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Introduction

§ About this book

This textbook covers the first year of the Edexcel GCE Chemistry specification and
all content for the AS GCE Chemistry specification. The order of topics follows that
of the specification, but it need not be taught in this order.

All the organic chemistry is grouped together in Chapters 10 and 11. Chapter 16 is
designed to help you prepare generally for the AS and A level papers and especially

for answering practical-based questions.

Margin comments are provided throughout the book. These comprise valuable
reminders and snippets of information, and include tips that clarify what you need
to know and common sources of confusion.

This book is not a guide to the practical chemistry that all AS students will study.
However, many of the reactions that will be met in the laboratory are detailed
throughout the book.

At the back of the book (page 314), there is a periodic table that gives relative atomic
masses to one decimal place. This should be referred to for atomic numbers, atomic
masses and symbols of the elements. The table is similar to the one printed on the
back of the examination papers.

B Online resources

Each chapter includes “Test yourself” questions. The answers to these are available at
https://www.hoddereducation.co.uk/FacerChemistryl, At the end of every chapter are
a number of practice questions, including some typical exam-style questions. Questions
marked with a purple bullet point are designed to challenge students in their thinking,
Answers to the end-of-chapter questions are available as part of George Facer's Edexcel
A Level Chemistry Teaching and Learning Resources, Go to www.hodderaducation,
o Uk/dynamicleamning to sign up for a free trial. A practice exam-style AS paper and
multiple-choice tests to print off for students to complete are also available.

B Required previous knowledge and skills

It is assumed that all AS chemistry students will have covered at least double award
science to GCSE level. All students should be:

o familiar with the use of a calculator

» able to change the subject of an algebraic equation

» able to draw straight-line and curved graphs from supplied data and to extrapolate
graphs

» confident in the use of scientific (standard) notation, e.g. that the number 1234
can be written as 1.234 % 109 and that 1.234 X 10-3 is the same as 0.001234

Introduction |



o Introduction

B Scheme of assessment

Assessment objectives

There are three assessment objectives tested at AS and A level:

s AO1 Knowledge and understanding of scientific ideas, processes, techniques and
procedures — 32% of the AS mark.

e AO2 Application of knowledge and understanding of scientific ideas, processes,
techniques and procedures — 43% of the AS mark.

® AO3 Analysis, interpretation and evaluation of evidence and information to reach
conclusions or to develop practical designs and procedures — 25% of the AS mark.

The AS exam

The AS exam consists of two papers and a statement by the centre that the candidate
has performed a number of practical experiments. Both papers are worth 80 marks
each and must be completed in 1 hour 30 minutes. There will typically be 10 questions
ranging from 4 to 15 marks each, including a few multiple-choice questions. In both
papers between 20% and 25% of the marks will be awarded for the recall, evaluation
and understanding of experimental methods. There is no internal assessment of
practical skills that counts towards the candidate’s final grade.

Paper 1 consists of questions on physical and inorganic chemistry, specifically:

o atomic structure and the periodic table

» formulae, equations and amounts of substances, including acid-base titrations
» bonding, structure and intermolecular forces

e redox

e groups 2 and 7

» practical agpects

Paper 2 consists of questions on physical and organic chemistry, specifically:

» formulae, equations and amounts of substances

» bonding, structure and intermolecular forces of organic molecules
e organic chemistry

& energetics

o kinetics

¢ equilibrium

o practical aspects

§ Hazard and risk

This book is not a laboratory manual. All experiments described in this book should
be risk assessed by a qualified chemistry teacher before being performed either as a
demonstration or as a class practical. Safety goggles and a laboratory coat or apron
must be worn in all experiments. Certain hazards are described in some of the
experiments described in the book.



Chemistry is the study of matter and the changes that can be made to matter.

The term ‘matter’ means anything that has mass and takes up space. This includes
metals, plastics and fertilisers, but not light or magnetism, or abstract ideas such as
health or beauty.

Chemistry is concerned with the properties of matter — what happens when it is
heated, when it is mixed with other substances, when electricity is passed through
it — and the reasons for the changes that occur in the different circumstances,

Substances have two types of property:

o Physical properties are those that can be observed
without changing the identity of the substance, for
example by melting, compressing, magnetising or
bending the substance. At the end of a physical change,
the substance is still there, in a different shape or state.
The physical states are solid, liquid and gas:
~ A solid has a fixed volume (at a given temperature)

and shape.
— A liquid flows and takes the gshape of the part of
the container that it fills. It has a fixed volume at
- N T T - a given temperature,
Chemistry as a spectacle. (Inset) The Chinese characters for = A gas completely fills the container in which it
chemistry, which mean ‘the study of change’ is placed. It can easily be compressed to fit in a
container of a smaller volume,

e Chemical properties are those that are observed when the substance changes
its identity, for example on the addition of acid or on burning in air. After a
chemical change (chemical reaction) has taken place, one or more new substances
are formed. Each substance has its own unique chemical properties.

| Elements

E—
Key terms
, An elemaent 1s a substance that cannot be broken down Into two or more different substances,
“'Elements are the building . _.
Ciacbia Boer Gbidh al An atom Is the smallest uncharged particle of an element,
compounds are made. A compound Is made of two or more elements chemically joined together.

The ancient Greeks thought that all matter was made from four elements — fire,
earth, air and water. As scientists began to experiment and apply scientific method
to analysing results, this idea was gradually abandoned. The big step forward came

Elements |




in 1869 when Dmitri Mendeléev arranged the elements in order of atomic mass and

Dmitrt Mendel@ev

produced a periodic table similar to that in use today.

One hundred and fourteen elements have been positively identified, although
only 90 occur naturally on Earth. The others have either been made in nuclear
reactors and particle accelerators, or have been found in the debris from a nuclear
explosion. Livermorium and flerovium are the latest to have been made.

All the elements originally came from the stars. Inside a star, including our Sun,
hydrogen atoms are converted into atoms of other elements by nuclear fusion,
A small amount of mass is lost and this is turned into energy — the sunlight and
starlight that we can see.

The creation of elements from hydrogen in the stars is taking place continually.

However, as a star ages, its outer layer begins to collapse, which causes the temperature
of the star to increase further. Some of the atoms of elements already created fuse
together and form still heavier atoms, such as uranium, lead and gold. The temperature
increase causes a huge explosion and the outer layers are thrown into space. This is
what happens in a supernova. The debris from supernovae will eventually condense
under the gravity of another star and form planets. Thus the elements formed in the
stars form the rocks, the seas and even our own bodies (Table 1.1).

Table 1.1 The abundance by mass of the most common elements In the Earth's crust and In the
human body

juman body

Rank

1st
2nd
3rd
4th
Gth
6th
7th
8th
Oth
10th
11th
12th

Oxygen [

Silicon
Aluminium
Iron
Calcium

Sodium
Potassium

Magnesium
Hydrogen
Titanium
Chlorine

Phosphorus

49.6
26,7
7.6
4.7
3.4
2.6
2.4
1.9
0.88
0.568
0.19
0.12

mass

Rank

1st
2nd
3rd
dth
Gth
Gth
Tth
8th
Oth
10th
11th
12th

Oxygden
Carbon
Hydrogen
Nitrogen
Calcium

Phosphorus
Potassium

Sulfur
Chlorine
Sodium
Magnesium
Iron

% by
mass
66

18

10
3

16
1.2
0.2
0.2

0.2
0.1

0.06
0.04

B The periodic table

The modern form of the periodic table has the elements arranged in atomic number
order (in order of the number of protons in the nucleus).

It is shown in Table 1.2 and also, in more detail, at the back of this book (page 314).
It is printed on the back page of the question booklet in all AS and A-level
examinations,

o 1 Fundamental concepts



Table 1.2 The perlodic table

1 2 3 4

H

Li Be B C

Na Mg Al Si

K Ca Se¢ Ti V Cr Mn Fe N Cu ZIn Ga Ge
Rb  Sr Y ZIr Nbo Mo To Ru Pd AE €O In 8n

Cs Ba La* Hf T@a W Re Os Pt Au Hg T Pb
7 F Ra Ac* Rf Db S¢ Bh Hs Mt Ds Rg Cp Lv

*There are 14 fblock lanthanide elements between lanthanum and hafnium, and 14 fblock
actinide elements between actinium and rutherfordium.

o ;o B WO N -

The vertical columns are called groups. Numbers in brown are the group numbers.
The elements in a group, such as in groups 1, 2 or 7, show similar, but steadily
changing, physical and chemical properties. In group 7, for example, fluorine and
chlorine are gases, bromine is a liquid and iodine is a solid. All four react with
hydrogen to form acids.

The horizontal rows are called periods. Numbers in violet are the period numbers.
The elements in a period change from metals on the left to non-metals on the
right. The noble gases are in group 0 (sometimes called group 8).

— The elements in red are metals.

= The elements in green are metalloids (semi-metals).

= The elements in blue are non-metals.

_—
Test yourself

1 Identity the element In group 5 and perlod 3 of the perlodic table,

2 Name two elements that are liquids at room temperature.
e ——

Important points about the periodic table

Metals
The metals are on the left and in the middle of the table.

The physical properties of metals are that:

o they conduct electricity when solid and when liquid
o they are malleable and ductile
¢ apart from mercury, they are all solids at room temperature

The chemical properties of metals are that:

e they form positive ions (cations) in their compounds; for example, sodium forms
Na* ions and magnesium forms Mg** ions

the more reactive metals react with an acid to give a salt and hydrogen; for
example, magnesium reacts with dilute sulfuric acid to form magnesium sulfate
and hydrogen gas

the most reactive metals react with water to give a hydroxide and hydrogen; for
example, sodium reacts with water to form sodium hydroxide and hydrogen gas

He
N F Ne
P Cl  Ar
As Se Br HKr
S T | Xe

Bi Po At Rn
Fl

Tip

You need to know the
names and symbols of at
|east the first 20 elements
(hydrogen to calclum). You
must also know to which
group each belongs.

The periodic table



Three well-known metals: (a) copper, (b) mercury and perlodic table,

(c) magnesium

L L L R S LR L L LY

Organic chemistry is about
compounds in which carbon
is covalently bonded to other
carbon atoms, and to other
elements such as hydrogen,
oxygen and nitrogen.

Sliicon 1s used as
a semiconductor In

o they react with cations of less reactive metals in
displacement reactions; for example, zinc reacts with
a solution of copper sulfate to form zinc sulfate and a
residue of copper metal

o they become more reactive down a group in the
periodic table; for example, potassium is more
reactive than sodium

o their oxides and hydroxides are bases; for example,
magnesium oxide is a base and reacts with nitric acid
to form magnesium nitrate and water

_—as—a
Test yourself
3 Identity the most reactive metal In group 2 of the

Non-metals
Non-metals are on the right of the table.

The chemical properties of non-metals are that:

e they form negatively charged ions (anions) in many compounds with metals; for

example, chlorine forms Cl”™ ions and oxygen forms O* ions

they form covalent bonds with other non-metals

apart from in group 0, they become more reactive up a group in the periodic
table; for example, chlorine is more reactive than bromine, which is more reactive
than iodine

their oxides are acidic, reacting with water to form a solution of an acid; for
example, sulfur dioxide reacts with water to form sulfurous acid, H,SO,, which
ionises to form H*(aq) ions, making the solution acidic

Metalloids

Between the metals and non-metals there are some elements that do not fit easily
into either category. These elements are called semi-metals or metalloids. The
properties of metalloids are that:

they do not form ions

they are semiconductors of electricity, particularly when a small amount of
impurity is added

their oxides are weakly acidic; for example, silicon dioxide reacts with the strong
alkali sodium hydroxide to form sodium silicate

computers FO rce a N d e n e I’gy

Force

There are tour types of force:

o strong nuclear
o weak nuclear

» gravitational

e electromagnetic

0 1 Fundamental concepts



Strong and weak nuclear forces are only important inside the nucleus of an atom, [
Gravitational forces are so weak that they are only effective if at least one of the | I
objects is astronomically large, such as the Sun or the Earth. The only forces that Remember this as ‘unlike

affect chemistry are the electromagnetic forces. charges attract; like
A positively charged object attracts a negatively charged object: there is a force of i
repulsion between two objects that have the same charge.
The strength of the force depends on:
o the size of the charges — the bigger the charges, the stronger is the force acting
between them
e the distance between the centres of the two objects — the smaller the distance
between the centres, the stronger is the force between them
In chemistry, the most common charged particles are ions. [
g Key term
o A cation is an atom or group of atoms that has lost one or more electrons and so o —
is positively charged. Metals form cations. Na* and Mg** are examples. i : of alugs »
* An anion is an atom or group of atoms that has gained one or more electrons and grotp '

s0 is negatively charged. Non-metals form anions. CI7, OH™ and O are examples.

Energy

If there is a force of attraction between two particles, energy has to be supplied to
gseparate them. The amount of energy required depends on the strength of the force
between the particles, which in turn depends on the size of the charges and how
close the two centres are. This means that more energy is required to separate small,
highly charged ions than less highly charged or bigger ions.

Conversely, if two oppositely charged particles are brought closer together, energy
is released.

Energy can neither be created nor destroyed. However, one type of energy can be sosviesesvsvsserssnisesserines

- The unit of energy is the
converted into other types.
T P joule, J. However, this is so

In an exothermic reaction, chemical energy is converted to heat energy. This small that chemists normally
means that the temperature increases as heat is produced. The combustion of petrol  Use the kilojoule, kJ.
is an example of an exothermic reaction.

If heat is absorbed, the chemical reaction is endothermic, and the temperature falls
as heat energy is converted into chemical energy.

TEVRFRBPPTVRAEAPIIVIREABRPIT OGS

o . . . . .. The Greek letter A means
C 1 | an . y Al 113 -
hemical energy is measured as a quantity called enthalpy, H. In an exothermic ahnngie: 90 & el s

reaction, chemical energy is lost as it is changed into heat energy. Therefore, the change in the quantity N
value for the change in enthalpy, AH, is negative. In an endothermic reaction, the  (enthalpy or chemical energy
value of AH is positive, available as heat),

| Amount of substance

When we go shopping we buy cheese by weight, drinks by volume and cans of
baked beans by number. Scientists measure substances by mass or volume.

Mass

The unit of mass normally used is the gram. However, other mass units, such as the
kilogram, kg, milligram, mg, nanogram, ng, or tonne are sometimes used.

5
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Tip

Remember that a volume
In cm?3 converts Into a

much smaller value In dam?,

Tip |

Remember that a volume
In dm? converts Into a
much larger value In cm?.

Key term

Avogadro constant
- 6.02 * 10?3 mol~!

g = 1000mg or Img = 1073g

1g = 1000000000ng or 1ng = 10™7g
kg = 1000g

{tonne = 1000 kg

Volume

The common units of volume are the cm? and the bigger unit dm? (also called the litre, ).
1000000cm?* = 1m?
tem? = 0.001dm?
1dm?* = 1000 cm?

-
Worked example 1

A liquld has a volume of 23.75cm?2, Convert this to a volume In dm?,

Answer s
volume = ——=0.02375 dm’

1000

T Y [ — | W ST
Worked example 2

A gas has a volume of 24dm?®, Convert this Into a volume In cm?®,

Answer
volume = 24 « 1000 = 24000 cm’

B ——
Test yourself

4 a) Convert 12kg into grams.
b) Convert 0.0234¢ into milligrams (mg).

The mole
Although substances are measured out according to their mass or volume, chemicals
react by numbers of particles,

The equation for the formation of water from hydrogen and oxygen is:
2H, + O, = 2H,0

This means that hydrogen and oxygen react in the ratio of two molecules of hydrogen
to one molecule of oxygen.

Atoms and molecules are so small that when two chemicals are mixed and react,
billions and billions of molecules are involved.

The number of carbon-12 atoms in exactly 12g of carbon-12 can be calculated as
6.02 % 1023, 1t is called the Avogadro constant and has the symbol, L or N,.

o 1 Fundamental concepts



The mass of one molecule of water is 2.99 X 102 g and in 1g of water there are | Key t
3.34 % 1022 molecules, or 33 400 000000000000 000000 molecules. Counting in 9y o
such large numbers is almost impossible. To get round this problem the concept | 1 mole Is the amount

of the mole was introduced. The mole is a very large number of particles. For | O Substance containing
example: the Avogadro number

_ _ of atoms, molecules or
¢ 1mol of sodium, Na, contains 6,02 ¥ 10%? godium atoms. groups of lons.

e 1mol of water, H,O, contains 6.02 x 10* water molecules and therefore

24
1.204 X 10 hydrogen atoms. HEANBOOBEIOBBRBUEREIRROBRIINIES

o 1mol of sodium chloride, Na*CI™, containg 6.02 X 10*? pairs of Na* and Cl™ ions.  The symbol for the mole
23 p
is mol,

Chemicals react in a ratio by moles. The energy released in an exothermic reaction
depends on the number of moles that react. Therefore, AH has units of k] mol™. An
understanding of the mole is essential to AS and A-level chemistry.

e _aescceun oy, S ————————
Test yourself

5 Calculate:

a) the number of atoms in 1 mol of CO,

b) the number of chloride ions in 1 mol of calcium chloride, CaCl,
(The Avogadro constant, N, = 6.02 x 10#*molt.)

Mole ratios
Consider the equation:

H,S0, + 2NaOH — Na,SO, + 2H,0

Sulfuric acid and sodium hydroxide react in the molar ratio of 1:2. This means that
0.111 mol of sulfuric acid reacts with 0.222mol of sodium hydroxide. The equation
also shows that 0.111 mol of sodium sulfate and 0.222mol of water are formed,

The mole concept is further developed in Chapter 8.

e -~} [
Worked example 1 Tip

Calculate the number of moles of sliver nitrate that react with 1.23 mol of Remember that the
sodium chloride, according to the equation:; number of moles Is a

measure of the number of
AN NG —H ACE S DN particles, and that mole

ratios are found from
the balanced chemical
equation for the reaction,

Answer
moles of AgNO,:moles of NaCl = 1:1

moles of silver nitrate = moles of sodium chloride
= 1.23mol

T

Amount of substance



Worked example 2

Calculate the number of moles of hydrogen gas, H,, formed when 0.0246 mol of
aluminium reacts with excess sulfuric acld, according to the equation:

2A1 + 3H,50, — Al,(SO,); + 3H,

Answer
moles of H,:moles of Al = 3:2

moles of H, = % » moles of Al
=§ % 0.0246 = 0.0369 mol

| guestions

1 Identify the most reactive metal in group 2 of the periodic table.

2 An element X loses three electrons. What is the charge on the ion formed?

3 Convert 1.2 ¥ 10°g into tonnes.

4 Convert 22,4dm? into a volume in cm?.

5 Convert a volume of 23.7 cm? into a volume in dm?,

6 Nitrogen reacts with hydrogen to form ammonia, according to the equation:
N, + 3H, — 2NH,

Calculate:
a) the number of moles of nitrogen, N, that react with 0.246 mol of

hydrogen, H,
b) the number of moles of ammonia produced
7 Nitric acid reacts with calcium hydroxide according to the equation:
Ca(OH), + 2ZHNO, — Ca(NO,), + 2H,0

Calculate the number of moles of calcium hydroxide that react with
0.0642 mol of nitric acid.
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Atomic theory

The father of modern atomic theory was John Dalton, a schoolteacher who was
born in 1776.

He used measurements of the masses in which elements combine to propose his
hypothesis, which was that:

all matter is made of atoms

» all atoms of a given element are identical, with the same mass, but have different
masses from the atoms of other elements

o acompound is a combination of the atoms of two or more elements in a specific ratio

# atoms can neither be created nor destroyed

# in a chemical reaction, atoms in the reactants are rearranged to give the products

of the reaction

Dalton thought of an atom as a spherical hard object, rather like a marble. The word
atom is derived from Greek and means ‘uncuttable’. Dalton’s theory formed the basis
for understanding chemical reactions, formulae and chemical equations and allowed
huge advances to be made in the nineteenth century.

| The nuclear atom

Doubts about the accuracy of Dalton’s atomic theory began to form around the
beginning of the twentieth century. ]. J. Thomson discovered that all metals,
when heated, give off identical, tiny, negatively charged particles and he was able
to measure their mass-to-charge ratio (£). Millikan measured the charge on these
particles and hence the mass. He found that they had a mass nearly two thousand
times smaller than that of a hydrogen atom. These particles are called electrons.

John Daiton

[fatoms contain negatively charged electrons, they must also contain positively charged
particles. The discovery of radioactivity by Becquerel and the separation of radium
from the uranium ore pitchblende by Marie Curie led to the knowledge that alpha
particles are helium atoms that have lost two electrons. Geiger and Marsden, working
on suggestions by Rutherford, bombarded gold foil with alpha particles. Their results
led Rutherford to propose the nuclear theory of the atom:

» An atom contains a small, central, positively charged nucleus.

o The diameter of the nucleus is about Tﬁ'&m that of the atom. This means that if an
atom were the size of a football, the nucleus would be smaller than a full stop on
this page. Alternatively, if the nucleus were the gize of a golf ball, the atom would
have a diameter of about 400 metres.

e Almost all the mass of the atom is concentrated in the nucleus,

e The electrons orbit the nucleus.

The nuclear atom



Tip

The development of the
understanding of the atom,
from Daiton to Ruthertord
and bayond, Is an example
of How Sclence Works.

A theory Is suggested,
based on experimental
evidence, and that theory Is
modified steadlly as more
experimental evidence Is
obtained.

Aston invented the mass spectrometer to measure the masses of atoms precisely.
He made the startling discovery that not all the atoms of an element have the same
mass. In a sample of neon, 91% of the atoms have a mass of 3,32 x 10"23g, which
is 20 times heavier than a hydrogen atom. However, there are atoms of neon with
masses 21 and 22 times heavier than hydrogen atoms. Other elements were also
found to have atoms of different mass but identical chemical properties. These
different atoms of the same element are called isotopes.

This immediately caused a problem with the simple nuclear theory. How could the
positive centre of one atom of an element differ from that of another atom of the
same element?

There was a further long-standing problem associated with the periodic table.
This is an arrangement of the elements in increasing atomic mass devised by
Mendeléev. Argon has a relative atomic mass of 40, which is one greater than
that of potassium. This means that potassium, on the basis of mass only, should
be placed in group 0 with the noble gases, and argon in group 1 with the alkali
metals. This is clearly absurd. No-one could solve this riddle, until Moseley
devised an experiment that measured the positive charge in the nucleus. This
positive charge is called the atomic number. A simultaneous discovery of the
proton led to the theory that the atomic number is the number of protons in the
nucleus. This value is the same for all isotopes of an element. Thus the elements
in the periodic table used today are arranged in order of increasing atomic number
and not according to their atomic mass,

A third subatomic particle was then suggested — this is the neutron,

Rutherford suggested that an atom consisted of a
tiny nucleus surrounded by orbiting electrons and his

Source of a particles colleagues, Geiger and Marsden, tested this theory

Detector

Flgure 2.1 The gold foll experiment

with the gold foil experiment (Figure 2.1).

Most of the positively charged o particles passed straight
through but a few (about 1 in 8000) were deflected
through 90° by the positive nucleus.

The final Rutherford atomic theory is as follows:

# The nucleus of an atom of a particular element
contains a fixed number of positively charged
protons. This number is called the atomic number.

» The nucleus also contains a number of neutrons.
The number varies from one isotope to another.
Neutrons are not charged (neutral).

o The mass number of an isotope is the sum of the
number of protons and neutrons in the nucleus of an
atom of that isotope.

e The number of electrons in a neutral atom of an
element is equal to the number of protons in the
nucleus.

o The electrons orbit the nucleus.

The masses and charges of these three subatomic particles are shown in Table 2.1.

During the last 50 years, many more subatomic particles, such as mesons and neutrinos,
have been discovered. However, this is beyond the scope of A-level chemistry.

o 2 Atomic structure and the periodic table (Topic 1)



Table 2.1 Masses and charges of subatomic particlas

Particle Charge/C Relative | Mass/g Relative mass
charge

Proton +1.60 x 10'-"9 +1 1.67 x 10-’“ 1

Neutron n 0 0 167x10-4 1

Electron a- -160x 1019 1 0.11 x 10-?%  0.00055 (which
is usually ignored)

Never state that the mass of an electron is zero. You do not need to know the charges
on subatomic particles in coulombs or their masses in grams. It is the relative values
that you must know.

Definitions

e
Key terms

The atomic number (Z) of an element Is the number of protons In the nucleus of an atom of that
element,

The relative IWMIB mass (r.a.m.) or an element Is the walghted average mass of an atom of that
alement divided Dy i3 the mass of a carbon-12 atom.

The relative molecular mass of an element (such as 0,) or a compound (such as H;0) Is
the average mass of a molecule of that element or compound divided by Iig the mass of a
carbon-12 atom,

The mass number of an Isotope of an element Is the sum of the number of protons and
neutrons In the nucleus of an atom of that Isotope.

The relative isotopic mass Is the mass of an atom of that Isotope divided by T’é-tha mass of a
carbon-12 atom.

Isotopes are atoms of the same element that have the same number of protons but different
numbers of neutrons.

All atoms and ions of a given element have the same atomic number, which is
different from the atomic numbers of other elements.

Relative atomic mass values used by Edexcel are given to one decimal place. The
mass of an atom of the carbon-12 isotope is defined as being exactly 12 atomic mass
units and is the reference used for all relative atomic and isotopic masses,

Isotopes apply to a single element. They have the same number of protons in
the nucleus, so they have the same atomic number. However, they have different
numbers of neutrons in the nucleus, so the mass numbers are different. Isotopes of
the same element have identical chemical properties because they have identical
electron configurations.

Most elements have more than one stable and naturally occurring isotope. Some of
these are shown in Table 2.2.

Y T N T PR L T T T

Mass numbers apply only
to isotopes and are always
whole numbers.

=
Tip
Do not confuse relative
atomic mass, which Is

an average, with relative
Isotoplc mass, which refers
to a single type of atom.

The nuclear atom
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Relative isotopic masses
are not whole numbers
because some mass is
converted to energy when
nuclei are formed, 12C is
exactly 12 by definition —
it is the reference point.

Table 2.2 Some naturally occurring Isotopes

Element | Name of | Symbol | Atomic | Number of | Mass Relative
isotope number | neutrons | number |isotopic
mass

1.008

Hydrogen Protium H 1 0 1 09.99
Deuterium *H 1 1 2 2,014 0.01
Lithium  Lithium-6  BLi 3 3 6 6.015 7.42
Lithium7 L 3 4 7 7.016 02,68
Carbon  Carbon-12 12C 6 6 12 12 exactly 98.89
Carbon-13 13C 6 7 13 13.003 131
Carbon-14 14C 6 8 14 14.003 =0.01

e e e ——
Test yourself

1 Explain the difference between the terms ‘relative Isotoplc mass’ and ‘relative
atomlc mass'.

I Mass spectrometry

The masses of atoms, molecules and fragments of molecules can be measured using
a mass spectrometer. Standard mass spectrometry consists of four stages:

& ionisation
# acceleration
e deflection
e detection

1 All the air in the spectrometer is first pumped out,

2 A sample of the element or compound in gaseous form is injected into the mass
spectrometer (Figure 2.2, compartment A) and is bombarded with high-energy
electrons from an electron gun. If the substance is a solid, it has to be heated to
produce a sufficient number of gaseous particles.

The energy from the bombarding electrons strips electrons from the atoms or
molecules, forming positive ions:

A(g) + energy — A*(g) + e~
where A represents an atom

M(g) + energy — M™(g) + e~
where M represents a molecule

The positive ions formed from molecules can then fragment into two or more
particles, one positive and the other neutral. For instance, from chlorine:

Cl,(g) = Cl,*(g) = Cl*(g) + Clg)

and from ethanol:
CaHyOH(g) — Cz}"ln_-,GH*(g) S C1H5+(8) + OH(g)
CaH4OH(g) — CaHiOH™(g) — CyHa(g) + OH(g)

° 2 Atomic structure and the periodic table (Topic 1)



3 The positive ions are accelerated by the high electric potential (Figure 2.2,
compartment A), pass through slits and emerge as a parallel beam of ions. All the
ions have the same energy, so those of a particular mass have the same speed.

4 The ions are then deflected by a powerful magnetic field (Figure 2.2, compartment
B). lons with the same charge but with a greater mass are deflected less than those
of a smaller mass. The angle deflected depends on the strength of the magnetic
field and the mass-to-charge ratio (% or &) of the ion.

N

The ions of lowest mass are detected first (Figure 2.2, compartment C). The
magnetic field is gradually increased and the ions of greater mass are then detected.
The detector is coupled to a computer that calculates the £ ratio of each positive
ion and its relative abundance compared with the most abundant particle. This is
then converted into a percentage for each positive ion.

Electron gun  , Atoms or molecules lons are
of the element enter detected
»
A lons are accelerated through N |
: ’ an electric fleld | MA
~ / A : - L N
'&.\‘ 7, v C
They are lonised e VP
(turhed to positive T ,,f,,»" ' |
lons by a stream ' Temoere” 227 lons are deflected by a
of electrons) et o magnetic fleld according
To a pump, which&_ - > \lothelr mass
malntains The path of lighter fons will
low pressure be bent more than the path
of heavier lons

Flgure 2.2 A representation of a mass spectrometer

To summarise, the stages in standard mass spectrometry are:

s bombardment by high-energy electrons to create positive ions
o acceleration of positive ions by an electric potential
» deflection of positive ions by a magnetic field

o detection of positive ions followed by amplification of the signal

Mass spectrum of diatomic molecules

Many elements have isotopes and so their mass spectra will have lines for each
possible combination,

Chlorine consists of two isotopes — **Cl with an abundance of 75% and *’Cl with
an abundance of 25%. The mass spectrum will therefore consist of three lines in the
region around £ = 70 caused by the molecular ion Cl;* (Figure 2.3).

Tip

Some atoms or molecules
lose two electrons and so
form 2+ lons, These are
deflected more than those
Wwith a 1+ charge and the
§ame mass.

Tip

Remember that these
positive lons could

be positively charged
atoms, positively charged
molecules or positively
charged fragments of
molecules.

Rel ative sbundance
0
o

Flgure 2.3 Mass spectrum of
chlorine In the .!‘.g.. = 70 reglon

JSCI"JBCI with % = 70 with a prnbability Df% X %‘ = T% BAMAPIRLARAAIOOLIARIIIRINRRIIS

There are two ways of getting
BC1-7C) with 2 = 72 with a probability of 3 % § X 2 = 7 72: 35C1-37C| and 37CI-35C],
FCI-7Cl with 2 = 74 with a probability of -} X -i- = _:.5
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The peak at!.:,". = 31 is due
to CH,OH*, caused by loss
of the CH; group from the
molecular ion:

C,HgOH* — CH5+ + CH,0H*

e ——————— ——
Worked example

Bromine has two naturally occurring Isotopes, 7Br and #1Br In approximately equal
amounts. Dascribe and explaln Its mass spectrum In the m/z = 160 reglon.

Answer

It will have three lines caused by:

» TOB-T9Br* With m/z = 158 With a probabliity of % x % =11n 4

» 798r-81Brt and #1Br-79Brt with m/z = 160 with a probabllity of 2 x % x % = 2

In 4
» 81gr-8iBrt with m/z = 162 with a probabliity of % x %4 =11In 4

S0 bromine will have three peaks In a peak helght ratlo of 1:2:1.

Molecular mass from mass spectra

When a volatile (usually organic) molecule is investigated in a mass spectrometer, the

peak with the largest £ ratio could be due to the molecular ion, M*. Its value can then
be used to determine the molecular formula from an empirical formula (see page 121),

The mass spectrum of ethanol, C,H,OH, is shown in Figure 2.4.

L} 100-
E 804
l: 2
€ 60
-é ]
40 -
204
0
10 s 20 25 30 35 40 45

Flgure 2.4 Mass spectrum of ethanol

The peak with the largest 2 value of 46 is due to the molecular ion, so the relative
molecular mass of ethanol is 46.

Test yourself
2 Explaln how pDSItIVQ lons can be formed In 4 mass spectrometer.

= el

Modern mass spectrometers
Time of flight (TOF)

The sample is ionised and accelerated by an electric potential. All the ions will have
the same kinetic energy (Ymv?), but the heavier ones will move more slowly and
so reach the detector later than the lighter ones. The time between ionisation and
detection is measured.

° 2 Atomic structure and the periodic table (Topic 1)



Electrospray lonisation (ESI)

The sample is dissolved in a volatile solvent containing a little ethanoic acid. Some of
the sample’s molecules, M, become protonated, forming [MH|* and [MH,|"* ions.
The solution is rapidly evaporated as it enters the evacuated chamber of the mass
spectrometer and gaseous [MH]|" and [MH,|"" ions are released. This is known as
‘soft’ ionisation because the energy is so low that little or no fragmentation occurs.
It is therefore useful for identifying complex molecules, such as biologically active
molecules, but not for elucidating their structure.

This method is especially powerful when coupled with liquid chromatography and
40 is also uged in forensic chemistry to prove the presence of drugs, poisons and their
metabolites.

Uses of mass spectrometers

Determination of relative atomic mass of an element
Data that have been obtained from a mass spectrometer, such as those in Figure 2.5,

can be used to calculate the relative atomic mass of an element, E’:’;‘; : 7*;,2 ;
—————— 7.016 | 92.58
Worked example e
Lithium has two Isotopes, LI and 7LI. Use the data In Flgure 2.5 to calculate the 50-
relative atomic mass of lithium.
£
Answer o— 3 3
25Li = %°Li) + (m/z"Li x % 'Li) s
ram =na Lix% L+ (miz o 'Li)
) 100 Flgure 2.5 The signal and
_(6.015 x 7.42) ;t-} 37"315 x 92.38) data from a mass spectrum
4 , of lithium
o |
T ey T“ )
Test yourself Don't forget that the
3 The relative atomic mass of copper Is 63.5. Calculate the relatlve abundance specles detectad are
of the two copper Isotopes with relative Isotopic masses of 63.0 and 65.0. positively charged.

Detection of drugs and their metabolites in urine and blood samples
Most drugs, for example the anabolic steroid nandrolone, have a unique molar mass,
A urine sample is taken from an athlete, placed in a low-energy mass spectrometer
and ionised using the technique of electrospray ionisation (ESI), The spectrum
is then analysed. If there is an 2 peak equivalent to that of the molecular ion of
nandrolone, then the athlete is shown to have used that steroid.

In the pharmaceutical industry

The identity of a new compound can be determined by measuring the 2 value
of the peak caused by the molecular ion. First a pure sample has to be obtained,
usually by chromatography. A solution of the substance is sprayed through a needle
at high electric potential and is analysed in the mass spectrometer for its £ value.




Carbon-14 dating suggests
that the Turin shroud Is only
around 500 years old

Tip

Remember that all
lonisation energles are
quoted per mole.

Carbon-14 dating

The relative amounts of the isotopes carbon-12 and carbon-14 in a sample can be
found using a mass spectrometer. Carbon-14 is radioactive and its activity halves
every 5730 years as it changes to nitrogen-14,

When cosmic rays collide with nuclei in the Earth’s upper atmosphere, neutrons are
produced. If a neutron collides with a nitrogen nucleus, an atom of carbon-14 and
a proton are formed. The ratio of carbon-14 to carbon-12 remained fairly constant
until the Industrial Revolution, when ‘old’ carbon in coal was burnt, releasing carbon
dioxide with a very low carbon-14 content. The difference between the historical
ratio and that measured in the mass spectrum of a carbon-containing object is the
basis of carbon-14 dating.

Some rocks can be dated by a similar method. Uranium-238 decays eventually to
lead-206. If the ratio of these two isotopes is 1:1, it means that half the uranium has
decayed. As its half-life is about 4 x 107 years, this would mean that the rock was
formed 4 x 107 years ago.

Key term

required to remove one
elactron from a mole of
gaseous atoms of that

element.

The rirst lonisation energy
of an element Is the enargy

Key term

The second lonisation
energy Is the energy
required to remove one
lectron from each lon of
a mole of gaseous singly
charged positive lons of
that element,

l lonisation energy

lonisation energy is the energy needed to remove an electron from an atom or ion.
The units are k] mol™!.

The lirst ionisation energy is always a positive number (denoting an endothermic
process, which requires energy). It can be represented by the equation:

Alg) = AT(g) + e

This means that a mole of gaseous positive ions is formed, regardless of whether the
element is a metal or a non-metal.

For chlorine, it is the energy change per mole for
Cllg) = Cl™(g) + e~
The value of the first ionisation energy depends on:

o the number of protons in the nucleus — the more that there are, the larger the value
» the extent to which the positive charge of the nucleus is shielded by inner electrons

— the more the shielding the less the value
» the distance that the outermost electron is from the nucleus — the greater the
distance the less the value

_- B = -
Test yourself

4 Write equations to represent the first ionisation of:
b) argon

a) potassium ¢) bromine

More energy is required to remove the second electron than to remove the first
electron. This is because the second electron is being removed from a positive
ion, which is also smaller than the original atom and experiences a greater force
of attraction to the nucleus. Even more energy would be required to remove the
third electron, and so on.

The second fonisation energy can be represented by the equation:

A*(g) = A¥(g) + e

o 2 Atomic structure and the periodic table (Topic 1)



Tip
The second lonisation energy Is always a positive number (an endothermic process).

For the element calcium, the second ionisation energy is the energy change per
mole for:

Ca*(g) — Ca?*(g) + e~

- - -
Test yourself

5 Write an equation to show the fifth lonisation energy of fluorine.

First lonisation energies of hydrogen to rubidium

The first ionisation energies of the elements show periodicity. The pattern from lithium
to neon is repeated exactly with the elements sodium to argon. Apart from the insertion
of the d-block elements, this pattern is seen again from potassium to rubidium,

The trend down a group is for the first ionisation energy to decrease. Although the
number of protons increases, so does the number of shielding electrons. The main
factor is the increase in the atomic radius, making the outermost electron further
from the nucleus and so easier to remove.

The general trend across a period is for the first jonisation energy to increase.
However, there are a number of slight variations from this trend.

Figure 2.6 shows that there are maxima at each noble gas and minima at each group
1 metal. There are dips after the second and fifth elements in both periods 2 and 3.

T 2400-
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2200+ N Ne
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Atomic number

Flgure 2.6 Varlation of the first lonisation energy with atomic number
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The energy required for the
process Ca(g) — Ca?*(g)

+ 2e~ is the sum of the
first and second ionisation
energies.

lonisation energy | 1/



These factors can be explained as follows:

» The atomic radius decreases across a period. This is because the number of protons
increases but the number of shielding electrons remains the same. This causes a
general increase in the effective nuclear charge, which reaches a maximum at the
noble gas in group 0 at the end of the period. The result is an increasing attraction
for the highest-energy electron and so a general increase in the first ionisation
energy.

o The group 1 element immediately after a noble gas has its outer electron in the next
shell of higher energy. This electron is well shielded from the nucleus by the inner
electrons. The effective nuclear charge is close to +1 and the atomic radius is greater
than that of any atom in the preceding period. Therefore, the first ionisation energy
of the group 1 element is lower than that of any of the previous elements.

¢ In period 2, the energy level of the 2p-electron is significantly higher than that of
the 2s-electron, because it is partially shielded by the 2s-electrons (page 28). This
means that less energy is required to remove the 2p-electron from a boron atom
than is required to remove the 2s-electron from a beryllium atom.

o The electron configurations of nitrogen and oxygen are shown in Figure 2.7.

Nitrogen1s|{ || 2s{14| 2p, 20011 | 2pe |}

Oxygen 1s|t4| 2s|}4| 2p.(f4] 2p|} | 2p:|f
Flgure 2.7 The electron configurations of nitrogen and oxygen

o When an oxygen atom is ionised, it loses one of the two electrons in the 2p,-
orbital. As there is more repulsion between the two electrons in this orbital than
between electrons in different orbitals, it is easier to remove one of the paired
2p-electrons of oxygen than to remove one of the unpaired 2p-electrons of
nitrogen.

e The same arguments explain the discrepancies in period 3, where the first
ionisation energy of aluminium is lower than that of magnesium and the first
ionisation energy of sulfur is lower than that of phosphorus.

In period 4, there are dips after zinc and after arsenic. The electron configuration of
zinc is [Ar] 3d"" 45* and that of the next element, gallium, is [Ar] 3d"" 45% 4p'. As the
4p-orbital is at a higher energy level than either the 4s- or the 3d-orbital, less energy
is required to remove the 4p-electron in gallium than is required to remove one of
the 4s-electrons in zinc,

The reason why the first ionisation energy of selenium (group 6) is lower than that
of arsenic (group 5) is similar to the reason for the dip after nitrogen in period 2.

Successive lonisation energles

If the successive ionisation energies of an element are listed, it can be seen that there
are steady increases and that big jumps occur at defined places. This is a major piece
of evidence for the existence of orbits or quantum shells,

Aluminium has 13 electrons. Its successive ionisation energies are shown in
Table 2.3. The places where the ionisation energy has jumped to a proportionately
much higher value are shown in red.

o 2 Atomic structure and the periodic table (Topic 1)



Table 2.3 The successive lonisation energles of aluminium/kJmol™

2760

-WW-WW-

11600 14800 18400 23300 276500 31900 38500 42700

200000 222000
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o The data in Table 2.3 show that the first three electrons are considerably easier *‘g/t% " i firet big jump
to remove than the fourth, as there is a big jump from the third to the fourth  geeurs between the third
ionisation energies. These first three electrons come from the outer shell. and fourth ionisation

e The last two electrons are very much harder to remove than the preceding eight, @nergies, so Al has three
as there is a huge jump between the eleventh and twelfth ionisation energies. %Y c;ectrona cinbids
These electrons come from the inner shell. RS

o As the shells or orbits of the electrons get further from the nucleus, the energy level
rises, so less energy is required to remove an electron from that shell. The values
in Table 2.3, with the jumps after the third and eleventh ionisation energies, mean
that an aluminium atom has three electrons in its outer orbit, eight nearer to the
nucleus in an inner orbit and two electrons very close to the nucleus.

The big jumps provide evidence for quantum shells, Aluminium has two electrons
in the first quantum shell, eight in the second and three in the third.

LN R L N R L R R e Ly

The group in which an element is found can be worked out by looking at where the *“7ri - TeiEC o dantifying
first big jump in the successive jonisation energy occurs. If it occurs between the  the group to which an
fourth and fifth ionisation energies, then the element has four outer electrons and is  element belongs does

in group 4. not apply to the d-block
elements because they

Another way of presenting the data is in graphical form. As the variation between  all have two electrons in
the first and last ionisation energies is so great, it is usual to plot the values as the  their outer orbit, apart

logarithm of the ionisation energy. This is shown in Figure 2.8 for the element from chromium and copper,
sodium (Z = 11). which have only one outer

electron,
w b
3‘ eiectmn
In outer In mmpé'fé
shell 3
electrons
4 In Inner
shell
3.
: 10 1N
Number of electmns removed
Flgura 2.8 Successlve lonisatlons of sodium Tp

It can be seen that there is a big jump between the first and second ionisation | Remember that the first
energies and another big jump between the ninth and tenth. This means that sodium | electron to be removed
has one electron in its outer orbit, eight in the next inner orbit and two in the orbit | comes from the outer orbit.
nearest to the nucleus. Thus, the electronic structure of sodium is 2,8,1.
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Worked example

The successive lonisation energles/kJmol-* of element X are listed below.
Identify the group In the perlodic table In which X occurs,

lonisation energles of X
18t 950, 2nd 1800; 3rd 2700; 4th 4800; 5th 6000; 6th 12300; 7th 15000

Answel
There Is a big Jump between the fitth and sixth lonisation energles. Therefore,
the element has five electrons In Its outer orbit and Is In group 5.

| -lectron configuration

Rutherford tried to explain the arrangements of electrons around the nucleus in
terms of classical physics — Newton's laws of motion — but this did not work. An
orbiting electron should spiral towards the nucleus and become absorbed by it and
it was calculated that an atom would exist for less than a nanosecond! This problem
was solved by quantum theory.

When it was proposed by Max Planck in 1900, quantum theory shook the
foundations of the scientific world, However, it became gradually accepted over
the next few years. Planck suggested that energy was not continuous, but came in
tiny packets called ‘quanta’. In terms of electron configuration, this means that an
electron can only have certain discrete levels of energy. For instance, in a hydrogen
atom, an electron can have specific energies, such as 5.45 x 107%] or 2.43 x 10717,
but not any value in between.

Niels Bohr understood the importance of quantum theory and used it to explain the
electromagnetic radiation emitted when elements are excited when heated to high
temperatures or by being placed in discharge tubes.

When hydrogen is energised in a discharge tube, spectral lines of different frequencies
are emitted (Figure 2.9), One series, the Lyman series, is found in the ultraviolet
region and another, the Balmer series, in the visible part of the electromagnetic
spectrum, Each series has lines with frequencies that converge on a single value,

The spectra of other elements and their compounds are more complex. The visible
spectrum Dfetwrgised lithium or sodium vapour containg many lines; that of sodium
also includes a pair of lines very close together (a doublet).

Hydrogen

sodium - B S T S I S S
| 5 | | | I | | i
650 600 550 500 450 400 450

Wwavelength (nm)
Flgure 2.9 Emisslon spectra of hydrogen and sodium
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Bohr suggested that the electron in hydrogen can exist in definite circular orbits
around the nucleus. The first orbit is the closest to the nucleus, the second is further
away and so on. The first orbit has the lowest energy. The electron can only have
the energy associated with a particular orbit, which means that an electron can be
in a certain orbit or in a different orbit but not in between the two. These orbits are
sometimes called quantum shells.

A quantum shell defines the energy level of the electrons. All electrons in a
given quantum shell have similar, but not identical, energies and electrons in the
first quantum shell are in the lowest energy level for that element. A simplified
view of a quantum shell is that it is the region around the nucleus in which
an electron is found. The first quantum shell or orbit is in the region closest to
the nucleus,

When hydrogen atoms are heated, electrons are promoted from the ‘ground
state’ (their most stable or lowest energy state) to a higher, excited state. In
terms of electron orbits, this means that the electron is promoted from the first
orbit to an outer orbit. This is not a stable state and the electron drops back,
giving out energy in the form of light. The energy given out is the difference
between the energy of the electron in its outer orbit and the energy of the orbit
into which it drops.

e The Lyman series is obtained when an electron in a hydrogen atom drops from
an excited state back to the ground state, which is when it is in the first orbit.
» The Balmer series is caused by the electron dropping back to the second orbit.

The energy levels in a hydrogen atom and the transitions that cauge the spectral
lines are shown in Figure 2.10. The orbit number (principal quantum number) is
represented by n.

Unfortunately, this simple picture did not explain the complex spectra of other
elements. The next step was to suggest that the orbits could be divided into sub-
orbits consisting of different orbitals,

Spectra together with ionisation energies provide the evidence for orbits (or quantum
shells) and for orbitals.

Summary of evidence of electronic configuration

1 The emission spectra provide evidence of discrete quantum shells (orbits)

2 Successive ionisation energies provide evidence for the number of electrons in
the outer orbit

3 The discontinuities in the first ionisation energies show the existence of sub-
shells or orbitals,

The first orbit is not divided. Its orbital is spherical and is designated 15, where 1
means the first orbit and the s means that it is an s-type orbital.

The second orbit is divided into two types of orbital, s and p. The 2s-orbital is the
same shape as the 1s-orbital but has a larger radius (Figure 2.11),

- Balmer

Nwl
| Lyman

Flgure 2.10 Energy transitions
In & hydrogen atom

b ———1]
Key term
An orbital Is a reglon In

space occupled by one or
two electrons.

Electron configuration
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Flgure 2.11 The shape of 1s- and 2s-orbitals

There are three 2p-orbitals which lie along the x, y and » axes (Figure 2.12). A
common error is to think that the shape of each can be considered to be like two
pears stuck together.

Az )2 b4
Y y
2p,

sz zpjf
Flgure 2.12 The shape of the 2p-orbitals

The size and shape of an orbital is drawn so that there is a 90% probability of finding
the electron within its boundary. This fits with the modern theory that describes
electrons in atoms as having the properties of standing waves. The standing wave
for any s-electron is such that it can be found much closer to the nucleus than
a p-electron in the same shell. This is called penetrating towards the nucleus.
Because of this, the energy level of the 2s-orbital is slightly lower than that of the
2p-orbital. However, the energies of the three 2p-orbitals are the same.

The third orbit consists of three subshells with different types of orbital,

o One subshell consists of a 3s-orbital, which is a spherical orbital with a slightly
bigger radius than that of the 2s-orbital.

» The second subshell has three 3p-orbitals, which are the same shape as 2p-orbitals
but bigger. Electrons in these 3p-orbitals penetrate less towards the nucleus than
do the 3s-electrons.

e The third subshell has five 3d-orbitals, the shapes of which are shown in
Figure 2.13. Electrons in the 3d-orbitals penetrate towards the nucleus even less
than electrons in the 3p-orbitals.

dyy-orbital dy-orbital d-orbital dya_y-orbital dg-orbital
Flgure 2,13 The shapes of d-orbltals
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The energies of the subshells (s-, p- and d-orbitals) differ from each other
because of the effect of penetrating towards the nucleus. The energy level of the
2s-orbital is lower than that of the 2p-orbitals, The energy level of the 3s-orbital
is lower than that of the 3p-orbitals, which is lower than that of the 3d-orbitals.
In a particular element, all 3p-orbitals have the same energy as each other and
all 3d-orbitals have the same energy as each other, which is higher than that of
the 3p-orbitals.

The fourth orbit containg one 4s-, three 4p-, five 4d- and seven 4f-orbitals,

The extent to which the energies of the subshells are split from each other depends
upon the number of protons in the nucleus. In hydrogen (one proton) there is no
splitting. If there are more than 18 protons, the splitting is so great that the energy
level of the 4s-orbital becomes lower than that of the 3d-orbital. This has a significant
effect on the electronic structure of elements beyond argon.

Detalled electron configuration

The exact electronic structure of an isolated atom in the ground state can be predicted “*p0 ground state of an
using the energy level diagram (Figure 2.14) and the following rules: atom is where the electrons

occupy the lowest possible

o An orbital can hold a maximum of two electrons, one with a spin in the clockwise energy levels.

direction and one in the counter-clockwise direction. Electrons with opposite
spins are represented by T and |, or Tand |

» The aufbau (building up) principle states that electrons go into an atom starting
in the lowest energy orbital, then to the next lowest and so on until the correct
number of electrons has been added.

o Hund's rule states that if there is more than one orbital in a subshell, electrons are
initially added to the orbitals so that the electrons have parallel spins and not two
electrons in one orbital and none in the other of the same energy level.

o Pauli'’s exclusion principle states that all electrons in an atom must be in different =8 oERE

orbitals or have different spins. - A 1 o
Owerall, this means that: 35-39...
o A single orbital can hold a maximum of two electrons, with opposite spins. E EEE
e The first orbit can hold a maximum of two electrons — both in the 1s-orbital, % |2m
but with opposite spins.
o The second orbit can hold a maximum of eight electrons — two in the 2s- and
two in each of the three 2p-orbitals, i.e. (1 X 2) + (3 % 2) = 8. 15H
e An element with three electrons in p-orbitals in a given orbit will have one
electron in each of the py, py and p, orbitals. i _
e The third orbit can hold a maximum of 18 electrons — two in the 3s-, two levels QI' orbitals In an atom
in each of the three 3p- and two in each of the five 3d-orbitals, ie. 2 + 6 With atomic number graatar
+ 10 = 18, than 18

e The fourth orbit can hold a maximum of 32 electrong, i.e. 2+ 6 + 10 + 14 = 32,

Flgure 2,14 Relative energy

= —
Test yourself
6 State the number of orbltals In the third shell of an atom.
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vanadium's electronic
configuration Is sometimes
written 1s? 2s? 2p& 3s?
3p® 452 3a® which Is In
order of Increasing enargy.

14 2nd
perlod period

Flgure 2.16 The order In which orpitais are filed

0 2 Atomic structure and the periodic table (Topic 1)

R
Worked example

Answer

Sulfur has an atomic number of 16, Complete Its detalled electronic
configuration, 1s2, 2s2 2p,? 2p,22p,?, 382 ...

(1s?, 252 2p, 2p,%2p /2, 35%) 3p.2 3p,} 3p;!

The electron configurations of magnesium and vanadium are shown in Figure 2.15,

The electron configuration of magnesium can be written as 1s* 252 2p® 352,

The electron configuration of vanadium can be written as 1s® 25% 2p° 35% 3p° 34 442,
Note that the three 3d electrons are in different orbitals and have parallel spins.

\ 2

3s[

2p

Energy

15(t |

H

t

1

(a) magnesium

P ad [T
ol L I
3p[HI [
=
2p(f1
25 1;‘
154

(b) vanadium

Flgure 2.15 The electron configuration of (3) a magnesium atom and (b) a vanadium atom

A full list of the electron configurations of the first 36 elements is given in Table 2.4.

A short way of writing an electron configuration is to give the symbol of the preceding
noble gas followed by the detail of the electrons added subsequently. For example, the

3 41h
period period

- |
pariod

electron configuration of manganese is [Ar] 34" 4s* and
that of bromine is [Ar] 3d" 4s* 4p°, where [Ar] means 15
252 2p° 3% 3p°,

The order of filling orbitals is 1s, 25, 2p, 35, 3p, 4s, 34,
4p, 5s, 4d, 5p, 6s... This is shown diagrammatically in
Figure 2.16.

Note that the d-orbitals fill ‘late’, after the s-orbital of
the next orbit (or shell) has received electrons. However,
there are two slight variations in the order of filling:

o chromium is [Ar] 3d° 4s' not [Ar] 3d* 45°

o copper is [Ar] 3d'0 4s' not [Ar] 3d° 45

This is because an atom is more stable if it has a half-

filled or filled set of 3d-orbitals and a single electron in
the 4s-orbital, rather than four or nine 3d-electrons and

two in the 4s-orbital.



Table 2.4 Elactron configuration of the first 36 elements m—-

LTy e S . |,
4s, 4p, 4d, 5s, 5p,

- He 1s% 5d, 6s In order of

3 Li 152 2st s-block Increasing energy

A i 1a7 543 alements levels.

5 B 1s? 2s2 2p! p-block

8 o 182 262 292 alements

7 N 122 292 298

8 0 1s2 252 2p

9 F 1s? 252 2pS

10 Ne 12 252 2p8

14 Na 15?7 2s2 2pf 35t s-block

12 Mg 12 267 26 382 elements

13 Al 182 252 2p8 3s? 3pl pblock

14 i 152 252 208 352 3p? FIRmants

16 1s2 2¢2 2p6 352 3p

16 1s2 252 2p8 352 3ph

17 cl 1s? 22 2p5 352 3pf

18 Ar 152 252 2pf 32 3pt

19 K 1s? 252 2pF 352 3pf 30 4st s-block

20 Ce 152 262 205 32 3p8 3 4s? SRR

21 Sc 15 252 2p8 352 3pf 3t 4s? d-block

22 T 152 262 208 357 3pF 38 As? Sremcy

23 V 152 252 2p8 3s? 3pf 3P  4s?

24 Cr 1s? 252 2p8 382 3pf 3d5  4s!

25 Mn 162 252 2p8 352 3pf 35 4s?

26 Fe 152 252 2p8 352 38 3®  4s?

27 Co 1s2 262 2p8 352 3pf 3d7 4s?

28 Ni 152 252 2p8 32 3pf 3d®  4s?

29 Cu 1s? 2s2 2pF 352 3pP 340 4st

30 Zn 157 22 2p° 352 3pf 3d0  4s?

31 Ga 1s? 2¢2 2p8 352 3pf 341 4s? 4pt pblock

32 Ge 1a7 27 28 32 3P A 4er gpa OlMeNts

a3 As 152 252 208 352 3pF 3d© 4s?  4pB

34 Se 197 29 2p® 332 3p*' 3P 4s2 4

35 Br 152 2¢2 2pF 352 3pb 310 4e?  4pF

36 Kr 15 252 2p 352 3pf 340 4s?  4ph

Electron configuration



The periodic table

Since the time of Dalton, chemists have tried to bring order out of the chaos of the
chemical and physical properties of the elements. A number of attempts were made,
For example, Newland suggested that there was a repeating pattern of properties
every eight elements — his ‘Law of Octaves’. Newland's contribution to modern
understanding was the idea of periodicity. This is that there is a pattern of regularly
repeating physical and chemical properties.

It was Mendeléev who put this on a sound basis and produced the periodic table, the
Tip S - | ﬁ |

understanding of which is fundamental to chemistry. He arranged the elements in
Mendeleev’s prediction ascending atomic mass, grouping those with similar chemical properties in vertical
IS an example of How columns. He left two gaps between zinc and arsenic as he was sure that arsenic is
Sclence Works. in group 5. He predicted that elements numbered 32 and 33 would be discovered

later and was vindicated within a few years with the discovery of gallium and

germanium.

Mendeléev's original table has subsequently been modified and the modern form is
provided at the back of this book (page 314). You should use it whenever you need
relative atomic mass values, as well as when you are studying the chemistry of the
elements and their compounds.

|Groups, periods and blocks

The periodic table is divided into groups, periods and blocks.

The vertical columns are called groups. All the elements in a group contain the
same number of electrons in their outer shell. For example, all the elements in group
1 have one electron in their outer shell, which is in an s-orbital. All the elements in
group 7 have seven electrons in their outer orbit, arranged s* p°.

The horizontal rows are called periods. All elements in the same period have the
same number of shells containing electrons. For example, all the elements in the
third period, Na to Ar, have electrons in the first, second and third shells,

The table is also divided into blocks:

o The s-block consists of the elements in groups 1 and 2. An s-block element has
its highest-energy electron in an s-orbital, i.e. the last electron added goes into an
s-orbital,

» The p-block contains the elements in groups 3 to 7 and group 0 (the noble gases).
A p-block element has its highest-energy electron in a p-orbital, ie. the last
electron added goes into a p-orbital.

» The d-block contains the elements scandium to zinc in period 4 and those elements
below them. A d-block element cannot be defined in terms of energy because the
energy level of the d-orbitals is altered by the presence of electrons in the outer
s-orbital. It can only be defined in aufbau terms, i.e. the last electron added to a

BOAFBIRUIRAIBRRReiNIBRINRIRIION d-block element goes into a d-orbital.

ir:gail::en::ﬁrﬂini::‘l::b:;?\ger ¢ The f-block containg the 14 rare-earth elements (cerium to lutetium), which fit in
of protons ik Wi ikl the periodic table between lanthanum (Z = 57) and hafnium (Z = 72), and the 14
and so equals the charge on actinide elements (thorium to lawrencium), which come after actinium (Z = 89),

the nucleus. The last electron added to an f~block element goes into an f-orbital.

Q 2 Atomic structure and the periodic table (Topic 1)



The periodic table can be used to predict the electron configuration of an element
because it indicates the order in which orbitals are filled (Figure 2.17).

Core

[He] — 25
[Ne] —= 35
EAI'] —e 45
[Kr] —= 55
[Xe] —= &s

Flgure 2,17 The perlodic table and the order of filling orbitals

I Forces that act on electrons Iin an atom

The forces that act on electrons in an atom are electromagnetic. They obey
Coulomb’s law, which states that the magnitude of the force between two charged
objects is directly proportional to the product of their charges and inversely
proportional to the square of the distance between their centres. This is expressed
mathematically as:

force o B . ol

2
where ¢4 and - are the charges on the two objects and r is the distance between

their centres.
The rules are:

» opposite charges attract; like charges repel
o the bigger the charges, the stronger is the force
o the further apart the particles, the weaker is the force

This means that electrons are attracted towards the nucleus (Figure 2.18). The
greater the atomic number, the stronger is the force of attraction. Electrons that
are further away from the nucleus are attracted less than those closer to the nucleus,

In addition, because they have the same charge, electrons repel each other. Because
they are more densely packed, the inner electrons repel outer electrons much more  FIgure 2,18 The forces acting
than the other outer electrons repel each other. on an electron In an atom

Shielding and the effective nuclear charge

Effective nuclear charge across period 1

In a hydrogen atom, the nucleus has a charge of +1 and there iz one electron in a
Is-orbital. There are no forces of repulsion, so the electron feels the full force of
attraction of a +1 charge.

In a helium atom, the nucleus has a charge of +2 and there are two electrons in

the 1s-orbital. These electrons repel each other slightly. The result is that the net Key term
force of attraction between the nucleus and each electron is slightly less than that | '
The effective nuclear

between a +2 charge and one electron. Therefore, the helium nucleus is said to have

an effective nuclear charge of slightly less than 2. charge Is the net charge

on the nucleus, after
allowing for the electrons
In orbit around the nucleus
shielding Its full charge.

Effective nuclear charge across period 2
The situation becomes more complicated for lithium and the remaining elements. In
lithium, the nucleus has a charge of +3 and the outer 25 electron is strongly repelled

Forces that act on electrons in an atom | */



Tip

Do not state that there Is
more shielding In potassium
than In sodium. This falls to
make the Important point
that there Is more to shield
baecause of the Increase In
nuclear charge.

by the two inner 1s electrons. The nucleus is shielded by the inner electrons and the
effective nuclear charge is approximately +1. This is the +3 nuclear charge, minus
the effect of two negatively charged screening electrons.

The next element is beryllium. The nucleus has a charge of +4, there are two
Is electrons shielding the nucleus and two 25 electrons that also repel each other
slightly. Therefore, the effective nuclear charge is not exactly +2 (+4 nuclear charge
minus the effect of the two negative inner electrons) — it is slightly less than +2

because of the extra repulsion by the two electrons in the outer orbit.

The situation is slightly more complicated with the next element, boron. The atomic
number of boron is five (a nuclear charge of +5). There are two 15 electrons that
shield the outer electrons from the nucleus. The two 2s electrons are closer to the
nucleus than the single 2p electron and they repel it. Therefore, the effective nuclear
charge is significantly less than the +3 value predicted by the simplified idea that
effective nuclear charge is equal to the atomic number of the element minus the
number of inner-shell electrons.

Similar arguments apply to other periods — the effective nuclear charge increases
across a period, but does not increase by as much as +1 between successive elements.

Effective nuclear charge in a group

The nuclear charge and the number of inner shielding electrons increase by the same
amount in a group. This leads to an assumption that the effective nuclear charge
acting on the outer electrons of the elements in the same group of the periodic table

hardly varies, but this is a simplification of a more complex situation.

For instance, sodium has 11 protons and, therefore, a nuclear charge of +11. It has
two electrons in the first shell and eight in the second shell. These ten electrons
shield the outer, third-shell electron very efficiently and the effective nuclear charge
is close to +1 (+11 = 2 — 8 = +1),

Potassium has 19 protons and, therefore, a nuclear charge of +19. The outer,
fourth-shell electron is shielded from the nucleus by two electrons in the first
shell, eight electrons in the second shell and eight electrons in the third shell,
making a total of 18 inner shielding electrons. From sodium to potassium, the
number of protons has increased by eight and the number of shielding electrons
has also increased by eight. Therefore, potassium also has a similar effective
nuclear charge close to +1.

Shielding In the d-block elements

The increase in atomic number and hence in the nuclear charge is matched by the
increase in the number of inner shielding electrons. Therefore, the effective nuclear
charge of the d-block elements in the same period hardly alters,

o Scandium has 21 protons. Its electron configuration is 15% 2% 2p% 35 3p® 34" 45°.
Therefore, it has 19 inner electrons shielding the 21 protons and has an effective
nuclear charge of approximately +2.

o d electrons are less effective at gshielding the nucleus than are p electrons in the
same shell which, in turn, are less effective than s electrons,

¢ Titanium has 22 protons. Its electron configuration is 15 2s* 2p® 35* 3p® 34° 447,
Therefore, it has 20 inner electrons shielding the 22 protons and has an effective
nuclear charge of approximately +2.

° 2 Atomic structure and the periodic table (Topic 1)



e Vanadium has 23 protons. Its electron configuration is 152 252 2p® 352 3p® 34 452,
Therefore, it has 21 inner electrons shielding the 23 protons and has an effective
nuclear charge of approximately +2.

j Periodicity

Periodicity refers to the recurring trends that are seen in the properties of an element
with increasing atomic number,

Melting temperatures

The melting temperatures of the elements lithium to neon increase steadily for the
first four elements and then fall dramatically at the fifth. This pattern is repeated
with the elements sodium to argon (Table 2.5). This is an example of periodicity.

Element | Melting Boiling Element | Melting Bolling Table 2.5 Melting
temperature/ tampomtura/ TR T temperatures of the elements
0 o oC In perlod 2 and perlod 3

Lithium 180 Sodium

Beryllium 1278 Magnesium 639

Boron 2300 Aluminium 650

Carbon 3600 Silicon 1414

Nitrogen  -210 -196 Phosphorus 44 277
Oxygen -218 -183 Sulfur 116 4456
Fluorine  -220 ~-188 Chlorine -101 -34
Neon -249 -246 Argon -189 -186

The melting temperatures of the metals increase across a group as more electrons are
involved in bonding (see page 37). They decrease down a group as they get bigger
and so are further apart, making separation easier.

Carbon, silicon and boron have very high melting temperatures as they exist as giant
structures involving a network of covalently bonded atoms.

The other non-metals in the 2nd period are all diatomic except for neon, which is
monatomic, and have weak forces between their molecules. Thus their melting and
boiling temperatures are very low.

The other non-metals in the 3rd period are more complex. Phosphorus is Py,
sulfur § and chlorine Cl,, while argon is monatomic. These melting and boiling
temperatures depend on the number of electrons in the molecule. This is explained
further in Chapter 4.

Valency

The valency of an element can be defined as the number of electrons that it uses
in bonding. Thus sodium (electron configuration 2,8,1) loses one electron when it
forms a Na* ion and so has a valency of 1. Likewise chlorine (2,8,7) gaing an electron
to form the CI” ion, so it also has a valency of 1. The valencies of the elements in the
period lithium to fluorine are in the order 1, 2, 3, 4, 3, 2, 1. This pattern is repeated
exactly for the lowest valencies of the elements sodium to chlorine in the next period.

Periodicit @




Atomic radius

The radius of an atom is found by measuring the distance between the nuclei of two
touching atoms, and then halving that distance.

Trends across a period

Even though extra electrons are being added, the atoms get smaller going across
a period from left to right. From lithium to fluorine, the outer electrons are all
in the 2nd shell, being screened by the 1s5* electrons. The increasing number of
protons in the nucleus as you go across the period pulls the electrons in more
tightly. This is slightly offset by the increased repulsion of the electrons from each
other. However, the net effect is a decrease in radius (Figure 2.19). This pattern is
repeated in the 3rd period.

&250-
2 2004
5150-
<«

100 4
50 _

U Be 8 C N O F Na Mg Al sI P § Cl K Ca
2nd perlod ——————+ - ard perlod ——

Flgure 2,19 Trends In atomic radius

Trends In a group
Down a group, the trend is for atomic radii to increase steadily because of the
increase in the number of occupied shells:

e Lithium: electron structure 2,1 — two occupied shells.
» Sodium: electron structure 2,8,1 — three occupied shells. -
» Potassium: electron structure 2,8,8,1 — four occupied shells.

Size of positive lons

A positive ion is always smaller than its neutral atom. If an atom loses all its outer
electrons, the radius of the resulting ion is much smaller than the atomic radius. This
is because:

o there is one fewer shell of electrons
o there are fewer electrons in the positive ion than in the atom, so the electron—
electron repulsion is less, causing a further reduction in the radius

For ions with the same electron configuration (e.g. Na*, Mg** and Al**), the ion
with the greatest charge will have the smallest radius.

The three positive ions in Table 2.6 have the same number of electrons (ten)
arranged in the same way (1s? 25% 2p®). Therefore, the electron—electron repulsion
is the same,

Q 2 Atomic structure and the periodic table (Topic 1)



Table 2.6 Atomic and lonic radll

T Gouwt | Grow2 | Grow 3 | Growpd | Growp 5 | Growp 6 | Group 7
Na Mg Al C N 0 F

Atomic

186 160 143 70 65 60 50
e O oo
%5 8 5O 171 140 136

! 1 ; 'y ! 3 BhbbhbhddAdbdadd bbbl A
The nuclear charge increases tr?m 11 to 12 to 13, Tl?e force of attraction Dt wean e e alactrin
the nucleus of the aluminium ion (13 protons) and its ten electrons is, therefore,  girycture are called
greater than that between the nucleus of the other ions and their ten electrons. This  jsoelectronic.

causes the Al** ion to have the smallest radius,

Size of negative ions

A negative ion is always larger than its neutral atom (Figure 2.20). To form a
negative ion, an atom must gain one or more electrons. The atom and the ion have
the same atomic number, so forces of attraction remain the same. However, there
is extra repulsion due to the increased number of electrons in the same shell. This
causes the ion to expand, moving the electrons further from the nucleus until,
once again, there is a balance between the forces of attraction and the forces of
repulsion.

Flgure 2.20 Relative slzes of
atoms and lons

e
Key term

The tirst electron arfinity
IS the energy change when

Electron affinity (EA) i ey

Electron affinity can be represented by the equation: neutral gaseous atoms.

A(E} + e — ﬁ-(g) T
‘ | The values of first electron
The negatively charged electron being added is brought towards the positively affinities are negative

charged nucleus. There is a force of attraction between the two and, therefore, (exothermic).
energy is released when the two are brought closer together,

e T—
The first electron aflinity of oxygen is =142k mol™!. This is the energy change, Key term
per mole, for the process: The second electron
O(g) + e~ = O~ (g) artinity Is the energy
CI'IHI'IQQ when one electron
The second electron affinity can be represented by the equation: Is added to each lon In
A" (E) e Ag_@ a mole of singly charged
gaseous negative lons.

The second electron affinity of an element is always positive (endothermic) because

energy is required to add an electron to an already negative ion. The incoming i Decgeraba s o A
electron is repelled by the negative ion, Therefore, energy has to be supplied to alen;zn:fﬁlfi?as ik me
bring the ion and the electron together. positive numbers. They are

endothermic reactions.

Electron affinity (EA 0
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Electron affinity applles
to metais as wall as to

per mole, for the process:

O~ (g) + e~ = O (g)

The second electron affinity of oxygen is +844 k] mol=!. This is the energy change,

non-metals and always
rasuits In the rormation of

a negative lon,

Test yourself

a) magnesium

Energy released

LI Be B G N 0 F
Flgure 2.21 Energy released In the process A(g) + e~ — A™(g)

8 Write an equation to show the first electron affinity of:

b) nitrogen

The variation of the first electron affinities of the
elements in the second period is shown in Figure 2.21,

The electron is added to the outer orbit of the atom. Ag
an electron is negatively charged and is being brought
towards a positive nucleus, energy is released. The
general trend is upwards because atomic radii decrease
from lithium to fluorine, which causes the force of
attraction to increase.

The dip at beryllium occurs because the added
electron goes into a higher-energy 2p orbital and so
less energy is released. The dip at nitrogen is caused
by the extra repulsion of putting a second electron

into the singly occupied 2p,-orbital.

|The forces inside the nucleus

Inside an atom, there are forces that act inside the nucleus and forces that act on
the electrons. Inside the nucleus there are so-called strong and weak nuclear forces,
which are respongible for holding the nucleus together. Whenever there is a change
in nuclear structure, very large amounts of energy are involved.

Radioactivity

The nuclei of some isotopes, such as carbon-14 and all the isotopes of radium and
uranium, are unstable and spontaneously emit radiation. The level of radioactivity
given off by a radioisotope is determined by its half-life. A short half-life means that
the isotope is very radioactive but the radioactivity decreases rapidly over a short
time. Some radioisotopes have long half-lives, such as the 4 billion years of the
uranium-238 isotope. A long half-life means that exposure to the radioisotope for
a short period is not as dangerous as exposure to those with half-lives from several

seconds to a few years,

The radiation is of three main types:

® O~rays — alpha-rays are fast-moving helium nuclei. A helium nucleus consists of
two protons and two neutrons. Alpha-rays are stopped by a few centimetres of air

or by a sheet of paper.

» [-rays — beta-rays are very fast-moving electrons. They are stopped by a thin

sheet of metal.

o Y-rays — gamma-rays are similar to X-rays but have an even higher frequency
and hence energy. They need a thick layer of lead or concrete to absorb them.

0 2 Atomic structure and the periodic table (Topic 1)



[t is dangerous to breathe in or eat any material containing ¢~ or B-emitters (e.g.
polonium-210, which is an o-emitter). This is because the radiation will destroy
cells that absorb the chemical containing the isotope. However, use can be made of
this. lodine is concentrated in the thyroid gland. Cancers of the thyroid are treated
with minute doses of the radioactive isotope, iodine-131. Its halt-life is 8 days, so the
radioactivity rapidly decreases to a negligible level,

Beta and gamma rays can be absorbed by human tissue, causing changes to the
cells. High doses will kill cells and lower doses may cause mutations. Cancer cells
are more likely to be destroyed than healthy cells. Radiotherapy, with controlled
doses from cobalt-60, is used to treat many forms of cancer. It has a half-life
of 5.27 years and decays into nickel-60, giving off an electron (B-ray) and two
gamma photons,

Nuclear fission

Some heavy nuclei, such as uranium-235 and plutonium-239, are fissile. This means
that when the nucleus absorbs a neutron, it becomes so unstable that it breaks into
several smaller pieces.

Huge amounts of energy are released. A typical fission
of uranium-235 produces strontium-90, xenon-143 and
three neutrons. Uranium-235 absorbs slow (thermal)
neutrons more efficiently than it absorbs fast neutrons,
Therefore, if the neutrons produced in the fission of
one nucleus are slowed down (by a moderator such as
graphite), another fission reaction will occur. This is
known ag a chain reaction, and is the principle behind
a nuclear reactor.

Nuclear fission can be regarded as an environmentally
friendly way of generating electricity. It does not
produce any greenhouse gases and, as so little is used
to produce a year's supply of electricity, there is a
virtually unlimited source of uranium. One gram of
uranium-235 produces as much energy by fission as
burning over 2 tonnes of coal,

A nuclear reactor

All developed and developing countries require vast amounts of electrical energy.
Traditionally, this has been provided by power stations fired by fossil fuels, However,
these produce huge amounts of carbon dioxide, a gas that contributes to global
warming. In the medium term, nuclear fission is a possible answer to the threat of
climate change. The disadvantage of nuclear power ig that the fission products and
the materials with which the reactor is built become dangerously radioactive, and
have to be safely stored for thousands of years. Also, the technology of nuclear power
can be adapted to make nuclear weapons.

Accidents, such ag that at the nuclear power plant at Fukushima in Japan, can cause
many deaths, However, so can accidents in coalmines and death can result from
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breathing the pollution from fossil-fuel power stations
and from wars over limited oil resources. If the sea levels
rise significantly as a result of global warming caused by
burning fossil fuels, people in low-lying countries could
be displaced as a result of extensive flooding.

Nuclear fusion

When the nuclei of light isotopes such as hydrogen-1 or
hydrogen-2 (deuterium) fuse together to make isotopes
such as helium-4, enormous amounts of energy are
released. This is the source of the energy that drives the
universe. All stars were originally made of hydrogen.
Under the enormous pressures and temperatures of these
massive astronomical bodies, fusion takes place. Energy is
released as electromagnetic radiation, in the form of radio
waves, visible light and X-rays.

In a hydrogen bomb, a fusion reaction is triggered by
the extreme conditions created by the explosion of a
uranium fission device. If this reaction is harnessed, it
will be possible to generate power without the problems

First test explosion of an atomic bomb In Alamogordo, associated with nuclear fission reactors.
New Mexico, USA, 1945

Summary tasks

Write in your own words:

e the difference between atomic number and relative atomic mass

o the difference in shape and energy of the orbitals in the 1st, 2nd and 3rd shells

o why the first jonisation energy of potassium is less than that of sodium even
though a potassium atom has eight more protons than a sodium atom

e why the 1st electron affinity of oxygen is exothermic whereas the 2nd is
endothermic

Make sure you can define:

o relative atomic mass and relative isotopic mass
e first and successive ionisation energies
o electron affinity

Check that you can explain:

o the principles of a mass spectrometer and calculate relative atomic mass from
mass spectra

o the number of peaks and their relative heights in the mass spectrum of a diatomic
molecule

e the variation of first ionisation energies from hydrogen to calcium

o the trends in melting and boiling temperatures of the elements from hydrogen
to calcium

2 Atomic structure and the periodic table (Topic 1)




l Questions

1 Study the table below.

A 19 20 18
B 17 18 17
C 12 12 10
D 17 20 16
E 36 44 36
F 18 |22 18

a) Identify the two species from A—F that are
isotopes of the same element.

b) Identity which of A=F are neutral atoms.

¢) Identify which of A—F are cations.

d) Identify which of A=F are anions,

e) Identify which of A—F have the same
electron configuration.

2 a) Explain why the relative atomic mass of
copper is not an exact whole number,

b) The relative atomic mass of copper is 63.5.
Calculate the relative abundance of the two
copper isotopes with relative isotopic masses
of 63.0 and 65.0.

3 The data about silicon in the table below were
obtained from a mass spectrometer.

L3
20 4.7
30 3.1

Calculate the relative atomic mass of silicon to
one decimal place.

4 Bromine has two isotopes of mass numbers
79 and 81, The mass spectrum of a sample of
bromine is shown below.

Relative
Intensity

158 160 162 mz

a) Identify the particles responsible for the
peaks.

b) Deduce the relative abundance of the two
isotopes.

c¢) Small peaks are also seen at 5 values of 79
and 81.Write a chemical equation to show
the formation of the particle that gives the
peak at 5 = 79,

5 Complete the electron configurations of atoms
of the following elements:
a) Phosphorus: [Ne]...
b) Cobalt: [Ar]...

6 Write the full electron configuration of an
excited sodium atom.

7 Fill in the outer electrons of a phosphorus
atom in the boxes below.

35 3p

8 Explain, with an example, the meaning of the
term periodicity.

9 Consider atoms of boron, magnesium and
bromine. In which is the effective nuclear charge
the largest and in which is it the smallest?

10 List the particles Cl, C1™ and K" in order of

increasing radiug.

11 Explain why the first ionisation energies of the

noble gases decrease from helium to krypton,

12 The successive ionisation energies of an element,

X, are given in the table. To which group of the
periodic table does element X belong?

1st 1000
2nd 2260
3rd 3390
dth 4540
5th 6990
6th 8490
Tth 27100
8th 31700
Oth 36600
10th 43100

13 Discuss the relative advantages and disadvantages

of ESI and TOF mass spectrometers.

® 14 By considering the relative effectiveness of s, p

and d electrons in shielding the nucleus, suggest
why the difference between the atomic radii

of fluorine and chlorine is 50 pm whereas that

between chlorine and bromine is only 15 pm.
—

Questions



Exam practice questions

1 a) Define the term first ionisation
energy. (2)
b) This part is about four sets of ionisation
energies:

i)  Which are the values of the successive
ionisation energies for an element in
group 4 of the periodic table?

A 496,738,578, 789, 1012, 1000

B 578, 1817,2745, 11578, 14831, 18378

C 1086, 2353, 4621, 6223, 37832, 47278

D 1314, 1000, 941,869, 812 (1)

Which are the values for the first

ionisation energies of consecutive

elements in the same period?

A 496,738,578, 789, 1012, 1000

B 578,1817,2745, 11578, 14831,
18378

C 1086, 2353, 4621, 6223, 37 832,
47278

D 1314, 1000, 941, 869, 812 (1)

Which are the values for the first

ionisation energies of elements in the

same group, as the group is descended?

A 496,738, 578, 789, 1012, 1000

B 578,1817, 2745, 11578, 14831,
18378

C 1086, 2353, 4621, 6223, 37832,
47278

D 1314, 1000, 941, 869, 812 (1)

Define the term electron affinity. (2)

Which is the equation that relates to

the first electron affinity of chlorine?

A 3Ch(g) + e~ = Cl7(g)

B Cllg) + e — ClI™(g)

C Cl(g) — e~ = Cl (g

D Cly(g) + 2¢~ — 2CI7(g) (1)
(Total 8 marks)

2 This question is about mass spectrometry.

a) A mass spectrometer can be used to find the
percentage composition of the isotopes of
an element. Explain how the following are
achieved in a mass spectrometer:

i) ionisation (1)
il) acceleration (1)
iii) deflection (1)

b) Analysis of a sample of iron in a mass
spectrometer gave the following results:

SRS

56Fg 55.63 e
57Fg 66.94 e

Calculate the relative atomic mass of iron to

two decimal places. (2)
¢) The mass spectrum of bromine has lines at

2 values of 158, 160 and 162, but none at

159 or 161. What causes the line at 160?

A (Br—%Br)*

B (*Br-%Br)~

C (PBr-*'Br)”

D (PBr-*'Bn* (1)
d) State and outline one modern use of mass

spectrometry. (3)

(Total 9 marks)

® 3 The first ionisation of elements sodium to

argon is shown below.

Na Mg Al Sl P S A K

a) Explain why the general trend from sodium
to argon is upwards but why the value for
sulfur is less than that for phosphorus.  (5)

b) Mark on the graph where the value for
potassium would be. (1)

¢) Explain why the value for the second
ionisation of sodium is very much larger
than that of its first ionisation, (2)

(Total 8 marks)




Bonding

There are three ways in which atoms can be chemically bonded to other atoms:

¢ Metallic bonding occurs between the atoms of metallic elements.

¢ lonic bonding in compounds is usually between a metal and a non-metal,

# Covalent bonding occurs between two atoms of a non-metallic element (e.g.
between two oxygen atoms in O,) or between two atoms of different elements
(e.g. between a hydrogen and a chlorine atom in HCI). Most covalent bonds exist
between two non-metallic elements. However, some do occur between a metal
and a non-metal, for example in beryllium chloride, BeCl,.

| Metallic bonding

The simplest theory for metallic bonding is that the metal atoms lose their valence
(outer shell) electrons and form cations. These cations are arranged in a regular lattice,
with one layer of ions above another layer, and are surrounded by a ‘sea’ of electrons
that can move through the lattice (Figure 3.1). The electrons are not localised in-
between the metal ions; they are delocalised through the structure. The bonding is
the attraction between the positive ions, which are fixed in position, and the negative
electrons, which are constantly moving between the ions. There are slight spaces
between the metal ions, which are occupied by the delocalised electrons. Therefore,
the metallic radius is slightly larger than the ionic radius,

. The strength of the metallic bond depends upon:
Face-centred cublc

» the charge on the metal ion (which is equal to the number of delocalised electrons)

e the metallic radius (Table 3.1)

o the structure of the metallic lattice, for example body-centred cubic for the group 1
metals and face-centred cubic for calcium, magnesium and aluminium

Physical properties of metals

Density and meilting temperature

The group 1 metals have low densities and low melting temperatures (Table 3.1).
The electron configuration of their atoms is ns', where n is the orbit number of the
outer s orbital, and they lose the outer s-electron.

Body-centred cubic The group 2 metals lose both the ns® electrons. This causes the ion to be smaller
Flgure 3.1 The structure than the group 1 ion in the same period. Therefore, because of the smaller radius
of a metal Is a regular and the higher charge, there is a greater attraction between the metal's cation and the

arrangement of cations held delocalised electrons. Thus the group 2 metals are denser and have higher melting
together by a sea of electrons  temperatures.




)
Key term

The metalllc radius Is half
the distance between the
centres of two adjacent
metal lons In the metallic
lattice and Is greater than
the lonic radius found In
lonlc compounds.
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A stronger force of attraction
means that more energy has
to be supplied to overcome
that force and melt the

solid. Therefore, a higher
temperature is needed

than in metals with waaker
metallic bonds.
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Metals and graphite conduct
electricity by the movement of
electrons through the solid.
lonic substances conduct
electricity by the movement
of ions. This only happens
when the ionic compound

is molten or dissolved, not
when it is a solid.

The d-block metals use their (n—1)d electrons as well as their ns? electrons in bonding.
The result is that they are much harder, denser and have significantly higher melting
temperatures.

Table 3.1 Physical properties of metals

Electron Metallic lonic Melting Density/
_cunﬁguratinn radius/nm | radius/nm tnmpe re/°C| gem?

Sodium [Ne] 3st 0.10 0.005 0.97
Magnesium  [Ne] 3s 0.16 0.085 649 1.74
Aluminium  [Ne]3s23pt 0.4 0,050 660 2.70
Potassium  [Ar] 4s? 0.23 0.13 63 0.86
Calcium [Ar] 452 0.20 0.009 839 1.54
Titanium (Ar)3d24s?2  0.16 (+2) 0,000 1676 4,54
Iron [Ar]3d84s2 0.3 (+2)0.076 1536 7.86
Copper (Ar]3d04s! 0.3 (+2)0.060 1083 8.02

The melting temperature of metals increases across a period because the metallic
rading decreases and more electrons are released for bonding. It decreases down a
group because the metallic radius increases and the force of attraction between the
metal ions and the delocalised electrons becomes less,

Electrical conductivity

Electricity is a flow of charge. All metals conduct electricity when solid and when
molten. The sea of electrons is mobile and moves through the lattice of metal ions,
Therefore, the electric current in a metal is a flow of electrons,

Thermal conductivity
Metals are good conductors of heat. This is also because of the free-moving electrons,
which pass kinetic energy along a piece of metal.

Malleability

Metals can be hammered or pressed into different shapes. One layer of metal ions
can slide over another layer. This is because there are always electrons between
the layers, preventing strong forces of repulsion between the positive ions in one
layer and the positive ions in another layer. Some metals, such as lead and gold,
are extremely soft. The d-block metals are much harder because there are more
electrons that bind the layers together.

Chemical properties of metals

lonisation energy

Metals are on the left-hand side of the periodic table. Metal atoms have one, two
or three electrons in their outer orbits (apart from lead and tin, which have four),
Therefore, the effective nuclear charge is smaller than for the elements that occur
later in the same period. This means that the outer electron is held less firmly than
in non-metals and the first ionisation energies are smaller than for non-metals in the
same period,
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Electronegativity [P S——
Metals have the lowest electronegativity values in the periodic table. Key term
Electronegativity decreases down a group and increases across a period. Therefore, | Eloctronegativity of an

caesium has the lowest electronegativity of all the elements. alement Is defined as the
extent to which It attracts
Formation of positive ions a pair of bonding electrons

The low values of the first ionisation energies and electronegativities make it | In @ covalent bond.
energetically feasible for metals to lose electrons in bonding and to form positive
ions that are then either bonded in an ionic lattice or hydrated.

Reaction with acids
The more reactive metals react with dilute acids to form hydrogen gas and a solution
of a salt, For example, the ionic equation for the reaction of zinc with a strong acid
such as sulfuric acid is:

Zn(s) + 2H*(aq) — Zn?*(aq) + H,(g)

Reactlon with water

The most reactive metals react with cold water to form hydrogen gas and an alkaline
solution of the metal hydroxide. For example, the ionic equation for calcium reacting
with water is:

Cafs) + 2H,O(l) — Ca**(aq) + 20H (aq) + H,(g)

Reaction with lons of a less reactive metal
A more reactive metal will reduce the ions of a less reactive metal. For example,
when a piece of iron is placed in a solution of copper sulfate, the blue solution fades
as a red-brown deposit of copper metal is formed:

Fe(s) + Cu®*(aq) — Fe**(aq) + Cuf(s)
e —
Test yourself
1 Write equations for the reaction of magnesium with:

a) dilute hydrochloric acld
b) copper sulfate solution

§ lonic bonding

Ionic bonds form between atoms with significantly different electronegativities. g&:gg;&?;i:meada

For example, sodium (electronegativity 0.9) and chlorine (electronegativity 3.0) 1.5 the bonding will be
form an ionic compound. predominately ionic,

lonic compounds are electrically neutral. They consist of positive ions (cations) and
negative ions (anions) held together by the attraction between opposite charges,

An ionic bond is the attraction between the opposite charges of cations and
anions,

o e e R ke ok AR

A cation is formed from a metal atom by the loss of one or more electrons. The ion ~ Polyatomic cations, such as
has more protons than electrons and, therefore, is positively charged. NH,4*, also exist.

lonic bonding | "




fahdd v brAdaddddWaadddrvAAABARTR

There are many polyatomic
anions, usually containing
oxygen. Examples are 50,2~
and NO5~,

O

SGdlum lon Chtorlde lon
2,8 2,88

Flgure 3.2

(][]

Flgure 3.3

Flgure 3.4 Sodium cnlorlda
lonic lattice
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The melting temperature

is determined by the ionic
bond strength. Strong bonds
give rise to a high melting
temperature,

An anion is formed from a non-metal atom by the gain of one or more electrons,
The ion has more electrons than protons and, therefore, is negatively charged.

In simple terms, ion formation can be thought of as one atom (the metal) giving one
or more electrons to another atom (a non-metal). For example, sodium (11 protons
and 11 electrons) gives one electron to a chlorine atom (17 protons and 17 electrons),
forming a Na* ion (11 protons and 10 electrons) and a CI™ ion (17 protons and 18
electrons). However, sodium chloride can be made in a number of ways and it is
impossible to tell which electron comes from which atom.

The electron configurations of a sodium ion and a chloride ion, showing all the
electrons, are given in Figure 3.2
_

Tip

The electron configuration of sodium changes from 2,8,1 to 2,8 — It has elght electrons In

Its outer orblt. These must be Included In any electron confliguration diagram, even If you are
asked to show the outer electrons only.

The dot-and-cross diagram for sodium chloride, showing the outer electrons only,
indicates where the electrons come from if sodium chloride were made by the
reaction of sodium with chlorine (Figure 3.3).

In the solid, each sodium ion is surrounded by six chloride ions and each chloride
ion is surrounded by six sodium ions in a giant structure called a lattice. The ratio
of Na* ions to CI™ ions is 1:1.

The arrangement is shown in Figure 3.4. Each red sphere represents the centre of a
sodium ion and each green sphere the centre of a chloride ion.
?
Test yourself

2 @) Define lonlc bond.

b) Explain, In terms of electrons, how an lonic bond forms between atoms of
calclum and atoms of fiuorine.

c) Draw electron configuration diagrams for a calcium lon and for a fluoride
lon, showing thelr charges and outer electrons,

Strength of lonic bonds

The strength of an jonic bond depends on the forces of attraction between
neighbouring ions of opposite charge and the forces of repulsion between near-
neighbouring ions of the same charge. It is mainly determined by:

» the charges on the ions. The force of attraction depends on the product of the
charges. Therefore, the attraction between a 2+ ion and a 1- ion is twice that
between a 1+ and a 1- ion.

» the radii of the ions, The force of attraction varies inversely with the sum of the
ionic radii. This means that smaller ions form stronger ionic bonds.

» the geometry. For example, caesium chloride has an 8:8 structure whereas sodium
chloride has a 6:6 structure (see Figure 3.4).

Thus, magnesium chloride is more strongly ionically bonded than sodium chloride.
The magnesium ion is 2+ and has a smaller radius than the 1+ sodium ion,
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lonic radius

The position of the centres of ions in an ionic crystal can be identified by electron
diffraction patterns. The distance between a sodium ion and one of the adjacent
chloride ions is the sum of the ionic radii, r (of Na*) + r (of CI7). Positive ions are
smalley than their parent atoms; negative ions are bigger than their parent atoms
(Table 3.2).

Table 3.2 Atomic and lonic radil

Electron Atomic radius/nm | lonie radius/nm
configuration of ion

Sodium Na* 2,8 0.19 0.095

Magnesium Mg+ 28 0.16 0.065

Calcium Ca+ 288 0.20 0.10

Barium Ba®* 28188 0.22 0.14

Chlorine Cr 288 0.10 0.18

Bromine Br 28,188 0.11 0.20

IOdinﬂ I- 2l8118'18la 0'13 0'22 BAALhddd b Abbadd l A bbb Al abad
| | | = , Note that the best ionic size

Oxygen 0% 2,8 0.073 0.14 match in the group 2 oxides

Hydroxide OH- ~0.12 and hydroxides is with the

biggest cation, Ba®*,

Trend In lonic radius down a group

As a group is descended, the ions have more electron shells. Therefore, down the
group, the ions get larger. For example, the chloride ion has electrons in three shells
and is smaller than the bromide ion, which has electrons in four shells. So, the radii
of the group 7 ions increase in the order F~ < Cl~ < Br~ < [,

Trend in lonic radius from group 5 in one period to group 3

In the next period

The ions N*~, O*", F~, Na*, Mg*" and AI** all have the electron configuration 2,8. .isserrrvsssrssrsannerssrsaces
These six ions are said to be isoelectronic, as they have identical electron configurations, ~An atom and the ion

Their radii decrease from N3=, which is the largest, to A13*, which is the smallest. This formed from it have the

‘ same number of 5in
is because the charge on the nucleus increases from 7 in N~ to 13 in AP*, The greater o claus. It is %r:??hel

nuclear charge is experienced by the same number of electrons, so the attraction between  pumber of electrons that
the nucleus and the orbiting electrons goes up, making the ions progressively smaller. changes.

Test yourself

3 Arrange the following In order of size of radius, with the largest first and the
smallest last: Na, Na*, Mg, Mg?*, CI, CI

Evidence for the existence of lons

Conduction of electricity

An electric current is a flow of charged particles. When a metal, either a solid (e.g
copper) or a liquid (mercury), conducts electricity, the delocalised electrons move
across the applied electric potential. The current is a flow of electrons,




lonic solids, such as sodium chloride, do not conduct electricity because:

» they do not have delocalised electrons
o the iong are fixed in the lattice

However, when the solid is melted or dissolved, the lattice breaks down and the ions
are free to move across an applied potential. The current is a flow of ions.

The positive ions move towards the negatively charged cathode, where they are
reduced to atoms. The negative ions move towards the positively charged anode,
where they are oxidised to atoms. If an electric current is passed through molten
sodium chloride, the following reactions take place at the electrodes.

At the cathode (=), reduction occurs as each Na* ion gains an electron:
Nat* + ¢~ — Na
At the anode (+), oxidation occurs as each Cl™ ion loses an electron:
Cr —ich + e
The clearest evidence for ionic bonding is when the molten substance, or a solution

of it, conducts electricity and new substances are produced at the electrodes. This
process is called electrolysis.

The movement of ions can be demonstrated by the
following experiment.

Some copper(i) chromate, CuCrO,, is dissolved in the
minimum of dilute hydrochloric acid. This solution
is then saturated with urea, a water-soluble covalent
substance. This increases the density of the solution. A

U-tube is half-filled with dilute hydrochloric acid and
the copper() chromate solution is poured carefully
down a long-stemmed funnel so that it forms a separate

layer beneath the dilute hydrochloric acid (Figure 3.5).
Platinum electrodes
Graphite or platinum electrodes are then placed in the

Dilute hydrochloric dilute hydrochloric acid lay:.zr just abc{ve the copper()
acld chromate layer and an electric current is passed through
the solution for at least 30 minutes. The Cu®' ions
move towards the negative terminal and the solution
copper chromateln ~ around this terminal becomes blue-green because
hydochloricacld  of the copper ions. The solution around the positive

Flgure 3.5 Elactrolysls of copper(i) chromate solution terminal becomes yellow because of the migration of
(Hazard: chiorine gas evolved and chromate lons are toxic) the CrO,*” jons towards it.

Melting temperature and solubility

lonic compounds have very high melting temperatures. Only a few, for example
potassium nitrate, can be melted in a test tube in the laboratory. This is because of
the strong forces of attraction between the ions, so a large amount of energy has to
be supplied to separate the ions when the solid is melted.

Many ionic compounds are soluble in water. Oxygen is more electronegative than
hydrogen, so in water the oxygen atoms become negatively charged. These are then
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attracted to the positive cations and the positively charged hydrogen atoms of water
are attracted to the negative anions (Figure 3.6).
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Flgure 3.6 Ho

When the ions become hydrated, the energy released compensates for that required
to break the bonds between positive and negative ions in the lattice. Positive ions
are surrounded by the & oxygen atoms of water molecules; the negative ions are
surrounded by the 8* hydrogen atoms.

These properties are not proof of ionic bonding. Some covalent substances also
have very high melting temperatures — for example, diamond, graphite and silicon
dioxide, which have giant covalent structures (see Figure 3.18 on page 47). In
diamond, each carbon atom is covalently bonded to four other carbon atoms, which
are covalently bonded to other carbon atoms, In silicon dioxide, each silicon atom
is covalently bonded to four oxygen atoms, each of which is bonded to two silicon
atoms. These covalent bonds are strong and have to be broken to melt the solid.
Therefore, the melting temperature is high. This type of covalent compound is
insoluble in water. However, some other covalent substances, such as ethanol, are
water-soluble.

This means that a high melting temperature, combined with solubility in water, is
strong evidence for ionic bonding,

Electron-density maps

When X-rays are passed through a crystal, the radiation is scattered and a diffraction
pattern is obtained. The extent of the scattering of the X-rays depends on the electron
density. In this way, the position of atoms and ions in a solid can be determined.
This analysis can be extended to measure the electron density in the atoms or ions,
The result is a contour map, where the lines join places with the same electron
dengity — just like the contour lines on a geographical map that join places of equal
height above sea level.

The electron-density map of sodium chloride is shown in Figure 3.7. It can be seen
clearly that the electron density drops to zero between the ions, showing them to be
discrete entities that are not joined to specific atoms or ions.

Na*—@ @@}_cr

©e

Flgure 3.7 Electron-density
map of sodium chioride




B Covalent bonding
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Flgure 3.8
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The electrons are not really
different, but it is easier

to count them if they are
differentiated in this way.
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These examples obey the
octet rule. This states that
atoms proceed, as far as
possible, towards having eight
electrons in their outer orbit.

A covalent bond is the strong electrostatic attraction between the nuclei of two atoms
and the shared pair of electrong between the two atoms. The electrons that are, or could
be, involved in bonding are called valence electrons, Covalent bonds form between
atoms with an electronegativity difference of less than approximately 1.5 units.

In a covalent bond, each atom supplies one electron that is then shared by both atoms.

In 1916, G. N, Lewis proposed that atoms share pairs of electrons in order to reach the
electron configuration of a noble gas:

» The halogens are all one electron short of a noble gas configuration. They can
gain one electron by sharing and go from ns® np® to ns® np® to form one covalent
bond, as in H-CI,

® Oxygen has the electron configuration [He| 252 2p*, Therefore, it is two electrons
short of the noble gas structure. It forms two covalent bonds, thereby gaining two
electrons to have the configuration of neon, An example is in water, H-O-H.

» Nitrogen is [He| 25* 2p’. It requires three electrons to reach the electron
configuration of neon. Thus, it forms three covalent bonds,

o Carbon is [He] 25* 2p?. It needs four more electrons and so forms four covalent bonds.

Covalent bonding can be shown by dot-and-cross diagrams. The dot-and-cross
diagram for hydrogen chloride is shown in Figure 3.8, The electron of hydrogen is
shown as a dot and the outer chlorine electrons by crosses.

Some people prefer to draw circles around each atom. In this method, the shared
electrons are in the overlap of the two circles, as in a Venn diagram where the
species in the overlap are common to both sets,

Examples of both types of dot-and-cross diagram are shown in Figure 3.9.
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Water, H,0 Ammonia, NHy Methane, CH,

Flgure 3.9 Dot-and-cross dlagrams for water, ammonia and methane

Lewis's theory works well for all the period 2 non-metals except boron and for many
period 3 and period 4 non-metal compounds. However, it breaks down with such
compounds as PCly and SF;, and particularly with compounds of the noble gases,
such as XeF,.

A more modern theory is that a covalent bond is caused by the overlap of two atomic
orbitals, each containing a single unpaired electron. This overlap can happen in
several ways:

o The simplest is an overlap of two s-orbitals (Figure 3.10a). An example is hydrogen.

o Another possibility is the overlap of one s-orbital with a p-orbital (Figure 3.10b).
An example is hydrogen chloride.

» Two p-orbitals can overlap to form a covalent bond (Figure 3.10c). An example is
chlorine.

These are examples of ‘*head-on’ overlap between two atomic orbitals, in which the

overlap lies on the line between the centres of the atoms. This is called a sigma-
bond (g-bond).
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There is a slight problem with carbon. The electron configuration of carbon is [He]
2s* 2p,! 2p,! 2p,°. There are only two unpaired electrons and so carbon might be
expected to form only two covalent bonds. However, one of the 2s-electrons is
promoted into the empty 2p,-orbital, giving it a temporary configuration of [He|
2s' 2p, ! 2pt 2p}, with four unpaired electrons. It can now form four covalent
bonds. The energy released in forming four, rather than two, bonds more than
compensates for the small amount of energy required to promote an electron from
the 2s- into the empty 2p,-orbital (Figure 3.11).

§ ) Flgure 3.11
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Carbon Bonded carbon

The electrons marked in blue are outer electrons of carbon; those marked in red
come from the atoms to which the carbon is bonded.

Expansion of the octet

This concept of promotion explaings why phosphorus {
can form five covalent bonds. Its electron configuration d | |
is [Ne| 3% 3p,' 3p,! 3p,". Therefore, it has three unpaired ? »[T1710
electrons, When PCl, is formed, the three unpaired -
electrons are used to form three covalent bonds and ||
the configuration of a noble gas is reached. However,
phosphorus has five empty 3d-orbitals, with energy Flgure 3.12
close to that of the 3s-orbital. Therefore, one of the
3s-electrons can be promoted into an empty 3d-orbital

(Figure 3.12). The electron configuration becomes [Ne]

as' 3p,! 3p,! 3p,! 3d' with five unpaired electrons. It

can now form five covalent bonds.

The extra energy released in forming the two extra bonds

is much greater than that required to promote one electron 4 _
from the 3s- to the 3d-orbital. In PCl,, the phosphorus |||
atom has ten electrons in its outer orbit (Figure 3.13), E 3| l t * ”

rather than the octet predicted by the Lewis theory. sl

s )

Phosphorus does not form Ply because the P=1 bond is not | 5-bonded phosphorus
strong enough to compensate for the energy required to
promote the 3s-electron of phosphorus into the 3d-orbital. ~ FIgure 3.13

Covalent bonding
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A double bond is the sharing
of two pairs of electrons
between two atoms,

Flgure 3.17
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A lone pair of electrons is
a pair of valence electrons
that is not used in bonding,

Single and double bonds

Asingle bond is a g-bond between two atoms and is the sharing of one pair of electrons,
In carbon dioxide, two double bonds exist between the carbon and the oxygen atoms,
The dot-and-cross diagram for carbon dioxide is shown in Figure 3.14,

Here four electrons are shared between the central carbon atom and each oxygen
atom. This sharing of two electron pairs is called a double bond.

A triple bond occurs when three pairs of electrons are shared by two atoms. The
dot and cross diagram for nitrogen, N,, and ethyne, C,H,, are shown in Figure 3.15

The orbital overlap theory easily explains a double bond. An orbital in one atom
overlaps head-on with an orbital in the other atom, forming a g-bond. However, a
p-orbital, which is at right angles to the 0-bond, overlaps sideways with a p-orbital
in the second atom to form a pi-bond (n-bond). A n-bond is shown in Figure 3.16.

0.0_00
00

n-bond
Flgure 3.16 A x-bond

A m-bond is formed by two p-orbitals overlapping, so that the overlap lies above
and below the line joining the centres of the two atoms. A double bond consists of
a 0-bond and a m-bond between two atoms.

It is not possible to rotate the atoms around a double bond without breaking the
n-bond. At room temperature the molecules do not possess enough energy for this
to occur. This is why geometric isomers (pages 174-75) are distinct compounds.
The rotation is possible if the substance is strongly heated.

In sulfur dioxide, the sulfur atom forms two double bonds. The electron configuration
of sulfur is [Ne] 35* 3p,* 3p,! 3p,'. To form two double bonds, one electron must
be promoted from the 3p, orbital into an empty 3d-orbital. There are now four
unpaired electrons and it can form two g-bonds and two n-bonds (Figure 3.17).

The sulfur atom has one unused pair of valence electrons. This is called a lone pair
of electrons.

Covalent bond strength

The strength of a covalent bond is measured by the amount of energy needed to
break the bond in a gaseous molecule, This energy arises from the attraction between
the two nuclei and the shared electrons.

Diamond consists of a regular three-dimensional lattice of carbon atoms each covalently
bonded to four other carbon atoms (Figure 3.18). In order to melt diamond, all these
covalent bonds have to be broken. The extremely high melting temperature of nearly
4000K shows the strength of these covalent bonds, Silicon dioxide, SiO,, is a giant lattice
in which each silicon atom is covalently bonded to four oxygen atoms and each oxygen
atom to two silicon atoms. On melting, these covalent bonds have to be broken and,
as they are slightly weaker than those in diamond, the melting temperature is around
2000K. This is still higher than the melting temperatures of most ionic compounds.

o 3 Bonding and structure | (Topic 2)



(a)

Dlamond Silicon dioxide
Flgure 3.18 The baslic structure of (a) diamond and (b) sllicon dioxide

The average C—H bond energy in methane is one-quarter of the energy required
for the following process:

H
H s . s ((]) = (@) + H(Q)

H

The strength of a covalent bond is determined mainly by:

o the sum of the atomic radii of the two bonded atoms. Small atoms form stronger
bonds than larger atoms. Thus the Cl-Cl bond is shorter and stronger than the
Br—Br bond because chlorine is a smaller atom than bromine. An anomaly is
the F~F bond. Because the two fluorine atoms are so small there is significant
repulsion between the lone pairs of electrons on one atom and those on the
other atom. The F=F bond energy is +158 k] mol™, whereas the Cl-Cl bond
energy is +243 k] mol~.

the number of electron pairs being shared. A double bond (two pairs shared) is
stronger than a gsingle bond (one pair shared). Nitrogen, N=N, has the greatest
covalent bond strength.

Figure 3.19 shows the relative strength of single bonds between hydrogen and the
p-block elements.

Flgure 3,19 The relative strength of single bonds
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The strength of a covalent
bond is similar to the
strength of an ionic bond.




A dative covalent bond Is
a covalent bond In which
both electrons In the

shared palr are provided
Dy one atom,
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Dative covalent bonds
are sometimes called
coordinate bonds.

-

Tip

If you are asked to label
the bonds, make sure that
you label the covalent
bonds within the water
molecules as well as the
datlve covalent bonds.

[

Tip

Be careful when drawing
the structure of hydrated
lons, You must draw the
arrow to the metal lon
from the oxygen of the
water molecule and not
from the hydrogen,

Hydrated copper sulfate
crystals

e — B Dative covalent bonds

In terms of the overlap of atomic orbitals, a dative covalent bond is the result of

an overlap of an empty orbital in one atom and an orbital containing a lone pair of
electrons in the other atom. An arrow from the atom with the lone pair to the atom
with the empty orbital is used to represent a dative covalent bond.

Datlve bonds with oxygen

The oxygen atom in a water molecule is able to use one of its two lone pairs to form
a dative covalent bond. This occurs with H" ions and with many metal cations.

The hydronium ion, H;0*

The dot-and-cross diagram and structural formula of a hydronium ion are shown in
Figure 3.20, The empty 1s-orbital in the H* ion overlaps with the orbital in oxygen
that contains a lone pair of electrons. The H,O* ion is the ion that makes a solution

acidic. For simplicity, it is often written as H (aq).

+ +

H H
Flgure 3.20

The hydrated magnesium ion, [Mg(H,0)s]**

Magnesium has the electron configuration 15% 26 2p® 35* and that of the Mg?* ion
is 157 25% 2p° 35° Therefore, the Mg®* ion has one empty 3s-orbital, three empty
Ap-orbitals and five empty 3d-orbitals. It uses six of these by accepting six pairs
of electrons to form six dative covalent bonds with the oxygen atoms in six water
molecules (Figure 3.21).

[ o H0 14+

\Jq\/ OH;,

ho ="}

OH;

Flgure 3.21 Hydrated magnesium lon

Hydrated copper(n) ion

o Other metal cations, especially those in the d-block, form hydrated ions in the
sdIme way as magnesium,

» The blue colour of hydrated copper sulfate crystals is caused by the [Cu(H,0),]**
ion.

o When hydrated copper sulfate is dissolved in water, two more water molecules
bond datively to form the [Cu(H,0O).|**(aq) ion.

o The anhydrous Cu?* ion is colourless. When blue hydrated copper sulfate is
heated, it loses the dative-bonded water molecules as steam and the solid turns
white as anhydrous copper sulfate is formed.

—_—  —————
Test yourself

4 Explain the difference between a covalent bond and a dative covalent bond.
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Dative bonds with nitrogen

The nitrogen atom in ammonia, NH,, has three pairs of covalently bonded electrons
and one lone pair,

The ammonium lon, NH*
The lone pair of electrons on the nitrogen atom is used to form a dative covalent
bond with an H* ion. The result is the ammonium ion, NH,* (Figure 3.22),

The H" ion has no electrons. Its empty 1s-orbital overlaps with the orbital in the
nitrogen atom that contains a lone pair. Once the dative covalent bond has formed,
all four N—H bonds are identical.

Ammines
When excess ammonia solution is added to a precipitate of copper hydroxide, a dark
blue solution is formed. This colour is due to the [Cu(NH,),(H,0),|*" ion, in which
four ammonia molecules and two water molecules are datively bonded to the central
copper ion,

Other examples of the formation of soluble datively bonded ions include the
‘dissolving’ of zinc hydroxide, silver oxide and silver halides in ammonia solution.,

Dative bonds with chlorine

Both covalently bonded chlorine and chloride ions are able to use a lone pair to form
a dative covalent bond.

Anhydrous aluminium chloride
Anhydrous aluminium chloride is covalent because the difference in the
electronegativities of aluminium and chlorine is only 1.5 (see page 44).

» In the gas phase, just above its boiling temperature, it exists as Al,Cl; molecules.

o The aluminium in a covalently bonded AICI; molecule has only six electrons in
its outer orbit and so has an empty orbital,

» Two AICI, molecules bond together. The lone pair on one chlorine atom in one
AlCl, bonds into the empty orbital of the aluminium atom in the other AICI,
molecule.

¢ One chlorine atom from each AICI, molecule acts as a bridge, connecting the
two molecules with dative covalent bonds (Figure 3.23). In three dimensions this
has the structure shown in Figure 3.24, with bond angles of 109.5°,

cl cl cl Ch, A &
\AI/ \Ai/ “ﬁ< \Af\
CI/ \Ci/ \Cl C/ E/ Cl

Flgure 3.23 Figure 3.24

The PClg™ lon

The phosphorus atom in PCl, has ten electrons in its outer orbit (page 45), but it also
has four empty 3d-orbitals. Solid phosphorus pentachloride is not PCl,, but an ionic
compound, PCI,*PCl,~. One PCl, molecule loses a CI~ ion, which uses one of its lone
pairs of electrons to form a dative covalent bond with an empty orbital of a phosphorus
atom in another PCly molecule (Figure 3.25). On heating, the dative bond breaks and
two molecules of PCl, are formed,

+

N H
H=N=H| or |HEN:H
| L
H . . H

Flgure 3.22 Ammonlium lon

+

Tip

Do not confuse ammonia,
NH,, with the ammonium

lonp NH‘+U

Tip

Maka sure that you have
the arrows going the
corract way — from the
chlorine to the aluminium,
There are no Al-Al bonds
In AlyCl.

Dative covalent bonds
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The shape of a molecule or
ion is caused by repulsion
between the pairs of
electrons, both bond pairs
and lone pairs, which
surround the central atom,

A model of DNA

Tip

An alternative way Is to
draw a dot-and-cross
dlagram and then count
the number of bonds and
lone palrs,

p P
0= N o Y,‘C‘
— CE -l — -l

Flgure 3.25

Shapes of molecules and lons

In biochemistry, knowledge of the shapes of molecules is important in understanding
many reactions. For example, when light strikes a rod cell in the retina of the eye, the
light energy causes a molecule of 11-¢s-retinal to change its shape, which triggers an
impulse along the optic nerve to the brain. Animal fats and vegetable oils are esters
of fatty acids, some of which are unsaturated. The cis-isomers of these fatty acids are
less harmful than the trans-isomers.

The shapes of molecules such as DNA, proteins and enzymes are extremely
complicated. However, the rules that govern the shapes of such molecules are the
same as those used to predict the shapes of simple molecules and ions, such as water,
H,0, and ammonium, NH,*. The shape is determined according to the valence
shell electron pair repulsion (VSEPR) theory.

The electron pairs repel each other to the position of minimum repulsion,
which is also the position of maximum separation.

| Predicting the shapes of molecules

Molecules with single bonds only

The shape of a covalent molecule with no double bonds is determined by the number
of bonds and lone pairs. The method for predicting the shape is as follows:

1 Count the number of bond pairs around the central atom. This is equal to the
number of bonds formed by the central atom.

2 Count the number of lone pairs on the central atom. The number of non-bonding

electrons is found by subtracting the number of electrons used in bonding from
the group number of the element. The number of lone pairs is half this number.

3 Add these numbers together to get the total number of electron pairs; this
determines the arrangement of the electron pairs.

4 The name of the shape depends on the position of the atoms around the central atom.

- _ __ ____]
Worked example

2) How many bond palrs and lone palrs are there around a sulfur atom In:
) hydrogen sulfide, H,S
1) sulfur hexafluoride, SFg?

i) How many bond and lone palrs are there around the nitrogen atom In
ammonla, NH,? b

o 3 Bonding and structure | (Topic 2)



Answer
a) Sultur Is In group 6, so It has six outer electrons.

) Sulrur forms two bonds In H,S, so has two bond pairs.
There are 3 x (6 — 2) = 2 lone palrs.

Il) Sultur forms six bonds, 80 has six bond pairs.
There are 3 x (6 — 6) = O lone palrs.

b) Nitrogen Is In group 5, so It has five outer electrons and forms three bonds In NH,.
There Is 3 x (5 - 3) = 1 lone palr.

Test yourself

5 State the number of lone palrs of electrons on:
a) the lodine atom In ICly

b) the oxygen atom In F,0
¢) the carbon atom In CO,

Molecules and lons with double bonds

A double bond consists of a g-bond and a n-bond and, theretore, can be regarded
as one ‘lot” of electrons.

The shape of a covalent molecule with one or more double bonds is determined by
the number of g-bonds and lone pairs.

The number of lone pairs is calculated as in steps 1 and 2 above. However, the
arrangement of electrons around the central atom is determined by the number of
0 bond pairs and the number of lone pairs.

e e ———
Worked example

How many bonds are there around the sulfur atom In the sulfate lon, 5042'. and
how many lone palrs?

Answer

The structural Tormula Is:
O

Q=5 —0"
0

It uses six electrons to form two single and two double bonds, which Is four
o- (and two m-) bonds. Sulfur IS In group 6, S0 the number of lone

palrs = = x (6 — 6) = 0.

Predicting the shapes of molecules

e ——
Tip
Stereochemically, a double
bond Is equivalentto a
single bond because they
are between the same

two atoms, Elther count

a double bond as one
bond or count the number
of ¢r-bonds around the
central atom. Remember
that each ¢-bond Is one
palr of electrons,

Tip

The number of electrons
not used In bonding Is

the group number of the
alement minus the number
of electrons that have
been used In bonding.

51
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Note that the beryllium atom
does not have an octet of
electrons.
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Species with two o-bond pairs and no lone pairs

e The two electron pairs repel each other to a position of minimum repulsion
(maximum separation) and so take up a linear arrangement,

o Gaseous beryllium chloride, BeCl,, is covalent. Its structural formula is
Cl=Be—Cl. There are two bond pairs of electrons around the central beryllium
atom. It is in group 2, so the number of lone pairs = -%- X (2~ 2) = 0. The
two electron pairs repel each other to a position of maximum separation, so the
molecule is linear (Figure 3.26), The Cl-Be—Cl bond angle is 180°,

» Carbon dioxide is O=C=0 and has two g-bonds and two n-bonds. All four
electrons of the carbon atom are used in bonding. There are two g-bond pairs and
no lone pairs, so the molecule is also linear, with a O-C-0O bond angle of 180°,

Species with three electron palrs
The position of minimum repulsion caused by three pairs of electrons is a planar

triangle around the central atom, with bond angles of 120° This arrangement is
called trigonal planar.

Three a-bond palrs

Boron trichloride, BCl,, is covalent. Boron is in group 3 and has three valence
electrons, which are used to form three bonds. There are no lone pairs around the
boron atom, so the position of minimum repulsion of the electron pairs is trigonal
planar (triangular) with a bond angle of 120° (Figure 3.27).

In sulfur trioxide, SO,, there are three - and three m-bonds. These use all six
valence electrons, so there are no lone pairs. The three g-pairs of electrons move as
far apart as possible and take up the trigonal planar shape (Figure 3.28),

The carbonate ion is more complicated. As with all anions containing oxygen, the
minus charges are on oxygen atoms. The structural formula is shown in Figure 3.29,

The carbon atom has used all four of its electrons in bonding and has no lone pairs
(group 4 — 4 = 0), It has formed three g-bonds (and one ®-bond). Therefore, the
ion is trigonal planar because the three g-bond electron pairs repel each other to a
position of maximum separation,

Alkenes are planar around the C=C group. Each carbon