
endothermic.

® Making one mole of C—H bonds releases 412 K] of energy so the value is
written as a negative value, —412 k] mol~1. It is negative as it is exothermic.

General points for bond enthalpies

Mean bond enthalpies relate to the strength of a covalent bond. A higher
bond enthalpy value means a stronger covalent bond.

® Generally the shorter the covalent bond, the stronger the bond.

® Triple covalent bonds are generally shorter than double covalent bonds
which are shorter than single covalent bonds.

® Triple covalent bonds are generally stronger than double covalent bonds
which are stronger than single covalent bonds.

Table 4.2 shows the bond enthalpies and bond lengths of carbon—carbon
covalent bonds.

Table 4.2 Bond enthalpies and bond
lengths for carbon—carbon bonds.

Mean bond enthalpy/

Covalent bond kJmol-! Bond length/nm
c—C 348 0.154
c=C 611 0.134
c=C 838 0.120

The C—C is the longest of the three carbon—carbon covalent bonds and is also
the weakest. The C=C is the shortest of the three bonds and the strongest.

The bond length and bond strength (expressed often as the mean bond
enthalpy) are important in organic chemistry and the chemistry of the

halogens. The bond length and bond enthalpies for the covalent bonds in
halogen molecules are given in Table 4.3.
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Table 4.3 Bond lengths and bond

anthalpiss for covalent bonds in Covalent bond Bond enthalpy/kJmol-' Bond length/nm
halogen molecules. F—F 158 0.142

Cl—Cl 242 0.199

Br—Br 193 0.228

=1 151 0.267




Figure 4.23 The trend in bond The bond length increases down the group as would be expected as the

enthalpies for the elements of Group 7. atomic radius of the atoms involved in the covalent bond increases. The
e e s R s e strength of the covalent bond decreases down the group from Cl, to 1. The

bond enthalpy of the F—F bond is lower than expected as the bond is very

short and there are repulsions between the lone pairs of electrons on the
fluorine atoms. This lowers the energy required to break the F—F bond.

The bond length and bond enthalpies for the C—X (carbon-halogen) bonds
will be considered in halogenoalkanes.
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Calculations involving mean bond enthalpies

These involve calculations of enthalpy changes using mean bond enthalpies.
The enthalpy change for a reaction can be calculated by adding together the
mean bond enthalpies for all the bonds broken in the reactant molecules
Fr and subtracting the total of all the mean bond enthalpies of the bonds

made in the products. The reactions are considered in the gas phase so that
only the covalent bonds are involved in the calculations. In liquid or solid
phase, intermolecular forces would also be involved. Any deviation of the
answer to a calculation from the quoted value may be due to the mean bond
enthalpy values used or the reactants not being in their gaseous states in the
calculation.

Bond enthalpy/kl mol~1
o
o
I

AH = sum of mean bond enthalpies of bonds broken — sum of mean

bond enthalpies of bonds made
EXAMPLE 10 Answer
The reaction below represents the formation of Calculate the energy required for moles of bond broken
hydrogen chloride. in the reactants:
Hzlg) + Clzlg) — 2HCl(g) 1 mole of H—H = 436
Use the following bond enthalpies to calculate avalue 1 mole of Cl—Cl = 242
for the : ‘
Totalene u for bonds broken = 678kJ mol-!
enthalpy change of formation of hydrogen chloride. o L s RIaEn =0tk
Explain whether the reaction is exothermic or Calculate the energy released for moles of bonds
endothermic. formed in the products:
Bond Bond enthalpy/kJ mol™! 2 moles of H—Cl = 2(432) = 864
H—H 436 Total energy released for bonds made = 864 kJ mol’
Cl—Cl 242 AH = sum of bond enthalpies of bonds broken -

sum of bond enthalpies of bonds made
AH =678 - 864 =-186kJmol-

This value is for the formation of 2 moles of HCl(g].
The enthalpy of formation is for 1 mole of HCl so the
enthalpy of formation is =93 kJ mol-1.

H—CL 432

The enthalpy of formation of hydrogen chloride is
exothermic as AH is negative.

(@

TIP

The term ‘'mean bond enthalpy’ is not used in this
example as the H-H, Cl-Cl and H-Cl bonds only
occur in these molecules and so are not averaged

across molecules containing the bond.

Figure 4.24 Bonds are broken in hydrogen and chlorine
and new bonds are formed in hydrogen chloride.
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EXAMPLE 11
Calculate a value for the standard enthalpy of combustion of methane

from
the mean bond enthalpies given.

Bond Mean bond enthalpy/kJ mol~
G—1 412
0—H 463
0=0 496
C=0 803

Answer

In the combustion of methane, 1 mole of methane reacts with excess
oxygen to form carbon dioxide and water.

CH,lg) + 20,(g) — CO,(g) + 2H,0(g)
The following bonds are broken:

4 moles of C—H 2 moles of O=0
and the following bonds are made:
2 moles of C=0 4 moles of O—H

If you are unsure about the bonds broken or made from the equation for

the reaction, draw out the structures of the molecules to make it clearer
[Figure 4.25].

The sum of all the mean bond enthalpies of the bonds broken and the
sum of all the mean bond enthalpies of the bonds made are calculated

from the given mean bond enthalpies.

H 0

| O=—=0 Hf \H
H—C—H §5_g —= 0=(=D0 &

| Y

H H H

Figure 4.25

Sum of mean bond enthalpies of bonds broken
= 4(412] + 2(496) = 2640 kJ mol-"

Sum of mean bond enthalpies of bonds made
= 2(803) + 4(463) = 3458 kJ mol-"

AH = sum of mean bond enthalpies of bonds broken - sum of mean
bond enthalpies of bonds made

Standard enthalpy of combustion of methane
=+ 2640 — 3458 =-818kJ mol-!

The reaction is exothermic as AH is negative. The quoted value in data
books for the standard enthalpy change of combustion of methane is
-890kJ mol-1. Enthalpy changes determined from mean bond enthalpies
often differ from the quoted values as the mean bond enthalpies are not
specific to the bonds in the molecules in this reaction. They are averaged
across many different molecules containing that particular bond. Also,
for standard enthalpy changes, water would be a liquid, but when using
mean bond enthalpies, the substances are in the gaseous state.




Figure 4.26 Butanol may be used as a fuelinan internal combustion engine. Because its
longer hydrocarbon chain causes it to be fairly non-polar, it is more similar to petrol than
itis to ethanol. Butanol has been demonstrated to work in vehicles designed for use with
gasoline without modification. |t can be produced from biomass as ‘biobutanol” and is a
useful renewable fuel.

EXAMPLE 12

Calculate a value for the standard enthalpy of
combustion of butan-1-ol C;Hy0HI(g] using the
following mean bond enthalpies.

Bond Mean bond enthalpy/kJ mol-1
C—C 348
C—H 412
0—H 463
C—0 360
0=0 496
C=0 803
Answer

Equation for combustion of butan-1-ol

C4HoOHI[g) + 60,(g) — 4CO,(g) + 5H,0(g]  [per mole
of C4HeOH]

Structural equation showing all the moles of covalent bonds:

H H H H

' 0
I g
H—((—(—((=—(=—Q=—H + 6 QO=0 —» 4 QO=C=0 + 5 H H
T A
H H H H
Figure 4.27

Calculate the energy required for moles of bonds broken in the reactants:
3 moles of C—C = 3(348]
9 moles of C—H = 9(412) = 3708
1 mole of C—0 =360
1 mole of O—H = 463
6 moles of 0=0 = 6[496] = 2976
Total energy required for bonds broken = 8551 kJ mol-
Calculate the energy released for moles of bonds formed in the products:
8 C=0=8(803) = 6424
10 0—H = 10[463] = 4430
Total energy released for bonds made = 11054 kJ mol-?
AH = sum of mean bond enthalpies of bonds broken - sum of mean bond enthalpies of bonds made
AH=8551— 11054 = -2504 kJ mol™!
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TEST YOURSELF 5

1 What is meant by the term ‘mean bond enthalpy'?

LR 22 2 2 ]

2 Thetable gives the bond lengths and mean bond enthalpies of some
covalent bonds.

a) What is the general relationship between bond length and mean
bond enthalpy?

b) By determining the bonds broken and bonds made during the
combustion of propane, determine a value for the standard
enthalpy of combustion of propane in kJ mol-'.

CQHE[g] +.5Gg[g] — SCU‘g{g] 5 4H20'[g]
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Bond length/nm  Mean bond enthalpy/kJmol-1

EEERASFSFFAREEE

H—H | 0.074 436
H—0 | 0.096 483
: C—C | 0.154 | 348
: c=C [0.134 611
c—H |0.108 412
C—0 | 0.143 360
C=0 |0.122 803
0=0 |0.121 496

3 By determining the bonds broken and made during the combustion
of gaseous ethanol, C,HsOH|g), determine a value for the standard
enthalpy of combustion of ethanol.

EsSdFFLAETARRFFEFAGREER

4 In the following reaction ethane undergoes complete combustion:
C2Hslg) + 3302(g) — 2C0,(g) + 3H,0(U)

a) Using the mean bond enthalpies given in the table, calculate a value
for the standard enthalpy of combustion of ethane in kJmol-1.

b) The standard enthalpy of combustion of ethane is quoted as
-1559.8 kJ mol-1. Explain why there is a difference between this
value and the value you obtained in [a) above.
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Practice questions
B 1 Which of the following equations represents B 2 The standard enthalpy change for the formation

the standard enthalpy change of formation of of hydrogen fluoride is —269k] mol—1. What is
hydrogen iodide? the enthalpy change for the reaction

A Hy(g) + L(s) — 2HI(g) 2HF(g) — Fy(g) + Hy(gl

B Hi(g) + I.(g) — 2HI(g) A —269 B +269

C 3H,(@ + 71,(s) — HI(g) C —538 D +538 (1)
D $H,(@) + $1,(g) — Hi(g) 1)



3 The standard enthalpy of combustion of
methane, CH,(g), is —690k] mol~1. What
is the temperature change when 0.02 mol of
methane is burned completely in air and the
heat released used to heat 250 g of water? The
specific heat capacity of water is 4.18JK—! g—1.

A 0.66K B 132K
C 13.2K D 55.2K (1)

4 In an experiment, 1.00 g of hexane (CgH,4)

was completely burned in air. The heat evolved
raised the temperature of 200 g of water from
293.5K to 345.1K Use this data to calculate

a value for the enthalpy of combustion of
hexane to an appropriate number of significant
figures. (The specific heat capacity of water

is 4.18]K-1g-1) €]

5 a) i) Give the meaning of the term ‘standard
enthalpy of combustion’. (1

ii) Write an equation to represent the
standard enthalpy of combustion of
butan-1-ol, CH;CH,CH,CH,OH(D. (1)

b) 0.600g of butan-1-ol were bumed under
a beaker containing 250 g of water. The
temperature of the water rose by 19.40°C,
Using the specific heat capacity of water
as 4.18JK-1g~1 calculate a value for the
enthalpy of combustion of butan-1-ol to
2 decimal places. (4

6 In an experiment, 0.750g of benzene (CgHg)
were completely burned in air. The heat raised
the temperature of 200 g of water by 43.7 °C,
Use this data to calculate the enthalpy of
combustion of benzene. (The specific heat
capacity of water is 4.18JK—1g=1.) Give
your answer to 1 decimal place. (4)

7 Barium carbonate decomposes on heating
an::cording to the equation:

BaCO5(s) — BaO(s) + CO,(g)

Standard enthalpy of formation data is provided
in the table below.

BaCOs(s) |BaO(s) CO,(g)

AHkJmol [-1216 —554 ~394

=10

a) Write equations to represent the reactions

for the following standard enthalpies of

formation.

i) formation of barium carbonate (1)
ii) formarion of barium oxide (1)
iii) formation of carbon dioxide (1)

b) Use the standard enthalpies of formation in

the table above to calculate a value for the
enthalpy change of the reaction:

BaCO5(s) — BaO(s) + CO,(g) (3)

8 a) Using the standard enthalpy of formation
dara in the table below, calculate a value for
the enthalpy for the following reaction:

4FeS,(S) + 110,(g) — 2Fe,04(9) + 850,() (3)

FeSy(s) [O,(g) |Fez0s(s) | SO(g)

k] mol-1 =178 0 -824 =297

b) Explain why the standard enthalpy of
formation of O,(g) is zero. (1)

Calculate a value for the enthalpy change of
this reaction given the following enthalpies of
formation:

ZNHNO3{S) 2 ZNHNOE(S) + Dz(g)
AfH°NalNO4(s) = —468k] mol—1!
A¢H°NaNO,(s) = —359 kJmol-! 3)

Propan-2-ol, C;H;OH(g), undergoes complete
combustion in the following reaction:

C3H,OH(g) + 4+0,(g) — 3CO,(g) + 4H,0(g)

Calculate a value for the standard enthalpy of
combustion of propan-2-ol using the mean

bond enthalpies below:
& 412 o 463
—0O 360 —C 348
=0 496 =0 803
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Kinetics
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PRIOR KNOWLEDGE

@ The rate of a chemical reaction is a measure of how fast the reactants
are changing into products.

® Rate can be measured as the amount of a reactant used up over time
or the amount of a product formed over time.

@ Chemical reactions occur when reacting particles collide with enough
energy for a reaction to occur.

® The minimum energy required for the colliding particles to react is
called the activation energy.

® Concentration of reactants in solution, pressure of reacting gases,
temperature, surface area of solid reactants, and presence of a
catalyst all affect the rate of a chemical reaction.
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TEST YOURSELF ON PRIOR KNOWLEDGE 1
1 State three factors which would increase the rate of a chemical
reaction.
Z Magnesium reacts with hydrochloric acid
a) How would the rate of reaction be different when using powdered
magnesium compared to magnesium ribbon when all other factors
are kept the same.
b) Explain your answer to a) in terms of particles.
3 The gases nitrogen and hydrogen react together to form ammonia.

a) How would increasing the pressure affect the rate of this reaction?
b) How would increasing the temperature affect the rate of this
reaction?
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Rates of reaction vary enormously and depend on different factors.
For example:

® Cookies bake faster at higher temperatures. Bread dough rises more quickly
in a warm place than in a cool one (temperature).

@ The human body cannot adequately digest lactose without the catalytic
assistance of the lactase enzyme (catalyst).

® There is a risk of explosion in factories when handing fine combustible
powders such as custard powder (custard powder).

® By adjusting the concentrations of the two chemicals inside, manufacturers

| can produce glow sticks that either glow brightly for a short amount of time

or more dimly for an extended length of time (concentration of reactants).

Temperature, catalysts, surface area and concentration all affect the rate of
these different chemical reactions.



Figure 5.3 Collision theory states that
molecules must collide with each
other in order to react. This is similar
to judo and wrestling wherein the two
competing players must contact one
another to score a point.

concentration of a reactant or product in a
given period of time,

The activation energy is the minimum

amount of energy which the reacting
particles require for a successful collision.

Figure 5.2 Dropping a glow stick into
hot water makes it glow more intensely,
showing that the reaction runs faster at
higher temperature.

Figure 5.1 Cooking is a chemical
reaction inwhich it is important to
control the rate.

Collision theory

Most collisions are unsuccessful. Only a very small proportion of collisions is
successful and causes a reaction. Collision theory is used to explain the main
factors which affect the rate of a chemical reaction.

| Concentration;

® If concentration of a reactant is increased

® More particles of that reactant are present

® Which leads to more successful collisions between reactant particles in a
given period of ime

@ This causes the rate of reaction to increase.

2 Pressure:

® If pressure on a gaseous reaction
system is increased

® The particles are forced closer
together

@ Which leads to more successful i
collisions between reactant H;H
particles in a given period of time

® This causes the rate of reaction to

Increase,
il o

3 Temperature:

@ If temperature is increased, the ” g Y
particles gain energy and move E = = /
faster Figure 5.4 Increasing the pressure by

depressing the plunger on a syringe
decreases the volume and so the
molecules have less space to move.
They are more Likely to collide and the
reaction rate increases.

® Which leads to more frequent
and more successful collisions
(collisions with energy greater than
the activation energy) between
reactant particles in a given period
of time

@ This causes the rate of reaction to increase.
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4 Surface area of solid reactants:

Increasing the surface area of solid reactants (by grinding them up)
increases the exposed surface of the reactants. This increases the number of
successful collisions in a given period of time which increases the rate of the
reaction.

With the sarne number of atoms now split
into lots of smaller bits, there are hardly any

H}dmgen ions can hit the outer fa}ref of atoms... magnesiurn atorns which are inaccessible to
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Figure 5.5 Rate of reaction of magnesium with hydrochloric acid for a larger solid
piece of magnesium on the left and smaller solid pieces of magnesium on the right.

5 Presence of a catalyst:

® A catalyst increases the rate of reaction without being used up.

® A caralyst works by providing an alternative reaction pathway of lower
activation energy. By lowering the activation energy, more collisions
are successtul in a given period of time and so the rate of the reaction
Increases.

Catalysts are important in many industrial processes by speeding up the
process and so reducing costs.

O Enthalpy profile diagrams

Enthalpy or reaction profile diagrams were examined for an exothermic and an
‘endothermic reaction. These diagrams also help to explain the definition of a
catalyst.

- Reaction pathway for
IJz.l 2 uncatalysed reaction
= 3 N T
% | Reaction Activation energy for
= w | pathway for uncatalysed reaction
catalysed
reaction | & Activation energy for
e : catalysed reaction
Enthalpy of f v (NOTE IT IS LOWER)
reactants T TR (e
Enthalpy of I
products : e T
Products
Figure 5.6 A successful jump can be
compared to a successful reaction

occurring when the activation energy Progress of reaction

barrier |bar] is overcome.
lbar] Figure 5.7 Exothermic reaction enthalpy profile.



The same is true for an endothermic reaction. The catalyst simply provides an
alternative reaction pathway of lower activation energy.

You may have to interpret the differences berween the four levels on this

9
a
E‘_
; o
diagram. §_
S
EXAMPLE 1 Answers S,
Using the letters A, B, C and D, identify the following It is important to be able to recognise or label these g
on the diagram below. changes on an enthalpy level diagram. o
4 ® The distance from the peak of the reaction pathway g..
to the enthalpy level of the reactants is the =,
activation energy of the forward reaction. 3
® The distance from the peak of the reaction b
> pathway to the enthalpy level of the products is the E
- activation energy of the reverse reaction.
5 @ The peak may be for the uncatalysed reaction
pathway [higher] or the catalysed reaction pathway
g [lower].
@ The distance between the enthalpy levels of the
reactants and products if the enthalpy change.
Figure 5.8

A is the activation energy of the uncatalysed reaction

& Achialion snecgy ol thecatalysed regetion B is the activation energy of the reverse uncatalysed

@ Enthalpy change reaction
@ Activation energy of the reverse uncatalysed C is the activation energy of the catalysed reaction
reaction

D is the enthalpy change
@ Activation energy of the uncatalysed reaction
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TEST YOURSELF 2

1 What is meant by the term activation energy?

2 State the effect of a catalyst on the rate of reaction.

3 Explain, in terms of collisions, how increasing the temperature
increases the rate of reaction.

4 Explain what must happen for a reaction to occur in a mixture of
molecules of two different gases.

5 Explain, in terms of collisions, how increasing the concentration of a
reactant increases the rate of reaction.
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O Distribution of molecular energies

A Maxwell-Boltzmann distribution is a plot of the number of gaseous
molecules against the energy they have at a fixed temperature. It is also called
a molecular energy distribution graph or a distribution of molecular energies.

A single plot on the graph shows the distribution of molecular energies at a

constant tem pcra ture.
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The activation energy, often represented
as (E,), is the minimum amount of energy
which the reacting particles require for a
successful collision.

[t should appear as a roughly normal distribution which is asymptotic to the
horizontal axis (gets closer and closer but never touches the axis). The main
points from a Maxwell-Boltzmann distribution at constant temperature are
shown below:.

The area under the curve is the total
nurnber of molecules present

The actual curve gives the number of
rmolecules with a certain energy value.
Most molecules have moderate energy in
the rmiddle of the graph

Very few molecules have very high energy but
the graph does not touch the axis as there is
no upper limit to the energy of the particles

Number of molecules

Mo rmolecules have Energy
no energy so the
graph starts at the
origin

This is the most probable energy
of the molecules (E_)

Figure 5.9

Activation energy on a Maxwell-Boltzmann
distribution
As the Maxwell-Boltzmann Distribution represents the energy of the reactant

molecules there will be an energy value on the x-axis which is the activation
energy.

9
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o
E
© The shaded area represents all the reactant
E rrolecules which have energy above the
= activation energy and so have enough
3 energy to undergo a successful collision
Energy
This is the activation energy for the uncatalysed reaction
Figure 5.10

A catalyst increases the rate of the reaction by providing an alternative reaction
route or pathway with a lower activation energy. Adding a catalyst to the above
reaction lowers the value of the activation energy as can be seen from the
position of the activation on both distributions. The area above the activation
energy on the second distribution is greater This ind