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> How to use this book

A chapter outline appears at the start of every chapter to
introduce the learning aims and help you navigate the
content.

CHAPTER OUTLINE

In this chapter, you will:

e describe the structure of the atom and the relative
charges and masses of protons, neutrons and
electrons

e describe how protons, neutrons and electrons
behave in electric fields

e deduce the number of protons, neutrons and
electrons in atoms and ions

Definitions of key vocabulary are given at the
beginning of each chapter.

TIP

Tip boxes will help you complete the exercises, and
give you support in areas that you might find difficult.

viii




Exercises

Exercises help you to practise skills that are important for
studying Standard Level and Higher Level Chemistry.

EXAM-STYLE QUESTIONS

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

Visit Cambridge GO and register to access these
resources at www.cambridge.org/GO

In these boxes you will find chemical equations in the
form of symbols and formula.
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» Chapter 1

The particulate nature of
matter

CHAPTER OUTLINE

In this chapter you will:

understand the terms element, compound and
mixture

understand the differences between
heterogeneous and homogeneous mixtures

understand how to separate the components of a
mixture

use kinetic molecular theory to understand the
properties of solids, liquids and gases

understand that temperature in K is proportional to
the average kinetic energy of particles

understand how to convert temperatures between
Kand °C

use state symbols in chemical equations

use kinetic molecular theory to explain changes of
state.

A



Make sure you understand the following key terms
before you do the exercises.

atom: the smallest part of an element that can still be
recognised as that element; in the simplest picture of
the atom, the electrons orbit around the central
nucleus; the nucleus is made up of protons and
neutrons (except for a hydrogen atom, which has no
neutrons)

element: a chemical substance that cannot be broken
down into a simpler substance by chemical means.
Each atom has the same number of protons in the
nucleus

compound: a pure substance formed when two or
more elements combine chemically in a fixed ratio

mixture: two or more substances mixed together. The
components of a mixture can be mixed together in any
proportion (although there are limits for solutions). The
components of a mixture are not chemically bonded
together, and so, retain their individual properties. The
components of a mixture can be separated from each
other by physical processes

molecule: an electrically neutral particle consisting of
two or more atoms chemically bonded together

heterogeneous mixture: a mixture of two or more
substances, that does not have uniform composition
and consists of separate phases. A heterogeneous
mixture can be separated by mechanical means. An
example is a mixture of two solids




chemical properties: how a substance behaves in
chemical reactions

chromatography: a technique used to separate the
components of a mixture due to their different affinities
for another substance and/or solubility in a solvent

deposition: the change of state from a gas to a solid

filtration: a separation technique used to separate
insoluble solids from a liquid or solution

physical properties: properties such as melting point,
solubility and electrical conductivity, relating to the
physical state of a substance and the physical
changes it can undergo

solvation: a process used to separate a mixture of
two or more substances, due to differences in
solubility

states of matter: solid, liquid and gas

state symbols: used to indicate the physical state of
an element or compound; these may be either written
as subscripts after the chemical formula or in normal
type: (aq) = aqueous (dissolved in water); (g) = gas; (I)
= liquid; (s) = solid

boiling: change of state from a liquid to a gas at the

boiling point of the substance

boiling point: the temperature at which a liquid boils
under a specific set of conditions - usually we will be
considering the boiling point at atmospheric pressure




distillation: a separation technique used to separate
the solvent from a solution or separate liquid
components of a mixture that have different boiling
points

sublimation: the change of state from a solid to a gas
melting: the change of state from a solid to a liquid
freezing: the change of state from a liquid to a solid

melting point: the temperature at which melting
occCurs

homogeneous mixture: a mixture of two or more
substances with the same (uniform) composition
throughout the mixture — it consists of only one phase.
Examples are solutions or a mixture of gases

solution: that which is formed when a solute dissolves
in a solvent

evaporation: the change of state from a liquid to a
gas that can occur at any temperature above the
melting point

solute: a substance that is dissolved in another
substance (the solvent) to form a solution

solvent: a substance that dissolves another
substance (the solute); the solvent should be present
in excess of the solute

temperature: a measure of the average kinetic energy
of particles




Exercise 1.1 Elements,
compounds and mixtures

This exercise will check you understand the key terms
element, compound, mixture, atom and molecule, which
are important fundamental ideas in chemistry.

1  Approximately how many different elements are there?

2 Some elements exist as individual atoms, some as a
small group of atoms bonded together into a molecule
and others are bonded together into a giant structure.

a Name two elements that exist as giant structures
at 25 °C.

b Name an element that exists as a single atom.

¢ Name an element that exists as a molecule made
of two atoms joined together (a diatomic
molecule).

TIP

An atom is a single particle.
A molecule is made up of more than one atom.

The atoms in a molecule can be of the same element.

3 Identify which of the following formulas represent
atoms and which represent molecules:



a He

b O,
C Hzo
d C

4 Identify which of the following formulas represent
elements and which represent compounds:

a He
b O,
c H,O
d C

Question 5 is linked to ideas in Chapter 6.

5 This statement is incorrect, explain why:

Elements are made of atoms and compounds are
made of molecules.

6 An alloy is a mixture of a metal and other elements.
Give one way in which the composition of an alloy
differs from that of a compound.

7 Compounds have both different chemical properties
and physical properties from the elements from
which they are formed.

a What is meant by the term physical properties?



10

11

b What is meant by the term chemical properties?

Most everyday substances are mixtures although they
are often labelled as pure. Pure orange juice is a
common example. The manufacturers simply mean
that nothing has been added to the orange juice. In
chemistry, the term pure is not used in the same way.

In chemistry, what is meant by the term pure?

Why do the components of a mixture retain their
individual properties?

Group the following substances into elements,
mixtures and compounds:

air, water, sodium chloride solution, sodium chloride
crystals, iron, chlorine gas, carbon dioxide gas.

What name is given to a mixture that has a uniform
composition and only consists of one phase?

Solid, liquid, gas and solution are all examples of
phases.

12

13

14

What name is given to a mixture that does not have a
uniform composition and consists of separate phases?

Why is a mixture of the solids sodium chloride and
sand not a homogeneous mixture?

When a small amount of salt and water is mixed
together, it forms a homogeneous mixture, but this is
not true when flour is mixed with water, why?



15 Are chemical or physical processes typically used to
separate the components of a mixture?

16 Match the name of the separation technique with the
type of mixture it can be used to separate.

Technique Types of mixture

A filtration 1 substances with very
different solubilities in a
solvent

B distillation 2 aninsoluble solid from a
liquid

C evaporation 3 a solute with very

different solubilities in
two different solvents

D solvation 4 the solute from a
solution

E solvent extraction |5 a mixture of substances
with small differences in
their solubilities in a

solvent
F paper 6 liquids with a large
chromatography difference in their boiling
points

G recrystallisation |7 a mixture containing a
solute with different
solubilities in a solvent
at different temperatures




Exercise 1.2 Kinetic
molecular theory

Kinetic molecular theory is used to explain the observed
properties of solids, liquids and gases.

1 Complete Table 1.1, which describes the arrangement
and movement of particles in solids, liquids and gases.

Description Solids Liquids Gases

diagram
showing the
arrangement
of the
particles

relative
distance of
the particles
from one
another

relative
energy of
the particles

movement
of particles

relative
force of
attraction




between the
particles

Table 1.1: Arrangement and movement of particles.

Which of the descriptions of particles in Table 1.1 can
explain the fixed shape of solids and the lack of a fixed
shape in liquids and gases?

Which of the descriptions in Table 1.1 explain why, at a
given temperature, the volume of a gas is not fixed
but the volume of solids and liquids are?

Younger students are often confused by the observed
properties of a powder. A powder can flow like a liquid
and take up the shape of its container but does not
completely spread out into a puddle like a liquid.

a How would you explain that a powder is a solid?

b How would you explain the ability of a powder to
flow like a liquid?

Which scale is the Sl scale for temperature?

On the kelvin scale, what does zero K (or absolute
zero) represent?

Absolute zero equals —273.15 °C, but you can
use —273 °C for your chemical calculations.

Complete Table 1.2 to show equivalent temperatures
on the kelvin and Celsius scales.



Celsius scale Kelvin scale

0
373

40
74

946
3
500

Table 1.2: Equivalent temperatures on the kelvin and
Celsius scales.

Temperature is used in some chemical calculations.
When it is, the kelvin scale is always used, unless the
calculation involves a temperature change.

Explain why either Celsius or kelvin can be used to
measure temperature change.



Exercise 1.3 Temperature
and kinetic energy

Not all of the particles in a sample have the same amount
of energy, and so, they do not all move with the same
speed. In this exercise, you will explore the distribution of
kinetic energies at different temperatures.

1 Consider a sample of oxygen at a constant
temperature.

a Do all the oxygen particles have the same kinetic
energy? Explain your answer.

b Do all the particles of the gas move at the same
speed? Explain your answer.

2 Consider a mixture of the gases nitrogen and helium
at a constant temperature.

a The average kinetic energy of the particles will be
higher for which gas?

b The average speed of the particles will be higher
for which gas?

TIP

The most probable kinetic energy is the energy at
the peak of a Maxwell-Boltzmann distribution
curve.




3 Describe how the following change when the
temperature of a gas is increased:

a the average kinetic energy of the particles
b the average speed of the particles
¢ the most probable kinetic energy of the particles

d the fraction of particles with the most probable
kinetic energy.



Exercise 1.4 Changes of
state

Heating or cooling a substance can cause it to change
state, as these processes involve the breaking or formation
of forces of attraction between the particles. In this
exercise, you will check that you understand these
processes and can work out the state of a substance at a
given temperature from its melting point and boiling
point.

Figure 1.1 summarises the changes of state.

heating — energy is supplied
particles gain energy

sublimation ——» <——deposition
|
boiling O o
melting evaporating gas,
o
freezing < condensing o

e

cooling —energy taken out
particles lose energy

Figure 1.1: The changes of state.

TIP

The same name for the temperature at which the
change in question 3 happens is used, no matter in
which direction the change happens.




1  Which change of state does not take place only at a
fixed temperature for a given pressure?

2 |dentify which changes of state are exothermic and
which are endothermic.

3 What name is given to the temperature at which a
substance changes from a liquid to a solid?

4 \What name is given to the temperature at which a
substance changes between gas and liquid?

5 Carbon dioxide and iodine are two examples of
substances that undergo sublimation.

a What is meant by the term sublimation?

b What term is used to describe the reverse of
sublimation?

6 Complete the table to show whether a substance is a
solid, liquid or gas at the temperature stated in the
column header.

Substance Melting Boiling State State State
point/ point/ at at 115 at

°C °C -50 °C 245 K
°C
A 15 125
B 253 578
C -83 78
D -169 —-87

7 Figure 1.2 shows the cooling curve for a substance.



2801
260 1
2401
220+
200
180 -
160 -
140 -
120-
100 -
80-
60 -
40+
20+

0

Temperature/°C

0 5 10 15 20 25 30 35 40 45 50
Time/mins

Figure 1.2: The cooling curve for a substance.

a Label the diagram to show the following:
i the region where the substance is a solid
ii the region where the substance is a liquid
lii the region where the substance is a gas
iv the region where the substance is freezing

v  the region where the substance is
condensing

vi the melting point of the substance

vii the boiling point of the substance.



Explain, in terms of the movement and
arrangement of the particles, why the temperature
of the substance remains the same during a
change of state.



EXAM-STYLE QUESTIONS

1

Which of the following lists substances that
are all made up of molecules?

A C,0,CO,
B Na, Cl,, NaCl
C H,, He, Li

D P, Sg, O

Which of the following statements is true of
heterogeneous mixtures?

A Their components cannot be separated
by physical means.

B They have the same composition
throughout the mixture.

C The components are in a fixed ratio.

D The components are in separate
phases.

Which of the following is not a
heterogeneous mixture?

A cola

B tea with milk
C tea with sugar
D

milk



Which of the following shows the correct
sequence of the changes of state involved
in distillation?

A boiling, condensing
B condensing, boiling
C evaporation, cooling
D boiling, cooling

What is the name given to the separation
technique that is used to separate the
components of a mixture that have different
solubilities in a solvent at different
temperatures?

A distillation

B recrystallisation

C evaporation

D paper chromatography

Mercury is a liquid at 25 °C, which of the
following could be its melting and boiling
points?

Melting point Boiling point

A [ -38.9°C 83.7 K
B |-389K 629.7 °C
C |-389K 356.7 K
D -38.9°C 356.7 °C




Which is the correct equation for sublimation?

A COy(s) — CO,(9)
B CO,(g) — COy(s)
C H,0O(s) — HyO(l)
D CO,(g) — COy(aq)

Which statement is correct about melting?

A The average kinetic energy of the
particles increases, but the
temperature stays the same.

B The average kinetic energy of the
particles increases, and the
temperature increases.

C The average kinetic energy of the
particles stays the same, but the
temperature increases.

D The average kinetic energy of the
particles stays the same, and the
temperature stays the same.

Ammonia liquid boils at =33 °C and freezes
at —=78 °C at atmospheric pressure.

a Predict the state of ammonia at
i -50 °C
ii -80°C



i 200 K. [3]

b  Sketch a graph of temperature against

time as a sample of ammonia is cooled
from 0 °C to =50 °C. [4]

10 Some seaweeds accumulate iodide ions in
their leaves, and so, are a good source of
iodine. The seaweed must first be dried and
then heated to burn off the organic matter.
The remaining ash is then boiled in water
and allowed to cool. The iodide ions
dissolve in the water.

a

Suggest a suitable technique that could
be used to separate the iodide solution
from any insoluble impurities. [1]

State the type of mixture that remains
after the insoluble impurities have been
removed. [1]

When dilute sulfuric acid and hydrogen
peroxide are added to the mixture, an
aqueous solution of iodine is produced:

2H+ + H202 + 2|_ — |2 + 2H20

Give the state symbols for I, and H,O in the
equation above. [2]

lodine is not particularly soluble in

water. It is much more soluble in

organic solvents such as cyclohexane.
Outline a method that could be used to
separate the iodine from the solution. [3]



11 The statements below describe the analysis
of a mixture of amino acids by paper
chromatography.

a

Place the statements in the correct

orde

r:

spray the plate with a locating
agent

mark the position of the solvent
front

place a small sample of the
unknown sample on the bottom of
a piece of chromatography paper

iv place the paper into a tank

containing a suitable solvent
v  allow the solvent to rise up the

paper [3]
Figure 1.3 shows the results of the
experiment.

s

M

M = Mixture of amino acids
A =Glycine

B =Lysine

C =Alanine

A B C

Figure 1.3: Chromatogram of an
amino acid mixture.




Which amino acids did the mixture contain?[1]

Why do substances A, B and C each
only produce one spot on the
chromatogram? [1]



> Chapter 2
The nuclear atom

CHAPTER OUTLINE

In this chapter you will:
e describe the structure of an atom

e understand the terms atomic number (Z) and
mass number (A)

e calculate the numbers of protons, neutrons and
electrons in atoms and ions

e understand the term isotope

e understand that isotopes of an element have the
same chemical properties but different physical
properties

e calculate the relative atomic mass (A,) from the
relative abundances of isotopes

e calculate the relative abundance of an isotope
from the relative atomic mass.

understand that the abundance of isotopes in a
sample can be determined from a mass spectrum

understand how to calculate relative atomic mass
from a mass spectrum.




KEY TERMS

Make sure you understand the following key terms
before you do the exercises.

ion: a charged particle that is formed when an atom
loses or gains electron(s); a positive ion is formed
when an atom loses an electron(s) and a negative ion
is formed when an atom gains an electron(s)

atomic number (Z): the number of protons in the
nucleus of an atom

isotopes: different atoms of the same element with
different mass numbers, i.e. different numbers of
neutrons in the nucleus. Isotopes have the same
chemical properties but different physical properties

nuclear symbol: a symbol showing the atomic
number and mass number of an element,

mass number (A): the total number of protons plus
neutrons in the nucleus of an atom

mass spectrometry: an analytical technique used to
determine the relative abundance and mass (strictly
mass to charge ratio) of gaseous particles. It can be
used to determine the isotopic composition of an
element

relative atomic mass (A,): the weighted average of
the masses of the atoms of the isotopes




Exercise 2.1 The structure of
atoms

This exercise will check your understanding of the basic
structure of an atom and how to calculate the number of
protons, neutrons and electrons in atoms and ions.

TIP

Question 1 asks for the relative mass and charge of each
particle not the actual mass or charge. The actual masses
are given in the IB data book.

1 Complete Table 2.1 to show the relative mass and charge
of protons, neutrons and electrons and where in an atom
these are found.

Sub-atomic Relative Relative Location of

particle mass charge the particle
in the atom

proton

neutron

electron

Table 2.1: Sub-atomic particles.

TIP

Question 2 is about neutral atoms, so the number of both the
protons and electrons are the same as the atomic number:
number of neutrons = mass number(A) — atomic humber(2)




Complete Table 2.2.
Element Atomic Mass Number Number Number
number number of of of
(2) (A) protons neutrons electrons
phosphorus| 15 31
strontium 38 88
207 82
bromine 35 44
109 74
Table 2.2: Structures of various atoms.
TIP

lons have a negative charge if they gain an electron. A positive
charge means that an electron has been /lost. Remember that an
ion should not be defined as a charged particle because protons
and electrons are charged particles, but they are not ions.

3

Complete Table 2.3.

Formula Atomic
number

4]

Mass

Number

number of

(A)

protons

Number
of
neutrons

Number
of
electrons

29

64

28

56

30

22

24

20




Table 2.3: Structures of various ions.




Exercise 2.2 Isotopes

In this exercise, you will begin by considering the definition of an isotope and
calculate the number of protons, neutrons and electrons in different isotopes. You
will then explore relative atomic mass and how this is calculated from isotopic
abundances. The last question uses data from mass spectrometry, which is for
Higher Level students only.

Questions 1 and 2 are asked in two different ways. Read the questions
carefully.

1 Interms of the particles in an atom, describe what is meant by the term isotope.

2 Interms of the atomic number and mass number of an atom, describe what is
meant by the term isotope.

Question 3 includes both atoms and ions.

3 Complete Table 2.4 to show the number of protons, neutrons and electrons in
the following isotopes.

Nuclear Number of Number of Number of
symbol protons neutrons electrons
35 46 35
81 p.—
35 BT
64 (1,2+
59 Cu
11 12 10
19—
oF
8 8 10

Table 2.4: Structures of various isotopes.

4  Which atomic particles determine the chemical properties of atoms?

5 Look at the definition of relative atomic mass, A,. What does the term
weighted mean in this definition?
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Calculate the relative atomic masses of the following elements, giving your
answer to two decimal places.

a carbon: % abundance: '2C = 98.93, 13C = 1.07
b argon: % abundance: 36Ar = 0.3365, 38Ar = 0.0632, 0Ar = 99.6003

Calculate the percentage of 3°Cl and 37Cl in a sample given that the relative
atomic mass is 35.45.

TIP

This calculation can be done by assuming that, in a sample of 100 atoms, x are
35Cl and 100 - x are 37Cl. The coursebook gives a worked example of how to
do this. It also gives a shorter method using the formula

relative atomic mass — mass number of lighter isotope

% of heavier isotope = x 100

difference in the mass numbers of two isotopes

TIP

Note that abundance data are not given as a percentage. These do not need to
be converted into a percentage.

a On the mass spectrum of copper in Figure 2.1 suggest the particle
responsible for each peak.

b Calculate the relative atomic mass of the element.

A .
-:‘S'Z,J—area under peak

A 23

Relative abundance

B

63 64 65
Mass:charge ratio (m/z)

Figure 2.1: Mass spectrum of copper.




EXAM-STYLE QUESTIONS

1  Which statement is correct?

A Protons and electrons have the same
relative mass.

B Protons and neutrons have the same
relative mass.

C Electrons have zero mass.

D The mass of a neutron is about 100
times more than the mass of an
electron.

2 Which statement is incorrect?

A The relative charge of an electron is
zero.

B The relative charge of a proton is +1.

C The charge on a proton is 1.6 x
10719C.

D The charge of a neutron is zero.

3  Which of the following atoms contains the
most neutrons?

A 40Ca
B 40Ar
C 3%K

D 3Cl



How many protons are there in an atom of
208Pb2+?

A 208
B 126
C 124
D 82

What is the charge on an ion that has an
atomic number of 19, a mass number of 39
and 20 electrons?

A -1
B O

cC +1
D +2

Which statement is not true about 1;’2 Ba2+

?

A It has 56 protons, 82 neutrons and 58
electrons.

B The atomic number is 56 and the mass
number is 138.

C It has more neutrons than protons.
D It has more protons than electrons.

Bromine (atomic number 35) has two
naturally occurring isotopes and a relative



atomic mass of 79.9. Which of the following
statements can be deduced from this
information?

A The two isotopes are "°Br and 8'Br.
B The two isotopes are "®Br and 8'Br.

C One isotope has more than 45
neutrons and the other has fewer than
45 neutrons.

D The two isotopes are found in
approximately equal proportions.

A sample of boron is found to contain a
mixture of 20% '°B and 80% ''B. What is
the relative atomic mass of boron in this
sample?

A 108
B 10.6
C 104
D 10.2
a Explain the terms mass number and
relative atomic mass. [3]
b i Compare the structure of 160, 170
and 180 in terms of the particles of
which they are made. [2]

ii  What name is given to particles
that differ in this way? [1]



¢ A sample of oxygen was found to
contain 99.76% 160, 0.04% 70 and
0.20% '80. Calculate the relative
atomic mass of oxygen to two decimal
places. [2]

10 What is the relative atomic mass of an
element with the mass spectrum shown in
Figure 2.27

A —-— -
@ 60.1%—— area under peak
=
[y
o
[
=
a
o Q.
g 39.9%
©
@
o
0 T
69 70 71

Mass:charge ratio (m/z)

Figure 2.2: Mass spectrum of an element.
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> Chapter 3
Electron configurations

CHAPTER OUTLINE

In this chapter you will:
e describe the emission spectrum of hydrogen

e understand how the lines in the emission spectrum
of hydrogen arise

e describe the relationship between wavelength,
frequency, energy and colour in the
electromagnetic spectrum

e write full and condensed electron configurations
for atoms and ions up to Z = 36

e understand what orbitals are and draw diagrams
of s and p orbitals

e draw orbital diagrams for atoms and ions up to Z =
36.

understand that the ionisation energy for
hydrogen can be deduced from the emission
spectrum

calculate the first ionisation energy from the

wavelength or frequency of the convergence limit
understand what information about the electronic

structure of atoms can be deduced from
successive ionisation energy data




KEY TERMS

Make sure you understand the following key terms
before you do the exercises.

continuous spectrum: a spectrum consisting of all
frequencies/wavelengths of light

energy level: the energetic ‘distance’ of an electron
from the nucleus of an atom

line spectrum: the emission spectrum of an atom
consists of a series of lines that get closer together at
higher frequency; only certain
frequencies/wavelengths of light are present

degenerate: a set of orbitals with the same energy

electromagnetic spectrum: the range of frequencies
of radiation

emission spectrum: electromagnetic radiation given
out when an electron in an atom falls from a higher
energy level to a lower one. Only certain frequencies
of electromagnetic radiation are emitted — a line
spectrum. Each atom has a different emission
spectrum. For hydrogen, the emission spectrum in the
visible region consists of a series of coloured lines that
get closer together at higher frequency

principal quantum number: the number used to
describe the main energy level or shell of an atom.
The first shell has the principal quantum number one,




the second two, and so on. The symbol n is
sometimes used. The maximum number of electrons
in a given shell can be calculated using the formula
2n?

electron configuration: the arrangement of the
electrons in an atom or ion

Aufbau principle: the process of putting electrons
into atoms to generate the electron configuration

condensed electron configuration: an abbreviated
form of an electron configuration where the previous
noble gas atom is written in square brackets followed
by the remainder of the full electron configuration

energy sub-levels: the main energy levels, or shells,
in an atom are divided into sub-levels. There are
different types of sub-level, known as s, p, d and f sub-
levels

convergence limit: the point in a line emission
spectrum where the lines merge to form a continuum.
The frequency of the convergence limit in the series of
lines where the electron falls down to n = 1, may be
used to determine the ionisation energy of hydrogen

convergence: when the lines in an emission spectrum
get closer together at higher energy/frequency

ionisation energy: see first ionisation energy

first ionisation energy: the minimum amount of
energy required to remove an electron from a gaseous
atom/the energy required to remove one electron from
each atom in one mole of gaseous atoms under




standard conditions. The energy for the following
process:

M(g) — M*(g) + e”

second ionisation energy: the minimum energy
required to remove the outermost electron from each
ion in a mole of gaseous ions with a 1+ charge to form
a mole of gaseous ions each with a 2+ charge under
standard conditions:

M*(g) — M?*(g) + e~

orbital diagrams: diagrams that show the full electron
configuration of atoms/ions using arrows (electrons) in
boxes (orbitals)

orbital: a region of space in which there is a high
probability of finding an electron; it represents a
discrete energy level. There are s, p, d and f orbitals.
One orbital can contain a maximum of two electrons

Pauli exclusion principle: two electrons in the same
orbital must have opposite spins

Hund’s rule: electrons fill orbitals of the same energy
(degenerate orbitals) to give the maximum number of
electrons with the same spin




Exercise 3.1 The
electromagnetic spectrum

In this exercise, you will consider the electromagnetic
spectrum.

Questions 1 and 2 ask for the qualitative relationship
not the quantitative (mathematical) relationship.

1 Describe the qualitative relationship between
wavelength and frequency in the electromagnetic
spectrum.

2 Describe the qualitative relationship between
wavelength and energy in the electromagnetic
spectrum.

The entire distribution of frequencies of radiation are
given in the IB data book.

3  Which has a higher frequency, red light or violet light?



Exercise 3.2 The hydrogen
atom spectrum

Emission spectra are produced by all elements. The
hydrogen emission spectrum is particularly useful, as
hydrogen only has one electron, so its spectrum is easier
to interpret. This exercise looks at how the hydrogen
emission spectrum is formed and how it is interpreted.

1 What is meant by a continuous spectrum?
2 What is meant by a line spectrum?

3 Why s it possible to identify an element from its
emission spectrum?

4 Passing an electric discharge or high voltage through
a sample of gas causes the electrons in an atom to be
excited. Suggest another method of exciting the
electrons in an atom that can be used to identify the
presence of some elements in a simple laboratory
experiment.

5 How does the arrangement of electrons into energy
levels provide an explanation for the production of a
line spectrum rather than a continuous spectrum?

6 What do the different series of lines in the hydrogen
emission spectrum represent?

7  Figure 3.1 shows part of the hydrogen emission
spectrum that appears in the visible part of the
electromagnetic spectrum that relates to transitions to



the n = 2 energy level. Show what transitions cause
the lines at each of the wavelengths shown.

Spectrogram of the visible lines in the Balmer series of hydrogen

Figure 3.1: Part of the hydrogen emission spectrum.

656.3nm
486.1 nm
434.0nm
410.2 nm

TIP

The wavelength of the line is related to its energy. The
longer the wavelength, the lower the energy. All of
these lines relate to transitions from energy levels
higher than 2 to n = 2.

Why do the lines in an emission spectrum series get
closer together at shorter wavelengths?

The lines in the hydrogen emission spectrum
representing transitions to the n = 1 level occur in the
ultraviolet region of the electromagnetic spectrum.

a What name is given to the point at which they
merge?

b What does this point represent?



Exercise 3.3 Electron
configurations

Electron configuration is the term used to describe the
arrangement of electrons in an atom or ion. The position of
an electron is described in terms of its energy level rather
than its distance from the nucleus. The position of an
electron is described by its principal quantum number.
The energy levels are divided into sub-levels and each
sub-level is divided into a number of orbitals.

1

What formula can be used to calculate the maximum
number of electrons in a main energy level?

Calculate the maximum number of electrons that can
occupy each of the first four main energy levels.

Which letters are used to name the sub-levels?

Each sub-level is made up of a number of orbitals.
What is meant by the term orbital ?

Complete Table 3.1 to show how many orbitals there
are in each sub-level and the maximum number of
electrons these orbitals and sub-levels can hold.

Sub- Number Maximum Maximum
level of number of number of

orbitals electrons in electrons in the
each orbital sub-level




d
f

Table 3.1: Atomic orbitals and their occupancy.

6 Using the Aufbau principle, write the sub-energy
levels up to the third energy level in order, starting
with the sub-level of lowest energy.

7 A chlorine atom has 17 electrons.
a  Write the full electron configuration of chlorine.

b Write the condensed electron configuration of
chlorine.

TIP

The condensed electron configuration is an
abbreviated form of the full electron configuration and
uses square brackets around the symbol for the
preceding noble gas.

8 Why is the condensed electron configuration of
potassium [Ar] 4s' and not [Ar] 3d1?

The electron configuration of chromium does not
follow the Aufbau principle.

9 Give the full electron configuration of the following
elements:



a carbon

b calcium

C arsenic

d chromium.

10 Which other element in the same period as chromium
has an electron configuration that does not follow the
Aufbau principle?

TIP

The relationship is slightly different in different parts of
the periodic table. It would be a good idea to refer to
the different blocks in your answer.

11 The periodic table can be used to work out the order in
which the sub-levels are filled, although using this
does not work for the elements that are exceptions to
the Aufbau rules. Describe the relationship between
the period number of an element and its electron
configuration.

12 Describe the relationship between the group number
of an element and its electron configuration.

13 Figure 3.2 shows an outline of the modern form of the
periodic table.




14

15

Figure 3.2: Outline of the modern form of the periodic
table.

a ldentify the names of the blocks A-D.

b What does the block in which an element is found
tell you about that element’s electron
configuration?

Give the full electron configuration of the element that
is found in Period 4 and Group 14.

Give the full electron configuration of the element with
atomic number 35.



Exercise 3.4 Putting
electrons into orbitals:
Aufbau principle

In this exercise, you will look at the way that the electrons
are arranged in orbitals, the idea of electron spin, the Pauli
exclusion principle and Hund’s rule.

TIP

There are exceptions to these general rules; copper
and chromium are the two exceptions that you will
meet.

1 How many different types of orbitals are there?

2 Sketch a diagram to show the shape of an s orbital.

3  Sketch a diagram to show the shape of a p orbital.

4 The p sub-level is made up of a number of different
orbitals. In what way do they differ from each other?

5 How many different d orbitals make up a d sub-level?

6 The f sub-level can hold a maximum of 14 electrons.
How many f orbitals is it made of?

7 The orbitals that make up a sub-level are said to be
degenerate. \What does this term mean?



8 How are the spins of an electron in an orbital
represented in an orbital diagram?

9 Using your understanding of Hund’s rule, draw an
orbital diagram to show how three electrons would
occupy a p sub-level.

An orbital diagram is also called an arrow-in-box
diagram.

10 Draw orbital diagrams for the following atoms:
a nitrogen
b sulfur
c titanium.

11 Complete the orbital diagrams for phosphorus and
copper in Figure 3.3.

3d

4s
3p 3p
3s 3s
2p 2p
2s 2s
1s 1s

a phosphorus b copper

Figure 3.3: Orbital diagrams for phosphorus and
copper.
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13

14

15

Atoms form negative ions when one, or more, electron
is gained. Draw the orbital diagram for each of the
following negative ions:

a F
b 02
c N3

Atoms form positive ions by losing electrons. Draw the
orbital diagram for each of the following positive ions:

a Li*
b Na'
c APt

Which electrons are usually the first electrons
removed from a transition element?

Give the full electron configurations of the following
atoms and ions:

a VandV?
b Fe and Fe?*
¢ CrandCr3

d CuandCu?*



Exercise 3.5 lonisation
energy

At the end of exercise 3.2 you met the idea that the
convergence limit of the lines in the hydrogen emission
spectrum represent the point beyond which its electron is
free from any attraction to the nucleus. The energy
corresponding to this convergence limit is known as the
ionisation energy. This exercise explores the definitions of
ionisation energies and the information given by the trends
in the successive ionisation energies of an element.

1
2

Define the term first ionisation energy.

Give an equation for the first ionisation energy of
chlorine.

Give an equation for the second ionisation energy of
potassium.

Give an equation for the sixth ionisation energy of
sulfur.

Why is the amount of energy required to remove a
second electron from an atom always greater than the
amount of energy required to remove the first?

a How can the emission spectrum of an element be
used to find the ionisation energy of its outermost
electron?

b Aline in the emission spectrum of sodium has a
wavelength of 598 nm. Calculate the energy of
the photon emitted.



¢ The convergence limit of helium is 50.4 nm.
Calculate the ionisation energy of helium.

When you sketch a graph, remember to include labels
for the axes.

7 Successive ionisation energy data for an element
can be used to deduce in which group of the periodic
table it belongs.

Table 3.2 shows the successive ionisation energies for

magnesium.

lonisation energy number Energy/kJ mol™!
first 738
second 1451
third 7733
fourth 10 543
fifth 13 630
sixth 18 020
seventh 21 711

Table 3.2: Successive ionisation energies for
magnesium.

Explain why there is a large increase in the amount of
energy required to remove the third electron
compared to the second.
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Sketch a graph of the successive ionisation energies
for silicon.

Sketch a graph of the first 10 successive ionisation
energies for an element in Group 17 of the periodic
table.

Why are data on successive ionisation energies of a
transition metal often not useful in assigning its group
number?



EXAM-STYLE QUESTIONS

1

Which statements are true of the hydrogen
emission spectrum?

o o W »

The lines in the spectrum are due to
electron excitation.

The line of highest frequency
represents the energy gap between the
innermost and outermost energy
levels.

The lines in each series get closer
together because the energy gaps
between the levels get smaller.

| only

Il only

I and Il only
Il and lll only

What is the maximum number of electrons
in the n = 3 energy level?

A

B
C
D

3
6
10
18



What is the total number of p electrons in
an atom of arsenic, atomic number 337

A 3
B 7
C 15
D 33

What is the correct full electron
configuration of titanium, atomic number
227

A 1s22522p83523pf4523d2
B 1s%2s522pb3s23p%3d*
C 1s22s22p%3s23pB4s1343
D 1s22s22pf3s23pf4st

What is the correct condensed electron
configuration of potassium?

A [Ne] 3s23pf4s’

B 1s%2s522pf3s23pf4s’
C [Ar] 4s]

D 4s'

What is the correct electron configuration of
Ni2*?

A 1522522p%3s23pf4524p03d2



B 1s22s522p63s23p®4523d°
C 1s22522p%3s523p%34d10

D 1s22s22p®3s523pf3d8
Which of the following orbital diagrams is
correct for chromium?

A AT ANAT]
B AJOQNI[TN]
C [A] [l [ [ ]
D A I hh]

The first ten successive ionisation energies
of an element are shown in Figure 3.4.
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Figure 3.4: Successive ionisation energies of an
element.




Which group of the periodic table could this
element belong to?

A Group 4
B Groupb6
C Group 14
D Group 16

Given that Planck’s constant has a value of
6.63 x 10734 Js, what is the energy of a
photon of light with a frequency of 2.00 x
1014 HZz?

A 1.326x10719J
B 3.315x10748J
C 3.017 x 10%7 J
D 1.326x10720

Which of the following statements is true
about the emission spectrum of an
element?

A The first ionisation energy is deduced
from the convergence limit of the
series with the longest wavelength.

B The first ionisation energy is deduced
from the convergence limit of the
series with the shortest wavelength.

C The lines of the spectrum represent
the movement of electrons between



energy sub-levels.

The number of lines on the spectrum
indicates the number of electrons in an
atom of the element.

11 Neon gas glows orange—red when placed in
an electric field and gives its name to
coloured lights that can be used in advertising
signs. The colour observed is due to the
relative intensity of the different lines in its
emission spectrum; the orange—red lines are
more intense than the lines of the other
colours that are produced.

a

Describe what changes in an atom give
rise to its emission spectrum.

Explain why an emission spectrum,
such as that of hydrogen, consists of a
number of different series of lines.

Sketch an energy level diagram
showing the transitions that lead to the
lines in the series of the hydrogen
emission spectrum with the shortest
wavelength.

With reference to emission spectra,
describe what is meant by the term
convergence.

What data can be calculated from the
convergence limit of an emission
spectrum?

[1]

[1]

[4]

[1]

[1]



12 Figure 3.5 shows the log, of the

successive ionisation energies of an
element. ldentify the element giving a

reason for your answer. [3]
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Figure 3.5: The log,, of the successive ionisation
energies of an element.




> Chapter 4
Counting particles by mass: The mole

CHAPTER OUTLINE

In this chapter you will:

e understand the terms relative atomic mass and relative formula mass
e understand what a mole is

e calculate molar masses

e calculate amounts of a substance in mol from masses and vice versa

e carry out calculations involving amounts of a substance in mol, masses and
number of particles

e understand what empirical and molecular formulas are

e deduce empirical and molecular formulas from experimental data

e understand what is meant by the concentration of a solution

e carry out calculations involving concentrations in mol dm=3 and g dm™
e understand Avogadro’s law

e solve problems involving gases using Avogadro’s law.

KEY TERMS

Make sure you understand the following key terms before you do the
exercises.

relative formula mass: if a compound contains ions, the relative formula mass is
the average mass of the formula unit relative to the mass of 12 of an atom of carbon-
12

mole: the unit of the amount of substance. The amount of substance that contains
the Avogadro number (6.02 x 1023) of particles (atoms, ions, molecules, etc.)

molar mass (M): the mass that contains 1 mol of particles (atoms, molecules, ions)
and is its A, or M. in grams. The units of molar mass are g mol™"

Avogadro constant: has the same numerical value as the Avogadro number but
units of mol™', i.e. 6.02 x 1023 mol~". The symbol L or N, is used for the Avogadro
constant

molecular formula: the total number of atoms of each element present in a
molecule of the compound; the molecular formula is a multiple of the empirical
formula




empirical formula: the simplest whole number ratio of the elements present in a
compound

relative molecular mass (M,): the average mass of a molecule of a compound
relative to the mass of 12 of an atom of carbon-12; M, is the sum of the relative
atomic masses for the individual atoms making up a molecule

concentration: quantity of solute dissolved in a unit volume of solution; the volume
that is usually taken is 1 dm?3 (one litre); the quantity of solute may be expressed in g
or mol, so the units of concentration are g dm=3 or mol dm™3

standard solution: a solution of known concentration

Avogadro’s law: equal volumes of ideal gases measured at the same temperature
and pressure contain the same number of molecules

KEY EQUATIONS

m
n—=—

M
where

n = number of moles, mol
m = mass, g
M = molar mass, g mol™’
N=nx Ny
where
N = number of particles
n = number of moles, mol

N, = Avogadro’s constant = 6.02 x 1023 mol™"
n=CV
m
(orC = V to give the concentration in g dm™3)

where
C = concentration, mol dm=3

n = number of moles, mol
m = mass, g

V = volume, dm?3

number of atoms of the element x atomic mass of the element

% by mass of an element =

relative formula mass




Exercise 4.1 Relative masses

The mass of an atom is so small that the actual masses of
atoms and molecules are not used and relative atomic
masses are more usual. In this exercise, you will explore
this idea and practise calculating the relative mass of
different substances.

1 In the terms relative atomic mass, relative formula
mass and relative molecular mass, to what does the
term relative apply?

TIP

Always use the values from the IB data book and be
consistent with decimal places. The data book gives
relative atomic masses to two decimal places. So,
answers should be given to two decimal places.

2 Calculate the relative formula mass or relative
molecular mass of the following substances:

a C02
b H,O,
c NaNO;

d (NH4),SO,
e CzH5OH



g H3CgHs50;



Exercise 4.2 Moles

The mole is the fundamental Sl unit of amount. Put simply,
it is the unit we use to count things. It is used to count very
large amounts.

m

1 In this exercise, you will use the formula n = i

a What do the symbols n, m and M represent?

b Give the units for n, m and M.

Take care to always note the number of significant
figures used in the question.

m
2 Using the formula n = R calculate the amount in

mol of the following:
a 10.0 g of sodium
b 0.5kg of NaCl

c 0.25g of KMnO,4

d 3.0kgof CO,
e 15.0gofBr,

f 1gofH,0O

TIP



Each H,O molecule contains two hydrogen atoms, so,

however many moles of water there are, there must be
twice that number of moles of hydrogen atoms.

m
3 Using the formula n = a calculate the number of

moles of hydrogen atoms in 1.00 g of each of the
following substances:

a Hzo
b CH,
C C6H1206

d (NH,),SO,

e CzH5OH

TIP

To calculate either the mass or the number of moles,
the correct molar mass must be used, which means
that the correct formula is essential. The formula for
nitrogen gas is N,.

m
4 Rearranging the formula n = R calculate the mass

of the following:

a 0.10 mol of NO,
b 2.25 mol of CuSO,

¢ 3.00 mol of Cu(NO3),



d 0.050 mol of Mg(HCO3),

e 0.23 mol of nitrogen gas.

m
5 Rearranging the formula n = N calculate the

following:

a The molar mass of a substance if 0.250 mol of the
substance has a mass of 54.0 g.

b The molar mass of a substance if 1.5 mol of the
substance has a mass of 180 g.



Exercise 4.3 The mass of a
molecule

This exercise uses Avogadro’s constant to find the mass
of a single particle of a substance and the number of
particles in a given mass of substance.

1  What is the significance of Avogadro’s constant?
2 In this exercise, you will use the formula N = n x Ny

a What do the symbols N, N, and n represent?

b Give the units for N, N, and n.

Note that values should not be rounded until the very
last step of a calculation.

m
3 Using the formula n = 5 and number of particles, N

= n x N,, calculate the following:

a The number of water molecules in 2.50 mol of
water.

b The number of oxygen molecules in 64 g of
oxygen.

¢ The number of oxygen atoms in 64 g of oxygen.

d The total number of atoms in 1 g of SiO,.



e The mass of one molecule of CO,.

f  The mass of hydrogen atoms in 0.040 mol of
CoHg.



Exercise 4.4 Empirical and
molecular formulas

Not all substances are made of molecules, and so, the
term molecular formula is not always appropriate. In the
case of substances that have a giant structure (see
Chapters 6, 7, and 8), an empirical formula is used. In
this exercise, you will practise calculating the empirical and
molecular formulas of different substances, so it is
important that you know the meaning of these terms. You
will start by first calculating the percentage composition of
a compound from its formula using the following
expression:

% by mass of _ number of atoms of the element X atomic mass of the element
an element relative formula mass

1 Calculate the percentage of iron in Fe,0s;.
2 Calculate the mass of iron in 500 kg of Fe,O;.

3 Calculate the % composition by mass of each of the
elements in Mg3(POy)s.

4 Calculate the mass of magnesium in 1 g of Mg3(POy,),.

5 For each of the following compounds, calculate the
mass of substance that will contain 10.0 g of carbon:

a CHy

c CyHqg



All substances have an empirical formula but not all
substances have a molecular formula. Explain this
statement.

Deduce the empirical formula from the following
molecular formulas:

a

b

e

f

CoH,
H,0,
C4H1g
(COOH),
NH,NO,

CH,CH,CH,COOH

The molecular formula of a substance is always a
whole number multiple of its empirical formula.
Complete Table 4.1. The first row has been filled in as
an example.

Molecular Empirical Ratio,
formula  formula molecular formula

empirical formula

b | CgH1206
C CH2 5
d CH,O0 |3
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11

12

Table 4.1: Molecular and empirical formulas.

As the ratio of the molecular formula to the empirical
formula is always a whole number, the molecular
formula can also be calculated from the empirical
formula if the molar mass is known. Deduce the
molecular formula of the following substances:

a Empirical formula P,O5 and a molar mass of
283.88 g mol™’

b Empirical formula CH, and a molar mass of 70.15
g mol™’

¢ Empirical formula CH,O and a molar mass of
60.06 g mol™’

Find the empirical formulas of the following
compounds using the data given:

a Ca20.05%, Br79.95%
b Na29.1%, S 40.5%, O 30.4%
c C53.3%,H15.5%, N 31.1%

An oxide of phosphorus contains 56.4% phosphorus
and 43.6% oxygen. Its relative molecular mass is
219.9. Find both the empirical and the molecular
formula of the oxide.

In an experiment, 0.36 g magnesium was reacted in
an excess of oxygen and the oxide formed was found
to have a mass of 0.60 g.

a Calculate the mass of oxygen in the compound.



b Deduce the empirical formula of the compound.

13 1.50 g of an organic compound containing only the
elements carbon, hydrogen and oxygen with a relative
molecular mass of 90.04 was combusted in excess
oxygen. 1.47 g of CO, and 0.30 g of water were

formed.
a Calculate the empirical formula of the compound.

b Deduce its molecular formula.



Exercise 4.5 Solutions

A solution is formed when a solute is dissolved in a
solvent. The concentration of a solution is normally given
in mol dm~3. In this exercise, you will practise calculating

" L] fa— . n " —
concentration in mol dm™3, using C = —, and in g dm3,

%

m
using C' = —, and calculating the concentration when a

%

solution is diluted. Finally, you will use a graphical method
to find the concentration of a coloured solution.

To convert concentration in g dm™3 into mol dm™3,
simply divide by the molar mass.

1  Convert the following volumes:
a 25cm3intodm?
b 100 cm?3into dm?
¢ 1cmdintodm3
d 0.05dm?3into cm3
e 1.5x 1072dm3 into cm?3

f 2.5x1073dm?into cm3



Make sure you use the correct units when calculating
concentrations. Concentration can be measured in g
dm™3 or in mol dm™3, but a common mistake is to use
cm3. Convert volumes when necessary.

2 Calculate the concentrations of the following solutions
in both g dm™3 and mol dm™3:

a 200 cm3 of solution containing 1 g of KOH

b 25 cm? of solution containing 0.025 g of CuCl,

¢ 3.5 x 1072dm3 of solution containing 14 mg of
KMnO4

TIP

Note that the volume of the solution is given and not
the volume of solvent that the solute is dissolved into.
This is because the volume can change when a solute
is added due to the forces of attraction between the
solute and solvent particles.

3 Calculate the concentrations of the following solutions:
a 10.2 gdm™ Pb(NO3), in mol dm™3
b 4.6 gdm™3MgCl,in mol dm™
¢ 0.01 moldm™ NaOH in g dm™

4 Calculate the number of moles of solute present in
each of the following solutions:



a 25 cm?3 of HCI with a concentration of 0.010 mol
dm3

b 5.2 x 1072 dm?3 of CuSO, with a concentration of
0.010 mol dm™3

¢ 100 cm?3 of FeBr, with a concentration of 2.5 x
107° mol dm™3

5 Calculate the mass of solute present in each of the
following solutions:

a 10 cm3 of MnCl, with a concentration of 1.5 mol
dm™3

b 25 cm3 of Kl with a concentration of 0.020 mol
dm™3

¢ 2.000 dm? of CH;COONa, where [CH3;COONa] =
0.010 mol dm™3

TIP

The use of square brackets around the formula of a
substance in questions 5 and 6 means concentration
of. Square brackets around the symbol of a noble gas,
such as [Ne], means the electron configuration of that
noble gas (see Chapter 3). In Chapter 10 (Higher
Level only), you will meet a third use of square
brackets in complex ions.

6 Calculate the concentration of nitrate, NO3™, ions
present in the following solutions:



a [NaNOj] = 0.10 mol dm3
b [Cu(NO3),] = 0.50 mol dm3
¢ [A(NOS)s] = 1.5 x 1073 mol dm3

7 Calculate the total number of moles of ions present in
1 dm3 of each of the solutions in question 6.

8 Calculate the concentration in mol dm?3 of the following
standard solutions. The substances are all hydrated,
so they contain water of crystallisation.

a 100 cm? of solution containing 1.00 g of
MgSO,+7H,0

b 250 cm?3 of solution containing 1.00g of
CuSO,+5H,0

TIP

Water of crystallisation is only found in solids. It can be
thought of as water molecules trapped within the
crystal structure. As crystal structures are regular, the
amount of water trapped tends to be the same for a
given substance. This is represented in a formula by a
mid dot/bullet.

9 Calculate the concentration of a solution of HCI made
by adding sufficient water to 25.0 cm3 of a solution
with a concentration of 1.00 mol dm?3 to a give a new
volume of 100.0 cm3.



The answer should be given to the same number of
significant figures as the fewest number of significant
figures used in data in the question.

10 Calculate the volume of a CuSO, solution of
concentration 0.250 mol dm™3 that will be required to
make 200 cm? of solution with a concentration of
0.150 mol dm™3.



Exercise 4.6 Avogadro’'s law

Knowing Avogadro’s law makes some calculations more
straightforward because, under the same conditions of
temperature and pressure, the volume of a gas is
equivalent to the number of moles of gas. Chapter 5
explores this idea about so-called ideal gases in more
detail.

Assume that all the substances mentioned are ideal gases,
and that both temperature and pressure remain constant,
for all the questions in this exercise.

TIP

The answer to question 1b is not 300 cm?3, as H,0
molecules contain more atoms than either H, or O,
molecules. Look at the relative number of moles of
H,O formed, as shown by the coefficients (numbers in
front of each formula) in the equation.

1  For the following reactions, calculate the final volume
of the mixture if the quantities stated were reacted with
each other.

a Hy(g) + Fx(g) — 2HF(g)
100 cm? 100 cm3

b 2H,(g) + Oy(g9) — 2H,0(9)
200 cm3 100 cm?



¢ CgHg(g) + 3Hy(g) — CgH42(9)
100 cm3 300 cm?3

2 What volume of oxygen is required to react with the
following?

a 25 cm?3 of methane in the reaction
CHy(g) + 20,(g) — CO4(g) + 2H,0(g)

b 0.50 dm?3 of butane in the reaction
2C4H0(g) + 130,(g) — 8CO,(g) + 10H,0(g)

¢ 200 cm?3 of hydrazine in the reaction
NaH4(g) + O4(g) — Na(g) + 2H,0(g)

3 2 dm3 of hydrogen sulfide is burned in 7 dm?3 of
oxygen, which is an excess according to the following
equation:

2H,S(g) + 30,(g) — 2H,0(g) + 2S04(9)

a What volume of oxygen actually reacts with the 2
dm?3 of hydrogen sulfide used?

b Whatis the volume of each gas at the end of the
reaction?

¢ What is the final volume of the mixture?

Look closely at the state symbol of H,O in question 4.

4 |n an experiment, 25 cm? of methane was reacted with
25 cm?3 of oxygen. What was the total volume of all



gases at the end? State how much there was of each
gas.

CHy(g) + 20,(g) — COy(g) + 2H,0(1)



EXAM-STYLE QUESTIONS

1 What is the molar mass of
NazB407‘1 0H2O7

A 278 gmol™’
B 381gmol™’
C 146 g mol™
D 238gmol™’
2 What is the mass of 0.5 mol of C3Hg?
A 44g¢
B 24g
C 22g¢
D 26g¢g

3  Which substance contains the highest
number of moles of hydrogen atoms?

A 0.05 mol of CH,
B 0.04 mol of (NH4)2SO4
C  0.03 mol of H,0,

D 0.1 mol of H,

4 How many moles of CI™ ions are there in 9.5 g
of MgCl,?

A 0.1 maol



B 0.2mal
C 0.3 mol
D 0.4 mol

What is the approximate percentage of
calcium in calcium carbonate, CaCO5?

A 10%
B 20%
C 30%
D 40%

How many atoms are there in 4.4 g of
carbon dioxide?

A 9.03 x 10%
B 1.81x10%
C 6.02x10%
D 3.01x10%

A hydrocarbon was found to have a
composition by mass of 24 g carbon and 8
g hydrogen. What is its empirical formula?

A CH
B CH,
C CHj,
D CH,
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What mass of solute is needed to make 100
cm? of 0.100 mol dm™3 of MgSO,?

A 12g
B 12g

C 120g
D 1200g

What volume of oxygen is required to
completely react with 40 cm?3 of pentane?

2C5Hq5(g) + 160,(g) — 10C0Oy(g) +
12H,0(g)

320 cm?3

>

160 cm?3

w0

80 cm?3

@)

40 cm3

What volume of carbon dioxide is produced
when 65 cm? of butane is burnt in 65 cm? of
oxygen?

2C4H10(g) + 1304(g) — 8CO,(g) + 10H,0(])
A 260 cm3

B 130cm?®
C 65cmd
D

40 cm3
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In an experiment to deduce the formula of
MgSOQO,°xH,0O, a sample of the solid was
heated to constant mass in a crucible to
remove the water of crystallisation. The
following data were obtained.

mass of crucible, empty crucible = 18.27 g

mass of crucible and hydrated magnesium
sulfate (before heating) = 21.19 g

mass of crucible and anhydrous
magnesium sulfate (after heating) = 19.70 g

a Describe what is meant by ‘heated to
constant mass’. [1]

b Use the data to find the value of x in
the formula. [4]

¢ The balance used had an uncertainty
of £0.01 g. Calculate the percentage
uncertainties in the masses of both the
hydrated and anhydrous magnesium
sulfate. [2]

d The contents of the crucible were then
transferred into a 250 cm?3 volumetric
flask, along with any washings, and
distilled water was added to make up
the solution to the mark on the flask.
Assuming that none of the anhydrous
magnesium sulfate was spilt or lost,
calculate the concentration of the
solution. [1]
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e Calculate what mass of hydrated
magnesium sulfate would need to be
used to make the same volume of
solution with the same concentration. [1]

In an experiment, a 0.500 g sample of a

volatile liquid with a molar mass of 132.18 g

mol~! was analysed by burning it in an

excess of oxygen. 0.999 g of carbon

dioxide and 0.409 g of water were formed.

There were no other products. Deduce the
empirical formula and the molecular formula

of the substance. [7]



» Chapter 5
|deal gases

CHAPTER OUTLINE

In this chapter you will:

e understand the assumptions of the ideal gas
model

e understand under what conditions a real gas is
most different from an ideal gas

e describe the relationships between pressure,
volume and temperature for an ideal gas

PV PV
T

e carry out calculations using

e carry out calculations involving the ideal gas
equation

e understand what is meant by the molar volume of
a gas.

KEY TERMS

Make sure you understand the following key terms
before you do the exercises.

ideal gas: a theoretical model that approximates the
behaviour of real gases. It can be defined in terms of
macroscopic properties (a gas that obeys the equation




PV = nRT) or in terms of microscopic properties (the
main assumptions that define an ideal gas on a
microscopic scale are that the molecules are point
masses — their volume is negligible compared with the
volume of the container — and that there are no
intermolecular forces except during a collision)

standard temperature and pressure (STP): 273 K,
100 kPa pressure

standard ambient temperature and pressure
(SATP): 298 K and 100 kPa

KEY EQUATIONS

PV = nRT

where
P = pressure, Pa (1 Pa=1Nm™)
V = volume, m3
n = number of moles, mol
R = gas constant = 8.31 J K™ mol™’

T = temperature, K

Alternatively, pressure can be measured in kPa and
volume in dm3.

PV PV
T T
where

P = pressure

V = volume




T = temperature, K
Subscripts 1 and 2 denote different conditions.

Any units for pressure and volume can be used as long
as they are the same for conditions 1 and 2.
Temperature must be measured in K.

n

where
n = number of moles, mol

Units of volume must be the same as the units for the
molar volume.




Exercise 5.1 Real gases and
ideal gases

In this exercise, you will explore the behaviour of ideal
gases, what is meant by this term and how real gases
differ from ideal gases.

The assumptions made about an ideal gas allow us to
predict the behaviour of real gases when conditions such
as temperature, pressure and volume are changed. Later
in this chapter, you will practise applying mathematical
equations to make these predictions.

You may be expected to know the assumptions of the
ideal gas model in an exam.

1  One of the assumptions about an ideal gas is that the
collisions between the particles are perfectly elastic.
What is meant by the term perfectly elastic?

2 What are the other assumptions about ideal gases,
apart from the one mentioned in question 17?

TIP

Consider how pressure, temperature and size affect
the distances between the particles. How will this
affect the proportion of the total volume occupied by




the particles themselves? In an ideal gas, this is
assumed to be zero.

3 One of the assumptions about ideal gases is that the
particles themselves occupy zero volume. Considering
just this assumption,

a would a real gas behave more or less like an ideal
gas at high pressure?

b would a real gas behave more or less like an ideal
gas at high temperatures?

¢ would a gas with larger particles be more or less
like an ideal gas than one with smaller particles?

Think about the effect on the intermolecular forces
that, in an ideal gas, are assumed to be zero.

4  Another assumption about ideal gases is that there are
no forces between the particles of a gas. Considering
just this assumption,

a would a real gas behave more or less like an ideal
gas at high pressure?

b would a real gas behave more or less like an ideal
gas at high temperatures?

¢ would a gas with polar particles be more or less
like an ideal gas than one with non-polar
particles?



Give the name of the gas that is closest to having the
properties of an ‘ideal’ gas.

The differences between real gases and ideal gases
are greatest at high pressure, low temperature and for
large, polar molecules.

Choose whether statement A or statement B correctly
finishes each sentence of the observed differences in
the behaviour of a real gas and that of an ideal gas.

Statement A: ...the volume of the particles themselves
relative to the total volume of the gas becomes more
significant.

Statement B: ...the forces of attraction between the
particles are stronger and hold the particles closer
together.

a At high pressure, the volume of a real gas is
slightly larger than the volume predicted by the
ideal gas model because...

b At high pressure, the volume of a real gas is
slightly smaller than the volume predicted by the
ideal gas model because...

¢ Atlow temperatures, the volume of a real gas is
slightly smaller than the volume predicted by the
ideal gas model because...

d For gases containing large molecules, the volume
of a real gas is slightly larger than the volume
predicted by the ideal gas model because...



For gases containing more polar molecules, the
volume of a real gas is slightly smaller than the
volume predicted by the ideal gas model
because...



Exercise 5.2 Macroscopic
properties of ideal gases

In this exercise, you will explore how the relationships
between the pressure, temperature and volume of an ideal
gas can all be described mathematically.

TIP

Memorising the shapes of these graphs is difficult, so
it is better if you can work them out by imagining a
balloon containing a fixed amount of gas and what
happens to it when the temperature, pressure or
volume is changed.

1  Sketch graphs for the following relationships between
pressure and volume at constant temperature:

a PandV

b Pand —
¢ Vand —
d PVandV
e PVandP

2  Sketch graphs for the following relationships between
volume and temperature at constant pressure:



a Vand T (in kelvin)
b VandT(in°C)

3  Sketch graphs for the following relationships between
pressure and temperature at constant volume:

a Pand T (in kelvin)
b PandT(in°C)



Exercise 5.3 Calculations
involving ideal gases

In this exercise you will use the expressions

PV PV, .
= and PV = nRT to solve calculations
Ty Ty

involving gases. In all these calculations, assume that all
the gases are ideal gases and R = 8.31 JK™.

The final few questions are based on Avogadro’s law. This
states that the volume of a gas is directly proportional to
the number of moles of gas at a specified temperature and
pressure. The most common set of conditions used are
STP and standard ambient temperature and pressure
(SATP). These are given in the IB data book. You will use
both of these in this exercise, so be sure to read the
questions carefully.

One of the most challenging aspects of these types of
calculations is using the correct units, so the exercise
starts with some simple conversions.

1  Calculate the volume when 100 cm? of an ideal gas at
a pressure of 100 kPa and a temperature of 330 K is
cooled to a temperature of 250 K at the same
pressure.

2 Calculate the pressure if a fixed volume of gas
occupying a volume of 1 dm?3 is sealed in a flask at a
pressure of 200 kPa and a temperature of 25 °C and
then heated to a temperature of 100 °C.



TIP

The most important consideration when using this
expression is the units. The units of pressure and
volume must be consistent on both sides of the
equation, but the units of temperature must be in
kelvin.

3 At what temperature (in °C) would 200 cm?3 of an ideal
gas at standard temperature and pressure (STP)
occupy 400 cm? at a pressure of 150 kPa?

4 A fixed mass of gas occupies 250 cm? at a
temperature of 75 °C and a pressure of 125 kPa. What
volume will it occupy if the temperature is raised to
400 K and the pressure is halved?

TIP

The conversion of kPa to Pa is 102 and from dm3 to
m3 is 1073. These cancel each other out, so kPa and
dm?3 can be used in PV = nRT instead of converting
the units into Pa and m3.

5 Convert the following into the units shown:
a 2.25dmd3intom3
b 100 cm3into m3
¢ 0.5dm3into cm?

d 0.075 m3into cm3



e 0.034 m3into dm3

f 250 cm3todm3

(o}]

Calculate the pressure of a gas if 0.25 mol occupies 1
x 1073 m3 at a temperature of 300 K.

N

Calculate the number of moles of gas that would
occupy 0.4 dm?3 at a temperature of 298 K and a
pressure of 1.5 x 102 kPa.

oo

Calculate the pressure exerted by 2.40 g of carbon
dioxide with a volume of 1000 cm?3 at 25 °C.

TIP

Note that questions 5a and b ask for the units in m3.
What units of pressure need to be used to give the
volume in m3?

©

A mixture containing 10 g of oxygen and 40 g of
helium was mixed together. What volume in m3 would
the mixture occupy at 200 kPa and 350 K?

10 If 73.07 g of an ideal gas occupies 35.0 dm? at 50.0 °C
and a pressure of 200 kPa, calculate the molar mass
of the gas.

TIP

m
First calculate n and then use n = M or this

expression can be substituted into the ideal gas
mRT

equation to give M = ———
PV




11 Using the expression
volume

n = —
molar volume under the same conditions

and given that the volume of one mole of gas at STP
is 22.7 dm? mol™!, calculate the amount in mol in each
of the following at STP:

a 2.45dm3of NO,
b 200 cm?3 of Ar
¢ 0.75m3 of Cl,

Check the units you are using! 1 m3 = 103 dm3 = 10°
3
cm

12 Calculate the volume of the following at STP:
a 1.5molofH,
b 0.25 mol CH,4
¢ 3.5x107° mol of N,H,
TIP
The relationship between the mass of a substance and

m
the number of moles is n = i (see Chapter 4).




13 What volume would 2.50 g of carbon dioxide occupy at
STP?

: P PV,
14 a Using the expression = , calculate
Ty T

the volume of 1 mol of a gas at SATP.

b Calculate the number of moles of gas that would
occupy 150 cm? at SATP.



EXAM-STYLE QUESTIONS

In all questions, assume that all gases behave as ideal
gases. The value of the gas constant is 8.31 J K1
mol~". The molar volume of an ideal gas at STP is 22.7
dm?3 mol™!. STP is 273 K and 100 kPa.

1

If 1 mol of a gas occupies 22.7 dm?3 at STP,
what volume would be occupied by 2.5 mol
of an ideal gas at the same temperature
and pressure?

A 56.75dm3
B 567.5cm?
C 567.5dm3
D 5675m?3

If 1 mol of a gas occupies 22.7 dm?3 at STP,
what amount of an ideal gas would occupy
500 cm3?

A 0.011 mol
B 0.022 mol
C 0.11 mol
D 22 mol

A 100 cm3 sample of an ideal gas at 25 °C
and a pressure of 100 kPa was
compressed to a volume of 40 cm3. What



will the pressure of gas be if the
temperature remains constant?

A 125 kPa
B 200 kPa
C 250kPa
D 2500 kPa

A helium balloon containing 6 dm? of gas at
27 °C and 100 kPa was released into the
atmosphere. As it rose, the temperature
and pressure both decreased. Assuming
the balloon did not burst, and its volume
stayed the same, what was the pressure
inside the balloon when the temperature in
the atmosphere had fallen by 30 °C?

A 60kPa
B 70kPa
C 90kPa
D 95kPa

Which of the following would halve the
volume of an ideal gas?

A Changing the temperature from 100 to
200 °C at constant pressure.

B Changing the pressure from 100 to 200
kPa at constant temperature.



C Changing the number of moles of gas
from two to four at constant pressure.

D Changing the pressure from 300 to 150
kPa and the number of moles of gas
from 4 to 2 at constant temperature.

Which of the following would behave most
like an ideal gas?

A 10 mol of H, at STP

B 1 mol of CH, at 400 K and 50 kPa
C 100 mol of H, at 400 K and 50 kPa
D 10gof CH, at400 K and 50 kPa

The graphs in Figures 5.1-5.4 show the
different relationships between pressure,
volume and temperature of an ideal gas.
|dentify each graph correctly from the
options in the table.

Figure 5.1 Figure 5.2 Figure 5.3

A | x-axis: V/ | x-axis: x-axis: P/ | x-axis:
cm?3 (1/V)/ Pa T/°C
y-axis: P/ cm=3 y-axis: PV | y-axis:

Pa /cm3Pa | V/cm?




y-axis: P/
Pa
B | x-axis: T/ | x-axis: V/ | x-axis: X-axis:
°C cm?3 (1/v) |/ V/cm?3
y-axis: V/ |y-axis: P/ |cm™3 y-axis:
cm?3 Pa y-axis: P/ |P/Pa
Pa
C | x-axis: V/ | x-axis: x-axis: P/ | x-axis:
cm?3 (1/v) 1/ Pa T/K
y-axis: P/ |cm™3 y-axis: PV | y-axis:
Pa y-axis: P/ |/cm3Pa |V/cm3
Pa
D | x-axis: x-axis: T/ |x-axis: P/ | x-axis:
(1/V) | K Pa V/em3
cm™3 y-axis: V/ | y-axis: PV | y-axis:
y-axis: P/ |cm?3 /cm3Pa |P/Pa
Pa

Calculate the amount of an ideal gas that

occupies 10 dm?3 at a temperature of 400 K

and a pressure of 166 kPa.

A
B
C
D

2.5 mol
0.3 mol
4.5 mol
0.5 mol

Which of the following is not an assumption
about ideal gases?




A There are no forces of attraction
between the particles.

B The total volume occupied by the
particles is negligible compared to the
total volume of the gas.

C The particles are not moving.
D The particles collide elastically.

10 Suggest the identity of a gas if 30 g of it
occupies 15.5 dm3 at STP.

A CO,
B H,
C NHj
D C4Hqg
11 a State Avogadro’s law. [1]
b Gases differ most from ideal gas

behaviour at high pressure and low
temperature. Give two assumptions

about ideal gases that explain the

difference in the behaviour of real

gases from that of an ideal gas. [2]

¢ 50 cm? of an organic compound
containing only carbon and hydrogen
was burnt in 250 cm? of oxygen (an
excess). At the end of the reaction, the
volume of the products and unused
oxygen was found to have reduced by



100 cm3; some liquid water was also

formed. The gaseous products were

treated with sodium hydroxide, which

reacts with carbon dioxide, and a

further reduction in volume of 100 cm?3
occurred. Assuming that all

measurements were made at 298 K

and 1.0 x 10° Pa, deduce the formula

of the compound, and give the

balanced equation for its combustion. [6]



> Unit 2

Bonding and
structure




» Chapter 6
The ionic model

CHAPTER OUTLINE

In this chapter you will:

understand the formation of anions and cations

deduce the charges on ions from their position in
the periodic table

know the charges of commonly encountered ions
deduce the formulas of ionic compounds
understand ionic bonding

describe the structure of ionic compounds

explain the properties of ionic compounds in terms
of structure and bonding

discuss the connection between the lattice
enthalpy and the strength of ionic bonding.

KEY TERMS

Make sure you understand the following key terms
before you do the exercises.

ionic bonding: the electrostatic attraction between
oppositely charged ions




covalent bond: the electrostatic attraction between a
shared pair of electrons and the nuclei of the atoms
making up the bond

anion: a negative ion. It is formed when an atom gains
(an) electron(s) so that the ion has more electrons (-)
than protons (+)

cation: a positive ion. It is formed when an atom loses
(an) electron(s) so that the ion has more protons (+)
than electrons (-)

volatility: a measure of how easily a substance
evaporates

lattice: usually used when describing crystals; a
structure with a regular, repeating 3D arrangement

standard lattice enthalpy (AHStt ): the enthalpy
change when one mole of ionic compound is broken
apart into its constituent gaseous ions under standard
conditions, e.g. for NaCl:

NaCl(s) — Na*(g) + ClIY(g) AHS =+771kJ

latt
mol™’

lattice enthalpy can be defined in either direction, i.e.
as the making or breaking of the lattice, but in the IB
syllabus it is usually defined in terms of breaking apart
the lattice




Exercise 6.1 lonic and
covalent bonding

In simple terms, ionic bonding and covalent bonding
can be thought of as opposites of one another. The reality
is that it is not so simple; the distinction between ionic and
covalent is a sliding scale. Chapters 7 and 8 cover covalent
and metallic bonding respectively. In Chapter 9 all three
bonding types are combined to give an overall model.

In this first exercise you will explore ions and how they are
formed.

1 Complete the paragraph below, which describes ionic
compounds:

lonic substances are made of both cations and
anions. Cationshave a .......c.ccooveeveiiiien... charge,
whereas anions have a ............cccceeevvieeee. charge.
Cations are formed when metal atoms
............................... one or more electrons. Anions are
formed when non-metals ..........cccooeveeiinnnn. one or
more electrons. As oppositely charged ions are
attracted to each other, ionic compounds are normally
formed between metallic elements and
............................... elements, although there are
exceptions.

2 a Explain why ionic bonding only occurs in
compounds and not in elements.



Suggest which of the following substances are
probably ionic:

i K),O

i NO,

iii CH,

iv H,0O,
v NaClO
vi HCI

Describe how a metal atom, such as sodium,
forms an ion.

Draw a diagram to represent this process in
sodium.

Write an equation to represent this process in
sodium.

Give the electron configuration of the sodium ion.

Describe how a non-metal atom, such as chlorine,
forms an ion.

Draw a diagram to represent this process in
chlorine.

Write an equation to represent this process in
chlorine.

Give the electron configuration of the ion.

Give the name of the ion formed.




In transition metals, the 4s electrons are lost before
the 3d electrons.

5

Give the electron configurations of the following ions:

a

b

Li*
S2-
Be2*
Mn2*

Zn?*



Exercise 6.2 Formation of
lons
The formula of an ion depends on its position in the

periodic table. In this exercise, you will meet some
common ions.

The relationship is different in different blocks of the
periodic table.

1  What is the relationship between the number of
electrons in the outer shell of an atom and the charge
on its ion?

2 What is the relationship between the charge on an ion
and its group number in the periodic table?

TIP

There is no such thing as an ionic bond, as this implies
that one thing is joined by a bond to another.
Electrostatic forces of attraction extend in all
directions, and so, the oppositely charged ions in an
ionic substance are all joined to each other. The
correct term is ionic bonding.

3 Complete Table 6.1 to show the relationship between
the charge on a simple ion and its position in the



periodic table.

Group 1 2 d-block 13 14 15 16 17 18

number N ENS

charge
on ion

Table 6.1: Periodicity of the charge on simple ions.

How is the charge on a d-block element indicated in
the name of a compound?



Exercise 6.3 The formation of
lonic compounds

In this exercise, you will look at the formation of ionic
compounds and their formulas.

TIP

Remember that Roman numerals are used after the
name of a transition metal to indicate the charge on
the metal ion.

-_

In terms of their electrons, describe what happens
when atoms bond ionically.

N

Draw a diagram to show the bonding in sodium
chloride.

w

Draw a diagram to show the formation of the ionic
bonding in sodium oxide.

TIP

lons that contain more than one atom, such as nitrate,
should be treated as whole ions and not broken down
into the separate elements. The nitrate ion is NO5™
and is not made of N3~ and O2".

4 Complete Table 6.2 to identify the ions in the following
ionic compounds.



Name or formula of Formula of Formula of
compound the cation the anion

MgBr,
Fezo3

iron(lll) hydroxide

potassium sulfate

magnesium sulfide

copper(ll) carbonate

ammonium nitrate

Table 6.2: Identifying ions.

TIP

Compounds are neutral, so the total number of
positive and negative charges must be equal.
Although the charges on the ions are used to work out
the formula, the charges are not written as part of the
formula. For example, sodium chloride is made up of
Na™ ions and CI~ ions, but the formula is written NaCl
and not Na*ClI".

Look at the list of ions below. Use them to work out the
formula of compounds a-—i.

sodium, Na*
magnesium, Mg?*

iron(ll), Fe*



copper(ll), Cu?*
chromium(lll), Cr3*
aluminium, AI3*
fluoride, F~

chloride, CI”

oxide, 0%~

nitride, N3~

a sodium fluoride

b sodium oxide

¢ sodium nitride

d iron(ll) fluoride

e copper(ll) oxide

f  magnesium nitride
g aluminium chloride
h  chromium(lll) oxide

i aluminium nitride

TIP

Do not think of ions as separate atoms. Think of them
as whole ions with a single charge. For example, do
not think of nitrate as one nitrogen atom and three
oxygen atoms, think of it as an ion with a single charge
(X)” where X = NO;.




6 Look at the list of ions below, and the ions listed in
question 5. Use them to work out the formula of
compounds a—i.

sulfate, SO,2

nitrate, NO3;~

hydroxide, OH~

phosphate, PO,3"
carbonate, CO4%~
hydrogencarbonate, HCO5~
ammonium, NH,*

a ammonium nitrate

b sodium sulfate

¢ magnesium hydrogencarbonate
d iron(ll) sulfate

e sodium phosphate

f aluminium nitrate

g aluminium sulfate

h copper(ll) phosphate

i ammonium carbonate

e



Never change the formula of an ion by changing the
number of atoms in it. If more than one ion is needed,
use brackets. For example, two NH," ions combine
with one SO42~ ion to form ammonium sulfate, so the

formula is (NH,),SO,.




Exercise 6.4 lonic bonding
and the structure of ionic
compounds

Bonding is the term used to describe the way that particles
such as atoms or ions are joined together. Structure
describes the way in which the particles are arranged in
space. In this exercise, you will explore the structure of
substances that have ionic bonding.

TIP

A common error with a question like question 1 is to
describe how ionic bonding is formed and not what it
actually is.

1  What is ionic bonding?

2 The term lattice is often used to describe the structure
of ionic substances. What does this word mean?

Include labels in your diagram.

3 a Describe the structure of sodium chloride.

b Draw a diagram to show the structure of sodium
chloride.



Exercise 6.5 Physical

properties of ionic

compounds

lonic substances have a giant lattice structure with strong
forces of attraction between the oppositely charge ions.
The physical properties of ionic compounds can be
explained in terms of this structure. In this exercise, you
will link these properties with the aspect of the structure

that explains them.

1 Link the following properties of ionic compounds to
their correct reason. The reasons can be used more

than once.

Property Reason

e Usually have high °
melting and boiling

points °

e Usually have low
volatility

e Do not conduct
electricity when solid e

e Conduct electricity
when molten or
dissolved

lons are free to move

Electrostatic forces of
attraction are strong
and exerted in all
directions through the
3D lattice

lons are held in a
fixed lattice and
cannot move



Describe why ionic substances are often soluble in
polar solvents, such as water, but are not usually
soluble in non-polar solvents.

lonic substances conduct electricity when molten and
when dissolved in water.

When drawing an electrical circuit, we often include an
arrow to show the direction of the flow of the electrons
through the wires. Figure 6.1 shows a simple circuit,
which includes a solution of an ionic compound.

Name the particles that move in the solution and
describe in which direction they travel.

Direction of

- I I 1 t electron flow
+ f -

vl I
©|© 09c% 0 .

® @ @ N sulgti-::_n af
® ® o
oer

k@®® @® =1© QMQE

Figure 6.1: A simple circuit, which includes a solution
of an ionic compound.




Exercise 6.6 Lattice enthalpy
and the strength of ionic
bonding

Melting points are an indicator of the strength of the
electrostatic forces of attraction between the oppositely
charged ions in an ionic compound. The weakness in using
melting points is that the electrostatic forces of attraction
still exist in the liquid state. A better measure is to use
lattice enthalpy, which is discussed in more detail in
Chapter 13 (Higher Level only).

1 Lattice enthalpy depends on the sizes of the ions and
on the charges of the ions. Complete Table 6.3.

Effect on lattice enthalpy

increasing anion radius

increasing cation radius

increasing anion charge

increasing cation charge

Table 6.3: Effect of ion size and charge on lattice
enthalpy.

2 For each pair of compounds below, suggest which has
the larger lattice enthalpy and give a reason for your
answer.

a NaBror KBr



b KF orKCI
¢ MgCl, or NaCl
d CaO or CaCl,

Considering your answers to question 2, which
substance in each pair is likely to have the higher
melting point?

a NaBror KBr

b KF orKCI

¢ MgCl, or NaCl
d CaO or CaCl,



EXAM-STYLE QUESTIONS

1

What is the correct description of ionic

bonding?

A The transfer of electrons from one
atom to another.

B 3D lattice of oppositely charged ions.

C The electrostatic force of attraction
between oppositely charged ions.

D A metal atom bonded to a non-metal

atom.

In which of the following compounds is the
bonding probably ionic?

A
B
C
D

HCI
Nal

F,O
SO,

Which statement is correct about the
formation of cations?

A

Cations are formed when a metal atom
gains electrons.

Cations are formed when a non-metal
atom gains electrons.



Cations are formed when a metal atom
loses electrons.

Cations are formed when a non-metal
atom loses electrons.

Which of the following statements are true?

Group 1 elements tend to form ions
with a +1 charge.

Group 7 elements tend to form ions
with a -1 charge.

d-block elements can form more than
one ion.

A landllonly
B [Iandlllonly
C llandlll only
D Lillandlll

Which is the correct formula for the
hydrogencarbonate ion?

A
B
C
D

HCO,~
HCO,~
HCO4%~
HCO,~

Which is the correct formula for the
compound formed between calcium and



phosphorus?

A CaP
B Ca,P,
C CajsP,
D Ca,P

Which property is not typical of ionic
compounds?

A Conduct electricity when molten.

B Often soluble in non-polar solvents.
C Have high melting points.
D

Conduct electricity when dissolved in
water.

Lattice enthalpy is a measure of how much
energy is required to break apart one mole
of an ionic substance into its gaseous ions.

In which of the following are the compounds
listed in increasing lattice enthalpy?

A LiCl < NaCl < KClI

B MgO < MgCl, <MgS
C KF <KCI<KBr

D K,O<CaO<MgO

The statements below are about the
particles in an aqueous solution of an ionic



compound. Which statement is not correct?

A The ions are surrounded by water
molecules.

B The ions are free to move.
C The ions are hydrated.

D There are very strong forces between
the ions and the water molecules.

Which of the options in the table below is
correct?

Factor Lattice Melting

enthalpy point

A | decreasing |increases |increases
cation radius

B | increasing |decreases |increases
anion radius

C | decreasing |increases |increases
charge on
cation

D | increasing |decreases |increases
charge on
anion

When metals react with oxygen, they typically
form ionic compounds.

a Give the formula of the compounds
formed when potassium, calcium and



aluminium each react separately with
oxygen.

Draw a diagram to show the formation
of aluminium oxide from aluminium and
oxygen atoms.

12 Magnesium oxide is an ionic solid with the
same structure as sodium chloride.

a

Describe the structure of magnesium
oxide and include a diagram to show
the arrangement of the particles.

State the typical properties of solids
with this type of structure.

Magnesium oxide has a very high lattice
enthalpy of +3791 kJ mol™".

C

Describe the factors that affect lattice
enthalpy.

Suggest how this very high lattice
enthalpy may affect the melting point of
magnesium oxide.

[3]

[3]

[4]

[4]

[2]

[1]



» Chapter 7
The covalent model

CHAPTER OUTLINE

In this chapter you will:

explain the term covalent bond

explain the relationship between bond strength
and length for multiple bonds

explain what a coordination bond is

deduce Lewis formulas (structures) for covalent
molecules

understand what is meant by the octet rule

deduce the shapes of molecules/ions with up to
four electron domains

understand what makes a molecule polar

describe and explain the bonding and structure of
substances with covalent network structures

explain the formation of intermolecular forces

explain the influence of intermolecular forces on
the melting/boiling point of covalent substances

explain the physical properties of covalent
substances



e explain how mixtures can be separated using
paper chromatography and thin-layer
chromatography.

explain resonance and delocalisation of electrons

deduce Lewis formulas and shapes for molecules

and ions with expanded octets of electrons
use formal charge to distinguish between possible

Lewis formulas
explain the formation of o and 1T bonds

explain hybridisation
describe and explain the structure of benzene.

KEY TERMS

Make sure you understand the following key terms
before you do the exercises.

adsorption: the tendency of atoms/molecules/ions to
‘bond’ to a surface either through a chemical or a
physical interaction

pi (1r) bond: bond formed by the sideways overlap of
parallel p orbitals; the electron density in the pi bond
lies above and below the internuclear axis

sigma (o) bond: bond formed by the axial (head-on)
overlap of atomic orbitals; the electron density in a
sigma bond lies mostly along the axis joining the two
nuclei

valence-shell electron-pair repulsion (VSEPR)
theory: the theory by which the shapes of molecules




and ions can be deduced

Lewis (electron dot) formula: a diagram showing all
the valence (outer-shell) electrons in a molecule (or
ion). Also called a Lewis structure

valence electrons: outer-shell electrons

coordination bond: a type of covalent bond in which
both electrons come from the same atom. Also called
a dative bond or coordinate covalent bond

electron domain: a lone pair, the electron pair that
makes up a single bond or the electron pairs that
together make up a multiple bond. Each single, double
or triple bond counts as one electron domain when
working out shapes of molecules

electron domain geometry: the arrangement of the
electron domains around a central atom

electronegativity: a measure of the attraction of an
atom in a molecule for the electron pair in the covalent
bond of which it is a part. A more electronegative atom
attracts electrons more strongly

polar: a bond or molecule in which there is an uneven
distribution of charge

intermolecular forces: forces between different
molecules. These include London forces, permanent
dipole—permanent dipole interactions and hydrogen
bonding

non-polar: a bond or molecule in which charge is
distributed evenly




dipole: the separation of charge due to its uneven
distribution

dipole—dipole forces: intermolecular forces between
molecules with a permanent dipole

dipole—induced dipole forces: intermolecular forces
between a polar molecule with a permanent dipole
inducing a dipole in a neighbouring non-polar molecule

hydrogen bonding: an intermolecular force resulting
from the interaction of a lone pair on a very
electronegative atom (N/O/F) in one molecule with an
H atom attached to N/O/F in another molecule. These
forces may also occur between atoms in different parts
of the same molecule

intramolecular forces: forces within a molecule —
usually covalent bonding

London (dispersion) forces: intermolecular forces
arising from temporary (instantaneous) dipole—induced
dipole interactions

van der Waals forces: the collective name given to
the forces between molecules and includes London
(dispersion) forces, dipole—dipole interactions and
dipole—induced dipole interactions but not hydrogen
bonding and ion—dipole interactions

solubility: a measure of the maximum amount of a
solute that can dissolve in a given volume of solvent

paper chromatography: a separation technique that
separates different solutes according to how the




solutes are partitioned between water on the fibres of
the paper and the solvent

stationary phase: in chromatography, the phase that
does not move; this may be the water coating the
fibres in paper chromatography or the solid adsorbent
in thin-layer chromatography

partition: the tendency of a solute to distribute itself
between two immiscible solvents due to its solubility in
each

mobile phase: the phase that moves in
chromatography, e.g. the solvent moving up the paper
in paper chromatography

R; (retardation factor) value: in chromatography:

distance solute moves

Re =
f distance solvent front moves

thin-layer chromatography (TLC): a separation
technique similar to paper chromatography that
separates different solutes according to how strongly
they are adsorbed onto the stationary phase

covalent network structure: the structure of
substances such as diamond and graphite that contain
an extended network of covalently bonded atoms and
not individual molecules. This is also called a giant
covalent structure

formal charge: the charge that an atom in a
molecule/ion would have if we assumed that the
electrons in a covalent bond were equally shared
between the atoms that are bonded —i.e., we assume




that all atoms have the same electronegativity. Formal
charge arises when there is a charge on an ion and
when coordination bonds are formed. The two
electrons in a coordination bond are shared equally
between the donating atom (which, therefore, has a
formal charge of +1) and the receiving atom (which
then has a formal charge of —-1)

expanded octet: when a central atom in a molecule
or ion can have more than eight electrons in its outer
shell

hybridisation: the mixing of atomic orbitals when a
compound forms to produce a new set of orbitals (the
same number as originally), which are better arranged
in space for covalent bonding

resonance hybrid: the actual structure of a
molecule/ion for which resonance structures can be
drawn can be described as a resonance hybrid made
up of contributions (not necessarily equal) from all
possible resonance structures

resonance structure: one of several Lewis formulas
that can be drawn for some molecules/ions

bond order: the number of covalent bonds between
two atoms. A single bond has a bond order of 1. A
double bond has a bond order of 2, and a triple bond
has a bond order of 3. When molecules/ions are best
described as resonance hybrids, the bond orders will
involve fractions




allotropes: different forms of the same element; e.g.
diamond, graphite and fullerene are allotropes of
carbon

miscible: able to mix to form a homogeneous mixture

delocalisation: the sharing of a pair of electrons
between three or more atoms

KEY EQUATIONS

b
FC:v—E—n

where

v = number of valance electrons in the uncombined
atom

b = number of bonding electrons

n = number of non-bonding electrons

formal | =| number of -1 1 — | number
charge valence 9 of non-
electrons on the number bonding
un-combined of electrons
atom bonding
electrons

distance solute moves

R; =

distance solvent front moves




Exercise 7.1 Covalent bonds

The focus of this chapter is on covalent bonds, which are
created by the sharing of electrons. The arrangement of
electrons in simple molecules is represented by a Lewis
formula, also known as an electron dot structure. In this
exercise, you will practise drawing Lewis structures.
Electron pairs can be shown as dots, crosses or a dash.

TIP

Lewis formulas show all the valence electrons, both
bonding and non-bonding pairs in a covalently bonded
species. Do not forget to show the non-bonding pairs.

1 Draw the Lewis structures for each of the following

molecules:

a F,

b H,0,

c NHj

d CH,
TIP

The molecule in question 2d is ethene, which is an
organic compound. As a hydrogen atom can only form
one covalent bond, the two carbon atoms must be
next to each other.




2 Single, double and triple bonds involve one, two and
three shared pairs of electrons respectively. Draw the
Lewis structures for the following molecules:

a 0O,
b N,
c CO,
d C,H,4
3 Draw the Lewis structures for each of the following
ions:
a OH”
b CO;%”
c HCO;”

4 Some molecules do not follow the octet rule, and so,
have fewer than eight electrons in their valence shell.
Draw the Lewis structures for each of the following

molecules:
a BCly
b BeCl,
¢ AICl;

Note the different command terms used in questions 5
and 6.




State the relationship between the number of bonds,
bond strength and bond length between two atoms.

Explain the relationship between the number of bonds,
bond strength and bond length.

In what way do coordination bonds differ from
covalent bonds in terms of bond length, bond strength
and reactivity?

TIP

Coordination bonds should be shown by using two
dots or two crosses, rather than a line, because this
then shows the origin of the electrons.

Draw Lewis structures for the following molecules and
ions, which all include coordination bonds. Use an
arrow to represent the coordinate bond.

a NH,"

b H;0"

c CO

d NH;BF;

e NO3_



Exercise 7.2 Shapes of
molecules: VSEPR theory

The valence-shell electron-pair repulsion (VSEPR) theory
is used to predict the shape of a molecule or ion. In this
exercise, you will practise working out the shape of a
molecule. The first task is always to draw the correct Lewis
structure, so make sure you can do this before continuing.

TIP

A common mistake is to focus on the repulsion
between different types of electron pairs. Remember
to include the fundamental principle of the theory.

1 Describe the VSEPR theory.

2 Complete Table 7.1 to show the relationship between
the number of electron domains and the shape and
bond angles in a molecule or ion that does not have
any non-bonding pairs of electrons around the central
atom.

Number of electron domains Shape Bond angle

Table 7.1: The relationship between the number of
electron domains and the shape of a molecule.




Exercise 7.3 Lone pairs and
bond angles

Different types of electron domain around a central atom

can affect the bond angles in a molecule. In this exercise,
you will practise predicting the bond angles of molecules

with lone pairs of electrons on the central atom.

1 Describe the relative strength of repulsion between
different types of electron domain.

You should include the terms bonding and non-
bonding in your answer to question 2.

2 The VSEPR theory uses the idea of the number of
electron domains in a molecule or ion, rather than the
number of electron pairs. This means that the
electron domain geometry is not the same as the
geometry/shape of the molecule. Give an example of a
simple molecule or ion where the number of electron
domains is not the same as the number of electron
pairs around the central atom.

TIP

The shape of a molecule should always be drawn
using 3D notation. Use a solid line for a bond in the
plane of the page, a dashed line indicating a bond that




goes into the page and a wedge to show a bond
coming towards the viewer.

3 Complete Table 7.2 to show the Lewis structure,
shape and bond angles for the following species:

Species Lewis Sketch Bond Name of
structure showing the angle the
shape shape
H,S
PCl;
CCl,
NH,™

Table 7.2: The shapes of various species.




Exercise 7.4 Multiple bonds
and bond angles

Multiple bonds can also affect the bond angles in a
molecule. This exercise includes examples of molecules
with multiple bonds.

1  Explain why the repulsion between a single bond and
a double bond is greater than the repulsion between
two single bonds.

2 Complete Table 7.3 to show the Lewis structure,
shape and bond angles for the species shown.

Species Lewis Sketch Bond Name of
structure showing the angle the
shape shape
NO,~
CS,
NO;~

Table 7.3: The shapes of various species.




Exercise 7.5 Polarity and
Exercise 7.6 Pauling
electronegativities

Bond polarity depends on the difference in the
electronegativity values of the bonded atoms.

1 Suggest a reason why the IB data book does not give
electronegativity values for the elements in Group 18
of the periodic table.

2 Using the electronegativity values in the IB data book,
rank the bonds listed below in order of increasing
polarity.

N—H, O—H, C—H, C—CI, H—S, F—F, 0—ClI, P—C|,
C—Br, P—H

3 Molecular polarity depends on both bond polarity and
on the shape of a molecule. Deduce whether the
following molecules are polar:

a CCly
b CH,
c NH;
d H,O

e C02



Exercise 7.7 Intermolecular
forces

In this exercise, you will consider the nature of
intermolecular forces that hold molecules together in the
solid or liquid state.

1 The intermolecular forces in non-polar molecules are
known as London forces. How do these forces arise?

2 Dipole—dipole interactions occur between molecules
with permanent dipoles.

a Which of the following substances has the
strongest dipole—dipole forces?

H—CI, H—Br, H—I
b Explain your answer to part a.
TIP

Include at least two molecules, at least one hydrogen
bond, dipoles and lone pairs in your diagram for
question 4.

3 Dipole-induced dipole forces occur between a
molecule that has a permanent dipole and a different
non-polar molecule. Can this type of intermolecular
force be found in the following pairs of liquids?

a C6H12(|) and Brz(l)



b C8H18(|) and CH3C|(|)
c HBr(l) and Bry(l)

Draw a diagram to show the hydrogen bonding
between water molecules.

Explain why some substances can form hydrogen
bonds.

Does hydrogen bonding occur between molecules in
each of the following substances?

a H),O,
b H O H
HeC—d—Ch
U
c H H H
T
Y
H
d H H
N—é—H
-

Comment on the relative strength of dipole—dipole
forces, London (dispersion) forces and hydrogen
bonding.

In terms of the relative strength of the different types of
intermolecular force, suggest a reason why ion—dipole



forces and hydrogen bonding are not classed as van
der Waals forces.



Exercise 7.8 Melting points
and boiling points

The intermolecular forces met in Exercise 7.7 are the
forces that are overcome when a solid melts or a liquid
boils. In this exercise, you will explore how the strength of
these forces affects the melting and boiling points of these
substances.

TIP

Always use the phrase, between molecules when
discussing intermolecular forces, as, although
intermolecular means between molecules, you need to
make it clear that you understand that the bonds that
hold the atoms together in the molecule are not broken
during melting or boiling and the molecules remain
whole.

1 Describe the relationship between the strength of the
forces between molecules and the melting/boiling
point of a substance.

2 Explain the following statements:

a Generally, non-polar substances with higher
relative molecular masses have higher
melting/boiling points.

b Generally, substances with only London forces
between the molecules have the lowest



melting/boiling points.

¢ Generally, molecular substances with hydrogen
bonding between the molecules have higher
melting/boiling points.

The graph in Figure 7.1 shows the trend in the melting
points of Group 17 elements. Explain this trend.

400+
300+
200+
1004
0
=100 al,
=2004
-300- F2
Relative molecular mass

At,

Br,

Temperature /°C

Figure 7.1: Trend in the melting points of Group 17
elements.

Predict which of the following pairs of molecules will
have the higher boiling point and explain your answer
in each case:

a Brpandl,
b C4H1o and CH3OCH3
¢ H,OandH,S



Exercise 7.9 Solubility

Solubility depends on a number of different factors. In this
exercise, we will focus on the intermolecular forces. If more
energy is released by the formation of intermolecular
forces between the solvent and the solute than is required
to overcome the intermolecular forces in the solid, then the
substance is probably soluble. This is most likely to occur if
the type of intermolecular forces in the solute and in the
solvent are similar; ‘like dissolves like’.

1

State whether the following substances are likely to be
soluble in water:

a CyHg

b CH,;0H

c CCl,

d 0

Ty
H—C—C—?—H

|

H H

Explain why fatty acids, such as the one shown in
Figure 7.2, are not soluble in water but are soluble in
non-polar solvents, despite the ability of the COOH
group to form hydrogen bonds.

H H H H H H H H H H o

U [ Y (R (R I R N
H—C—C—C—C—C—C—C—C—C—C—C—C

e (O A Y

H HH HHHH H H H H



Figure 7.2: A fatty acid.

In paper chromatography, water trapped within the
cellulose fibres of the paper is the stationary phase.
In an experiment using a non-polar solvent as the
mobile phase, two mixtures, A and B, were spotted
on the same piece of chromatography paper, and the
chromatogram in Figure 7.3 was obtained.

Ale
e B4
AZe e B3
e B2
Ale
e Bl
A B

Solvent front

Figure 7.3: A chromatogram.

a  Which of the components in mixture B was the
least polar?

b Which component was common to both mixture A
and mixture B?

¢ Calculate the R value of component A3.

d A second experiment was done using the same
mixtures A and B, again using a non-polar



solvent, but, instead of using chromatography
paper, a thin-layer chromatography (TLC) plate
was used; this plate was coated with a fine layer
of silica, which is polar.

i Suggest how this second chromatogram
would differ from the one shown in Figure
7.3.

ii  What name is given to the way that the solute
particles stick to the silica coating?



Exercise 7.10 Covalent
network structures

Some covalent substances form giant structures rather
than discrete molecules. Common examples include
silicon, silicon dioxide and some allotropes of carbon.

1 What is the meaning of the term allotrope?

2 Do allotropes of an element have the same chemical
and physical properties?

3 Figure 7.4a—d shows four common allotropes of
carbon. Name these common allotropes.




Figure 7.4: Four common allotropes of carbon.

4 Silicon and silicon dioxide both have covalent
network structures. Which of the structures shown in
Figure 7.4 do they most closely match?

5 Explain the difference in the electrical conductivity of
graphite and diamond.

TIP

Cgo has a molecular structure, and it does not have a

covalent network structure because it has a fixed
formula.

6 Explain why graphite and diamond have high melting
points whereas that of buckminsterfullerene (Cg) is
much lower.



Exercise 7.11 The expanded
octet and Exercise 7.12
Formal charge

Some atoms are large enough to fit more than four
electron domains around the central atoms. This is known
as expanding the octet. In this exercise, you will practise
drawing Lewis structures with expanded octets and then
go on to use formal charge as a tool to choose between
alternative structures.

The formula for formal charge is given at the start of
this chapter.

1 Elements from which period of the periodic table are
most likely to have expanded octets?

2 Draw the Lewis structure of the following molecules,
which have expanded octets:

a PClg
b SFg

In general, the preferred Lewis structure is the one in
which the formal charges are closest to zero.




The ability of an atom to expand its octet can
sometimes make deducing the Lewis structure
difficult. Formal charge is a concept that can be used
to deduce the most likely Lewis structure for a
molecule or ion. Deduce the formal charge on each
atom in the following species:

a ‘oic:o

b [ ]
O

N X C N X

oMIMoX

Cc

xCs03

seeMeX

Using the concept of formal charge, suggest which of
the structures below is the most likely.

a | ILFI
/S\x
;_@ \@/
i (0)
[
27N\
10 ©]
b i :NEN—":
'| z [ N ]
i N=N=O

i IN—N=O01



TIP

Make sure that your Lewis structures are different
from each other and are not simply resonance
structures of each other. The number of double and
single bonds in the structures should be different.

Deduce two possible Lewis structures for each of the
following species and use the concept of formal
charge to decide which structure is more likely:

a C|O3_
b SCN~




Exercise 7.13 Shapes of
molecules and ions with an
expanded octet

The presence of non-bonding pairs affects the shapes and
bond angles in molecules and ions with more than four
electron domains in a similar way to those examples met in
Exercise 7.2. In this exercise, you will practise drawing
molecules and ions with five or six electron domains.

1 For each of the molecules or ions below, sketch the
shape and state the approximate bond angles:

a PFg

b SFg

c |IF;

d BrCls

e SbF;

f PtCl;
g [Bry”

2 Figure 7.5 shows two possible structures for XeF,.
Suggest which structure is more likely and give a
reason for your choice.
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Figure 7.5: Two possible structures for XeF,.

Draw a diagram to show the shape of TeCl, and
estimate the bond angles in this molecule.



Exercise 7.14 Hybridisation

The formation of covalent bonds releases energy, so the
more bonds formed, the more stable the products of a
reaction are, relative to the reactants. To increase the
number of unpaired electrons, and so, ultimately form
more bonds, electrons can be promoted to slightly higher
energy levels and hybrid orbitals are formed. This is known
as hybridisation. This exercise explores examples of
hybridisation and how it can be used to explain the shape
of a molecule.

1 How does the number of hybrid orbitals formed
compare to the number of original atomic orbitals from
which they were made?

2 How does the maximum number of electrons that can
occupy a group of hybrid orbitals compare to the
maximum number of electrons that could be held by
the atomic orbitals from which the hybrid orbitals have
been made?

3 How does the total energy of a group of hybrid orbitals
compare to the total energy of the atomic orbitals from
which they were made?

TIP

To find the bond angle between the hybrid orbitals,
consider each orbital as an electron domain. The
shapes and bond angles follow the ideas of the
VSEPR theory.




4 Complete Table 7.4, which summarises the
relationship between the number of atomic orbitals,
the number of hybrid orbitals, the type of hybridisation
and the electron domain geometry.

Name Number of Type and Bond

of hybrid number of angle of
hybrid orbitals original atomic the hybrid
orbital formed orbitals orbitals

Table 7.4: Relationship between atomic orbitals and
hybrid orbitals.

TIP

First draw the Lewis structure and use the
geometry/shape to identify the type of hybridisation.
For example, if there are four electron domains, then
there must be four hybrid orbitals, so the hybridisation
must be sp3.

5 Identify the type of hybridisation that occurs in the
central atom of the following species:

a H,S
b NI
C C2H4



d SCN-
e HCO™



Exercise 7.15 Sigma and pi
bonds

Covalent bonds are formed by the overlap of atomic
orbitals. There are two different ways that the atomic
orbitals can overlap: they can overlap along the axis of the
bond (o) or by the sideways (lateral) overlap of parallel p
orbitals (17). In this exercise, you will practise identifying the
type of bonds formed.

1  What name is given to the type of bond formed by the
overlap of the following atomic orbitals?

a

b

TIP

A common mistake is to think that, as 1T bonds involve
p orbitals, then o bonds involve only s orbitals. This is
not correct.

Two s orbitals
An s orbital and a p orbital

Two p orbitals overlapping end-to-end along an
axis

Two p orbitals overlapping side-by-side
An s orbital with an sp? hybrid orbital

Two sp3 hybrid orbitals

2 Fillin the gaps in the following summary:



A single bond is formed from the ...............................
overlap of atomic orbitals. These are called
............................... bonds.

A double bondismade upofa ........ccceveeeeinennnnnnnn,
bond and a pi bond. A pi bond is formed by the
............................... overlap of two p orbitals.

A bond is made up of one sigma
and two pi bonds. The pi bonds are at
............................... degrees to each other.

TIP

Start by drawing the Lewis structure for each
compound. Do not forget that a double bond is made
up of both a sigma and a pi bond.

|ldentify the number of 0 and 1 bonds in the
substances in Table 7.5.

Number of 0 bonds Number of I bonds

H,O
co,
N,

HCN

Table 7.5: Sigma and pi bonding in a variety of simple
molecules.




Exercise 7.16 Resonance
and delocalisation

Resonance structures occur when there is more than one
possible position for a double bond in a molecule. In this
exercise, you will look at some examples of this. Again, the
first step is drawing the Lewis structure, which is why this
is an important skill. The idea of delocalisation is a much
better explanation for the experimental observations of
bond lengths. The classic example of delocalisation is
benzene, CzHg. The reactions of benzene are described in
more detail in Chapter 22.

1 Draw the Lewis structure for the following:

a 03
b NO;
C 8032_

Draw the two resonance structures of Os.
Draw the three resonance structures of NO3™.

Draw all the resonance structures of SO;2".

a A~ O DN

Molecules and ions that have resonance structures do
not really exist in a number of different
interchangeable forms with bonds changing from
single to double. They are more accurately described
as resonance hybrids and the bonds described by a
bond order. Deduce the bond order for the following:



a 03
b NO;
C 8032_

Using data from Table 7.6, suggest the length and
strength of the oxygen—oxygen bonds in ozone.

Bond Bond strength/kJ mol~' Bond length/pm
0—0O|144 148

0O=0 |498 121

Table 7.6: Oxygen bond length and strength data.

Define the term delocalisation.

|dentify in which of the following species delocalisation
can occur.

S N
Ne—C—C=C—C—H
/ |
H H
b NO;
C C02
L N L
C=C—C—C=C
/ | \
H A H

State two pieces of physical evidence for the
delocalised structure of benzene.



10 One piece of chemical evidence for the delocalised
structure of benzene comes from the enthalpy of
hydrogenation.

11

a

Give an equation for the hydrogenation of
benzene.

The enthalpy change for the reaction in Figure 7.6
is =120 kJ mol™1.

H H H
H\ é H\ \C/
Ny H H
hc N e xci
| | +H —» | | ~H
~C C — ~C C —
H ]Il "‘\..C/ u]l H H 1’ “‘-\C.r-"" \‘ H
H /N H H /N H
H H H H

Figure 7.6: Hydrogenation of cyclohexene.

If benzene were considered to have three double
bonds, what would the predicted enthalpy change
for the hydrogenation of benzene be?

The enthalpy change for the hydrogenation of
benzene differs from the predicted value by
approximately 155 kJ mol~". Is the actual value
more or less exothermic than the predicted value,
and what does this suggest about the stability of
benzene?

The reactions of benzene also provide chemical
evidence for the delocalisation of benzene. Describe
this evidence using the reaction with bromine as an
example.



EXAM-STYLE QUESTIONS

1

Which substance has the shortest carbon to
oxygen bond?

A
B
C
D

CO42
Co
CH,OH
CO,

Which of the following molecules is polar?

A
B
C
D

H,S
CH,
CO,
ccl,

Which of the options shows the correct
order of relative bond length and relative
bond strength?

Relative bond

length

single > double >
triple

Relative bond
strength

single > double >
triple

single < double <
triple

triple < double <
single

triple > double >

single > double >




single triple

D | single > double > | triple > double >
triple single

Which of the following allotropes of carbon
does not have a giant structure?

A graphene

B graphite

C diamond

D buckminsterfullerene

What is the shape of the CO, molecule?
A linear

B bent

C trigonal planar

D tetrahedral

Which of the following molecules does not
form hydrogen bonds?

A CH;CH,NH,

B CH,OH
C CH,F,
D NH,F

Which of the following statements about the
molecular compound BF3 is not true?



The bond angles are 120°.
The molecule is non-polar.

The intramolecular bonding is covalent.

o o0 W >

The molecule has a pyramidal shape.

8 What is the approximate bond angle in
KrF,?

A 90°

B 104.5°
C 109.5°
D 120°

9 How many o and 1 bonds are there in an
NO,™ ion?

Number of Number of

o bonds 1 bonds

A2 0
B|1 1
C|2 1
D2 2

10 The Lewis structure of SO, can be drawn
as shown in Figure 7.7.



11

Figure 7.7: Lewis structure of SO,.

What is the type of hybridisation of the sulfur
atoms and oxygen atoms in this molecule?

O 0 m »

a

Sulfur Oxygen

sp3 both sp3
sp? both sp?
sp3 sp? and sp3
sp both sp3

Draw the Lewis structures for the
following molecules:

i C,Hg
i CH3OH
iii  CH4CI [3]

Name the type of forces between the
molecules in part a in their liquid
states. [3]

Explain why CH3;OH is miscible with
water whereas CH,Cl is not. [1]



12 The valence-shell electron-pair repulsion
(VSEPR) theory can be used to predict the
shape of a molecule or ion.

13

a

b

What is meant by the VSEPR theory?

Draw a diagram to show the shape of
the SO42~ ion and estimate the likely
O—S—O0 bond angle.

H,S and SO, are both bent shaped
molecules.

i Estimate the bond angles in these
molecules and explain why they
are not the same.

ii  Suggest whether these molecules
are polar or non-polar.

The boiling point of H,S is 60 °C,
whereas the boiling point of H,O is 100
°C, despite H,S having a higher
relative molecular mass than H,O.
Explain the reasons for this difference.

Nitrogen forms a number of different
oxides, including NO, N,O, NO, and N,O,.
NO and NO, both have an unpaired
electron.

a

Draw the Lewis structures of NO, and
N5Oy.

Phosphorus also forms a number of
oxides and, unlike nitrogen, can
expand its octet. One oxide of

[2]

[2]

[4]

[1]

[1]

[2]



phosphorus has the formula P,04, and
is shown in Figure 7.8.

Figure 7.8: Structure of P,0,.

I  State the hybridisation of the
phosphorus atoms. [1]

ii Estimate the POP bond angle. [1]

Another compound of phosphorus is
phosphorus oxytrichloride, POCI;. The
Lewis structure of this molecule can be
drawn in a number of ways as shown
in Figure 7.9.



Figure 7.9: Alternative Lewis
structures for POCl;.

i What name is given to the type of
bond between the phosphorus
and the oxygen atom in Figure
7.9b?

ii  Using the idea of formal charge,
deduce which structure is more
likely and justify your choice.

Phosphorus also forms a number of

compounds and ions with halogens.

Draw a diagram to show the shape of

the following, clearly indicating the

bond angles around the phosphorus
atom in each case:

i PCl,
i PCls
i PFg
iv PF,*

[1]

[3]

[2]
[2]
[2]
[2]



> Chapter 8
The metallic model

CHAPTER OUTLINE

In this chapter you will:
e explain metallic bonding

e explain the factors that affect the strength of
metallic bonding

e explain the variation in the melting point of main
group metals down a group and across a period

e describe and explain the characteristic properties
of metals

e understand the connection between the properties
of a metal and its uses.

understand that transition metals have delocalised
d electrons

explain the melting points and electrical
conductivity of transition metals.

KEY TERMS

Make sure you understand the following key terms
before you do the exercises.




metallic bonding: the electrostatic attraction between
the positive ions and the delocalised electrons in a
metallic lattice

malleable: can be hammered into different shapes
ductile: can be drawn out into wires

lustrous: shiny




Exercise 8.1 Classifying
elements as metals, Exercise
8.2 Metallic bonding and
Exercise 8.3 Properties of
metals and their uses

In this exercise, you will begin by exploring the physical
and chemical properties of metals and then go on to
explore these properties in terms of the bonding and
structure of metals.

1  Where in the periodic table are the metals located?

Characteristic properties means the general properties
of metals.

2 Many metals share the common physical properties
listed below.

Give the meaning of each of these properties:
a lustrous

b good electrical conductor

¢ good thermal conductor

d ductile



e malleable.

3 The chemical properties of metals vary widely, but
there are some characteristic chemical properties; list
these.

Try to show that metals have a 3D structure. Do not
forget to include labels.

4 This question is about metallic bonding.
a What is the meaning of the term delocalised?

b Draw a diagram to show the structure of a typical
metal.

¢ Describe the movement of delocalised electrons
in a metal.

5 Give two factors that affect the strength of metallic
bonding.

TIP

In questions 6 and 7, the command term is explain, so
you need to do more than just describe the trend; you
need to explain why the trend is as described.

6 Explain the trend in the melting points down Group 2
of the periodic table.

7 Explain the trend in the melting points of the metals in
Period 3 of the periodic table.



Explain the following properties of metals:
a electrical conductivity

b thermal conductivity

¢ malleable/ductile.

Suggest why the following metals are suitable for the
use described:

a Goldis used in jewellery.
b  Aluminium is used for aeroplanes.

¢ lronis used for car body panels.



Exercise 8.4 Transition
metals

In this exercise, you will explore the properties of transition
metals in more detail.

TIP

You are not expected to know specific details about
electrical conductivity, just how this applies to s and p
block elements.

1 Compare the melting points of transition metals to
metals in the s and p blocks of the periodic table.

2 Which electrons are delocalised in the first-row
transition metals?

3 As the number of d electrons increases across the
first-row transition elements, why do the melting points
of the elements not increase sequentially?

4 How does the electrical conductivity of the first-row
transition metals provide evidence that d electrons
tend to be less delocalised than the valence electrons
in sodium, magnesium and aluminium?



EXAM-STYLE QUESTIONS

1

Which of the following is not true for all
metals?

A good electrical conductors
B solidat298 K

C form cations

D good thermal conductors

Which statement correctly explains why
metals are malleable?

A The layers of atoms can slide over
each other when a force is applied.

B The layers of molecules can slide over
each other when a force is applied.

C The layers of cations can slide over
each other when a force is applied.

D The layers of anions can slide over
each other when a force is applied.

Which statements explain why the melting
point of potassium is lower than that of
calcium?

I Calcium ions have a higher charge
than potassium ions.

Il Potassium ions have a larger radius
than calcium ions.
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Potassium has a lower first ionisation
energy than calcium.

land Il

Il and llI

I and Il

I, I1and I

What property of copper best explains why
it is often used for pots and pans?

A
B
C
D

good electrical conductor
lustrous
ductile

good thermal conductor

Transition metals often have higher melting
points than metals in the s-block of the
periodic table. Which statement best
explains the reason for this?

A

Transition metals have delocalised d
electrons.

Transition metals have higher first
ionisation energies than the s-block
metals.

Transition metals have smaller and
more highly charged ions than s-block
elements.



D Transition metals can form ions with
different charges.

Aluminium has a wide range of uses,

including drinks cans and high-performance

racing cars, due to its strength and

malleability. Describe the bonding in

aluminium. [4]

Figure 8.1 shows the electrical conductivity
of the elements sodium, magnesium and
aluminium and the first-row d-block
elements scandium to copper.

60000000 4 5.85x107

50000000 4

40000000 4
3.69x 107

30000000

2.23x 10
2.05x 10’

Electrical conductivity/Sm

20000000 4

140 %107

1.01 x 107

111 %107
10000000 - o
79X 04100
498 10°

Figure 8.1: Electrical conductivity of
selected elements.

Explain why metals conduct electricity. [1]

Explain why there is an increase in
conductivity from sodium to aluminium. [1]

Explain why the electrical conductivity of
scandium is much lower than that of






> Chapter 9
From models to materials

CHAPTER OUTLINE

In this chapter you will:

e understand the continuum between ionic, covalent
and metallic bonding

e use electronegativity values to place substances in
a bonding triangle

e relate the position of a compound in the bonding
triangle to its properties

e understand the term alloy
e explain the properties of alloys
e understand the term polymer

e explain the properties of polymers (plastics) in
terms of structure and bonding

e explain how addition polymers are formed

e deduce the structure of the repeating unit and
equations for the formation of addition polymers.

explain how condensation polymers are formed
deduce the structure of the repeating unit of a

condensation polymer




> understand that biological macromolecules form

by condensation polymerisation and break down
by hydrolysis

KEY TERMS

Make sure you understand the following key terms
before you do the exercises.

alloy: homogeneous mixtures of two or more metals
or of a metal with a non-metal

plastic: the common term for synthetic polymers

polymers: long-chain molecules, usually based on
carbon, which are formed when smaller molecules
(monomers) join together

polymerisation: the process of joining together a
large number of monomers to form a long chain
molecule (polymer). There are two types of
polymerisation: addition and condensation

addition polymerisation: a large number of
monomers are joined together into a polymer chain; no
other groups are lost in the process. Alkenes
(containing C=C) undergo addition polymerisation

condensation polymerisation: monomers, each
containing two functional groups, join together to form
a long chain, with the elimination of a small molecule,
such as water or hydrogen chloride, each time two
monomers join together




monomer: a molecule from which a polymer chain
may be built up, e.g. ethene is the monomer for
polyethene

hydrolysis: a reaction in which a covalent bond in a
molecule is broken by reaction with water; most
commonly, hydrolysis reactions occur when a
molecule is reacted with aqueous acid or agqueous
alkali

macromolecule: a very large molecule

biodegradable: can be broken down by
microorganisms in the environment




Exercise 9.1 Bonding and
electronegativity

This exercise looks at bonding triangles as a more flexible
model of bonding types. (A bonding triangle is given in the
IB data book.) The exercise finishes with a consideration of
their limitations.

When a question asks for types of substance, specific
names or examples are not required.

1 The bonding triangle is based on electronegativity
values. Define the term electronegativity.

2 What are the axes on the bonding triangle?

3 What types of substance do the vertices of the triangle
represent?

4 Using the bonding triangle in the IB data book,
suggest the type of bonding in the following

substances:
a TiO,

b Cu

c AlLO;

d Ge



e Hzo
f AICI
g MgBr,

5 Bonding triangles can only be used for elements and
binary compounds.

a What is meant by a binary compound?

b What other limitations are there to the use of
bonding triangles?



Exercise 9.2 Alloys

Alloys are first mentioned in Chapter 1 when considering
ideas about mixtures. In this exercise, you will look at
alloys in more detail and consider why they are classed as

mixtures.

1  What is the difference between a mixture and a
compound?

2 Although there is chemical bonding between the
atoms in an alloy, why are they considered to be
mixtures?

3 Alloys are classed as homogeneous mixtures. What
does the term homogeneous mixture mean?

4 A mixture usually has the properties of the substances
that it is made from. To what extent is this true for
alloys?

5 What effect does the introduction of different-sized
atoms into a metal have on the ability of the planes of
metal ions to slide over one another?

6 What effect does the introduction of different-sized

atoms into a metal have on the physical properties of a
metal?



Exercise 9.3 Polymers

The name plastic comes from a common property of
polymers, as they can be moulded into shape. Polymers
can be formed by two different types of reactions: addition
polymerisation and condensation polymerisation
(Exercise 9.4). Most natural polymers are formed by
condensation reactions. In this exercise, you will consider
the general properties of polymers and then go on to look
at addition polymerisation reactions.

1

List the desirable properties of a typical plastic such as
polyethene.

Describe two major environmental concerns about the
use of plastics.

Plastics are more correctly called polymers. What is
meant by the term polymer?

Figures 9.1 and 9.2 show two different types of
bonding between polymer chains.

What effect do these differences have on the
properties of the materials?

intermolecular
forces

Figure 9.1: Intermolecular forces in a thermoplastic.




covalent
cross links

Figure 9.2: Cross-linking in a thermoset plastic.

5 The properties of a polymer can be affected by a
number of factors. What effect would the following
have on the strength and flexibility of a polymer?

a chain length

b degree of chain branching
¢ degree of crystallinity

d addition of a plasticiser

e type of intermolecular forces between the polymer
chains.

In question 6, electrical and thermal conductivity
should be discussed separately.

6 Explain why polymers are poor electrical and thermal
conductors.

The functional group is the part of the molecule that
gives the substance its characteristic properties.



7  What functional group do the monomers used in
addition polymerisation all contain?
8 During an addition polymerisation reaction, what other
products, apart from the polymer itself, are formed?
TIP

A repeating unit should be drawn in square brackets
with the bonds at both ends extending through the
brackets.

10

Figure 9.3 shows a section of a polymer chain.

|
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Figure 9.3: A section of a polymer chain.

a Draw the repeating unit.
b Draw the monomer.

Figure 9.4 shows the structure of 1,1-dichloropropene.

|
cl C—H
>C=C< \H
cl H

Figure 9.4: 1,1-dichloropropene.



Give an equation to show the polymerisation of 1,1-
dichloropropene, and give the name of the polymer
formed.



Exercise 9.4 Condensation
polymers

Polymers can also be formed from condensation reactions.
The links between monomers in the polymers met in the IB
syllabus are formed by the reaction of two different classes
of organic compounds. In this exercise you will meet two
different condensation polymers; polyesters and
polyamides.

1 Describe what is meant by a condensation reaction.

2 Draw the functional group that links the monomer
units in a polyester.

3  Which two functional groups react together to form an
ester?

4 Draw the monomers used to form the polyester in
Figure 9.5.

TI} T TI) II-| {I? II-| ﬁ T
—C—T—C—D—T—O—C—T—C—D—C—O—

|

H 3 b X

Figure 9.5: A section of a polyester.

5 Draw the functional group that links the monomer
units in a polyamide.

6  Which two functional groups react together to form an
amide?



TIP

Condensation polymers are usually formed when two
different functional groups join together. How can this
happen if there is only one monomer?

7  Draw the monomers used to form the polyamide in
Figure 9.6.

prrrr T
R
H H H H H H H H

Figure 9.6: A section of a polyamide.

8 How s it possible to form a polyester or polyamide
from a single monomer?

9 Draw the monomer used to form the polymer shown in

Figure 9.7.

0 H H © H H O

R VIS S S SN S S
A

Figure 9.7: A section of a condensation polymer.

10 Condensation polymers can be broken down by
hydrolysis. What is meant by the term hydrolysis?

11 Hydrolysis reactions usually occur in the presence of
an acid, alkali or, in the case of biological molecules,



what other substance?



EXAM-STYLE QUESTIONS

1  Which statement best describes an alloy?
A a homogeneous mixture
B a heterogeneous mixture
C anelement
D acompound

2 Brass is an alloy made of 75 % copper and
25 % zinc. The melting point of copper is
1085 °C and the melting point of zinc is 907
°C. Which statement about the melting
point of the alloy is correct?

A The melting point of the alloy will be
between 907 and 1085 °C.

B The melting point of the alloy will be
higher than 1085 °C.

C The melting point of the alloy will be
lower than 907 °C.

D The melting point of the alloy cannot be
determined from the information in the
question.

3 The addition of differently sized atoms to a
metal to produce an alloy prevents the
layers sliding over one another. What
property of the metal is most affected by
this?



A
B
C
D

malleability
electrical conductivity
thermal conductivity

melting point

Which of the following is not a property of a
typical plastic?

A low density

B poor thermal insulator

C low reactivity

D poor conductor of electricity

Which statement best describes addition

polymers?

A They are formed by the joining of
monomers, which are alkenes.

B The double bond breaks when the
monomer units join together.

C Water is also produced during the
formation of addition polymers.

D Addition polymers are long-chain

molecules containing carbon—carbon
double bonds.

Some polymers have covalent bonds between
the polymer chains. What is the likely effect of
these covalent bonds on the properties of the
polymer?
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increased flexibility
less dense
more rigid

better insulator

Bonding triangles can be used to predict
the properties of an element or binary
compound. What data are used to
determine a compound’s position in a
bonding triangle?

o o W »

the difference in the electronegativities
of the elements

the % ionic character of the compound

the average electronegativity of the
elements

land Il

Il and llI

I and Il

I, I1and I

Biological macromolecules, such as
proteins, are formed by what type of

reaction?

A addition polymerisation

B condensation polymerisation
C hydrolysis



D substitution polymerisation

9 Figure 9.8 shows a section of a polymer.
What name is given to this type of
polymer?

H O H H O H H O H
| A | A A N
—T—C—N—T—C—N—T—C—N—
CH CH CH,OH
VAN
CH; CH,

Figure 9.8: A section of a polymer.

A polyester
B polyamine
C polyamide
D polysaccharide
10 Which statement is not true?

A Addition polymers are not
biodegradable.

B All natural polymers are condensation
polymers.

C Condensation polymers are broken
down by hydrolysis.

D Only natural condensation polymers
can be broken down by hydrolysis.



11 Table 9.1 describes the composition,
hardness, tensile strength and ductility of
various types of brass relative to the same
properties of pure copper, which is assigned a

value of 100.
% % Relative Relative
Copper Zinc hardness ductility
10 0 10 10
0 0 0
90 1 10 12
0 3 5
80 2 10 15
0 9 0
70 3 11 15
0 2 2
64 3 12 12
6 1 1
60 4 13 97
0 8
55 4 15 69
5 5

Table 9.1: The composition of some different
types of brass.

a What name is given to a mixture of
metals? [1]

b Hardness is related to the malleability
of a metal. Explain why the addition of
zinc increases the hardness of the
metal. [2]



¢ The ductility of a metal also depends
on the crystal structure of the metal,
and so, does not always follow the
same trend as hardness. Plot a graph
to show how the ductility of the metal
varies with the percentage of copper in
the mixture and use the graph to find
the composition that is most ductile. [4]

12 Draw the repeating units for polymers made
from the following monomers:

a
Cl /”H
C=C
\
H H
b H M
c=cC
H I N
o
c H CHs
rd
::C:Cx
H ﬁ—O—CHg
0

13 Kevlar® is a polyamide that is used in
bulletproof vests and protective clothing. Its
monomers are shown in Figure 9.9.

HD—C@C—DH H—T@T—H
H H

| I
0 0



14

Figure 9.9: The monomers of Kevlar®.

a Give a balanced equation to show the
formation of Kevlar®.

b  Explain why Kevlar® is strong enough
for use in bulletproof materials.

¢ Condensation polymers can be
degraded by strong acids and strong
alkalis. What name is given to this
reaction?

a Using the bonding triangle in the IB
data book, determine the percentage
ionic character of the Group 13 oxides.

b Considering your answers to part a,
predict the trend in the following for the
Group 13 oxides, giving a reason for
your answers.

I melting point

li  electrical conductivity

[2]

[1]

[1]

[3]

[3]
[2]



> Unit 3

Classification of
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» Chapter 10
The periodic table

CHAPTER OUTLINE

In this chapter you will:
e describe the structure of the periodic table

e deduce the electron configuration of an element
from its position in the periodic table

e explain the trends in the properties of elements
down a group and across a period

e describe and explain the reactions of Group 1
elements with water

e describe and explain the reactions of Group 17
elements with halide ions

e describe the trends in the acid—base behaviour of
oxides

e write equations for the reactions with water of the
oxides of Group 1 and 2 metals, carbon and sulfur

e explain acid rain and ocean acidification

e deduce oxidation states for elements in molecules
and ions

e name compounds using oxidation states.



describe and explain the characteristic properties

of transition metals
explain why transition metal complexes are

coloured
explain the factors that affect the colours of

transition metal ions.

KEY TERMS

Make sure you understand the following key terms
before you do the exercises.

first electron affinity: the enthalpy change when one
electron is added to each atom in one mole of
gaseous atoms under standard conditions: X(g) + e~
— X7(g). The first electron affinity is exothermic for
virtually all elements

periodicity: the repetition of properties

group: vertical column in the periodic table. These are
numbered from 1 to 18, including the transition metal
groups

period: horizontal row in the periodic table. Hydrogen
and helium are in Period 1

displacement reaction: a reaction in which one
element in a compound is replaced by another

acid: a substance that reacts with a base/alkali to form
a salt

amphoteric: a substance that can act as an acid and
a base




base: a substance that reacts with an acid to form a
salt

oxidation state (oxidation number): the degree of
oxidation of an atom in terms of counting electrons. It
is a purely formal concept that regards all compounds
as ionic and assigns charges to the components
accordingly; it provides a guide to the distribution of
electrons in covalent compounds

acid rain: rain with a pH less than would be expected
from dissolved atmospheric carbon dioxide (5.6). It is
caused by dissolved oxides of nitrogen and sulfur

acid deposition: a more general term than acid rain
that refers to any process in which acidic substances
(particles, gases and precipitation) leave the
atmosphere to be deposited on the surface of the
Earth — it can be divided into wet deposition (acid rain,
fog and snow) and dry deposition (acidic gases and
particles)

reduction: gain of electrons or decrease in oxidation
state. Reduction can also be defined in terms of the
loss of oxygen or the gain of hydrogen, but these are
less general definitions

oxidation: loss o