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Syllabus roadmap

The aim of the syllabus is to integrate concepts, topic content and the Nature of
Science through inquiry. Students and teachers are encouraged to personalize their
approach to the syllabus according to their circumstances and interests.

Skills in the study of chemistry

Structure Reactivity

Reactivity refers to how and why
chemical reactions occur

Structure refers to the nature of matter
from simple to more complex forms

Structure determines reactivity, which in turn transforms structure

Vi
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Authors’ introduction to the third edition

Welcome to your study of IB Diploma Programme chemistry. This is the third edition
of Pearson’s highly successful Standard Level (SL) chemistry book, first published

in 2009. It has been completely rewritten to match the specifications of the new 1B
chemistry curriculum for first assessments in 2025 and gives thorough coverage of the
entire course content. While there is much new and updated material, we have kept
and refined the features that made the previous editions so successful. We are delighted
to share our enthusiasm for learning chemistry in the IB programme with you!

Content

This book covers the entire SL course. It is divided into the two main themes,
Structure and Reactivity, which in turn are divided into six topics, Structure 1-3 and
Reactivity 1-3. Separate chapters cover each sub-topic within each topic. For example,
the Structure 1.1 chapter deals with ‘Introduction to the particulate nature of matter’.

The syllabus is presented as a sequence of numbered Understandings, which are shown
as three-part boxes. We have given the relevant Understanding from the subject guide at
the start of each section within a chapter under a brief header. The Table of Contents shows
the full list of these Understanding headers, so you can see what is covered in each chapter.

For example:

Structure 1.4.2 — Relative atomic mass and Syllabus
relative formula mass header

QOutcomes of

Content learning and

statement teaching

i

N
Structure 1.4.2 - Masses of atoms are compared on a scale relative to '2C and are
expressed as relative atomic mass (A,) and relative formula sfiass (M,)

Determine relative formula masses M, from relative atomic masses A,.

Relative atomic mass and relative formula Structure 3.1 — Atoms increase in mass as
mass have no units. their position descends in the periodic table.
What properties might be related to this

The values of relative atomic masses given to

two decimal places in the data booklet should Mt
be used in calculations. \
X
X X
Guidance on Linking
the coverage Questions
expected

Vii



Authors’ introduction

The Understandings are presented in the same sequence as in the subject guide.

The text covers the course content using plain language, with all scientific terms
explained and shown in bold as they are first introduced. It follows SI notation, and
IUPAC nomenclature and definitions throughout. We have been careful also to
apply the same terminology you will see in IB examinations in all worked examples
and questions.

Conceptual approach

The syllabus emphasizes a conceptual approach, where the two main themes of
chemistry, Structure and Reactivity, are shown to be interdependent. There is

no suggested sequence for the coverage of the topics, and many different routes
through the syllabus are possible. What is important though, is that the relationships
between the different topics are recognized, which leads to an increasing depth

of understanding.

There are two features, Guiding Questions and Linking Questions, which are
incorporated into each topic in the syllabus. These are designed to help promote the
conceptual approach, and we have emphasized them in the text as follows.

Guiding Question

How do the nuclei of atoms differ?

Each chapter starts with the Guiding Question for the sub-topic from the IB chemistry
subject guide. This is followed by a brief consideration of the question itself, which sets
the context for the topic and how it relates to your previous knowledge. It is expected
that by the end of the chapter you will be able to answer the Guiding Question more
fully.

Guiding Question revisited

Guiding Question revisited

How do we quantify matter on the atomic scale?

‘i At the end of each chapter, the Guiding Question is revisited, and can now be answered

' with significantly more detail and understanding. It is presented as a bulleted list of the
material covered, that may help serve as a checklist of your learning at the end of each

} chapter. The Guiding Question revisited bulleted lists are available as downloadable
PDFs from the eBook to help you with revision.

Linking Questions

Reactivity 3.2 - How
can oxidation states be

Linking Questions are given in many of the Understandings. Linking Questions have a
number which indicates a link from the current chapter to another sub-topic, to Tools or to
the Nature of Science (NOS). These questions are designed as prompts to help you build a
grasp of unifying concepts and to stimulate further learning. Linking Question boxes can
be found in the margin next to the content they link to (see example on the left).

used to analyze redox
reactions?

Vii



By their very nature, the Linking Questions make reference to different parts of the
course, some of which you may not have studied yet. As the questions can be asked in
either direction, you may choose to consider them as part of the study of either or both
of the linked topics. You will again find that you are able to answer the question more
fully as your knowledge and understanding increase.

The Linking Questions are designed to lead to a thoughtful response. For this reason,
we have given brief answers alongside the questions in the text, and hope these
stimulate further consideration of the question.

The Nature of Science

Throughout the course you are encouraged to think about the nature of scientific
knowledge and the scientific process as it applies to chemistry. Examples are given of
the evolution of chemical theories as new information is gained, the use of models

to conceptualize our understanding, and the ways in which experimental work is
enhanced by modern technologies. Ethical considerations, environmental impacts, the
importance of objectivity, and the responsibilities regarding scientists’ code of conduct
are also considered here. The empbhasis is not on learning any of these examples, but
on appreciating the broader conceptual themes in context. We have included several
NOS examples in each chapter, and hope you will come up with your own as you keep
these ideas at the forefront of your learning.

Key to feature boxes

You will find different coloured feature boxes interspersed throughout each chapter.
These are used to enhance your learning and how it applies to real world examples,
as explained below.

A
Q:_@;’% Nature of Science

L
As mentioned this is an overarching theme in the course. Throughout the book you will
find NOS themes and questions emerging across different topics. We hope they help you
to develop your skills in scientific literacy.

Nature of Science

Dalton’s atomic theory was not accepted when it was first proposed. Many
scientists considered it as nothing more than a useful fiction which should
not be taken too seriously. Over time, as the supporting evidence grew, this
changed to its widespread acceptance. These revolutions in understanding, or
‘paradigm shifts’, are characteristic of the evolution of scientific thinking.

Global context

The impact of the study of biology is global, and includes environmental, political

and socio-economic considerations. Examples of these are given to help you see the
importance of biology in an international context. These examples also illustrate some
of the innovative and cutting-edge aspects of research in biology.

A different unit of
concentration is known

as ppm, parts per
million. It denotes one
part per 10° parts of the
whole solution, and is
useful in describing very
low concentrations..



Precipitation of Agl
precipitate from
aqueous solutions. Full
details of how to carry
out this experiment
with a worksheet are
available in the eBook.

How mignt
developments in
scientific knowledge
trigger political
controversies or
controversies in other
areas of knowledge?

At equilibrium the
rate of the forward
reaction is equal
to the rate of the
backward reaction.

Note the definition
of bond enthalpy
indicates that all the
species have to be in
the gaseous state..

@ SKills in the study of chemistry

These boxes indicate links to the skills section of the course, including ideas for
laboratory work and experiments that will support your learning and help you
prepare for the Internal Assessment. These link to further resources in the eBook
(look out for the grey icon).

@ Theory of Knowledge

These questions, which are mostly from the Theory of Knowledge (TOK) guide,
stimulate thought and consideration of knowledge issues as they arise in context. The
questions are open-ended and will help trigger critical thinking and discussion.

@ Key fact

Key facts are drawn out of the main text and highlighted in bold. These boxes will
help you to identify the core learning points within each section. They also act as a
quick summary for review.

@ Hint for success

These give hints on how to approach questions, and suggest approaches that
examiners like to see. They also identify common pitfalls in understanding, and
omissions made in answering questions.

Challenge yourself

These boxes contain probing questions that encourage you to think about the topic
in more depth, and may take you beyond the syllabus content. They are designed to
be challenging and to make you think.

Challenge yourself

1. The components of a mixture can usually be separated by physical means.
What might be the challenges of trying to separate the metals from an alloy?

0 Interesting fact

These give background information that will add to your wider knowledge of the
topic and make links with other topics and subjects. Aspects such as historic notes
on the life of scientists and origins of names are included here.

Gilbert Lewis (1875-1946), responsible for the electron-pair theory of the covalent bond,

was nominated 41 times for the Nobel Prize in Chemistry without winning. In 1946, he was
found dead in his laboratory where he had been working with the toxic compound hydrogen
cyanide.



Towards the end of the book, there are chapters on Green Chemistry, TOK as it relates
to chemistry, the Internal Assessment, the Extended Essay and Strategies for success in
IB chemistry.

Questions

There are three types of question in this book.

1. Worked examples with solutions
Worked examples appear at intervals in the text and are used to illustrate the concepts

covered.

They are followed by the solution, which shows the thinking and the steps used in
solving the problem.

Worked example

Identify the species with 19 protons, 20 neutrons and 18 electrons.

Solution

* the number of protons tells us the atomic number, Z = 19, and so the element is
potassium, K

* the mass number=p +n=19+20=39: 'K

» the charge = p—e = 19— 18 = +1 as there is one extra proton: ;oK*

2. Exercises

These questions are found throughout the text, usually at the end of each
Understanding. They allow you to apply your knowledge and test your understanding
of what you have just been reading. The answers to these, together with worked
solutions, are accessed via icons on the first page of each chapter. Exercise answers can
also be found at the back of the eBook.

Q1. Explain why the relative atomic mass of tellurium is greater than the relative
atomic mass of iodine, even though iodine has a greater atomic number.

X|



- Authors’ introduction

3. Practice questions

These questions are found at the end of each chapter. They are mostly taken from
previous years' IB exam papers. The markschemes used by examiners when marking
these questions are accessed via icons in the eBook on the first page of each chapter.

Practice questions

12. Classify the following mixtures as homogeneous or heterogeneous:
(a) smoke (b) sugarand water (c) steel (3)
(Total 3 marks)

eBook

In your eBook you will find more information on the Skills section of the course
including detailed suggestions for lab work. You will also find links to videos. In
addition, there are auto-marked quizzes in the Exercises tab of your eBook account
(see screenshot below).

Tasks Plan v Assess v Reports v  Admin

\

We hope you enjoy your study of IB chemistry from this textbook.

Catrin Brown, Mike Ford, Oliver Canning, Andreas Economou and Garth Irwin
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“I hear and I forget, I see and I remember, I do and I understand”

Chemistry is an experimental science and its progress continues to be based on the
scientific method. The study of chemistry in the IB programme reflects this in the
emphasis it places on laboratory work. This approach will help you to understand
concepts, learn some practical skills and give you opportunities to explore further
through investigations. It is also often the best part about studying chemistry!

The syllabus roadmap on page vi has ‘Skills in the study of chemistry’ at the top. This

unit is a summary of experimental skills and techniques that should be experienced

during the course, including the application of technology and mathematics. It is not
intended that these ‘Tools’ are covered as separate content, but should be integrated

into the study of all topics. The Skills in the study of chemistry chapter towards the

back of this book includes tables that summarize the details of this unit with references

to where in the syllabus content it may be suitably included. There are also many links

to experimental work and resources available in the ebook. 1

Nature of Science

The scientific method consists of systematic observation, the formulation and
testing of hypotheses, and the collection of data for analysis and evaluation.
Central to this process is a consideration of the limits of the usefulness of

the data obtained. The interpretation of results must take into account the
precision and accuracy of the measurements, the amount and limitations of
data collected and the reproducibility of the results. Effective communication
of the results must include this information.

‘ The choice of apparatus
| for measurement in the
laboratory determines
the precision of the data
collected. Here a pipette is
| used to deliver a single drop
of liquid

Xill






« View of graphene with 3D rendering, Graphene is a relatively modern structure, usually
composed of a single layer of carbon atoms. It is considered to be the world’s thinnest,
strongest and most conductive material, of both electricity and heat. Understanding the
structure of graphene has helped develop its applications in many fields such as energy
generation, sensors, medical equipment and composite materials.

Structure refers to the nature of matter. Chemists seek to understand the way in which
fundamental particles, the building blocks of all chemical structure, combine to
form every chemical structure that exists — from single atoms to the most complex
compounds. An understanding of structure leads to the ability to explain and predict
chemical properties, as studied in our second theme, Reactivity.

A major challenge in the study of structure is that the fundamental particles are too
small for us to observe directly. Even the most advanced technology gives us only
limited information on the nature and behavior of these particles. As a result, since
the early days of chemical exploration, scientists have used models to help explain and
predict the nature of matter. Over time, these models have developed and changed in
the light of increasingly detailed observations and new evidence. As we explore the
applications of these models, we must also consider their limitations and how they
may continue to evolve.

In Structure 1 we consider evidence for the particulate nature of matter. From an
exploration of the properties of sub-atomic particles, we build an understanding

of the structure of atoms and how they characterize the unique properties of each
element. The problem of scale, how we quantify what we cannot observe directly, is
addressed through an introduction to the mole as the unit of amount in chemistry. A ‘
detailed study of electron configurations helps us to recognize why atoms of different i
elements differ in their tendency to attract electrons. This leads to descriptions of the 1
models of different chemical bonds —ionic, covalent and metallic - in Structure 2.
The organization of elements in the periodic table, as studied in Structure 3, suggests é
patterns in elements’ properties. This gives predictive power to the types of bonds {
that they will form. As atoms associate through bond formation, the products
have different properties, giving rise to an infinite variety of structures. Chemists
have developed clear terminology to communicate about chemical structure, and
in Structure 3 we are introduced to the [UPAC (International Union of Pure and
Applied Chemistry) system of nomenclature, and learn how compounds are given
unambiguous and internationally agreed names.

Our understanding of structure has developed alongside advances in technology and
has led to many innovations in materials science. Many modern materials, such as
breathable fabrics and biodegradable plastics, and compounds such as therapeutic
drugs, are designed for specific functions. You need look no further than your smart
phone or clothing to realize how much our lives are influenced by these products. And
yet, despite their extraordinary variety and complexity, every chemical structure is
based on associations between a relatively small number of different atoms.

Structure determines reactivity, which in turn transforms structure.
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Nature of Science

Progress in science often follows technological developments. The discovery
of the Higgs boson was due to the use of particle accelerators, detectors and
sophisticated computers. Such technological advances are only possible with
international collaboration between scientists. Scientists communicate and
collaborate throughout the world. CERN is run by over 20 member states, and
many non-European countries are involved in different ways.

One of the earliest questions philosophers asked concerned the divisibility of matter.
Could a piece of material be divided again and again continually into smaller and
smaller pieces as Aristotle proposed, or would a limit be reached, a single particle,

as Democritus argued? The latter idea has generally stood the test of time. This
particulate model of matter enables us to explain many aspects of the behavior of
matter despite these particles being not directly visible. We have no proof that matter
is not infinitely divisible, but we do have evidence that it becomes increasingly more
difficult to divide it into smaller pieces. The limiting factor is the energy required to
divide a particle. Experimental evidence for this has come from work with particle
accelerators, such as at CERN, referenced in the photo at the start of the chapter, where
beams of ions undergo high-energy collisions, which produce new particles. We are
still learning about how the world is made up of fundamental particles. The Higgs
boson, a key elementary particle, was only discovered as recently as 2012 although its
existence had been predicted by scientific models in 1964.
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How can we model the particulate nature of matter?

All things are made from atoms. This is one of the most important ideas that the
human race has learned about the universe. Atoms are everywhere and they make up
everything. You are surrounded by atoms — they make up the foods you eat, the liquids
you drink and the fragrances you smell. Atoms make up you! To understand the world
and how it changes, you need to understand atoms.

Atoms are the smallest particle of an element and so are fundamental to chemistry. As
they are too small ever to be seen directly by a human eye, scientists have developed a
series of models to explain the physical and chemical properties of materials. We can
understand many aspects of the world simply by considering how these particles move
and interact with each other. This particulate model of matter, which includes atoms,
molecules and ions, provides a very strong foundation for our chemical understanding
and is a good place to start our explorations.

Nature of Science

Scientists construct models as artificial representations of natural phenomena.
All models have limitations that need to be considered in their application.

Structure 1.1.1 — Elements, compounds

and mixtures

Structure 1.1.1 - Elements are the primary constituents of matter, which cannot be
chemically broken down into simpler substances.

Compounds consist of atoms of different elements chemically bonded together in a
fixed ratio.

Mixtures contain more than one element or compound in no fixed ratio, which are
not chemically bonded and so can be separated by physical methods.

Distinguish between the properties of elements, compounds and mixtures.

Solvation, filtration, recrystallisation, Tool 1 -~ What factors are considered
evaporation, distillation and paper in choosing a method to separate the
chromatography should be covered. components of a mixture?

The differences between homogeneous Tool 1-How can the products of a reaction
and heterogeneous mixtures should be be purified?

understood. ; :
Structure 2.2 — How do intermolecular forces

influence the type of mixture that forms
between two substances?

Structure 2.3 — Why are alloys generally
considered to be mixtures, even though they
often contain metallic bonding?




STRUCTURE

An element is a pure
chemical substance
composed of atoms

with the same
number of protons
in the atomic
nucleus.

An atom is the
smallest particle of
an element to show
the characteristic
properties of that
element.

Models of the particulate nature of matter

Matter can be classified into elements, compounds
and mixtures

Classifying matter

Matter is present in an infinite number of different forms. The first step to
understanding the chemistry of all these substances is an effective classification
system. We start with a basic chemical distinction: some matter is made of pure
substances, and some is made from mixtures. The chapter will follow the classification
outlined in Figure 1.

All matter ez
-
| —]

Pure
substances

Elements

A

$1.1 Figure 1 Matter can be classified into pure substances and mixtures. Pure substances can be
elements or compounds. Mixtures can be homogeneous or heterogeneous

Elements are the primary constituents of matter, which cannot
be chemically broken down into simpler substances

All languages are based on an alphabet of a limited number of characters. The

26 letters of the English alphabet, for example, can be combined in different ways to
form the estimated 600 000 words in the language. In a similar way, the substances
known as chemical elements can combine to form the material of our universe.
Elements are the primary constituents of matter. They cannot be chemically broken
down into simpler substances. The near infinite number of different chemical
substances in our world are made from only about 100 known elements.

In Structure 2.1 we will learn about atomic structure, and how each element is made
up of a particular type of atom. Atoms of the same element all have the same number
of protons in the atomic nucleus and the same number of electrons. The distinct make-
up of an element’s atoms gives each element its individual properties. An atom is the
smallest particle of an element to show the characteristic properties of that element.
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Pictographic symbols used at the beginning of the 18th century to represent chemical elements and
compounds. They are similar to those of the ancient alchemists. As more elements were discovered
during the 18th century, attempts to devise a chemical nomenclature led to the modern alphabetic
notational system. This system was devised by the Swedish chemist Berzelius and introduced in 1814.

Each element is denoted by a chemical symbol and some examples are given below.

Name of element | Symbol
carbon C
fluorine F
potassium K
calcium Ca
mercury Hg
tungsten "%

You will notice that often the letter or letters used to represent the elements are
derived from its English name, but in some cases, they derive from other languages.
For example, Hg for mercury comes from Latin, whereas W for tungsten has its origin
in European dialects. These symbols are all accepted and used internationally, which
allows for effective global communication between chemists. A complete list of the
names of the elements and their symbols is given in Section 6 of the data booklet.

late nature of matter

STRUCTURE N =

The number of
elements is open to
change as new ones
can be invented

or discovered. It

takes time for an
element’s existence

to be confirmed

by IUPAC so in the
interim, a provisional
systematic three-letter
symbol is used. Latin
abbreviations represent
the atomic number.
The letters u (un) = 1,
b(bi) = 2 t(tr) =3
and so on are used.
The element of atomic
number 118 now
known as oganesson
(Og) was previously
known as ununoctium
or uuo.

Chemistry is an exact
subject; it is important
to distinguish between
upper and lower case
letters. Cobalt (Co)

is a metallic element
whereas carbon
monoxide (CO) is a
poisonous gas.
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Compounds consist of atoms of different elements chemically
bonded together in a fixed ratio

Some elements, such as nitrogen and gold,
are found in native form, uncombined
with other elements in nature. But more
commonly, elements exist in chemical
combinations with other elements, as
chemical compounds. Compounds
consist of atoms of different elements
chemically bonded together in a fixed ratio.
The physical and chemical properties of
compounds are completely different from
those of their component elements.

Sodium chloride, for example, is a white
crystalline solid that is added to improve
the taste of food, whereas sodium is a
dangerously reactive metal that reacts
violently with water, and chlorine is a
toxic gas.

Sodium, Na, reac

The chemical formula of a compound
uses a combination of chemical symbols

of its constituent elements. A subscript is
used to show the number of atoms of each
element in a unit of the compound. Some
examples are given below. (The reasons

for the different ratios of elements in
compounds will become clearer after we
have studied atomic structure and bonding
in Structure 2.)

A compound is a Name of compound | Chemical formula | Name of compound | Chemical formula
substance made
by chemically sodium chloride NaCl methane CH,
combining two or > 3 =5 : E—
more elements in a magnesium hydroxide | Mg(OH), ammonia NH;
flxe_?hfeaggyzg (flatloanr:Z copper sulfate CuSO, glucose C.H,,04 ‘
: s - 1
chemical properties water H,0 sulfuric acid H,S0,
of a compound are

different from those
of its constituent

Mixtures contain more than one element or compound in no
elements.

!

4 fixed ratio

Chemistry is primarily concerned with understanding the structure and reactivities

of pure substances but dealing with mixtures is a practical reality. Although there are

a countable number of pure substances, the elements and compounds, which all have
distinctive names, there is an infinite number of mixtures. The composition of any one
mixture can vary continuously — the relative amounts of ice cream, milk and flavorings
in a milkshake can vary depending on the taste of the person preparing the drink.
Names for all the mixtures we could make do not exist.

10



Introduction to the particulate nature of matter

Air is described as a mixture of gases because the separate components — different
elements and compounds —are interspersed with each other, but not chemically
combined. The gases nitrogen and oxygen when mixed in air, for example, have the
same properties as they do when they are in pure samples. Substances burn in air
because they react with the oxygen in the same way that they react with pure oxygen.
As substances can be mixed in any proportion, mixtures, in contrast to compounds,
do not have a fixed composition and cannot be represented by a chemical formula. The
composition of air for example varies widely around the world due to the presence of
different pollutants.

Air is an example of a homogeneous mixture, as it has uniform composition and
properties throughout. A solution of salt in water and a metal alloy such as bronze,
which is a mixture of copper and tin, are also homogeneous. To form a homogeneous
mixture, the inter-particle attraction within the different components must be similar
in nature to those between the components in the mixture. Explanations of the
different particle interactions are given in Structure 2.2.

Mixture | Component 1 | Particle Component 2 | Particle Interaction
interaction 1 interaction 2 | in mixture

air N, dispersion 0, dispersion dispersion
forces forces forces

bronze Cu metallic Sn metallic metallic
bonding bonding bonding

salt water | NaCl ionic H,O hydrogen ion-dipole

bonding

< Making a

Alloys are

ove

can ther

uniform co

STRUCTURE 1 -1

Our classification
systems are embedded
in the language we use.
To what extent do the
classification systems
iffect the
knowledge we obtain?
To what extent do the
names and labels that
we use help or hinder
the acquisition of
knowledge?

we use

A mixture contains
more than one
element or
compound in no
fixed ratio, which
are not chemically
bonded. The
components of

a mixture can

be separated by
physical methods.

Structure 2.3 - Why
are alloys generally
considered to be
mixtures, even though
they often contain
metallic bonding?

11




STRUCTURE 1 Models of the particulate nature of matter

Challenge yourself

1. If you add 10 cm® of water to 10 cm?® of water, you get 20 cm® of water. Similarly,
if you add 10 cm® of ethanol to 10 cm’ of ethanol you get 20 cm® of ethanol.
Explain why the volume of the solution formed between 10 cm? of water and
10 cm? ethanol is less than 20 cm?®.

A heterogeneous mixture, by contrast, such as water and oil, has a

non-uniform composition, and its properties are not the same throughout.

The interactions between the components of a heterogeneous mixture are different in
nature. The water molecules interact by hydrogen bonding and the oil molecules by
dispersion forces, as discussed in Structure 2.2.

Structure 2.2 - How
do intermolecular
forces influence the
type of mixture that
forms between two
substances?

It is usually possible to see the separate components in a heterogeneous mixture but

; not in a homogeneous mixture.
Ocean oil spills

can occur when Smoke from ac
oil is extracted or

burn of the oil s

transported. They
cause widespread
damage to the
environment and can
have a major impact
on local industries
such as fishing and
tourism. Efforts to
reduce the impact of
the spill include the
use of dispersants,
which break up the oil
into smaller droplets,
allowing it to mix better
with water,

by the explosion of the
Deepwater Horizon oil
rig, 20th April 2010. Five

thousand barrels of oil

ad ked into

Gulf of Mexico, h
1O

naustries

1l wildlife and fishing

Challenge yourself

2. Does a mixture have the same classification at all scales?

The components in a mixture can be relatively easy to separate if they have a distinct

physical property. The technique chosen will depend on this distinct property.

Mixture Difference in property Technique used

of components
sand and salt solubility in water solution and filtration
salt and water boiling point distillation
iron and sulfur magnetism response to a magnet
pigments in food colouring | adsorption to solid phase paper chromatography

the reaction mixture, which also contains unreacted reactants and other unwanted
products. It is a practical challenge to both maximize the yield and the purity, as some
product can be removed with the impurities during the purification process.

@ The required product of a chemical reaction similarly needs to be separated from




Introduction to the particulate nature of matter STRUCTURE

Filtration is the process where a solid is separated from
a liquid or gas using a membrane. The solid is collected
on the membrane as the residue, and the filtrate
containing the solute passes through. Sand and salt
have different solubilities in water so can be separated

Tool 1 - What factors are
considered in choosing
a method to separate
the components of a

by adding water which dissolves the salt —an example e

of solvation. The resulting mixture can be filtered with
the insoluble sand removed as the residue leaving the
salt water solution as the filtrate. The water can be
separated from the salt by evaporation, which allows
the salt crystals to form (crystallization).

Tool 1 - How can the
products of a reaction
be purified?

Preparation of Agl

Distillation is used to separate a
solvent from a solute. The solvent

has a lower boiling point than the
solute and so is collected as a gas
and passes into the condensing
tube, which is surrounded by cold
flowing water. The gas is condensed
into the pure solvent collected

in the beaker at the bottom. This
method can be used to separate
water from sea water, for example.

worksheet ar

with

available in the eBook

In paper chromatography, small
spots of solutions containing the
samples being tested are placed
on the base line. The paper is
suspended in a closed container to
ensure that the paper is saturated
(a). The different components have
different affinities for the water

in the paper (the solvent) and so
separate as the solvent moves up
the paper (b). This method can be
used to investigate the different
pigments in food colouring.

Q1. Identify the homogeneous mixture.

A water and oil B sand and water
C salt and water D sand and salt

Q2. Identify the correct descriptions about mixtures.
I. The components can be elements or compounds.
II. All components must be in the same state.
I1I. The components retain their individual properties.
A landIIonly B IandIllonly
C IlandIll only D [ IlandIll



STRUCTURE Models of the particulate nature of matter

Q3. Identify the homogeneous mixtures.

. gold

II. bronze

1. steel

A landIlonly B IandIllonly
C Iland Il only D [ Iland III

Q4. (a) River water needs to be purified to make it safe to drink. The water
passes through a grid and is then left in a tank where other impurities are
removed as they fall to the bottom in a process known as sedimentation.
Suggest why pollutants such as fertilizers are not removed in this
process.

(b) Drinking water can be obtained from seawater by distillation.
Explain the disadvantages of using distillation to obtain large amounts
of drinking water.

Q5. A layer of oil paint is left to dry in the air and it hardens. Suggest what causes
the oil to harden.

Q6. Metal coins are made from different metals. The composition of a 20-cent
and a 50-cent euro coin is given below.

Mass g

Coin Copper | Aluminium | Zinc | Tin

20 cent 5.11 0.287 0.287 0.057

50 cent 6.94 0.390 0.390 0.080

Compare the chemical compositions of the two coins.

Structure 1.1.2 — The kinetic molecular theory

Structure 1.1.2 - The kinetic molecular theory is a model to explain physical
properties of matter (solids, liquids and gases) and changes of state.

Distinguish the different states of matter.

Use state symbols (s, 1, g and aq) in chemical equations.

Names of the changes of state should be Structure 2.4 — Why are some substances
covered: melting, freezing, vaporization solid while others are fluid under standard
(evaporation and boiling), condensation, conditions?

sublimation : sition.
sublimationand depasition Structure 2 (all), Reactivity 1.2 — Why are

some changes of state endothermic and some
exothermic?

The kinetic molecular theory explains physical
properties

If you were hit with a bucket of solid water (ice), you could be seriously injured, but
the same mass of liquid water would only be annoying. Gaseous water (steam) could

14



STRUCTURE 1 -1

Introduction to the particulate nature of matter

also be harmful but for different reasons. These three samples are all made from the
same particles: water molecules, H,O. The difference in physical properties of the three
states is explained by kinetic molecular theory.

Matter exists in different states as determined by the
temperature and the pressure

From our common experience, we know that all matter (elements, compounds, and
mixtures) can exist in different forms depending on the temperature and pressure.
Liquid water changes into a solid form, such as ice, hail, or snow, as the temperature
drops, and it becomes a gas, steam, at higher temperatures. These different forms
are known as the states of matter and are characterized by the different energies of
the particles.

« s1.1 Figure 2 Representation
| of the arrangement of
| the particles of the same
| substance in the solid, liquid,

and gas states.

A fourth state of matter,
plasma, exists only

at conditions of very
high temperatures and
pressures, such as those
commonly found in
stars such as our Sun.

gas

increasing temperature

Y

increasing kinetic energy of particles

Solid Liquid Gas |
* particles closely packed * particles more spaced * particles fully spread out |
* inter-particle forces * inter-particle forces * inter-particle forces

strong, particles vibrate in
position

weaker, particles can slide
over each other

negligible, particles move
freely

fixed shape

no fixed shape

* no fixed shape

fixed volume

fixed volume

* no fixed volume

This is known as the kinetic molecular theory of matter as the three states are
distinguished by the way the particles move. The temperature of the system is
directly related to the average kinetic energy of the particles and the state of matter
ata given temperature and pressure is determined by the strength of inter-particle
forces that exist between the particles relative to this average kinetic energy. If the
inter-particle forces are sufficiently strong to keep the particles in position at a given
temperature and pressure, the substance will be a solid. If not, it will be a liquid or a
gas. The different inter-particle forces are explored more fully in Structure 2.

Depending on the
chemical nature of the
substance, matter may
exist as atoms such

as Ar(g), as molecules
such as H,O(l), or as
ions such as Na* and
CI* in aqueous solution
NaCl(ag). The term
particle is therefore
used as an inclusive
term that is applied in
this text to any or all of
these entities of matter.

Challenge yourself

3. What evidence, based on simple observations, can you think of that supports
the idea that water is made from discrete particles?

15



STRUCTURE 1 Models of the particulate nature of matter

Temperature is
a measure of the
average kinetic
energy of the
particles of a
substance.

Worked example

Which of the following has the highest average kinetic energy?

A Heat100°C B H,at200°C  C 0,at300°C D H,0at400°C

Structure 2.4 — Why Solution

are some substances
solid while others are
fluid under standard

conditions?

D The substance at the highest temperature has the highest average kinetic energy.

Liquids and gases are both referred to as fluids, as they have the ability to flow. In the
case of liquids, it means that they take the shape of their container. Diffusion, the
process by which the particles of a substance spread out more evenly, occurs as a result
of their random movements. It occurs predominantly in these two fluid states.

Kinetic energy (E;) refers to the energy associated with movement or motion.
It is determined by the mass (m) and speed or velocity (v) of a substance, according to
the relationship:

1
Ek = 'imvz

As the average kinetic energy of all particles at the same temperature is the same, there
is an inverse relationship between mass and velocity:

el Doase L 2
Ey =3 mpy* =5 my,

A ‘ m, vy
Bromine liquid, Bry(l), has l m, = V—lz

been placed in the lower ‘
gas jar only, and its vapour
has diffused to fill both jars

‘ Particles with smaller mass therefore diffuse more quickly than those with greater
Bromine vaporizes readily [
I

mass, at the same temperature.
at room temperature and its

distinctive colour allows the
diffusion to be observed !

State symbols are used to show the states of the reactants and products taking part in
a reaction. These are abbreviations, which are given in parenthesis after each term in
an equation, as shown below.

| State Symbol Example
| solid © Fe(s)
‘ liquid ) Br,(l)
gas ® O,(g)
aqueous (aq) H,504(aq)
For example:

It is good practice to 2Na(s) + 2H,0(l) — 2NaOH(aq) + H,(g)

show state symbols

in all equations, even
when they are not
specifically requested.

Sodium hydroxide, NaOH, is produced during this reaction in aqueous solution.

Solutions more generally are mixtures of two components. The less abundant
component is the solute and the more abundant is the solvent. The solute can
be solid, liquid or gas but the solvent is generally a liquid. Solutions in water are
particularly important and are given the state symbol (aq).

16



Introduction to the particulate nature of matter

Matter changes state reversibly

As the movement or kinetic energy of the particles increases with temperature,
they will overcome the inter-particle forces and change state. This occurs at a fixed
temperature and pressure for each substance. A solid, X(s), changes to a liquid at a
defined melting point and a liquid, Y(I), changes to a gas at its boiling point.

These changes can be reversed when the substance is cooled: a liquid freezes and
becomes solid at the same temperature as the solid melts.

A gas or vapour condenses at the same temperature as the liquid boils.

The reversibility of these changes can be represented by reversible arrows as shown in
the table.

Change of state Change of state Reversible equation
melting X(s) — X(I) freezing X(l) — X(s) X(s) = X(l)
boiling Y(l) — Y(g) condensing | Y(g) — Y(I) Y() = Y(g)

Some substances can also change directly between the solid and gaseous states.

gas
sublimation vaporization
deposition  condensation\ \ (boiling/evaporation)

melting

liquid

solid T aoa.
freezing

Sublimation is the direct inter-conversion of a solid to a gas without going through
the liquid state. It is characteristic of some substances such as iodine, carbon dioxide
and ammonium chloride.

Deposition is the reverse of sublimation and occurs when a gas changes directly to a
solid. It occurs when snow and frost are formed.

STRUCTURE 1 -1

<« 51.1Figure3 Th

oS : )

The temperature of a
state change can be
presented from both
perspectives:
melting point =
freezing point;
boiling point =
condensation point.

ges be

Sublimation of iron
and io¢

e. Full details
of how to carry out
this experiment with a
worksheet are available
in the eBook.
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A pressure cooker is

a sealed container in
which a high pressure
can be generated.

This raises the boiling
point of water, allowing
cooking time to
decrease. Conversely,
at altitude, where the
atmospheric pressure is
lower, the boiling point
of water is reduced so
it takes much longer to
cook food.

18

Models of the particulate nature of matter

A liquid can change to gas by

two processes: evaporation

and boiling. Boiling occurs at

a fixed temperature for a given
pressure, when bubbles of gas
form throughout the liquid.
Evaporation, by contrast, occurs
only at the surface and takes place
over a range of temperatures
below the boiling point.

More precisely, the boiling point A

is the temperature at which the =T
vapour pressure is equal to the

external pressure. As a liquid is heated, more particles enter the vapour state and the
vapour pressure increases. When the vapour pressure reaches the external atmospheric
pressure the liquid boils. When the external pressure is lower, the vapour pressure
needed to boil is reduced and so boiling occurs at a lower temperature.

The relationship between temperature and vapour pressure and the influence of
external pressure on the boiling point is demonstrated in Figure 4.

A

high pressure
e.g.in a pressure --
cooker

atmospneric
pressure o~

(1.00 x 10° Pa)

vapour pressure / Pa

lower pressure
e.g. Mount Everest -

T T T T

0o 120

O i siwe vy

T
=20 0 20 40 60 T 80 1
temperature / °C
boiling point of boiling point
water on summit of waterin a
of Mount Everest pressure cooker

Challenge yourself

4. Propane (C;Hg) and butane (C,H,) are
both commonly used in portable heating
devices. Their boiling points are butane
—1°C and propane —42°C.

Suggest why butane is less suitable for use
in very cold climates.



Introduction to the particulate nature of matter

Q7. A mixture of two gases, X and Y, which both have strong but distinct smells,
is released. From across the room, the smell of X is detected more quickly
than the smell of Y. What can you deduce about X and Y?

Q8.  Use the kinetic theory to explain whether you would expect the rate of
diffusion in a liquid to increase or decrease as the temperature is increased.

Q9. Which is the correct descriptor for the movement of particles in the solid,
liquid and gaseous states?

Solid Liquid Gas

A | vibrational movement | vibrational movement | vibrational movement
in one dimension in two dimensions in three dimensions

B [ nomovement, fixedin | only vibrational free movement in all

position movement dimensions
C | free movement in all free movement in all free movement in all
dimensions dimensions dimensions

D | vibrational movement | limited movementinall | free movement in all
dimensions dimensions

Q10. A closed flask contains a pure substance, a brown liquid that is at its
boiling point.

(a) Explain what you are likely to observe in the flask.

(b) Distinguish between the inter-particle distances and the average speeds
of the particles in the two states present.

Q11. A beaker containing solid carbon dioxide is placed in a fume cupboard at
room temperature. The carbon dioxide becomes gaseous. Which process
describes this change of state?

A boiling B condensation C evaporation D sublimation

Q12. Water exists in three states: ice, liquid water or steam. Which transition can
occur over a range of temperatures at constant pressure?

A freezing B melting C evaporation D boiling

STRUCTURE 1 -1

Freeze-drying is used
to preserve food and
some pharmaceuticals.
It differs from

standard methods

of dehydration as

the energy needed

to evaporate water

is produced by the
sublimation of ice.
The substance to be
preserved is first frozen,
and then warmed
gently at very low
pressure which causes
the ice to change
directly to water
vapour. The process

is slow but has the
significant advantage
that the composition
of the material, and

so also its flavor, are
largely conserved. The
freeze-dried product is
stored in a moisture
free package that
excludes oxygen, and
can be reconstituted by
the addition of water.

At night, as the
temperature is

lowered, the rate of
condensation increases.
As the air temperature
drops below its
saturation point, known
as the dew point,
condensed water

called dew forms. The
temperature of the dew
point depends on the
atmospheric pressure
and the water content
of the air - that is, the
relative humidity.
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Q13. Aliquid is placed in an open dish. Which change increases the rate of
evaporation?

I. increased temperature of the liquid
1. increased depth of the liquid
11 increased surface area of the liquid

A landll B IandIII C IlandIIl D I, 1land Il

Structure 1.1.3 — Kinetic energy and temperature

Structure 1.1.3 — Temperature (T) in kelvin (K) is a measure of average kinetic energy
(Ey) of particles.

Interpret observable changes in physical properties and temperature during changes of state.

Convert between values in the Celsius and Kelvin scales.

The heat curve of
water. Full details of
how to carry out this
experiment with a
worksheet are available
in the eBook.

Ice cubes melting in a beaker
of water. Heat from the

surroundings breaks some
inter-particle forces between
the water molecules in the ice.
in Structure 2.2.8, we will see
that the inter-particle forces in

ice are hydrogen bonds

20

The kelvin (K) is the SI unit of temperature
and has the same incremental value as the
Celsius degree (°C).

Reactivity 2.2 — What is the graphical
distribution of kinetic energy values of
particles in a sample at a fixed temperature?

Reactivity 2.2 — What must happen to
particles for a chemical reaction to occur?

Temperature is constant during changes of state

Matter changes state when it is heated

Simple experiments can be done to monitor the temperature change while a substance
is heated and changes state. Figure 5 shows a typical result.

A

temperature

solid

liquid

state change
(boiling)

C

state change
(melting)

A

energy input

$1.1 Figure 5 Temperature change versus energy input at fixed pressure as a solid substance is

heated. The flat regions shown in red are where

overcome the inter-particle forces.

a change of state is occurring. Heat energy is used to
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The graph can be interpreted as follows:

a-b  Asthesolid is heated, the vibrational energy of its
particles increases and so the temperature increases.

b—c  This is the melting point. The vibrations are sufficiently
energetic for the particles to move away from their fixed
positions and form a liquid. Energy added during this
stage is used to break the inter-particle forces, not to raise
the kinetic energy, so the temperature remains constant.

c—d  Astheliquid is heated, the particles gain kinetic energy
and so the temperature increases.

d-e  This is the boiling point. There is now sufficient energy to
break all of the inter-particle forces and form a gas. Note
that this state change needs more energy than melting, as all the inter-particle
forces must be broken. The temperature remains constant as the kinetic energy
does not increase during this stage. Bubbles of gas are visible through the
volume of the liquid.

e-f  Asthegasis heated under pressure, the kinetic energy of its particles continues
to rise, as does the temperature.

Melting (b to ¢) and boiling (d to e) are endothermic processes as energy is needed to
separate the particles. The reverse processes, freezing (c to b) and condensation (e to d),
are exothermic. Energy is given out as the inter-particle forces bring the particles closer
together. Energy changes are explored in Reactivity 1.2.

Challenge yourself

5. Which physical properties determine the gradient of the lines for the different
states in Figure 5?

Nature of Science

Scientists analyse their observations looking for patterns, trends or
discrepancies. You may have noticed that the volume decreases as ice melts
and its density increases. This is unusual as density generally decreases as a
solid melts. This discrepancy is explained in Structure 2.2.8.

Temperature in kelvin is known as the absolute temperature

The movement or kinetic energy of the particles of a substance depends on the
temperature. If the temperature of a substance is decreased, the average kinetic
energy of the particles also decreases. Absolute zero (~273 °C) is the lowest possible
temperature attainable as this is the temperature at which all movement stops.

The kelvin is the SI unit of temperature. The absolute temperature is directly
proportional to the average kinetic energy of its particles. A temperature increase of
1°Cis also an increase of 1K. This facilitates conversions between the two scales.

STRUCTURE 1 n1

|
|

|

A

Geothermal hot spring,
Hveragerdi, Iceland
The geothermal spring

provides sufficient energy to

| separate the water molecules

| and turn water into steam
!

- Structure 2 (all),
y Reactivity 1.2 - Why are

some changes of state
endothermic and some
exothermic?

The Celsius scale of
temperature is defined
relative to the boiling
and freezing points

of water. The original
scale, developed by the
Swedish astronomer
Anders Celsius, made
the boiling point of
water zero and the
freezing point 100.

The modern scale
reverses this with the
boiling point of water
100°C and the melting
point of ice as 0°C. The
original scale may now
seem absurd, but the
modern scale is just as
arbitrary.

21
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P Temperature can be converted from Celsius to the Kelvin scale by the relation:

temperature
AT=1K=1°C.

temperature (K) = temperature (°C) + 273.15

More generally (@ K
T(K)=T(°C) + 273.15
The kelvin is the S|
unit of temperature.

I
|

25.00 —298.15

o
|
|
l

—273.15
eXl§§:;E|zf[:r:;2|r$32 reaction. To react, particles must collide with sufficient kinetic energy, known as the
activation energy. Both these points are explored in Reactivity 2.2.
the system and so no
work done, led him

William Thomson
(1824-1907), who
became knoyvn_as —273.15—4 —LO
Lord Kelvin later in life,
completed most of his &
work at the University $1.1 Figure 6 The Celsius and Kelvin scales of temperature
of Glasgow, Scotland.
His concept of the Although we can only relate the average kinetic energy to the temperature, there are
absolute temperature many particles in a sample each with a different kinetic energy. The total kinetic energy
scale followed from ; : y < s o s I
Sk g ot is conserved in particle collisions, but the kinetic energy of individual particles changes
relationship between upon each collision. We can however predict the statistical distribution of energies in
heat energy and the a sample at a particular temperature, known as the Maxwell-Boltzmann distribution.
at which no heat can
to the definition of

ability to do work. The This distribution will also help us understand the effect of temperature on rates of
be extracted from
Q14. A solid is heated and the temperature is measured every 20 seconds.
absolute zero in 1848,

This in turn led to the
formulation of the laws
of thermodynamics.
Kelvin is considered one
of the great scientists of
the 19th century, and

is buried next to Isaac
Newton in London.

! | TS
Sy e

10-.%ﬁi_4*‘., % HER R AES 4 Lot
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loid
0 Tk

| R o 0 | 200 | 250 | 300

temperature / °C
S
|
Sh—
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|
; |
Reactivity 2.2 - What 3, o P e e i |

is the graphical
distribution of kinetic
energy values of
particles in a sample ata
fixed temperature?
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timé Is
(a) Identify the solid.

Reactivity 2.2 - What (b) Describe how the particles in the solid are moving in the interval 0-60s.

must happen to particles
for a chemical reaction
to occur?

(¢) Describe how the particles are moving in the interval after 180s.
(d) Explain why the temperature does not change in the interval 60-180s.

(e) Use the graph to predict the temperature after the material has been
heated for 600s.

(f) Use the graph to predict the temperature after 1200s. Comment on the
validity of your prediction.
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Q15. Which of the following shows the correct Celsius temperature for the given
kelvin temperature?

Kelvin scale Celsius scale
A 0 273
B 50 323
C 283 110
D 323 50

Q16. Which of the following occurs at the freezing point when a liquid is
converted to a solid?

L. kinetic energy of the particles decreases
II. separation between the particles decreases
A lonly B Ilonly C Iand Il D neither I nor Il

Q17. Two objects made from different masses of iron have the same temperature.

Which of the following is the correct comparison of the average kinetic
energy and the total energy of the atoms in the objects? |

Average kinetic energy of the atoms | Total energy of the atoms
A | greaterin an object of larger mass same
B | less in an object of larger mass same
C |same greater in an object of larger mass
D |same less in an object of larger mass

Q18. A substance is heated. The graph shows how the temperature changes with
the heat energy added.

A

! /

temperature

energy added t

In which region of the graph must the solid state be present?

Al B Il C III D None

Q19. Explain why a burn to the skin caused by boiling water is less harmful than a
burn caused by the same amount of steam produced as the water boils.

23
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Guiding Question revisited

How can we model the particulate nature of matter?

In this chapter we have used a particulate model to show:

All matter is made up from small particles.

An element is a pure chemical substance composed of the same type of atoms.
Compounds consist of atoms of different elements chemically bonded together
in a fixed ratio.

Mixtures are made from particles of one substance interspersed between
particles of at least one other substance. If this mixing is uniform, itis a
homogeneous mixture. If it is not uniform, it is heterogeneous.

The different states of matter are characterized by the movement and
arrangement of the particles.

Changes of state require energy changes as energy is needed to separate particles
and is given out when particles come together.

Practice questions

1.

Which statements are correct?

1. Solids have a fixed shape because the particles can only vibrate about a
fixed point.

1. Liquids can flow because the particles can move freely.

111. Gases are less dense because the interactions between the particles are very
weak.

A landll B landIIl C IlandIII D [, [Iand Il

The temperature of a gas is reduced. Which of the following statements is true?
A The molecules collide with the walls of the container less frequently.

B  The molecules collide with each other more frequently.

C The time of contact between the molecules and the wall is reduced.

D The time of contact between molecules is increased.

Which of the following occurs at the melting point when a solid is converted
to a liquid?

I. kinetic energy of the particles increases

II. separation between the particles increases

A Tonly B Ilonly C IandIl D neitherInorll
Identify the change(s) that occur at the boiling point when a liquid is converted
to a gas.

I. kinetic energy of the particles increases

1. separation between the particles increases

A Tonly B Ilonly C landIl D neither Inorll
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A substance is heated at a constant rate. A

During which interval does the

energy of the substance increase e
the most? s
£
A ttot, &
B L tot;
C t3tot, t o Gt A
D t,tots time

An ice cube of mass 10.0g with a temperature of 0°C is placed into a glass
containing 90 cm’ of water at 10°C.

After 5 minutes some of the ice has melted. What is the temperature of the

ice remaining?

A 0°C B 0.5°C C 20°C D 5°C

Identify the pair of substances that can form a homogeneous mixture.

A olive oil and vinegar B sand and water ;
C carbon dioxide and water D salt and pepper |

Identify the equation that represents sublimation.

A L(g) — 2I(g) B L,(s) = L(g)
C Iy(s) + I"(aq) — I;7(aq) D 2Al(s) + 31,(s) — 2AlL4(s)
Which descriptions are consistent with the diagram?
Diagram Description |
L. A compound in the gaseous state. ‘
0 20 |
0 o |
o 8
g |
L. A compound in the liquid state.

t0s0 10O |
*O0Or0 0 |
0O +P0O »O ¢ |

II1. A heterogeneous mixture in the solid state.

.
1199188885

A landllonly B Iandlllonly  C IlandIllonly D I Iland Il
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10. A mixture of ethanol and methanol can be separated by fractional distillation.

This method of separation depends on the difference of which property of the
two alcohols?

A melting point B boiling point C solubility D density

11. The solubilities of four different substances in water and ethanol are given.

12:

13.

14.

26

Solubility in water Solubility in ethanol
P insoluble insoluble
Q | insoluble soluble
R | soluble insoluble
S soluble soluble

Some mixtures can be separated by solvation and filtration using water
or ethanol as solvents.

Method I uses water as the solvent.
Method II uses ethanol as the solvent.

Which substances can be separated from each other using both methods?

A PandS B QandS C Rand$ D QandP

Classify the following mixtures as homogeneous or heterogeneous:

(a) smoke (b) sugarand water (c) steel (3)
(Total 3 marks)

During very cold weather, snow often gradually disappears without
melting. Explain how this is possible.

(a) Describe two differences, in terms of particle structure, between a
gas and a liquid. 2

(b) The temperature of a gas is a measure of the average kinetic energy of
the gas particles. Suggest why the average kinetic energy is specified.  (2)

(c) A sample of water was heated. The graph shows how the temperature
of the water varied with time.

o 100

@

3

©

a

£

5]

20 >
0 time /s

(i) State why the temperature initially increases. (1)
(ii) State why the temperature remains constant at 100°C. (2)

(Total 7 marks)
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15. (a) The physical properties of some halogens are shown in the table.

Element | Molecular formula | Melting point/°C | Boiling point/°C
fluorine F; -220 -188.0
chlorine Cl, -101 -35.0
bromine Br, 58.8
iodine I, 114 184.0
Predict the melting point of bromine. (1)
(b) Describe the trend in the boiling points of the halogens down
the group. (1)
(c) Predict the physical state of iodine at 200°C, (1)

(d) A simplified diagram of the structure for bromine is shown.

a4
\

n:-.\
s‘:- \\o-

(i) Suggest the state of bromine with this structure and justify

|

your answer. 2 :

(ii) Describe the changes that occur to this arrangement when |

bromine is heated. (2) |

(iii) Describe the changes that occur when bromine reacts. (1) .
(iv) Use the kinetic theory to explain the effect of an increase in

temperature on the rate of diffusion of bromine. (1) _

(Total 9 marks) \
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The nuclear atom

<« The atomic nucleus is at the centre of the atom. The number of protons in the nucleus gives the atom
its identity.

Guiding Question

How do the nuclei of atoms differ?

We saw in Structure 1.1 that all matter is built from only about 100 elements. The
smallest amount of an element that can exist is an atom, which is the smallest particle
of an element to show the element’s characteristic properties. It is amazing that
particles as small as the atom can have such a huge impact on the universe. Almost all
explanations in chemistry refer to the atom, either individually or in the groups we call
molecules.

In this chapter we will explore the structure of atoms in more detail. Although the
word ‘atom’ means uncuttable, the atom can be split into smaller subatomic particles.
All atoms are made from the same basic ingredients: protons, neutrons and electrons,
but differ in their composition. If you look at the periodic table, you will see that each
element has an atomic number. This was originally used to give the relative position
of the element in the table. For example, the first element, hydrogen, has an atomic
number of 1. We now know that this number is more fundamental than just a ranking.
The atomic number is the defining property of an element as it is the number of
protons in the nucleus of the atom.

Although the nucleus is only a small part of the atom, you can think of it as the

atom’s control centre. As an atom has a neutral charge, the number of protons also
determines the number of electrons. The number of protons gives an atom its identity
and the number of electrons determines its chemical properties. The mass of an
element’s atoms can vary due to a difference in the number of neutrons in the nucleus,
but this has little impact on the chemistry of the atom. The number of neutrons does,
however, affect some physical properties, including the nuclear stability.

Structure 1.2.1 — The atomic model

Structure 1.2.1 - Atoms contain a positively charged, dense nucleus composed of
protons and neutrons (nucleons). Negatively charged electrons occupy the space
outside the nucleus.

Use the nuclear symbol (7X) to deduce the number of protons, neutrons and electrons in
atoms and ions.

Structure 1.3 — What determines the different
chemical properties of atoms?

Relative masses and charges of the subatomic
particles should be known; actual values are
given in the data booklet. The mass of the

electron can be considered negligible. Structure 3.1 — How does the atomic number

relate to the position of an element in the
periodic table?

STRUCTURE 1 -2

Richard Feynman:

.. if all of scientific
knowledge were to

be destroyed, and
only one sentence
passed on to the next
generation of creatures,
what statement

would contain the
most information in
the fewest words? |
believe it is the atomic
hypothesis... that all
things are made of
atoms!

Are the models and
theories that scientists
create accurate
descriptions of the
natural world, or are
they primarily useful
interpretations for
prediction, explanation,
and control of the
natural world?
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Atoms contain a positively charged, dense nucleus

Dalton’s model of the atom

One of the first great achievements of chemistry was to show that all matter is built

from about 100 elements. As mentioned in Structure 1.1, the elements are substances
which cannot be broken down into simpler components by chemical reactions.
Different elements have different chemical properties but gold foil, for example, reacts

in essentially the same way as a single piece of gold dust. Indeed, if the gold dust is cut
into smaller and smaller pieces, the chemical properties would remain the same until we
reached an atom. The atom is the smallest unit of an element. There are only 92 elements
which occur naturally on Earth, and they are made up of only 92 different types of atom.
(This statement will be qualified when isotopes are discussed later in the chapter.)

The word ‘atom’ comes
from the Greek words
for 'not able to be cut’,

5'6" Nature of Science

The idea that matter is made up of elements and atoms dates back to the 4th
century BCE. This was speculative as there was little evidence to support the
idea. Scientists adopt a skeptical attitude to claims and evaluate them using
evidence. A significant development for chemistry came with the publication
of Robert Boyle's Sceptical Chymist in 1661 which emphasized the need for
scientific knowledge to be justified by evidence from practical investigations.
Boyle was the first person to propose the modern concept of an element as a
substance which cannot be changed into anything simpler.

The modern idea of the atom dates from the beginning of the 19th century.
John Dalton noticed that the elements hydrogen and oxygen always combined in
fixed proportions. To explain this observation, he proposed that:

* all matter is composed of tiny indivisible particles called atoms

* atoms cannot be created or destroyed

* atoms of the same element are alike in every way

» atoms of different elements are different

* atoms can combine together in small numbers to form molecules.

30



The nuclear atom STRUCTURE 1 -2

Using this model, we can understand how elements react together to make
compounds. The compound water, for example, is formed when two hydrogen atoms
combine with one oxygen atom to produce one water molecule. If we repeat the
reaction on a larger scale with 2 x 6.02 x 102} atoms of hydrogen and

6.02 x 10 atoms of oxygen, then 6.02 x 102> molecules of water will be formed.

This leads to the conclusion (see Structure 1.4) that 2.02 g of hydrogen will react

with 16.00g of oxygen to form 18.02 g of water. This is one of the observations

Dalton was trying to explain.

Nature of Science

Dalton was a man of regular habits. ‘For fifty-seven years... he measured the
rainfall, the temperature... Of all that mass of data, nothing whatever came.
But of the one searching, almost childlike, question about the weights that
enter the construction of simple molecules — out of that came modern atomic
theory. That is the essence of science: ask an impertinent question: and you are
on the way to the pertinent answer.’ (J. Bronowski).

@ 4 ELEI\I ENTS ‘What we observe is not

nature itself but nature

@ Hydrogen ﬂ O Stntian 46 exposed to our mode
of questioning.’ (Werner
® Araie S @ Buyies oo Heisenberg).
‘ Carton Ji@ Lion J0
How does the
O Oxygen 7 @ Zine s knowledge we gain
@ R L about the natural
2t ke @ opper 54 world depend on the

@ Sulphu /1© Lead 00 guestions we ask and

: the experiments we
@ Muguesia 2 @ Silver Y perform?
@ Lime 23 @ Gold I’ﬂ

@ Soda 28 ® Platina g !

gID Potash 42 Q Mercury 47 ﬁjom L
|
|
\

eiements,

Dalton was the first person to assign chemical symbols to the different elements.

1
Challenge yourself

1. Itis now known that some of these substances are not elements but compounds.
Lime, for example, is a compound of calcium and oxygen. Find any other
examples of compounds in this list, and explain why the component elements
had not been extracted at this time.

Following Dalton’s example, you can write the formation of water using modern A . ,
$1.2 Figure 1 A model of a

notation: water molecule made from
2H+ O — H,0 two hydrogen atoms and one
But what are atoms really like? It can be useful to think of them as hard spheres Oxygen atom. Dalton's picture
of the atom as a hard ball is
(Figure 1), but this tells us little about how the atoms of different elements differ. the basis behind the molecular
To understand this, it is necessary to probe deeper. models we use today.
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One of the barriers

to the acceptance of
Dalton's model of the
atom was opposition
from leading scientists
such as Kelvin. In what
ways can influential
individuals help or
hinder the development

of scientific knowledge?

2d sponge-like

ibstance (pink)

When Rutherford's team
reported that they had
seen a small number of
alpha particles deflected
by small angles, he
asked them to see if any

of the al

had bouncec
This was a very unusual
suggestion to make

at the time, with little
logical justification.
What is the role of
intuition in the pursuit
of scientific knowledge?
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Nature of Science

Dalton’s atomic theory was not accepted when it was first proposed. Many
scientists considered it as nothing more than a useful fiction which should
not be taken too seriously. Over time, as the supporting evidence grew, this
changed to its widespread acceptance. These revolutions in understanding, or
‘paradigm shifts’, are characteristic of the evolution of scientific thinking.

Atoms contain electrons

The first indication that atoms were destructible came at the end of the 19th century
when the British scientist J. ]. Thomson discovered that different metals produce

a stream of negatively charged particles when a high voltage is applied across two
electrodes. As these particles, which we now know as electrons, were the same
regardless of the metal, he suggested that they are part of the make-up of all atoms.

Nature of Science

The properties of electrons, or cathode rays as they were first called, could
only be investigated once powerful vacuum pumps had been invented — and
once advances had been made in the use and understanding of electricity and
magnetism. Improved instrumentation and new technology are often the
drivers for new discoveries.

As Thomson knew that the atom had no net charge, he pictured the atom as a
‘plum pudding’, with the negatively charged electrons positioned in a positively
charged sponge-like substance (Figure 2).

Atoms contain a nucleus

Ernest Rutherford (1871-1937) and his research team working at Manchester
University in England, tested Thomson’s model by firing alpha particles at a piece
of gold foil. If Thomson’s model was correct, the alpha particles should either pass
straight through or get stuck in the positive ‘sponge’. Most of the alpha particles did
indeed pass straight through, but a very small number were repelled.

The large number of undeflected particles led Rutherford to the conclusion that the
atom is mainly empty space. Large deflections occur when the positively charged
alpha particles collide with, and are repelled by, a positively charged nucleus. The fact
that only a small number of alpha particles bounce back suggests that the nucleus is
very small.

Nature of Science

Our knowledge of the nuclear atom came from Rutherford's experiments
with the relatively newly discovered alpha particles. Progress in science often
follows technological developments that allow new experimental techniques.




The nuclear atom STRUCTURE 1 .2

To? Nature of Science
L

Rutherford used his model of a positively charged nucleus to derive an
equation for the scattering pattern of the alpha particles. His derivation
assumed that only electrostatic repulsive forces acted between the positive
gold nucleus and the positive alpha particles. All models have limitations
which need to be considered in their application.

Challenge yourself

2. The derivation of the Rutherford formula is based on the assumption that
only electrostatic forces need to be considered during the scattering process.
Suggest why the experimental results deviate from this model for high-energy
alpha particles.

Subatomic particles

A hundred years or so after Dalton first proposed his model, further experiments
showed that the nucleus of an atom is made up of protons and neutrons, collectively
called nucleons. Protons and neutrons have almost the same mass and together
account for most of the mass of the atom. Electrons, which have a charge equal and
opposite to that of the proton, have generally negligible mass and occupy the space in
the atom outside of the nucleus.

The absolute masses and charges of these fundamental particles are given in Section
2 of the data booklet and this table gives their relative masses and charges. Note that
relative quantities are ratios and so have no units.

Subatomic particle Relative mass Relative charge You should know
the relative masses
proon 4 i and charges of the
electron 0.0005 -1 subatomic pamcleg.
Actual values are given
neutron 1 0 in the data booklet.

The mass of the

electron can generally
Nature of Science be considered to be

negligible.

The description of subatomic particles given here is sufficient to
understand chemistry but it is incomplete. Although the electron is indeed
a fundamental particle, we now know that protons and neutrons are both
themselves made up of more fundamental particles called quarks. We also
know that all particles have anti-particles. The positron is the anti-particle
of an electron; it has the same mass but has an equal and opposite positive
charge. When particles and anti-particles collide, they destroy each other
and release energy in the form of high-energy photons called gamma rays.
Our treatment of subatomic particles is in line with the principle of Occam’s
razor, which states that theories should be as simple as possible while
maximizing explanatory power.
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PET (positron-emission
tomography) scanners
give three-dimensional
images of tracer
concentration in the
body, and can be used
to detect cancers. The
patient is injected with
a tracer compound
labelled with a
positron-emitting
isotope. The positrons
collide with electrons
after travelling a short
distance (=1 mm)
within the body. Both
particles are destroyed,
and two photons are
produced. The photons
can be collected by the
detectors surrounding
the patient, and used
to generate an image. i f by th

As you are made from Challenge yourself
atoms, you are also
mainly empty space.
The particles which photons and explain why it is balanced.
make up your mass
would occupy the

3. Construct an equation for the collision of an electron and a positron to give two

same volume as a flea if Bohr model of the hydrogen atom
they were all squashed
together, but a flea The Danish physicist Niels Bohr pictured the hydrogen atom as a small ‘solar system’,
with your mass. This with an electron moving in an orbit (energy level) around the positively charged

gives you an idea of the

, nucleus of one proton (Figure 3). The electrostatic force of attraction between the
density of the nucleus.

oppositely charged subatomic particles prevents the electron from leaving the atom.
The nuclear radius is 10-"* m and the atomic radius is 10-'°m, so most of the volume of
the atom is empty space.

electron
proton in orbit
the nucleus
electron
© electron
@ proton

A

The existence of neutrally charged neutrons is crucial for the stability of nuclei of
elements that have more than one proton (Figure 4). Without the neutrons, the positively
charged protons would mutually repel each other and the nucleus would fall apart.
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S ©

electron
@ roon
@ reutron

Atomic number and mass number

We are now in a position to understand how the atoms of different elements differ.
They are all made from the same basic ingredients, the subatomic particles. The only
difference is the recipe — how many of each of these subatomic particles are present in
the atoms of different elements. If you look at the periodic table, you will see that the
elements are each given a number which describes their relative position in the table.
This is their atomic number. We now know that the atomic number, represented by
Z, is the defining property of an element as it tells us something about the structure of
the atoms of the element. The atomic number is defined as the number of protons in
the atom.

As an atom has no overall charge, the positive charge of the protons must be balanced
by the negative charge of the electrons. Therefore the atomic number is also equal to
the number of electrons in an atom.

The electron has such a very small mass that it is essentially ignored in mass
calculations. The mass of an atom depends on the number of protons and neutrons
only. The mass number, given the symbol A, is defined as the number of protons plus
the number of neutrons in an atom. An atom is identified in the following way:

mass number
4X ——— symbol of element
atomic number
We can use these numbers to find the composition of any atom.
number of protons (p) = number of electrons = Z
number of neutrons (n) = mass number — number of protons = A — Z

Consider an atom of aluminium:

n=27-13=14
VAl

p=13

e=13

An aluminium atom has 13 protons and 13 electrons. An atom of gold on the other
hand has 79 protons and 79 electrons. Can you find gold in the periodic table? The
periodic table arranges the elements in order of their atomic number as discussed in
Structure 3.1.

STRUCTURE X »

<« 51.2Figure 4 The Bohr
model of a helium atom. The
two neutrons allow the two
protons, which repel each
other, to stay in the nucleus.
A strong nuclear force acts
between all the nucleons
which is larger than the
repulsive electrostatic forces
that act between the protons.

None of these
subatomic particles
can be (or ever will be)
directly observed.

What assumptions
are made when we
interpret indirect
evidence gained
through the use of
technology?

The atomic number
is defined as the
number of protons in
the nucleus.

Make sure you have a
precise understanding
of the terms. The
atomic number, for
example, is defined in
terms of the number of
protons, not electrons.

The mass number
(A) is the number

of protons plus the
number of neutrons
in an atom. Itis
sometimes called the
nucleon number.

Build an atom PhET
activity. Full details

on how to carry out
this activity with a
worksheet are available
in the eBook.

Structure 3.1 - How
does the atomic
number relate to the
position of an element
in the periodic table?
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Challenge yourself
4. Explain why the 13 protons in aluminium stay in the nucleus despite their

mutual repulsion.

5. Experiments show the nuclear radius R depends on the mass number A
1
according to the expression: R=1.2 x 107% A, Deduce an expression for the
density of a nucleus and comment on your result.

Worked example

Identify the subatomic particles present in an atom of ***Ra.

Solution

The number identifying the atom is the atomic number. We can find the atomic
number from the data booklet (Section 6).

We have Z = 88 and A = 226

number of protons (p) = 88

number of electrons (e) = 88

number of neutrons (n) = 226 — 88 = 138

radium was first discovered by the Polist
rin Nobel Prizes in both Phy

Marie shared he

hers with her husband
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lons When an atom loses

electrons, a positive
ion is formed and
when an atom gains
electrons, a negative
ion is formed.
Positive ions are
called cations and
negative ions are
called anions.

The atomic number is defined in terms of the number of protons because it is a fixed
characteristic of the element. The number of protons identifies the element in the
same way your fingerprints identify you. The number of protons and neutrons never
changes during a chemical reaction. It is the electrons which are responsible for
chemical change. Structure 2.1 examines how atoms can lose or gain electrons to form
ions. When the number of protons in a particle is no longer balanced by the number
of electrons, the particle has a non-zero charge. When an atom loses electrons, it
forms a positive ion or cation, as the number of protons is now greater than the
number of electrons. Negative ions or anions are formed when atoms gain electrons.
The magnitude of the charge depends on the number of electrons lost or gained. The
loss or gain of electrons makes a very big difference to the chemical properties. You
swallow sodium ions, Na*, every time you eat table salt, whereas (covered in Structure
3.1) sodium atoms, Na, are dangerously reactive.

Structure 1.3 - What
determines the different
chemical properties of
atoms?

An aluminium ion is formed when the atom loses three electrons. There is no change
in the atomic or mass numbers of an ion because the number of protons and neutrons
remains the same.

The atom has lost 3 electrons.
" e=13-3=10

/ lziA]h
p=13

n=27-13=14

Oxygen forms the oxide ion when its atoms gain two electrons.

The atom has gained 2 electrons.

/e=8+2=10 {

18602_
p=8 h

n=16-8=38

|
Worked example ‘

Most nutrient elements in food are present in the form of ions. The calcium ion
40Ca?, for example, is essential for healthy teeth and bones. Identify the subatomic
particles present in the ion.

Solution

We can find the atomic number from the data booklet (Section 6).
We have Z = 20 and A = 40:

* number of protons (p) = 20
* number of neutrons (n) = 40— 20 = 20
As the ion has a positive charge of 2+, there are two more protons than electrons:

¢ number of electrons =20-2=18
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Worked example

Identify the species with 19 protons, 20 neutrons and 18 electrons.

Solution

* the number of protons tells us the atomic number, Z = 19, and so the element is
potassium, K
* the mass number =p +n =19 +20 = 39: ;K

» the charge = p—e =19 —18 = +1 as there is one extra proton: ;oK *

Challenge yourself

6. We generally make the approximation that the mass of an ion is the same
as that of the corresponding atom. To how many significant figures is this
approximation valid for the H* ion?

Exercise

Q1. Explain why the relative atomic mass of tellurium is greater than the relative
atomic mass of iodine, even though iodine has a greater atomic number.

Q2. Use the periodic table to identify the subatomic particles present in the

following species.
Species No. of protons No. of neutrons | No. of electrons
(@ |[7Li
(b) |H
(© [
@ [
(e) |[’Fe*

Q3. Isoelectronic species have the same number of electrons. Identify the
following isoelectronic species by giving the correct symbol and charge. You

will need a periodic table.
The first one has been done as an example.
Species No. of protons No. of neutrons | No. of electrons
MGz 20 20 18
(a) 18 2 18
(b) 19 20 18
(c) 17 18 18

Q4. What is the difference between two neutral atoms represented by the
symbols 'sC and 'IN?
. thenumber of neutrons II. the number of protons
[II. the number of electrons

A landllonly B landlllonly C IlandIllonly D [ IlandIII



The nuclear atom

Structure 1.2.2 — Isotopes

Structure 1.2.2 - Isotopes are atoms of the same element with different numbers of
neutrons.

Perform calculations involving non-integer relative atomic masses and abundance of isotopes
from given data.

Nature of Science, Reactivity 3.4 — How can
isotope tracers provide evidence for a reaction
mechanism?

Differences in the physical properties of
isotopes should be understood.

Specific examples of isotopes need not be
learned.

Isotopes are atoms of the same element with
different numbers of neutrons

Find chlorine in the periodic table. There are two numbers associated with the
element, as shown below.

- > 19 Atomic number = 17
o F Ne /
Oxygen Fluorine N
16.00 19.00 244?0"5/‘
18 17 = 18
S Cl Ar
Suifur Chiorine Argon
3206 35.45 = | 30.95
34 35
Se | Br | Kr \
Selenium romine Ki N v |
vl Br-sll Py Relative atomic mass = 35.45 |

How can an element have a fractional relative atomic mass if protons and neutrons
each have a relative mass of 1? One reason is that atoms of the same element with |
different mass numbers exist, and the relative atomic mass given in the periodic table is
an average value.

To have different mass numbers, the atoms must have different numbers of neutrons —
all the atoms have the same number of protons as they are all chlorine atoms. Atoms of
the same element with different numbers of neutrons are called isotopes.

The isotopes show the same chemical properties, as a difference in the number of
neutrons makes no difference to how atoms react and so they occupy the same place in
the periodic table.

Chlorine exists as two isotopes, | 1;Cl|and | {;C1|. The average relative mass of the isotopes

is, however, not 36, but 35.45. This value is closer to 35 as there are more ;;Cl atoms in
nature — it is the more abundant isotope. In a sample of 1000 chlorine atoms, there are
775 atoms of 1,Cl and 225 atoms of the heavier isotope, 1,Cl.

To work out the average mass of one atom, we first have to calculate the total mass of
the thousand atoms:

total mass = (775 x 35) + (225 x 37) = 35450

(total mass) 35450
1000

relative average mass = =35.45

(number of atoms)

The two isotopes are both atoms of chlorine with 17 protons and 17 electrons.

STRUCTURE § »

Modeling isotopic
abundance. Full details
on how to carry out
this experiment with a
worksheet are available
in the eBook.

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

The word 'isotope’
derives from the Greek
for'same place’. As
isotopes are atoms of
the same element, they
occupy the same place
in the periodic table.

39



STRUCTURE

A cOMMAN 8rror ic
A common error 1S
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meaning of ‘physical
property’. A difference
in the number of
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different physical
property. A physical
property of a substance

can be measured

iNd the

oin he
ng the

al composition
substance

Density a

point are exampi
|
|

Uranium consists of
two natural isotopes:
mostly U-238 and less
than 1% U-235. The
fuel used in nu
,’30\“."6‘.' stations is

U
need

to around 3-5% of the

52, IS conter

to be increased

overall mixture to make
ontrolled ni

fission reaction feasible.

ac

The enrichment
can be carried out

by gas diffusion, by

heating solid uranium

ide (UF,),

The UF: molecules

hexafluo

d fil producing a
UF gas that is enriched

with U-235.

Nature of Science,
Reactivity 3.4 - How can
isotope tracers provide
evidence for a reaction
mechanism?

40

Models of the particulate nature of matter

* [13Cl|number of neutrons = 35-17 = 18

« [17Cl| number of neutrons = 37 =17 = 20

Although both isotopes essentially have the same chemical properties, the difference
in mass does lead to different physical properties such as boiling and melting

points. As explained in Structure 1.1, heavier particles move more slowly at a given
temperature and these differences can be used to separate isotopes.

A

Challenge yourself

7. Suggest why isotope nuclear enrichment plants based on gaseous diffusion are
so large.

The stability of a nucleus depends on the balance between the number of protons and
neutrons. A nucleus which contains either too many or too few neutrons to be stable
is radioactive and changes to a more stable nucleus by giving out radiation. As these
radioisotopes behave chemically in the same way as nonradioactive isotopes, they
can be used as tracers to follow the movement of elements or compounds in complex
processes such as living systems. The radioisotopes can be located because the
radioactivity they emit can be detected. Radioactive isotopes can also provide evidence
for the reaction mechanisms explored in Reactivity 3.4.

Human activities have caused increased atmospheric nitrogen pollution, mainly nitrogen

oxides and ammonia. This nitrogen is eventually taken up by plarits, increasing plant g

Evidence for this comes from experiments using tracer isotopes of nitrogen ('3N) to follow
the nitrogen through the air and plants.
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Challenge yourself

8. Use the periodic table in the data booklet to identify an element with an atomic
number of less than 80 which has no stable isotopes.

The relative atomic mass of an element

The mass of a hydrogen atom is 1.67 x 10-2#g and that of a carbon atom is 1.99 x 1023 g.
As the masses of all elements are in the range 10-* to 102g, and as these numbers

are beyond our direct experience, it makes more sense to use relative values. The mass
needs to be recorded relative to some agreed standard. As carbon is a very common
element which is easy to transport and store because it is a solid, its isotope, '2C, was
chosen as the standard in 1961. This is discussed in Structure 1.4 and '?C this is given a
relative mass of exactly 12, as shown below.

Element Symbol Relative atomic mass The relative atomic
carbon C 12.011 mass of an element
(A,) is the average
chlorine cl 35.453 mass of an atom of
hydrogen H 1.008 the element, taking
P < = into account all its
= e AGekd isotopes and their
Standard isotope Symbol Relative atomic mass relative abundance,
carbon-12 ¢ 12.000 somparg(d foone
atom of carbon-12.

Carbon-12 is the most abundant isotope of carbon but carbon-13 and carbon-14 also
exist. This explains why the average value for the element is greater than 12.
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Carbon-14 has eight
neutrons, which is too
many to be stable,

It can reduce the
neutron-to-proton
ratio by radioactive
decay. The relative
abundance of
carbon-14 present

in living plants is
constant as the carbon
atoms are continually
replenished from

the carbon present

in atmospheric

carbon dioxide.

When organisms die,
however, no mare
carbon-14 is absorbed
and the fevels of
carbon-14 fall as they
decay. As this process
occurs at a regular rate,
it can be used to date
carbon-containing
materials.

42

Worked example

Deduce the relative atomic mass of the element rubidium from the data given in
the table.

Isotope % Abundance
%Rb 77
$Rb 23

Solution
Consider a sample of 100 atoms.

total mass of 100 atoms = (85 x 77) + (87 x 23) = 8546

totalmass  _ 8546 _
number of atoms 100

relative atomic mass = average mass of atom = 85.46

Worked example

Boron exists as two isotopes, '°B and 'B. '°B is used as a control for nuclear reactors.
Use your periodic table to find the abundances of the two isotopes.

Solution

Consider a sample of 100 atoms.

Let x atoms be '°B atoms. The remaining atoms are ''B.
number of ''B atoms = 100 —x

total mass of 100 atoms = [x x 10] + [(100—x) x 11] = 10x + 1100 —11x = 1100 — x

totalmass _ 1100 - x
number of atoms 100

average mass =

From the periodic table, the relative atomic mass of boron = 10.81.

_ 1100 -x
10.81 =00
1081 =1100-x

x=1100—1081 =19
The abundances are '°B = 19% and ''B = (100—19) = 81%

Exercise

Q5. State two physical properties other than boiling point and melting point that
would differ for the two isotopes of chlorine.

Q6. Identify the particles which account for the existence of isotopes.
A electrons B nucleons C neutrons D protons

Q7. Which of the following species contains more electrons than neutrons?
A H B B 0" Bl
1

5 8 9
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Q8. Which of the following gives the correct composition of the 7'Ga* ion?

Protons Neutrons Electrons
A 31 71 30
B 31 40 30
C 31 40 32
D 32 40 31

Q9. Chromium has an atomic number of 24. The mass numbers of its four stable
isotopes are 50, 52, 53 and 54.

Identify the correct statements about the isotopes.

I.  All the isotopes have the same chemical properties.

II.  All the isotopes have nuclei containing 24 protons.

[II. One of the isotopes has 54 neutrons.

A landllonly B TIandlllonly C Ilandlllonly D I, 1landIIl

Q10. Identify the atoms which are isotopes.

Mass number Atomic number
W 52 24
X 53 25
¥ 53 24
Z 52 25
A WandZ B XandY C WandY D YandZ

Q11. The relative atomic mass of silicon is 28.09. Comment on the claim that no
atom of silicon exists with this relative mass.

Q12. Deduce the composition of a nucleus of boron-11, 'B.

Protons Neutrons
A 5 11
B 11 5
C 6 5
D 6

Q13. What is the same for an atom of phosphorus-26 and an atom of
phosphorus-27?

A atomic number and mass number
B number of protons and electrons
C number of neutrons and electrons

D number of protons and neutrons

Q14. A sample of chromium has the following isotopic composition by mass.

Isotope e 2261 3€r ACE
Relative abundance | % 431 83.76 9.55 238

Calculate the relative atomic mass of chromium based on this data, giving
your answer to two decimal places.
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In1911, 2a40kg
meteorite fell in Egypt.
Isotopic and chemical

analyses of oxygen
extracted from this
meteorite showed

a different relative
atomic mass to that
of oxygen normally
found on Earth. The
relative atomic mass
value did however
match measurements
made of the Martian
atmosphere by the
Viking landing in
1976. This provides
strong evidence that
the meteorite had
originated from Mars.
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Q15. Use the periodic table to find the percentage abundance of neon-20, if neon

has only one other isotope, neon-22.

Q16. Magnesium has three stable isotopes: 2*Mg, Mg, and *Mg. The lightest

isotope has an abundance of 78.90%. Calculate the percentage abundance of
the other isotopes.

Guiding Question revisited

How do the nuclei of atoms differ?

In this chapter we explored the structure of the atom and how the nuclei of atoms differ.

i

All atoms are made up of protons, neutrons and electrons.

The protons and neutrons, which contribute most of the mass of the atom, are
in a small dense nucleus surrounded by electrons which occupy most of the
volume of the atom.

The atomic number gives the atom its identity. This is the number of protons in
the nucleus. In a neutral atom this is also the number of electrons.

The mass number is the number of nucleons: the number of protons and
neutrons in the nucleons.

Evidence shows that most elements have more than one isotope: atoms with the
same number of protons but a different number of neutrons.

The relative atomic mass, which is the average mass of an atom, can be
determined from the relative abundance of its isotopes.

Practice questions

Which statements about the isotopes of chlorine, >Cland }7Cl, are correct?

I.  They have the same chemical properties.
II. They have the same atomic number.
III. They have the same physical properties.

A TlandIlonly B landlllonly  C IlandIllonly D I,1land Il

Which statement about the numbers of protons, electrons and neutrons in an
atom is always correct?
A The number of neutrons minus the number of electrons is zero.

B The number of protons plus the number of neutrons equals the
number of electrons.

C The number of protons equals the number of electrons.

D The number of neutrons equals the number of protons.

Which quantities are the same for all atoms of chlorine?

[.  number of protons

II. number of neutrons

III. number of electrons

A landIIonly B landIllonly
C IlandIIonly D [ IlandIIl
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How many electrons does the ion {;P* contain?

A 12 B 15 C 16 D 18
Deduce the number of elementary particles present in the 3:Mn?* ion. (3)
(Total 3 marks)

A sample of iron has the following isotopic composition by mass.

Isotope 4Pe e *Fe
Relative abundance [% | 5.95 91.88 217
Calculate the relative atomic mass of iron based on this data, giving your
answer to two decimal places. 2
(Total 2 marks)

(a) Explain why the relative atomic mass of cobalt is greater than the relative
atomic mass of nickel, even though the atomic number of nickel is greater

than the atomic number of cobalt. (1)
(b) Deduce the numbers of protons and electrons in the Co?* ion. (1)
(Total 2 marks)
The table below refers to a sample of silicon.
Mass number of isotope 28 29 30
Relative abundance | % 92.18 4.70 3.12
(a) Explain why atoms of an element can have different mass numbers. (1)
(b) Compare the chemical properties of the four isotopes and justify
your answer. (1) 3
(c) Calculate the relative atomic mass of this sample of silicon. (2) |
(Total 4 marks)

45



FUNLINYLS




Electron configurations

How can we model the energy states of electrons in atoms?

STRUCTURE

The chemical behavior of an atom is determined by its electron configuration. As we
cannot look inside the atom directly, we have to look elsewhere for evidence of how
the electrons are arranged. The analysis of light emitted from an atom gives us valuable
information about the electron configuration within it. It shows that an electron can
exist only in certain discrete energy states. This cannot be understood with reference
to our everyday experience and demands a new perspective. The notion of particles
following fixed trajectories does not apply to the microscopic world of the atom.

We can only give a probability description of electron behavior and use quantum
theory to adopt a wave description of the electron. The possible positions of an
electron are spread out in space in the same way as a wave spreads through space.

We will see how the energy states of electrons are best explained in terms of atomic
orbitals. These are regions in space where an electron is likely to be found. Within one
atom, there are an infinite number of orbitals of different shapes, sizes and energies.
These ideas are revolutionary. As Niels Bohr, one of the principal scientists involved
in the development of quantum theory said, ‘Anyone who is not shocked by quantum
theory has not understood it’.

Structure 1.3.1 and 1.3.2 — Emission spectra

Structure 1.3.1 - Emission spectra are produced by atoms emitting photons when
electrons in excited states return to lower energy levels.

Qualitatively describe the relationship between colour, wavelength, frequency and energy
across the electromagnetic spectrum.

Distinguish between a continuous and a line spectrum.

Details of the electromagnetic spectrum are
given in the data booklet.
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Structure 1.3.2 - The line emission spectrum of hydrogen provides evidence for the
| existence of electrons in discrete energy levels, which converge at higher energies.

Describe the emission spectrum of the hydrogen atom, including the relationships between
the lines and energy transitions to the first, second and third energy levels.

The names of the different series in the Inquiry 2 —In the study of emission spectra

hydrogen emission spectrum will not be from gaseous elements and from light,

assessed. what qualitative and quantitative data can
be collected from instruments such as gas
discharge tubes and prisms?

Nature of Science, Structure 1.2 — How do
emission spectra provide evidence for the
J 1 existence of different elements?

Atoms of different elements give out light of
distinctive colours

Atoms of different elements give out light of a distinctive colour when an electric
discharge is passed through a vapour of the element. Similarly, metals can be identified
by the colour of the flame produced when their compounds are heated in a Bunsen
burner. Analysis of the light emitted by different atoms gives us insights into the
electron configurations within the atom.

S1.3Fi

gure

ata g

To interpret these results, we must consider the nature of electromagnetic radiation.

Electromagnetic radiation is emitted in different forms of
differing energies

Electromagnetic radiation comes in different forms of differing energy. The visible light
we need to see the world is only a small part of the full spectrum, which ranges from low-
energy radio waves to high-energy gamma () rays. All electromagnetic waves travel at the
same speed (c) but can be distinguished by their different wavelengths ()) (Figure 1).




Electron configurations

Different colours of visible light have different wavelengths; red light, for example,
has a longer wavelength than blue light. The full electromagnetic spectrum is given in
Section 5 of the data booklet.

The number of waves that pass a particular point in 1s is called the frequency (f);
the shorter the wavelength, the higher the frequency. Blue light has a higher frequency
than red light.

The precise relationship is:

c=fA

where ¢ is the speed of light.

White light is a mixture of light waves of differing wavelengths or colours. We see this
when sunlight passes through a prism to produce a continuous spectrum or when
light is scattered through water droplets in the air.

through a prism. The

different colours merge

inother. The tv

below the illustra
the prism show (toj
continuous spectrur

series of

absorption lines
(bottom) a line emission

spectrum. Details of the

absorption spectrum will

not be assessed.

As well as visible light, atoms emit infrared (IR) radiation, which has a longer
wavelength than red light, and ultraviolet radiation, which has a shorter wavelength
than violet light. The complete electromagnetic spectrum is shown in Figure 2.
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All electromagnetic
waves travel at

the same speed,
c=3.00x10®ms".
This is the cosmic
speed limit as,
according to Einstein's
Theory of Relativity,
nothing in the universe
can travel faster than
this in-a vacuum.

The distance
between two
successive crests (or
troughs) is called the
wavelength (A). The
frequency (f) of the
wave is the number
of waves that pass a
point in one second.
The wavelength and
frequency are related
by the equation
c=fAwherecis

the speed of light.

| $1.3 Figure2 The changing

wavelength (in m) of

nagnetic radiation
through the spectrum is
shown by the trace across
the top. At the short
wavelength end (on the left)
of the spectrum are gamma
rays, X-rays, and ultraviolet
light. In the center of the
spectrum are wavelengths
that the human eye can

see, kr ible light
Visible light comprises light
of different wavelengths,
energies, and colours. At

wavelength end

'um (on the

microwaves, and radio waves.

The visible spectrum gives us

only a small window to see

‘ the world
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Electromagnetic waves
allow energy to be
transferred across the
universe. They also
carry information.
Low-energy radio
waves are used in radar
and television, for
example, and higher
energy gamma rays
are used as medical
tracers. The precision
with which we view
the world is limited

by the wavelengths

of the colours we can
see. This is why we will
never be able to see
an atom directly; it is
too small to interact
with the relatively
long waves of visible
light. What are the
implications of this for
human knowledge?

|
|
|

Models of the particulate nature of matter

An emission spectrum is produced when an atom moves from
a higher to a lower energy level

When electromagnetic radiation is passed through a collection of atoms, some of the
radiation is absorbed and used to excite the atoms from a lower energy level to a higher
energy level. A spectrometer analyzes the transmitted radiation relative to the incident
radiation and an absorption spectrum is produced (Figure 3).

sample in low

energy level i
absorption spectrum

sample in high
energy level emission spectrum

e, T

$1.3 Figure 3 The origin of absorption and emission spectra. An absorption spectrum shows the
€ f

radiation absorbed as atoms move from a lower to a higher energy level. An emission spectrum is

produced when an atom moves from a higher to a lower level.

Gases produce a characteristic emission line spectrum when they are heated to a
high temperature or if a high voltage is applied. Atoms are excited into a higher energy
level, which is unstable, so the electron soon falls back to the ground state. The energy
the electron gives out when it falls into lower levels is in the form of electromagnetic
radiation. One packet of energy, a photon, is released for each electron transition
(Figure 4). Photons of ultraviolet light have more energy than photons of infrared light.
The energy of the photon is proportional to the frequency of the radiation.

excited state £

$1.3 Figure 4 Emission F
spectra are the result of

electrons falling from an
excited state E; to a lower
energy level E

hf

W

Electron excited
|‘ to higher energy 4
| level

>
o

* A continuous
spectrum shows
an unbroken
sequence of
frequencies, such
as the spectrum of
visible light.

—— ground state —f
When an electron falls from the
excited state to the ground
state, light of a specific
frequency f is emitted.

* Aline emission
spectrum has
only certain
frequencies of
light because it
is produced by
excited atoms and
ions as they fall
back to a lower
energy level.
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The energy of the photon of light emitted (Ej,) is equal to the energy change of the
electron in the atom (AE . iron):

AEcleclron = Ephoron
It is also related to the frequency of the radiation by the Planck equation:
Ephmon = hf

This equation and the value of h (Planck’s constant) are given in Sections 1 and 2 of the
data booklet.

This leads to:

AEclcclron = hf
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This is a very significant equation because it shows that line spectra allow us to T e et

meaning ‘separate’,
and ‘discreet’ meaning
‘unobtrusive’ both
come from the Latin
word ‘discretus’ for 'to
keep separate’.

glimpse inside the atom. The atoms emit photons of certain energies, which give
lines of certain frequencies because the electron can only occupy certain energy
levels. You can think of the energy levels as a staircase. The electron cannot change its
energy in a continuous way, in the same way that you cannot stand between steps; it
can only change its energy by discrete amounts. This energy of the atom is said to be
quantized. The line spectrum is crucial evidence for quantization: if the energy were
not quantized, the emission spectrum would be continuous.
:
3 The idea that you can think of electromagnetic waves as a stream of photons,
or quanta, is one aspect of quantum theory. The theory has implications for
human knowledge and technology. The key idea is that energy can only be
transferred in discrete amounts or quanta. Quantum theory shows us that
our everyday experience cannot be transferred to the microscopic world of
the atom. It has led to great technological breakthroughs such as the modern
computer. It has been estimated that 30% of the gross national product
of the USA depends on the application of quantum theory. Our scientific
understanding has led to many technological developments. These new
technologies in turn drive developments in science. The implications of

quantum theory for the electron are discussed in more detail later (page 54).
Note that ‘discrete’ has a different meaning to ‘discreet’.

or .'w'x‘-f].:"?'l_' es

Elements discovered
from their line spectra
and named from their
flame colours include
rubidium (red), caesium
(sky blue), thallium
(green), and indium
(indigo). Emission
spectroscopy was a key
tool in the discovery of
new elements.

As different elements have different line spectra, they can be used like barcodes to
identify unknown elements. They give us valuable information about the electron
configurations of different atoms.

Nature of Science,
Structure 1.2 - How

<|31

do emission spectra
provide evidence for the
existence of different
elements?

spectra. The gases that

C B

surround the center
of a star absor

absorption lines in the

ctrum, These dark

present. The S

due to the presence of

hydrogen and helium
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Models of the particulate nature of matter

The line emission spectrum of hydrogen provides
evidence for discrete energy levels

As discussed earlier, a line emission spectrum provides evidence for the electrons

in an atom occupying discrete energy levels. A simple picture of the hydrogen atom
was considered in Structure 1.2 with the electron orbiting the nucleus in a circular
energy level. Niels Bohr proposed that an electron moves into an orbit further from
the nucleus (a higher energy level) when an atom absorbs energy. This energy is given
out in the form of electromagnetic radiation when the electron falls back from a higher
to a lower energy level. In any sample of hydrogen many transitions can occur with
each line corresponding to a particular transition. Visible light is produced when the

electron falls to the second energy level (n = 2; see Figure 5).

n=>5
n=4

electron excited
from ground state
ton =5 level

atom emits energy by
falling fromn = 5ton = 2

A

$1.3 Figure 5 An electron is excited from the ground state to a higher energy level. If the unstable

The transitions to the first energy level (n = 1) correspond to the highest energy change
and are in the ultraviolet region of the spectrum. Infrared radiation is produced when
an electron falls to the third or higher energy levels (Figure 6).
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8\
6
54 T _
3 excited
states
2 A
uv
1 A ground
state
$1.3 Figure 6 Etne rels of the hydrogen atom showing the transitions. The transition 1 — oc

corresponds to ioniz

H{g} — H*(g) +e

The pattern of the lines in Figure 6 gives us a picture of the energy levels in the atom.

The lines converge at higher energies because the energy levels inside the atoms are
closer together. When an electron is at the highest energy n = oo, it is no longer in
the atom and the atom has been ionized. The energy needed to remove an electron
from the ground state of one mole of gaseous atoms, ions, or molecules is called the
ionization energy. lonization energies can also be used to support this model of
the atom.

Q1. Emission spectra provide evidence for:
A the existence of neutrons
B the existence of isotopes
C the existence of atomic energy levels
D the nuclear model of the atom.

Q2. The diagram shows the lowest five electron energy levels in the

hydrogen atom.
n=>5
n=4
n=3
n=2
n=1

Deduce how many different frequencies in the visible emission spectrum
of atomic hydrogen would arise as a result of electron transitions between
these levels.

A 3 B 4 C 6 D 10

STRUCTURE 1 -3

Emission spectra can
be observed using
discharge tubes of
different gases and

a spectroscope. The
colours and relative
intensities of the lines
should be observed.
The wavelengths can
be measured.

Inquiry 2 - In the

study of emission
spectra from gaseous
elements and from
light, what qualitative
and quantitative data
can be collected from
instruments such as gas
discharge tubes and
prisms?
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Q3. The diagram shows three energy levels of an atom.

]}
I _—
energy

(a) Identify the transition that corresponds to the emission of light with the
shortest wavelength.
A -0 B =l =] D II—II

(b) Identify the emission line spectrum that results from transitions between
these energy levels.

e ey ot

increasing frequency increasing frequency

S0 e w7

increasing frequency increasing frequency

A\

Q4. The visible emission spectrum for hydrogen includes a red line with a wavelength
of 657 nm corresponding to the transition 3 — 2. State if the transition from
4 — 2 corresponds to a higher or lower wavelength and justify your answer.

Challenge yourself
1. One of the wavelengths in the emission spectrum of helium occurs at 588 nm.

Some energy levels of the helium atom are shown. The energies of the levels are
given in joules. Identify the transition that produces the line at 588 nm.

—2.42 v
—3.00 I

energy / 1071 JT —5.80

—7.64 I

A -1 B II—1I C Il—=1V D IV—=I

Structure 1.3.3, 1.3.4 and 1.3.5 - Electron

configuration

Structure 1.3.3 — The main energy level is given an integer number, n, and can hold a
maximum of 2n? electrons.

Deduce the maximum number of electrons that can occupy each energy level.

Structure 3.1 —How does an element’s
highest main energy level relate to its period
number in the periodic table?
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Electron configurations

Structure 1.3.4 — A more detailed model of the atom describes the division of the
main energy level into s, p, d and f sublevels of successively higher energies.

Recognize the shape and orientation of an s atomic orbital and the three p atomic orbitals.

Structure 3.1 — What is the relationship
between energy sublevels and the block
nature of the periodic table?

Structure 1.3.5 — Each orbital has a defined energy state for a given electron
configuration and chemical environment, and can hold two electrons of opposite
spin.

Sublevels contain a fixed number of orbitals, regions of space where there is a high
probability of finding an electron.

Apply the Aufbau principle, Hund’s rule and the Pauli Exclusion Principle to deduce electron
configurations for atoms and ions up to Z = 36.

Full electron configurations and condensed
electron configurations using the noble gas
core should be covered.

Orbital diagrams, i.e. arrow-in-box diagrams,
should be used to represent the filling and
relative energy of orbitals.

The electron configurations of Cr and Cu as
exceptions should be covered.

A more sophisticated model is needed for atoms
with more than one electron ;

Wave and particle models of light and the electron

Although the Bohr model of the atom was able to predict the wavelengths of lines
in the emission spectrum of hydrogen with great success, it failed to predict the ]
spectral lines of atoms with more than one electron. The model is a simplification. !
To develop the model of the atom further, we need to reconsider the nature of light %
and matter.

We saw earlier that light can either be described by its frequency, f, which is a wave

property, or by the energy of individual particles, E (called photons, or quanta, of light),

which make up a beam of light. The two properties are related by the Planck equation

E = hf. Both wave and particle models have traditionally been used to explain scientific

phenomena and you may be tempted to ask which model gives the ‘true’ description W hroa B R iE
of light. We now realize that neither model gives a complete explanation of light’s plum pudding and Bohr

properties — both models are needed. models of the atom
even though we now

* The diffraction, or spreading out, of light that occurs when light passes through nea they ane incomect

a small slit can only be explained by a wave model. How can a model
* The scattering of electrons that occurs when light is incident on a metal surface be useful even if it s
is best explained using a particle model of light. obviously false?
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Models of the particulate nature of matter

In a similar way, quantum theory suggests that it is sometimes preferable to think
of an electron (or indeed any particle) as having wave properties. The diffraction
pattern produced when a beam of electrons is passed through a thin sheet of
graphite demonstrates the wave properties of electrons. To understand the electron
configurations of atoms, it is useful to consider a wave description of the electron.

Nature of Science

Scientists use models to explain processes that may not be observable.

The models can be simple or complex in nature but must match the
experimental evidence if they are to be accepted. The power of the wave and
particle models is that they are based on our everyday experience, but this is
also their limitation. We should not be too surprised if this way of looking
at the world breaks down when applied to the atomic scale, as this is beyond
our experience. The model we use depends on the phenomena we are trying
to explain.

When differences occur between the theoretical predictions and
experimental data, the models must be modified or replaced. Bohr’s model
of the hydrogen atom was very successful in explaining the line spectra

of the hydrogen atom but could not explain the spectra of more complex
atoms, or the relative intensities of the lines in the hydrogen spectra.

It also suffered from a fundamental weakness in that it was based on
postulates, which combined ideas from classical and quantum physics in
an ad hoc manner, with little experimental justification. Ideally, models
should be consistent with the assumptions and premises of other theories.
A modification of Bohr's model could only be achieved at the expense

of changing our model of the electron as a particle. Dalton’s atomic

model and quantum theory are both examples of such radical changes of
understanding, often called paradigm shifts.
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The electron’s trajectory cannot be precisely described

Another fundamental problem with the Bohr model is that it assumes the electron’s

trajectory can be precisely described. This is now known to be impossible, as any

attempt to measure an electron’s position will disturb its motion. The act of focusing

radiation to locate the electron sends it hurtling off in a random direction.

he Uncertainty

According to Heisenberg's Uncertainty Principle we cannot know where an electron Principle states that it is

is at any given moment in time — the best we can hope for is a probability picture of
where the electron is likely to be. The possible positions of an electron are spread out in
space in the same way as a wave is spread across a water surface.

measurement of
the position and
Electrons occupy atomic orbitals At

pe thought of as ar

extreme example of

Schrédinger model of the hydrogen atom

server effect

We have seen that the electron can be considered to have wave properties and that only
a probability description of its location is possible at a given time. Both of these ideas
are encapsulated in the Schrédinger model of the hydrogen atom. Erwin Schrédinger
(1887-1961) proposed that a wave equation could be used to describe the behavior
of an electron in the same way that a wave equation could be used to describe the
behavior of light. The equation can be applied to multi-electron systems and its
solutions are known as atomic orbitals. An atomic orbital is a region around an
atomic nucleus in which there is a 90% probability of finding the electron. The shape
of the orbitals will depend on the energy of the electron. When an electron is in an
orbital of higher energy, it will have a higher probability of being found further from
the nucleus.

ertainty

urements

knowledge?

of finding an

The progressive
nature of scientific
knowledge about the
atom is illustrated

by the Nobel Prizes
awarded between

2. State two ways in which the Schrédinger model of the hydrogen atom differs 1922 and 1933 to

Bohr, Heisenberg and
from that of the Bohr model. Schr(’jdin'ger. 4

Challenge yourself

o7
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Our mode! of the atom
owes a great deal to the
work of Niels Bohr and
Werner Heisenberg,
who worked together
in the early years of
quantum theory before
the Second World

War. But they found
themselves on different
sides when war broke
out. The award-
winning play and film
Copenhagen is based on
their meeting in that city
in 1941 and explores
their relationship, the
uncertainty of the

past, and the moral
responsibilities of

the scientist.

The Pauli exclusion
principle states
that no more than
two electrons can
occupy any one
orbital, and if two
electrons are in

the same orbital,
they must spin in
opposite directions.

An electron is uniquely
characterized by its
atomic orbital and
spin. If two electrons
occupied the same
orbital spinning in

the same direction,
they would be the
same electron - which
is impossible!

An orbital shows the
volume of space in
which the electron is
likely to be found.

[

o8

Models of the particulate nature of matter

An orbital can hold two electrons of opposite spin

The Schrédinger model of the hydrogen spectrum does not fully explain the fine
details of the hydrogen spectrum. The model needs to be further refined: in addition

to moving around the nucleus, electrons can also be thought to spin on their own

axis. They can spin in either a clockwise direction, represented by an upward arrow, or
an anti-clockwise direction, represented by a downward arrow. Spin is an important
factor in electron—electron interactions. Electrons can occupy the same region of space
despite their mutual repulsion if they spin in opposite directions. This leads to the
Pauli exclusion principle, which states that an orbital can hold only two electrons, of
opposite spin.

Atomic orbitals have different shapes and sizes
The first energy level has one 1s orbital

We saw that the electron in hydrogen occupies the first energy level in the ground state.
This energy level can hold a maximum of two electrons. To highlight the distinction
between this wave description of the electron provided by the Schrodinger model and
the circular orbits of the Bohr atom, we say the electron occupies a 1s orbital.

The dots in Figure 7 represent locations where the electron is most likely to be found.
The denser the arrangement of dots, the higher the probability that the electron
occupies this region of space. The electron can be found anywhere within a spherical
space surrounding the nucleus.

A
$1.3 Fig

ure7 An
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The second energy level has a 2s and 2p sublevel

The second energy level of the Bohr model is split into two sublevels in the
Schrodinger model. The 2s sublevel is one 2s orbital and can hold a maximum of two
electrons, and the 2p sublevel is three 2p orbitals and can hold six electrons. The 2s
orbital has the same symmetry as a 1s orbital but extends over a larger volume. An
electron in a 2s orbital is, on average, further from the nucleus than an electron in a
1s orbital and has higher energy.

<« The 25 electron orbital. Just as

-an have crests

and troughs, an orbital can
have positive and negative

positive valu

area negative, As it is t

the probability of f
an electron at particula

positions, the sig

is often not

| shown

The three 2p atomic orbitals in the 2p sublevel have equal energy and are said to

be degenerate. They all have the same dumbbell shape; the only difference is their
orientation in space. They are arranged at right angles to each other with the nucleus
at the centre.

Investigating orbital
shapes with modeling
T clay. Full details of
o how to carry out this
experiment with a
worksheet are available
in the eBook.

4 From left to right, the p

P, and p, atomic ort

localized along the )

and x-axes respect

2p sublevel

d and f orbitals

We have seen that the first energy level is made up of one sublevel and the
second energy level is made up of two sublevels. This pattern can be generalized;
the nth energy level of the atom is divided into n sublevels. The third energy level
is made up of three sublevels: the 3s, 3p and 3d. The d sublevel is made up of five
d atomic orbitals.
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bitals ’

found in the 3d sublevel. Four

The five electron

of the orbitals are made up

of four lobes, cer

red on

the nucleus

You are expected to
know the shapes and
names of the s and

p atomic orbitals,
but not of thed
atomic orbitals.

Thelbakapod The letters s, p, d, and fare used to identify different sublevels and the atomic orbitals
IR that comprise them. The fourth level (n = 4) is similarly made up from four sublevels.

The 4f sublevels are made up of seven f atomic orbitals, but you are not required to
know the shapes of these orbitals.

nature of the spectral
lines the model was
attempting to explain.
The corresponding
spectroscopic terms are
sharp, principal, diffuse
and fine.

Worked example

Draw the shapes of a 1s orbital and a 2p, orbital.

Solution

The shapes of a 1s
orbital and a 2p,
orbital. A simple two-
dimensional drawing

is sufficient 1s orbital 2p, orbital
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Each main energy level is divided into sublevels

The atomic orbitals associated with the different energy levels are shown in Figure 8.
This diagram is a simplification, as the relative energy of the orbitals depends on the
atomic number. The relative energies of the 4s and 3d atomic orbitals are particularly
significant and will be discussed in more detail later.

A
4s .
[

q

<« 51.3 Figure 8 The relative
_ The 3d sublevel energies of the atomic
J falls below the 4s orbitals up to the 4p sublevel,
level for elements
7> 20.

- [

3d
» [
»

energy

s

Degenerate orbitals of the same energy form a sublevel; three p orbitals form a
p sublevel, five d orbitals form a d sublevel and seven f orbitals form an f sublevel.
A single s orbital makes up an s sublevel.

The number of electrons in the sublevels of the first four energy levels are shown in

the table.
Level Sublevel Maximum number of Maximum number of |
electrons in sublevel electrons in level
n=1 Is 2 2 |
n=2 2s 2 8
2p 6
n=3 3 2 18 E
3p 6
3d 10
n=4 4s 2 32
4p 6
4d 10
4f 14

We can see the following from the table:

* The nth energy level of the atom is divided into n sublevels. For example, the 4th Models are
level (n = 4) is made up of four sublevels. simplifications of

* Each main level can hold a maximum of 2n? electrons. For example, the complex systems.
3rd energy level, can hold a maximum of 18 electrons (2 x 32=18) bl e e

- e = 2 : atomic models

* ssublevels can hold a maximum of 2 electrons. of Dalton, Bohr,

* p sublevels can hold a maximum of 6 electrons. Schrédinger and

» d sublevels can hold a maximum of 10 electrons. Heisenberg will not be

« fsublevels can hold a maximum of 14 electrons. i
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The Aufbau principle: constructing arrow-in-box diagrams

The electron configuration of the ground state of an atom of an element can be
Aufbau means 'building determined using the Aufbau principle, which states that electrons are placed into
up'in German. orbitals of lowest energy first. Boxes can be used to represent the atomic orbitals,
with single-headed arrows to represent the spinning electrons. The electron
configurations of the first five elements are shown in Figure 9. The number of
electrons in each sublevel is given as a superscript.

Element H He Li Be B

[
25 . 25 I 25 I
Orbital
di
R 1s Iﬂ is 1s ml 1s 1s

Electron 1s! 152 1522 152252 15225%2p'
configuration

A

$1.3 Figure 9 The electron configurations of the first five elements

The next element in the periodic table is carbon. It has two electrons in the 2p sublevel.
These could either pair up, and occupy the same p orbital, or occupy separate

p orbitals. Following Hund’s third rule, we place the two electrons in separate orbitals
because this configuration minimizes the mutual repulsion between them. As the

2p orbitals are perpendicular to each other and do not overlap, the two 2p electrons
are unlikely to approach each other too closely. The electrons in the different 2p
orbitals have parallel spins, as this leads to lower energy. The electron configurations
of carbon and nitrogen are shown in Figure 10.

Element C N
Y I

Orbital diagrams

Hund'’s rule: If more 1s 1s

than one orbital
in a sublevel is

available, electrons Electron 1522s22p? 1522s22p3
occupy different configuration
orbitals with A

arallel spins. :
P P $1.3 Figure 10 Electron configurations of carbon and nitrogen

The 2p electrons begin to pair up for oxygen (1s?2s?2p,?2p,'2p,") and fluorine
(1s22s22p,22p,?2p,"). The 2p sub-shell is completed for neon (1s?2s?2p,*2p,*2p.?).
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Electron configurations

Worked example

Deduce the electron configuration of sulfur.

Solution

Sulfur has an atomic number of 16. Therefore it has 16 electrons.
Two electrons occupy the 1s: 1s2

Two electrons occupy the 2s: 252

Six electrons occupy the 2p: 2p®

Two electrons occupy the 3s: 3s

Four electrons occupy the 3p: 3p*

So the electron configuration is 1s?2s?2p¢ 3s2 3p* ‘

Exercise

Q5. List the 4d, 4f, 4p, and 4s atomic orbitals in order of increasing energy.
Q6. State the number of 4d, 4f, 4p, and 4s atomic orbitals.

Q7. Apply the orbital diagram method to determine the electron configuration |
of calcium.

Q8. Deduce the number of unpaired electrons present in a phosphorus atom.

Q9. Deduce the number of orbitals in the n = 4 level and explain your answer.

Challenge yourself

3. Which of the following provide evidence to support the Bohr model of the
hydrogen atom?

I The energy of the lines in the emission spectra of atomic hydrogen. |

II.  The relative intensity of the different spectral lines in the emission spectrum
of atomic hydrogen.

A lonly B Ilonly C landll D Neither I nor Il |
7d | 7f | 7g | 7h | 7h Can you think of a
6f | 6g | 6h useful mnemonic to
help you remember
59 the order of filling

orbitals?

Figure 11 shows
orbitals filled to
sublevel 7s. Follow
the arrows to see the
order in which the
sublevels are filled.

A

§1.3 Figure 11 Order of filling sublevels:
1s, 2s, 2p. 3s, 3p. 4s. 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d, 6p, 7s, 5f, 6d, 7p.
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The abstract language
of mathematics
provides a powerful
tool for describing

the behavior of
electrons in the atom.
The shapes and
equations it generates
have elegance and
symmetry. What do
such results tell us
about the relationship
between the natural
sciences, mathematics,
and the natural world?
Why are many of the
laws in the natural
sciences stated using
the language of
mathematics?

When the transition
metal atoms form
ions they lose
electrons from the
4s sublevel before
the 3d sublevel.
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The mathematical nature of the orbital description is illustrated by some simple relationships:
* number of sublevels at nth main energy level = n
¢ number of orbitals at nth energy level = n?
* number of electrons at nth energy level = 2n?
* number of orbitals at Ith sublevel = (2/ + 1) where n and | are sometimes known as
quantum numbers.
Sublevel s p d f
1 0 1 2 3

The relative energy of the orbitals depends on the atomic
number

The energy of an orbital depends on the attraction between the electrons and the
nucleus and inter-electron repulsions. As these interactions change with the nuclear
charge and the number of electrons — that is, the atomic number — so does the relative
energy of the orbitals. All the sublevels in the third energy level (3s, 3p, and 3d), for
example, have the same energy for the hydrogen atom and only become separated

as extra protons and electrons are added. The situation is particularly complicated
when we reach the d block elements. The 3d and 4s levels are very close in energy and
their relative separation is very sensitive to inter-electron repulsion. For the elements
potassium and calcium, the 4s orbitals are filled before the 3d sublevel. Electrons are,
however, first lost from the 4s sublevel when transition metals form their ions, as once
the 3d sublevel is occupied the 3d electrons push the 4s electrons to higher energy.

Worked example

State the full electron configuration of vanadium and deduce the number of
unpaired electrons.

Solution
The atomic number of vanadium gives the number of electrons: Z = 23.

So the electron configuration is: 15?2s?2p©3s?3p©4s23d*
Note: the 3d sublevel is filled after the 4s sub level.

It is useful, however, to write the electron configuration with the 3d sub-shell
before the 4s: 1522522p®3s23p®3d>4s? as the 3d sublevel falls below the 4s orbital
once the 4s orbital is occupied (i.e. for elements after Ca).

The three 3d orbitals each have an unpaired electron.
Number of unpaired electrons = 3.

The worked example asked for the full electron configuration. Sometimes it is
convenient to use an abbreviated form, where only the outer electrons are explicitly
shown. The inner electrons are represented as a noble gas core. Using this notation, the
electron configuration of vanadium is written [Ar] 3d*4s?, where [Ar] represents the
electron configuration of Ar, which is 1s?2s2p®3s?3p®.
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The electron configurations of the first 30 elements are shown in the table.

Element Electron configuration Element Electron configuration

H 1s! 163 15%2522p®3s23p*

,He 1s? 17Cl 1522522p®3s23p°

sLi 1s22s! AT 15%2522p©3s23p6

Be 152252 10K 15225%2p®3s23p04s!

B 1s%2522p! 2Ca 15225%2p*3s?3p4s?

«C 1s22522p? nSc [Ar] 3d'4s?

N 1s22s22p? 2 Ti [Ar] 3d%4s?

sO 1s%2522p* 21V [Ar] 3d%4s?

oF 1s%2s22p° 24Cr [Ar] 3d°4s!

woNe 1522s22p® »sMn [Ar] 3d°4s?

nNa 1522s22p©3s! s6Fe [Ar] 3d%4s?

Mg 15225%2p®3s? ,,Co [Ar] 3d74s?

1Al 152252p%3s23p! ,sNi [Ar] 3d%4s?

141 15%2522p%3s?3p? ,oCu [Ar] 3d'%4s! |
isP 15%25?2p%3s23p? 3Zn [Ar] 3d104s2 ‘

The electrons in the outer energy level are mainly responsible for compound
formation and are called valence electrons. Lithium has one valence electron in the The term ‘valence' is.
outer second energy level (2s), beryllium has two (2s2), boron has three (2s%p'), and Svf)r:\tlief?) rfr‘?t::a:;h‘mm
so on. The number of valence electrons follows a periodic pattern, which is discussed .
fully in Structure 3.1. Atoms can have many other electron configurations when in
an excited state. Unless otherwise instructed, assume that you are being asked about ,
ground-state configurations.

For the d block elements, three points should be noted:

* the 3d sublevel is written with the other n = 3 sublevels because it falls below the
4s orbital once the 4s orbital is occupied (i.e. for elements after Ca), as discussed
earlier

* chromium has the electron configuration [Ar] 3d°4s!

* copper has the electron configuration [Ar] 3d'%4s!.

To understand the electron configurations of copper and chromium, it is helpful to
consider the electrons-in-boxes arrangements in Figure 12. As the 4s and 3d orbitals
are close in energy, the electron configuration for chromium, with a half-full d i
sublevel, is relatively stable as it minimizes electrostatic repulsion, with six singly !
occupied atomic orbitals. This would be the expected configuration using Hund'’s rule ‘
if the 4s and 3d orbitals had exactly the same energy. Half-filled and filled sublevels

seem to be particularly stable: the configuration for copper is similarly due to the

stability of the full d sublevel.

4 $1.3 Figure 12 The electron
and 4th energy levels for
3p - 3p - chromium and copper.
¥ ¥

chromium: [Ar]3d°4s’ copper: [Ar]3d'%4s’
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Exercise

Q10. Identify the sublevel that does not exist.

A 5d B 4d
€ 3t D 2
Q11. Which is the correct order of orbital filling according to the
Aufbau principle?
A 4s4p4d4f B 4p4d5s4f
C 4s3d4p5s D 4d4f5s5p
Q12. State the full ground-state electron configuration of the following elements.
(a) V (b) K (c) Se (d) Sr
Q13. Determine the total number of electrons in d orbitals in a single iodine atom.
A 5 B 10
C =15 D 20

Q14. Identify the excited state (i.e. not a ground state) in the following
electron configurations.

A [Ne] 3s%3p? B [Ne] 3s23p*4s!
C  [Ne] 3s?3p%4s! D [Ne] 3s?3p®3d'4s?
Q15. Deduce the number of unpaired electrons present in the ground state of a
titanium atom.
A 1 B 2
€3 D 4

Q16. Identify the atom that possesses the most unpaired electrons.
A O B Mg
€T D Fe

Electron configurations of ions

As discussed earlier, positive ions are formed by the loss of electrons. These electrons are
lost from the outer sublevels. For example, the electron configurations of the different
aluminium ions formed when electrons are successively removed are as follows:

o Al"is 15%25%2p%3s?

o AP is 1s%25%2p©3s!

o AP is 1s%2s%2p¢

When positive ions are formed for transition metals, the outer 4s electrons are
removed before the 3d electrons, as discussed earlier.

For example, Cr is [Ar] 3d°4s! and Cr?* is [Ar] 3d°

The electron configurations of negative ions are determined by adding the electrons
into the next available electron orbital:

Sis 1s22s22p63s23p*and S is 1s22s22p93s23p®
p P P p
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Worked example

Deduce the ground-state electron configuration of the Fe3* ion.

Solution

First find the electron configuration of the atom. Fe has 26 electrons:
15%25%2p®3s23p64s23d6

As the 3d sublevel is below the 4s level for elements after calcium, we write this as
15%25%2p©3523p53do4s?

Now remove the two electrons from the 4s sublevel and one electron from the
3d sublevel.

Electron configuration of Fe** is 1s22s22p®3s23p©3d®

Exercise

Q17. State the full ground-state electron configuration of the following ions.
(a) O (b) CI- (), Ti¥ (d) Cu?

Q18. State the electron configuration of the following transition metal ions by
filling in the boxes below. Use arrows to represent the electron spin.

Ion 3d 4s
@ | m
(b) | Fe
(c) Ni2*
(d) Zn*

Q19. (a) State the full electron configuration for neon.

(b) State the formulas of two oppositely charged ions which have the same
electron configuration as neon.

Q20. State the abbreviated electron configuration using the previous noble
gas core for:

(a) Ni* (b) Pb* (c) S* (d) Si**

Electron configuration and the periodic table

We are now in a position to understand the structure of the periodic table (Figure 13):

* elements whose valence electrons occupy an s sublevel make up the s block

* elements with valence electrons in p orbitals make up the p block

* the d block and the f block are similarly made up of elements with outer
electrons in d and f orbitals.

Note the abbreviated
electron configuration
using the noble gas
core is not acceptable
when asked for the full
electron configuration.
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Structure 3.1 - What

is the relationship
between energy
sublevels and the block
nature of the periodic
table?

The ns and np
sublevels are filled
for elements in
period n. However
the (n - 1)d sublevel
is filled for elements
in period n.

Structure 3.1 - How
does an element's
highest main energy
level relate to its period
number in the periodic
table?

Some versions of the
periodic table use

the numbering 3-7
for groups 13-17. In
this version, group.3
elements have three
valence electrons and
group 7 elements
have seven valence
electrons. Although
this is simpler, in some
respects it can lead

to problems. After
extensive discussions,
the IUPAC concluded
thatthe 1to 18
numbering provides
the clearest and most
unambiguous labelling
system.

68

Models of the particulate nature of matter

nos ¢ d a2 & dv & d & d& d¥ d° p' p p pt p* pb

dS dlD
1
2 - fie Ne
; (. 7
4 Ke
5 || xe
6 Rn
7
d block

A

$1.3 Figure 13 The block structure of the periodic table is based on the sublevels of the atom. H and

He are difficult elements to classify. Although they have electron configurations that place them in the

s block, their chemistry is not typical of group 1 or group 2

elements

The position of an element in the periodic table is based on the occupied sublevel of
highest energy in the ground-state atom. Conversely, the electron configuration of an
element can be deduced directly from its position in the periodic table.

Here are some examples.

» Ceasium is in group 1 and period 6 and has the electron configuration: [Xe] 6s'.

» lodine is in group 17 and in period 5 and has the configuration: [Kr] 5s?4d'°5p°.
Placing the 4d sublevel before the 5s gives [Kr] 4d'°5s?5p®. Iodine has 7 valence
electrons, in agreement with the pattern discussed on page 65.

Exercise

Q21. Use the periodic table to find the full ground-state electron configurations
of the following elements.

(@ c (b) Nb
(c) Ge (d) Sb
Q22. Identify the elements that have the following ground-state electron
configurations.
(a) [Ne] 3s?3p? (b) [Ar] 3d>4s?
(c) [Kr] 552 (d) 1s22s22p93s?3p©3d'4s?

Q23. State the total number of p orbitals containing one or more electrons in tin.
Q24. How many electrons are there in all the d orbitals in an atom of barium?
Q25. State the electron configuration of the ion Cd?".

Q26. State the full electron configuration of U?*.



Electron configurations

Challenge yourself

4. State the electron configuration of thorium.

5. Only a few atoms of element 109, meitnerium, have ever been made. Isolation
of an observable quantity of the element has never been achieved and may well
never be. This is because meitnerium decays very rapidly.

(a) Suggest the electron configuration of the ground-state atom of the element.

(b) There is no g block in the periodic table as no elements with outer electrons
in g orbitals exist in nature or have been made artificially. Suggest a
minimum atomic number for such an element.

6. Consider how the shape of the periodic table is related to the three-dimensional
world we live in.

(a) How many 3p and 3d orbitals would there be if only the xand y
dimensions existed?

(b) How many groups in the p and d block would there be in such a
two-dimensional world?

Nature of Science

We have seen how the model of the atom has changed over time. All these
theories are still used today. Dalton’s model adequately explains many
properties of the states of matter, the Bohr model is used to explain chemical
bonding, and the structure of the periodic table is explained by the wave
description of the electron. In science, we often follow Occam’s razor and use
the simplest explanation that can account for the phenomena. As Einstein said
‘Explanations should be made as simple as possible, but not simpler’.

Guiding Question revisited

How can we model the energy states of electrons in atoms?

In this chapter we have developed models of the energy states of electrons in atoms to
explain atomic emission line spectra and patterns in successive ionization energies of
an element, and first ionizations.

* Electromagnetic radiation can be described using a wave model or a particle
model. The speed of the wave (c) is related to the frequency (f) and wavelength
(A) by the expression: ¢ = f A

The existence of lines in an emission spectrum indicates that the electron can
only exist in discrete energy levels. The lines in the spectra converge at high
energies because the gaps between energy levels in the atom decrease at higher
energies.

In the Bohr model of the hydrogen atom, the electron travels in orbits of discrete
radii around the nucleus. This model correctly predicts the frequencies and
wavelengths of the line spectra but does not apply to more complex systems
with more than one electron.

STRUCTURE 1 -3

Do atomic orbitals exist
or are they primarily
useful inventions to aid
our understanding?
What consequences
might questions about
the reality of scientific
entities have for the
public perception and
understanding of the
subject? If they are only
inventions, how is it
that they can yield such
accurate predictions?

69



STRUCTURE Models of the particulate nature of matter

» According to quantum theory, an electron's trajectory can only be described in
terms of probabilities and a wave model of the electron is needed.

* Electrons in the atom occupy atomic orbitals, which are regions in which the electron
is most likely to be found. Two electrons of opposite spin can occupy one orbital.

« Atomic orbitals have different shapes, sizes and energies. Orbitals of the same
energy form sublevels. The first energy level is made up of one sublevel, the
second has two sublevels and so on.

» The ground state configuration of an atom is obtained using the Aufbau
principle, with electrons occupying the available orbitals of lowest energy.

* The periodic table reflects the periodicity of the electron configuration.
Elements with valence electrons in s orbitals are in the s block, elements with
valence electrons in p orbitals are in the p block, and so on.

* The energy of a photon (E,.n) depends on the frequency (f) according to
Planck’s equation:  Ejpoion = hf.

* When an excited electron in an atom loses energy, the energy is given outas a
photon: AEatom = Ephomn

Practice questions

1. Whatis the electron configuration of the Cr?* ion?
A [Ar] 3d°4s! B [Ar] 3d%4s! C [Ar] 3d%4s! D [Ar] 3d*4s°

2. Which is correct for the following regions of the electromagnetic spectrum?

Ultraviolet (UV) Infrared (IR)
A high energy short wavelength | low energy low frequency
B high energy low frequency low energy long wavelength
C high frequency | short wavelength | high energy long wavelength
! D high frequency | long wavelength | low frequency low energy

3. Anion has the electron configuration 1s?2s?2p®3s?3p©3d*°.
Which ion could it be?

|
; A Ni# B Cu' (60 i i D Co*
1 4. In the emission spectrum of hydrogen, which electron transition would
‘ produce a line in the visible region of the electromagnetic spectrum?
A n=2-n=1 B. n=3—+n=2
C n=2—-n=3 D n=co—n=1
5. Which is correct for the line emission spectrum for hydrogen?

A Line M has a higher energy

than line N.
B Line N has a lower frequency
than line M.
C Line M has a longer wavelength
than line N.
D Lines converge at lower energy. M N g PQR
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6. Which electron configuration is correct for the selenide ion, Se??
A 152 25 2p® 3s? 3p® 452 4410 4p*
B 1s?25? 2pS 352 3p6 452 4410 4pb
C  1s?2s? 2p© 352 3p% 452 3d'0 4p*
D 1s?2s? 2p© 3s? 3p® 452 3d'0 4p°

7. The electron configuration of chromium can be expressed as [Ar]4s*3d.
(a) Explain what the square brackets around argon, [Ar], represent. (1)
(b) State the values of xand y. (1)

(c) Annotate the diagram below to show the 4s and 3d orbitals for a
chromium atom. Use an arrow, 1and L to represent a spinning electron.

4s 3d (1)
(Total 3 marks)

8. (a) List the following types of electromagnetic radiation in order of increasing
wavelength (shortest first).

I Yellow light II. Red light
III. Infrared radiation IV. Ultraviolet radiation (1)
(b) Distinguish between a continuous spectrum and a line spectrum. (1)
(Total 2 marks)
9. (a) State the full electron configuration of a bromine atom. (1)

(b) Sketch the orbital diagram of the valence shell of a bromine atom
(ground state) on the energy axis provided. Use boxes to represent orbitals
and arrows to represent electrons.

BEE-
-

(1)
(Total 2 marks)

1
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Counting particles by mass: The mole STRUCTURE H =

Nature of Science

Advances in technology have led to increasingly precise ways of measuring
mass, as well as units derived from it, such as concentration. This means that
values which were previously too low to be detected can now be reported
accurately. This makes possible changes in regulations and laws, such as levels
of pollutants in fluids and of illegal drugs in the bloodstream. Authorities

and governments often depend on measurements such as these in making
judgements and enforcing the law. It is therefore essential that the data
collected are reliable and include clearly stated uncertainties.

How do we quantify matter on the atomic scale?

Chemical change involves interactions between atoms that have fixed mass. Yet the
mass of an individual atom is so small that it is not practical to measure it directly in

a laboratory. The upper limit of precision of very high quality analytical balances is
generally about 1 x 10-*kg, whereas, for example, a single atom of carbon weighs 1.99
x 10-20kg.

Clearly, we need a way to close the gap between what can be measured and what

is happening on the atomic scale. In this chapter we will learn how solving this
problem led to the development of the chemical unit of amount, the mole. The mole

is a fundamental unit in the SI system and is one of the most widely used tools in
chemistry. It allows a form of book-keeping at the atomic level, making that important
link between the measurable mass and the number of reacting particles.

Structure 1.4.1 — The mole as the unit of amount

Structure 1.4.1 — The mole (mol) is the SI unit of amount of substance. One mole
contains exactly the number of elementary entities given by the Avogadro constant.

Convert the amount of substance, n, to the number of specified elementary entities.

An elementary entity may be an atom, a
molecule, an ion, an electron, any other
particle or a specified group of particles.

Avogadro's constant (N,) is given in the data
booklet. It has the units mol™.
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The Avogadro constant defines the mole as the unit
of amount in chemistry

We know that even with the very best experimental apparatus available, we are unable
B L’;ig‘;'{i to measure .the mass of individual atoms in the laboratory dix:ectly. They are simply .too
cary Gutthicactaty l’ - small. This is not really a problem, because all we need to do is to weigh an appropriately
with a worksheetare large number of atoms to give a mass that will be a useful quantity in grams. As atoms
available in the eBook. L = do not react individually but in very large numbers, this approach makes sense. So how

many atoms shall we lump together in our ‘appropriately large number’?

Let us first consider that atoms of different elements have different masses because they
contain different numbers of particles, mostly nucleons in their nucleus, as discussed
in Structure 1.2. This means we can compare their masses with each other in relative
terms. For example, an atom of oxygen has a mass approximately 16 times greater than
an atom of hydrogen, and an atom of sulfur has a mass about twice that of an atom

of oxygen. The good news is that these ratios will stay the same when we increase the
number of atoms, so long as we ensure we have the same number of each type of atom.

100 atoms of H, O and ’ Hydrogen Oxygen Sulfur

S have the same mass | mass of 1 atom 1 16 32
ratio as one atom of each (arbitrary units)

element, 1:16:32. | > ‘

ratio of mass 1 : 16 : 32
mass of 100 1600 3200
100 atoms

&

ratio of mass 1 : 16 : 32

...and so on for any fixed number of atoms

If we could take 6 .02 x 10?* atoms of hydrogen, it would have a mass of 1 g. It follows
from the ratios above that the same number of atoms of oxygen would have a mass of

16 g, while the same number of atoms of sulfur would have a mass of 32g. We now have a
quantity of atoms that we can measure in grams (Figure 1).

1.4 Figure 1 6.02 x 107 P
atoms of H, O and S have
the same mass ratio as one
atom of each element. This
number of atoms gives an
amount that we can see and
measure in grams.

169 32¢g
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This number, accurately stated as 6.02214129 x 10%, is known as the Avogadro
number, and it is the basis of the unit of amount used in chemistry known as the
mole. In other words, one mole of a substance contains the Avogadro number of
particles. Mole, the unit of amount, is one of the base units in the SI system and has the
unit symbol mol.

The example in Figure 1 is illustrative only, as in reality hydrogen and oxygen do

not occur stably as single atoms, but as diatomic molecules, H, and O,, as explained
in Structure 2.2. Other substances exist as particles of different types, so the term
elementary entity is used to cover the broad range of possible particles. An
elementary entity may be an atom, a molecule, an ion, an electron, any other particle
or a specified group of particles.

In 2019, the International Union of Pure and Applied Chemistry (IUPAC) published a

change to the definition of the mole. The new definition emphasizes that the quantity
‘amount of substance’ is concerned with counting entities, rather than measuring the
mass of a sample.

The SI refers to the metric system of measurement based on seven base units. These are
metre (m) for length, kilogram (kg) for mass, second {s) for time, ampere (A) for electric
current, kelvin (K) for temperature, candela (cd) for luminous intensity and mole (mol) for
amount of substance. All other units are derived from these. The S| system is the world's most
widely used system of measurement.

The International Bureau of Weights and Measures (BIPM according to its French initials) is
an international standards organization, which aims to ensure uniformity in the application
of St units around the world. The BIPM officially introduced updated definitions to these base
units, including the mole, in 2019.

So ‘mole’ is simply a word that represents a number, just as ‘couple’ is a word for 2

and ‘dozen’ is a word for 12. A mole is a very large number, bigger than we can easily
imagine or ever count, but it is nonetheless a fixed number. So a mole of any substance
contains the Avogadro number, 6.02 x 10%%, of entities. It can refer to atoms, molecules,
ions, electrons and so on — it can be applied to any entity because it is just a number.
And from this, we can easily calculate the number of particles in any fraction or
multiple of a mole of a substance.

STRUCTURE

Amedeo Avogadro
(1776-1856) was

an ltalian scientist
who made several
experimental
discoveries. He
clarified the distinction
between atoms and
molecules, and used
this to propose the
relationship between
gas volume and
number of molecules.
His ideas were not
accepted in his time,
largely due to a lack of
consistent experimental
evidence. After his
death, when his
theory was confirmed
by fellow Italian
Cannizzaro, his name
was given in tribute to
the famous constant
that he helped to
establish.

The mole is the

S| unit of amount

of substance. One
mole contains
exactly 6.022 x 102
elementary entities.
This number is the
fixed numerical value
of the Avogadro
constant, N,.

4 Each sample contains one

| mole, 6.02 x 102 particles, of

a specific element. Each has

a characteristic mass, known

| as its molar mass. Clockwise
from upper left the elements
are; carbon (C), sulfur (S),
iron (Fe), copper (Cu) and
magnesium (Mg)

|

75



STRUCTURE Models of the particulate nature of matter

The Avogadro
number, 6.02 x
102, is the fixed
numerical value

of the Avogadro
constant, N, which
has the units mol-'.

Experimental
estimation of the
Avogadro constant.
Full details of how

to carry out this
experiment with a
worksheet are available
in the eBook.

Number of particles =
number of moles (n)
x Avogadro constant

(N,).

The magnitude of the
Avogadro constant
is beyond the scale

of our everyday
experience. What is
the difference between
'data’, 'information’ and
‘knowledge'?

/6

The Avogadro constant is so large a number that we cannot comprehend its scale. For example:

* a population of 6.02 x 102 people would need 75 trillion Earths each with the current
population of nearly 8 billion

* 6.02 x 10% pencil erasers would cover the Earth to a depth of about 500m
* 6.02 x 102 drops of water would fill all the oceans of the Earth many times over

Worked example

A tablespoon holds 0.500 moles of water. How many molecules of water are present?

Solution
1.00 mole of water has 6.02 x 102* molecules of water
S0 0.500 moles of water has 0.500 mol x 6.02 x 102* molecules

0.500 mol = 3.01 x 102> molecules of water

Worked example

A solution of ammonia and water contains 2.10 x 102> molecules of H,0 and
8.00 x 10?' molecules of NH;. How many moles of hydrogen atoms are present?

Solution

First total the number of hydrogen atoms.

from water, H,O: number of H atoms = 2 x (2.10 x 102%) = 4.20 x 102
from ammonia, NH;: number of H atoms = 3 x (8.00 x 102) = 0.240 x 10>
so total H atoms = (4.20 x 10%%) + (0.240 x 10%) = 4.44 x 10>

To convert atoms to moles, divide by the Avogadro constant:

23
% x % =0.738 mol H atoms

divide by Avogadro constant, N,

number of particles number of moles, n

/

multiply by Avogadro constant, N,

Using the Avogadro constant to calculate the number of particles in a sample has its uses,
but it still leaves us with numbers that are beyond our comprehension. What is much
more useful, as you have probably realized, is the link between the Avogadro constant
and the mass of one mole of a substance, which is based on the relative atomic mass.
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Nature of Science

Accurate determinations of the Avogadro constant require the measurement
of a single quantity using the same unit on both the atomic and macroscopic
scales. This was first done following Millikan’s work measuring the charge
on a single electron. The charge on a mole of electrons, known as the Faraday
constant, was already known through electrolysis experiments. Dividing

the charge on a mole of electrons, 96 485.3383 C, by the charge on a single
electron, 1.60217653 x 107" C, gives a value for the Avogadro constant of
6.02214154 x 10* mol . Later work used X-ray crystallography of very

pure crystals to measure the spacing between particles and so the volume

of one mole. The validity of data in science is often enhanced when different
experimental approaches lead to consistent results.

Exercise

Q1. Calculate how many hydrogen atoms are present in:
(a) 0.020 moles of C,H;OH
(b) 2.50 moles of H,O
(c) 0.10 moles of Ca(HCO;),

Q2. Propane has the formula C;Hg. If a sample of propane contains 0.20 moles
of C, how many moles of H are present?

Q3. Calculate the amount of sulfuric acid, H,SO,, which contains 6.02 x 10
atoms of oxygen.

Structure 1.4.2 — Relative atomic mass and

relative formula mass

Structure 1.4.2 — Masses of atoms are compared on a scale relative to 2C and are
expressed as relative atomic mass (A,) and relative formula mass (M,).

Determine relative formula masses (M,) from relative atomic masses (4,).

Structure 3.1 — Atoms increase in mass as
their position descends in the periodic table.
What properties might be related to this
trend?

Relative atomic mass and relative formula
mass have no units.

The values of relative atomic masses given to
two decimal places in the data booklet should
be used in calculations.

The isotope carbon-12 is used as the reference
point for comparing masses of atoms

Relative atomic mass

On page 74 the whole numbers used to compare the masses of the elements H, O and
S are approximate. This is mostly because of the existence of isotopes, atoms of the
same element that differ in their mass, as is explained in Structure 1.2. A sample of an

STRUCTURE 1 -4

When multiplying or
dividing, the answer
should be given to
the same number of
significant figures as
the data value with
the least number of
significant figures
When adding or
subtracting, the answer
should be given to
the same number
of decimal places as
the data value with
the least number of
decimal places.
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Relative atomic
mass, A,, is the
weighted average
mass of one atom of
an element relative

to %the mass of an
atom of carbon-12.

A, values are often
rounded to whole
numbers for quick
calculations, but when
using values for more
accurate calculations,
it is usually best to use
the exact value given
in section 7 of the data
booklet.

Structure 3.1 - Atoms
increase in mass as their
position descends in
the periodic table. What
properties might be
related to this trend?

Note that the term
relative molecular mass
was previously used,
but can accurately

be applied only to
substances that exist
as molecules, The term
relative formula mass is
preferred as it is more
inclusive. It can be
applied to both ionic
and covalently bonded
entities.
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element containing billions of atoms will include a mix of these isotopes according
to their relative abundance. The mass of an individual atom in the sample is therefore
taken as a weighted average of these different masses.

The relative scale for comparing the mass of atoms needs a reference point. The
international convention for this is to take the specific form of carbon known as the
isotope carbon-12 as the standard, and assign this a value of 12 units. In other words,
one twelfth of an atom of carbon-12 has a value of exactly 1.

Putting this together, we can define the relative atomic mass as follows:

weighted average mass of one atom of the element

relative atomic mass, A, = 2
15 mass of one atom of carbon-12

Values for A, do not have units as it is a relative term, which simply compares the mass
of atoms against the same standard. As they are average values, they are not whole
numbers. Section 7 of the data booklet gives A, values to two decimal places. Some
examples are given below.

Element Relative atomic mass (A,)
carbon C 12.01
oxygen O 16.00
hydrogen H 1.01
lithium Li 6.94
sodium Na 22.99
potassium K 39.10

You will notice that the A, of carbon is slightly greater than the mass of the isotope
carbon-12 used as the standard, suggesting that carbon has isotopes with mass
number greater than 12. In Structure 3.2 we discuss how relative atomic mass is
calculated from isotope abundances, using data from mass spectrometry.

The table shows the increase in relative atomic mass of group 1 elements H, Li, Na and
K as we descend the group. Successive elements in the group also have an additional
energy level of electrons, which increases the atomic radius and therefore the distance
of the outermost electrons from the nucleus. The larger atoms tend to lose electrons
more easily, increasing their reactivity as metals. This is discussed in greater detail in
Structure 3.1.

Challenge yourself

1. Periodic tables usually, but not always, position hydrogen at the top of group 1.
What are the arguments for and against different positions for the placement of
hydrogen in the periodic table?

Relative formula mass

We can extend the concept of relative atomic mass to compounds (and to elements
occurring as molecules) to obtain the relative formula mass, M,. This simply involves
adding the relative atomic masses of all the atoms or ions present in its formula. Note
that M,, like A,, is a relative term and so has no units.
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< One mole of different
compounds, each showing
the molar mass. The chemical

formulas of these ionic

compounds are, clockwise
from lower left: NaCl, FeCl,,

CuSOy, KI, Co(NOs), and

Tron (111) chloride 270.3g ' de 166 KMnO,

Challenge yourself

2. Three of the compounds in the photograph above are hydrated, containing
water of crystallization as described on page 85. Use the formulas given in the
caption and the masses marked on the photograph to deduce which compounds
are hydrated, and the full formula of each.

Worked example

Use the values for A, in Section 7 of the data booklet to calculate the M,
of the following:

(a) chlorine Cl,
(b) ammonium nitrate NH,;NO;

(c) aluminium sulfate Al,(SO,);

Relative formula
mass, M,, is the sum
of the weighted
average of the atoms
of an elementin a
formula unit relative

to 15 of an atom of
carbon-12.

Solution

(a) M,=35.45x2=70.90

(b) M,=14.01+ (1.01 x 4) + 14.01 +(16.00 x 3) = 80.06
(€) M,=(26.98 x 2) +[32.07 + (16.00 x 4)] x 3 =342.17

Exercise

Q4. The two most common isotopes of chlorine are **Cl and *’Cl. The A, of
chlorine is 35.45. What can you conclude about the relative abundance of
these two isotopes? (no calculation required)

Q5. Calculate the M, of the following compounds:
(a) magnesium phosphate Mg;(PO,),
(b) ascorbic acid (vitamin C) C;HgOy
(c) calcium nitrate Ca(NO-),
(d) hydrated sodium thiosulfate Na,$,0;.5H,0
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Structure 1.4.3 — Molar mass

Structure 1.4.3 — Molar mass (M) has the units gmol .

Solve problems involving the relationships between the number of particles, the amount of
substance in moles and the mass in grams.

s m i
The relationship n= M Reactivity 2.1 — How can molar masses be
G used with chemical equations to determine
is given in the data booklet. :

the masses of the products of a reaction?

Molar mass is the mass of one mole of a substance

The Avogadro constant is defined so that the mass of one mole of a substance
is exactly equal to the substance’s relative atomic mass or relative formula mass

The molar mass
of a substance is expressed in grams. This is known as the molar mass and is given the symbol M with

its relative atomic the unit gmol™, which is a derived SI unit. Using examples discussed already in this

mass, A,, or its

: chapter, we can now deduce the following.
relative formula

r?r?i:r:ﬂn;se::ir:: ii: Element or compound Molar mass (M)
units g mol'. hydrogen H 1.01 gmol™!

‘ oxygen O 16.00g mol™!

chlorine Cl, 70.90g mol™!

ammonium nitrate NH,;NO; 80.06 g mol™!

aluminium sulfate Al,(SO,), 342.17 gmol™!

Now we are able to use the concept of the mole to make that all-important link
between the number of particles and their mass in grams. The key to this is
conversions of grams to moles and moles to grams. The following notations are
used for these calculations:

* n=number of moles (mol)

* m=massin grams (g)

* M = molar mass (gmol™)

/ multiply by molar mass, M \

number of moles, n mass, m

\ divide by molar mass, M /
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Worked example

What is the mass of the following?
(a) 6.50 moles of NaCl

(b) 0.10 moles of OH~ ions

Solution

In all these questions, we must first calculate the molar mass, M, to know the mass
of 1 mole in g mol™!. Multiplying M by the specified number of moles, n, will then
give the mass, m, in grams.

(@) M(NaCl)=22.99 + 35.45 = 58.44 g mol
n(NaCl) = 6.50 mol
- m(NaCl) = 58.44gmol™! x 6.50mol = 380g
(b) OH-ions carry a charge because electrons have been transferred, but change to
the mass is negligible so can be ignored in calculating M.
M(OH") =16.00 + 1.01 = 17.01 gmol-!
n(OH") = 0.10mol
- m(OH")=17.01gmol ™ x0.10mol =1.7 g

Worked example

What is the amount in moles of the following?
(@) 32.50g (NH,),SO, (b) 273.45g N,O,

Solution

Again we calculate the molar mass, M, to know the mass of one mole. Dividing the
given mass, m, by the mass of one mole will then give the number of moles, n.

(a) M((NH,),S0,) = [14.01 + (1.01 x 4)] x 2+ 32.07 + (16.00 x 4) = 132.17 gmol~!
m ((NH,),S0,) = 32.50g

32.50¢g

T 1Tomel! 3217 gmol =0.2459 mol

= n((NH4),SO,)
(b) M(N,Os) = (14.01 x 2) + (16.00 x 5) = 108.02g mol-!

273.45¢g

= n(N,O5) = WOI—"’ =2.532 mol

These simple conversions show that:

mass
molar mass

n(mol ) = m )

number of moles = —W

This is a very useful relationship and it is better for you to understand how it is derived,
rather than just memorizing it.

Dimensional
analysis, or the
factor-label method,
is a widely used
technique to determine
conversion factors on
the basis of cancelling
the units. This method
is not specifically
used in the examples
here, but the units are
shown through the
calculations. This can
be helpful to check
that the units on both
sides of the equation
are balanced, and are
appropriate for the
answer, which is often
a useful check on the
steps taken. The units
on both sides of the
equation cancel to

be balanced. As in all
cases, there is no one
correct way to set out
calculations, so long as
the steps are clear.
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The diagram below summarizes the central role of the number of moles, n, in
converting between the number of particles and the mass in grams.

Calculations involving
mass in chemistry
always involve
COﬂ‘IE-’tIHg grams \
to moles and moles / Y
to grams. Think of number of number of mass in
these conversions as particles moles, n grams
fundamental tools "

/
for chemists, and so / ht\ f
make sure you are 2, S /
fully comfortable with & Q& \}

(7%

% N

W/, ) Yy

carrying them out yb}'Angadro co® "de by molar ﬁ\ass‘
effectively.

&(\Q\V by molar p, 55

Chemical equations show the simplest ratio of chemical entities reacting together.

oLt e E,%?:;;sg As molar masses represent a fixed number of entities, these M values can be used
mi(g) directly in chemical equations to calculate the relative masses that react. For example,
n(mol) = W' in the equation for the combustion of hydrogen, we can deduce the following:
2H,e) + Ofg ~— 2H,0()
reacting ratio 2 molecules 1 molecule 2 molecules
moles 2 moles 1 mole 2 moles
j grams 2x(1.01%x2)  16.00x2 2 % [(1.01 x 2) + 16.00]
5 = 404g =3200g =3604g

i This simple example shows that 36.04g of water can be produced from the
Reactivity 2.1 - How can : Eaiie .
ol miasses bevsed y combustion of 4.04 g of hydrogen. This type of calculation is the basis of all work on

with chemical equations measuring the yield of industrial processes, considerations of atom economy and
to determine the masses other aspects of Green Chemistry. These applications are discussed in more detail in
of the products of a

Reactivity 2.1.

Q6. Calcium arsenate Ca;(AsOy), is a poison that was widely used as an
insecticide. What is the mass of 0.475 mol of calcium arsenate?

reaction?

Q7. How many moles of carbon dioxide are there in 66 g of carbon dioxide, CO,?

Q8. How many moles of chloride ions, Cl-, are there in 0.50g of copper(II)
chloride, CuCl,?

Q9. How many carbon atoms are there in 36.55 g of diamond (which is
pure carbon)?

Q10. What is the mass in grams of a 0.500 mol sample of sucrose, C;,H,,0,,?

Q11. Which contains the greater number of particles, 10.0g of water, H,0, or

10.0g of mercury, Hg?

Q12. Put the following in descending order of mass.
I.  1.0mol N,H, II. 2.0molN,
III. 3.0mol NH, IV. 25.0mol H,
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Structure 1.4.4 — Empirical and molecular

formulas

Structure 1.4.4 — The empirical formula of a compound gives the simplest ratio of
atoms of each element present in that compound. The molecular formula gives the
actual number of atoms of each element present in a molecule.

Interconvert the percentage composition by mass and the empirical formula.
Determine the molecular formula of a compound from its empirical formula and molar mass.

Tool 1 —How can experimental data on mass
changes in combustion reactions be used to
derive empirical formulas?

Nature of Science, Tool 3, Structure 3.2 -
What is the importance of approximation in

the determination of an empirical formula?

The empirical formula of a compound gives the
simplest ratio of its atoms

Magnesium burns brightly in air to form a white solid product. If we want to know
how many atoms of magnesium combine with how many atoms of oxygen in this
reaction, we can use the central role of the mole to relate the number of reacting
particles to the measured mass.

The steps in the process are:

* calculate the moles of Mg from the measured mass of Mg used

* calculate the moles of oxygen that reacted from the increase in mass on heating

» express the ratio of moles Mg:moles O in its simplest form

* the ratio of moles is the ratio of atoms, so we can deduce the simplest formula A
of magnesium oxide.

Magnesium

a bright whit

combining wit

magnesium ribbon crucible

tripod
or stand

Bunsen burner

| to measure
mass changes on burning
magnesium.
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Determining the
empirical formula of a
compound. Full details

of how to carry out
this experiment with a
worksheet are available
in the eBook

Tool 1 - How can
experimental data

on mass changes in
combustion reactions
be used to derive
empirical formulas?

Nature of Science,

Tool 3, Structure 3.2 -
What is the importance
of approximation in the
determination of an
empirical formula?

The empirical
formula is the
simplest whole-
number ratio of
the elementsin a
compound.
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An experiment for determining the empirical formula of magnesium oxide can be
found on this page of your eBook (see Skills box on the left). Sample processed data for

this experiment are given below.

Magnesium, Mg Oxygen, O
Mass | g +0.002 0.043 0.029
M [gmol! 24.31 16.00
Moles [ mol 0.00177 0.00181

ratio moles Mg:moles O =1:1.02
So the ratio atoms Mg:atoms O approximates to 1:1.

From the result of this experiment, we conclude that the formula of magnesium oxide
is MgO. This is known as an empirical formula, which gives the simplest whole-
number ratio of the atoms of each element in a compound.

Empirical formulas are often derived from combustion data such as these. As the
result must be a whole number ratio, some rounding of the numbers is often required,
as we saw above. Sometimes this may involve a further mathematical step.

For example, data from combustion analysis gave:
ratio of atoms Fe:atoms O =1:1.5
multiplying by 2 gives ratio of atoms Fe : atoms O = 2:3

so the empirical formula is Fe,O;

Judging when approximation is a valid process in a calculation is an important tool in
science. The need for approximation can sometimes indicate experimental errors. Where
systematic errors can be identified, modifications to the experiment can lead to increasing
the accuracy of the result.

Nature of Science

Scientific investigations based on quantitative measurements are subject to
errors, both random and systematic. Analysis of the impact of these errors
is inherent in the practice of science. It is good practice in all experimental
work to record the sources of errors, consider their effect on the results, and
suggest modifications that aim to reduce their impact. Scientists have the
responsibility to communicate their results as realistically and honestly as
possible, and this must include uncertainties and errors.

Worked example

Which of the following are empirical formulas?
I.  C4Hgbenzene II. C;Hgpropane

III. N,O, dinitrogen tetroxide IV. Pb(NO;), lead nitrate

Solution

Only Il and IV are empirical formulas, as their elements are in the simplest whole-
number ratio.

I has the empirical formula CH; III has the empirical formula NO,.
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STRUCTURE f = -

The formulas of all ionic compounds, made of a metal and a non-metal such as
magnesium oxide, are empirical formulas. This is explained in Structure 2.1. But as we
see in 1 and I11 in the worked example above, the formulas of some covalent compounds
are not empirical formulas. We will learn about molecular formulas in the next section.

Worked example

A sample of urea contains 1.210g N, 0.161 g H, 0.480¢g C and 0.640g O.
What is the empirical formula of urea?

Solution

* Convert the mass of each element to moles by dividing by its molar mass, M.
* Divide by the smallest number to give the ratio.

* Approximate to the nearest whole number.

Element Nitrogen, N | Hydrogen,H | Carbon,C | Oxygen, O

mass | g 1.120 0.161 0.480 0.640

M [ g mol™ 14.01 1.01 12.01 16.00

number of moles [ mol 0.0799 0.159 0.0400 0.0400 |

divide by smallest 2.00 3.98 1.00 1.00 ~|

nearest whole number ratio | 2 4 1 1 f
1

So the empirical formula of urea is N,H,CO, usually written as CO(NH,),.

‘ Hydrated copper sulfa
| CuSO,.5H,0, is blue due
| to the presence of water
| of crystallization within the
| molecular structure of the
crystals. The anhydrous
form is white, as shown
in the lower part of the
| tube. Heating removes the
water molecules, leading to
| the colour being lost. The
| process is reversible, and
| the addition of water to the
| anhydrous crystals restores
their blue colour.

|
i
|
|
|

A modification of this type of question is to analyze the composition of a hydrated
salt. These are compounds that contain a fixed ratio of water molecules, known as
water of crystallization, within the crystalline structure of the compound. The water
of crystallization can be driven off by heating, and the change in mass used to calculate
the ratio of water molecules to the anhydrous salt. The formula of the hydrated salt is
shown with a dot before the number of molecules of water, for example CaCl,.4H,0.

Empirical formulas and percentage composition by mass can
be interconverted

Data on the composition of a compound are often given as percentage by mass.
Percentage data effectively give us the mass present in a 100 g sample of the compound.
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When working with
percentage figures,
always check that

they add up to 100.
Sometimes an element
is omitted from the data
and you are expected to
deduce its identity and
percentage from the
information given.

Fertilizers contain
nutrients that are
added to the soil,
usually to replace those
used by cultivated
plants. The elements
needed in the largest
quantities, so-called
macronutrients,
include nitrogen,
phosphorus and
potassium. Fertilizers
are often labeled

with an N-P-K rating,
such as 30-15-30, to
show the quantities

of each of these three
elements. The numbers
indicate respectively
the percentage by
mass, N, percentage
by mass diphosphorus
pentoxide, P,Os, and
percentage by mass
potassium oxide, K;O.
The percentage data
for PzO5 and Kzo
represent the most
oxidized forms of
elemental phosphorus
and potassium
present in the fertilizer.
Ammonium salts are
the most common
source of nitrogen used
in fertilizers.
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Converting percentage by mass to empirical formulas

We can use percentage by mass data in the same way as in the examples above to
determine the ratio of moles of each element in a compound.

* Divide the percentage mass of each element by its molar mass, M, to convert it
to moles.

* Divide the moles of each element by the smallest number to give the ratio of moles.

* Approximate to the nearest whole number.

Worked example

The mineral, celestine, consists mostly of a compound of strontium, sulfur and
oxygen. It is found by combustion analysis to have the composition 47.70% by
mass Sr, 17.46% sulfur and the remainder is oxygen. What is its empirical formula?

Solution

First we must calculate the percentage of oxygen by subtraction of the total given
masses from 100.

% O =100—(47.70 + 17.46) = 34.84

Element Strontium, Sr | Sulfur, S Oxygen, O
% by mass 47.70 17.46 34.84
M [gmol! 87.62 32.07 16.00
moles 0.5443 0.5444 2.178
divide by the smallest | 1.000 1.000 4.001

So the empirical formula of the mineral is SrSO,

<« The label on a fertilizer ba

g shows the
GENERAL PURPOSE 20-10-20 percentage by mass of macro- and
(For continuous liquid feed programs) micronutrients that it contains
Guaranteed analysis F1143
Total nitrogen (N) 20%
7.77% ammoniacal nitrogen
12.23% nitrate nitrogen
Available phosphate (P,0.) 10%
Soluble potash (K,0) 20%
Magnesium (Mg)(Total) 0.05%
0.05% Water soluble magnesium (Mg)
Boron (B) 0.0068%
Copper (Cu) 0.0036%
0.0036% Chelated copper (Cu)
Iron (Fe) 0.05%
0.05% Chelated iron (Fe)
Manganese (Mn) 0.025%
0.025% Chelated manganese (Mn)
Molybdenum (Mo) 0.0009%
Zinc (Zn) 0.0025%
0.0025% Chelated zinc (Zn)
Derived from: ammonium nitrate, potassium phosphate, potassium nitrate,
magnesium sulfate, boric acid, copper EDTA, manganese EDTA, iron EDTA,
zinc EDTA, sodium molybdate. Potential acidity: 487 Ibs. calcium carbonate
equivalent per ton.
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3. A fertilizer has an N-P-K rating of 18-51-20. Use the information in the box
above to determine the percentage by mass of nitrogen, phosphorus and
potassium present.

Challenge yourself

An understanding of percentage by mass data helps to evaluate information that is
commonly given on products such as foods, drinks, pharmaceuticals, household
cleaners as well as fertilizers. For example, a common plant fertilizer is labeled as
pure sodium tetraborate pentahydrate, Na,B,0,.5H,0, and claims to be 15.2% boron.
How accurate is this claim?

Converting empirical formulas to percentage by mass

We can see in the example above that, even though the mineral celestine has only

one atom of strontium for every four atoms of oxygen, strontium nonetheless \
accounts for 47.70% of its mass. This, of course, is because an atom of strontium has ‘[
significantly greater mass than an atom of oxygen, and the percentage by mass of |
an element in a compound depends on the total contribution of its atoms. We can
calculate this as follows.

E
Worked example |
|

What is the percentage by mass of N, H and O in the compound ammonium
nitrate, NH,NO,?

Solution

First calculate the molar mass M:
M (NH,NO3) = 14.01 + (1.01 x 4) + 14.01 + (16.00 x 3) = 80.06g mol !

Then for each element, total the mass of its atoms, divide by M and multiply by 100:

%N = 140052 100 = 35.00 % by mass |
%H=1—"%6—4x 100 = 5.05 % by mass
%O=1—%-8—%2—3x 100 = 59.96 % by mass

(or this last term can be calculated by subtraction from 100)

Finally check that the numbers add up to 100%.
Note that rounding here means that the total is 100.01%
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Itis possible for
different compounds
to have the same
empirical formula but
different molecular
formulas. This is
particutarly the case in
organic chemistry.

The molecular
formula shows all
the atoms present
in a molecule. It is
a multiple of the
empirical formula.
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The molecular formula of a compound gives the actual number
of atoms in a molecule

The empirical formula gives us the simplest ratio of atoms present in a compound, but
this may not be the full information about the actual number of atoms in a molecule.
For example, CH, is an empirical formula but there is no molecule that exists with

just one atom of carbon and two atoms of hydrogen. There are many molecules with
multiples of this ratio, such as C,H,, CsH, and so on. Formulas that show all the atoms
present in a molecule are called molecular formulas.

The molecular formula can be deduced from the empirical formula if the molar mass
is known.

(mass of empirical formula), = M where x is an integer

Worked example

Calomel is a compound once used in the treatment of syphilis. It has the empirical
formula HgCl and a molar mass of 472.08 g mol'. What is its molecular formula?

Solution

First calculate the mass of the empirical formula:
mass(HgCl) = 200.59 + 35.45 = 236.04g mol™!
(236.04), = M = 472.08

SX=2

molecular formula = Hg,Cl,

A

A molecular model of the stimulant caffeine. The atoms are color-coded as follows: black = carbon,
grey = hydrogen, red = oxygen, blue = nitrogen. Can you deduce the molecular formula, the empirical
formula and the molar mass of caffeine?
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Combustion analysis usually gives data on the mass of

compounds formed

The data presented so far may suggest that combustion analysis directly gives
information on the relative masses of individual elements in a compound. In fact this
is rarely the case, but instead elements are converted into new compounds, typically
their oxides, by reaction with oxygen. So the primary data obtained are the masses
of carbon dioxide, water, sulfur dioxide and so on, which are measured by infrared
absorption, and are described in Structure 3.2. Processing these data simply involves
an extra step.

Worked example ‘

A 0.5438 g sample of a compound known to contain only carbon, hydrogen and
oxygen was burned completely in oxygen. The products were 1.0390g CO, and
0.6369 g H,0. The compound has a molar mass of 46.08 g mol".

Determine the empirical formula and the molecular formula of the compound. |

Solution

First we must convert the mass of each product to moles in the usual way. From the
number of moles of CO, and H,0O we can deduce the number of moles of C atoms
and H atoms.

o 1.0390 -
n(CO,) = 1201 + (1600 % 2) - 0.02361 mol CO, = 0.02361 mol C atoms

;
W%éz_)li_‘)m =0.03534mol H,0 = 0.03534 x 2 |

=0.07068 mol H atoms

n(H,0) =

In order to know the mass of O in the original sample, we must convert the number
of moles of C and H atoms to mass by multiplying by their molar mass, M.

mass C = 0.02361 mol x 12.01 gmol =0.2836¢

mass H = 0.07068 mol x 1.01 gmol! =0.07139g

.. mass O =0.5438 - (0.2836 + 0.07139) = 0.1888 ¢

0.1888¢ |

ngoij =0.01180mol

Now we can proceed as with the previous examples, converting mass of O to moles

mol O atoms =

and then comparing the mole ratios.

Element Carbon, C Hydrogen,H | Oxygen, O
mass [ g 0.1888
moles 0.02361 0.07068 0.0118
divide by smallest 2.00 5.98 1.00
nearest whole number ratio | 2 6 1
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So the empirical formula is C,H,O

90

Mass of empirical formula = (12.01 x 2) + (1.01 x 6) + 16.00 = 46.08 g mol~!

(mass of empirical formula), = M

(46.08), = 46.08gmol " .. x=1

molecular formula = C,H,O

Q13.

Q14.

Q15.

Q16.

Q17.

Qi8.

Q19.

Q20.

Q21.

Q22.

Give the empirical formulas of the following compounds:

(a) ethyne C,H, (b) glucose C;H,,0,

(c) sucrose C,,H,,0,; (d) octane CgHgq

(e) oct—1-yne CgH,, (f) ethanoic acid CH;COOH

A sample of a compound contains only the elements sodium, sulfur and

oxygen. It is found by analysis to contain 0.979g Na, 1.365g Sand 1.021g O.
Determine its empirical formula.

A sample of a hydrated compound was analyzed and found to contain
2.10g Co, 1.14g S, 2.28 g O and 4.50g H,0. Determine its empirical formula.

A street drug has the following composition: 83.89% C, 10.35% H, 5.76% N.
Determine its empirical formula.

The following compounds are used in the production of fertilizers.
Determine which one has the highest percentage by mass of nitrogen:
NH;, CO(NH),, (NH,),50.

A compound has the formula M;N where M is a metal and N is nitrogen. It
contains 0.673g of N per gram of the metal M. Determine the relative atomic
mass of M and so its identity.

Compounds of cadmium are used in the construction of photocells. Show
which of the following has the highest percentage by mass of cadmium:
CdS, CdSe, CdTe.

Benzene is a hydrocarbon, a compound of carbon and hydrogen only.
It is found to contain 7.74% H by mass. Its molar mass is 78.10g mol.
Determine its empirical and molecular formulas.

A weak acid has a molar mass of 162 g mol'. Analysis of a 0.8821 g sample
showed the composition by mass is 0.0220¢ H, 0.3374 g P and the remainder
oxygen. Determine its empirical and molecular formulas.

ATP is an important molecule in living cells. A sample with a mass of
0.8138 g was analyzed and found to contain 0.1927 g C,0.02590¢ H,
0.1124g N, and 0.1491 g P. The remainder was oxygen. Determine the
empirical formula of ATP. Its formula mass was found to be 507 g mol..
Determine its molecular formula.
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Q23. A 0.30g sample of a compound that contains only carbon, hydrogen and
oxygen was burned in excess oxygen. The products were 0.66 g of carbon
dioxide and 0.36 g of water. Determine the empirical formula
of the compound.

Q24. You are asked to write your name on a suitable surface, using a piece of chalk
that is pure calcium carbonate, CaCO;. How could you calculate the number
of carbon atoms in your signature?

Structure 1.4.5 — Molar concentration

Structure 1.4.5 — The molar concentration is determined by the amount of solute and
the volume of solution.

Solve problems involving the molar concentration, amount of solute and volume of solution.

|
The use of square brackets to represent molar | Tool 1 — What are the considerations in “
concentration is required. the choice of glassware used in preparing a ‘

; . : standard solution and a serial dilution?
Units of concentration should include gdm~*

and moldm~ and conversion between these. | Tool 1, Inquiry 2 —How can a calibration
curve be used to determine the concentration
of a solution?

The molar concentration of a solution is based on
moles of solute and volume of solution

When we are working with liquids, we often focus on measuring their volume. Some
liquids in common use are pure substances, such as water (H,0), bromine (Br,) and hexane
(CgH, ), but more commonly liquids are solutions containing two or more components.

A solution is a homogeneous mixture of two or more substances, which may be solids,
liquids or gases, or a combination of these. The solvent is the component present in the
greatest quantity, in which the solute is dissolved. Some examples of solutions include:

* solid / solid: metal alloy such as brass (copper and zinc)

« solid [ liquid: seawater (salt and water), aqueous copper sulfate (copper sulfate |
and water)

* liquid | liquid: wine (ethanol and water)

* gas [ liquid: fizzy drinks (carbon dioxide and water)

In this section we will be considering solutions made by dissolving a solid solute in a
liquid solvent.

4 A solution is made by
solute dissolving a solute in a
solvent.
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The molar
concentration of

a solution refers

to the amount of
solute per volume of
solution. It has the
units moldm=3 and
is often shown using
square brackets.

moles of solute (mol)
= concentration of
solute (moldm-3) x
volume of solution
(dm?)

n=cV

Note that concentration
is specified per volume
of final solution, not

per volume of solvent
added. This is because
volume changes occur
on dissolving the solute.
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For solutions, we express the amount as its concentration. The molar
concentration of a solution (¢) is determined by the amount of solute (n) and the
volume of solution (V).

) ) amount of solute (mol)
molar concentration of solution (moldm=3) = : s
volume of solution (dm?)

_—
orc=y;
.. amount of solute (mol) = conc (moldm™) x volume (dm? orn=cV

A useful convention in chemistry is to use square brackets to represent ‘the molar
concentration’ of a solution. For example, [HCI] = 1.0moldm~>.

Worked example

A student is supplied with a solution of NaCl(aq) of concentration 0.400 mol dm->.
He needs 0.250 mol of NaCl. What volume of solution, in cm?, should he use?

Solution

Substituting the values given into the equation:n=cV
0.250 mol = 0.400 moldm™ x V

e 0.250 mol
= 0.400 mol dm™*

1dm?=1000cm?=> 0.625dm?= 625cm?

=0.625dm*?

Concentration can also be expressed as mass of solute (g) per volume of solution (dm?).

) ) mass of solute (g)
concentration of solution (gdm~) = : 5
volume of solution (dm?)

We can use molar mass to convert grams to moles in order to obtain the molar
concentration.

Worked example

What is the molar concentration of a solution of sodium carbonate, Na,CO;
that has a concentration of 4.24 g dm?

Solution

M(Na,CO») = (22.99 x 2) + 12,01 + (16.00 x 3) = 105.99 g mol"!
Substituting the values given in the equation: m = nM

4.24g = n (mol) x 105.99 g mol ™!

424¢

770599 g mol™!

=(0.0400 mol

.. [Na,CO;] = 0.0400 mol dm™3
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(b) (9 (d)

(e) = 10¢m? I = {

(f) = B —@E000000000000000000000000000000000O0DONOODOONoonnon

A |

§1.4 Figure 2 Glassware commonly used in the laboratory. (a) conical or Erlenmeyer flask, its shape

makes it easy to mix liquids as the flask can be easily swirled; (b) beaker; (c) measuring or graduated

cylinder; (d) volumetric flask; (e) pipette; (f) burette

The term molarity, M,
has been widely used
to express amount
concentration, but it is
falling out of common
usage. It will not be
used in IB examination
questions, so make
sure you are fully
familiar with the terms
mol dm-3and g dm-.
(Note that M is used
specifically to refer to
molar mass.)

Challenge yourself

4. When sodium hydroxide pellets (NaOH) dissolve in water, there is a decrease in
the total volume of the solution. Explain what might cause this.

A

Different types of laboratory glassware, some of which are identified in Figure 2.

In quantitative work, it is essential to select glassware that measures volume to an
appropriate level of precision. Most glassware is marked with a given uncertainty at a
specified temperature — the smaller the uncertainty, the more precise the measurement.
Beakers and conical flasks have very large uncertainties and are not used for precise
volume measurements. Different manufacturers calibrate glassware to different levels of
precision, but some typical values for laboratory apparatus are shown below.

Glassware Volume [ cm? + Uncertainty [cm? | Uncertainty | % Igzlsi:j ;rzzgitj;et:le
beaker 50 5 10 choice of glassware in
measuring cylinder 50.0 0.5 1 f;ﬁ?;:i : dsfnsefj::lj

burette 50.00 0.05 0.1 dilution?

The accuracy of a measurement is increased by using glassware with the smallest
adequate volume. For example, if we need 40 cm® of liquid, we choose a measuring
cylinder of 50 cm® rather than one of 100 cm?. It is also important to read the volume at
the bottom of the meniscus when the glassware is supported on a horizontal surface.
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STRUCTURE

|

Chemists routinely prepare solutions of known concentration, referred to as standard
solutions. The mass of solute required is accurately measured and then transferred
carefully to a volumetric flask, which is precisely calibrated for a specific volume. The
solvent is added steadily with swirling to help the solute to dissolve, until the final level
reaches the mark on the flask. Note that distilled water, not tap water, must be used as
the solvent in the preparation of all aqueous solutions.

Worked example

Explain how you would prepare 100 cm® of a 0.10 mol dm~ solution of NaCl.

x’;gx..,,.- Solution

A

Volumetric flask showing
volume of 5000 cm? and
uncertainty of +1.2cm? at
20°C. What percentage
uncertainty is this?

Ensure that cm?are converted to dm? by dividing by 1000.

, n=cV

100
1000

n=0.10moldm x dm?3=0.0100mol

M(NaCl) = 22.99 + 35.45 = 58.44gmol™

Add 0.584 g NaCl(s) to a 100 cm?volumetric flask, and make up to the mark with

‘r
l
|
' .. mass required = 0.0100 mol x 58.44gmol™! =0.584¢
|
; distilled water.

A standard
solution is one of
accurately known
concentration.

A different unit of
concentration is known
as ppm, parts per
million. It denotes one
part per 10° parts of the
whole solution, and is
useful in describing very
low concentrations.
This unit is widely used
in reporting levels of
pollutants in air, water,
soil and food. For
example, in the USA the
FDA has set a maximum
permissible level of 1
part of methylmercury
in'a million parts of
seafood (1 ppm),

Label on water bottle

listing the mineral content in
milligrams per dm?
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The increased popularity, in many countries, of bottled water over tap water for drinking has
raised several concerns, including the environmental costs of transport and packaging, and
the source of the water-and its solute (dissolved mineral) content. Significant differences exist
in the regulation of the bottled water industry in different countries. In the USA, the Food
and Drug Administration (FDA) requires that mineral water should contain between 500 and
1500 mgdm -3 of total dissolved solids. In Europe, mineral water is defined by its origin rather
than by content, and the European Union prohibits the treatment of any water bottled from
a source. The global cost of bottled water exceeds billions of dollars annually. As the United
Nations General Assembly has explicitly recognized that access to safe, clean and affordable
drinking water is a human right, there is an urgent need for money and technology to be
diverted to improving tap water supplies globally to help make this a reality for all,
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Dilutions of solutions reduce the concentration

A

A series of dilutions of cobalt(ll) chloride solutions. In coloured solutions such as these, the effect of
lowering the concentration of the solution can be observed.

As a solution is diluted, the number of moles of solute remains the same, but because
the volume of solution increases, the concentration decreases. In other words, the
number of moles n = a constant, and as n = ¢V = ¢ V must be constant through dilution.

-6V =6V, where ¢,V refer to the initial concentration and volume, respectively,
and c,V, refer to the diluted concentration and volume, respectively.

This equation provides an easy way to calculate concentration changes on dilution.

Worked example

Determine the final concentration of a 75 cm? solution of HCl of concentration
0.40 mol dm™3, which is diluted to a volume of 300 cm®.

Solution

aVi=¢6V;

¢ =0.40moldm=>;V, =75cm? V, = 300cm’?
. (0.40moldm™) x (75cm?) = ¢, x (300 cm?)
¢, diluted concentration = 0.10 moldm~?

A quick check shows that the volume has increased four times, so the
concentration must have decreased four times.

A serial dilution is a series of dilutions of a standard solution, where the concentration
is reduced by a fixed amount at each step. It generates a series of solutions of known
concentration, e. g. 1.00moldm~?, 0.100moldm™, 0.0100 mol dm~?, 0.00100 moldm~>.
Dilution is carried out into volumetric flasks so that the final volume of the solution is
measured, taking account of volume changes that may occur on dilution.

STRUCTURE

A common practice in
laboratory work is to
make a dilution from
a more concentrated
starting solution called
the stock solution,
by adding solvent. For
all agueous solutions,
distilled water, rather
than tap water, must
be used.

Note that in the
equation ¢V, = ¢,V5,
volume terms appear
on both sides of the
equation and so their
units will cancel. This
means that any units
of volume can be used
directly (there is no
need to convert them
to dm?), so long as they
are consistent on both
sides of the equation.
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Preparing a
calibration curve for
spectrophotometric
determinations, Full

details of how to carry
out this experiment
with a worksheet are
available in the eBook.

Tool 1, Inquiry 2 - How
can a calibration curve
be used to determine
the concentration of a
solution?

96

articulate nature of matter

serial dilution

T R O "

500 cm?
100 cm? 100 cm?

solution 2 solution 3

solution 1

stock solution

A

A serial dilution is prepared by using a pipette to transfer 10cm? from the stock solution into a 100¢m?
volumetric flask. The solution is then made up to the mark with distilled water. Repeating this process
generates a series of solutions, each 10 times less concentrated than the previous one.

This series of solutions of known concentration can be used to form a standard in a
technique known as ultraviolet-visible spectroscopy, which uses the direct relationship
between the concentration of a solution and its absorbance. The absorbance of each
solution is measured and the results plotted as a calibration curve. This curve is then used
to determine the unknown concentration of a sample containing the same solute.

1.0
0.9-
0.8-
0.7+
0.6-
0.5

0.4
concentration
0.3 of protein
0.21 in sample
0.1
0 . : .
0 5 10 15 20
protein concentration / mg dm-3

absorbance
of sample

absorbance

A

$1.4 Figure 3 A calibration curve can be used to find the protein concentration of a sample

Challenge yourself

5. From the shape of the calibration curve in Figure 3, what can you conclude about
the relationship between concentration and absorbance at higher concentration?
How might this affect the calculation of the unknown concentration?

Titration is an important technique in volumetric analysis. It is used to determine

the concentration of a solution when it reacts exactly with another solution of known
concentration. Titrations typically involve reactions between acids and bases, or
between oxidizing and reducing agents. Precise glassware including burettes and
pipettes is used to obtain the precision required in measurement. These techniques are
discussed in Reactivity 3.1 and Reactivity 3.2.
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Q25. Calculate the mass of potassium hydroxide, KOH, required to prepare
250 cm?of a 0.200 mol dm solution.

Q26. Calculate the mass of magnesium sulfate heptahydrate, MgSO,.7H,0,
required to prepare 0.100dm’of a 0.200 mol dm~3solution.

Q27. Calculate the number of moles of chloride ions in 0.250 dm? of
0.0200 mol dm~ of zinc chloride, ZnCl,, solution.

Q28. 250 cm’ of a solution contains 5.85 g of sodium chloride. Calculate the
concentration of sodium chloride in mol dm.

Q29. Concentrated nitric acid, HNO;, is 16.0mol dm~>. What volume of concentrated
acid would you need to prepare 100 cm?* of 0.50 mol dm~? HNO;?

Q30. Sodium sulfate, Na,SO,, reacts in aqueous solution with lead nitrate,
Pb(NO3),, as follows:

Na,SO,(aq) + Pb(NO;),(aq) — PbSO,(s) + 2NaNOs(aq)

In an experiment, 35.30 cm® of a solution of sodium sulfate reacted exactly
with 32.50cm” of a solution of lead nitrate. The precipitated lead sulfate was
dried and found to have a mass of 1.13 g. Determine the concentrations of the
original solutions of lead nitrate and sodium sulfate. State what assumptions
are made.

A B
3
Structure 1.4.6 — Avogadro’s law > <
Structure 1.4.6 — Avogadro’s law states that equal volumes of all gases measured under
the same conditions of temperature and pressure contain equal numbers of molecules.
Solve problems involving the mole ratio of reactants and/or products and the volume of gases. |
|
Structure 1.5 — Avogadro's law applies to
ideal gases. Under what conditions might the
behaviour of a real gas deviate most from an
ideal gas?
| ]
Avogadro’s law directly relates gas volumes to moles S
Gases, like liquids, are fluids and it is therefore often convenient to focus on their A
opzin 5 | S1.4 Figure 4 Flask A
volume as a measure for quantitative work. This means we need to know the - .
: : | contains hydrogen molecules,
relationship between gas volume and the number of moles. fask B contains Bromine
| molecules. The two flasks are
Consider the following demonstration (Figure 4) where two gas jars are each filled with \iridler the sarre conditions of
different gases — hydrogen (H,) in flask A and bromine (Br,) in flask B. The flasks are at temperature and pressure.

the same temperature and pressure and have equal volumes.

Scientists know, from many experimental measurements on gas volumes, that the
number of particles in the two flasks in Figure 4 is the same. At first this might seem
surprising —after all, bromine molecules are much larger and heavier than hydrogen
molecules. But we need to consider the nature of the gaseous state. We learn on page

or
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aqueous solutions 16, 94
acidic, neutral or basic 474-5
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250-3
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aromatic compounds 269
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arrow-in-box diagrams 62, 65
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481-5
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Bohr model of the atom 34-5, 52,
55,56,57
Bohr, Niels 58
boiling 17, 18
boiling points 17, 18, 21, 40
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covalent compounds 191-2
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189, 1912
ionic compounds 144
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bond angles 169
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allotropes 177-82
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electron configuration 62
electron deficient 565
reducing agent 512
relative atomic mass 41
carbon-12 isotope 41, 77-9
carbon-14 isotope 42
carbon chain 268, 279-83
branching 286
in combustion reactions 3467,
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length 277-8
carbon content 357-9
carbon dioxide
combustion product 347, 358,
382
dissolving in water 251, 253
equilibrium between dissolved
and gaseous 446-7
greenhouse effect 359-61
neutralization product 483
carbon footprint 3567, 381
carbon monoxide 349-51
carbon nanotubes 1801
carbonates 253, 4834
carbonic acid 251, 253, 4834
carbonyl compounds 53941
carboxylic acids 281
reaction with alcohol 282
reduction 539
catalysts 419-21
chlorine radicals 556
and equilibrium 445-6
in methanol fuel cells 368-9
transition metals 542
catalytic converters 351
catenation 271
cathodes 515, 519-22, 530-2
cations (positive ions) 37, 134,
136, 138-9
charge and radius 2067
electrolytic cells 529, 530
lattice structures 142-4, 204-5,
206
cell diagrams 519-20
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chain reactions 558-9
changes of state 17-21
Charles’ law 112-13
chemical equations 82, 377-81,
398-401
chemical feedstocks 354, 449
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chemical properties 2448
chemical reactions 134
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chemical symbols 9, 31
chlorine 136, 246
displacement reactions 247
isotopes 39-40
molecules 158
oxidizing agents 509-10
photolytic fission 5535
radicals 555-6
reaction with hydrogen 495
reaction with methane 558-60
relative atomic mass 41
chloroalkanes 277-8
chlorofluorocarbons (CFCs) 422,
555-7
chromatography 195-8
chromium 65
classes of compounds 2724
classification systems 8, 11, 229,
265,272-4, 284, 481
climate change 359-61
clock reactions 410-11
coal 353-4,355-6
collision theory 413-16
collisions
energy 414
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colorimetry 409
colour change 536
combined gas law 118-19
combustion analysis 83-4, 86, 89
combustion reactions 305, 344-9
alkanes 357-9
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complete combustion 347, 358
enthalpy changes 310-13
incomplete combustion 312-13,
349-51, 3567
metals and non-metals 344-6
reactants and products 382, 384,
385
thermochemical equations 308
combustion theories 380
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complete combustion 347, 358
composite materials 216
compounds 7-8, 10, 31
bonding type, bonding triangle
and electronegativity 212-16
combustion analysis 89
empirical formulas 83-7, 88,
89-91
hydrated 79
molecular formulas 88-91
naming 258-9, 500-1
percentage composition by mass
85-7
relative formula mass 78-9
concentration 91-7
determining 386-9, 504-8
equilibrium 434-5, 442-3
measuring 407
rate of change 403-6
and rate of reaction 403-6,
417-18
of reactants 417-18
condensation 17, 19, 21, 432
condensation reactions 274-5
confirmation bias 585
conjugate acid-base pairs 4634
conjugate acids 4635
conjugate bases 140-1, 463-5
conservation of energy 327, 334-5
Contact process 450
continuous spectrum 49, 50, 51
controlled variables 422
coordination bonds 166-7, 564, 567
copper 514
electron configuration 65
half-cells 517-21
ions 139
redox reactions 494-5
reducing agent 510-11
copper sulfate 31415, 51011, 516
Corey, E.J. 592
covalent bonding 147, 155-201
bond formation 156-7
bond length 164-5

bond polarity 172-5
bond strength 164-5, 184
breaking bonds 223, 554-7,
566-7, 573
coordination bonds 1667, 564
Lewis formulas 159-61, 163
molecular geometry 167-72,
176-7
multiple bonds 162-5, 169
octet rule and stable arrangement
of atoms 158, 161
polyatomic ions 141
polymers 220, 223-5
pure covalent bonds 174-5
VSEPR model 167-72
covalent character 211-16
covalent compounds 148
period 3 oxides 249
physical properties 1914
covalent model 155
covalent network structures 177-
84
period 3 oxides 249, 250
and physical properties 192,
193, 194
crystalline solids 144
crystallization 13
Curie, Marie 36
curly arrows 555, 565, 567, 574

d block elements 64, 65, 67-8,
232-3, 235-6
data 612-13, 618
databases 605, 607-8
primary/secondary 617
simulations 605-6, 608
decomposition reaction equations
379
deductive reasoning 590
degenerate orbitals 59, 61
delocalized electrons 204-5,
206-7
deposition 17
diamond 178-9, 194



diffraction 55, 56

diffusion 16

dihalogeno compounds 570

dilutions 95-7

dimensional analysis 81

dipeptides 274-5

dipole-dipole attraction 187-8

dipole-induced dipole attraction
188

dipole moment 176-7, 360

dipoles 186, 187, 188

displacement reactions 247,
510-12

disproportionation reactions 258,
504

distillation 13, 535

double bonds 162-5, 223

effective nuclear charge 135-6,
237, 240
effervescence 483
efficiency of chemical process
394-7
Einstein, Albert 582, 585, 597
electrical conductivity 193-4
ionic compounds 146
measuring rate of reaction 410
silicon 184
electrochemical cells 515-16
electrolytic cells 515-16, 528
30
fuel cells 366-70, 526-8
primary (voltaic) cells 370, 516—
23. 527
secondary (rechargeable) cells
524-6, 527
electrode potentials 518-19
electrodes 515, 517-22, 529,
530-2
electrolysis 528-33
electrolytes 366-7, 524, 529
electrolytic cells 515-16, 528-30
electromagnetic radiation 48-9, 50
electromagnetic spectrum 49

electromagnetic waves 50
electron affinities 240-1
electron configurations 47, 56—66,
70-1
arrow-in-box diagrams 62, 65
d block metals 65
from emission spectra 51
evidence for energy levels 52-4
ground state 62
ions 667
Lewis formulas 159-61
octet rule 158, 161
and periodic table 67-9, 134-6
and periodicity 235-7
unreactive/reactive elements
137-8
electron domain geometry 169-71
electron domains 155, 168-71,
176-7
electron-in-boxes 62, 65
electron-pair sharing reactions
563, 572-5
electron pairs 563-4, 565, 567
electron sharing reactions 551
electron spin resonance (ESR)
spectroscopy 552
electron transfer reactions 493, 543
see also redox reactions
electron transfers 134-7, 140
half-equations 5024
redox reactions 494-5, 497
electronegativity
and bond polarity 172-5
bonding triangle 212-14, 215
and ionic character 148-9
periodic trends/periodicity 242
electrons 29, 32, 33, 35-8
Bohr model of the atom 34-5, 57
energy level transitions 50-1,
52-3
orbitals 57-66
paired/unpaired 64
and photon emission 501
shielded 1346

spin 58, 62
unpaired 551, 552-3
valence electrons 65, 67, 68,
134-6
wave and particle model 55-6
see also covalent bonding;
delocalized electrons; lone
pairs of electrons
electrophiles 5634, 568, 573
electrophilic addition reactions
569-72
electrostatic attraction 133, 1367
covalent bond 1567
metallic bond 205
elementary entity 75
elements 7-9, 30
atomic number 35-6
native form 10
emission spectra 47-54
empirical formulas 83-7, 88, 89—
91, 102-3, 266, 267
endothermic processes 21, 241,
328-9, 330
endothermic reactions 3024
energy profiles 3068
equilibrium 444-5
spontaneity 306
energetic stability 304-5
energy cycles 327, 335-6, 339-41
energy density of fuels 352-3
energy level diagrams 334, 336
energy levels 504, 236
electron configurations 61-9
orbitals 58-61
energy profiles 306-8
energy transfers 299-300
enthalpy 301
enthalpy changes 301, 321-5,
339-41
bond enthalpies 328-34
calculating from temperature
change 309-10
of combustion 310-13, 335-6
as direction of reaction 305-8
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Hess’s law 335-8
of hypothetical reactions 327
measuring 308-20
of neutralization 484
of reaction in solution 302-3,
313-17
standard enthalpy change 308,
3367
thermochemical equations 308
enzymes 222,421
equilibrium 431-55
characteristics 433-5
chemical systems 433
closed systems 432
dynamic 431-6
Le Chatelier’s principle 441-51
physical systems 432
response to change 4427
equilibrium constant expression
437-8
equilibrium constant (K) 43641,
446
effect of temperature 444-5
extent of reaction and 438-9
magnitude 438-9
predicting 436-8
reverse reactions 439-40
equilibrium law 43741
equilibrium mixture 433, 435
changes in 442-7
value of equilibrium constant
438-9
equilibrium position 435, 446, 447
equivalence point 486-7, 505
errors 84, 422-3
esters 282
ethane 2667
ethanoic acid 534
ethanol
as biofuel 364-5
combustion of 310-12, 347, 348,
364
oxidation 534
synthesis 570

ethene 268
hydration of 569-70
hydrogenation 542
production process 375
reaction pathway 274

ethers 283

ethics 5934

evaporation 18,432

exams and exam preparation 621-3

exothermic processes 21, 330

exothermic reactions 3024, 305
energy profiles 3068
equilibrium 444-5
neutralization reactions 484
zinc and aqueous copper sulfate

314-15

experimental techniques 609-12

experimental yield 394-5

extended essay 624-31

f block elements 67-8, 232-3, 235
Faraday constant 77
fertilizers 86-7
Feynman, Richard 29, 297, 587, 588
filtrate 13
filtration 13
first ionization energy 136, 239-40
flame tests 48
fluids 16
fluorine
electron configuration 62
electronegativity and bond
polarity 173
electronegativity and bonding
triangle 215
hydrogen bonding 188
reactivity 137
formula units 143
fossil fuels 352-62, 370
fractional distillation 370
free radicals 553
see also radicals
freeze-drying 19
freezing 17, 21

freezing points 17
Freon-12
(dichlorodifluoromethane) 556
frequency (of a wave) 49
fuel cells 366-70, 5268
fuels 343, 370-3
alkanes 357-9
biofuels 352, 362-6
carbon content 357-9
energy density 352-3
fossil fuels 352-62
fullerene 179-81, 194
functional group isomers 290
functional groups 265, 2726
and chemical reactivity 274
and classes of compounds 272-4
condensation reactions and
amino acids 274-5
in general formulas 277
naming compounds 280-2
oxidation 533-8
and physical properties 278
reduction 539-41

gases 15-16
changes of state 17, 18, 19, 201
measuring change in volume
407-8
produced in a reaction 407-8
solutions 91
volume 97-100, 383-6
general formulas 277
giant covalent structures 177-84
period 3 oxides 249, 250
and physical properties 192,
193, 194
giant ionic structures 249, 250
glassware 93, 96, 387
gold 514
gold foil experiment 32-3
graphene 179-81
graphite 178-81
Green Chemistry 375, 396-7, 421,
446, 5769



greenhouse gases 359-61

ground state 50

ground state configurations 62, 67
group 1 metals see alkali metals
group 2 elements 138, 2067, 241
group 13 elements 138

group 14 elements 138, 182, 189
group 15 elements 138, 189
group 16 elements 137, 138, 189
group 17 elements see halogens

Haber process 447-9
half-cells 517-23
half-equations 367-9, 380, 5024
halide ions 144, 247, 509
halogenation 542
halogenoalkanes 571
nucleophilic substitution 565-6
primary, secondary and tertiary
288-9
radical substitution reactions
558-9
halogens (group 17) 235-6
boiling points 187, 189
displacement reactions 247
electron affinities 241
electron configuration and ions
137, 138
nucleophilic substitution 565
oxidizing agents 509-10
properties 246-7
reactions with alkali metals
(group 1) 136-7
reactions with alkanes in UV
light 558-60
reactions with alkenes 570
reactivity 137, 246-7, 509-10
heat transfers 299-300, 301
Heisenberg, Werner 58, 589
Heisenberg’s Uncertainty Principle
57
helium 62
Hess’s law 334-8
heterogeneous mixtures 12

~ Index -

heterogeneous reactions 419
heterolytic fission 5667, 573
homeopathy 593
homogeneous mixtures 11, 12
homogeneous reactions 438
homologous series 276-9
homolytic fission 554-7, 573
Hund’s third rule 62, 65
hydrated ions 145
hydrated salts 85
hydration 569-70
hydrides boiling points 189
hydrocarbons 164-5
combustion 3467, 349, 350, 384
incomplete combustion 349-51,
357-8
molecular formulas 100, 384
solubility 193
unsaturated 541-2, 569
see also alkanes; fossil fuels
hydrofluorocarbons (HFCs) 557
hydrogen
Bohr model 34-5
combustion of 82
electron configuration 62
gas volumes 97-8
ions formed 138
line emission spectrum 52-3
loss/gain in redox reactions 495
reaction with chlorine 495
relative atomic mass 41
released by oxidation of metals
by acids 513-15
Schrédinger model 57-61
hydrogen bonding 188-91
hydrogen chloride 158, 173, 174,
461, 558-9
hydrogen fuel cells 366-8, 5267
hydrogen halides
acid strength 479
electronegativity and bond
polarity 174
nucleophilic substitution 566
reactions with alkenes 571

hydrogen ion concentration 4689,
4712

hydrogen molecules 157

hydrogen sulfide 354, 495, 496

hydrogenation 542

hydrogencarbonates 253, 483

ice 17,20
ideal gas equation 119-24
ideal gas model 98, 105-8, 122
ideal gases 105-29
gas laws 110-24
molar mass 120-1
molar volume 116-17
pressure, temperature and
volume 110-17
incomplete combustion 312-13,
349-51, 356-7
indicators 387,471, 487, 505
inductive reasoning 589-90
infrared radiation 49, 52
inner electrons 134-6
inquiry process 617-19
inter-particle forces 15, 17, 20, 21
intermolecular forces 155, 185-91
ideal gas model 106
and physical properties 1914,
278
real gases 108-9, 124
internal assessment (IA) 599-608
intramolecular forces 188, 190
inversely proportional relationships
110-11
investigation skills 422-3
iodine 246
displacement reactions 247
electron configuration 68
oxidizing agents 509-10
redox titrations 505-6
iodine chloride 382
ionic bonding 133-42
bond strength 143
and electronegativity 148-9
ionic bonds 142, 143, 144, 148
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ionic compounds 85, 13940,
151-3, 174-5
dissolving in water 145-6
as electrolytes 530-2
formation of 1367
formula 140-1
giant structures 249
ionic character 147-9, 211-16,
249
lattice structures 133, 142-3
period 3 oxides 249
physical properties 143-6, 194
ionic equations 514
ionic model 143, 146-7, 150-1
ionic product constant of water
473-5
ionic radii 143, 144, 238-9
ionization
extent and acid/base strength
477-8
of water 473-6
ionization energies 53, 136
first 136, 23940
noble gases 138
periodic trends/periodicity 136,
239-40
ions 37-8
charge on 137, 138-9
electron configuration 667
formation of 134-7
ion pairs 142
Lewis formulas 1601
oppositely charged 567
in voltaic cells 519, 522
iron 41, 139, 506-7
isomers 189, 285-90
isotopes 39-45
abundance 39, 41-2
relative atomic mass 41-2
[UPAC nomenclature 279-85,
595-6

Kelvin scale 21-2
ketones 281, 535, 539
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kinetic energy (KE) 16, 17
collision theory 413-15
of particles 20-2
and temperature 20-3, 309,
412-13,417
kinetic molecular theory 14-18,
412-13
kinetic stability 558
kinetic theory of gases 105-7, 125
Kuhn, Thomas 585

lattice enthalpies 143
lattice structures
alloys 217-18
covalent network structures
177-84
ionic compounds 133, 142-6
metallic structure 204-5
Le Chatelier’s principle 441-51
lead 139
lead(IT) bromide 530-1
Lévi-Strauss, Claude 597
Lewis formulas 159-61, 163, 168-71
Lewis, Gilbert 159
light see ultraviolet light; visible
light
limiting reactant 3914
line emission spectra 50-1, 52-3
linear relationships 112
liquids 15-16
changes of state 17, 18, 19, 20-1
polar/non-polar 145-6
solutions 91-2
lithium 62, 65
lithium-ion batteries 524-5
logarithmic scales 468-70
London dispersion forces 1867,
188, 278
lone pairs of electrons 158, 159, 563
and molecular geometry 168-71

macronutrients 86
magnesium
combustion reactions 345

mass change on burning 834
redox reactions 494-5
magnesium fluoride 144
magnesium oxide 83-4, 137, 140,
494-5
dissolving in water 250-1
melting point 144
oxidation state 255
mass
change in 408
measuring 73, 408
of reactants and products 82,
3812
relative mass of subatomic
particles 33
mass number 35-6, 37, 39
materials 211-27
alloys 217-19
polymers 219-25
properties and bonding triangle
212-16
mathematics 614-16
Maxwell-Boltzmann energy
distribution curve 22, 413,
414,417, 420
measurement accuracy 93, 610
measuring 589, 610
change in concentration 410
change in transmission of light
409-10
change in volume of gas
produced 407-8
mass 73, 408
pH values 471
melting 17
melting points 17, 21, 40
covalent compounds 191-2
and intermolecular forces 186,
187, 191-2
ionic compounds 144, 146, 147
metals 207
period 3 chlorides 147,214
Mendeleev, Dmitri 231, 232
metal carbonates 483



metal hydroxides 482
metallic bonding 203-9, 217
metallic character 211-16
metalloids 234, 249
metals 232-3
alloys 11, 206,217-19
combustion 344-6
electron transfers 138
ions 134-7
oxidation by acids 513-15
oxides 249-51, 482
physical properties 205-6
reactions with acids 482
reactivity 510-12
reducing agents 510-12
methane
for biogas 365
combustion 308, 331-2, 381, 382
in natural gas 354-5
reaction with chlorine 558-60
methanol 268, 364, 449
methanol fuel cells 3689
microbial fuel cells 369
microplastics 224
mixtures 7-8, 10-14
alloys 11, 206,217-19
separating with chromatography
195-8
models 56, 270-1, 591-2
molar concentration 91-7
molar mass 80-2, 101-2, 120-1
molar volume of a gas 385-6
molar volume of an ideal gas 116—
17,118
mole (mol) 73-7, 80-2, 101-2
and gas volume 97-100, 117
mole ratios 99-100, 381-90,
391-3
molecular formulas 88-91, 100,
102-3, 2667
molecular geometry 167-72,
176-7
molecular polarity 155, 175-7
and intermolecular forces 1868

molecules 30-1
molten salts 529-33
monomers 220, 223

nanotechnology 181
natural gas 354-5, 355-6, 375
natural polymers 220
neon 62
neutralization reactions 481-5
enthalpy changes 316-17, 484
pH curves 485-9
neutrons 29, 33, 35-8
Bohr model of the atom 34-5
isotopes 39-42
nickel 396, 542
nickel-cadmium batteries 525-6
nitric acid 252
nitrogen 62, 188, 241, 347
nitrogen molecules 163
nitrogen oxides 252, 351, 467
noble gases (group 18) 235-6
chemical properties 158, 244
ionization energies 138
non-metals 2334
combustion 344-6
electron transfers 138
ions 134-7
oxides 249-50, 251-4, 467
oxidizing agents 509-10
reducing agents 512
non-polar liquids 145-6
non-polar molecules 1867, 193
nuclear charge 135-6
nucleons 29, 33, 74
nucleophiles 539, 563-4, 566, 573
nucleophilic substitution reactions
564-7
nucleus 29, 30, 32-3, 40

Occam’s razor 584-5
ocean acidification 253
octane 350

octet rule 155, 158, 161
oil (crude) 354, 356, 375

orbitals 47, 57-66
order of filling 62-3
relative energy 61, 645
organic compounds 265, 291-3
classes 2724
combustion 346-52
formulas/structural
representations 266-71, 277
functional groups 272-6, 277,
280-2, 533-41
homologous series 2769
naming 279-85
physical properties 277-8
saturated/unsaturated 274
structural isomers 285-90
oxidation 255
of alcohols 533-8
definitions 494-6
in electrochemical cells 515-17,
518-19
half equations 5034
of metals by acids 513-15
relative ease of 509-10
see also redox reactions
oxidation numbers 139-40, 258-9,
500-1
oxidation states 139-40, 255-9
combustion reactions 3445
limitations 498
period 3 elements 250
redox reactions 495-9
oxides 249-54
oxidizing agents 499-500, 505,
509-10, 534
oxygen
combustion reactions 344-9
electron configuration 62
hydrogen bonding 188
hydrogen-oxygen fuel cell 366-8
limited during combustion
349-50
loss/gain in redox reactions 494-5
reaction with hydrogen sulfide
495, 496
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ozone
atmospheric ozone depletion
422, 555-7
Lewis formula 169-70
ozone layer 332, 333, 422, 555

p block elements 67-8, 232-3,
235-6
paper chromatography 13, 195-6
paradigm shifts 32, 56, 585-7
particle collisions 22, 334
in chemical reactions 413-16
ideal gas model 1067
real gases 108-9, 123
particle model 55-6
particles, term definition 15
Pauli Exclusion Principle 58
pentane 347, 358
peptide bonds 274-5
percentage by mass 85-7, 507
percentage yield 394-5
period 3 elements 135
ionic character of chlorides 147
properties 238-9
period 3 oxides 213, 249-51
periodic table 229, 231-2, 233, 583
and charge on an ion 138-9
and electron configuration 67-9,
134-6
ionic compounds 147
and ionization energies 136
metals and non-metals 2324
and nuclear charge 134-6
periods and groups 232, 235-6
periodic trends/periodicity 231-2,
260-3
acid-base character 250, 467
boiling points 189
ease of oxidation/reduction
509-12
effective nuclear charge 135-6,
237, 240
electron configuration 134-6,
235-7
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electronegativity 173, 242
group 1 and group 2 2067
ionization energies 136, 239-40
melting points 207
metal and non-metal oxides
249-50
metallic bonding 207
period 3 oxides 213
properties of elements 23744
reactivity 244-8
PET (positron-emission tomography)
scanners 34
pH curves 485-9
pH scale 468-73
pH values
acid-base indicators 471
calculating 471-3
measuring 471
temperature dependent 475-6
of water 474, 475-6
phosphorus ions and ionic
compounds 137
photolytic fission 5546, 558-9
photons 33-4, 50
photosynthesis 308, 362-3
physical properties 40
alloys 218-19
and bonding types 212-16,
249-50
covalent compounds 1914
ionic compounds 143-6, 194
metals 205-6
organic compounds 277-8
Planck equation 50-1, 55
Planck, Max 587
Planck’s constant 50
plastics 221-2,223-5
polar bonds 1727
polar compounds 193
polar molecules 145-6, 173,
187-8
polyatomic ions 140-1, 464
poly(chloroethene) (PVC) 223, 225
poly(ethene) 223, 225

polymers 219-25, 2267
polypropene (polypropylene) 223,
225
polytetrafluoroethene (PTFE) 223,
225
Popper, Karl 590
positional structural isomers 287-9
positrons 33-4
ppm (parts per million) 94
precipitate 247-8
pressure
changes of state 17, 18, 19
at equilibrium 4434
gas laws 97-8, 11011, 113-16,
118-29
ideal gas model 106-8
and rate of reaction 418
and states of matter 15
units 111
primary carbon atom 288
primary molecules 288, 289
primary (voltaic) cells 370,
516-23, 527
propane 347, 350, 533-4, 542
propene 541-2
proportional relationships 113
proton transfer reactions 459,
489-91
acid-base reactions 461, 462-3
neutralization reactions 31617,
481-9
protons 29, 33,35-8
Bohr model of the atom 34-5
isotopes 39-42

quantization 51
quantum theory 51, 56
quarks 33

radicals 551-4, 5601
chlorine radicals and ozone
depletion 555-7
formed by homolytic fission 554-5
reaction mechanism 558-9



substitution reactions of alkanes
557-60
termination reactions 555, 559
radiocarbon dating 42
radioisotopes 40
random errors 422-3
rate of reaction 403, 424-9
collision theory 413-16
defining 403-6
effect of catalysts 419-21
effect of pressure 418
effect of reactant concentration
417-18
effect of reactant surface area 419
effect of temperature 417
and equilibrium 4334
factors influencing 416-22
investigating 422-3
measuring methods 407-12
and reactant/product
concentration change 404-6
reacting ratios 377, 381-2, 383, 487
reaction mechanisms 457, 558-60
reactivity 137, 138
and functional groups 274
halogens 509-10
metals 51012
periodic trends/periodicity 2448
reactivity series 514
real gases 108-9, 1234
redox reactions 493-502, 543-9
change in oxidation state 495-6
electron transfer 494-5
formation of sodium chloride 136
half-equations 5024
hydrogen fuel cells 366, 5267
hydrogen loss/gain 495
non-spontaneous 528-30
oxidation states 257-8, 495-9
oxidizing/reducing agents
499-500
oxygen loss/gain 494-5
reversible 524-6
spontaneity 515-18, 528-9

in voltaic cells 516-26
see also electrolysis; oxidation;
reduction
redox titrations 504-8
reducing agents 499-500, 510-12
reduction
of carbonyl compounds 539-41
definitions 494-6
in electrochemical cells 515-16,
518-19
half equations 5034
relative ease of 510-12
of unsaturated compounds 541-2
see also redox reactions
reflux heating 535
relative atomic mass 39, 414,
77-8, 80
relative charge 33
relative formula mass 78-9, 80
repeating units 220
residue 13
retardation factor 196, 197-8
reverse reactions 439-40
reversible reactions 433-6, 438-9
see also equilibrium
rubidium 42
rusting 380, 498
Rutherford, Ernest 32-3
atomic model 32-3
gold foil experiment 32-3

s block elements 67-8, 232-3, 235-6

salt bridge 518, 519-20, 522

salts 481-5, 513-15

electrolysis of molten salts 529-33

saturation 274

scanning tunnelling microscope
(STM) imaging 30

Schrédinger model of hydrogen
atom 57-61

scientific investigation 422-3,
599-608

sea water 145, 253

secondary carbon atom 288-9

secondary molecules 288-9
secondary (rechargeable) cells
524-6, 527
serial dilution 95-6
shielding effect 134-6
SI units 75
side chains 281-2
significant figures 77
silicon 138, 1824, 194
silicon dioxide 1824
silver 139, 514, 520-1
silver halide precipitates 247-8
simulations 605-6, 608
single covalent bonds 1645
skeletal formulas 268-70
sodium 236
sodium atom 135, 136
sodium chloride 10
dissolving in water 145
electrolysis 529-30
formation of 136, 143, 481
lattice structure 142-3
properties and bonding types
214,216
sodium fluoride 144
sodium halides 144
sodium hydroxide 367-8
sodium oxide 140
dissolving in water 2501
melting point 144
solids 15, 16
changes of state 17, 19, 20-1
solutions 91-2
solubility 194
covalent compounds 193
ionic compounds 145-6
solute 13, 16, 91-2, 94
solutions
absorbance 96
concentration 91-7
concentration of reactants and
products 3869
dilutions 95-7
enthalpy changes 302-3, 313-17
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solvation 13
solvents 13,16, 91-2, 94
ionic 145-6
polar/non-polar 193, 194
separating mixtures with 195-8
specific energy 352, 358-9
specific heat capacity 309-10
spectator ions 484, 509, 511
spectrophotometry 409
speed of light 49
spin (electrons) 58, 62
spontaneity 515-18, 528-9
standard enthalpy change 308,
336-7
standard solutions 94, 95-6
standard temperature and pressure
(STP) 117
stars 51
state symbols 16, 379, 380
states of matter 15, 17-21
Staudinger, Hermann 220
stereochemical formulas 267-8
stock solution 95
stoichiometric coefficients 378
stoichiometry 377,437
straight-chain isomers 2867, 288
strong acids 477, 478-80, 487-9
strong bases 477-8, 479, 487-9
structural formulas 267, 269-70
structural isomers 285-90
subatomic particles 33-8
sublevels 59-66, 68
sublimation 17, 19
substituent groups 281-2
substitution reactions 573
of alkanes 557-60
nucleophilic substitution
reactions 564-7
radical mechanism 558-60
sulfur 63, 345
sulfur dioxide
and acid rain 252, 467
formation, enthalpy change 3367
sulfuric acid 252, 258
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Contact process 450
industrial use 375, 450
neutralization reaction 31617

sulfurous acid 252, 258

surface area 419

surroundings 300-1

synthetic polymers 221

system 300-1

systematic errors 422-3

technology 593, 594-5, 61213
temperature 385-6
absolute temperature 21-2, 309,
412
calculating enthalpy change 309-10
changes during reactions in
solution 302-3
changes of state 17, 18, 19, 20-1
at equilibrium 444-5
gas laws 97-8, 112-29, 385
ideal gas model 107
and ionization of water 475-6
and kinetic energy (KE) 20-3,
309, 412-13,417
and rate of reaction 417
and states of matter 15
units 111, 113
temperature scales 21-2, 113
tertiary carbon atom 289
tertiary molecules 289
theoretical yield 391-5
theory of knowledge 580-98
assessment 597-8
knowledge framework 581-94
optional themes 594-7
thermochemical equations 308
thermolytic fission 554
thin layer chromatography 1967
Thomson, J.J. 32, 592
3D models 270-1
tin 139
titrations 96, 3869
acid-base titrations 3867, 485-9
back titration 388-9, 393

indicators 387, 487, 505
measuring rate of reaction 410
redox titrations 504-8
transition metals 66, 139-40
triple bonds 162-5
two-step reactions 534

ultraviolet light 52
photolytic fission 554-6, 558-9
reactions in presence of 558-9,
570-1
UV-visible spectroscopy 96
uncertainty 93
Uncertainty Principle 57
unit cells 142
units 75, 111, 113
universal gas constant 119-20
unpaired electrons 551, 552-3
unsaturated compounds 541-2
unsaturated hydrocarbons 541-2,
569
uranium isotopes 40
urea 85

valence electrons 65, 67, 68,

134-6

Valence Shell Electron Pair
Repulsion (VSEPR) model
167-72

van der Waals’ forces 188
vanadium 64
vibrational modes 360
visible light 48-9, 52
absorbed/transmitted 409-10
colour 409
UV-visible spectroscopy 96
wave and particle model 55-6
volatility 194
covalent compounds 192
ionic compounds 144
organic compounds 278
voltage 519, 5201
voltaic cells 515-16
primary cells 370, 516-23, 527



secondary (rechargeable) cells
524-6, 527
volume
gas laws 110-13, 114-29
of gaseous reactants and products
383-4,407-8
molar volume of a gas 116-17,
385-6
reactants and products in solution
386-8
real gases 108-9, 1234
of a solution 92, 934, 95
units 386
volumetric analysis 96, 3868
volumetric flasks 94, 96

water
acting as acid and base 465-6
compound formation 31, 378
ionization 473-6
molecule geometry and bond
polarity 173
molecule geometry and hydrogen
bonding 190
neutralization product 4814
oxides dissolved in 2504
oxidizing and reducing agent
500
pH values 474, 475-6
reactions with alkali metals 245-6
reactions with alkenes 569-70

solubility of ionic compounds
145-6

water of crystallization 85
wave models 55-6
wave-particle duality 56, 592
wavelengths 48-9
weak acids 477, 478-80
weak bases 478, 479

zinc
half-cells 517-21
reaction with aqueous copper
sulfate 314-15, 510-11, 516
reducing agent 51011, 514
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