D © ¢

D © ¢

NSW
STAGE 6






e o ..q. =

B N gt
qﬁ,

|
\

R s :
- W 2

A1 R - - -
e - SR




Pearson Australia

(a division of Pearson Australia Group Pty Ltd)
707 Collins Street, Melbourne, Victoria 3008
PO Box 23360, Melbourne, Victoria 8012
Www.pearson.com.au

Copyright © Pearson Australia 2018

(a division of Pearson Australia Group Pty Ltd)
First published 2018 by Pearson Australia
2021 2020 2019 2018

10 9 8 76 543 2 1

Reproduction and communication for educational purposes

The Australian Copyright Act 1968 (the Act) allows a maximum of one
chapter or 10% of the pages of this work, whichever is the greater, to
be reproduced and/or communicated by any educational institution
for its educational purposes provided that that educational institution
(or the body that administers it) has given a remuneration notice

to the Copyright Agency under the Act. For details of the copyright
licence for educational institutions contact the Copyright Agency
(www.copyright.com.au).

Reproduction and communication for other purposes

Except as permitted under the Act (for example any fair dealing for
the purposes of study, research, criticism or review), no part of this
book may be reproduced, stored in a retrieval system, communicated
or transmitted in any form or by any means without prior written
permission. All enquiries should be made to the publisher at the
address above.

This book is not to be treated as a blackline master; that is, any
photocopying beyond fair dealing requires prior written permission.

Lead Publisher: Misal Belvedere

Project Manager: Michelle Thomas

Production Manager: Casey McGrath

Lead Development Editor: Amy Sparkes
Development Editor: Haeyean Lee

Lead Editor: Sally Woollett

Editors: Jeanette Birtles, Sally Mclnnes, Sally Woollett
Designers: Anne Donald and iEnergizer Aptara Limited
Rights & Permissions Editor: Samantha Russell-Tulip
Senior Publishing Services Analyst: Rob Curulli
Proofreader: Mahtab Dubash

Indexer: Bruce Gillespie

[llustrator: DiacriTech

Printed in Malaysia

ISBN 978 1 4886 1927 4
Pearson Australia Group Pty Ltd ABN 40 004 245 943

A catalogue record for this
I\TATE KA"L book is available from the
LIBRARY National Library of Australia

OF AUSTRALIA

All material identified by is material subject to copyright under
the Copyright Act 1968 and is owned by the Australian Curriculum,
Assessment and Reporting Authority 2018.

ACARA neither endorses nor verifies the accuracy of the information
provided and accepts no responsibility for incomplete or inaccurate
information.

In particular, ACARA does not endorse or verify that:
» The content descriptions are solely for a particular year and subject;

« All the content descriptions for that year and subject have been
used; and

 The author’s material aligns with the Australian Curriculum content
descriptions for the relevant year and subject.

You can find the unaltered and most up to date version of this
material at http://www.australiancurriculum.edu.au/ This material is
reproduced with the permission of ACARA.

Chemistry Stage 6 Syllabus © NSW Education Standards Authority
for and on behalf of the Crown in right of the State of NSW, 2017

Disclaimer/s

The selection of internet addresses (URLs) provided for this book/
resource was valid at the time of publication and was chosen as
being appropriate for use as a secondary education research tool.
However, due to the dynamic nature of the internet, some addresses
may have changed, may have ceased to exist since publication, or
may inadvertently link to sites with content that could be considered
offensive or inappropriate. While the authors and publisher regret
any inconvenience this may cause readers, no responsibility for any
such changes or unforeseeable errors can be accepted by either the
authors or the publisher.

Some of the images used in Pearson Chemistry 11 New South Wales
might have associations with deceased Indigenous Australians. Please
be aware that these images might cause sadness or distress in
Aboriginal or Torres Strait Islander communities.

Practical activities

All practical activities, including the illustrations, are provided

as a guide only, and the accuracy of such information cannot

be guaranteed. Teachers must assess the appropriateness of an
activity and take into account the experience of their students and
the facilities available. Additionally, all practical activities should

be trialled before they are attempted with students, and a risk
assessment must be completed. All care should be taken whenever
any practical activity is conducted: appropriate protective clothing
should be worn, the correct equipment used, and the appropriate
preparation and clean-up procedures followed. Although all practical
activities have been written with safety in mind, Pearson Australia
and the authors do not accept any responsibility for the information
contained in or relating to the practical activities, and are not liable
for any loss and/or injury arising from or sustained as a result of
conducting any of the practical activities described in this book.

~

@ The Chemistry Education Association (CEA) was formed in
1977 by a group of teachers from secondary and tertiary
institutions. It aims to promote the teaching of chemistry,

particularly in secondary schools. The CEA has established a tradition

of providing up-to-date text, electronic material and support

resources for both students and teachers, and professional

development opportunities for teachers.



PEARSON

CHEMISTRY

NEW SOUTH WALES

Writing and development team

We are grateful to the following people for their time and expertise in contributing

to the Pearson Chemistry 11 New South Wales project.

Drew Chan
President of the CEA and Teacher
Coordinating Author

Chris Commons
Educator
Author and Reviewer

Richard Hecker
Science Writer
Author

Kathryn Hillier
Teacher and Lecturer
Author

Bob Hogendoorn
Science Consultant and Assessor
Author

Louise Lennard
Teacher
Author and Reviewer

Mick Moylan
Chemistry Outreach Fellow
Author

Pat O’Shea
Teacher
Author

Maria Porter
Teacher
Author

Patrick Sanders
Teacher
Author

Jim Sturgiss

Science Consultant
Author

Paul Waldron
Teacher
Author

Reuben Bolt

Director of the Nura Gili Indigenous
Programs Unit, UNSW

Reviewer

Erin Bruns
Teacher
Contributing Author

Donna Chapman
Laboratory Technician
Safety Consultant

Warrick Clarke
Science Communicator
Contributing Author

Penny Commons
Lecturer
Contributing Author

Lanna Derry
Teacher
Contributing Author

Jane Dove
Teacher

Reviewer

Vicky Ellis
Teacher
Contributing Author

Emma Finlayson
Teacher
Reviewer

Elizabeth Freer
Teacher
Contributing Author

Simon Gooding
Teacher
Contributing Author

Elissa Huddart

Teacher

Contributing Author and Skills
and Assessment Author

Aaron Jaraba
Teacher
Answer Checker

Raphael Johns
Laboratory Technician
Safety Consultant

PEARSON

CHEMISTRY

NEW SOUTH WALES

Katrina Liston
Scientist
Answer Checker

Gary Molloy
Teacher
Reviewer

Geoff Quinton
President of ASTA and Teacher
Contributing Author

Bob Ross
Teacher
Contributing Author

Robert Sanders
Education Consultant
Contributing Author
Sophie Selby-Pham
Scientist

Answer Checker
Trish Weekes
Science Literacy Consultant
Gregory White
Scientist

Answer Checker
Maria Woodbury

Teacher
Reviewer



Contents

Working scientifically

CHAPTER 1 Working scientifically 2
1.1  Questioning and predicting 4
1.2  Planning investigations 11
1.3 Conducting investigations 19
1.4 Processing data and information 22
1.5 Analysing data and information 26
1.6  Problem solving 31
1.7 Communicating 33

Chapter 1 Review 42

B Module 1 Properties and
structure of matter

I CHAPTER 2 Properties of matter 47

How do the properties of substances help us to classify
and separate them?

2.1 Types of matter 48
2.2  Physical properties and changes of state 54
2.3 Separating mixtures 59
2.4 Calculating percentage composition 63
2.5 Elements and the periodic table 68

Chapter 2 Review 75

I CHAPTER 3 Atomic structure and atomic mass 77
Why are atoms of elements different from one another?

3.1 Inside atoms 78
3.2 Classifying atoms 81
3.3 Masses of particles 86
3.4  Electronic structure of atoms 96

3.5 Electronic configuration and the shell model 100

3.6 The Schrddinger model of the atom 105
Chapter 3 Review 111

Il CHAPTER 4 Periodicity 113

Are there patterns in the properties of elements?

4.1 The periodic table 114

4.2 Trends in the periodic table: Part 1 122

4.3 Trends in the periodic table: Part 2 129
Chapter 4 Review 134

I CHAPTER 5 Bonding 137
What binds atoms together in elements and compounds?
5.1 Metallic bonding 138
5.2 lonic bonding 147
5.3 Covalent bonding 162
5.4 Intermolecular forces 172
5.5 Covalent network structures 188

Chapter 5 Review 195
Module 1 Review 198

B Module 2 Introduction to
quantitative chemistry

= CHAPTER 6 Chemical reactions and
stoichiometry 205

What happens in chemical reactions?

6.1  Writing chemical equations 206
6.2 Problems involving conservation of mass 213
Chapter 6 Review 218
I CHAPTER 7 The mole concept 221
How are measurements made in chemistry?
7.1 Introducing the mole 222
7.2  Molar mass 229
7.3  Percentage composition and empirical
formula 233
7.4  Calculations based on the amount
of a reactant or product 238
7.5 Calculations based on the amounts of
two reactants 242
Chapter 7 Review 246
I CHAPTER 8 Concentration and molarity 249
How are chemicals in solutions measured?
8.1 Concentration of solutions 250
8.2  Molar concentration 256
8.3 Dilution 260
8.4 Standard solutions 264
Chapter 8 Review 268



I CHAPTER 9 Gas laws
How does the ideal gas law relate to all other gas laws?

272
279
289
295
301

9.1 Introducing gases

9.2 The gas laws

9.3 The ideal gas law

9.4  Stoichiometric calculations involving gases
Chapter 9 Review

Module 2 Review

B Module 3 Reactive
chemistry

Bl CHAPTER 10 Chemical reactions
What are the products of a chemical reaction?

10.1 Chemical change

10.2 Synthesis reactions

10.3 Decomposition reactions

10.4 Combustion reactions

10.5 Precipitation reactions

10.6 Reactions of acids and bases

10.7 Removing toxins from food
Chapter 10 Review

Bl CHAPTER 11 Predicting reactions of metals
How is the reactivity of various metals predicted?
11.1 Reactions of metals

11.2 The activity series of metals

11.3 Metal activity and the periodic table
Chapter 11 Review

Bl CHAPTER 12 Redox reactions and galvanic cells
How is the reactivity of various metals predicted?

12.1 Introducing redox reactions

12.2 Oxidation numbers

12.3 Galvanic cells

12.4 The table of standard reduction potentials
Chapter 12 Review

I CHAPTER 13 Rates of reactions
What affects the rate of a chemical reaction?

13.1 Collision theory
13.2 Measuring reaction rate

271

311

312
317
319
323
329
336
344
347

351

352
360
366
369

371

372
383
390
396
405

409

410
415

13.3 Effect of surface area, concentration and
pressure on reaction rate

13.4 Effect of temperature on reaction rate
Chapter 13 Review

Module 3 Review

B Module 4 Drivers of
reactions

I CHAPTER 14 Energy changes in chemical
reactions

What energy changes occur in chemical reactions?

14.1 Exothermic and endothermic reactions

14.2 Thermochemical equations and energy
profile diagrams

14.3 Heat of combustion
14.4 Determining the heat of combustion
14.5 Enthalpy of dissolution
14.6 Catalysts
Chapter 14 Review

I CHAPTER 15 Enthalpy and Hess'’s law

441

442

447
453
455
463
468
474

477

How much energy does it take to break bonds, and how

much is released when bonds are formed?

15.1 Latent heat
15.2 Bond energy
15.3 Hess's law

Chapter 15 Review

Bl CHAPTER 16 Entropy and Gibbs free energy
How can enthalpy and entropy be used to explain
reaction spontaneity?
16.1 Energy and entropy changes in chemical
reactions
16.2 Entropy and spontaneous processes
16.3 Gibbs free energy
Chapter 16 Review

Module 4 Review

APPENDICES
ANSWERS
GLOSSARY
INDEX

478
483
486
497

501



How to use this book

Pearson Chemistry 11 e
Periodicity

New South Wales

Pearson Chemistry 11 New South Wales
has been written to fully align with the
new Stage 6 Syllabus for New South
Wales Chemistry. The book covers

Modules 1 to 4 in an easy-to-use resource.

Explore how to use this book below.

Chapter opener

The chapter opening page links
the Syllabus to the chapter

. Section

. Each chapter is clearly divided
into manageable sections of
work. Best-practice literacy and
instructional design are combined
with high-quality, relevant photos
and illustrations to help students

content. Key content addressed better understand the ideas or

in the chapter is clearly listed. concepts being developed. ]
................................................................................................ s
:
9.1 Introducing gases _.

Glow-in-the-dark light sticks

Absolute zero .t
it get? - [
~in b |
1 it orm 404 i
' * » |

PROPERTIES OF GASES

of the
solely as heat, a

dye in the glow stick. The.
levels. Light is emitted as these
levels. The light from the glow st

recy.
that operate the.

ii
©-o-c=c=o-D) + 10— (Dpon+ 0, e
ot iyivgen ykiere
rotse " ey

FlGURE 1415 The.
a phenylgroup, which s th formula C A,

CHEMPLE B——

Glow-worms

(G070 > | Section 12.1 page 372 14.16) s o
However,tey

“‘gow less orygen. Greater

FIGURE 14,16 A femae glow-worm,
The L dominal organs

22 wseorz 444 MODULE4 | DRVERS OF REACTIONS

Chemistry in Action

Chemistry in Action

boxes place chemistry in

an applied situation or

a relevant context. They
refer to the nature and
practice of chemistry, its
applications and associated
issues, and the historical
development of its concepts
and ideas.

Chemistry Inquiry

Chemistry Inquiry features are
inquiry-based activities that pre-
empt the theory and allow students
to engage with the concepts
through a simple activity that sets
them up to ‘discover’ the science
before they learn about it. They
encourage students to think about
what happens in the world and how
science can provide explanations.

ChemFile

ChemfFiles
include a range
of interesting
and real-world
examples to
engage students.



Highlight box

Highlight boxes focus students’
attention on important information,
such as key definitions, formulae
and summary points.

FIGURE 7.2:2 One

Counting by weighing

Worked examples

Worked examples are set out in steps that show thinking and
working. This format greatly enhances student understanding — i——fe——g vicosmerzs

by clearly linking underlying logic to the relevant calculations. ‘
Each Worked example is followed by a Try yourself activity. :
This mirror problem allows students to immediately test
their understanding. Fully worked solutions to all Worked
example: Try yourself activities are available on Pearson Chemistry
11 New South Wales Reader+.

n to you In the m(Mg(NO,),) =7
A(ME(NO,),)
whenever you are MMENGy)

Calculate the mass of magnesium
ntrate using:

Worked example: Try yourself 7.2.1
CALCULATING THE MASS OF A SUBSTANCE

Calculate the mass of 4.68mal of sodium carbonate (Na,CO,).

230 MODULE2 | INTRODUCTION TO QUANTITATIVE CHEMISTRY

Additional content

Additional content features include P A
material that goes beyond the core content : Section summary

of the Syllabus. They are intended for : Each section has a section summary to
students who wish to expand their depth of —— help students consolidate the key points
understanding in a particular area. and concepts of the section.

@ 1ireview
Triads and octaves

+ Before you begin your research, it s important to before t i suitable as a basis for an achievable

In 1829, the German chemist Johann Wolfgang.
of

ypes of variable.
riable is determined by the
that s selected and

ally avalable sp

or equal to 1 but ess than 10.
er by the appropriate power of 10.
ed by counting the number of places the decimal point needs to be moved to form the.

it has to be moved n places to the right

I be a positive number. For example:

it has to be moved 0 places to the left, n will be a negative number. For example:

e from these examples that when large numbers are written in scientifc notation, the 10 has a positive
ry small numbers are written by multilying by 10 with a negative index.
f solutions can be expressed using

decreases its electrical conductivty,
red through a domestic water
electrical conductivty willdecrease.

116 MODULE1 | PROPERTIES AND STRUCTURE OF MATTER 10

SkillBuilder . Section review questions

Skillbuilders outline methods or techniques. ¢ Each section finishes with key questions to
They are instructive and self-contained. They : ¢ test students’ understanding of and ability
step students through the skill to support : : to recall the key concepts of the section. :
science application.




Module review

Each module finishes with a
comprehensive set of questions, including
multiple-choice, short-answer and
extended-response questions. These
assist students in drawing together their
knowledge and understanding, and
applying it to these types of questions.

Chapter review

Each chapter finishes with a list of key terms
covered in the chapter and a set of questions
to test students’ ability to apply the knowledge
gained from the chapter.

MODULE 1 « REVIEW

Chapter review

Properties and structure of matter

Mutti ice. The
1

ree
electronegativity period (periodic table)

REVIEW QUESTIONS

1 Elements in the periodic table are arranged by 10 a State the electronic configuration of nitrogen.
increasing atomic number, What determines an atom’s b What period and group does nitrogen belong to in

the periodic table?
 How many valence electrons does nitrogen have?

y
B Xand Zonly
€ Yand Zonly
D W.Xand Y only

13 Consider the elements in period 2 of the periodic
table: ithium, beryllium, boron, carbon, nitrogen,
oxygen and fluorine. Describe the changes that occur
across the period. Consider:
athe sizes of atoms
b metallic character

-

In the periodic table, explain why there are:
a two groups of elements in the s-block

< 10 elements
d 14 elements

s
gy 25 they move from lower 1o higher
N

By s they move from lower to higher

from Mg to Al. Explain this exception to the trend with
reference to the electronic configurations of these

elements.
19 Figu

o 7N

134 198 wmoouiE |

Glossary

Key terms are shown in bold in sections and listed at the
end of each chapter. A comprehensive glossary at the
end of the book includes and defines all the key terms.

The New South Wales Stage 6 Syllabus ‘Learning
across the curriculum’ and ‘General capabilities’
content are addressed throughout the series and
are identified using the following icons.

Answers

‘Go to’ icons are used to make important links to
relevant content within the Student Book.

Numerical answers and short-response answers are
included at the back of the book. Comprehensive

answers and fully worked solutions for all section review
questions, Worked examples: Try yourself activities,

chapter review questions and module review questions
are provided via Pearson Chemistry 11 New South Wales
Reader+.

This icon indicates when it is the best time

to engage with a worksheet (WS), a practical
activity (PA), a depth study (DS) or module
review (MR) questions in the Pearson Chemistry
11 Skills and Assessment Book.

This icon indicates the best time to engage
with a practical activity on Pearson Chemistry
11 New South Wales Reader+.



Pearson Chemistry 11

New South Wales

PEARSON

CHEMISTRY

NEW SOUTH WALES
STUDENT BOOK.

JDENT 800

PEARSON

CHEMISTRY

NEW SOUTH WALES
SKILLS AND ASSESSMENT

CHEMISTRY

NEW SOUTH WALES

PEARSON

CHEMISTRY

NEW SOUTH WALES

Student Book

Pearson Chemistry 11 New South Wales has been written to fully align
with the new Stage 6 Syllabus for New South Wales. The Student Book
includes the very latest developments in and applications of chemistry
and incorporates best-practice literacy and instructional design to ensure
the content and concepts are fully accessible to all students.

Skills and Assessment Book

The Skills and Assessment Book gives students the edge in preparing for
all forms of assessment. Key features include a toolkit, key knowledge
summaries, worksheets, practical activities, suggested depth studies and
module review questions. It provides guidance, assessment practice and
opportunities for developing key skills.

Reader+ the next generation eBook

Pearson Reader+ lets you use your Student Book online or offline on

any device. Pearson Reader+ retains the look and integrity of the printed
book. Practical activities, interactives and videos are available on Pearson
Reader+, along with fully worked solutions for the Student Book questions.

Teacher Support

The Teacher Support available includes syllabus grids and a scope and
sequence plan to support teachers with programming. It also includes
fully worked solutions and answers to all Student Book and Skills and
Assessment Book questions, including worksheets, practical activities,
depth studies and module review questions. Teacher notes, safety notes,
risk assessments and a laboratory technician checklist and recipes are
available for all practical activities. Depth studies are supported with
suggested marking schemes and exemplar answers.

o

Pearson Digital

Access your digital resources at pearsonplaces.com.au
Browse and buy at pearson.com.au 1



CHAPTER

1 Working scientifically

\H
This chapter covers the skills needed to successfully plan and conduct primary-and

secondary-sourced investigations.

1.1 Questioning and predicting explains how to develop, propose and evaluate
inquiry questions and hypotheses. When creating a hypothesis, it is necessary to
consider the relevant variables.

1.2 Planning investigations is a guide to planning your investigation. You will learn to
identify risks, to make sure all ethical concerns have been addressed, to choose
appropriate materials and technology to carry out your investigation, and to check
that your choice of variables allows you to collect the data you need.

1.3 Conducting investigations is a guide to conducting investigations. It describes
methods for accurately collecting and recording data so as to reduce errors.
Appropriate procedures that need to be carried out when disposing of waste are
also described.

1.4 Processing data and information is a guide to processing your data. From an
array of visual representations, you will learn how best to represent your information
and how to identify trends and patterns in your data.

1.5 Analysing data and information explains how to analyse your results. It explains
error and uncertainty and how to construct mathematical models to better
understand the scientific principles of your research.

1.6 Problem solving is a guide to solving problems. Utilising critical thinking, you will
demonstrate an understanding of the scientific principles underlying the solution to
your inquiry question.

1.7 Communicating explains how to communicate an investigation clearly and
accurately using appropriate scientific language, nomenclature and scientific notation.

Outcomes

By the end of this chapter, you will be able to:
develop and evaluate questions and hypotheses for scientific investigation
(CH11-1)
design and evaluate investigations in order to obtain primary and secondary data
and information (CH11-2)
conduct investigations to collect valid and reliable primary and secondary data
and information (CH11-3)
select and process appropriate qualitative and quantitative data and information
using a range of appropriate media (CH11-4)
analyse and evaluate primary and secondary data and information (CH11-5)
solve scientific problems using primary and secondary data, critical thinking skills
and scientific processes (CH11-6)
communicate scientific understanding using suitable language and terminology
for a specific audience or purpose (CH11-7)

Content

In this chapter, you will learn how to design, plan and conduct investigations,
including how to write a hypothesis and identify variables. You will also assess the
validity, reliability and accuracy of results and research.




Finally, you will learn how to discuss your investigation and draw evidence-based
conclusions in relation to your hypothesis and research question. By the end of this
chapter, you will be able to:

+ develop and evaluate inquiry questions and hypotheses to identify a concept

that can be investigated scientifically, involving primary and secondary data
(ACSCH001, ACSCHO61, ACSCH096)

modify questions and hypotheses to reflect new evidence

assess risks, consider ethical issues and select appropriate materials and
technologies when designing and planning an investigation (ACSCHO31,
ACSCHO097) (=11 e

justify and evaluate the use of variables and experimental controls to ensure
that a valid procedure is developed that allows for the reliable collection of data
(ACSCH002)

evaluate and modify an investigation in response to new evidence |

employ and evaluate safe work practices and manage risks (ACSCHO031)

use appropriate technologies to ensure and evaluate accuracy |

select and extract information from a wide range of reliable secondary sources
and acknowledge them using an accepted referencing style |

select qualitative and quantitative data and information and represent

them using a range of formats, digital technologies and appropriate media
(ACSCHO04, ACSCHO07, ACSCHO64, ACSCH101) !

apply quantitative processes where appropriate

evaluate and improve the quality of data

derive trends, patterns and relationships in data and information

assess error, uncertainty and limitations in data (ACSCHO04, ACSCHO05,
ACSCH033, ACSCH099) = = 1

assess the relevance, accuracy, validity and reliability of primary and secondary
data and suggest improvements to investigations (ACSCHO005)

use modelling (including mathematical examples) to explain phenomena, make
predictions and solve problems using evidence from primary and secondary
sources (ACSCHO06, ACSCHO10)

use scientific evidence and critical thinking skills to solve problems ©

select and use suitable forms of digital, visual, written and/or oral forms of
communication | ]

select and apply appropriate scientific notations, nomenclature and scientific
language to communicate in a variety of contexts (ACSCHOO08, ACSCHO036,
ACSCH067, ACSCH102) ' |

construct evidence-based arguments and engage in peer feedback to evaluate
an argument or conclusion (ACSCH034, ACSCHO036) |

Chemistry Stage 6 Syllabus © NSW Education Standards Authority
for and on behalf of the Crown in right of the State of NSW, 2017.




1.1 Questioning and predicting

TYPES OF INVESTIGATION

Many different types of investigations can be conducted in chemistry. You are
probably most familiar with practical investigations or experiments (primary
research). Other types of investigation involve researching and evaluating primary
and/or secondary sources of information to answer an inquiry question. Tables 1.1.1
and 1.1.2 contain examples of the different types of investigation.

TABLE 1.1.1 Examples of primary research

Type of primary research Example tasks

conducting experiments in a laboratory » planning a valid experiment
» conducting a risk assessment
» working safely
» recording observations and results
+ analysing and evaluating data and
information

conducting field work » conducting a risk assessment
» working safely
» recording observations and results
+ analysing and evaluating data and
information

conducting surveys » writing questions
+ collecting data
» analysing data and information

designing a model « identifying a problem to be modelled
» summarising key findings
+ identifying advantages and limitations of
the model

TABLE 1.1.2 Examples of secondary research

Type of secondary research Example tasks

researching published data from primary » finding published information in
and secondary sources scientific magazines and journals,
books, databases, media texts, labels of
commercially available products
+ analysing and evaluating data and
information

All of these investigations have things in common: an inquiry question or idea, a
hypothesis and a purpose (aim).

QUESTIONS, PREDICTION AND PURPOSE

The inquiry question, hypothesis and purpose are linked, and they can be refined as
the planning of the investigation continues.

Inquiry questions: defining an investigation
An inquiry question defines what is being investigated. For example, ‘What is the
relationship between the surface area of solid reactants and the reaction rate?’
It is important that you can interpret what an inquiry question is asking. To do
this, you need to:
* identify a ‘guiding’ word, such as who, what, where, why
* link the guiding word to appropriate command verbs such as identify, describe,
compare, contrast, distinguish, analyse, evaluate and create.

CHAPTER 1 | WORKING SCIENTIFICALLY



Table 1.1.3 contains examples of inquiry questions that could be investigated.

TABLE 1.1.3 Examples of guiding words and inquiry questions

Guiding Example inquiry questions What are you being asked to do?
word(s) What are the command verbs?

what

where

how

why

would

is/are

on what basis

can

do/does

should

might

» What difference can nanomaterials

make to society and the environment?
What are electrons, protons and
neutrons made of?

Where would an element with an
atomic number of 130 be placed
in the modern periodic table, what
properties would it have and how
likely is it to be discovered?

How are atoms ‘seen’?

How can lead be transformed into gold?
How do different crude oil extraction
methods compare in terms of their
ease of extraction and environmental
impacts?

Why are the 10 most abundant
elements in the universe not the
same as the 10 most abundant
elements on Earth?

Why do transition metals have
multiple oxidation states?

Why does the composition of crude
oil vary between different oil wells?

Would there be life if elements did
not form compounds?

Are there more elements to be
discovered?

Is it an advantage or a disadvantage
for elements to be unreactive?

Is it worth sending people to the Moon
to mine for lanthanoids and actinoids?

On what basis are alternative forms
of the periodic table constructed?

Can we live without lanthanoids and
actinoids?

Does surfactant biodegradability
affect performance?

Do lanthanoids and actinoids rust
or corrode?

Do we need crude oil?

Should cars be made from shape
memory metals?

What might we do if crude oil
supplies run out?

What might life be like without glass?
What might have to be used instead?

Identify and describe specific
examples, evidence, reasons
and analogies from a variety of
possibilities. Evaluate possible
applications.

identify, describe, evaluate

Identify and describe the location,
giving reasons.
identify, describe

Identify and describe in detail a
process or mechanism.

Give examples using evidence
and reasons. Evaluate.

identify, describe, compare,
contrast, evaluate

Identify the elements etc.
Describe in detail the causes,
reasons, mechanisms and
evidence. Compare and contrast.
Analyse the data.

identify, describe, compare,
contrast, analyse

Evaluate giving reasons for and
against (using evidence, analogies
and comparisons).

evaluate, assess

Evaluate giving reasons and
evidence.
evaluate, assess

Evaluate, giving reasons and
evidence.
evaluate, assess

Evaluate and assess. Is it
possible? Give reasons and
suggest possible alternatives.
evaluate, assess, justify, create

Evaluate, giving reasons and
evidence for and against.
evaluate, assess

Evaluate the pros and cons,
implications and limitations.
Make a judgement.

evaluate, assess, create

Evaluate, giving reasons for and
against (using evidence, analogies
and comparisons).

evaluate, assess, compare,

contrast, create

CHAPTER 1 | WORKING SCIENTIFICALLY
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FIGURE 1.1.1 The many aspects of a practical
investigation may appear overwhelming to
begin with. Taking a step-by-step approach will
make the process easier and help to keep the
investigation focused.

0 Hypotheses can be written in a
variety of ways, such as ‘x happens
because of y’ or ‘when x happens,
y will happen’. However they are
written, hypotheses must always
be testable and clearly state the
independent and dependent
variables.

Formulating an inquiry question

Compile a list of possible topic ideas. Do not reject ideas that initially might seem
impossible. It is sometimes easier to start by modifying an existing inquiry question,
particularly if you are conducting research for the first time (Figure 1.1.1). You
could choose one of the inquiry questions in Table 1.1.3 on page 5 and then create
a mind map of how the question could be modified.

Before formulating a question, it is good practice to conduct a literature review of
the topic to be investigated. You should become familiar with the relevant scientific
concepts and key terms. During this review, write down questions or correlations
as they occur to you.

Use your ideas to generate questions that are answerable.

Your question will lead to a hypothesis when:

e it relates to measurable variables
e you can make a prediction based on knowledge and experience.

More information about research sources to consult before and during an

investigation is on page 9.

Evaluating your question

After a question has been chosen, evaluate the question before progressing. The
question may need further refinement or even further investigation before it is a
suitable basis for an achievable and worthwhile investigation. During planning,
consider whether you can complete your investigation in the time available or with
the resources on hand. For example, could you construct a complex device with the
facilities available in your school laboratory?

To evaluate your question, consider:

e relevance: Is the question related to the appropriate area of study?

e clarity and measurabiliry: Can the question be framed as a clear hypothesis? If the
question cannot be stated as a specific hypothesis, then completing the research
will be difficult.

e nme frame: Can the question be answered within a reasonable period of time? Is
the question too broad?

o knowledge and skills: Do your knowledge and laboratory skills allow you to
explore the question? Keep the question simple and achievable.

e practicality: Are resources, such as laboratory equipment and materials, likely to be
readily available? Keep things simple. Avoid investigations that require sophisticated
or rare equipment. Pipettes and burettes, timing devices and top-loading balances
may be more readily available than more sophisticated equipment.

e safety and erhics: Consider the safety and ethical issues associated with the
question you will be investigating. If there are issues, can these be addressed?

* aduvice: Seek advice from your teacher about your question. Their input and
experience may prove very useful. They may consider aspects of the question
that you have not thought about.

Hypothesis—a scientific prediction

A hypothesis is a testable prediction based on previous knowledge, evidence or
observations that attempts to answer the inquiry question. It often takes the form
of a proposed cause-and-effect relationship between two or more variables; in other
words, ‘If x is true and this is tested, then y will occur.’

Here are some examples of a hypothesis.

e If the rate of reaction increases when temperature is increased, and the
temperature of a hydrochloric acid solution is increased (for a constant particle
size of marble chips and a constant concentration and volume of hydrochloric
acid), then the rate of reaction will increase.

» Ifincreasing the surface area increases the rate of reaction, and the surface area of
marble chips is increased (for a constant concentration and volume of hydrochloric
acid and a constant temperature), then the rate of reaction will increase.
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¢ If decreasing the concentration of a solution decreases the rate of reaction, and
the concentration of a hydrochloric acid solution is decreased (for a constant
particle size of marble chips and volume of hydrochloric acid at a particular
temperature), then the rate of reaction will decrease.

e If adding a catalyst increases the rate of reaction, and a catalyst is added to
a constant concentration and volume of hydrogen peroxide at a constant
temperature, then the rate of reaction will increase.

Formulating a hypothesis

After an inquiry question is finalised, a hypothesis is formulated. A hypothesis needs
to include a proposed relationship between two variables. It should predict that a
relationship exists or does not exist.

First, identify the two variables in your question. Second, name the independent
and dependent variables involved.

For example, ‘If x is true and I do this (to the independent variable), then y will
happen (to the dependent variable).’

A good hypothesis should:

* be a statement

* be based on information contained in the research question (purpose)
*  be worded so that it can be tested in the experiment

¢ include an independent and a dependent variable (page 8)

* include variables that are measurable.

The hypothesis should also be falsifiable. This means that a negative outcome
is possible and the hypothesis can be rejected. For example, the hypothesis that
all apples are round cannot be proved beyond doubt, but it can be disproved
(rejected); in other words, it is falsifiable. Only one conical apple is needed to
reject this hypothesis. Unfalsifiable hypotheses cannot be proved or disproved by
science. These include hypotheses with ethical or moral aspects, or other subjective
judgements. Scientific investigations cannot prove that a hypothesis is correct, they
can only find information to support or reject a hypothesis.

Modifying a hypothesis

As you collect new evidence from secondary sources, you may need to adjust
your inquiry question or hypothesis. Imagine you have a hypothesis that states,
‘If increasing the temperature increases the rate of reaction, and the temperature
of a hydrochloric acid solution is increased (for a constant particle size of calcium
carbonate), the rate of reaction will increase.” You continue your research but realise
that you didn’t take into account the concentration and volume of hydrochloric
acid, so you must modify your investigation.

Purpose—the aim of an investigation

A purposeis a statement describing in detail what will be investigated. It is also known

as the aim of your investigation. For example, “The purpose of the experiment is to

investigate the relationship between the surface area of calcium carbonate and its
rate of reaction with hydrochloric acid.’

The purpose includes the key steps required to test the hypothesis. Each purpose
should directly relate to the variables in the hypothesis, and describe how each will
be measured. The purpose does not need to include the details of the procedure.
Here is another example.

e Hypothesis: If diluting a coloured solution reduces the intensity of the colour,
and water is added to a coloured solution, then the intensity of the colour will
be reduced.

e Purpose: To qualitatively investigate the relationship between intensity of colour
and dilution.

Inthe first stage of the experiment, a standard solution of potassium permanganate
will be prepared.

CHAPTER 1 | WORKING SCIENTIFICALLY
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In the second stage of the experiment, a series of dilutions will be performed and
the intensity of colour will be observed.

Extension: If the school has a colorimeter, the concentration of the original and
diluted solutions can be measured.

VARIABLES: KNOWING WHAT TO MEASURE

A good scientific hypothesis can be tested (and supported or refuted) through
investigation. In a testable hypothesis, it should be possible to measure both what is
changed or carried out and what happens. The factors that are monitored during an
experiment or investigation are called variables. An experiment or investigation includes
measurements and/or observations and determines the relationship between variables.
There are three main types of variable.

¢ The independent variable is the variable that is determined by the researcher
(the variable that is selected and changed).

The dependent variable is the variable that may change in response to a change
in the independent variable. This is the variable that is measured or observed.

Controlled variables are the variables that must be kept constant during the
investigation.
Only one variable at a time should be tested; otherwise, it cannot be stated that
the changes in the dependent variable are the result of changes in the independent
variable. Completing a table like Table 1.1.4 will help to determine the variables for
your question(s).

TABLE 1.1.4 Determining the variables of an inquiry question

Inquiry question What is the relationship between the concentration of a liquid
reactant and reaction rate?

NGELENGENIRETE BB concentration of hydrochloric acid solution
Dependent variable mass change during the reaction

Controlled variables starting temperature of hydrochloric acid, volume of hydrochloric
acid, surface area of solid reactants, equipment (including
beakers, thermometers and weighing balance)

Potential hypothesis If decreasing the concentration of a solution decreases the
rate of reaction, and the concentration of the hydrochloric acid
solution is decreased (for a constant particle size of marble
chips, volume of hydrochloric acid and temperature), then the
rate of reaction will decrease.

Qualitative and quantitative variables

Variables can be qualitative or quantitative, with further subsets within each category.

* Qualitative variables can be observed but not measured. They can be sorted
into groups or into categories such as brightness, type of construction material
and type of device.

— Nominal variables are categorical variables in which the order is not important
(for example: colours of a flame (Figure 1.1.2), states of matter, batteries and
types of cell).

— Ordinal variables are categorical variables in which order is important and
groups have an obvious ranking or level (for example: the activity series of
metals, and trends in the periodic table).

¢ Quantitative variables can be measured. Mass, volume, temperature, pH and
time are all examples of quantitative variables.

— Discrete variables consist of integers, not fractions; for example: number of
protons in an atom, number of atoms of each element in a compound and
number of isotopes of a particular element.

— Continuous variables allow for any numerical value within a given range, for
example: measurement of temperature, volume, mass, pH and conductivity.



FIGURE 1.1.2 When recording qualitative data, describe in detail how each variable will be defined.
For example, if recording colour during flame tests, take pictures to clearly define what each assigned
term represents.

SOURCING INFORMATION

Finding reliable information is important both when choosing your topic and during
your investigation. Some of the steps involved in sourcing information are:
* identifying key terms

¢ locating information

e evaluating the credibility of sources

¢ evaluating experimental data or evidence.
Sources can be:

e primary sources—original sources of data and evidence; for example: articles
containing research findings that have been published in peer-reviewed scientific
journals, or research presented at a scientific conference

¢ secondary sources—analyses and interpretations of primary sources; for
example: textbooks, magazine articles and newspaper articles.

Sources that may contain useful information include:
e newspaper articles and opinion pieces
¢ journal articles (from peer-reviewed journals)
* magazine articles
e government reports
» global databases, statistics and surveys
¢ laboratory work
e computer simulations and modelling
e interviews with relevant professionals.
Some reputable science journals and magazines are:

e Cosmos

e Double Helix
« ECOS

e Nature

e New Scientist
e Popular Science
e Scientific American.

CHAPTER 1
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1.

1 Review

Before you begin your research, it is important to
conduct a literature review. By using data from
primary and/or secondary sources, you will better
understand the context of your investigation and
create an informed inquiry question.

The purpose is a statement describing in detail what
will be investigated; for example: ‘The purpose of the
experiment is to investigate the relationship between
the concentration, mass and volume of a solution.

A hypothesis is a testable statement that is based on
previous knowledge and evidence or observations;

it attempts to answer the research question, for
example: ‘If increasing the concentration of a
reactant increases the rate of reaction, and the
concentration of this reactant is increased, then the
rate of reaction will increase.

After a question has been formulated, it should be
evaluated. The question may need further refinement

KEY QUESTIONS

1

Scientists make observations from which a hypothesis
is stated, and this is then experimentally tested. Define
what a ‘hypothesis’ is.

Which of the following is an inquiry question?

A How are chemicals in solutions measured?

B A compound consists of two or more elements.

C Decreasing the volume of a container of gas will
increase the pressure.

D The mass of the reactants equalled the mass of the
products.

For each of the following hypotheses, select the

dependent variable.

a If filtering water decreases electrical conductivity,
and water is filtered through a domestic water
purifier, then its electrical conductivity will decrease.

b If waterways near industrial sites are contaminated
with lead, and the concentration of lead in waterways
near industrial sites is tested and compared with
the concentration of lead in waterways away from
industrial sites, then the concentration of lead will be
higher in the waterways closer to industrial sites.

¢ If increasing the salt concentration increases the
electrical conductivity of water, and the electrical
conductivity of water from Sydney Harbour is tested,
then the electrical conductivity of the water will be
greater where more ocean water is mixed in.

d If the pH of sparkling mineral water is higher
than that of non-sparkling mineral water, and the

before it is suitable as a basis for an achievable

and worthwhile investigation. During planning,

it is important to check whether the investigation can

be completed using the time and resources available.

There are three main types of variable.

— The independent variable is determined by the
researcher. This is the variable that is selected and
changed.

— The dependent variable may change in response
to a change in the independent variable, and is
the variable that will be measured or observed.

— Controlled variables are the variables that must be
kept constant during the investigation.

Only one variable should be tested at a time.

Otherwise, it is not possible to say whether the

changes in the dependent variable are the result of

changes in the independent variable.

pH of commercially available sparkling and non-
sparkling mineral water is tested, then the pH will
be lower in the commercially available non-sparkling
mineral water.
In an experiment, a student uses the following
descriptions for flame tests of ionic compounds:
yellow, lilac, red and green.
Is the variable ‘colour’ a qualitative observation or a
quantitative measurement?
Which of the following is likely to give the most
accurate and quantitative measure of the pH of water?
A pH paper (e.g. litmus paper)
B universal indicator and a colour chart
C a calibrated pH meter at a particular temperature
D a conductivity meter

Select the best of the following hypotheses. Give

reasons for your choice.

A If the pressure of a gas is affected by changes
in volume and temperature, and the volume or
temperature of a gas is changed, then the pressure
of the gas will change.

B Concentration of solutions can be expressed using
different units.

C If filtering water decreases its electrical conductivity,
and water is filtered through a domestic water
purifier, then its electrical conductivity will decrease.

__________________________________________________________________________________________
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1.2 Planning investigations

After you have formulated your hypothesis, defined the purpose of your investigation
and determined your variables, you will need to plan and design your investigation.
Taking the time to carefully plan and design a practical investigation before
beginning will help you to maintain focus throughout. Preparation is essential. This
section is a guide to some of the key steps that should be taken when planning and
designing a practical investigation.

WRITING A METHODOLOGY

The methodology of an investigation is a step-by-step procedure. When detailing
a methodology, make sure that it has the following elements so that it is a valid,
reliable, precise and accurate investigation.

Methodology elements

Validity

Validity refers to whether an experiment or investigation is in fact testing the set

hypothesis and purposes. Is the investigation obtaining data that is relevant to the

question?

A valid investigation is designed so that only one variable is being changed at a
time. The other variables remain constant so that meaningful conclusions can be
drawn about the effect of each variable in turn.

To ensure validity, carefully determine:

* the independent variable (the variable that will be changed) and how it will
change

e the dependent variable (the variable that will be measured)

* the controlled variables (variables that must remain constant) and how they will
be maintained.

Reliability

Reliability refers to the idea that an experiment can be repeated many times, and

the average of the results from all the repeated experiments will be consistent. This

can be enhanced by:

¢ defining the control

e ensuring there is sufficient replication of the experiment.

The control is an identical experiment carried out at the same time, except that in
the control experiment the independent variable is not changed. The two types are:
* negative control: The effect or change is expected in the experimental group but

not in the control group.

» positive control: The effect or change is expected in the control group but not in
the experimental group.

The expectations are based on previous experiments or observations. When
the controls do not behave as expected, the data obtained from an experiment or
observation is not reliable.

It is important to determine how many times an experiment needs to be
replicated (Figure 1.2.1). Many scientific investigations lack sufficient repetition
to ensure that the results can be considered reliable and repeatable. To ensure that
your results are reliable:

o Take several readings: Repeat each reading at least three times, record each
measurement and then average the three measurements. This allows random
errors to be identified. If a reading differs too much from the others (known as
an outlier), discard it before averaging.

o Take care when sampling: If there might be differences in the characteristics or
construction of a sample, include multiple samples of each type in the same
experiment. The greater the sample size, the more reliable the data.

FIGURE 1.2.1 Replication increases the reliability
of your investigation. Reliable results mean that
anyone repeating the investigation will obtain
similar data.
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*  Repeat the experiment: If possible, repeat the experiment on a different day. Don’t
change anything. If the results are not the same, think about what could have
happened. For example, was the equipment faulty, and were all the controlled
variables correctly identified? Repeat the experiment a third time to confirm
which run was correct. More repeats is better. Three is a good number; but if
time and resources allow, aim for five.

Accuracy and precision

In science and statistics, the terms ‘accuracy’ and ‘precision’ have very specific

meanings and they are quite different.

¢ Accuracy is the ability to obtain the correct measurement. To obtain accurate
results, you must minimise systematic errors.

¢ Precision is the ability to consistently obtain the same measurement. To obtain
precise results, you must minimise random errors.

To understand more clearly the difference between accuracy and precision,
imagine that you are shooting arrows at an archery target (Figure 1.2.2). Accuracy
is being able to hit the bullseye, whereas precision is being able to hit the same spot
every time you shoot. If you hit the bullseye every time you shoot, you are both
accurate and precise (Figure 1.2.2a). If you hit the same area of the target every
time, but not the bullseye, you are precise but not accurate (Figure 1.2.2b). If you
hit the area around the bullseye each time, but don’t always hit the bullseye, you
are accurate but not precise (Figure 1.2.2¢). If you hit a different part of the target
every time you shoot, you are neither accurate nor precise (Figure 1.2.2d).

FIGURE 1.2.2 Examples of accuracy and precision: (a) both accurate and precise, (b) precise but not
accurate, (c) accurate but not precise, (d) neither accurate nor precise.

Scientific data

All scientists strive to measure and report accurate and precise results.
However, very precise measurements can be unwieldly. Imagine entering

a calculation with five values that were all measured to 20 decimal places!
Scientists therefore restrict some measurements to a certain number of
significant figures or decimal places.

For example, the periodic table at the end of this book lists the atomic weight
of elements to four significant figures. Zinc (Zn) is listed as having an atomic
weight of 65.38. In a different periodic table, the atomic weight of zinc is
listed as 65.4 (this has been rounded to three significant figures). Neither
measurement is incorrect, but 65.38 is the more precise measurement.

It is important that you are aware that some scientific data can vary
depending on the source. Always check that the data you are using has come
from a reliable source.
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Recording numerical data

Are the instruments to be used in your experiments sensitive enough? What units
of measurement will be used? Build some testing into your investigation to confirm
the accuracy and reliability of the equipment and your ability to interpret the
information obtained.

To ensure the accuracy of the investigation, consider:

* the units in which the independent and dependent variables will be measured
¢ the instruments that will be used to measure the variables.

Select and use appropriate equipment, materials and procedures. For example,
select equipment that measures to smaller degrees of precision to reduce uncertainty,
and repeat the measurements to confirm them.

Describe the materials and procedure in appropriate detail. This should
ensure that every measurement can be repeated and the same result obtained
within reasonable margins of experimental error or uncertainty (less than 5% is
reasonable). Percentage error (also known as percentage uncertainty) is a way to
quantify the accuracy of a measurement. This will be discussed in Section 1.4.

When using measuring instruments, the number of significant figures (or digits)
and decimal places you use is determined by the precision of your measurements.

This depends on the scale, accuracy and precision of the instrument and the
technique you are using (Figure 1.2.3). For example, a beaker is used to measure
volumes approximately and has limited accuracy, generally £5%. A graduated
pipette, which is a more specialised piece of glassware, is more accurate, with
accuracies of £0.1% or +0.2%. Your pipette may be accurate, but if your technique
when using the pipette is variable, the overall accuracy and precision will be limited.

When you record raw data and report processed data, use only the number of
significant figures possible for your equipment or observation (see Section 1.3).
Using either a greater or smaller number of significant figures can be misleading.
Table 1.2.1 shows measurements of five samples weighed on an electronic balance
accurate to two decimal places. The data was entered into a spreadsheet to calculate
the mean, which was displayed with four decimal places. You would record the mean
as 20.83 g, not 20.8260g, because two decimal places is the precision limit of the
instrument. Recording 20.8260 g would be an example of false precision.

TABLE 1.2.1 An example of false precision in data analysis

1 2 3 4 5

mean =
Mass (g) 20.13 20.62 21.22 20.99 21.17 20.8260

Data analysis

Data analysis is part of the procedure. It is important to consider how the data will
be presented and analysed. A wide range of analysis tools are available. For example,
tables can be used to arrange data so that patterns can be seen. Graphs can show
relationships and enable comparisons. Preparing an empty table with headings for
the data to be obtained will help in the planning of the investigation.

The nature of the data being collected, such as whether the variables are qualitative
or quantitative, influences the type of method or tool needed to analyse the data. The
purpose and the hypothesis will also influence the choice of analysis tool.

Sourcing appropriate materials and technology

Part of designing an investigation is deciding on the materials, technology and
instrumentation needed to carry out the research. It is important to find the right
balance between items that are easily accessible and those that will give accurate
results. As you move onto conducting your investigation, it will be important to
take note of the precision of your chosen instrumentation and how this affects
the accuracy and validity of your results. This will be discussed in greater detail in
Section 1.3.

FIGURE 1.2.3 A bmL graduated pipette can
measure volumes to an accuracy of one-
hundredth of a millilitre, or 5.00£0.01 mL. The
pipette has major divisions of 1 mL and minor
divisions of 0.1 mL. You can estimate to 0.01 mL
and record volumes to two decimal places, for
example: 3.80mL or 4.52 mL.

GO TO » | Section 1.3 page 19

GO TO » | SkillBuilder page 227

GO TO » | Appendix 2 page 528

GO TO » | Section 1.3 page 19
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Modifying a procedure

The procedure may need modifying as the investigation is carried out. The following
actions will help to determine any issues in the methodology and how to modify
them.

* Record everything.

* Be prepared to make changes to the approach.

¢ Note any difficulties encountered and the ways they were overcome. What
were the failures and successes? Every test carried out can contribute to the
understanding of the investigation as a whole, no matter how much of a disaster
it may first appear.

¢ Do not panic. Go over the theory again, and talk to the teacher and other
students. A different perspective can lead to a solution.

If the expected data is not obtained, don’t worry. As long as it is critically and
objectively evaluated, the limitations of the investigation are identified, and further
investigations proposed, the work is worthwhile.

ETHICAL AND SAFETY GUIDELINES
Ethical considerations

When deciding on an investigation, identify all possible ethical issues and consider
their relevance and ways to address them. Some investigations require an ethics
approval; consult with your teacher.

The following questions relate to some ethical issues that might arise.

*  How might this research affect the wider society?

¢ Who will the benefits/applications of this research be available to?

* Wil one individual or group of individuals benefit at the expense of another?

e Does this research prevent anyone from obtaining their basic needs?

* How might it impact on future ethical issues? For example, even if your
investigation is ethical, could it clear a path to other applications that are unethical?

Risk assessments

When planning an investigation, it is important for the safety of the experimenter
and of others that potential risks are considered (Figure 1.2.4).

e

©

FIGURE 1.2.4 When planning an investigation, it is essential to identify, assess and control hazards.

Everything we do has some risk involved. Risk assessments are performed to
identify, assess and control hazards. A risk assessment should be performed for
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any experimental situation, whether in the laboratory or outside in the field. Always
identify and control the risks to keep everyone as safe as possible.
To identify risks, think about:
e the activity that will be carried out
¢ the equipment or chemicals that will be used.
The following hierarchy of risk controls is organised from most effective to least Obtain safety

effective: data sheets
(SDSs) for all

1 Elimination: Eliminate dangerous equipment, procedures or substances. chemicals

2 Substitution: Find equipment, procedures or substances that will achieve the
same result, but have less risk.

Consider safe
3 Isolation: Ensure there is a barrier between the person and the hazard. Examples work practices

include physical barriers such as guards in machines, and fume hoods for work etzell

. . equipment.
with volatile substances.
4 Administrative 'controls: Proyide guideliiie's, special procedures and warning Y
signs, and explain safe behaviours to participants. assessment for
5 Personal protective equipment: Wear safety glasses,lab coats,gloves and respirators, the experiment.

for example, where appropriate, and provide these to other participants.

Figure 1.2.5 is a flow chart showing how to consider and assess the risks involved ~ FIGURE 1.2.5 These steps must be taken when

in a research investigation. identifying risks.

Science outdoors

Sometimes investigations and experiments will be conducted outdoors. Working
outdoors has its own set of potential risks, and it is important to consider ways of
eliminating or reducing these risks. Table 1.2.2 contains examples of risks associated
with field work in a national park.

TABLE 1.2.2 Risks associated with field work in a national park

sunburn Wear sunscreen, a hat and sunglasses.
exposure Wear clothing to protect against heat or cold.
falls Minimise the use of computer and equipment cables, and cover

them up with matting.
Be aware of tree roots, rocks etc.

drowning Be cautious near deep water when taking water samples.

First aid

Minimising the risk of injury reduces the chance of requiring first aid assistance.
However, it is still important to have someone with first aid training present during
practical investigations. Always tell the teacher or laboratory technician if an injury
or accident happens.

Personal protective equipment

Everyone who works in a laboratory wears items that help keep them safe. This is
called personal protective equipment (PPE) and includes:

« safety glasses

¢ shoes with covered tops

« disposable gloves for handling chemicals

e adisposable apron or a lab coat if there is risk of damage to clothing or skin

e ear protection if there is a risk to hearing.

Chemical hazard codes

The chemicals at school or at the hardware shop have a warning symbol on the
label. These are chemical hazard codes (HAZCHEM codes) or GHS (Globally
Harmonized System of Classification and Labelling of Chemicals) pictograms.
Some common codes and their meanings are shown in Figures 1.2.6 and 1.2.8.

Trucks that carry chemicals display hazard symbols, as shown in Figure 1.2.7.
CHAPTER 1 | WORKING SCIENTIFICALLY
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HAZCHEM INTERPRETATION 1 EXPLOSIVE 43  DANGEROUS WHEN WET
(Gunpowder, flares) (Calcium carbide)

1 Water Jets - — —

2 Water Fog 21 FLAMMABLE GAS 51 OXIDIZING AGENT

3 Foam (LP gas, acetylene) (Calcium hypochlorite)

4 Dry Agent v
B R 52 ORGANIC ERONIDE

PlV Full Protective Clothing* NON-TOXIC GAS ‘

R Full Protective Clothing* Rk AN

s|v Breathing Apparatus % M ) , ¢ (Tficn q) )

3 A I I

e W | 23 Totceas PN

- Beeathing Apparatusfor Fire Only (Chlorine gas) 5 P 7 (Ral::w(')uAan}' IVE MATERIAL

WiV Full Protective Clothing*

creery 0 3 FLAMMABLE LIQUID
: - Fugl' :;t::ctwe Clothing o (Petrol, kerosene) ‘ 8  CORROSIVE o
ng Apparatus Z (Hydrochloric acid)

Y | V [ Breathing Apparatus for Fire Only g y

z Breathing Apparatus 2| A T SOL'Dh » 9 MISCELLANEOUS

7 Breathing Apparatus for Fire Only (Firelighters, matches) %{]/ DANGEROUS GOODS

A (Dry ice, asbestos)
E Consider Evacuation 42 SPONTANEOUSLY ..
Note V: Danger of violent reaction or explosion COMBUSTIBLE MIXED CLASS LABEL

*" Full Protective Clothing includes Breathing Apparatus (Carbon, white phosphorus) (For road transport)

FIGURE 1.2.6 HAZCHEM signs have very specific meanings.

FIGURE 1.2.7 Trucks transporting hazardous substances such as flammable liquids have hazard
symbols attached.

OSSP

FIGURE 1.2.8 On 1 January 2017, the GHS (Globally Harmonized System of Classification and
Labelling of Chemicals) pictograms were introduced in Australia. These are used for labelling
chemical containers and in safety data sheets. Some of the pictograms you may see denote
chemicals that (a) are corrosive, (b) pose a health hazard or (c) are flammable.
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Safety data sheets

Each chemical substance has an accompanying document called a safety data
sheet (SDS) (Figure 1.2.9), previously known as a material safety data sheet
(MSDS). An SDS contains important safety and first aid information about each
chemical you commonly use in the laboratory. For example, if the products of a
reaction are toxic to the environment, you must pour your waste into a special
container and not down the sink.

The SDS helps employers, workers and other health and safety representatives
safely manage the risks of hazardous substance exposure.

1. IDENTIFICATION OF THE MATERIAL AND SUPPLIER
Product Name: HYDROCHLORIC ACID - 20% OR GREATER

Recommended use of the chemical Precursor for generation of chlorine dioxide gas used in water treatment.
and restrictions on use:

Please ensure you refer to the limitations of this Safety Data Sheet as set out in the "Other Information" section at the end of this Data Sheet.

2. HAZARDS IDENTIFICATION

Classified as Dangerous Goods by the criteria of the Australian Dangerous Goods Code (ADG Code) for Transport by
Road and Rail; DANGEROUS GOODS.

This material is hazardous according to Safe Work Australia; HAZARDOUS SUBSTANCE.

Classification of the substance or mixture:

Corrosive to Metals - Category 1

Skin Corrosion - Sub-category 1B

Eye Damage - Category 1

Specific target organ toxicity (single exposure) - Category 3

SIGNAL WORD: DANGER

&

CORROSIVE
8

Hazard Statement(s):

H290 May be corrosive to metals.

H314 Causes severe skin burns and eye damage.
H335 May cause respiratory irritation.

Precautionary Statement(s):

Prevention:

P234 Keep only in original container.

P260 Do not breathe mist / vapours / spray.

P264 Wash hands thoroughly after handling.

P271 Use only outdoors or in a well-ventilated area.

P280 Wear protective gloves / protective clothing / eye protection / face protection.

FIGURE 1.2.9 Part of a safety data sheet (SDS) for concentrated hydrochloric acid. The SDS alerts the reader to any potential hazards associated with
the use of a substance, and lists appropriate measures to reduce risk of harm.

CHAPTER 1 | WORKING SCIENTIFICALLY 17



1.2 Review

+ The methodology of your investigation is the step- + Risk assessments must be carried out before
by-step procedure. When detailing the methodology, conducting an investigation so that everyone
ensure it works as a valid, reliable and accurate involved is kept as safe as possible. If elements of
investigation. an investigation are high risk, then the experimental

+ Determine how many times an experiment needs design needs to be re-evaluated.
to be replicated. Many scientific investigations lack » |tis important to choose appropriate equipment for
sufficient repetition to ensure that the results can be an experiment. This includes personal protective
considered reliable and repeatable. equipment that will help keep you safe and

instrumentation that will give you accurate results.

KEY QUESTIONS

1 Ajournal article reported the materials and procedure 4  You are conducting an experiment to determine the pH

used in an experiment. The experiment was repeated of a solution. Discuss the accuracy of your results if

three times, and all values were reported in the results you are:

section of the article. a using litmus paper or universal indicator

Repeating an experiment and reporting results b recording the pH using a calibrated pH meter.

supports which of the following? 5 Give the correct term to describe an experiment with

A validity each of the following conditions.

B reliability a The experiment addresses the hypothesis and

C credibility purposes.

D systematic errors b The experiment is repeated and consistent results
2 a Explain what is meant by the term ‘controlled are obtained.

experiment’. ¢ Appropriate equipment is chosen to reduce
b Using an example, distinguish between independent systematic errors.

and dependent variables.
3 You are conducting an experiment to determine the pH
of various soft drinks. Identify:
a the independent variable
b the dependent variable
¢ at least one controlled variable.
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1.3 Conducting investigations

After a practical investigation has been planned and designed, the investigation can
begin and the results can be recorded. Certain key steps and skills will help you
maintain high standards and minimise potential errors (Figure 1.3.1). This section
will focus on the best methods for conducting a practical investigation, and for
systematically generating, recording and processing data.

COLLECTING AND RECORDING DATA

A scientific investigation must be objective and systematic. Being familiar with the
methodology and protocols before beginning will help you to achieve this.

When working, keep asking questions. Is the work biased in any way? If changes
are made, how will they affect the study? Will the investigation still be valid for the
purpose and hypothesis?

During the investigation, record in your logbook:
¢ all quantitative and qualitative data collected
* methods used to collect the data

* any incident, feature or unexpected event that may have affected the quality or
validity of the data.

The data recorded in the logbook is the raw data. Usually this data needs to
be processed in some manner before it can be presented. If an error occurs in the
processing of the data, or if you decide to present the data in an alternative format,
the recorded raw data will always be available for you to refer back to.

Safe work practices

Remember to employ safe work practices at all times while conducting your
experiment. See Section 1.2 about conducting risk assessments. Keep in mind safe
procedures to follow when disposing of waste. These procedures will depend on
the types of waste produced throughout your experiment. Your teacher will usually
be able to show how best to approach waste disposal. Education or government
websites are another useful source of information.

IDENTIFYING ERRORS

Most practical investigations have errors associated with them. Errors can occur for a
variety of reasons. Being aware of potential errors helps you to avoid or minimise them.
For an investigation to be valid, it is important to identify and record any errors.

The three types of errors are:
¢ mistakes
e systematic errors
e random errors.

Types of errors

Mistakes

A mistake is an avoidable error. Mistakes include:
¢ misreading the numbers on a scale

¢ not labelling a sample adequately (Figure 1.3.2)
» spilling a portion of a sample.

A measurement that involves a mistake must be rejected. It must not be included
in any calculations or averaged with other measurements of the same quantity.
Systematic errors
A systematic error is consistent and will occur again if the investigation is repeated
in the same way.

Systematic errors are usually a result of instruments that are not calibrated
correctly or methods that are flawed. An example of a systematic error would be
if a ruler mark indicating 5cm was actually only 4.9cm from the 0 cm mark due

-
1R

FIGURE 1.3.1 Read the bottom of the meniscus
at eye level to avoid parallax error (an error

due to viewing the level of the solution from

an angle). This student is showing how a piece
of white card (or a tile) improves the contrast
between the solution and the scale.

GO TO » | Section 1.2 page 11

FIGURE 1.3.2 Adequate labelling of samples is
important for avoiding mistakes.
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GO TO » | SkillBuilder page 227

GO TO » | Appendix 2 page 528

FIGURE 1.3.3 Record the uncertainty for
glassware and instruments. This pipette can
dispense a volume (aliquot) of 25.00 = 0.03 mL.
When it is used correctly, the volume dispensed
will be between 24.97 mL and 25.03 mL.

25.00
mL
+0.03
mL
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to a manufacturing error or shrinkage of the wood. Another example would be a
researcher repeatedly using a piece of equipment incorrectly.

Random errors

Random errors occur in an unpredictable manner and are generally small. A random
error would occur if an instrument was affected by a power cut or low battery power.

Techniques for reducing error

Care in designing the procedure, and in selecting and using equipment, will help to
reduce errors.

Appropriate equipment

Use equipment that is best suited to the data needed for testing the hypothesis.
Determining the units and the scale of the data being collected will help in selecting
the correct equipment. Using the right unit and scale will ensure that measurements
are more accurate and precise (with smaller systematic errors).

Significant figures are the numbers that convey meaning and precision. The
number of significant figures used depends on the scale of the instrument. It is
important to record data to the number of significant figures available from the
equipment or observation. Using either a greater or smaller number of significant
figures can be misleading.

Review the following examples of significant figures.

* 15 has two significant figures.
e 3.5 has two significant figures.
e 3.50 has three significant figures.
e 0.037 has two significant figures.
e 1401 has four significant figures.

The formula used to calculate heat energy (q) is ¢ = mcAT.

Ifm=1000g,c=4.18Jg 'K and AT =4.8K, ¢=200647].

Only write the answer to the least number of significant figures in the data (that
is, two significant figures):

g=20KkJor 2.0 x 10*]

Although digital scales can measure to many more than two figures, and
calculators can give 12 figures, use common sense and follow the significant
figure rules.

Calibrated equipment

Some equipment, such as a pH meter, needs to be calibrated before use. Before
carrying out an investigation, make sure that instruments or measuring devices are
properly calibrated and functioning correctly. Record the precision of the glassware
that you intend to use. If you are preparing a solution of known concentration,
you might have access to a pipette, which has less measurement uncertainty than a
beaker (Figure 1.3.3).

Correctly using equipment

Use equipment properly. Ensure you have been trained to use the equipment and
that you have practised using it before beginning the investigation. Improper use of
equipment can result in inaccurate, imprecise data with large errors, and the validity
of data can be compromised.

Incorrect reading of measurements is a common misuse of equipment. Make
sure that you can use all of the equipment you need, and record the instructions
in detail so that you can refer back to them if the data doesn’t appear to be correct.

Repeating an investigation

As discussed in Section 1.2, reliability is ensured by repeating your experiment.
If you have doubts about reliability, review your procedure before repeating the
investigation to ensure all variables are being tested under the same conditions.
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Referencing secondary-sourced information

As you conduct your investigation, make note of any secondary-sourced information
that you use. Include it in your written report. This is discussed further in Section 1.7.

Categorising the information and evidence you find while you are working will
make it easier to locate information later and to write up your final investigation.
Categories you might use include:

research methods

key

findings

evidence

research relevance

use

stakeholders and impacts
future concerns.
Record information from resources in a clear way so you can retrieve it and use it.

1.3 Review

SUMMARY

During an investigation, the following must be
recorded in a logbook:
— all quantitative and qualitative data collected
— the procedures used to collect the data
— any incident, feature or unexpected event that
may have affected the quality or validity of
the data.
A systematic error is an error that is consistent and
will occur again if the investigation is repeated in the
same way. Systematic errors are usually the result
of instruments that are not calibrated correctly or
procedures that are flawed.

KEY QUESTIONS

1

Both sets of the data shown contain errors. Identify
which set is more likely to contain a systematic error
and which is more likely to contain a mistake.

Data set A: 11.4,10.9,11.8,10.6,1.5,11.1

Data set B: 25, 27, 22, 26, 23, 25, 27

What type of error is associated with:
a inaccurate measurements
b imprecise measurements?

A student carried out a titration (a type of experiment)
during a research investigation. The volumes
dispensed from a piece of specialised glassware, called
a burette, are called titres. Concordant (acceptably
consistent) titres have a maximum range of 0.10mL.
The following titres were recorded: 18.34mL,
17.34mL, 17.38mL, 17.84mL and 17.44mL. Which
three are concordant titres?

4

5

Random errors occur in an unpredictable manner
and are generally small. A random error could be
the result of a researcher reading the same result
correctly one time and incorrectly another time.

The number of significant figures used when
recording data depends on the scale of the
instrument used. It is important to record data to
the number of significant figures available from the
equipment or observation.

Identify whether each of these errors is a mistake, a

systematic error or a random error.

a A pipette that should dispense volumes of 25.00
+ 0.03 mL actually dispenses aliquots of 25.87 +
0.03mL.

b A student misreads the value of the burette for the
second titration.

¢ A sample of sodium carbonate powder is weighed
three times with these results: 1.5791g, 1.5792¢
and 1.5790¢g.

A scientist carries out a set of experiments, analyses
the results and publishes them in a scientific journal.
Other scientists in different laboratories repeat the
experiment, but do not get the same results as the
original scientist. Suggest several reasons for this.
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1.4 Processing data and information

Once you have conducted your investigation and collected data, you will need to
find the best way of collating it. This section is a guide to the different forms of
representation that will help you to better understand your data.

RECORDING, ORGANISING AND PRESENTING
QUANTITATIVE DATA

The raw data that has been obtained needs to be presented in a way that is clear,
concise and accurate. Data can be presented in a number of ways, including as
tables, graphs, flow charts and diagrams.

Raw data is unlikely to be used directly to validate a hypothesis. However, raw
data is essential to the investigation, and plans for collecting the raw data should be
made carefully. Consider the formulae or graphs that will help you to analyse the
data at the end of the investigation. This will help to determine the type of raw data
that needs to be collected in order to validate the hypothesis.

Presenting raw and processed data in tables

Tables can be used to organise raw data and processed data or to summarise results.
The simplest form of a table is a two-column format. In a two-column table, the first
column contains the independent variable (the one being changed) and the second
column contains the dependent variable (the one that may change in response to a
change in the independent variable).

Tables should have:
e a descriptive title
¢ column headings (including the units of measurement)
* numbers aligned at the decimal point
e the independent variable in the left column
* the dependent variable in the right column.

Look at Table 1.4.1, which has been used to organise raw and processed data
about the water in Sydney Harbour.

TABLE 1.4.1 Analysis of Sydney Harbour water and how the data could be recorded

Location | Date Temperature | pH Conductivity | Turbidity | Dissolved | Biological
(°C) (£0.1) oxygen oxygen

(mgL!) |demand
(+0.1) (mgL)

(£0.1)
A 26 Feb, 104 6.5 72 5 11.8 0.9
11 am
B 26 Feb, 9.2 6.6 73 10 114 0.7
8 am
© 27 Feb, 9.5 6.4 77 10 109 0.9
8 am
D 27 Feb, 9.9 6.5 75 10 11.3 1.0
9 am

Mean and uncertainty

A table of processed data usually presents the average value of replicates—the mean.
However, the mean on its own does not provide a complete picture of the results.
To report processed data more usefully, the uncertainty should be presented as
well. In other words, the mean must be accompanied by a description of the range
of data obtained.

Uncertainty is calculated as:

uncertainty = £(maximum variance from the mean)
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Worked example 1.4.1
CALCULATING UNCERTAINTY

The temperature of the water in the Murrumbidgee River at Carrathool was
measured in March 2017. The temperatures (in °C) recorded were:

21,22, 20, 20, 21, 20, 19
Find the uncertainty for these values to the nearest degree.

Thinking Working

Calculate the average 21+22+20+20+421420+19 _ 5000
temperature. average = 7 =

Calculate the maximum 22°C is 2°C above the average temperature, so
variance from the mean. the uncertainty is 2.

Write the average temperature | The average temperature is 20 + 2°C.

and include the uncertainty.

Worked example: Try yourself 1.4.1
CALCULATING UNCERTAINTY

The temperature of the water in the Murrumbidgee River at Wagga Wagga was
measured in February 2017. The temperatures (in °C) recorded were:

23,22,24,21, 26, 24, 23
Find the uncertainty for these values to the nearest degree.

Percentage error

Percentage error (also known as percentage uncertainty) is a way to quantify the

accuracy of a measurement. It is the data uncertainty divided by the measurement.

Suppose you have measured a distance of 230.0 cm using a ruler, and have calculated

that the uncertainty for this measurement is £0.5cm.
percentage error = (0'5) x 100 =%0.2%

230.0

Mode and median

The mean and the uncertainty are statistical measures that help describe data

accurately. Other statistical measures that can be used, depending on the data

obtained, are:

*  mode—the value that appears most often in a data set. The mode is useful for
describing qualitative or discrete quantitative data (e.g. the mode of the values
0.01,0.01,0.02,0.02,0.02, 0.03, 0.04 is 0.02).

¢ median—the middle value of an ordered list of values (e.g. the median of the
values 5, 5, 8, 8,9, 10, 20 is 8). The median is used when the data range is spread;
for example: due to the presence of unusual results, making the mean unreliable.

Graphs
In general, tables provide more detailed data than graphs, but graphs make it easier
to observe trends and patterns in data.
Graphs are often used when two variables are being considered and one variable
is dependent on the other. A graph shows the relationship between the variables.
There are several types of graphs that can be used, including line graphs, bar
graphs and pie charts. The best one to use will depend on the type of data. This is
discussed further in Section 1.5.
When making a graph (Figure 1.4.1):
* keep the graph simple and uncluttered
* use a descriptive title
e represent the independent variable on the x-axis and the dependent variable on
the y-axis

Calibration curve: absorbance of
standard copper(ll) sulfate solutions

0.25-

0.20] ~
0.15-] % e
0.10

0.05— yd

0

Absorbance

T T T T
0 0.0020 0.0040 0.0060 0.0080
Concentration of CuSO, (aq) (mol L)

FIGURE 1.4.1 A graph is a good way to show
trends and patterns in data. Well-constructed
graphs have a title and labelled axes, including
units.
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* make axes proportionate to the data

* clearly label each axis with both the variable and the unit in which it is measured
(if applicable).

Line graphs

Line graphs are a good way of representing continuous quantitative data. In a line

graph, the values are plotted as a series of points on the graph. There are two ways

of joining these points.

¢ A line can be ruled from each point to the next (Figure 1.4.2a).This shows the
overall trend, or relationship; it is not meant to be used to predict the value of
the points between the plotted data.

e The points can be joined with a single smooth straight (Figure 1.4.3) or curved
line (Figure 1.4.2b). This creates a trend line, also known as a line of best fit. The
line of best fit does not have to pass through every point, but should go close to
as many points as possible. It is used when there is an obvious trend in the data.

@) Height of river at bridge (b)
flood gauge Stopping distance for car

-~ 3 € 50

S E

g g 40

g 2 5

E b 30

21 o 20

ey =

00 a 10

() Q.

T o0 S0

JFMAM] J ASOND w0 20 40 60 80
Months 2010 Speed of car (km h™)

FIGURE 1.4.2 (a) The data in the graph is joined from point to point. (b) The data in the graph is
joined with a line of best fit, which shows the general trend.

Outliers

Sometimes when the data is collected, one piece of data may not fit with the trend
and is clearly an error. This is called an outlier. An outlier is often caused by a
mistake made in measuring or recording data, or by a random error in the measuring
equipment. If there is an outlier, include it on the graph, but ignore it when adding
a line of best fit (Figure 1.4.3).

Calibration curve: absorbance of phosphate
0.20
0.18
0.16—

line of best fit
0.14-

0.12] outlier

0.10—

Absorbance

0.08

0.06—

0.04—

0.02

04 T T T T T
0 0.1 0.2 0.3 0.4 0.5 0.6 0.7
Concentration of phosphate (mg L")

FIGURE 1.4.3 Qutliers should be ignored when constructing a line of best fit.
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1.4 Review

A wide range of analysis tools can be used to
organise and present data. Tables can show data in
more detail, and graphs can show relationships and
comparisons.

The simplest form of a table is a two-column format
in which the first column contains the independent
variable (the one being changed) and the second
column contains the dependent variable (the one
that may change in response to a change in the
independent variable).

KEY QUESTIONS

1

3

For the data set 21, 28, 19, 19, 25 and 24, determine

the:

a mean

b mode

¢ median.

How can the general trend of a graph be represented

after the points are plotted?

a Use the following values to plot a calibration curve
to determine the concentration of phosphate in
samples of water. The absorbance values were
obtained during an experiment at 450 nm.

Standard phosphate Absorbance

concentration (mgL™1)

0.00 0.000
0.12 0.038
0.24 0.079
0.36 0.159
0.48 0.154
0.60 0.191

For a range of measurements of a particular value,
the mean must be accompanied by the uncertainty,
to indicate precision.

When making a graph:
— keep the graph simple and uncluttered
— use a descriptive title

— represent the independent variable on the x-axis
and the dependent variable on the y-axis

— make axes proportionate to the data

— clearly label each axis with both the variable and
the unit in which it is measured.

b From the graph you have drawn, select the data
point that is an outlier.

¢ Define the term ‘outlier’.

State the mean and uncertainty for the data set 20, 28,

19, 19, 25 and 24.
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1.5 Analysing data and information

Now that the investigation has been conducted and the data collected, it is time
to analyse and discuss your findings. Analysing your results allows you to better
understand the physical processes behind them.

FIGURE 1.5.1 Analyse both your raw and processed data before drawing conclusions from your
investigation.

WRITING A DISCUSSION

The discussion is the part of the investigation in which the evaluation and explanation
of the procedure and results takes place. It is the interpretation of what the results
mean.

The key sections of the discussion are:

* analysing and evaluating the data

» evaluating the investigative procedure

* explaining the link between the investigation findings and the relevant chemical
concepts.

Consider the message to be conveyed to the audience when writing the discussion.
Statements need to be clear and concise. At the conclusion of the discussion, the
audience must have a clear idea of the context, results and implications of the
investigation.

ANALYSING AND EVALUATING THE DATA

In the discussion, the findings of the investigation need to be analysed and

interpreted.

e State whether a pattern, trend or relationship was observed between the
independent and dependent variables. Describe what kind of pattern it was and
specify under what conditions it was observed.

e Were there discrepancies, deviations or anomalies in the data? If so, these should
be acknowledged and explained.

e Identify any limitations in the data. Perhaps a larger sample or greater variation
in the independent variable would lead to a stronger conclusion.
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You can use the trends, patterns and mathematical models observed in your
results to discuss whether the data supported or refuted the hypothesis. Ask questions
such as:

» was the hypothesis supported?

* has the hypothesis been fully investigated? (If not, give an explanation of why
this is so and suggest what could be done to either improve or complement the
investigation.)

* do the results contradict the hypothesis? If so, why? (The explanation must be
plausible and must be based on the results and previous evidence.)

Trends in line graphs

Graphs show the relationship between variables.

* Variables that change linearly (or in direct proportion to each other produce a
straight, sloping trend line (Figure 1.5.2).

* Variables that change exponentially (or in indirect proportion to each other)
produce a curved trend line (Figure 1.5.3).

*  When there is an inverse relationship, one variable increases as the other variable
decreases (Figure 1.5.4).

¢ When there is no relationship between two variables, one variable will not change
when the other changes (Figure 1.5.5).

Y y
X X
FIGURE 1.5.2 This graph indicates variables that  piquRre 1.5.3 This graph indicates variables that
change in direct response to each other. change in response to each other in a non-
linear way.
@y (b) ¥y y
X X

X

FIGURE 1.5.5 When two variables show no
relationship, there is no trend in the data.

FIGURE 1.5.4 This graph indicates variables with an inverse relationship: one variable decreases in
response to the other variable increasing. The relationship may be (a) direct (linear) or (b) indirect
(non-linear).

Remember that results may be unexpected. This does not make the investigation
a failure. However, the findings must be related to the hypothesis, purpose and
inquiry question.

Table 1.5.1 on page 28 shows the types of graph used for presenting various
kinds of data.
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TABLE 1.5.1 Types of graph that can be used in an investigation discussion

scatter graph  showing quantitative data where one calibration curve in colorimetry
with a line of variable is dependent on another
best fit variable
line graph presenting continuous quantitative concentration of dissolved
data oxygen in a creek at a particular
location over a period of time
bar graph displaying data in an investigation with  turbidity of water at various
a qualitative independent variable locations (Figure 1.5.6)
pie diagram summarising qualitative data; relative proportion of various
displaying proportions pesticides in a sample of water

Water turbidity at various locations
along the Murrumbidgee River

3500

3000

S 2500+
|_
z

:’>, 2000
S

2 1500+
]
'_

1000

500 —

0 —
stormwater stagnant turbulent 1 mfrom river
outlet A water B water under edge D
bridge C

Location of water sampled, Murrumbidgee River

FIGURE 1.5.6 A bar graph can be used to compare data. This graph shows the turbidity (a measure
of water quality) of water samples taken from various locations along the Murrumbidgee River.

EVALUATING THE PROCEDURE

It is important to discuss the limitations of the investigation procedure. Evaluate the
procedure and identify any issues that could have affected the validity, accuracy,
precision or reliability of the data. Sources of errors and uncertainty must also be
included in the discussion.

If any limitations or problems in the methodology are identified, recommend
improvements to the investigation; for example, suggest how a different measurement
technique could be more accurate.

Addressing bias

Bias is a form of systematic error resulting from the researcher’s personal preferences

or motivations. There are many types of bias, including:

» poor definitions of either concepts or variables (for example, not defining pH)

* incorrect assumptions (for example, measuring the pH of a solution without also
measuring its temperature)

e errors in the investigation design and procedure (for example, taking more water
samples from one site compared with all other sites).
Bias may occur in any part of the investigation. Some biases cannot be eliminated,

but they should be addressed in the discussion.
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Evaluating accuracy and precision
In the discussion, evaluate the degree of accuracy and precision of the measurements
of each variable in the hypothesis. Comment on the uncertainties obtained.

When relevant, compare the chosen measurement technique with any other
techniques that might have been selected. Evaluate the advantages and disadvantages
of the selected methodology and its effect on the results.

Indicating reliability
When discussing the results, indicate the range of the data obtained from replicates.
Explain how the sample size was selected. Larger samples are usually more reliable,
but time and resources might have been scarce. Discuss whether the results of the
investigation have been limited by the sample size.

The control group is important for the reliability of the investigation. A control
group helps determine whether a variable that should have been controlled has been
overlooked, and it may help explain any unexpected results.

Explaining errors

Discuss any sources of systematic or random error and suggest ways of improving
the investigation (Figure 1.5.7).

CRITICALLY EVALUATING RESOURCES

Not all sources are credible. It is essential to critically evaluate information content

and its origin. Here are some examples of questions you should ask when evaluating

a source.

e Who created this information? What are the qualifications, expertise,
reputation and affiliations of the authors?

¢ Why was it written?

¢ Where was the information published?

e When was the information published?

¢ How often is the information referred to by other researchers?

e Are the conclusions supported by data or evidence?

¢ What is implied?

*  What is omitted?

* Are any opinions or beliefs being presented?

* Is the writing objectively and accurately describing a scientific concept or
phenomenon?

¢ How might other people understand or interpret this message differently?
When evaluating the validity or bias of a website, consider its domain extension:
— ‘.gov’ refers to government.
— ‘.edu’ refers to educational groups such as universities.
— ‘.org’ refers to non-profit organisations.
— ‘.com’ refers to commercial/business entities.

FIGURE 1.5.7 Honest evaluation and reflection

are important when analysing the procedure.
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1.5 Review

After completing an investigation, the data must be
analysed and interpreted. A discussion of the results
is required.

— State whether a pattern or trend was observed in
the data, suggesting a relationship between the
independent and dependent variables. Describe
what kind of pattern it was and specify the
conditions under which it was observed.

— If possible, create a mathematical model to
describe the data.

— Were there discrepancies, deviations or anomalies
in the data? If so, these should be acknowledged
and explained.

— Identify any limitations in the data collected.
Perhaps a larger sample or further variations in
the independent variable would lead to a stronger
conclusion.

KEY QUESTIONS

1

What relationship between the variables is indicated by 5

a sloping linear graph?
What relationship exists if one variable decreases as
the other increases?

What relationship exists if both variables increase or
both decrease at the same rate?

What might cause a sample size to be limited in an
investigation?
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It is important to discuss the limitations of the

investigation methodology. Evaluate the methodology

and identify any issues that could have affected the
validity, accuracy, precision or reliability of the data.
Sources of errors and uncertainty must also be
stated in the discussion.

When discussing the results, indicate the range

of the data obtained from replicates. Explain how
the sample size was selected. Larger samples are
usually more reliable, but time and resources may
have been scarce. Discuss whether the results of the
investigation have been limited by the sample size.

Consider this investigation hypothesis: If precipitation
of calcium carbonate (limescale) on the heating
element of a kettle decreases its efficiency, and the
precipitation in various kettles is quantified, then the
kettles with less limescale will be more efficient (heat
more quickly) than kettles with more limescale.

Improve this response to the hypothesis: ‘When 10%

of the heating element was covered by limescale, the

kettle worked at 90% efficiency, and when 20% of the
heating element was covered by limescale, the kettle

worked at 76% efficiency.



1.6 Problem solving

After the results have been analysed, critical thinking can be used to relate them to
chemistry concepts to formulate conclusions. In this section, you will learn how this
leads to a better understanding of the scientific principles underlying the problem
you set out to solve.

DISCUSSING RELEVANT CHEMICAL CONCEPTS

To make the investigation more meaningful, it should be explained within the
right context—the related chemical ideas, concepts, theories and models. Within
this context, you can explain the basis for the hypothesis. For example, if you were
studying the impact of dissolved carbon dioxide on the pH of sparkling mineral
water, you could include the information given in Table 1.6.1 in your discussion.

TABLE 1.6.1 Examples of chemical concepts in a scientific investigation

oo e

definitions of key terms ‘pH’, ‘dissolved carbon dioxide’ and
‘sparkling mineral water’

function of added carbon dioxide to create ‘sparkling’ water
relationship between variables dissolved carbon dioxide and pH of
water; temperature was controlled in the
experiment
chemical principle; include relevant dissolving carbon dioxide involves formation
equations of carbonic acid (H,CO;)
sources of error reduce random error by repeating

measurements and calculating averages

Relating findings to a chemical concept

Using a theoretical context, you can compare your results with existing relevant
research and knowledge. After identifying the major findings of the investigation,
ask questions such as:

* how does the data fit with the literature?

* does the data contradict the literature?

* do the findings fill a gap in the literature?

¢ do the findings lead to further questions?

« can the findings be extended to another situation?

Be sure to discuss the broader implications of the findings. Implications are
the bigger picture. Outlining them for the audience is an important part of the
investigation. Ask questions such as:
¢ do the findings contribute to or impact on the existing literature and knowledge

of the topic?

e are there any practical applications for the findings?

DRAWING EVIDENCE-BASED CONCLUSIONS

A conclusion is usually a paragraph that links the collected evidence to the hypothesis
and provides a justified response to the research question.

Indicate whether your hypothesis was supported or refuted and the evidence on
which this is based (that is, the results). Do not provide irrelevant information. Only
refer to the specifics of the hypothesis and the research question, and do not make
generalisations.
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Read the examples of weak and strong conclusions in Table 1.6.2 for the
hypothesis and research question shown.

TABLE 1.6.2 Strong and weak conclusions to a hypothesis and research question

Strong conclusion Weak conclusion

Research question: Analysis of the results for the effect of The results show
DLEIRC RTS8 an increase in temperature of water that temperature
the pH of water? from 5°C to 40°C showed an inverse does affect the pH
relationship, in which the pH of water of water.
decreased from 7.4 to 6.7. These results

support the current knowledge that an

increase in water temperature results in

a decrease in its pH.

Hypothesis: If pH An increase in water temperature from The pH of water
decreases as water 5°C to 40°C resulted in a decrease in the  decreased as
temperature increases, pH of the water from 7.4 to 6.8. temperature
and the temperature increased.

of the water in various

ponds is measured,

then pond water with a

higher temperature will

have a lower pH.

INTERPRETING INFORMATION FROM SCIENTIFIC SOURCES

Sometimes you may be required to investigate claims and conclusions made by
other sources, such as scientific and media texts. As discussed in the previous

GO TO » | Section 1.5 page 26 section, some sources are more credible than others. Once you have analysed the

validity of the primary or secondary source, you will be able to follow the steps
already described to evaluate the conclusions drawn.

1.6 Review

» A meaningful investigation is explained within the + The discussion should indicate whether the
right context, which means together with related hypothesis has been supported or refuted and on
chemical ideas, concepts, theories and models. what evidence this is based (that is, the results).
The basis for the hypothesis is explained within Only the specifics of the hypothesis and the
this context. research question should be referred to.

KEY QUESTIONS

1 Which of the following would not form part of a strong 3 A procedure was repeated 30 times. How should

conclusion to a report? the following statement be rewritten?
A The concluding paragraphs are relevant and provide ‘Many repeats of the procedure were conducted.
evidence. 4  Which of the following would form part of a strong
B The concluding paragraphs are written in emotive conclusion to a practical report?
language. A a statement specifically referring to whether the
C The concluding paragraphs include reference to hypothesis was supported or refuted
limitations of the research. B reference to the results of the investigation
D The concluding paragraphs include suggestions for C reference to relevant chemical theory
further avenues of research. D a statement that the hypothesis has been proved to

2 Explain whether generalisations or implications should be correct.
be included in an investigation.
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1.7 Communicating

The way to approach communication of the results will depend on the audience.
For example, investigation results intended for a general audience may adopt the
style of a news article or blog post that doesn’t use too much scientific language.

You will need to present your research using appropriate scientific language
and notation. There are many different presentation formats, such as posters,
oral presentations and reports. This section discusses the main characteristics of
effective science communication and report writing, including objectivity, clarity,
conciseness and coherence.

STRUCTURING A REPORT

Scientific reports should have a clear, logical structure.

Introduction

In the first paragraph, introduce your research topic and define the key terms.
Body paragraphs

Subsequent paragraphs each cover one main idea.

¢ Summarise the content of the paragraph in the first sentence of each paragraph.

» Use evidence to support your statements.
¢ Avoid very long or very short paragraphs.

Conclusion

The final section summarises the main findings. You should:

» relate it to the title of the investigation

* include mention of the limitations of the investigation

e discuss implications and applications, and potential future research.

Analysing relevant information

Scientific research should always be objective and neutral. Any premise presented
must be supported with facts and evidence to allow the audience to decide for
themselves. In your report, identify the evidence supporting or contradicting each
point you make. Explain connections between ideas, concepts, theories and models,
and make sure your discussion is relevant to the question under investigation.
Figure 1.7.1 shows the questions to consider when writing an investigation report.

Have you identified
social, economic,
environmental and
ethical factors
relevant to your
inquiry question?

Canyou use a
labelled diagram
to help explain
chemical concepts
or present
evidence?

What are the
limitations of the
information
you are
presenting?

Do the sources

agree? What is
similar? What
is different?

Summarise main
ideas from sources.
Is the evidence
valid and reliable?

do you have?
What are the

Inquiry question

FIGURE 1.7.1 Ask yourself these questions when preparing to write a scientific report.

What questions

implications for
further research?

SKILLBUILDER

Structuring body
paragraphs

The body paragraphs of a report
or essay need to be structured
such that each idea is presented
in a clear way. Good paragraphs
create a report that has a logical
flow.

One way to ensure each
paragraph is structured well is to
use the acronym TEEL.

Topic sentence

This establishes the key idea or
argument that will be put forward
in the paragraph. It supports the
main proposition of the overall
report.

Elaborate on the idea
Add further detail to the initial
topic sentence.

Evidence

Provide evidence to support the
idea or argument presented in
the topic sentence.

Link back to the topic
sentence

Summarise the argument in the
paragraph and indicate how it
links to the overall proposition set
out by the report as a whole.
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After you have analysed your sources, make notes on your report outline,
indicating where you will use evidence and the source of that evidence. Try to
introduce only one idea per sentence and one theme per paragraph.

For example, for a report on ‘Experimental research into biodegradability of
plastics’, the third paragraph might contain notes like this:
e Sclke et al. (2015), who reported no significant degradation
e Chiellini et al. (2007) reported significant degradation.

A report should include an analysis and synthesis of your sources. The information
from different sources needs to be explicitly connected and it should be clear where
sources agree and disagree. In this example, the final sentences could be:

Selke et al. (2015) reported that tests of plastic polymers treated with biodegradation
additives resulted in no significant biodegradation after three years. This finding
contrasts with that of Chiellini et al. (2007), who reported significant biodegradability of
additive-treated polymers.

The different results can be explained by differences in the studies. The 2007 study
tested degradation in natural river water, whereas the 2015 study tested degradation
under ultraviolet light, aerobic soil burial and anaerobic aqueous conditions (Chiellini
et al. 2007; Selke et al. 2015). As well as using different additives and different
experimental techniques, Selke et al. (2015) used additive rates of 1-5% and tested
both polyethylene terephthalate (PET) and polyethylene, whereas Chiellini et al. (2007)
used additive rates of 10-15% and tested only polyethylene.

Both studies were conducted under laboratory conditions, so they may not reflect what
happens in the natural environment.

WRITING FOR SCIENCE

Scientific reports are usually written in an objective and unbiased style. This is in
contrast with persuasive writing, which often uses the subjective techniques of
rhetoric or persuasion.Table 1.7.1 contrasts persuasive and scientific writing styles.

TABLE 1.7.1 Examples of persuasive writing and scientific writing styles

Biased and subjective language: Unbiased and objective language:
The results were extremely bad/atrocious/ The results showed ...
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wonderful.

This is terrible because ...

This produced a disgusting odour.
Health crisis!

Exaggeration:
The object weighed a colossal amount, like
an elephant.

Everyday or colloquial language:
The bacteria passed away.
The results don't ...

The researchers had a sneaking suspicion ...

The implications of these results are ...
The results imply ...

This produced a pungent odour.
Health issue

Non-emotive language:
The object weighed 256 kg.

Formal language:

The bacteria died.

The results do not ...

The researchers predicted/hypothesised/
theorised ...



Consistent reporting narrative

Scientific writing can be written either in first-person or in third-person narrative.
Your teacher may advise you on which to select. In either case, ensure that you keep
the narrative point of view consistent. Read the examples of first-person and third-
person narrative in Table 1.7.2.

TABLE 1.7.2 Examples of first-person and third-person narrative

I put 50g marble chips in a conical flask and  First, 50 g of marble chips was weighed into

then added 10mL of 2molL-! the conical flask, and then 10 mL of 2mol L™

hydrochloric acid. hydrochloric acid was added.

After | observed the reaction, | found that ... After the reaction was completed, the results
showed ...

My colleagues and | found ... It was found ...

Qualified writing
Be careful of words that are absolute, such as always, never, shall, will and proved.

Sometimes it may be more accurate and appropriate to use qualifying words, such
as may, might, possible, probably, likely, suggests, indicates, appears, tends, can and could.

Concise writing

It is important to write concisely, particularly if you want to engage and maintain
the interest of your audience. Use shorter sentences that are less verbose (that is,
they don’t contain too many words). Table 1.7.3 shows some examples of verbose
and concise writing.

TABLE 1.7.3 Examples of verbose and concise writing

Due to the fact that ... Because ...

Smith undertook an investigation into ... Smith investigated ...
It is possible that the cause could be ... The cause may be ...
A total of five experiments ... Five experiments ...
end result result

In the event that ... If...

shorter in length shorter

Visual support

Identify concepts that can be explained using visual models, and information that
can be presented in graphs or diagrams. This will not only reduce the word count of
your work, but also make it more accessible for your audience.

For example, flow charts convey the steps in a process or method. The flow chart
in Figure 1.7.2 shows how polymers used in the production of a consumer item
can be decomposed. A limitation of flow charts is that the details of the process are
omitted. Of course, simplification can be one of the benefits of visual models.
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biodegradable
containers

bagasse pulp

l D

sugar mill biodegradable

landfill

sugar cane

FIGURE 1.7.2 This flow chart shows how polymers used in the production of a consumer item can be
decomposed. A limitation of this diagram is that it does not indicate the timeline or details involved in
this process.

EDITING A REPORT

Editing is an important part of the report-writing process. After editing your report,
save new drafts with a different file name, and always back up your files in another
location.

Pretend you are reading your report for the first time when editing. After you
have completed a draft, it is a good idea to put it aside and return to it with ‘fresh
eyes’ later. This will help you find areas that need further work and give you the
opportunity to improve them. Look for content that is:

e ambiguous or unclear

* repetitive

e awkwardly phrased

e too lengthy

* not relevant to your research question

e poorly structured

¢ lacking evidence

» lacking a reference (if it is another researcher’s work).

Use a spellchecker tool to help you identify typographical errors. Make sure
it is set to Australian English. Be wary of words that are commonly confused, for
example:
¢ where/were
e their/they’re/there
o affect/effect
¢ which/that.
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REFERENCES AND ACKNOWLEDGEMENTS

All the quotations, documents, publications and ideas used in the investigation
need to be acknowledged in a References list and an Acknowledgements section to
ensure authors are credited for their work. References and acknowledgements also
give credibility to the study and allow the audience to locate information sources
should they wish to investigate further. The standard referencing style used is the
American Psychological Association (APA) academic referencing style.

When referencing a book, include (in this order) the:
¢ author’s surname and initials
e date of publication
o title
* place of publication
e publisher’s name.
For example:
Rickard, G., et al. (2016). Pearson Science 9 Student Book (2nd ed.). Melbourne:
Pearson Education.
When referencing a website, include (in this order):
e author’s surname and initials, or name of organisation, or title
* year the website was written or last revised
« title of webpage
e website address.
For example:
National Geographic. (2015). Killer fungus that’s devastating bats may have met
its match. Retrieved from http://news.nationalgeographic.com/2015/05/150527-
bats-white-nose-syndrome-treatment-conservation-animalsscience

In-text citations

Each time you write about the findings of other people or organisations, you need
to provide an in-text citation and full details of the source in the References list. In
the APA style, in-text citations include the first author’s last name and the date in
brackets (author, date). List the full details in your list of references.

The following examples show the use of in-text citation.
It was reported that in the testing of five pro-oxidant additives added to commonly
manufactured polymers, none resulted in significant biodegradation after three years
(Selke et al.,, 2015).

or
Selke et al. (2015) reported that in the testing of five pro-oxidant additives added to
commonly manufactured polymers, none resulted in significant biodegradation after
three years.

The reference details of this example would be:
Selke, S., Auras, R., Nguyen, T.A., Aguirre, E.C., Cheruvathur, R., & Liu,Y. (2015).
Evaluation of biodegradation-promoting additives for plastics. Environmental
Science & Technology, 49(6), 3769-3777.

USING APPROPRIATE CHEMICAL TERMINOLOGY

In every area of chemistry, you should attempt to quantify the phenomena you study.
In practical demonstrations and investigations, you generally make measurements and
process those measurements to come to some conclusions. Scientists have a number
of conventional ways of interpreting and analysing data from their investigations.
There are also conventional ways of writing numerical measurements and their units.

The use of appropriate chemical nomenclature, scientific notations and units
is important. Table 1.7.4 on page 38 lists a few examples of common terms used in
chemistry.
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TABLE 1.7.4 Some common terms used in chemistry

element

compound

substance

particle

atom

molecule

ion

cation
anion

covalent network

An element is a substance whose
atoms have the same atomic number.
Atoms of different elements have
different atomic numbers.

A compound is a substance consisting
of two or more elements combined in

fixed proportions.

A chemical formula can be written for
a pure compound.

element, compound

atom, ion, molecule, proton, neutron,
electron

building block of matter; smallest unit
of an element

two or more atoms covalently bonded
together

positively charged or negatively
charged atom or group of atoms,
resulting from the loss or gain of one
or more electrons

positively charged ion
negatively charged ion

covalently bonded network in which
the bonds extend in three dimensions

sodium, chlorine, tin

H,0, NaCl

H,, diamond, H,0
Ne, Na*, H,0, H*, n?, e~

Na, He, C, Sn

water (H,0), butane
(C,H; o) glucose (CH,,00)

Na, CI, NO,-

Na, Mg2", A%, NH,*
Cl, 02, PO,

diamond, silicon dioxide

Table 1.7.5 shows chemical nomenclature commonly used in chemistry.

TABLE 1.7.5 Common chemical nomenclature

naming elements

element symbols

Do not capitalise the first letter,
unless at the start of a sentence.

Capitalise the first letter; the
subsequent letter (if present) is
lower case.

carbon, hydrogen

N, Na, Ne, Ni

naming transition
metals that can form
ions of different charges
(oxidation states)

naming ionic compounds

writing ionic formulae

using brackets in
chemical formulae

using brackets in
condensed structural
(semi-structural) formulae

Write the name of the transition
metal, immediately followed by

a Roman numeral in brackets
representing the number of charges
on the ion it forms.

Name the cation before the anion.

Write the cation before the anion.

Use brackets to indicate atoms that
need to be considered together.

Use of brackets can indicate which
groups of atoms are attached to

a central atom (such as a carbon
atom).

Brackets can indicate which group
of atoms is repeated; for example,
repeating CH, groups.

Cu* (copper(l) ion)
Cu?* (copper(ll) ion)

sodium chloride
tin(V) chloride

NaCl
SnCl,

Al(COy),

CH,CH(CH,)CH,
CH,(CH,),CH,



Examples of the uses and limitations of some commonly used chemical
conventions and representations are shown in Table 1.7.6.

TABLE 1.7.6 Some uses and limitations of common chemical conventions and representations

empirical formula

molecular formula

structural formula

condensed structural
(semi-structural)
formula

It does not necessarily show
the actual number of atoms
in a molecule.

This is determined by experiment and
shows the simplest ratio of atoms of
each element in a compound.

It does not show the
arrangement of atoms in a
molecule.

It shows the number of atoms of each
element in a molecule of a compound.

It does not show the
arrangement of atoms in
three dimensions.

It shows the relative location of atoms
within a molecule in two dimensions.

It does not show the
arrangement of atoms in
three dimensions.

It enables a structural formula to be
drawn.

Physical quantities can be represented by symbols (most of which are shown in
italics). Most physical quantities have units, and each of these also has a symbol.
Table 1.7.7 presents some quantities and units used in chemistry.

TABLE 1.7.7 Some quantities and units used in chemistry

Name of quantity Symbol for quantity | Unit name and symbol

mass
volume

amount of substance
molar mass

relative molecular or
formula mass

relative atomic mass
relative isotopic mass

density

molarity

m gram (g)

v litre (L)

n mole (mol)

M grams per mole (gmol!)

M, no units; relative to one atom of 12C
exactly

A no units, relative to one atom of 12C
exactly

I, no units, relative to one atom of 12C
exactly

d grams per millilitre or kilograms per

litre (gmL! or kgL1)

c moles per litre (molL™1)

Correct use of unit symbols

The correct use of unit symbols removes ambiguity, as symbols are recognised
internationally. Unit symbols should not be followed by a full stop unless they are
at the end of a sentence.

Uppercase letters are not used for the names of any physical quantities or
units. Uppercase letters are only used for the symbols of units named after
people. For example, the name for the unit of energy is joule and the symbol is ]J.
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C,Hs, H,0, NaCl

C,H, H,0

tetracycline structural formula

H3C\ /CH3

CH,CH,CH,CH,
or CH;(CH,),CH,
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FIGURE 1.7.3 A scientific calculator.

The joule was named after James Joule, who is best known for his studies on
energy conversions. The exception to this rule is ‘I’ for litre. This is done because
a lowercase I’ looks like the numeral ‘1°.

The product of a number of units is shown by separating the symbol for each
unit with a centered dot or a space (Table 1.7.8). Most teachers prefer a space, but
a dot is also correct. The division or ratio of two or more units can be shown in
fraction form, using a slash, or using negative indices. Most teachers prefer negative
indices. Prefixes should not be separated by a space.

TABLE 1.7.8 Examples of the use of symbols for derived units

Preferred notation Incorrect notation

JglK! Jg iK1
g mol! gmol-!
kPa (‘kilo’ is a prefix) k Pa

Most unit names can take the plural form by adding an ‘s’ when used with
numbers greater than 1. Never do this with the unit symbols. It is acceptable to say
‘two kilojoules’ but it is wrong to write 2KkJs (the correct way to write this is 2 kJ).

Numbers and symbols should not be mixed with words for units and numbers.
For example, thirty grams and 30 g are correct, but 30 grams and thirty g are
incorrect.

Scientific notation

To overcome confusion or ambiguity, measurements are often written using
scientific notation. Quantities are written as a number between 1 and 10 and then
multiplied by an appropriate power of 10. ‘Scientific notation’, ‘standard notation’
and ‘standard form’ all have the same meaning.

Examples of some values written in scientific notation are:

6.022 x 10?2 particles

25.25mL =2.525x 1072L

0.00302mol = 3.02 x 10>mol

You should be routinely using scientific notation to express numbers. This
also involves learning to use your calculator intelligently. Scientific and graphics
calculators (Figure 1.7.3) can be put into a mode whereby all numbers are displayed
in scientific notation. It is useful when doing calculations to use this mode, rather
than frequently attempting to convert to scientific notation by counting digits on
the calculator display.

An important reason for using scientific notation is that it removes ambiguity
about the precision of measurements. For example, a measurement recorded as
240 g could be a measurement to the nearest 10 g (that is, it is somewhere between
235g and 255g), or it could be to the nearest gram (between 239.5g and 240.5g).

PREFIXES AND CONVERSION FACTORS

You should be familiar with the prefixes and conversion factors in Table 1.7.9.
Conversion factors should be used carefully. A common question when converting
between units is whether to multiply or divide with the conversion factor.To convert
small units to large units, you would divide by the conversion factor. Conversely, to
convert large units to small units, you would multiply by the conversion factor.
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It is important to give a symbol the correct case (upper or lower case). There is
a big difference between 1 mL and 1 ML.

TABLE 1.7.9 Prefixes and conversion factors

1000000000000 1012 tera

1000000000 10° giga G
1000000 106 mega M
1000 103 kilo k

0.01 102 centi c

0.001 103 milli m
0.000001 10-° micro U

0.000000001 10-° nano n

0.000000000001 10712 pico p

1.7 Review

» A scientific report must include an introduction, body « Scientific writing uses unbiased, objective, accurate,
paragraphs and a conclusion. formal language. Scientific writing should be concise
+ The conclusion should include a summary of the and qualified.
main findings, a concluding statement related to the » Visual support can assist in conveying scientific
issue being investigated, limitations of the research, concepts and processes efficiently.
implications and applications of the research, « Reports should be edited before finalising.
and potential future research. « Scientific notation needs to be used when

communicating results.

I KEY QUESTIONS :

1 Which of the following statements is written in 3 The variables molar mass, specific heat capacity and
scientific style? molarity each have different units. Write the units for
A The results were fantastic ... each of the following in correct scientific notation.
B The data in Table 2 indicates ... a molar mass; grams per mole
C The researchers felt ... b specific heat capacity; joules per gram per kelvin
D The smell was awful ... ¢ molarity; mole per litre

2 Which of the following statements is written in first- 4 Describe how to convert grams into kilograms.
person narrative? 5 Discuss why you might need to convert between
A The researchers reported ... different units; for example litres to millilitres.

B Samples were analysed using ...
C The experiment was repeated three times ...
D | reported ...
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KEY TERMS

accurate mistake
affiliation mode

bias nomenclature
chemical hazard code outlier

controlled variable

percentage error

credible personal protective
dependent variable equipment (PPE)
expertise persuasion
independent variable phenomenon
mean precise

median primary source
REVIEW QUESTIONS

1 Consider the following research question:

‘Is the concentration of lead in water sampled from

Sydney Harbour within acceptable limits?’

From the following options, identify the independent,

dependent and controlled variables:

a concentration of lead

b analytical technique, temperature of water sample,
type of sampling container

¢ source and location of water.

Match the following command verbs with their

definitions:

describe, analyse, apply, create, identify, reflect on,

investigate

a Think deeply about.

b Produce or make new.

¢ ldentify connections and relationships; interpret to
reach a conclusion.

d Observe, study, examine, inquire systematically in
order to establish facts or derive conclusions.

e Use knowledge and understanding in a new situation.

f Recognise or indicate what or who.

g Give a detailed account.

Consider the following hypothesis:

‘The phosphate concentration of laundry wastewater

will be greater than that of drinking water.

Name the independent, dependent and controlled

variables for an experiment with this hypothesis.

Which of these graph types would be best to use for

each of the following data types?

pie diagram, scatter graph (with line of best fit), bar

graph, line graph

a levels of a pesticide detected in drinking water at
various locations
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qualitative
quantitative
random error
raw data
reliability
reputation
rhetoric

safety data sheet (SDS)
secondary source
significant figures
stakeholder

systematic error
trend

trend line
uncertainty
validity

variable

b temperature of water sampled at the same time of
day over a period of one month

¢ calibration curve showing absorbance of standard
solutions of phosphate measured using UV-visible

spectroscopy

d proportion of specific contaminants detected in water

5 What are the meanings of these chemical codes?

a
CORROSIVE
8
b
6
Cc




10

11

12

13

14

15

Explain the terms ‘accuracy’ and ‘validity.

The values for some mass measurements (in g)
obtained in an experiment were 7.00, 6.50, 6.08, 7.20,
6.50 and 6.50.

What is the uncertainty for the average of these values?

Which of the statistical measurements of mean, mode
and median is most affected by an outlier?

Identify whether the following are mistakes, systematic

errors or random errors.

a A student spills some solution during a titration.

b Reported measurements are greater than and less
than the true value.

¢ A weighing balance has not been calibrated.

What relationship between variables is indicated by a
curved trend line?

A scientist designed and completed an experiment to

test the following hypothesis:

‘If the electrical conductivity of water increases with

increasing temperature, and the temperature of water in

various containers is quantified, then the water with the
highest temperature will have the highest conductivity of
electricity!

The discussion section of the scientist’s report

included comments on the reliability, validity, accuracy

and precision of the investigation.

Determine which of these sentences comment on

reliability, validity, accuracy or precision.

a Three water samples from the same source
were examined at each temperature. Each water
sample was analysed and the measurements were
recorded.

b The temperature and the electrical conductivity of
the water samples were recorded using data-logging
equipment. The temperature of some of the water
samples was measured using a glass thermometer.

¢ The data logging equipment was calibrated
for electrical conductivity against a known
standard. The equipment was calibrated before
measurements were taken.

d The temperature probe (data-logger) measured
temperature to the nearest 0.1°C. The glass
thermometer measured temperature to the
nearest 0.5°C.

What factors can you look at to ensure you discuss the
limitations of a method?

Explain the meaning of the term ‘trend’ in a scientific
investigation, and describe the types of trend that
might exist.

What is meant by the ‘limitations’ of an investigation
procedure?

What is ‘bias’ in an investigation?

16

17

18

19

20

What is the purpose of referencing and acknowledging
documents, ideas and quotations in an investigation?

Which of these lists consists only of secondary sources

of information?

A interactive periodic table, article published in a
science magazine, science documentary, practical
report written by a Year 11 student

B article published in a peer-reviewed science journal,
article published in a science magazine, science
documentary

C interactive periodic table, article published in
a science magazine, science documentary, this
Year 11 textbook

D science article published in a newspaper, article
published in a science magazine, science
documentary, practical report written by a Year 11
student.

What is the correct way to cite in text the following

source in APA style?

Selke, S., Auras, R., Nguyen, T.A., Aguirre, E.C.,

Cheruvathur, R,, & Liu, Y. (2015). Evaluation of

biodegradation-promoting additives for plastics.

Environmental Science & Technology, 49(6), 3796-3777.

A However, Selke et al. (2015) did not find any
significant difference in biodegradability.

B However, Selke et al. did not find any significant
difference in biodegradability®.

C However, Selke et al. did not find any significant
difference in biodegradability (Selke, S., Auras, R.,
Nguyen, TA., Aguirre, E.C., Cheruvathur, R., & Liu, Y.
(2015). Evaluation of biodegradation-promoting
additives for plastics. Environmental Science &
Technology, 49(6), 3769-3777).

D However, Selke et al. (2015) did not find any
significant difference in biodegradability (Evaluation
of biodegradation-promoting additives for plastics.
Environmental Science & Technology).

Convert 30.00mL so that it is expressed using the unit

of litres.

Please refer to the experiment described in

Question 11.

a Write a possible purpose for the scientist’s
experiment.

b What would be the independent, dependent and
controlled variables in this investigation?

¢ What kind of data would be collected? Would it be
qualitative or quantitative?

d Explain the difference between raw data and
processed data, using this as an example. What
would you expect the graph of the results to look
like if the scientist’s hypothesis was correct?
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MODULE

Properties and structure
of matter

In this module, you will analyse trends and patterns in relation to the properties
of pure substances and use these to predict the properties of other pure
substances. This knowledge can be used to determine the ways in which
substances can be separated from one another and to understand why others
remain together.

Matter can be either pure substances, with distinct measurable properties
(e.g. melting and boiling points, reactivity, strength, density), or mixtures, with
properties that are dependent on the identity and relative amounts of the
substances that make up the mixture. The analysis of these properties has led
—y to expansion of the periodic table of elements and the advancement of atomic
theory. This understanding has allowed for the development of complex models
that have been subject to extensive peer review, and has contributed to the
advances in many disciplines over time.

Using knowledge obtained from the study of the periodic table, you will examine
trends and patterns that exist in chemical elements and atomic structure: it is
the fundamental particles from which atoms are made that give all chemicals
their properties.

Outcomes

By the end of this module, you will be able to:

 design and evaluate investigations in order to obtain primary and secondary
data and information (CH11-2)
» conduct investigations to collect valid and reliable primary and secondary data
and information (CH11-3)
« select and process appropriate qualitative and quantitative data and
: = information using a range of appropriate media (CH11-4)
-y « communicate scientific understanding using suitable language and
terminology for a specific audience or purpose (CH11-7)
+ explore the properties and trends in the physical, structural and chemical
aspects of matter (CH11-8)

Chemistry Stage 6 Syllabus © NSW Education Standards Authority
for and on behalf of the Crown in right of the State of NSW, 2017.
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Properties of matter

In this chapter, you will develop an understanding of the concept of matter as
being composed of elements, compounds and mixtures. You will learn that matter
has various states—solid, liquid or gas—and how energy affects matter and can
lead to transitions between these states. The distinction between compounds
combined chemically and mixtures combined physically will be clarified by
showing how mixtures can be separated, and how separation makes it possible

to analyse the components of matter. The chapter concludes with an overview of
elements as the building blocks of chemistry, and of how they can be grouped by
physical and chemical characteristics into the periodic table.

Content

INQUIRY QUESTION

How do the properties of substances help us to classify and
separate them?
By the end of this chapter, you will be able to:

» explore homogeneous mixtures and heterogeneous mixtures through practical
investigations:
— using separation techniques based on physical properties (ACSCH026)
— calculating percentage composition by weight of component elements and/or

compounds (ACSCHO007)

* investigate the nomenclature of inorganic substances using International Union
of Pure and Applied Chemistry (IUPAC) naming conventions

+ classify the elements based on their properties and position in the periodic table

through their:

— physical properties

— chemical properties

Chemistry Stage 6 Syllabus © NSW Education Standards Authority
for and on behalf of the Crown in right of the State of NSW, 2017.
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____________________________________________________________

CHEMISTRY INQUIRY

Comparing the states and properties

of matter

COLLECT THIS ... DO THIS ...

e candle 1 Draw up the table shown below

e matches and predict what will happen after
e balloon completing the listed tasks.

o 4 tsp bak|ng power 2 L|ght the candle with a match.
 empty soft drink can 3 Place the baking powder inside the

balloon. Add a few drops of water
and quickly tie the balloon closed.
Pour the water onto the vegetable
oil, and add a few drops of food dye.

5 Use the pliers to try to bend the
crystal of rock salt and the soft
drink can.

e 100mL vegetable oil in a glass
e 100mL water in a separate glass
» food dye

* 1 large crystal of rock salt

* pliers

RECORD THIS ...

Copy the table and record your predictions.
lighting a candle

adding baking powder and water to a
balloon and sealing it

pouring water onto vegetable oil, then
adding drops of food dye

using pliers to bend rock salt
using pliers to bend a soft drink can

Carry out the tasks. REFLECT ON THIS ...

Describe what happened by Explain the meaning of your
recording your observations. observations.

Present a table of your results. What could you do next time to

improve your experiment?

____________________________________________________________

The development of advanced materials such as nanoparticles is the result of
centuries of scientific discovery and research. Over time, scientists have gained a deep
understanding of the structure of atoms, which are the basic building blocks of matter.
Matter is anything that has mass and occupies space. As scientists’ understanding has
increased, their ability to control matter on the atomic scale has grown. An unaided
human eye can only decipher objects that are larger than 0.04 mm in width, and matter
at the atomic level is impossible to see. Therefore, much of what scientists know about
atoms has come from theoretical models and indirect observations.

0 A scientific model is a description that scientists use to represent the important

features of what they are trying to describe. They are able to test the consistency
of their observations against various predictions of the model.
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ATOMIC THEORY

In 1802, the English scientist John Dalton (Figure 2.1.1) presented the first atomic
theory of matter. Dalton proposed that all matter is made up of tiny spherical
particles that are indivisible and indestructible.

Dalton accurately described elements as materials containing just one type of
atom and compounds as materials containing different types of atoms in fixed
ratios. Elements cannot be broken down into simpler substances.

Subsequent experiments have led to the rejection of some of Dalton’s ideas,
but aspects of his theory are still accepted. Scientists now know that atoms are
not indivisible or indestructible. Atoms are made up of even smaller subatomic
particles.

CHEMFILE

Viewing atoms

Dalton’s atomic theory of matter assumed
that atoms are spherical. Atoms cannot

be seen with conventional microscopes;
therefore, in Dalton’s time there was no way
to confirm the shape of atoms. It wasn’t until
1981 that a microscope capable of viewing
atoms was developed by IBM researchers
Gerd Binnig and Heinrich Rohrer. This type of
microscope is known as a scanning tunnelling
microscope (STM). Using STMs, scientists
were able to confirm that atoms are indeed
spherical.

STMs use an extremely sharp metal tip to
detect atoms. The tip scans, line by line,
across the surface of a crystal. As the tip
moves, it measures tiny height differences in
the crystal’s surface due to the individual atoms. This is similar to the way people with
little or no vision use their fingers to sense braille on a page. The data from the tip is
then sent to a computer, which constructs an image of the atoms. An STM image of
silicon atoms on the surface of a silicon wafer is shown in Figure 2.1.2.

FIGURE 2.1.2 This image of the silicon
atoms in a silicon wafer was taken by a
scanning tunnelling microscope.

ELEMENTS

As Dalton predicted, elements are made of just one type of atom. Most non-metallic
elements form discrete (individual) molecules, each with a definite number of
atoms. For example, sulfur forms a discrete molecule of eight sulfur atoms. Some
non-metals form covalent networks or giant molecules. Carbon is an example
of such a non-metallic element. Diamond and graphite are both examples of
covalent networks formed of sheets of carbon. Graphene is a giant molecule formed
of sheets of carbon. (You will learn more about covalent networks of carbon in
Chapter 5.) A comparison of the numbers of atoms in two different molecules is
shown in Figure 2.1.3.

The metallic elements form a different type of network, which you will look at
in detail in Chapter 5.

Several non-metallic elements are monatomic, which means they exist as
individual atoms. On Earth, the monatomic elements are helium, neon, argon,
krypton, xenon and radon; they are also known as the noble gases because they are
generally chemically inert (unreactive).

0 Monatomic elements are those made up of only one atom. The prefix mon-
(or mono-) is frequently used in science. It means only one, or single.

FIGURE 2.1.1 John Dalton (1766—1844)
proposed that matter is composed of atoms.

(a)

sulfur ring (Sg)

19

graphene |

o%a

FIGURE 2.1.3 Most non-metal elements, such as
(a) sulfur, form discrete molecules. (b) Other
non-metals, such as carbon, form bonded
networks or giant molecules, such as the
example here showing the molecular structure
of graphene.
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Sodium chloride

© +Na

O—Cl

FIGURE 2.1.4 Compounds can be made up
of (a) molecules, e.g. glucose, which contains
carbon, oxygen and hydrogen atoms, or

(b) networks, e.g. sodium chloride (table salt).

GO TO » | Section 2.3 page 59

FIGURE 2.1.5 The red powder in this test-tube

is mercuric oxide. If you look closely at the test-
tube, you will see beads of liquid mercury forming
from the decomposition of the compound.

COMPOUNDS

Dalton also correctly predicted that different types of atom could combine to form new
substances. These substances are known as compounds. The atoms in compounds
can also form molecules, or a network of atoms, as shown in Figure 2.1.4.

To determine whether a pure substance is an element or a compound, you must
determine whether the substance can be broken down into simpler substances. For
example, when heated, mercuric oxide (HgO) decomposes to liquid mercury (Hg)
and oxygen gas (O,). If it were not a compound, the mercuric oxide would not
break down. You can see the compound mercuric oxide and the element mercury
in Figure 2.1.5. As oxygen is a colourless gas, you cannot see it. Oxygen can be
detected by placing a glowing splint at the top of the test-tube. When oxygen is
present, the splint reignites.

0 Compounds contain different types of atom chemically bonded together in
definite proportions.

HOMOGENEOUS AND HETEROGENEOUS MIXTURES

Matter can be classified as a pure substance (element or compound) or a mixture.
Mixtures are combinations of either two or more elements, two or more compounds
or two or more elements and compounds. A mixture has no definite composition;
the proportions of each substance can vary.

The important difference between a compound and a mixture is that a compound
is made up of two or more elements chemically bonded together, whereas a mixture
has two or more pure substances physically combined together. It is more difficult
for chemists to separate a compound into its elements, because a process such as
heating is required. Chemists can separate a mixture more easily, such as by filtering.
You will explore how mixtures are separated in Section 2.3.

The physical properties of compounds do not vary, but those of mixtures do,
meaning the properties of mixtures can be changed. The freezing points of the pure
compounds methanol and water are —98°C and 0°C, respectively. A 20% methanol,
mixture freezes at —11°C; a 50% methanol mixture freezes at —40°C; yet an 80%
methanol mixture freezes at —102°C—Ilower even than the freezing point of pure
methanol (Figure 2.1.6).

FIGURE 2.1.6 Two beakers of different methanol—water mixtures cooled to —20°C. (a) This mixture
freezes, as shown by the crystals at the bottom of the beaker. (b) This mixture does not freeze.

Mixtures can be classified as homogeneous or heterogeneous.

* A homogeneous mixture is uniform in composition. Any sample of the mixture
will be just like any other sample. For example, a teaspoon of salt stirred into a
litre of water forms a homogeneous mixture because the salt becomes evenly
distributed throughout the water.
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* A heterogeneous mixture has a composition that varies within the mixture.
For example, if you place a few pebbles in a jar of sand and give the jar a few
shakes, the heavier pebbles will tend to fall to the bottom of the jar. A sample of
the mixture taken from the top of the jar will be different from a sample taken
from the bottom.

The most well known homogeneous mixture is a solution (Figure 2.1.7). A
solution has one or more solutes that are dissolved in a solvent. A solvent is a
substance in which a solute dissolves, and a solute is a substance that dissolves in
a solvent. The solvent is the substance present in the greater amount. Solvents can
be gases, liquids or solids, but in all cases the solute is distributed evenly through
the solvent. A solution can be dilute or concentrated, depending on the amount of
solute in the solvent. Many familiar mixtures have a liquid solvent, which is usually
water.

0 In a homogeneous solution, each part of the solution is the same as any
other part.

Water as a solvent

Water is an excellent solvent. This is one of its most important properties. Almost
all biological processes and many industrial processes occur in water. These systems
are known as aqueous environments.

When substances are dissolved in water, the particles are free to move throughout
the solution. When two aqueous reactants are combined in a reaction vessel, the
dissolved reactant particles mix freely. This increases the chances of the reactants
coming into contact. Because of the increased movement of the reactant particles,
interactions between reactants are generally much more effective than if the same
reactants were mixed as solids.

In Figure 2.1.8, you can see how the deep purple colour of potassium
permanganate spreads through the water as the solid dissolves and the particles
move and mix. Eventually, the liquid will appear completely purple.

=,

{

FIGURE 2.1.8 When solid potassium permanganate is added to water, it dissolves. The particles
disperse into the solution and move around freely.

FIGURE 2.1.7 Solutions come in many forms.
(a) Oxyacetylene welding uses a gas-in-gas
solution. (b) Hydrogen fuel can be held as a
gas-in-solid solution. (c) A dental filling is a
liquid-in-solid solution.
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FIGURE 2.1.10 Milk is a colloid. Small particles
are dispersed throughout the liquid.

Aqueous solutions

An aqueous solution is formed when a solid, liquid or gas is dissolved in water. The
solute of an aqueous solution may vary, but the solvent will always be water. You can
have an aqueous solution of salt (saline) or an aqueous solution of sugar. Table 2.1.1
lists some common aqueous solutions.

TABLE 2.1.1 Some everyday aqueous solutions

N T S TR

saline sodium chloride water

soft drink carbon dioxide, sugar, flavouring water
agent, colouring agent

coffee coffee, sugar water

Suspensions and colloids

When a substance is mixed with a solvent, it does not always dissolve to form a
solution. It could form a suspension or a colloid.

A suspension is a heterogeneous mixture, with visible distinguishable parts, that
forms when a substance does not dissolve significantly. Some particles will settle out
over time, and in many cases you can separate them from the solvent by using filter
paper. Chalk in water and red blood cells in plasma are suspensions. Figure 2.1.9

shows blood before and after it is separated into its component parts.
l LA0 NN
P <
" ¥y \
FIGURE 2.1.9 (a) At first glance, blood looks like a homogeneous mixture. (b) Centrifuging blood

separates it |nto clear layers, demonstrating that blood is a heterogeneous suspension. Here you can
see the plasma on the top and the red blood cells on the bottom.

(@) (b)

W =

A colloid is a mixture of particles that consists of smaller clusters of ions or
molecules. These are evenly dispersed throughout the solvent and do not settle on
standing. For example, milk is a colloid of a fat in water (Figure 2.1.10). Milk solids
and fat are finely dispersed throughout the more aqueous components of the milk.
Other common colloids include mayonnaise, paint and ink.
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2.1 Review

SUMMARY

All substances are made up of atoms.

The atoms in elements can exist as individual atoms
(monatomic), discrete molecules, giant molecules or
networks.

The atoms in compounds can exist as molecules or
large networks of atoms.

Mixtures are combinations of different elements or
compounds combined physically, not chemically.

KEY QUESTIONS

1

2

E

xplain the difference between an element and a

compound.

Classify each of the following as elements or
compounds.

o0l =0 o 6 T o

copper
sulfur

water

carbon dioxide
diamond
sodium chloride
gold

silicon carbide.

Consider a soft drink. Identify each of the following as
solute, solvent or solution.

a
b
c
d

water
soft drink
flavouring
sugar

Mixtures may be classified as homogeneous (evenly
mixed) or heterogeneous (unevenly mixed).
Solutions are a type of homogenous mixture. If the
main component (solvent) is water, the mixture is an
aqueous solution.

4 What is the one thing that all aqueous solutions have
in common?

5

a

You are preparing a chocolate cake and spoon out
a sample from the middle of the mixing bowl. The
batter tastes as you expect. Another sample from
the left of the bowl is sweeter, and a third sample
from the right of the bowl has a lump of cocoa.
How would you classify this mixture?

You continue making your cake and mix the batter
thoroughly. What would you expect if you sample
the batter now? How would you describe this
mixture?

Water is made from hydrogen and oxygen. If hydrogen
gas was mixed with oxygen gas, would water form?

Analysis of a material shows it is 15% iron, 40%
oxygen, 25% carbon, 15% hydrogen and 5% silicon.
Four samples are taken and all four give the same

results. Explain whether it is a compound or a mixture.
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FIGURE 2.2.1 Heat makes metals expand.
Engineers need to add expansion joints into their
designs to prevent railway tracks and bridges
from buckling in hot conditions.

2.2 Physical properties and changes
of state

Of all the properties of matter, the physical state is the easiest to observe. The three
most common physical states of matter are solid, liquid and gas.

Within any state, physical changes can take place. A physical change may alter
the physical properties of a substance, but not the chemical nature of the substance.
For example, crushing an aluminum can change the shape of the material, but
the nature of the material and its physical and chemical properties do not change.
Physical changes are also reversible. A metal rod can be beaten back into shape, and
warm air can cool again, without changing the nature of the material.

Mixing is another type of physical change. While it may be difficult to ‘un-mix’
the components, each component retains its chemical properties, and no new
materials form during the mixing.

Adding heat to a substance leads to a physical change. The substance usually
expands in volume to take up more space. Figure 2.2.1 shows the effect of heat on
railway tracks, which can make them expand and buckle. The same mass of a gas
put into a container with a greater volume will have a lower density. Removing heat
from a substance usually leads to the material reducing its volume (contracting) and
so increasing its density.

If enough heat is applied, a substance may undergo a change of state, also
known as a phase transition. A solid melts to a liquid and a liquid vaporises to a gas
(Figure 2.2.2). This is a physical change, and is reversible. If heat is removed, a gas
condenses to a liquid, and a liquid freezes to a solid. Depending on the material and
conditions, it is possible to go directly from solid to gas in a reversible process known
as sublimation. For example, a solid such as carbon dioxide (dry ice) sublimes to a
gas, and the gas deposits to a solid.

deposit \wdense
/l:lime boil

|
F
l

1

\

i
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\ |
JELY,

melt

freeze

FIGURE 2.2.2 Heating and cooling leads to a change of state. On heating, a solid melts into a
liquid and a liquid boils to form a gas. On cooling, a gas condenses to a liquid and a liquid freezes
into a solid.

Within a given state of matter, physical changes happen gradually. A thermometer
works on this principle. The liquid within, usually an alcohol with an added dye,
expands along a marked tube to a known volume at a given temperature, and the
marks indicate the temperature. A phase transition is different, with some physical
properties changing drastically. Liquefied petroleum gas (LPG), a commonly
available fuel, will expand around 200 times in volume when it becomes a gas.
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SOLIDS, LIQUIDS AND GASES

The particle model is a simple but effective model for understanding the
differences between solids, liquids and gases. According to this model, matter can
be considered as made up of hard units (‘particles’) that cannot be made smaller
by either compression or further division. The particles are in constant motion
and are attracted to one another, some strongly and some weakly. The particles
are not necessarily atoms. The three states of matter are explained by the balance
between the particles’ motion and the attraction between the particles. Table 2.2.1
summarises how the particle interactions give rise to the properties of the different
states of matter.

TABLE 2.2.1 Properties of solids, liquids and gases

particle packing Particles are close Particles are loosely  Particles are far
together. packed. apart.

density high fairly high low

No—there is no
space to push
particles closer

No—there is no
space to push
particles closer

compressible Yes—there is space
to push particles

closer together.

together. together.
shape Fixed—particles are  Not fixed—particles = Not fixed—particles
held together. can slide over each move in all
other. directions.

mixing and diffusion No—particles

remain in a fixed

Yes—particles can
change position.

Yes—particles move
in all directions.

position.
pressure on no some Yes—particles
container impact container.
diagram of state
L A |
L Y M
© "*
4 Sa
-'
description Solids are Liquids are Gases are

incompressible and
hold their shape.

incompressible
and flow to adopt
the shape of the
container.

compressible and
take the shape of
the container.

In solids, the attraction between the particles is strong and this keeps the particles
tightly packed together. The particles vibrate in a fixed position, and vibrate more
vigorously as the temperature increases, but they do not shift their position. This
model explains the properties of solids—they have a fixed shape, are difficult to
break apart, and cannot be compressed.

In liquids, the attraction between the particles is weaker. The particles remain
packed closely, but may shift their positions and move past one another. This model
explains the properties of liquids—they are able to flow, have no fixed shape, are
easy to break apart, but cannot be compressed.

In gases, the attraction between particles is weak and the particles are not packed
closely. This model explains the properties of gases—they have no fixed shape,
occupy the volume of any container, and can be compressed.

Both liquids and gases have no fixed shape, and are called fluids.

+ ADDITIONAL

Physical
transitions and
energy

Changes of state require the
addition or removal of energy.

For a gram of liquid water, 4.2J
of heat energy has to be absorbed
to increase the temperature of
the water by 1°C. It takes 336J of
energy to heat 1 g of water from
20°C to 100°C. At 100°C, water
will then boil to steam, but the
change of state needs 2200J.
While water is transitioning from a
boiling liquid to a gas (steam), the
temperature of the water will not
rise—the added energy is all used
for the physical transformation.

Energy is required to transform
solids to liquids. For water, 334 J
of energy transforms 1g of ice to
1 g of water. During the transition,
the added heat does not increase
the temperature of the ice.

The heat required to change
a solid into a liquid or liquid
into vapour without changing
the temperature of the material
is known as latent heat. For
the solid-liquid and liquid-gas
transitions, it is known as the
latent heat of fusion and the
latent heat of vaporisation,
respectively. You will examine this
topic in more detail in Chapter 15.

Latent heat is one reason why
steam burns are so dangerous.
When steam condenses back
to water on your skin, all of the
energy used to transform water
to steam is released. A scald
from water at 99°C is painful and
will burn. A scald from steam at
101°C is much worse because
the energy of the latent heat of
vaporisation is also released.
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FIGURE 2.2.3 On heating, a solid becomes a
liquid and a liquid becomes a gas. According
to the particle model, adding heat enables
particles to move out of a fixed position (when
a substance melts) and are able to overcome
attractive forces (when a substance boils).

Temperature affects how much the particles in a substance move, both in
vibrations and in particle motion. An increase in temperature means an increase
in the movement of the particles. An effect of increasing temperature is that the
distance between particles increases.

For solids, the greater movement of the particles means that the particles remain
in contact, but the distance between the particles increases. This explains why a
solid material expands as it is heated and contracts as it cools.

For liquids, the greater movement of the particles means they flow past each
other more effectively. This explains why a liquid expands, generally to a greater
extent than for solids, and why the liquid becomes runnier (less viscous).

For gases, the greater movement of the particles means the particles themselves
move faster, and the particles impact the sides of their container with more force
and more frequently. This models the increase in pressure on the container walls; if
the container is flexible, like a balloon, the container expands. You will explore the
nature and properties of gases in more detail in Chapter 9.

CHANGES OF STATE

The particle model explains changes of state—the vibrations and motion of the
particles oppose the force of attraction between particles.

When heated, a solid expands because the particles move more, causing them
to move apart (Figure 2.2.3). Eventually, the movements become so energetic that
the forces of attraction can no longer hold the particles in position. At this point,
the solid melts to a liquid. When a liquid is cooled, the motion of the particles can
no longer overcome the forces of attraction between them, and the material freezes
back to a solid.

When a liquid is heated, some particles on the surface of the liquid move so
energetically that they have enough energy to overcome the forces of attraction
(Figure 2.2.3). The liquid particles escape and form a gas. When a gas is cooled,
the motion of the particles can no longer overcome the forces of attraction between
particles. The gas particles stick together and the material condenses back to a
liquid.

Sublimation occurs when the state of a substance changes directly from a solid
to a gas without becoming a liquid. This occurs when heating a substance in the
solid phase causes all forces of attraction between the particles to be overcome.
When pressure is low enough, such as in a vacuum, some common materials that
normally melt to a liquid instead sublime into a gas.

The particle model explains some properties of the states of matter, but not
others. The model does not include a measure of the forces between the particles, so
it cannot be used to predict the temperature at which a material may change state.
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+ ADDITIONAL

Glass, ferrofluids and liquid crystals

The particle model explains the difference between solids and liquids in terms of whether the particles are fixed in place
or are able to move past one another. Heating can overcome interparticle forces, and for certain sensitive materials the
interparticle effects can be reduced so that the materials can change between a liquid and a solid without a change in
temperature.

Solids such as crystals and metals have particles that are ordered and arranged in a fixed pattern. Glass has particles
that are fixed in place like a solid, but there is no long-range order (Figure 2.2.4a). Heating glass will transform it from
being brittle to rubbery before it eventually melts.

Magnetic materials are usually solids. However, a ferrofluid is a liquid mixture that responds to magnetic fields
(Figure 2.2.4b). When placed close to a magnet, the ferrofluid behaves like a solid, and when placed away from a magnet,
the ferrofluid behaves like a liquid. Ferrofluids are used in computer hard disks and loudspeakers.

Liquid crystals (Figure 2.2.4c) are usually liquids, but in the presence of an electrical field they become ordered like a solid.

(@)

FIGURE 2.2.4 According to the particle model, in solids the particles
remain fixed in place, and in liquids the particles move past one another.
(a) Glass has particles without long-range ordering, like a liquid, but
which are strongly attracted to one another, as in a solid. (b) Ferrofluids
and (c) liquid crystals are materials in which the interparticle forces can
be changed. These substances can be transformed between solids and
liquids without heating.

CHAPTER 2 | PROPERTIES OF MATTER 57



2.2 Review

SUMMARY

Matter exists in three main states: solid, liquid

and gas.

The particle model can explain some of the
differences between the states.

The particle model considers matter to be made up
of small, hard, indivisible spheres that are always
moving, with a force of attraction acting between
the particles.

KEY QUESTIONS

1

The particle model assumes that all forms of matter
can be considered to be made up of particles. What
are the four properties of the particles?

In which states are the particles able to move
positions?

In which state are particles held tightly by bonds and
arranged in a regular pattern?

Temperature affects the physical properties of a
material and can lead to physical changes.

A substance melts or boils when it is heated. An
increase in temperature causes particles to move
more rapidly, overcoming the forces of attraction
between particles.

When 1kg of water is boiled, what mass of steam is
made?

Solids and liquids are fairly incompressible. How
does the particle model explain this observation?
How does the particle model explain why gases are
compressible?

Use the particle model to explain why a puddle of

water on the footpath disappears eventually on a hot,

windy day.
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2.3 Separating mixtures

It is often useful to isolate one of the components (chemicals) from a mixture.
There are many methods for separating the components of a mixture, based on their
physical properties. Separation based on magnetic properties is used in recycling
plants to separate iron and steel from other non-magnetic metals, glass and plastic.
Separation based on sedimentation is used in panning for gold from river mud, or
in a centrifuge to separate blood cells from whole blood. In a chemical laboratory,
two commonly used methods for physical separation are filtration and evaporation.
Filtration is usually used to separate a solid from a fluid mixture, and evaporation
typically separates a fluid from a fluid mixture.

| CHEMISTRY IN ACTION |

Analytical chemistry and
separation science

Analytical chemistry is the science of obtaining information about the
composition and structure of matter.

There are two branches of analytical chemistry: qualitative analysis and
quantitative analysis. Qualitative analysis is the determination of those
elements and compounds that are present in a sample of an unknown
material. Quantitative analysis is the determination of the amount of each
element or compound present.

Analytical chemists (Figure 2.3.1) are skilled in chemistry, instrumentation,
computers and statistics, and they solve problems in almost all areas of chemistry
and for all kinds of industries. Their measurements and recommendations are
used to assure the safety and quality of food, medicines and water, and to ensure
that environmental and pollution regulations are met. They also work in the field
of forensic science and provide quality control for industrial processes.

FIGURE 2.3.1 Analytical
chemists work in the

| laboratory or out in the
WA field collecting samples,
" and in areas such as
medicine, industry and
environmental science.

FILTRATION

A filter is a barrier that traps the solid components of a mixture, while allowing the
fluid component to pass through. The fluid that passes through the filter is called the
filtrate. Filtration does not completely separate the solid from the mixture. Some of
the fluid from the original mixture will remain trapped in the solids, and the smallest
particles of the solid may pass through the filter into the filtrate. A finer filter can be
used to retain the smaller particles, but the filtration process takes longer.

Filtration techniques are frequently used in the chemical laboratory. Within the
kidneys, blood is filtered to remove excess wastes.
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For a homogeneous fluid mixture, it is often possible to add a reagent or change
the temperature in order to make one of the mixture’s components change state to a
solid (Figure 2.3.3).This then allows the mixture to be separated by filtration.

More sophisticated filtration techniques may use a thin, charged filter, a
membrane, or pressure to drive a mixture through a filter. An example that utilises
a few of these techniques is the process of reverse osmosis, which allows fresh,
drinkable water to be separated from sea water.

| CHEMISTRY IN ACTION |

Wastewater treatment

You take the plug out of o
a basin or press the flush [ ’ \%—« s
button on the toilet. What then - e “““%.,
happens to the water and its "y

contents?

After passing through pipes,

: the heterogeneous wastewater

FIGURE 2.3.3 Many foods are made by adding a mixture reaches a treatment
reagent to a liquid to precipitate a solid. A small lant. wh it und
amount of acid and coagulant added to milk piant, where '_ undergoes
forms liquid whey and solid curds, and the curds two or sometimes three
form the basis for cheese. Tofu, from soybean treatments.
pulp, is made in a similar process.

o

The primary treatment
starts with a filtration process
to remove solids: the water
passes a mesh screen to
collect larger pieces of
materials, such as paper
or plastics. The water then
flows into a tank. Oils and
grease float to the top, and
grit and other sludgy solids
settle to the bottom. The oils

and sludges are removed, W
completing the primary FIGURE 2.3.2 During secondary wastewater
treatment, bacteria help break down solids and clean
the water. Cleaned water overflows around the rim

During secondary treatment, of the tank, from where it is channelled off for more
the water remains in a treatment.

tank where bacteria grow
(Figure 2.3.2). The bacteria break down dissolved organic material and
any remaining solid wastes. The water then flows into clarifiers, where any
suspended materials not caught in the primary treatment settle out. Tertiary
treatment is a disinfection step involving chlorine or ultraviolet light.

In Sydney, more than 80% of the treated water is released into the ocean
for further disinfection by sunlight. The other 20% of treated waste water
(‘recycled water’) is used for irrigating farms, watering gardens, or for toilets.

treatment.
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EVAPORATION

A small fraction of any liquid is also present as a vapour. A liquid that easily becomes
a vapour is said to be volatile. A liquid’s boiling point is a measure of a liquid’s
volatility—a more volatile liquid has a lower boiling point. In an open container,
the vapour can move away from the liquid’s surface, to be replaced by more vapour
from the liquid. Eventually, all the liquid will become vapour, and the liquid will
have evaporated. Evaporation occurs more quickly for volatile liquids.

Evaporation can be accelerated by various methods, such as by warming the
mixture or increasing the surface area over which evaporation can occur.

If a homogeneous mixture is a solution in which one component is not volatile,
evaporation can be used to separate the liquid from the solid, such as occurs when
salts are left behind after the water in sea water has evaporated. As the liquid
evaporates, the mixture becomes increasingly concentrated, and eventually the solid
may precipitate (form and separate) from the solution.

Some solids precipitate as crystals in a process known as crystallisation.
Smaller crystals form when the solvent evaporates quickly, and larger crystals form
when the solvent evaporates slowly. After precipitation, the solids can be separated
from the liquid (Figure 2.3.4). The solids can be separated by filtration or, if the
solids have settled out of solution, by carefully pouring off the liquid in a process
known as decanting. Crystallisation is used in industry to purify substances such
as pharmaceuticals and in manufacturing advanced materials.

If the homogeneous mixture is of two liquids, and one is substantially more
volatile than the other, the evaporative process can lead to separation in a process
called distillation. For a mixture of liquids, the vapours produced are rarely of only
one pure component, but rather are a mixture. The composition of the vapour is
richer in the more volatile component. The vapours can be collected and condensed
to a liquid mixture richer in the volatile component, and the distillation process can
then be repeated to enrich the more volatile component still further. Eventually, the
composition of the liquid and of the vapour is the same, so the components cannot
be further separated by distillation.

+ ADDITIONAL

Combining separation techniques

A combination of filtration and evaporation is frequently used to purify
compounds. A chemist wanting to separate a physical mixture of salt and
sand would see that the solids cannot be distilled and that filtration would
not work because there is no liquid present. By adding water to the mixture,
the salt would readily dissolve but the sand would not. Filtration could then
be used to separate the sand from the salt water. Evaporation would then
separate the salt from the saltwater solution. The two components of the
original mixture are now separate.

Thinking about the problem further, the chemist might see that the choice
of water as the solvent could be improved, as water is not particularly volatile
and the evaporation step would be slow. The chemist could select methanol
as the solvent. Methanol is cheap and readily available. Methanol does not
dissolve salt as well as water does, so more methanol would be needed to
dissolve the salt; however, methanol is substantially more volatile than water,
so evaporation would be faster.

FIGURE 2.3.4 When water is evaporated from

a solution of copper(ll) sulfate, crystals of
copper(ll) sulfate precipitate out. The crystals
can then be filtered to separate them from the
remaining solution. The filtrate remains blue,
which means that not all of the copper(ll) sulfate
has precipitated.
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2.3 Review

SUMMARY

The components of a mixture can be separated
based on their different physical properties.
Filtration typically uses a physical barrier to separate
solids from liquids.

KEY QUESTIONS

1

Which of the following is not an example of a
separation method?

A boiling an egg

B straining tea

C using a surgical (face) mask

D fishing with a net

Crude oil is a mixture of several liquids with different
boiling points. How can they be separated?

To remove iron filings from a mixture with sand, is
evaporation or using a magnet the best solution?

MODULE 1 | PROPERTIES AND STRUCTURE OF MATTER

Evaporation allows a liquid component to be
separated from a solution.

The components in a mixture may not always be
completely separated.

Outline a method to recover a tablespoon of
magnesium sulfate that is dissolved into a pot of
water.

By accident, Arif drops 10g of sodium phosphate into
a litre of water. He works hard to evaporate most of
the water. When the solution cools, crystals of sodium
phosphate precipitate out. After filtering the crystals
from the solution, he dries them. When he weighs the
crystals, he finds they only weigh 8g. Where is the
missing 2 g of material? (Arif is a tidy student and has
not dropped any on the floor.)



2.4 Calculating percentage
composition

PERCENTAGE COMPOSITION OF COMPOUNDS

Compounds are substances that contain two or more different elements chemically
bonded together. One way of describing the composition of elements in a chemical
compound is using its percentage composition by mass, which gives the mass of
each element that would be found in a 100 g sample of the compound.

Being able to determine percentages by mass is important in chemistry. For
example, the iron ore mined in Western Australia is iron(III) oxide, and it has the
formula Fe,O;. A company that is producing iron from this iron ore will want to
know the mass of iron that can be extracted from a given quantity of iron ore. The
pie chart in Figure 2.4.1 shows that the percentage of iron in iron(III) oxide is 70%.
This means that the company can extract a maximum of 70g iron per 100g of
iron ore.

70% Fe

30% O

FIGURE 2.4.1 This pie chart shows the percentage composition by mass of iron(lll) oxide (Fe,05).

Consider a 56 g sample of calcium oxide, of which 40 g is calcium. The percentage
composition of calcium by mass is % X 100 = 71%. Because there is only calcium
and oxygen in calcium oxide, the remainder of the mass of calcium oxide comes
from oxygen. Oxygen must contribute 56 — 40 = 16 g, so the percentage by mass of
oxygen is g X 100 = 29%.

A useful check can be done by recalling that the total percentage composition by
mass for all elements in a compound must add up to 100%.

To calculate the percentage composition of an element in a compound:

mass of element % 100

percentage composition by mass of element = 22 22 “EER
mass of compound

SKILLBUILDER

Calculating
percentages

. Scientists use percentages to :
: express a ratio or fraction of a :
: quantity. To express one quantity :
E as a percentage of another, use E
! the second quantity to represent :
'+ 100%. !
' For example, expressing 6 as a X
. percentage of 24 is like saying ‘6 X
' isto 24 as xisto 100’ X
1 6 X 1

24~ 100
6
x=2 x100
24

=25%

To calculate a percentage
of a quantity, the percentage
is expressed as a fraction or a
decimal, then multiplied by the
quantity.

For example, to calculate 40%
of 20:

x =39 %20

100
=04x20

CHAPTER 2 | PROPERTIES OF MATTER 63




Worked example 2.4.1

CALCULATING THE MASS OF ELEMENTS IN A COMPOUND, BASED ON PERCENTAGE COMPOSITION BY MASS

A 152 g sample of iron(ll) sulfate was analysed and found to contain 37% iron and 21% sulfur, and the remainder was
oxygen. Determine the mass of each element in the compound.

Thinking Working
Calculate the mass of each element in the Mass of iron:
CompOUHd using the formula: mass of iron = iron % x mass of iron(ll) sulfate
_ element % x mass of compound 100
mass of element = 2 10 _37x152
100
=b6bg

Mass of sulfur:

sulfur % x mass of iron(ll) sulfate
100

mass of sulfur =

_ 21x152
100
=32g

The mass of oxygen can be determined by
subtracting the mass of iron and sulfur from the
mass of iron(ll) sulfate.

Mass of oxygen:

mass of oxygen = mass of iron(ll) sulfate — mass of iron —mass of sulfur
=152 -56 - 32
=64g

State the masses of each element in the sample.

The sample is made up of 56g of iron, 32g of sulfur and 64 g of
oxygen.

Worked example: Try yourself 2.4.1

CALCULATING THE MASS OF ELEMENTS IN A COMPOUND, BASED ON PERCENTAGE COMPOSITION BY MASS

An 85g sample of sodium nitrate was analysed and found to contain 16% nitrogen and 56% oxygen, and the remainder was
sodium. Determine the mass of each element in the compound.

PERCENTAGE COMPOSITION OF MIXTURES

Vi One way of describing the composition of a mixture is by describing its percentage

composition by mass. For example, gold is often mixed with other metals to change

| its properties, such as hardness, scratch resistance or colour. Rose gold (Figure 2.4.2)
is a mixture containing 75% gold, 22% copper and 3% silver by mass.

\‘\ If you know the percentage composition by mass of each component in a
‘ 3 mixture, and the identity of each component, you will also be able to work out the
= percentage composition by mass of every element in the mixture.
< G V-9
\ / 9008 T
-\ / > Y 8%
( Y \
: L
P & ) { \ \J

FIGURE 2.4.2 These earrings are made of rose
gold, which is more durable than yellow or
white gold.
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Worked example 2.4.2

CALCULATING THE PERCENTAGE COMPOSITION BY MASS OF EACH ELEMENT IN A MIXTURE

A 50g mixture contains 40% iron(ll) oxide (70% Fe, 30% 0O) and 60% calcium oxide (71% Ca, 29% 0). Determine the
percentage composition by mass of each element in this mixture.

Thinking

Working

Calculate the mass of each component in the mixture
using the formula:

component % x mass of mixture
100

mass of component =

Mass of iron(ll) oxide:

iron(ll) oxide % x mass of mixture

mass of iron(ll) oxide =
100

_ 40 x 50
100
=20g

Mass of calcium oxide:

mass of calcium oxide = calcium oxide % x mass of mixture

Calculate the mass of iron in iron(ll) oxide using
the formula:

element % x mass of compound
100

mass of element =

100
_ 60x50
~ 100
=30g
Mass of iron
mass of iron = iron % x mass of iron(ll) oxide
100
_70x20
" 100
=1l4g

Calculate the mass of calcium in calcium oxide using
the formula:

Mass of calcium:

mass of calcium = calcium % x mass of calcium oxide

100
mass of element = element % x mass of compound 71x 30
100 = o0
=2lg
Calculate the percentage by mass of iron in the mixture. mass of iron

percentage by mass of iron= x100

mass of mixture
14
=_—-x100
50
=28%

Calculate the percentage by mass of calcium in
the mixture.

percentage by mass of calcium = massofeadum . 10

mass of mixture
=214100

50
=42%

The remaining balance must be oxygen.

oxygen % = 100 - iron % — calcium %
=100-28-42
= 30%

State the percentage composition by mass of each
element in the sample.

The sample is made up of 28% iron, 42% calcium and 30% of
oxygen.
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Worked example: Try yourself 2.4.2
CALCULATING THE PERCENTAGE COMPOSITION BY MASS OF EACH ELEMENT IN A MIXTURE

A 75 g glucose solution contains 5% glucose (40%C, 7%H, 53%0) and 95% water (11%H, 89% 0). Determine the
percentage composition by mass of each element in this mixture.

SKILLBUILDER

Understanding pie charts,

frequency graphs and histograms

It is essential in science to collect data and arrange it in an
orderly way. Tables are often used to organise data, which
can then be displayed in a graph.

Pie charts

A pie chart is a circle that is divided into sectors

(Figure 2.4.3). Each sector represents one type of item in
a data set and is shown as a percentage or fraction of the
total data set.

FIGURE 2.4.3 Each sector of a pie chart represents one type of item in
a data set.

Column graphs and histograms

Column graphs and histograms are another way of
representing data visually.

If the data are discrete (i.e. can be counted), each
column in a column graph will represent one category,
for example, ‘apples’ or ‘strawberries’. Often these columns
have a gap between them.

If the data are continuous, such as the heights of the
students in a class, each column will represent a range
of possible heights, for example, 140-160cm, and there
will be no gaps between the columns. These are called
histograms (Figure 2.4.4).

Student heights in Class 11A

12

Frequency

N ) (=] w (e}
on <t v v O
b LS
on < <t w w
— — y— — —
Height (cm)

FIGURE 2.4.4 A histogram has no gaps between the columns. The data
are continuous.
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2.4 Review

SUMMARY

The percentage by mass of an element in a compound can be calculated as follows:

percentage composition by mass of element = _Tassofelement 4 g0z

mass of compound

KEY QUESTIONS

=

An 88g sample of carbon dioxide is found to contain
24 g of carbon and 64 g of oxygen. What is the
percentage by mass of all elements? Give answers to
the nearest whole number.

After analysis, a 106g sample of ammonium chloride
is shown to contain 28g of nitrogen and 71 g of
chlorine, and the remainder is hydrogen. What is the
percentage by mass of all elements? Give answers to
the nearest whole number.

A 57 g sample of sodium carbonate reportedly
contains 25g of sodium, 18g of carbon and 20g of
oxygen. Do you accept this analysis? Explain why or
why not.

A 10g sample of carbon dioxide is mixed with 3 g

of oxygen. What is the percentage by mass of each
component?

Pink gold contains 75% gold, 20% copper and 5%
silver by mass. Determine the mass of each metal in a
pink gold necklace that weighs 20g.

a Carbon monoxide is 43% carbon by mass; nitrous
oxide is 30% nitrogen by mass. For both gases, the
remainder is oxygen. In a mixture containing 5g of
each gas, what is the mass of oxygen present?

b A 5g sample of carbon monoxide is mixed with 4g
of nitrous oxide and 3 g of sulfur dioxide. Sulfur
dioxide is 50% sulfur by mass, the balance is
oxygen. What is the percentage by mass of oxygen
and of sulfur present in the mixture? Use the mass
compositions given in part a.

In a carbon monoxide and nitrous oxide mixture, an

analyst determines that the mixture is 10% nitrogen

by mass. What is the percentage of carbon by

mass? Use the mass compositions given in part a of

Question 6. (Hint: Consider a 100g sample to work

out the percentages.)

CHAPTER 2 | PROPERTIES OF MATTER

67




68

2.5 Elements and the periodic table

ELEMENT NAMES AND ELEMENT SYMBOLS

Scientists have identified 118 different elements. Only about 98 of these occur in
nature (the exact number is debatable). The other elements have only been observed
in the laboratory.

Each element has a unique name and chemical symbol. Table 2.5.1 shows the
chemical symbols of some of the most common elements.

TABLE 2.5.1 Chemical symbols and names of some of the most common elements

Hg

aluminium Al mercury

argon Ar nitrogen N
carbon © oxygen 0
chlorine Cl potassium K
copper Cu silver Ag
hydrogen H sodium Na
iron Fe uranium u

The chemical symbol is usually made up of one or two letters. The first letter is
always capitalised and subsequent letters are always in lower case. In many cases,
the chemical symbol corresponds to the name of the element. For example, nitrogen
has the chemical symbol N, chlorine has the chemical symbol Cl and uranium has
the chemical symbol U.

1 KEY 2
H He
i |:| non-metals atomic number 13 g
3 4 symbol Al 5 6 7 8 9 10
Li | Be D metals » B | C| N| O| F | Ne
lithium beryllium name aluminium boron carbon nitrogen oxygen fluorine neon
11 12 |:| metalloids 13 14 15 16 17 18
Na | Mg Al | Si P S Cl | Ar
sodium magnesium aluminium silicon phosphorus sulfur chlorine argon
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
K Ca Sc Ti v Cr | Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr
potassium calcium scandium titanium vanadium [ chromium | manganese iron cobalt nickel copper zinc gallium germanium | arsenic selenium bromine krypton
37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54
Rb Sr Y Zr Nb Mo Te Ru Rh Pd Ag Cd In Sn Sb Te I Xe
rubidium | strontium yttrium zirconium | niobium [ molybdenum | technetium | ruthenium | rhodium palladium silver cadmium indium tin antimony | tellurium iodine xenon
55 56 |57-71| 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
Cs Ba Hf Ta W Re Os Ir Pt Au Hg Tl Pb Bi Po At Rn
caesium barium lanthanoids | hafnium tantalum tungsten rhenium osmium iridium platinum gold mercury thallium lead bismuth polonium astatine radon
87 88 [89-103| 104 105 106 107 108 109 110 111 112 113 114 115 116 117 118
Fr Ra Rf Db Sg Bh Hs Mt Ds Rg Cn Nh Fl Mc Lv Ts Og
francium radium actinoids  |rutherfordium| dubnium [ seaborgium [ bohrium hassium | meitnerium [darmstadtium| roentgenium | copernicium | nihonium | flerovium | moscovium | livermorium | tennessine | oganesson
) 57 58 59 60 61 62 63 64 65 66 67 68 69 70 71
lanthanoids | La | Ce Pr | Nd | Pm | Sm | Eu | Gd | Tb Dy | Ho | Er | Tm | Yb | Lu
lanthanum cerium raseodymiun} neodymium | promethium [ samarium [ europium [ gadolinium | trebium dysprosium | - holmium erbium thulium ytterbium lutetium
o 89 90 91 92 93 94 95 96 97 98 99 100 101 102 103
actinoids | Ac Th Pa U Np Pu | Am | Cm | Bk Ct Es Fm | Md No Lr
actinium thorium [ protactinium [ uranium | neptunium | plutonium | americium curium berkelium [ californium | einsteinium | fremium [mendelevium| nobelium | lawrencium

FIGURE 2.5.1 A periodic table groups chemical elements according to their chemical properties.
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CHEMFILE
Element names

Ancient elements

Twelve elements were known in ancient times. These included
gold, silver, mercury and sulfur. The symbols for most of these
elements are derived from Latin names. People at this time
did not have the modern definition of an element, so materials
like soda (sodium oxide) and calomel (mercury chloride) were
thought to be elemental.

Searching for new elements

Later in the 18th century and in the 19th century, scientists
could extract gaseous elements from the air and isolate solid
elements from the ground. Elements often took names from the
Latin words for where they were found. Such elements included
silicon (found in sand, known in Latin as silex, so given the
symbol Si) and calcium (found in limestone, known in Latin as
calx, so given the symbol Ca).

mythology: the inert gas argon (from the Greek dpyov, inactive),
rubidium (from the Latin rubidius, deep red), germanium (from
the Latin germania, meaning Germany), and vanadium (after the
Scandinavian goddess Vanadis).

By 1829, 55 elements were known. The first modern periodic
table, constructed in 1869, included 64 elements, and by 1914
a total of 72 elements had been discovered.

Synthetic elements and atomic science

The first synthetic element, technetium, was made in 1936.
New elements were discovered after 1940; of these, many were
discovered during thermonuclear bomb tests. This took the
total known number of elements to 118. The synthetic elements
have large, unstable nuclei and not much is known about their
chemistry. Many, such as einsteinium or americium, were
named after a scientist or place. The Cold War made naming

of these elements contentious, but since 1999 the names of all
new elements have been decided by a panel of the International
Union of Pure and Applied Chemistry (IUPAC).

As analytical techniques improved and more elements were
found, naming became more imaginative, with names being
derived from Greek roots, detected characteristics, places or

Some chemical symbols are not obviously related to the name of the element. For
example, sodium has the chemical symbol Na, potassium has the chemical symbol
K and iron has the chemical symbol Fe. This is because the chemical symbols have
been derived from the Latin or Greek names of the elements. In Latin, sodium is
natrium, potassium is kalium and iron is ferrum.

The atomic symbols are usually displayed in a periodic table like the one shown
in Figure 2.5.1. The periodic table groups elements that have similar chemical
properties. You will learn more about the periodic table in Chapter 4.

METALS, NON-METALS AND METALLOIDS

The periodic table (Figure 2.5.1) highlights three basic classes of elements—metals,
non-metals and metalloids. Lithium is an example of a metal; oxygen, a non-metal;

and boron, a metalloid.

Metals

Most elements are metals. Metals are usually solids at room temperature. Some
can be found as pure elements in the Earth’s crust, like gold, but most are combined
with other elements and need to be extracted and processed to achieve their pure
elemental form.

Typically, metals are:
e lustrous (shiny and reflect light)
¢ malleable (can be beaten into new shapes without breaking)
e ductile (can be drawn into a wire)
» silver-coloured
¢ dense (heavy for their volume)
¢ of high melting point (solid at room temperature)
* of high boiling point
» of high tensile strength (can be stretched without breaking)
e good conductors of electricity
e good conductors of heat.
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FIGURE 2.5.2 Non-metals have very different
physical appearances, for example, yellow sulfur,
brown bromine in a flask, red phosphorus, dull
grey iodine and solid black carbon.

Some metals vary to some degree from this, such as liquid mercury, gold and
copper (which are not silver in colour), low-density aluminium and brittle bismuth.
However, the listed properties make metals very useful. Table 2.5.2 gives some
examples of metals often used in their pure form.

TABLE 2.5.2 Fitting the metal to the task

Properties that

make the metal
suited to this use

electrical wiring excellent conductor
and very ductile

copper (Cu)

gold (Au) jewellery soft and malleable,

easily polished

aeroplanes light for its strength,
does not corrode

aluminium (Al)

zinc (Zn) coating for steel coated onto steel
(‘galvanising’) to protect it from
rusting

The bonding between metallic atoms, which gives rise to these properties, will
be examined more closely in Chapter 5. Many of the materials in everyday use that
are called metals are not pure metallic elements but alloys. An alloy is a physical
mixture of a metal with a small amount of some other element, and it may have
physical properties that are preferred over those of the pure metal.

Non-metals

The next largest group of elements is the non-metals. Many are found in the
atmosphere as gases; a few (such as sulfur) are found in their solid form. Non-
metals have a much greater variety of physical properties than metals, as shown in
Figure 2.5.2.
Typically, non-metals are:
* not malleable
* not ductile
e dull in colour, not shiny
¢ not dense (compared with metals)
* lower in melting and boiling points (compared with metals)
* poor conductors of electricity
e poor conductors of heat.

The bonding between non-metallic atoms that gives rise to these properties will
be examined more closely in Chapter 5.
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Alloys

An alloy is a physical mixture, and the properties of the mixture can be quite different from the properties of the
components. The properties of an alloy can also vary depending on how the alloy is prepared. Iron-based alloys are the
most well known, and the alloy of iron and carbon is known as steel. Table 2.5.3 and Figure 2.5.3 shows how a small
amount of added carbon has important effects.

TABLE 2.5.3 Iron alloys and their uses

Alloy Percentage composition by mass Properties of this alloy

wrought iron Nearly 100% Fe, trace C very malleable handmade (blacksmith) products

mild steel 99.5% Fe, 0.5% C cheap to manufacture car parts, buildings

hardened steel 99% Fe, 1% C hard, holds an edge springs, blades, tools

cast iron 97% Fe, 3% C low melting temperature moulded forms like cookware and tubes

FIGURE 2.5.3 (a) Blacksmiths and (b) engineers boh work with iron alloys. The difference between these materials is just a small amount of carbon.

Alloys such as brass (70% copper, 30% zinc), bronze (95% copper, 5% tin) and electrum (50-90% gold, 10-50% silver)
have been known since ancient times (Figure 2.5.4).

FIGURE 2.5.4 One of the oldest known coins, the trite, was made from electrum and struck around 600 scE in the kingdom of Lydia. At the time,
this coin could buy 11 sheep or 10 goats.

Modern alloys include solder (65% tin, 35% lead), duralumin (95% aluminium, 4% copper, 1% magnesium
and manganese) and ‘silver’ coins (75% copper, 25% nickel). Sophisticated alloys are used in supermagnets,
high-performance vehicles and computer components, and for biomedical purposes.

With many dozens of metals to select from for the mixtures, it is no surprise that novel uses for new alloys is a rich field
of research.

Metalloids

The third and smallest group is the metalloids. There is no generally accepted
definition of a metalloid, and no single characteristic that is associated with defines a
metalloid. For example, tin and selenium can be classified as either metals or metalloids.
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FIGURE 2.5.6 A ribbon of magnesium burning
in air. When heated in air, it burns with a bright,
white flame.

Metalloids have some metallic and some non-metallic properties. The metalloid
silicon and the non-metal carbon can form covalent networks, while antimony
conducts nearly as well as a metal. Metalloids tend to be shiny like metals, but brittle
like non-metals. They can conduct heat and electricity like metals, but usually not
as well. Their ability to moderately conduct electricity is known as semiconductivity.

DISTINGUISHING BETWEEN PHYSICAL AND
CHEMICAL PROPERTIES

As you have already seen, elements have different physical attributes. Some are
solids at room temperature, some are liquids. Some elements are hard and shiny,
some are odorous.

Physical properties describe features that can be observed or measured. Common
physical properties of elements include appearance, colour, density, brittleness,
electrical conductivity, magnetic effects and crystal shape. These can be observed
or measured without changing the element.

The temperature at which an element melts or boils is also a physical property.
When measuring the melting point of sulfur, the element transforms from solid
sulfur to liquid sulfur, but it remains sulfur; as the liquid sulfur cools, it transforms
reversibly back to solid sulfur.

Elements react chemically in different ways. Some react with water, some do not
react and some don’t. Some are acidic and some alkaline. Some burn easily. These
and other characteristics make up the elements’ chemical properties.

Chemical properties relate to how easily an element undergoes chemical change.
A chemical change results in substances changing from one substance to another. In a
flame, the metal magnesium suddenly glows bright white as it reacts with oxygen in the
air (Figure 2.5.6). Therefore, a chemical property of magnesium is that it burns easily.
This is a chemical change: when the reaction is complete, the atoms of magnesium
and oxygen have rearranged and combined to form a new material, magnesium oxide.

CHEMFILE

Semiconductors

The core of any gadget containing a computer or using radio waves depends on
semiconductors. Practically all semiconductor chips are created from the metalloid
silicon—so much so that the name Silicon Valley is used to describe a US hub of computer
technology.

Silicon atoms can form a network of crystalline silicon. A silicon crystal looks like a
metal, but unlike a metal, pure silicon conducts electricity poorly— it almost qualifies
as an electrical insulator. In a process called doping, tiny amounts of other elements—
usually germanium, phosphorus, arsenic, boron or gallium—are added, and the
material transforms from an insulator into a semiconductor.

A single semiconductor by

itself is not that interesting, but
a sandwich of three layers of
semiconductors forms a device
called a transistor. A transistor
controls the flow of electricity.

A careful arrangement of many
transistors on a wafer-thin slice
of silicon forms a silicon chip.

A single chip may hold tens of
millions of transistors. Modern
computer devices depend totally
on silicon chips (Figure 2'5_'5) FIGURE 2.5.5 Many electronics depend on silicon chips
manufactured from ultra-high- made from silicon.

purity silicon crystals.
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The properties of metals, non-metals and metalloids discussed so far are
physical properties. It is much harder to create a general list of chemical properties.
However, the location of an element in the periodic table gives you clues as to how
the element will react chemically.

PROPERTIES AND POSITION ON THE PERIODIC TABLE

The most usual form of the periodic table arranges elements into horizontal rows
(periods) and vertical columns (groups), as shown in Figure 2.5.7. Periods are
numbered from 1 to 7 and groups from 1 to 18. Each element has its own place in
the periodic table.

o [] F

1t 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16 17 18
Groups

FIGURE 2.5.7 The periodic table is usually arranged in (a) periods 1-7 and (b) groups 1-18.

Carbon (element symbol C) is in period 2 and group 14. Oxygen (element
symbol O) is also in period 2 but in group 16. Calcium (element symbol Ca) is in
period 4 and group 2.

Elements in the same group have, in general, similar physical and chemical
properties, but each element has its own characteristics. For example, elements of
group 11—copper (Cu), silver (Ag), gold (Au)—are dense, malleable, corrosion-
resistant metals that can be found in the ground as pure elements. Elements of
group 17—fuorine (F), chlorine (Cl), bromine (Br), iodine (I)—are highly reactive
and toxic to life in surprisingly small quantities. Elements of group 18—helium
(He), neon (Ne), argon (Ar), krypton (Kr)—are colourless, odourless and generally
unreactive gases, the noble gases.

Knowing the properties of one element in a group allows you to make predictions
about other elements in the group. For example, when the group 1 metal lithium is
added to water, it begins to react with the water, producing a gas and a lot of heat
(Figure 2.5.8). Likewise, sodium is in group 1 and reacts similarly but more vigorously
when added to water. Therefore, you could predict that if potassium was added to
water, it would react similarly to lithium and sodium but even more vigorously.

Using groups to make predictions on properties can however, be difficult.
Group 15 contains the non-metals nitrogen and phosphorus, metalloids arsenic and
antimony, and metallic bismuth. These elements each have very different physical and
chemical properties. It might be expected that all elements of group 17 will be reactive
non-metals, but at room temperature fluorine and chlorine are gases, bromine is a
liquid and iodine is a solid.

Why groups have similar chemical reactivity is due to the arrangement of
electrons within the atom, which will be investigated in Chapters 3 and 4.

FIGURE 2.5.8 The group 1 metal lithium reacts
in water to produce a gas and heat.
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2.5 Review

SUMMARY

Every element has a chemical symbol that is made
up of one or two letters. The first letter is capitalised
and the second letter is in lower case.

Elements are organised in the periodic table.
Elements can be classified as metals, non-metals or
metalloids.

Metallic elements have many common physical
properties.

KEY QUESTIONS

1

Identify the common name of each of the following
elements from its non-English name.

a ferrum

b kalium

¢ wolfram

d plumbum.

If an element can be hammered flat, would it be said
to be conductive, ductile, malleable or calorific?

Of the elements oxygen (O, element 8), silicon (Si,
element 14), rhodium (Rh, element 45) and calcium
(Ca, element 20), which is least likely to conduct heat
and electricity?

Non-metallic elements have a wide range of diverse
physical properties.

In the periodic table, elements are arranged into
groups with similar physical and chemical
properties.

4 Copper is shiny red in colour, melts at 1084°C, does

not react with water, and can be mixed with zinc

to form a brass alloy. Which of these is a chemical
property?

Aluminium is a good thermal conductor and a good
electrical conductor, it has a high melting point and is
ductile. Which of these properties makes aluminium a
useful material for making cookware?

An electrical conductor is a poor electrical insulator.
Arrange the elements silicon (Si, element 14), sulfur
(S, element 16) and scandium (Sc, element 21) in
order of their ability to insulate, from best to worst.

74
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Chapter review

KEY TERMS

alloy dissolved
aqueous distillation
atom element
atomic theory of matter filtrate
chemical symbol fluid
component giant molecule
compound latent heat

latent heat of fusion
latent heat of vaporisation
matter

metal

covalent network structure
crystallisation

decanting

discrete molecule

REVIEW QUESTIONS

1 What did Dalton’s theory of elements predict for
compounds?

2 Which of Dalton’s predictions about the nature of
atoms was later proven to be incorrect?

3 What is the fundamental difference between an atom
and a molecule?

4 What is the difference between a discrete molecule
and a network?

5 Classify the following elements according to whether
they are monatomic, made up of molecules, or form
a large network of atoms bonded together: sulfur,
copper, carbon, tin, helium, neon, gold, oxygen,
krypton, nitrogen.

6 What is the fundamental difference between a
compound and a mixture?

7 Fresh milk is composed of milk fats and water. Some
of the milk fats float on the top of the milk as cream.
What type of mixture is milk?

8 Dalton referred to hard particles in his atomic theory,
and particle theory also refers to hard particles. Are
these particles the same? Consider solid sulfur in your
answer.

9 s the air inside a blown-up balloon more or less dense
than air outside the balloon?

10 A solid metal can be heated to create a metal vapour.
Is this a physical or a chemical change? Refer to the
arrangement of particles in the metal in your answer.

11 a During a change of state, what happens to the

measured temperature?
b During a change of state do the attractive forces
between particles stay the same or change?

metalloid

mixture

model

molecule solvent
monatomic subatomic particle
noble gas sublimation
non-metal sublime

periodic table volatile

precipitate

solute

solution

12 Toothpaste is a physical mixture of a powder in a

13

14

15

16

17

20

solvent. It cannot be easily classified either as a solid
or a liquid. List the properties of toothpaste that could
classify it as a solid and as a liquid.

Could ink be separated into its components using
filtration?

Blood can be approximated as a mixture of red blood
cells and a liquid. Could blood cells be separated by
filtration? Is there a better option?

Two cups of water are on the ground on a warm day.
One cup is knocked over and spills the water to form
a puddle. Will the water in the cup or in the puddle
evaporate more quickly?

When a homogeneous solution made of two volatile
liquids evaporates, will the vapour be composed of a
greater or lesser proportion of the liquid with the lower
boiling point?

An elemental analysis of sodium hypochlorite (NaOCI)
shows it is 31% sodium and 21% oxygen by mass.
What percentage by mass is chlorine?

If the measured mass of chlorine in Question 17 is
3.0g, what was the original mass of the sample?

A stainless steel object of mass 150g was analysed
and found to contain 111 g iron, 27 g chromium
and the remainder nickel. What is the percentage
composition by mass of the components in this
stainless steel?

Baking powder is a raising agent commonly used when
making baked goods. One formulation of baking powder
contains 30% sodium hydrogen carbonate, 12%
calcium phosphate, 26% sodium aluminium sulfate and
the remainder cornstarch. A recipe for scones requires
20g of baking powder. What is the mass of calcium
phosphate in the 20g of baking powder?
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21

22

23

24

25
26

One type of methylated spirits contains 10% methanol
and 90% ethanol by mass. The table shows the
percentage composition by mass of elements in each
compound.

Alcohol ‘ LA ‘ %H ‘ %0
methanol 38 13 49
ethanol 52 13 35

What is the percentage composition by mass of carbon

in methylated spirits?

State the symbols for the following elements:

oxygen

carbon

helium

nickel

potassium

gold.

Give the names of the elements corresponding to the

following symbols:

N

Ca

Cl

Ag

Hg.

An element is shiny but a poor conductor of heat.

Is the element most likely to be a metal, non-metal

or metalloid?

b There are four unknown elements. One is black and
gritty, one shatters easily, one is an insulator and
one conducts electricity. From these observations,
which one is most likely to be a metal?

Why can a blade be made of iron but not of sulfur?

Which one or more of the following properties are

expected of the group 18 noble gases?

shiny and lustrous, poor conductor of electricity, soft

and malleable, good conductor of heat

- 0o QO 0 T o

O O Qo T o
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28

29

30

31

Classify the following statements as reflecting a
physical property or a chemical property.
Diamonds can cut glass.

Sugar dissolves in water.

Wood burns.

Aluminium has a low density.

Lithium reacts with water.

L O o 06 T o

In the periodic table, lithium is in group 1, period 2,
sodium is in group 1, period 3, and magnesium is
in group 2, period 3. Which pair of elements are
likely to have the most similar chemical properties?
What could be predicted about these elements’
physical properties?

b In the periodic table in group 14, lead is in period
6, germanium in period 4 and carbon in period 2.
Would you expect the physical properties of these
elements to be similar?

¢ Considering period 4 of the periodic table, from

potassium (K) to krypton (Kr), comment on the

trends in heat conductivity.

Some metallic elements are found in nature as
metals, some as compounds. Aluminium, element 13,
comprises about 8% by mass of Earth’s crust, but
was only isolated by Hans Oersted as late as 1825.
Conduct some research to find out why such an
abundant metal should have been isolated so late in
the discovery of common elements.

In the atmosphere, the three main elemental gases are
nitrogen (78%), oxygen (21%) and argon (1%). Using
your knowledge of separations and of the states of
matter, describe how this homogeneous mixture could
be separated into its components.

Reflect on the Inquiry activity on page 48. What
property was tested when bending the aluminium
can with pliers? Would this property indicate that
aluminium is a metal, metalloid or non-metal?



CHAPTER

Atomic structure and
atomic mass

In this chapter, you will learn that atoms are the fundamental building blocks of
matter. You will develop a detailed understanding of the structure of atoms, which
is the foundation for all chemistry. You will also learn that different types of atoms
make up the various elements, and that different atoms of the same element are
called isotopes. Some isotopes, known as radioisotopes, are unstable and release
radiation when they decay. To determine the relative masses of isotopes and
atoms, chemists use an instrument called a mass spectrometer.

By the end of this chapter, you will also have a greater understanding of the
various models used to describe the arrangement of electrons in atoms.

Content

INQUIRY QUESTION

Why are atoms of elements different from one another?
By the end of this chapter, you will be able to:

* investigate the basic structure of stable and unstable isotopes by examining:

- their position in the periodic table

- the distribution of electrons, protons and neutrons in the atom

- representation of the symbol, atomic humber and mass number (nucleon
number)

model the atom’s discrete energy levels, including electronic configuration and

spdf notation (ACSCHO17, ACSCHO18, ACSCH020, ACSCH022)

calculate the relative atomic mass from isotopic composition

(ACSCHO024)

investigate energy levels in atoms and ions through:

- collecting primary data from a flame test using different ionic solutions of
metals (ACSCHO19)

- examining spectral evidence for the Bohr model and introducing the
Schrddinger model

investigate the properties of unstable isotopes using natural and human-made

radioisotopes as examples, including but not limited to:

- types of radiation

- types of balanced nuclear reactions

Chemistry Stage 6 Syllabus © NSW Education Standards Authority
for and on behalf of the Crown in right of the State of NSW, 2017.




CHEMISTRY INQUIRY 2 Predict what will happen when you roll balls of various
masses down the ramp and around the curved track.
In what way do atoms of the

various elements differ from
one another?

COLLECT THIS ... 3 Draw up a table in your workbook for recording the

» marbles and ball bearings of various sizes results of your experiment.

* toy car plastic race track with a 90° curve 4 Roll the balls down the track one at a time. Record the
« stopwatch time each ball takes to reach the end of the track and

the path each ball follows when it exits the track.

. camera 5 If possible, take a video of your experiment.

DO THIS ... RECORD THIS ...
Present a table of your results.

1 Set up the race track as shown, with a raised starting
position and a 90° curve at the base of the track. Describe what happened when you rolled the different

balls down the track.

REFLECT ON THIS ...
What makes the balls different from one another?

Identify any patterns in your results and try to explain
them.

L. top-loading weighing balance
E What could you do next time to improve your experiment?

..........................................................................................

ATOMIC MODELS

Until the mid-19th century, scientists believed that atoms were hard spheres that
couldn’t be broken down into smaller parts. By the end of the 19th century, there
was increasing evidence to suggest that atoms are made up of smaller particles. This
led to a series of atomic models that attempted to explain the structure of atoms.

The current model of the atom is based on the work of many scientists. All
atoms are made up of a small, positively charged nucleus surrounded by a much
larger cloud of negatively charged electrons, as shown in Figure 3.1.1.The nucleus
is made up of two types of subatomic particles—protons and neutrons. The
protons are positively charged and the neutrons have no charge.

Electrons

Electrons are negatively charged particles. You can imagine them forming a cloud of
negative charge around the nucleus. This cloud gives the atom its size and volume.

An electron has a mass that is approximately 1800 times smaller than that of a
proton or neutron. Therefore, electrons contribute very little to the total mass of
an atom. However, the space occupied by the cloud of electrons is 10000-100000
times larger than the nucleus.

Negative particles attract positive particles. This is called electrostatic attraction.
Electrons are bound to the nucleus by electrostatic attraction to the protons within the
nucleus. The charge of an electron is equal but opposite to the charge of a proton.

FIGURE 3.1.1 A simplified model of the atom.

The central glow represents the nucleus, where
the protons and neutrons are housed. The 3
nucleus is surrounded by a cloud of orbiting Electrons are said to have a charge of —1 and protons to have a charge of +1.

electrons. In some circumstances, electrons can be easily removed from an atom.

For example, when you rub a rubber balloon on a woollen jumper or dry hair,
electrons are transferred to the balloon, and the balloon develops a negative charge.

78 MODULE 1 | PROPERTIES AND STRUCTURE OF MATTER



The negative charge is observed as an electrostatic force that can stick the balloon
to a wall or even move an aluminium can. You will look more closely at the transfer
of electrons when looking at ionic compounds in Chapter 5.

The electricity that powers lights and appliances is the result of electrons moving
in a current through wires. Sparks and lightning are also caused by electrons moving
through air.

+ ADDITIONAL

Discovering the electron

GO TO » | Section 5.2 page 147

In the late 1890s, English physicist Joseph John Thomson from the negative pole of the electric field, indicating the

conducted a series of experiments in which an electric charge was negative. This can be seen in Figure 3.1.3.
current was passed through different gases in sealed tubes applied
at very low pressures. When a high voltage was applied, electrical field

the tubes glowed with a coloured light and a coating on
the glass tube wall opposite the negative electrode became
fluorescent. This fluorescence was caused by invisible rays
that became known as ‘cathode rays’ because they came metal
from the negative cathode. They could be deflected by a cathode
magnet. This is shown in Figure 3.1.2.

FIGURE 3.1.2 This glass tube contains a gas at low pressure with a high

metal
anode

FIGURE 3.1.3 Cathode rays are deflected by an applied electric field.

From his experiments, Thomson deduced that:
» the rays were a stream of particles
+ the particles came from the negative electrode
(cathode) and were negatively charged
+ the particles must be found in all matter and therefore
were subatomic particles
» atoms must also contain positive subatomic particles,

voltage applied across it. The resulting cathode ray can be seen being since atoms have no overall charge.
deflected by a magnet. Thomson’s research laid the foundation for other
scientists to build the modern model of the atom. For his
When an electric field was applied at right angles near discovery of the electron, Thomson was awarded the 1906
the cathode, the position of the fluorescence moved away Nobel Prize in Physics.

The nucleus of an atom

The nucleus of an atom is approximately 10000-100000 times smaller than the
size of the atom. To put this in perspective, if an atom were the size of the Sydney
Cricket Ground (Figure 3.1.4), then the nucleus would be about the size of a pea.
Nonetheless, the nucleus contributes about 99.97% of the atom’s mass. This means
that atomic nuclei are extremely dense.

The subatomic particles in the nucleus, the protons and neutrons, are referred
to collectively as nucleons. Protons are positively charged particles with a mass of
approximately 1.673 x 10727 kg. Neutrons and protons are almost identical in mass.

Table 3.1.1 summarises the properties of protons, neutrons and electrons.

TABLE 3.1.1 Properties of the subatomic particles

proton 1.673 x 10727

neutron n 0 1 1.675 x 10%7

electron e =il 1 9.109 x 10-3!
1800

FIGURE 3.1.4 If an atom were the size of the
Sydney Cricket Ground, then the nucleus would
be the size of a pea.
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__________________________________________________________________________________________

SKILLBUILDER

Transforming decimal notation into scientific notation
Scientists use scientific notation to handle very large and very small numbers. For example, instead of writing
0.000000035, scientists would write 3.5 x 10-8.

A number in scientific notation (also called standard form or power of 10 notation) is written as:

ax 10"

where

a is a number equal to or greater than 1 and less than 10, thatis, 1 <a < 10

n is an integer (a positive or negative whole number)

n is the power that 10 is raised to and is called the index value.
To transform a very large or very small number into scientific notation:
1 Write the original number as a decimal number greater than or equal to 1 but less than 10.
2 Multiply the decimal number by the appropriate power of 10.

The index value is determined by counting the number of places the decimal point needs to be moved to form the

original number again.

« |f the decimal point has to be moved n places to the right, n will be a positive number. For example:
51=5.1x10!

« If the decimal point has to be moved n places to the left, n will be a negative number. For example:
0.51=5.1x 10"

You will notice from these examples that when large numbers are written in scientific notation, the 10 has a positive

index value. Very small numbers are written by multiplying by 10 with a negative index.

__________________________________________________________________________________________
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3.1 Review

» All atoms are composed of a small, positively » Protons have a positive charge, electrons have a

charged nucleus surrounded by a negatively charged
cloud of electrons.

+ The mass of an atom is mostly determined by the

mass of the nucleus, while the size of an atom is
determined by the cloud of electrons.

negative charge and neutrons have no charge.
Protons and neutrons are similar in size and mass,
while electrons are approximately 1800 times
smaller.

The charges on protons and electrons are equal but

» The nucleus is made up of two types of subatomic
particles—protons and neutrons. These particles are
collectively referred to as nucleons.

opposite.

KEY QUESTIONS

1 How many times larger is the atom compared with its
nucleus?

2 What subatomic particles make up the most mass of
an atom and where are they found?

3 How are electrons held within the cloud surrounding
the nucleus?

4 State the charge of:
a an electron
b a proton
¢ a neutron.
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3.2 Classifying atoms

DIFFERENT TYPES OF ATOM

Each element is made up of one type of atom. The type of atom that makes up
each element is determined by the number of protons in the nucleus. The number
of protons in an atom’s nucleus is known as the atomic number and is represented
by the symbol Z.

All atoms that belong to the same element have the same number of protons and
therefore have the same atomic number, Z. For example, all hydrogen atoms have
Z =1, all carbon atoms have Z = 6 and all gold atoms have Z =79 (Figure 3.2.1).

The number of protons and neutrons in the nucleus of an atom is known as the
mass number and is represented by the symbol A. The mass number represents
the total mass of the nucleus.

As all atoms are electrically neutral, the number of protons in an atom is equal to
the number of electrons in that atom. The atomic number therefore indicates both
the number of protons and the number of electrons. For example, carbon atoms,
with Z = 6, have six protons and six electrons.

REPRESENTING ATOMIC STRUCTURE

The number of protons, neutrons and electrons forms the basic structure of an
atom. The standard way of representing an atom of a particular element is with its
atomic and mass numbers, as shown in Figure 3.2.2.

For an aluminium atom, this would be written as shown in Figure 3.2.3.

From this representation, you can determine that:

e The number of protons is 13 because the number of protons is equal to the
atomic number (Z£).

e The number of neutrons is 14 because the number of neutrons plus the number
of protons is equal to the mass number. Therefore, you can subtract the atomic
number from the mass number to determine the number of neutrons (4 — Z2).

¢ The number of electrons is 13 because atoms have no overall charge. Therefore,
the number of electrons must equal the number of protons.

Worked example 3.2.1
CALCULATING THE NUMBER OF SUBATOMIC PARTICLES

Calculate the number of protons, neutrons and electrons for the atom with this
atomic symbol: 73 Ar

Thinking Working

The atomic number is equal to the
number of protons.

number of protons =7 =18

number of neutrons=A -7
=40-18
=22

Calculate the number of neutrons.

number of neutrons = mass number —
atomic number

Calculate the number of electrons. number of electrons =7=18

The number of electrons is equal to
the atomic number because the total
negative charge is equal to the total
positive charge.

FIGURE 3.2.1 Gold has an atomic number of 79.
This example, the Welcome Stranger nugget,
weighing over 78 kg, was found in 1869 in
Victoria.

mass number —= A
i X =—symbol of element
atomic number — Z

FIGURE 3.2.2 The standard way of representing
an atom of a particular element is to show its
atomic number and mass number.

TAl

FIGURE 3.2.3 This representation of an
aluminium atom indicates the number of
protons, neutrons and electrons in the atom.
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Worked example: Try yourself 3.2.1
CALCULATING THE NUMBER OF SUBATOMIC PARTICLES

Calculate the number of protons, neutrons and electrons for the atom with this
atomic symbol: 232U

ISOTOPES

All atoms that belong to the same element have the same number of protons in
the nucleus and therefore the same atomic number, Z. However, not all atoms that
belong to the same element have the same mass number, 4. For example, hydrogen
atoms can have mass numbers of 1, 2 or 3. In other words, hydrogen atoms may
contain just a single proton, a proton and a neutron, or a proton and two neutrons,
as shown in Figure 3.2.4. Atoms that have the same number of protons (atomic
number) but different numbers of neutrons (and therefore different mass numbers)
are known as isotopes. Isotopes have identical chemical properties but different
physical properties, for example different masses and densities.

°\ o\ o\
electron electron electron
proton neutron proton neutron proton
hydrogen (protium) deuterium tritium
hydrogen-1, 1H hydrogen-2, 2H hydrogen-3, 3H

FIGURE 3.2.4 The three isotopes of hydrogen are given special names. A hydrogen atom with just one
proton in its nucleus is known as hydrogen or protium. A hydrogen atom with one proton and one
neutron is known as deuterium. A hydrogen atom with one proton and two neutrons is known as tritium.

Carbon has three naturally occurring isotopes. These three isotopes are known
as carbon-12, carbon-13 and carbon-14. Carbon-12 atoms have a mass number of
12, carbon-13 atoms have a mass number of 13 and carbon-14 atoms have a mass
number of 14. In the 1950s and 1960s, nuclear weapons testing caused a spike in
carbon-14 in the atmosphere. This has been declining in the last 50 years. These
three carbon isotopes can be represented as shown in Figure 3.2.5.

léc lgC lgc

carbon-12 carbon-13 carbon-14
FIGURE 3.2.5 A scientific representation of the three isotopes of carbon: carbon-12, carbon-13 and
carbon-14.
RADIOISOTOPES

Some isotopes are radioactive, so they are referred to as radioisotopes.

Figure 3.2.6 shows a plot of the number of neutrons versus the number of
protons in various nuclei. It shows that there is a region called the band of stability
where the nuclei are stable. Nuclei that lie outside of this region are unstable so they
are radioactive.

Radioisotopes will decay (break down) to form stable nuclei. During the decay
process, radiation is emitted in the form of alpha particles, beta particles or
gamma radiation.
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Plot of element nuclei based on the number
of neutrons versus the number of protons

140 -
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FIGURE 3.2.6 A plot of number of neutrons versus number of protons in various nuclei. The region of
stable nuclei is called the band of stability (white). Nuclei that lie outside this region (in the purple and
blue regions) are unstable, so they are radioactive.

Alpha particles are made up of two protons and two neutrons, which is the same
as a helium nucleus. They are emitted by nuclei that have too few neutrons to be
stable. Alpha particles are a lower energy form of radiation, travelling no further
than a few centimetres from their source. They can be stopped by a sheet of paper
or an equivalent material (Figure 3.2.7a).

Beta particles are high-energy electrons formed from the decay of nuclei with too
many neutrons. They have more penetrating power than alpha particles, but can be
blocked by, for example, an aluminium plate several centimetres thick (Figure 3.2.7b).
In the process of producing a beta particle, a neutron is converted to a proton, so the
atomic number of the element increases by one.

Gamma radiation is a type of high-energy electromagnetic radiation. It has
great penetrating power and can only be stopped by something as dense as a lead
plate several centimetres thick (Figure 3.2.7¢).

Natural and artificial radioisotopes and balanced
nuclear reactions

The decay of radioisotopes to produce different types of radiation can be represented
by equations of balanced nuclear reactions.

For example, the decay of naturally occurring uranium-238 produces
thorium-234, an alpha particle and gamma radiation. This decay is represented by
the following equation:

238 234 4
U = “5oTh+ ;He+y

The Greek letter yis used to represent gamma radiation. Notice that when the
decay produces alpha particles, a new element is also formed.

(a)

alpha

(b)

(©)

gamma

aluminium

/

aluminium

_—

(

lead

\

lead

|

aluminium

lead

FIGURE 3.2.7 (a) Alpha particles, (b) beta
particles and (c) gamma particles have different
penetrating powers.
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o When writing an equation for a balanced nuclear reaction, check that the atomic
numbers add up to the same value on both sides of the equation. You will also
need to do the same check for mass numbers.

Carbon-14, mentioned earlier in this section, is a radioisotope that decays to
produce beta particles (electrons). Its decay can be represented by the following
equation:

14 14 0

cC— 7N+ _je
where

fie represents a beta particle (an electron).

The decay of carbon-14 can be used to determine the age of a once-living
organism, such as a fossil, in a technique known as carbon dating. Living organisms
take up carbon-14 from the environment, so the ratio of carbon-12 to carbon-14
in the organism remains fairly constant over their lifetime. After the organism dies,
it can no longer take up carbon-14, so the amount of carbon-14 in the organism
decreases as the isotope decays. By looking at the ratio of carbon-12 to carbon-14,
the age of the fossilised object can be determined.

Technetium, which was discovered in 1936, is an artificial
radioisotope that is routinely used in medicine. The medical
radioisotope technetium-99m (the ‘m’representing a nuclear
isomer) is produced in nuclear reactors from the decay of
uranium-238 to molybdenum-99. The molybdenum-99
is isolated and, through further decay, technetium-99m is
formed, as shown in the following equation:

99 99m 0
»nMo— 7 5Te+ e

Compounds containing technetium-99m can be injected
into various body organs or into a cancerous tumour in
a patient. For example, a type of bone scintigraphy scan
involves injecting the technetium-99m compound into a
vein. When the technetium-99m decays, it releases gamma
radiation, which is then detected by nuclear imaging

FIGURE 3.2.9 A doctor reviews the results of a bone scintigraphy scan. equipment (Figure 3.2.9).
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Carbon-14 and the illegal ivory trade

Isotopes are important in combatting ivory poaching in Africa. By performing — = &
carbon dating on the elephant tusks and ivory (Figure 3.2.8), scientists can -
determine the age of the tusks.

If the authorities know the age of the ivory, then legal action can be taken
against the poachers and sellers of the product. Ivory products crafted prior to
1989 are allowed to be traded. Since 1989, the trade of ivory has been made
illegal worldwide.

,?\w S ]

FIGURE 3.2.8 These tusks are from African
elephants killed for their ivory.
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3.2 Review

SUMMARY

The number of subatomic particles in an atom can
be determined from an element’s atomic number (2)
and mass number (A).

The atomic number indicates how many protons or
electrons an atom has.

The mass number indicates how many protons and
neutrons are in the nucleus of the atom.

Isotopes are atoms with the same atomic number
but different mass numbers, i.e. they have the same

number of protons but different numbers of neutrons.

KEY QUESTIONS

1

What term is given to the number of protons and
neutrons in the nucleus of an atom?

Calculate the numbers of protons, neutrons and
electrons in the atom 2P .

What is the correct name of the element that has an
atom with seven protons and eight neutrons?

Explain the similarities and differences between
isotopes of the same element.

How many more neutrons does an atom of carbon-14
have than an atom of the carbon-12 isotope?

6

7

Isotopes have the same chemical properties but
different physical properties such as mass, density
and radioactivity.

Unstable isotopes that decay and release radiation
are called radioisotopes.

The three types of radiation released are alpha
particles, beta particles and gamma radiation.

The decay of a radioisotope can be represented by
equations of balanced nuclear reactions.

Describe the difference between an alpha particle, a
beta particle and gamma radiation.
Use the periodic table to balance the equations for the

following nuclear reactions:

234 234
a goTh d 91Pa +_

b 23Pa— __ +5He

216p,. , 4
c — “gaPo+5He
d 2%Po—__ + Se
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6 Carbon-12 is the universal

86

reference standard for relative
atomic mass.

3.3 Masses of particles

Atoms are particles so small that they cannot be counted individually or even in
groups of thousands or millions. The mass of one atom is incredibly small. For
example, one atom of carbon has a mass of approximately 2 x 10723 g,

Figure 3.3.1a shows a model of a glucose molecule. Glucose is a type of sugar
used as an energy source by almost all living organisms on Earth. One glucose
molecule contains 6 carbon atoms, 12 hydrogen atoms and 6 oxygen atoms bonded
together. One glucose molecule has an actual mass of 3 X 10722 g. This means that
the teaspoon of glucose crystals shown in Figure 3.3.1b contains approximately
1.4 x 10?2 glucose molecules.

«® ¢

|

<y . SChR
5 el e A }{’ fif
FIGURE 3.3.1 (a) A model of a single glucose molecule, which contains 6 carbon atoms (black),

12 hydrogen atoms (green) and 6 oxygen atoms (red) bonded together. (b) A teaspoon of glucose
crystals contains an incredibly large number of extremely small glucose molecules.

Such small masses are not easily measured and can be inconvenient to use in
calculations. This section will introduce you to the ways scientists determine and use
the masses of various particles.

RELATIVE MASSES

From earlier in the chapter, you will remember that isotopes are atoms of the same
element that have different numbers of neutrons in their nuclei. So isotopes have
the same atomic number but different mass number.

The masses used most frequently in chemistry are relative masses, rather than
actual masses. The standard to which all masses are compared is the mass of an
atom of the common isotope of carbon, carbon-12 or 2C, which is given a mass
of exactly 12.

Carbon-12 was selected as the standard in 1961 (Figure 3.3.2). Before then, oxygen
was used as the standard. Chemists and physicists could not agree on a way of assigning
a standard mass to oxygen. Chemists assigned a mass of exactly 16 to the average mass
of oxygen atoms. Physicists assigned a mass of exactly 16 to the oxygen-16 isotope.
This resulted in two different tables of slightly different atomic masses.

k

®
FIGURE 3.3.2 A Bohr-style diagram of carbon-12.

Making carbon-12 the standard was a compromise both agreed to. Assigning
carbon-12 a mass of exactly 12 created a new scale that was adopted universally.
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RELATIVE ISOTOPIC MASSES

The individual isotopes of each element have a relative isotopic mass, symbol /.
Table 3.3.1 shows the approximate mass of various isotopes relative to the carbon-12
isotope, taken as 12 units exactly.

TABLE 3.3.1 Approximate mass of various isotopes relative to the 2C isotope, which is taken as
exactly 12 units

Isotope Diagram of Number of | Number of | Total Approximate
nucleus protons in | neutrons number of mass of atom
nucleus in nucleus | protons and | relative to
neutrons carbon-12
isotope
hydrogen 1 0 1
yeros ‘ 5 oof12=1
iH
heli 2 2 4
elium ’ 4 of12=4
4
>He
lithi 4 7
ithium 5 % of12 =7
7 .
3L|
carbon 6 6 12 12
e

As shown in Figure 3.3.3, there are two different isotopes of the element chlorine.
They are:

«  2Cl, which contains 17 protons and 18 neutrons

. f; Cl, which contains 17 protons and 20 neutrons.

The isotopes have different masses because of the different numbers of neutrons.
Remember that the mass of an atom is mainly determined by the number of protons
and neutrons in its nucleus, because the mass of the electrons is relatively small.

The relative isotopic masses of the two chlorine isotopes are experimentally
determined to be 34.969 (3°Cl) and 36.966 (3*’Cl). Since the masses of a proton and
a neutron are similar and close to 1 on the 12C = 12 scale, the relative isotopic mass
of an isotope is almost, but not exactly, equal to the mass number of that isotope.

0 The relative isotopic mass of an isotope is the mass of an atom of that isotope
relative to the mass of an atom of carbon-12 (12C), taken as 12 units exactly.

Relative isotopic abundance

Naturally occurring chlorine is made up of the two isotopes shown in Figure 3.3.3:
75.80% of the lighter isotope and 24.20% of the heavier isotope. This composition is
virtually the same, no matter the source of the chlorine. The percentage abundance
of an isotope in the natural environment is called its relative isotopic abundance.

Most elements, like chlorine, are a mixture of two or more isotopes. Details of
the isotopes of some common elements are shown in Table 3.3.2 on page 88.

17 Cl

#Cl

FIGURE 3.3.3 The two isotopes of the element
chlorine. Different numbers of neutrons in the
nuclei of these atoms give the atoms different

masses.
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TABLE 3.3.2 Isotopic composition of some common elements

Element Isotopes Relative isotopic mass Relative isotopic abundance (%)
hydrogen 1H 1.008 99.986
°H 2014 0.014
3H 3.016 0.0001
oxygen 160 15.995 99.76
79 16.999 0.04
180 17.999 0.20
silver 107Ag 106.9 51.8
109Ag 1089 48.2

The mass spectrometer

Relative isotopic masses of elements and their isotopic abundances are determined
by using an instrument called a mass spectrometer, which was invented by
Francis Aston in 1919.

A mass spectrometer, as seen in Figure 3.3.4, separates the individual isotopes
in a sample of an element and determines the mass of each isotope, relative to the
carbon-12 isotope, and the relative abundances of the isotopes.

| CHEMISTRY IN ACTION |

Mass spectrometry reveals history

FIGURE 3.3.4 A mass spectrometer is used to
determine the relative masses and abundances
of different isotopes.

Scientists can use mass spectrometry to determine the abundance of one
isotope relative to that of another in tissues taken from a dead organism. This
can help them determine important features about that organism'’s life.

For example, archaeologists can analyse the fossil jawbone shown in
Figure 3.3.5 to calculate how long ago the short-necked giraffe lived, to
study its diet, or to determine the habitat of the animal. Isotope analysis of a
number of related fossils can help track the evolution of this species.

FIGURE 3.3.5 An ancient fossil jawbone from an extinct short-necked giraffe. Isotope analysis
using a mass spectrometer provides archaeologists with information about the organism’s life.
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+ ADDITIONAL

Operation of a mass spectrometer

A mass spectrometer, like the one in Figure 3.3.4, is detector to
a laboratory instrument used to detect isotopes of an measgurrer(ieonrl
element and to determine both the relative mass and
abundance of each isotope.

The construction of a mass spectrometer is shown in
Figure 3.3.6.

Several different stages are involved in the operation of a
mass spectrometer.

ion collector

magnetic field
at right angles to

1 A sample of the element is vaporised and the gas is planeiofdiagkam

injected into the ionisation chamber.
2 In the ionisation chamber, the sample is ionised
(positive ions are formed) when a beam of bombarding

charged plates to
provide electric field

sample — &

electrons dislodges electrons from the sample atoms. _\
3 The positive ions enter an electric field, which ionisation/- E‘ r Elament (to provide
accelerates them to high speeds. chamber ‘ @ilEVel i ElE @)
4 The fast-moving positive ions then enter a magnetic to pump
field perpendicular to their path. This causes the ions FIGURE 3.3.6 The construction of a mass spectrometer. The sample is
to be deflected, or move in a curved path with a radius ionised and the ions pass through an electric field and a magnetic field
that depends upon the mass-to-charge ratio (m/z or before reaching the detector.
m/e) of the ions.
5 lons of a certain mass and charge reach a detector, which
measures the current produced by a particular ion.
6 The accelerating voltage and strength of the magnetic
field are varied to allow different ions to reach the detector,
which measures the mass of the ions and their relative
abundance. This data is recorded as a mass spectrum.
Mass spectra Mass spectrum of chlorine
The output from a mass spectrometer is called a mass spectrum. Figure 3.3.7
shows the mass spectrum of chlorine. In this mass spectrum: 754
¢ The number of peaks indicates the number of isotopes, in this case, two.
« The horizontal axis indicates the relative mass of each isotope present in an &
element according to the isotope’s mass-to-charge ratio (m/z or m/e). (The “g 50
charge on most ions reaching the detector is +1, so the mass of an isotope can be -'.g
read directly from the horizontal axis.) The two isotopes of chlorine have relative 3
masses of 35 and 37. < 25+
e The vertical axis indicates the abundance of each isotope in the sample: 75%
35Cl and 25% 37Cl. J L

In summary, in the mass spectrum of an element: T T T T T
34 35 36 37 38

Relative isotopic mass

FIGURE 3.3.7 The mass spectrum of chlorine.

. . ) The two peaks indicate there are two isotopes.

* the relative heights of the peaks correspond to the relative abundances of the  The most abundant isotope has a relative isotopic
isotopes. mass of approximately 35 and an abundance

of approximately 75%. The other isotope has a

relative isotopic mass of approximately 37 and an

abundance of approximately 25%.

¢ the number of peaks indicates the number of isotopes
¢ the position of each peak on the horizontal axis indicates the relative isotopic
mass
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0 The relative atomic mass of an
element is the weighted average
of the relative masses of the
isotopes of the element on the
12G scale.

RELATIVE ATOMIC MASS

Most elements consist of a mixture of isotopes. For the purpose of the calculations
you will be doing later in this chapter, it is convenient to know the average relative
mass of an atom in this mixture. This average is called the relative atomic mass of
an element, and given the symbol A . To calculate the average of the relative masses
of the isotopes that exist in a naturally occurring mixture of an element, you must
consider the relative abundances of each isotope.

Data obtained from the mass spectrum of chlorine, shown in Figure 3.3.7, is

TABLE 3.3.3 Isotopic composition of chlorine

-

35C|
37C|

GO TO » | Periodic table page 553

Relative

abundance (%)
34.969 75.80

36.966 24.20

of each element.

Worked example 3.3.1
CALCULATING RELATIVE ATOMIC MASS FROM ISOTOPIC MASSES AND PERCENTAGE ABUNDANCES

summarised in Table 3.3.3. The data about the two isotopes is used to calculate the
relative atomic mass of chlorine. A weighted average mass is calculated by using the
relative isotopic masses and abundances to find the total mass of 100 atoms. This
mass is then divided by 100 to find the average mass of one atom.

0 The relative atomic mass (A) of an element with two isotopes can be calculated
using the formula:

A = (I X % abundance) + (I, X % abundance)
s 100

The periodic table at the end of the book provides relative atomic masses,
calculated by taking into account the relative abundances of all the natural isotopes

Chlorine has two isotopes. Their relative isotopic masses and percentage abundances are provided in Figure 3.3.7 and
Table 3.3.3. Calculate the relative atomic mass of chlorine correct to 2 decimal places.

Thinking

Working

Determine the relative isotopic masses (/) and abundances
of each isotope.

Two peaks on the spectrum indicate two isotopes:
First isotope: /. 34.969; abundance 75.80%
Second isotope: /, 36.966; abundance 24.20%

Substitute the relative isotopic masses and abundances into
the formula for calculating relative atomic mass (A):

A = (ly x % abundance) + (I, x % abundance)
T 100

(34.969 x 75.80) + (36.966 x 24.20)
A =
v 100

Calculate the relative atomic mass.

A = 2650.65 + 894.58

T 100
=35.452
Express the answer to two decimal places. A(Cl)=3545

90

Worked example:

Try yourself 3.3.1

CALCULATING RELATIVE ATOMIC MASS FROM ISOTOPIC MASSES AND
PERCENTAGE ABUNDANCES

118

11.009

Boron has two isotopes. Their relative isotopic masses and percentage
abundances are provided. Calculate the relative atomic mass of boron correct
to 2 decimal places.

108 10.013

1991
80.09
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Worked example 3.3.2

CALCULATING PERCENTAGE ABUNDANCE OF EACH ISOTOPE
FROM THE MASS SPECTRUM

Use the simplified mass spectrum of magnesium to calculate the percentage
abundance of each of its three isotopes.

Mass spectrum of magnesium

24Mg
()
5
e}
C
=}
Q
©
[
2
&
&
ZSMg 26Mg
Relative isotopic mass
Thinking Working
Measure the peak height for each From the spectrum, the height of each
isotope using a ruler. peak is:
Mg =7.9cm
2Mg=1.0cm
2Mg=1.1 cm
Calculate the total peak height for the Total peak height=7.9+ 1.0+ 1.1
three isotopes by adding the individual -10.0 cm

peak heights.

Substitute the peak height for each
isotope into the formula:

_ peak height 2505 — 10 —
%abundance—mxloo% % abundance Mg = ;~-x100=10%

% abundance ?*Mg = % x100=79%

% abundance *®Mg = 101.100=119%
100
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Worked example: Try yourself 3.3.2

CALCULATING PERCENTAGE ABUNDANCE OF EACH ISOTOPE
FROM THE MASS SPECTRUM

Relative abundance

The graph shows a simplified mass spectrum of lead. From this mass spectrum,
calculate the percentage abundance of each of its three isotopes.

Mass spectrum of lead

ZOGPb

208Pb

207Pb

Relative isotopic mass
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Worked example 3.3.3

CALCULATING PERCENTAGE ABUNDANCES FROM RELATIVE ATOMIC MASS
AND RELATIVE ISOTOPIC MASSES

The relative atomic mass of rubidium is 85.47. The relative isotopic masses of its two isotopes are 84.95 and 86.94.
Calculate the relative abundances of the isotopes in naturally occurring rubidium.

Thinking Working

State the relative abundances of the isotopes in terms of x, where x is the Abundance of 84.95 isotope = x.
abundance of the lighter isotope. Abundance of 86.94 isotope = 100 — x.
Abundance of lighter isotope = x.

The abundance of the heavier isotope must equal 100 — x.

Substitute the relative isotopic masses, relative abundances and relative

85.47 = 84.95x + (86.94 x (100 -x))

atomic mass into the formula: 100
A = (I x % abundance) + (I x % abundance)
r 100
Expand the top line of the equation. Q5.47 — 8495x +8694 - 8694x

100

Solve the equation to find x, the relative abundance of the lightest isotope. | 8547 = 84.95x + 8694 — 86.94x
8547 — 8694 = 84.95x — 86.94x

-147 =-1.99x
x=7387%
Determine the abundance of the heavier isotope. Abundance of 86.94 isotope
=100 - x
=100 - 73.87
=26.13%
Worked example: Try yourself 3.3.3
CALCULATING PERCENTAGE ABUNDANCES FROM RELATIVE ATOMIC MASS
AND RELATIVE ISOTOPIC MASSES
The relative atomic mass of copper is 63.54. The relative isotopic masses of
its two isotopes are 62.95 and 64.95. Calculate the relative abundances of the
isotopes in naturally occurring copper.
RELATIVE MOLECULAR MASS GO TO » | Section 5.3 page 162

Some elements and compounds exist as molecules, for example, oxygen (O,),
nitrogen (N,) and carbon dioxide (CO,). In Chapter 5, you will learn how non-
metallic elements bond together to form covalent molecules. For these substances, a
relative molecular mass can be determined.

"The relative molecular mass, symbol M , is equal to the sum of the relative atomic
masses of the atoms in the molecule (remember you can obtain relative atomic
masses of elements from the periodic table). It is based (like relative atomic mass)
on the scale in which the exact mass of an atom of carbon-12 is taken as 12 exactly.

0 The relative molecular mass is the mass of one molecule of that substance
relative to the mass of a 12C atom taken as 12 units exactly. It is numerically
equal to the sum of the relative atomic masses of the elements in the formula
for the molecule.
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GO TO » | Section 5.2 page 147

€) The relative formula mass is the
mass of a formula unit relative
to the mass of an atom of 12C
taken as 12 units exactly. It is
numerically equal to the sum of
the relative atomic masses of the
elements in the formula.

6 Relative molecular mass and
relative formula mass, like relative
atomic mass, have no units,
because they are based on the
masses of atoms of elements
compared with the mass of the
carbon-12 isotope.

Worked example 3.3.4
CALCULATING THE RELATIVE MOLECULAR MASS OF MOLECULES

Calculate the relative molecular mass of carbon dioxide (CO,).

Thinking Working

Use the periodic table to find the relative A(C)=1201
atomic mass for the elements represented | 4 (0) = 16.00
in the formula. '

Determine the number of atoms of each 1 x C atom
element present, taking into consideration | 2 y 0 atoms
any brackets in the formula.

Determine the relative molecular mass M =1xAC)+2xA0)
by adding the appropriate relative atomic =1x12.01 +2x 16.00
masses. — 4401

Worked example: Try yourself 3.3.4
CALCULATING THE RELATIVE MOLECULAR MASS OF MOLECULES

Calculate the relative molecular mass of nitric acid (HNO,).

RELATIVE FORMULA MASS

You will learn in Chapter 5 that some compounds, such as sodium chloride (NaCl)
and magnesium oxide (MgO), do not exist as molecules but rather as ionic networks.
For ionic compounds, the term relative formula mass is used. Relative formula
mass, like relative molecular mass, is calculated by taking the sum of the relative
atomic masses of the elements in the formula.

Worked example 3.3.5
CALCULATING THE RELATIVE FORMULA MASS OF IONIC COMPOUNDS

Calculate the relative formula mass of magnesium hydroxide (Mg(OH),).

Thinking Working

Use the periodic table to find the A(Mg) =2431
relative atomic mass for the elements A(0) = 16.00
represented in the formula. A(H) = 1.008
Determine the number of atoms of 1 x Mg atom

each element present, taking into 1 x2=20 atoms
consideration any brackets in the 1 x 2 =2 H atoms
formula.

Determine the relative formula mass by Relative formula mass

adding the appropriate relative atomic =1xA(Mg)+2xA(0)+2xA(H)
masses. =2431+2x16.00 + 2 x 1.008
=58.33

Worked example: Try yourself 3.3.5
CALCULATING THE RELATIVE FORMULA MASS OF IONIC COMPOUNDS

Calculate the relative formula mass of copper(ll) nitrate (Cu(NO,),).
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3.3 Review

* Most elements consist of a mixture of isotopes.

» The most common isotope of carbon, carbon-12,
is used as the reference standard against which to
compare the masses of atoms.

+ The carbon-12 isotope is assigned a mass of exactly
12 units.

+ The relative isotopic mass, /,, of an isotope is the
mass of an atom of the isotope relative to the mass
of an atom of carbon-12 taken as 12 units exactly.

KEY QUESTIONS

1

The isotopic composition of chlorine is shown in

Table 3.3.3 on page 90. Select the correct statement

about the relative atomic mass of chlorine.

A The precise relative atomic mass of chlorine can
be determined by adding the two relative isotopic
masses and dividing by two.

B The relative atomic mass of chlorine is based on the
scale where carbon-12 has a mass of exactly 12.

C The lighter isotope is less abundant.

D The isotopes have different masses because they
have different numbers of protons.

Use the data in Table 3.3.2 on page 88 to calculate the

relative atomic mass of:

a oxygen

b silver

¢ hydrogen.

The element lithium has two isotopes:

5Li with a relative isotopic mass of 6.02

’Li with a relative isotopic mass of 7.02.

The relative atomic mass of lithium is 6.94. Calculate

the percentage abundance of the lighter isotope.

The mass spectrum of zirconium is shown in the graph

on the right.

a Measure the peak heights to calculate the
percentage abundance of each zirconium isotope.

b Use the percentage abundances calculated in part a
to determine the relative atomic mass of zirconium.
The mass number is a good approximation to the
relative isotopic mass.

The relative isotopic mass and relative abundance
of isotopes can be measured using a mass
spectrometer.

The relative atomic mass, A, of an element is a
weighted average of its isotopic masses.

The relative molecular mass of molecules, or relative
formula mass of ionic compounds, is calculated
from the sum of the relative atomic masses of its
constituent elements.

Mass spectrum of zirconium

Relative abundance

I
90

A A
T T T T T 1
92 94 96

Relative isotopic mass

Calculate the relative molecular mass of:
a sulfuric acid (H,SO,)

b ammonia (NH;)

¢ ethane (C,Hy).

Calculate the relative formula mass of:

a potassium chloride (KCI)

b sodium carbonate (Na,CO,)

¢ aluminium sulfate (AL(S0,),).
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k/flame colour

sample adhering
to wire

Bunsen burner ——

—

FIGURE 3.4.2 Performing a flame test. A moist
wire has been dipped in the sample and then
placed in the flame. A fine spray of solution from
a spray bottle could be used instead.

3.4 Electronic structure of atoms

When fireworks explode, they create a spectacular show of coloured lights
(Figure 3.4.1).The light is produced by metal atoms that have been heated by the
explosion. These coloured lights posed a significant problem for early scientists. The
models the scientists were using could not explain the source of the light. However,
the light was a clue that ultimately led to a better understanding of the arrangement
of electrons in atoms.

FIGURE 3.4.1 The spectacular colours in this New Year's Eve fireworks display are emitted by metal
atoms that have been heated to very high temperatures.

FLAME TESTS

A flame test is a simple method that can be used to determine the identity of
a metal in a sample. A sample of the compound of the metal to be identified is
inserted into a non-luminous Bunsen burner flame, as shown in Figure 3.4.2.
When the metal atoms are heated, they give off light of a characteristic colour.
This means that the metal in an unknown sample can be identified by comparing
the flame colour with the known characteristic colours produced by metals. Some
examples of the flame colours produced by metals can be seen in Figure 3.4.3.

FIGURE 3.4.3 The colour of each flame is caused by the different metal compounds present and
can be used to identify the metals. The flame colours shown here are due to (from left to right):
barium (yellow-green), lithium (crimson), strontium (scarlet), sodium (yellow), copper (green) and
potassium (lilac).
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EMISSION SPECTRA

When atoms are heated, they give off electromagnetic radiation or light. If the light
passes through a prism, it produces a spectrum with a black background and a
number of coloured lines. Figure 3.4.4 shows the apparatus used to produce these
spectra.

hot sample

slit prism \ -

emission
spectrum

FIGURE 3.4.4 The apparatus used to analyse the light given out when an element is heated. The
coloured lines are called an emission spectrum.

These spectra are known as line spectra or emission spectra and are related to
the electronic structure within the atoms. Each emission spectrum is unique for a
particular element and can be used to identify the elements present.

The line spectrum produced by helium is shown in Figure 3.4.6.

higher energy

lower energy

FIGURE 3.4.6 The emission spectrum of helium is made up of lines ranging from violet to red in
colour.

Each line in the spectrum corresponds to light of a different energy. Violet lines,
at the left of the spectrum, correspond to light with high energy. Moving to the right,
the lines have successively lower energies. Red light, at the right of the spectrum, is
the lowest-energy light visible to the human eye.

Information from emission spectra

Emission spectra give clues about the electronic structure of atoms. Two important
clues are:

* atoms of the same element produce identical line spectra

e each element has a unique line spectrum and therefore a unique electronic
structure.

THE BOHR MODEL OF THE ATOM

In 1913, Danish physicist Niels Bohr developed a new model of the hydrogen atom
that explained emission spectra. The Bohr model proposed the following:

¢ Electrons revolve around the nucleus in fixed, circular orbits.

e The electrons’ orbits correspond to specific energy levels in the atom.

* Electrons can only occupy fixed energy levels and cannot exist between two
energy levels.

e Orbits of larger radii correspond to higher energy levels.

CHEMFILE

How helium got its name

Helium was discovered on the Sun
before being discovered on Earth.

The French astronomer Jules Janssen
discovered helium in 1868 while
studying the light from a solar eclipse in
India similar to the solar eclipse shown
in Figure 3.4.5. Although the spectrum
showed the full range of colours,

the bright yellow line in the helium
spectrum stood out. The line could not
be matched to the line spectra of any of
the known elements. It was concluded
that the line belonged to an unknown
element. This element was named
helium after the Greek Sun god, Helios.

FIGURE 3.4.5 The emission spectrum of
helium was first detected in sunlight during
a solar eclipse like the one shown here.

lowest energy
orbit, where
the electron is
normally found

higher
energy
orbits

FIGURE 3.4.7 The Bohr model of a hydrogen
atom. Bohr suggested that electrons move in
orbits of particular energies.

In the Bohr model, it is possible for electrons to move between the energy levels
by absorbing or emitting energy in the form of light. Bohr’s model (Figure 3.4.7)
gave close agreement between the calculated energies for lines in the hydrogen
spectrum and the values observed in the spectrum.
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Electron shells
Scientists quickly extended Bohr’s model of the hydrogen atom to other atoms. They
proposed that electrons are grouped into different energy levels, called electron
shells. The electron shells are labelled with the number » = 1, 2, 3 ..., as shown in
Figure 3.4.8.

The orbit in which an electron moves depends on the energy of the electron;
electrons with low energy are in orbits close to the nucleus, while high-energy
electrons are in outer orbits.

(a) (b) n=6
n=>5 A
n=4
n=3
o
n=2 2
)
<
n=1
electron shells energy levels

FIGURE 3.4.8 (a) The electron shells of an atom are labelled using integersn=1,2,3 ... . The

first shell is the shell closest to the nucleus, and the radii of the shells increase as the shell number
increases. (b) Each shell corresponds to an energy level that electrons can occupy. The first shell has
the lowest energy, and the energy increases as the shell number increases.

The lowest energy shell is the shell closest to the nucleus and is labelled # = 1.
Shells with higher values of # correspond to higher energy levels. As the values of #
increase, the energy levels get closer together.

Emission spectra and the shell model

Heating an element can cause an electron to absorb energy and jump to a higher
energy level. Shortly afterwards, the electron returns to the lower energy level,
releasing a fixed amount of energy as light. The electron can return in a number
of different ways, some of which are shown in Figure 3.4.9 as coloured arrows.
Each one of the particular pathways produces light of a particular colour in the
emission spectrum.

3rd excited level

Particular energies are emitted,
depending on how the electron
returns to the lowest energy level.

2nd excited level vV oy

1st excited level

energy

Initially, the electron
is excited to a
higher energy level.

lowest energy level B

FIGURE 3.4.9 Emission of energy as electrons move from a higher to a lower energy level.

Consider a hydrogen atom with one proton and one electron. Usually, the
electron exists in the # = 1 shell. This is the lowest energy state of the atom and is

called the ground state.
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When the hydrogen atom is heated, the electron absorbs energy and jumps to a
higher energy level. This is known as an excited state.

Shortly afterwards, the electron returns to the ground state. The electron may
return directly to the ground state or may move to other energy levels before
returning to the ground state. For example, an electron in the # = 4 shell may move
to the n = 2 shell before returning to the # = 1 ground state.

As the electron falls to a lower energy shell, it emits energy in the form of light.
This energy is exactly equal to the energy difference between the two energy levels.
Each transition corresponds to a specific energy of light and therefore a specific line
in the line spectrum of hydrogen shown in Figure 3.4.10.

G When an electron falls from
a high energy shell to a lower

form of light.

FIGURE 3.4.10 The emission spectrum of the hydrogen atom has four lines in the visible range:
violet, blue, green and red.

energy shell, it emits energy in the

__________________________________________________________________________________________

1

3.4 Review

When atoms are heated, they emit light.

Flame tests are a simple technique that can be used
to identify the metal in a sample.

When light emitted by atoms is passed through a
prism, it produces a spectrum made up of lines
of different colours. These spectra are known as
emission or line spectra.

The emission spectra produced by atoms of the
same element are identical.

Each element has a unique emission spectrum.
The Bohr model of the atom was the first atomic
model to explain the origin of emission spectra.

KEY QUESTIONS

Select words from the following list to complete the
sentences below. Not all of the words provided are
required.
protons, higher, transition, electrons, lower, let out,
emit, excited
When a sample containing copper is heated in the
flame of a Bunsen burner, the flame turns a green
colour. This is because the in the copper

atoms absorb energy and move to energy
levels and then light that corresponds to a
green colour as they return to energy

levels.

The Bohr model assumes that electrons can only
exist in fixed, circular orbits of specific energies.
These orbits later came to be known as energy
levels or shells.

When an electron absorbs energy (e.g. heat or light),
the electron can jump from one shell to a higher
energy shell.

When an electron falls from a higher energy shell to
a lower energy shell, it emits energy in the form of
light.

Each line in the emission spectrum corresponds to a
specific electron transition between two shells.

Explain what an emission spectrum is.

Explain how emission spectra are evidence for electron
shells in the Bohr model.

What four assumptions did Bohr make about the
electronic structure of the atom?

What form of energy is emitted when an electron

moves from a higher energy shell to a lower energy
shell?

__________________________________________________________________________________________
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0 If an atom has six electrons,

100

then each can be removed in
turn. The electron that is least
strongly attracted to the nucleus
will be removed most easily. The
amount of energy this requires
is known as the first ionisation
energy. Each one of the remaining
five electrons will have a specific
ionisation energy. The second
ionisation energy will be greater
than the first. The third will be
greater than the second, and

S0 on.

3.5 Electronic configuration and the
shell model

Bohr’s model of the hydrogen atom gave close agreement between his calculated
energies for the lines in hydrogen’s emission spectra and the observed values. In
Bohr’s model, electrons are confined to specific energy levels or shells. In this section,
you will look at how scientists were able to determine the electronic arrangement in
other atoms.

IONISATION ENERGY

Evidence for the existence of energy levels in atoms was obtained from studies
of successive ionisation energies in atoms of different elements. The ionisation
energy is the energy needed to remove an electron from an atom. For example, a
sodium atom contains 11 electrons. As each successive electron is removed, these
ionisation energies can be measured. Figure 3.5.1 shows that the first electron to
be removed has the lowest ionisation energy and is therefore the easiest to remove.
The following eight electrons are more difficult to remove, and the last two require
substantially more energy to remove.

lonisation energies of sodium

Log,, (ionisation energy)

| | | I I I T | | I T
1 2 3 4 5 6 7 8 9 10 11
Electron being removed
FIGURE 3.5.1 A graph of the ionisation energies of a sodium atom. (The logarithm of ionisation
energy is used to provide a more convenient vertical scale.)

After scientists had determined the successive ionisation energies for a large
number of elements, they concluded that electrons were grouped in different energy
levels, which they called electron shells. Electrons in the same shell:

» are all about the same distance from the nucleus
* have about the same energy.

The different energy levels or shells can hold different numbers of electrons.
The arrangement of these electrons around the nucleus is called the electronic
configuration.
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ELECTRONIC CONFIGURATION IN SHELLS

In all atoms, the electrons are as close to the nucleus as possible. This means that
electrons will generally occupy inner shells before outer shells. For example, an
atom of lithium has three electrons. Two electrons will occupy the first shell—that is
all it can hold. The third electron is in the second shell.

A Bohr diagram is a simple diagram that shows the arrangement of electrons
around the nucleus. In such diagrams, only the shells that are occupied are drawn.
The Bohr diagram for lithium is shown in Figure 3.5.2.

It is possible to determine the basic electronic configuration of any atom by
applying the following three rules.

* Rule 1: Each shell can contain a maximum number of electrons. Table 3.5.1
shows the number of electrons that can occupy the first four shells.

e Rule 2: Lower energy shells fill before higher energy shells.

Using these two rules, it is possible to accurately predict the electronic
configuration of the first 18 elements.

Oxygen has eight electrons, so the first shell will hold two electrons and the
second shell will hold six electrons. Its electronic configuration is therefore 2,6.

Figure 3.5.3 shows the electronic configuration of a sodium atom, which has
11 electrons. The first two electrons fill the first shell. Then the next eight electrons
fill the second shell. The remaining electron occupies the third shell. The electronic
configuration for this atom is written as 2,8,1 to indicate the arrangement of
electrons in each shell.

*  Rule 3: Electron shells fill in a particular order. The first two electrons go into the
first shell. The next eight electrons go into the second shell. The third shell can
hold 18 electrons, but once it contains eight electrons, the next two electrons go
into the fourth shell. Only then does the third shell fill up.

A potassium atom contains 19 electrons. The first shell holds two electrons. The
second shell holds eight and the third shell holds eight. The fourth shell will hold one
electron. This arrangement can be seen in Figure 3.5.4.

Na2,8,1 K 2,8,8,1

FIGURE 3.5.3 The electronic configuration of a FIGURE 3.5.4 The electronic configuration of a
sodium atom. potassium atom.

This pattern of shell filling continues until the third shell contains the maximum
number of electrons it can hold (18). Therefore, an atom with 30 electrons has an
electronic configuration of 2,8,18,2.

Li2,1

FIGURE 3.5.2 A Bohr diagram for the lithium
atom, which has three electrons.

TABLE 3.5.1 Number of electrons held by each
shell of an atom. Shell 1 is the shell closest to

the nucleus.

Electron shell (n) Maximum number
of electrons

1

2
3
4

2
8
18
32

2n?
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Worked example 3.5.1

CALCULATING ELECTRONIC CONFIGURATIONS FOR UP TO 36 ELECTRONS

an atom with 28 electrons.

Apply the rules of the shell model to determine the electronic configuration of

Thinking Working
Recall the maximum number of Shell (n) Maximum number of
electrons that each shell can hold. electrons
1 2
2 8
3 18
4 32
Place the first 18 electrons in the Shell (n) Electrons in atom
shells from the lowest energy to 1 2
the highest energy. Do not exceed
) 2 8
the maximum number of electrons
allowed. 3 8
4
Place the next two electrons in the Shell (n) Electrons in atom
fourth shell. 1 2
2 8
3 8
4 2
Continue filling the third shell until Shell (n) Electrons in atom
it holds up to 18 electrons. Put any 1 2
remaining electrons in the fourth shell. > 8
3 16
4 2

The eight remaining electrons from
the previous step have gone into the
third shell.

Write the electronic configuration by
listing the number of electrons in each
shell separated by commas (with no
space between).

The electronic configuration is
2,8,16,2.

Worked example: Try yourself 3.5.1

CALCULATING ELECTRONIC CONFIGURATIONS FOR UP TO 36 ELECTRONS

an atom with 34 electrons.

Apply the rules of the shell model to determine the electronic configuration of
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VALENCE ELECTRONS

The outermost shell of an atom is known as the atom’s valence shell. The electrons
in the outer shell are called valence electrons. These electrons require the least
amount of energy to be removed. The valence electrons are involved in chemical
reactions. Consequently, if you know the number of valence electrons in the atoms
of an element, you can predict the chemical properties of the element.

In Chapter 5, you will learn about how atoms tend to lose, gain or share valence

electrons in order to achieve eight electrons in their outer shell when they are .
involved in chemical reactions. This is known as the octet rule. GO TO > | Section 5.2 page 147

Worked example 3.5.2
CALCULATING THE NUMBER OF VALENCE ELECTRONS IN AN ATOM

How many valence electrons are present in an atom of magnesium, which has
an atomic number of 127
Thinking Working
Recall the maximum number of Shell (n) Maximum number of
electrons that each shell can hold. electrons
1 2
2 8
3 18
4 32
Place 12 electrons in the shells from Shell (n) Electrons in atom
the lowest energy to the highest 1 2
energy. Do not exceed the maximum
2 8
number of electrons allowed.
3 2
4
Write the electronic configuration by The electronic configuration is 2,8,2.
listing the number of electrons in each
shell, separated by commas.
Determine the number of electrons in The number of electrons in the
the outer shell or valence shell. valence shell is 2.

Worked example: Try yourself 3.5.2
CALCULATING THE NUMBER OF VALENCE ELECTRONS IN AN ATOM

How many valence electrons are present in an atom of sulfur, which has an
atomic number of 16?7
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3.5 Review

» The electronic configuration of an atom indicates
the arrangement of electrons in each shell.

» Bohr diagrams can be used to show the electronic
configurations of atoms.

+ Each shell can have a maximum number of
electrons. This is summarised in the table below.

Electron shell (n) ‘ Maximum number of electrons

1 2
2 8
3 18
4 32
n 2n?

KEY QUESTIONS

Write the electronic configurations for atoms with:
a b5 electrons

b 12 electrons

¢ 20 electrons

d 35 electrons.

Write the electronic configuration of:

a Be

b S
c Ar
d Mg
e Ne.

The lowest energy shells fill first until they are full or
have eight electrons. At that point, the next energy
shell accepts two electrons before the unfilled shell
with eight electrons continues filling.

The outer shell cannot contain more than eight
electrons.

The outer shell is called the valence shell.

Electrons in the outer shell are called valence
electrons.

Draw the Bohr diagram for one atom of scandium.
Write the name and symbol of the element with the
electronic configuration:

a2

b 27

c 283

d 25

e 2.8,7.

What is the number of valence electrons for an atom
with 35 electrons?

104
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3.6 The Schrodinger model of
the atom

The shell model of the atom that developed from the work of Niels Bohr
mathematically explained the lines in the emission spectrum of hydrogen atoms.
However, there were some things that the model could not explain. The shell model:
e cannot accurately predict the emission spectra of atoms with more than one
electron
* is unable to explain why electron shells can only hold 2#? electrons
¢ does not explain why the fourth shell accepts two electrons before the third shell
is completely filled.
These failings of the shell model indicate that the model is incomplete. Obtaining
a better model of the atom required scientists to think about electrons in an entirely
different way.

A QUANTUM MECHANICAL VIEW OF ATOMS

The Bohr model of the atom was revolutionary when it was proposed. Before
Bohr’s model, Rutherford and other scientists believed that electrons could orbit
the nucleus at any distance from the nucleus. This picture of the electrons was based
on how scientists observed the world around them. For example, planets can revolve
at any distance around the Sun. However, Bohr’s theory stated that electrons only
occupy specific, circular orbits. This was the first suggestion that the physics inside
atoms might be very different from the physics we experience in our daily lives.

Quantum mechanics

The word ‘quantum’ means ‘a specific amount’. In the Bohr model, the electrons
can only have specific amounts of energy, depending on which shell they are in. The
energy of the electrons is said to be quantised.

In 1926, the German scientist Erwin Schrodinger proposed the idea that
electrons behaved as waves around the nucleus. Using a mathematical approach
and this wave theory, Schrodinger developed a model of the atom called quantum
mechanics. This is the model of the atom that scientists use today.

Quantum mechanics describes the behaviour of extremely small particles
like electrons. You rarely experience quantum mechanics in your everyday life.
As a result, the predictions of quantum mechanics are often difficult to imagine.
Nonetheless, quantum mechanics accurately predicts the behaviour of electrons
in atoms.

The Schrodinger model and electron properties

The fundamental difference between the Bohr model and the Schréodinger model

of the atom is in the way the electrons are considered. Bohr viewed electrons as tiny,

hard particles that revolve around the nucleus in circular orbits. Schrédinger viewed
electrons as having wave-like properties. In his model, the electrons occupy a three-
dimensional space around the nucleus known as an orbital. Figure 3.6.1 compares
the Bohr model with the Schrédinger model.

By assuming that electrons have wave-like properties, Schrodinger determined
the following:

* There are major energy levels in an atom that, for historical reasons, are called
shells.

e These shells contain separate energy levels of similar energy, called subshells,
which he labelled s, p, d and f. Each subshell can only hold a certain number of
electrons.

e The first shell (# = 1) contains only an s-subshell. The second shell contains
s- and p-subshells. The third shell contains s-, p- and d-subshells and so on. The
subshells for the first four shells are summarised in Table 3.6.1 on page 106.

(a)

The Bohr model

(b)

The Schrodinger model

FIGURE 3.6.1 (a) Bohr regarded electrons as
particles that travel along a defined path in
circular orbits. (b) In Schrédinger's quantum
mechanical approach, the electrons behave as
waves and occupy a three-dimensional space
around the nucleus. The region occupied by
electrons is known as an orbital.

CHAPTER 3 | ATOMIC STRUCTURE AND ATOMIC MASS 105



106

TABLE 3.6.1 Energy levels within an atom

Shell Number of Maximum Maximum
number (n) orbitals in number of number of
subshell electrons per electrons per
subshell shell
1 1s 1 2 2
2 2s 1 2
8
2p 3 6
3 3s 1 2
3p 3 6 18
3d 5 10
4 4s 1 2
4p 3 6
32
4d 5 10
Af 7 14

» Each subshell is made up of smaller components known as orbitals. Orbitals can
be described as regions of space surrounding the nucleus of an atom in which
electrons may be found. An s-subshell has just one orbital, a p-subshell has three
orbitals, a d-subshell has five orbitals and an f~-subshell has seven. The number
of orbitals in each subshell for the first four shells is summarised in Table 3.6.1.

The Pauli exclusion principle

The Pauli exclusion principle states that each orbital can contain a maximum of
two electrons. Each electron in an orbital must have a different quantum mechanical
property called spin. The total number of orbitals in a shell is given by #n?; therefore,
the total number of electrons per shell is given by 2#2. For example, the second shell
contains s- and p-subshells and so contains a total of 1 + 3 = 4 orbitals. Each orbital
contains two electrons, so the second shell contains 2 X 4 = 8 electrons. T he number of
electrons in each subshell and shell for the first four shells is summarised inTable 3.6.1.

o The Pauli exclusion principle states that each orbital can contain a maximum of
two electrons, with each electron having a different spin.

Note that the Schrddinger model accurately predicts the maximum number of
electrons that each shell can hold. This is something that the Bohr model could not
explain.

ELECTRONIC CONFIGURATIONS AND THE
SCHRODINGER MODEL

The electronic configurations for the Schrodinger model are more complicated than
the electronic configurations of the shell model. This is because the Schrodinger
model specifies subshells that electrons occupy. The electronic configuration of a
sodium atom is shown in Figure 3.6.2.

Coefficients Superscripts denote
represent the — 152252 2p®3s' =~ how many electrons
shell number (n). 1 are in the subshell.
Letters specify
the subshell
being filled.

FIGURE 3.6.2 The electronic configuration of a sodium atom. It shows that there are 2 electrons in
the 1s-subshell, 2 electrons in the 2s-subshell, 6 electrons in the 2p-subshell and 1 electron in the
3s-subshell.
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Sodium has 11 electrons. The electronic configuration in Figure 3.6.2 indicates
that, for sodium, there:
e are two electrons in the s-subshell in the first shell
e are two electrons in the s-subshell of the second shell
e are six electrons in the p-subshell of the second shell
¢ is one electron in the s-subshell of the third shell.

The Aufbau principle

Although the electronic configurations may look complicated, there are rules to help
you construct them. The first rule is known as the Aufbau principle.

0 The Aufbau principle states that the lowest energy orbitals are always filled with
electrons first.

The order of energy levels of the subshells is:

Is<2s<2p<3s<3p<ds<3d...

This is shown in Figure 3.6.3. In this diagram, each box represents an orbital that
can hold two electrons.

EEN
DEEED R
S
gEEE
3s 3p
&
Q
5 L]
[]
1s
T T T T
1 2 3 4

Shells (n)

FIGURE 3.6.3 The relative energies of subshells. Each box represents an orbital in a subshell. Each
orbital can contain two electrons.

The geometric pattern shown in Figure 3.6.4 is a commonly used and convenient
way of remembering the order in which the subshells are filled.

Hund’s rule

An orbital diagram (Figure 3.6.5) shows how the energy levels are filled in a
boron atom, which has five electrons. The electrons are represented by arrows and
the direction (up or down) represents the spin of the electron. The first two electrons
fill the 1s-subshell, the second two electrons go into the next highest energy level,
the 2s-subshell. The remaining electron then fills the next highest energy level, the
2p-subshell. The electronic configuration is written as 1s22s%2p’.

The next element is carbon, which has six electrons in its atoms. Having one
more electron than the boron atom means that carbon atoms have two electrons
in the 2p-subshell. These two electrons could either occupy the same 2p-orbital or
each electron could occupy a different 2p-orbital.

FIGURE 3.6.4 This geometric pattern shows

the order in which the subshells are filled. Note
that in this diagram, the fourth shell starts filling
before the third shell is completely filled. This is
because the 4s-orbital is lower in energy than the
3d-orbitals. As a result, the 4s-orbital accepts two
electrons after the 3s- and 3p-orbitals are filled,

but before the 3d-orbital begins filling.

2 2
g 2s
w
1s
T T
1 2

Shells (n)

FIGURE 3.6.5 This orbital diagram shows how
the orbitals in a boron atom are filled to give its

electronic configuration.
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Energy

T
2

Shells (n)

FIGURE 3.6.6 This orbital diagram shows how
the orbitals in a carbon atom are filled to give its
electronic configuration. Notice how Hund's rule
applies: each of the 2p-subshell electrons with
the same spin occupies different orbitals.

0 Hund'’s rule states that every orbital in a subshell must first be filled with one
electron with the same spin before an orbital is filled with a second electron.

Using Hund’s rule, in a carbon atom each electron would occupy a different
2p-orbital (Figure 3.6.6).

Figure 3.6.7 shows how to add electrons to atoms with 18 or more electrons.
The first two electrons fill the 1s-orbital in the first shell. The next eight electrons
fill the s- and p-orbitals in the second shell. The next eight electrons fill the s- and
p-orbitals in the third shell. The 4s-orbital is then filled with two electrons because
this orbital is lower in energy than the 3d-orbitals. Once the 4s-orbital is filled, the
next 10 electrons are placed in the 3d-orbitals.

Finally, the remaining six electrons fill the 4p-orbitals.

Krypton has 36 electrons. According to the order of subshell filling, its electronic

configuration is:
1522522p63523p64523d104p0
Although the 4s-subshell is filled before the 3d-subshell, the subshells of the
third shell are usually grouped together. Therefore, the electronic configuration for

a krypton atom is written as:
15225%2p035%3p03d1045%4p0

(b) (c)
(a)
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Ar 1522522p°3523p° P 4 V 15225?2p°3s23p°3dP4s
(d) (e) (f)
pEEEm ;000 pEEmm C00 EEEEE 5000
d 4p 4p 3d 4p
mmm 4s mmm 4s maEm 4s
@ % & el & %
S S ] S 9]
C fo C
w w w
mmm Hmm mmwm
m 2] m
2s 2p 2s 2p 2s 2p
m ] m
s Is 1s
T T T T T T T T T T T T
1 2 3 4 1 shell 3( ) 4 1 2 3 4
ells (n Shells (n)
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Fe 15225?2p°3523p°3d°4s®

FIGURE 3.6.7 Orbital diagrams (showing how electrons are added to atoms with more than 18 electrons)
for (a) argon (Ar), (b) calcium (Ca), (c) vanadium (V), (d) iron (Fe), (e) zinc (Zn) and (f) krypton (Kr).

Chromium and copper: exceptions

The electronic configurations for most elements follow the rules described above.
There are two notable exceptions: element 24, chromium, and element 29, copper.

Table 3.6.2 illustrates these exceptions.
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TABLE 3.6.2 The electronic configurations for chromium and copper

Electronic configuration predicted Actual electronic configuration
according to the rules

chromium (Cr)  1s22s22p63s23p®3d+4s2 1522522p63s23p63d°4s!
copper (Cu) 152252263523 p®3d245s2 1522522p63523p®3d104s!

Each orbital can hold two electrons. In the d-subshell there are five orbitals and
therefore 10 electrons that can be held within them. According to Hund’s rule, as a
subshell fills, a single electron is placed in each orbital first. Then a second electron
is entered into the orbitals until the filling process is complete.

Chemists calculate that there is very little difference in energy between 3d- and
4s-orbitals, and the 3d°4s! configuration for chromium is slightly more stable than
the 3d*4s* configuration. This is because each of the five d-orbitals is exactly half
filled with one d-orbital empty.

Similarly for copper, the 3d!°4s' arrangement with five completely filled d-orbitals
is more stable than the 3d°4s? configuration with a partially filled d-orbital.

Worked example 3.6.1
WRITING ELECTRONIC CONFIGURATIONS USING THE SCHRODINGER MODEL

Write the Schrédinger model of electronic configuration for a manganese atom
with 25 electrons.

Thinking Working

Recall the order in which the 1s, 1 orbital 3p, 3 orbitals

subshells fill by listing them 2s, 1 orbital 4s, 1 orbital

from lowest energy to highest 2p, 3 orbitals  3d, 5 orbitals
energy and the number of

orbitals in each. 3s, 1 orbital 4p, 3 orbitals
Fill the subshells by assigning | Subshell Electrons Progressive
two electrons per orbital, in subshell total of electrons
starting from the lowest 1s 2 2
energy subshells until you > > 4
have reached the total number | <°
of electrons in your atom. 2p 6 10
3s 2 12
3p 6 18
4s 2 20
3d 5 25
4p
Write the electronic 1522522p63523p®3 542

configuration by writing each
subshell with the number of
electrons as a superscript.
Remember to group subshells
from the same shell.

Worked example: Try yourself 3.6.1
WRITING ELECTRONIC CONFIGURATIONS USING THE SCHRODINGER MODEL

Write the Schrodinger model of electronic configuration for a titanium atom with
22 electrons.
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3.6 Review

1

I KEY QUESTIONS

The Bohr shell model of the atom was unable to
fully explain the properties of atoms, and a new
model was needed to describe the behaviour of
electrons in atoms.

The Schrodinger model proposed that electrons
behave as waves and occupy a three-dimensional
space around the nucleus.

The Schrédinger model predicted that subshells are
energy levels within the major shells. The subshells
consist of orbitals.

An orbital can be regarded as a region of space
surrounding the nucleus in which an electron may
be found.

Orbitals of similar energy are grouped in subshells
that are labelled s, p, d and f.

The Pauli exclusion principle states that each orbital
can hold a maximum of two electrons. Each electron
in a given orbital must have a different quantum
mechanical property called spin.

Which subshell has the lowest energy?

A 3d

B 4s

C 4p

D 5s

Copy and complete the table to write the electronic
configuration of each of the atoms listed.

Element Electronic Electronic
(atomic number) | configuration configuration
using the using the
shell model subshell model
boron (5) 23 1s22s22p!
lithium (3)

chlorine (17)

sodium (11)

neon (10)

potassium (19)

scandium (21)

iron (26)

bromine (35)

Each subshell in an atom has a different energy.
The Aufbau principle states that electrons fill the
subshells from the lowest energy subshell to the
highest energy subshell.

The 4s-subshell is lower in energy than the
3d-subshell, so the fourth shell accepts two
electrons before the third shell is completely filled.
Electronic configurations of atoms in the
Schrodinger model specify the number of electrons
in each subshell.

Hund’s rule states that every orbital in a subshell
must first be filled with one electron with the same

spin before an orbital is filled with a second electron.

In terms of energy levels, what is the essential

difference between the shell model and the subshell

model of the atom?

Draw orbital diagrams showing the electronic

configuration of each of the following atoms.

a Be

b N

c Si

d Ni (only show the 3d and 4s-subshells for
simplicity).

MODULE 1 | PROPERTIES AND STRUCTURE OF MATTER



Chapter review

KEY TERMS

alpha particle

atom

atomic number

Aufbau principle
balanced nuclear reaction
band of stability

beta particle

Bohr model

carbon-12
electromagnetic radiation
electron

electronic configuration
electron shell
electrostatic attraction

emission spectrum
energy level
excited state

flame test

gamma radiation
ground state
Hund’s rule
ionisation energy
ionise

isotope

mass number
mass spectrometer
mass spectrum
model

neutron

nucleon

nucleus

octet rule

orbital

orbital diagram
Pauli exclusion principle
periodic table
proton

quantised

quantum mechanics
radioactive
radioisotope

relative atomic mass

relative isotopic abundance
relative isotopic mass
relative molecular mass
Schrédinger model

spin

subatomic particle
subshell

valence electron

valence shell

element molecule

REVIEW QUESTIONS

1 Where would you find 99.97% of the mass of an atom?

2 How are protons, neutrons and electrons arranged in
an atom?

3 Compare the mass and charge of protons, neutrons
and electrons.

4 The radii of three elements were measured as being:
a 0.000000000120m
b 0.000000000216m
¢ 0.000000000348m
Express these radii in scientific notation.

5 An atom of chromium can be represented by the
notation 34Cr.

a Determine its atomic number and mass number.
b Determine the number of electrons, protons and
neutrons in the chromium atom.

6 Two atoms both have 20 neutrons in their nucleus.
The first has 19 protons and the other has 20 protons.
Are they isotopes? Why or why not?

7 Explain why the number of electrons in an atom
equals the number of protons.

8 Using the element bromine as an example, explain
why elements are best identified by their atomic
number and not their mass number.

9 Determine the relative molecular mass (M,) of:

a water (H,0)
b white phosphorus (P,)
¢ carbon monoxide (CO).

relative formula mass

10 Determine the relative formula mass of:
a zinc bromide (ZnBr,)
b barium hydroxide (Ba(OH),)
¢ iron(lll) carbonate (Fe,(CO,),).

11 Balance the equations for the following nuclear reactions:

2IFr > 22Ra+

2B9Pu— __ +3He

a
b
¢ ___ — 2%2IAc+5He
d
e

214
gaPO—

1Sm— 1E8Pm+_ +_

+ 3He

12 The standard on which all relative masses are based
is the 12C isotope, which is given a mass of 12 exactly.
Explain why in the table of relative atomic masses
in the Appendix at the end of the book, the relative
atomic mass of carbon is listed as 12.011.

13 When a sample of palladium is placed in a mass
spectrometer, several peaks are recorded as the
relative isotopic masses and corresponding percentage
abundances given in the table.

Relative isotopic mass Abundance (%)
101.9049 0.9600
103.9036 10.97
104.9046 2223
105.9032 27.33
107.9039 26.71
109.9044 11.80

Calculate the relative atomic mass of palladium.
Express your answer correct to 1 decimal place.
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14 This table shows isotopic composition data for argon
and potassium. Express your answers to part a and
part b correct to 2 decimal places.

Element Atomic | Relative Relative
number | isotopic mass | abundance (%)

argon 18 35.978 0.307

37.974 0.060

39.974 99.633
potassium 19 38.975 93.3

39.976 0.011

40.974 6.69

a Determine the relative atomic masses of argon and
potassium.

b Explain why the relative atomic mass of argon
is greater than that of potassium, even though
potassium has a larger atomic humber.

15 The mass spectrum of chromium is shown in the

graph below.
Mass spectrum of chromium

Relative abundance

A F ]

1 1 T T 1 T 1 T 1T T 1
50 51 52 53 54

Relative isotropic mass

a Measure the peak heights to calculate the
percentage abundance of each chromium isotope.
b Use the percentage abundances calculated in
part a to determine the relative atomic mass
for chromium. The mass number is a good
approximation to the relative isotopic mass.

16 The relative atomic mass of europium is 151.96. The

112

relative isotopic masses of its two isotopes are 150.92
and 152.92. Calculate the relative abundances of the
isotopes in naturally occurring europium.
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17

18

19

20

21

22

23

24

25

26

27

28

29

Determine the percentage abundance of the lighter

isotope of:

a gallium: relative isotopic masses 68.95 and 70.95
respectively; A, = 69.72

b boron: relative isotopic masses 10.02 and 11.01
respectively; A = 10.81.

In a hydrogen atom, which electron shell will the
electron be in if the atom is in the ground state?

Determine which shell the 30th electron of an atom
would go into, according to the rules for determining
the electronic configuration of an atom.

What is the name of the element that has an electronic
configuration of 2,8,27

Write electronic configurations, using subshell notation,
for the following elements. The atomic number of each
element is shown in brackets.

a helium (2) e argon (18)

b carbon (6) f nickel (28)

¢ fluorine (9) g bromine (35)

d aluminium (13)

Using a fluorine atom as an example, explain the
difference between the terms ‘shell’, ‘subshell’ and
‘orbital’.

Determine the Schrodinger model of electronic
configuration that corresponds to the shell model
electronic configuration 2,8,6.

Explain how the Schrédinger model of the atom
explains why the fourth electron shell begins filling
before the third shell is completely filled.

Explain why the 4s-subshell in chromium and copper
is only half-filled compared with almost all other
elements.

Draw orbital diagrams showing the electronic

configuration of each of the following atoms.

a o

b Mg

¢ Mn (only show the 3d and 4s-subshells for
simplicity)

d As (only show the 3d, 4s and 4p-subshells for
simplicity)

Our model describes an atom as consisting of rapidly

moving electrons at a relatively large distance from a

very small central nucleus. What lies between those

electrons and the nucleus?

New models for the atom are developed as scientists
become aware of inconsistencies between current
models and experimental data. Outline the problems
with the existing model of the atom that led to the
modifications suggested by:

a Bohr b Schrodinger.

Reflect on the Inquiry activity on page 78. Using your
knowledge from this chapter, what is one limitation of
this simple model?



CHAPTER

4 Periodicity

In this chapter, you will learn how the periodic table was developed. You will be Y &
able to explain observable trends in the structures and properties of elements i O h

within the groups and periods of the periodic table. In particular, you will look at
trends in the characteristics of elements, such as their electronic configuration,
atomic size, behaviour as metals or non-metals, and reactivity. You will gain

an understanding of how the arrangement of the electrons in atoms is largely
responsible for the periodicity (periodic pattern) of properties observed.

Content

NY”

Are there patterns in the properties of elements?
By the end of this chapter, you will be able to:

» demonstrate, explain and predict the relationships in the observable trends in
the physical and chemical properties of elements in periods and groups in the
periodic table, including but not limited to:

- state of matter at room temperature
- electronic configurations and atomic radii

- first ionisation energy and electronegativity
- reactivity with water

Chemistry Stage 6 Syllabus © NSW Education Standards Authority
‘ for and on behalf of the Crown in right of the State of NSW, 2017.
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____________________________________________________________

Comparing the size of atoms

Are there patterns in the properties of elements?
COLLECT THIS ...

various sporting balls, measuring tape, camera

DO THIS ...

1

2 Arrange the balls in order of increasing diameter. You may need to
measure the balls using the measuring tape.
3 Take four balls of various sizes. These will represent atoms of four elements.
a Place the balls down group 1 of the periodic table in the size order you
think is correct.
b Place the balls across period 3 of the periodic table in the size order
you think is correct.
4 Take a photo of your modelling and compare it with the Royal Society of
Chemistry trends in the periodic table.
5 Rearrange the balls according to the data given by the Royal Society of
Chemistry, and take a photo.
6 For a given type of ball/element, would the diameter increase or decrease
if the element
a gained electrons
b lost electrons?
RECORD THIS ...

Draw up the results table below and record your predictions.

Describe the arrangement of the balls down group 1 and across period 3.
Present your observations in the results table.

Cogeimen ———rtcion | oprters

2 Arrange the balls in order of
increasing diameter.

3a Place the balls down group 1 of
the periodic table.

3b Place the balls across period 3 of
the periodic table.

6a Would the diameter of the
element increase or decrease if
electrons were gained?

6b Would the diameter of the
element increase or decrease if
electrons were lost?

REFLECT ON THIS ...

Explain the meaning of your observations and any patterns you observed.

What does this tell you about the rest of the groups and periods in the
periodic table?

____________________________________________________________

MODULE 1 | PROPERTIES AND STRUCTURE OF MATTER



Chapter 2 looked at the observable properties of matter. Chapter 3 covered the
nature of atoms, including the existence of subatomic particles, the charge and mass
of these particles, the way subatomic particles are arranged in an atom and how they
behave. As scientists’ understanding of the atom improved and more elements were
discovered, they needed a way to organise this knowledge.

The periodic table (Figure 4.1.1) is one of the most useful reference tools
available to chemists. It underlies all of chemistry and is the organising principle for
the entire discipline. The periodic table minimises the need to memorise isolated
facts about different elements and provides a framework on which to organise
our understanding. By knowing the properties of particular elements and their
trends within the table, chemists are able to organise what would otherwise be an
overwhelming collection of information. The arrangement of electrons in atoms is
responsible for the periodicity (periodic patterns) in element properties. However,
the periodic table was devised before scientists knew about electrons.

SclTijVv]ce Mn | Fe | Col Ni|cCulznlcGalce

As | Se B |k
YIZI’ Nb | Mo | Tc | Ru|Rh|Pd|Ag|Cd|in sSn|SoTe I X
Hf TaWReOserlAqu'l’leBnPoAtRn
v | Ts|0g
Rf DngBhHthDsRnCnNhFIMcv
g |Tm| YO L
om | sm | 0| %] ™1 = fF
i Cel Pr Nd T2 [ | ™
g L@ N em| Bk cf
1 lpa| Y Np | ™

FIGURE 4.1.1 There are many versions of the modern periodic table of the elements. This is one
of them.

DEVELOPMENT OF THE PERIODIC TABLE

In the 19th century, chemists wanted to use the information they had gathered
about the elements to organise them into a useful and practical format. The work
of these scientists led to what we now know as the periodic table. The early forms
of the periodic table were very different from the one we use today; many elements
had not been discovered and scientists only had limited information about some of
the others. An early form of the periodic table created by a Russian chemist, Dmitri
Mendeleev, is shown in Figure 4.1.2 (page 116).

During the time when the early periodic table was being constructed, the
existence of subatomic particles was unknown, so the elements were placed in order
of increasing mass of the atoms. Mendeleev recognised that the chemical properties
of the elements varied periodically with increasing atomic mass. He arranged the
elements with similar properties into vertical columns and proposed his periodic
law: the properties of elements vary periodically with their atomic masses.

0 The periodic table is so named
because the properties of the
elements vary periodically—that
is, reoccur at regular intervals in
elements ordered according to
increasing mass of their atoms.
These patterns were used in every
design of the periodic table.

CHEMFILE

Element names

The symbols for the chemical elements
are used universally; however, the
names of the elements differ between
languages and cultures. Some
elements, such as iron, tin and gold
have been known since antiquity and
were named independently within
different cultures. For example, in
ancient Rome, iron was known as
ferrum, and several modern languages
that are derived from Latin still use a
word beginning with fer- for its name.
Elements that were discovered in the
last 200 years tend to have names that
are similar in all cultures.
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+ ADDITIONAL

Triads and octaves

In 1829, the German chemist Johann Wolfgang
Dobereiner noticed that many of the known elements
could be arranged in groups of three based on their
chemical properties. He called these groups ‘triads’.
Within each of these triads, the properties of one element
were intermediate between those of the other two. The
intermediate element’s relative atomic mass was almost
exactly the average of the others.

One of Dobereiner’s triads was lithium, sodium and
potassium. Sodium is more reactive than lithium, but
less reactive than potassium. Sodium’s atomic mass is
23, which is the average of lithium’s (atomic mass 7) and

However, Dobereiner’s theory was limited—not all
elements could be included in triads. However, his
work was quite remarkable, given he had fewer than 50
elements to work with at the time.

Decades later, English chemist John Alexander Newlands
noticed a pattern in the atomic mass of elements.
Newlands’ law of octaves was published in 1865 and
predicted properties of new elements such as germanium.
His patterns worked well for the lighter elements, but did
not fit for the heavier elements or allow for the discovery of
new elements.

Four years later Mendeleev, working independently,

potassium’s (atomic mass 39) atomic masses. published his periodic law, which, with a few modifications,

was similar to Newlands’ law of octaves.

+ ADDITIONAL

Mendeleev’s periodic table

When Mendeleev

published his table in 1869 Group I 111 I v A VI VII Vi
(Figure 4.1.2), there were Pe"'1°d
at least six other scientists H=1
working on finding the 2 Li=7 |Be=94| B=11 | C=12 | N=14 | 0=16 | F=19
best way to order the
elements. Mendeleev is 3 Na=23 | Mg=24 | Al=27.3| Si=28 P=31 S=32 [Cl=355
Fe =56

rem.embere.d becégse 4 K =39 Ca=40 7=44 Ti =48 V=51 Cr=52 | Mn=155 Co=59
of his amazing ability to Ni =59
predict the characteristics 5 Cu=63 | Zn=65 | 2=68 | 2=72 | As=75 | Se=78 | Br=80
of elements that had not Ru=104
yet been discovered. For 6 Rb=85 | Sr=87 | ?7Yt=88 | Zr=90 | Nb=94 | Mo=96 | ?=100 %1(11 = %84(})
example, when gallium =
was discovered in 1875. its 7 Ag=108 |Cd=112 | In=113 | Sn=118 | Sb=122 | Te=125 | J=127
atomic mass, density and 8 | Cs=133|Ba=137 [Di= 138 2Ce = 140
melting point were very
close to what Mendeleev 9
predicted in 1871. His Os =195

L 10 7Er=178 | ?7La=180 | Ta=182 | W =184 Ir=197
predictions proved to be Pt =198
a very powerful guide for 11 |Au=199 | Hg=200 | TI =204 | Pb=207 | Bi =208
future chemists, helping
them to understand things 12 Th =231 U =240

not yet discovered. FIGURE 4.1.2 A representation of Mendeleev's periodic table. Notice the spaces left for undiscovered elements.
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THE MODERN PERIODIC TABLE

We now know that the number of protons (the atomic number) is what makes one

element fundamentally different from another element. Therefore, the elements in the

modern periodic table are arranged (in rows) in order of increasing atomic number.
The number of valence (outer-shell) electrons is used to organise the elements

into columns. The form of the periodic table in common use is shown in .
Figure 4.1.3. GO TO » | Section 3.5 page 100

group
1 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16 17 18

period 1
2
3
4 Ti | V |Cr (Mn |Fe |[Co | Ni |[Cu |Zn
22 |23 |24 (25 |26 |27 |28 |29 |30
5 Zr |[Nb (Mo | Tc |Ru [Rh | Pd |Ag |Cd
40 | 41 |42 |43 |44 |45 |46 |47 | 48
6 Hf | Ta | W |[Re |[Os | Ir | Pt | Au |Hg
72 |73 |74 |75 |76 |77 |78 |79 | 80
7 Rf Db |Sg |Bh [Hs |Mt |Ds |Rg |Cn
104 105 [106 |107 |[108 |109 [110 |111 [112
A
_lanthanoids
actinoids

FIGURE 4.1.3 This is the most common form of the periodic table in use.

In its current version:
* The periodic table is arranged in order of increasing atomic number.
* The horizontal rows are known as periods and are labelled 1-7.
¢ The vertical columns are known as groups and are labelled 1-18.
* Main group elements are elements in groups 1, 2 and 13-18.
e The elements in groups 3—12 are known as transition metals.
Some periodic tables you will see also indicate other properties of the elements, such
as boiling point or whether the element is a solid, liquid or gas at room temperature.

GROUPS

Elements in the periodic table are arranged into vertical columns called groups. For
main group elements, the group number can be used to determine the number of
valence electrons in an atom of the element.

In groups 1 and 2, the number of valence electrons is equal to the group number.
For example, magnesium is in group 2 and therefore has two valence electrons.
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In groups 13-18, the number of valence electrons is equal to the group number
minus 10. For example, oxygen is in group 16, so oxygen has six outer-shell electrons.
Similarly, neon is in group 18, so neon has eight valence electrons. Helium is an
important exception—it is in group 18 but only has two valence electrons. Helium
is placed in group 18 because, like the other group 18 elements, it is unreactive. This
information is summarised in Table 4.1.1.

TABLE 4.1.1 The number of valence electrons in elements belonging to each group
(o bt s oo
1 1
2
13
14
15
16

N o o b wDN

17
18 8%

*Helium has two valence electrons.

| CHEMISTRY IN ACTION |

Element 117 and the Canberra scientists

Four atoms of a superheavy element known as nhumber Professor Hinde said that because such an extremely
117 have been created in a German laboratory as part of small amount of tennessine has been synthesised, it

a collaboration with Professor David Hinde (Figure 4.1.4), will not be practical to use it. However, the Australian
director of the Heavy lon Accelerator Facility in the researchers will continue to concentrate on the quantum
Department of Nuclear Physics at the Australian National science behind the element’s synthesis and attempt to
University. produce the next superheavy element.

Because the element is radioactive, the atoms
disappeared within one tenth of a second, but the scientists
were able to confirm the 2010 observation. This new
element was given the temporary name of ununseptium
(‘one-one-seven’ in Latin), but in November 2016 it was
officially named tennessine (Ts) by the International
Union of Pure and Applied Chemistry (IUPAC). This name
was chosen because one of the teams working on its
discovery was located at the Oakridge National Laboratory
in Tennessee, USA. The mass of an atom of element 117
is equal to that of the heaviest atoms ever observed, and
40% heavier than an atom of lead.

Elements 113, 115 and 118 were also given permanent
names in 2016. They are nihonium (Nh), moscovium
(Mc) and oganesson (Og), respectively. All four names
were chosen under the IUPAC rules. The scientists who
discovered the elements were invited to propose names, FIGURE 4.1.4 Professor David Hinde is director of the Heavy lon
and all four were named either for the geographical regions Accelerator Facility in the Department of Nuclear Physics at the

. . ) e Australian National University in Canberra.
where the discoveries were made or in honour of scientists.
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The electrons in the outer shell of an atom (the valence electrons) are the electrons
that are involved in chemical reactions. As a consequence, the number of valence
electrons determines many of the chemical properties that an element exhibits.

Table 4.1.2 shows the names of some groups in the periodic table.

Because elements in the same group have the same number of valence electrons,
they also have similar properties. For example, the alkali metals are the elements in
group 1 (with the exception of hydrogen). They are all relatively soft metals and are
highly reactive with water and oxygen. Consider the electronic configurations of the
atoms of the first three metals of this group:

Li  1s22s!

Na 1522522p63s!

K 1522522p°3523p®4s!

The valence shell of each atom of each element in group 1 contains one electron
in an s-subshell. This similarity in the valence shell structure gives these elements
similar chemical properties.

Fluorine, chlorine, bromine and iodine are halogens (group 17). They are all
coloured and highly reactive (Figure 4.1.5). Their electronic configurations are:

F 1s22s22p°

Cl  1s%25%2p%3s23p°

Br 1522522p%3s23p°3d'%4s%4p°

I 15225%2p63523p63d104524p04d1055%5p>

Notice how all these elements have a highest-energy subshell electronic
configuration of sp°.

The noble gases (group 18) are a particularly interesting group. The noble gases
have a very stable electron arrangement: helium has a full outer shell of two electrons,
and the other members of this group have a stable octet of valence electrons (eight
electrons) in their outer shell. Chemical reactions involve the rearrangement of
valence electrons to achieve a stable outer shell. Atoms with a stable electronic
configuration do not tend to lose or gain electrons. Consequently, the noble gases
have low reactivity.

The arrangement of electrons in atoms is also responsible for the periodicity
(periodic pattern) of element properties.

PERIODS

The horizontal rows in the periodic table are called periods and are numbered
1-7.The number of a period gives information about the electronic configuration
of an element. The period that an element is located within is equal to the number
of occupied electron shells in the element’s atoms. For example, the outer shell
of magnesium and chlorine is the third shell, and both elements are in period 3:

Mg 15%2522p°3s2

Cl  1522s%2p%3s%3p°

Similarly, the elements in period 5 all have outer shell electrons in the fifth shell.

TABLE 4.1.2 Names of different groups in the
periodic table

1 alkali metals

2 alkaline earth metals
17 halogens
18 noble gases

FIGURE 4.1.5 Three examples of halogens.
These conical flasks contain, from left to
right, chlorine (Cl, pale green), bromine
(Br, red-brown) and iodine (I, purple).

CHAPTER 4 | PERIODICITY 119



period 1
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BLOCKS

The periodic table has four main blocks-s, p, d and f. For every element in a block,
the element’s highest energy subshell is the same as the name of the block. For
example, the highest energy subshell of an element in the s-block is the s-subshell.
The s-block contains the elements in group 1 (alkali metals), group 2 (alkaline
earth metals), hydrogen and helium. These elements have a half-filled or fully-
filled s-subshell, that is s' or s%, as the highest energy subshell configuration.
Table 4.1.3 and Figure 4.1.6 show which groups of elements fall into the four
different blocks.

TABLE 4.1.3 Elements in the different blocks of the periodic table

st or s2
s2p! to s2pb
dls? to d1%s2

4f-subshell progressively being filled in
the lanthanoids

5f-subshell progressively being filled in
the actinoids

18

13

14 15 16 17

s-block groups 1 and 2 and helium
p-block groups 13-18 (except helium)
d-block groups 3-12
f-block lanthanoids and actinoids
group
1 2 3 4 5 6 7 8 9 10 11 12
2
3
4 Ti | V |Cr [Mn |Fe |[Co | Ni |Cu |Zn
22 |23 |24 |25 |26 |27 |28 |29 |30
5 Zr |[Nb (Mo | Tc |Ru [Rh | Pd |Ag | Cd
40 |41 |42 |43 |44 |45 |46 | 47 | 48
6 Hf | Ta | W [Re [Os | Ir | Pt | Au |Hg
72 |73 |74 |75 |76 |77 |78 |79 | 80
7 Rf |Db | Sg [Bh |Hs |[Mt [Ds |Rg | Cn
104 |105 |106 [107 {108 |109 |110 |111 [112
lanthanoids

actinoids

FIGURE 4.1.6 Colour is used to distinguish between the s, p, d and f-blocks of elements.
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4.

1 Review

SUMMARY

The periodic table is a tool for organising elements
according to their chemical and physical properties.
The elements of the periodic table are arranged in
order of increasing atomic number.

Columns in the periodic table are known as groups
and are numbered 1-18.

The number of valence electrons in an atom of an
element can be determined by the group in which it
is located.

Elements in groups 1, 2 and 13-18 in the periodic
table are known as main group elements.

KEY QUESTIONS

1

In the periodic table, group is to column as period
is to
Main group elements are elements that belong to
specific groups in the periodic table. Which groups are
these?
How many valence electrons are in atoms of elements
found in:
a group 1?7
b group 157
¢ group 177
d group 2?7
What is the electronic configuration of an atom of an
element in period 3 and group 2?7
Use the periodic table in Figure 4.1.3 on page 117 to
answer these questions:
a In which group of the periodic table will you find the
following?
i B
ii Cl
iii Na
iv Ar
v Si
vi Pb

The middle group of elements (groups 3-12) are
known as the transition metals.

Rows in the periodic table are known as periods and
are numbered 1-7.

The number of occupied electron shells in an
atom of an element is equal to the number of the
element’s period.

The periodic table has four main blocks of
elements; the elements in each block all have the
same type of subshell (s, p, d or f) as their highest
energy subshell.

b In which period of the periodic table will you find
the following?

i K

ii F

iii He

iv H

v U

vi P
¢ What is the name, symbol and electronic

configuration of the:

i second elementin group 14?7

ii second element in period 2?

iii element that is in group 18 and period 3?
Why are elements in the periodic table arranged in
order of atomic number rather than relative atomic
mass?
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Melting point (°C)

4.2 Trends in the periodic table: Part 1

The periodic table does not just provide information about an element’s electronic
configuration. It can also be used as a tool for summarising the relative properties
of elements and explaining the trends observed in those properties.

You have already seen how the group number of an element indicates how many
valence electrons an atom of that element has. The period indicates how many
electron shells are occupied in an atom of an element. Properties such as atomic
radii, electronegativity and ionisation energy show common trends in the periodic
table.

Periodic trends were observed by Dmitri Mendeleev and formed the basis of the
table of the elements that he first published in 1869. Mendeleev described the way
the properties of the elements vary in the periodic law.

STATE OF MATTER AT ROOM TEMPERATURE

Some elements of the periodic table are gases at room temperature (25°C), many
are solids and two are liquids. Melting points determine the state of matter of each
element at room temperature. Trends in melting point can be seen in the first three
periods. Melting points increase across periods from groups 1 to 14 and then
drastically drop for groups 15-18. These trends are shown in Figure 4.2.1.

Melting points of selected elements

FIGURE 4.2.2 Mercury is different to the rest of
the d-block elements because it is liquid at room
temperature (25°C), whereas the rest of the
d-block elements are solid at room temperature.

L 1T T T 1
H He Li Be B C N O F Ne Na Mg Al Si P S Cl Ar

Element

FIGURE 4.2.1 Melting points (in °C) of elements in periods 1-3.

There are other general trends in the state of elements at room temperature.
Metals generally have high melting points, and most non-metals have low melting
points. Elements in the s-block are all solids at room temperature, with the exception
of hydrogen, which is a gas. The d-block elements are all solids at room temperature,
except for mercury, which has a melting point of —39°C, making it a liquid at room
temperature (Figure 4.2.2). The p-block has some elements that are solids at room
temperature and some that are gases. All the noble gases (group 18) are gases at
room temperature, but the only other gases in the p-block are nitrogen, oxygen,
fluorine and chlorine. Bromine is a liquid at room temperature, as it has a melting
point of =7°C.
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These observed trends reflect similarities in the way that the atoms are bonded
(joined together) in elements in each group of the periodic table. This bonding will
be explained more fully in Chapter 5.

ELECTRONIC CONFIGURATION

To understand the reason for the periodicity of element properties, look at two
groups of elements that Mendeleev recognised as being similar. The first group is
the alkali metals (group 1).The elements in this group (lithium, sodium, potassium,
rubidium and caesium) are all relatively soft metals and are highly reactive with
water and oxygen.

Consider their electronic configurations:

Li  1s22s!

Na 1522522p63s!

K 1522522p%3523p%4s!

Rb  1522522p°3523p°3d104524p05s!

Cs  1522522p035%3p03d1945%4p04d10955%5p06s!

These elements have similar valence shell electronic configurations—all have
one electron in an s-subshell. This similarity in a group’s arrangement of electrons
gives elements similar properties and is responsible for the periodicity of element
properties.

You can also see that the number of electron shells increases moving down the
group. The increase in electron shells means that the valence electrons are in higher
energy subshells and have a weaker attraction to the nucleus. The decrease in the
attractive force between the valence electrons and the nucleus as you move down a
group causes the trends in properties that are observed within a group.

CORE CHARGE

The core charge of an atom is a measure of the attractive force felt by the valence
shell electrons towards the nucleus. Core charge can be used to predict the properties
of elements and explain trends observed in the periodic table.

Consider an atom of lithium, which has an atomic number of three. It has three
protons in its nucleus, two electrons in the first shell and one electron in the second
shell (Figure 4.2.3).

The valence shell electron is attracted to the three positive charges in the nucleus.
This electron is also repelled by the two electrons in the inner shell. The electrons
in the inner shell shield the valence shell electron from the attraction of the nucleus.
The valence shell electron is effectively attracted to the nucleus as if there was a
nuclear charge of +1. This atom is therefore said to have a core charge of +1.

In atoms with two or more shells filled with electrons, the attraction between the
nucleus and the valence shell electrons is reduced by repulsion between the inner
shell electrons and the valence shell electrons.

In general:

0 Core charge = number of protons in the nucleus — number of total inner-shell
electrons

For example, an atom of chlorine (Figure 4.2.4) has 17 protons and 7 valence
shell electrons; the number of electrons in the inner shells is 10. The core charge of
a chlorine atom is 17 — 10 = +7.

FIGURE 4.2.3 A Bohr diagram for the lithium
atom, which has one valence electron and two
electrons in the inner shell. The atom has a core
charge of +1.

core charge felt
by valence shell
electron = +7

chlorine

FIGURE 4.2.4 A Bohr diagram for the chlorine
atom, showing a valence shell electron being
shielded by 10 electrons (in shells n=1 and
n=2).
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Worked example 4.2.1
DETERMINING CORE CHARGE

Determine the core charge of an atom of aluminium.

Thinking

Working

Determine the number of electrons
in an atom of the element, using the
periodic table as a reference.

The atomic number of aluminium is
13. Therefore, an atom of aluminium
has 13 protons and 13 electrons.

Use the number of electrons to
determine the electronic configuration.

With 13 electrons, the electronic
configuration is 1s22s22p®3s23p!.

Determine the core charge.

Core charge = number of protons —
number of inner-shell electrons

The third shell is the valence shell in
this atom. There are 10 inner-shell
electrons, which in this atom are
electrons in the first and second shells.

Core charge =13 -10=+3

Worked example: Try yourself 4.2.1

DETERMINING CORE CHARGE

Determine the core charge of an atom of fluorine.

Consider the atoms of two different elements in group 1, lithium and sodium,

shown in Figure 4.2.5.

core charge
felt by valence

electrons = +1
)

lithium
FIGURE 4.2.5 Lithium and sodium atoms both have a core charge of +1.

core charge
felt by valence
electrons = +1

sodium

As for all group 1 elements, the valence electron of a lithium atom or a sodium

atom experiences a core charge of +1.

As you look down a group, you can see that:

e the core charge remains constant, but the number of electron shells increases.

* the valence electrons become farther from the nucleus. Because of this, they will
be pulled less strongly towards the nucleus.

Now consider sodium and chlorine. Both elements are in period 3 of the periodic

table (Figure 4.2.6).

core charge
felt by valence
electrons = +1

core charge
felt by valence
electrons = +7

sodium

chlorine

FIGURE 4.2.6 The core charges of two period 3 elements, sodium and chlorine, are +1 and +7 respectively.
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. The core charge experienced by th§ valence shell electrons in a.toms of elemgnts TABLE 4.2.1 Core charges of main group

increases from left to right across a period, as demonstrated by sodium and chlorine.  gjements

The core charge of an atom of a main group element is equal to the number of

valence electrons in the atom, as summarised in Table 4.2.1. m
Table 4.2.2 summarises how the attraction between the nucleus and valence 1 +1

electrons varies in the periodic table.

2 +2
TABLE 4.2.2 The changes in attraction between the nucleus and valence electrons within groups and 13 +3
periods of the periodic table
14 +4
Trend in core charge | Trend in attraction between the nucleus and 15 +5
valence electrons
down a group remains constant Core charge stays constant down a group, but 9 8
the valence electrons are held less strongly 17 +7
because they are farther from the nucleus
(there are more shells in the atom). 18* +8
left to right increases The valence electrons are more attracted to *Helium has a core charge of +2.
across a period the nucleus as the core charge increases.
ELECTRONEGATIVITY

Electronegativity is the ability of an atom to attract electrons towards itself. The
more strongly the valence electrons of an atom are attracted to the nucleus of the
atom, the greater the electronegativity. Therefore, the greater the core charge of an
atom, the greater the electronegativity. Figure 4.2.7 shows the electronegativity of
many of the main group elements.

Electronegativity increases across a period.

1 2 13 14 15 16 17
Li Be B C N ¢} F
1.0 1.6 2.0 2.6 3.0 3.4 4.0
o3 Na Mg Al Si P S Cl
>2 0.9 1.3 1.6 1.9 2.2 2.6 3.2
Z © K Ca Ga Ge As Se Br
§o % 0.8 1.0 1.8 2.0 2.2 2.6 3.0
6§ Rb Sr In Sn Sb Te I
R 0.8 1.0 1.8 2.0 2.1 2.1 2.7
W Cs Ba Tl Pb Bi Po At
R 0.8 0.9 1.8 1.8 2.0 2.0 22
Fr Ra
Y| 07 0.9

FIGURE 4.2.7 The electronegativity of elements generally decreases down a group and increases
across a period, from left to right.
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The trends observed in the electronegativity of the elements are summarised in
Table 4.2.3.

TABLE 4.2.3 Trends in electronegativity in groups and periods of the periodic table

Trend in Explanation
electronegativity

down a group  decreases The core charge stays constant, and the number of
shells increases down a group. Therefore, valence
electrons are less strongly attracted to the nucleus
when they are farther from the nucleus. As a result,
electronegativity decreases.

left to right increases The number of occupied shells in the atoms remains
across a constant, but the core charge increases across a
period period. Therefore, the valence electrons become

more strongly attracted to the nucleus. As a result,
electronegativity increases.

ATOMIC RADIUS

Atomic radius is a measurement used for the size of atoms. It can be regarded as
the distance from the nucleus to the valence shell electrons. It is usually measured
by halving the distance between the nuclei of two atoms of the same element that are
bonded together. Figure 4.2.8 depicts the atomic radii of many of the main group
elements. Table 4.2.4 summarises the trends in atomic radii that are found in the
periodic table. Within each group, the atomic radius tends to increase going down
the group. Within each period, the atomic radius tends to decrease going from left
to right.

0 Atoms do not have sharply defined boundaries, so it is not possible to measure
their radii directly. One method of obtaining atomic radii, and therefore an
indication of atomic size, is to measure the distance between nuclei of atoms
in molecules. For example, in a hydrogen molecule (H,) the two nuclei are
64 picometres (pm) apart. The radius of each hydrogen atom is assumed to be
half that distance, i.e. 32 pm.

Atomic radius decreases across a period

1 2 13 14 15 16 17

B C N o F

L_i/ Be ) J J
130 99 84 75 71 64 60
Na) M_g/ Alj Si) (P S,

200 174 123 120 120 118 117

Rb = Sr In Sn Sb. 'Te I
) AR y -

215 190 142 140 140 137 136

Atomic radius increases down a group

Tl Pb Bi P At
) &) &) ) &)

Cs | Ba |
J

238 2b6 144 145 150 142 148

FIGURE 4.2.8 The relative sizes of atoms of selected main group elements. The atomic radii are given
in picometres (pm). A picometre is 10712 m.
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TABLE 4.2.4 Trends in atomic radii in the periodic table

Trend in atomic radii Explanation

across a period

Core charge stays constant, and the number of

down a group increases
shells increases as you move down a group. As
a result, atomic radius increases.

left to right decreases As you move across a period, the number of

occupied shells in the atoms remains constant,

but the core charge increases. The valence
electrons become more strongly attracted to
the nucleus, so the atomic radius decreases

across a period.

SKILLBUILDER

Converting between units

In science, you will often need to convert from one unit to
another to complete a calculation. Knowing how to convert
units is an important skill. As some units of measurement
are difficult to visualise, knowing the size of different units
in relation to one another will aid your understanding and
help you to avoid errors in your calculations (Table 4.2.5).
It is important to give a symbol the correct case (upper

or lower case): there is a big difference between 1 mm
and 1 Mm.

TABLE 4.2.5 Prefixes and conversion factors

Multiplying factor mm Symbol

1000000000000 1012 tera

1000000000 10° giga G
1000000 106 mega M
1000 103 kilo k
0.01 102 centi c
0.001 10-3 milli m
0.000001 10 micro u
0.000000001 10-° nano n
0.000000000001 1012 pico p

For example, atomic radii are given in picometres (pm).

A hydrogen atom has an atomic radius of 32 pm. To put
this into context, you can convert this value into a unit you
can easily visualise, like millimetres (mm). The difference
between the indices (the values that 10 is raised to) of
mm and pm is nine, meaning you need to move the
decimal place nine places to the left. So 32 pm becomes
0.000000032mm. This is very small indeed!

__________________________________________________________________________________________
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4.2 Review

Elements can be solid, liquid or gas at room
temperature, depending on their melting point.
Trends in the state of the elements at room
temperature reflect similarities in the way that the
atoms are bonded (joined together) in elements in
each group of the periodic table.

The core charge of an atom is a measure of the
attractive force felt by the valence electrons towards
the nucleus.

The core charge is calculated by subtracting the
total number of inner-shell electrons from the
number of protons in the nucleus.
Electronegativity is the ability of an element to
attract electrons towards itself.

KEY QUESTIONS

What is the core charge of an atom of carbon?
Explain the relationship between electronegativity and
core charge.
Figure 4.2.7 gives electronegativity values for the
elements in groups 1, 2 and 13-17 of the periodic
table.
a Give the name and symbol of the element that

has the:

i highest electronegativity

ii lowest electronegativity.

Atomic radius is a measurement used for the size of
atoms. It can be regarded as the distance from the
nucleus to the outermost electrons.

The table below summarises how these properties
have specific trends within the groups and periods
of the periodic table.

Property Down a group Across a period
(left to right)
core charge no change increases
electronegativity | decreases increases
atomic radius increases decreases

b In which group do you see the:
i greatest change in electronegativity as you go
down the group?
ii smallest change in electronegativity as you go
down the group?
¢ Why are the elements of group 18 usually omitted
from tables that give electronegativity values?
By referring to the periodic table, arrange the following
atoms in order of smallest to largest size: Ca, F, Mg, O
and P.

5 Which elements are gases at room temperature?

128
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4.3 Trends in the periodic table: Part 2

You have learnt that the core charge and the number of electron shells in an atom of
an element can be used to predict some properties of elements. You will remember
that the core charge of an atom is the attractive force felt by the valence electrons
towards the nucleus. Core charge increases as you move across a period. As you move
down a group, the core charge stays constant, but atomic radius increases due to the
additional electron shell in each period. The changes in core charge and atomic radii
account for periodic trends in ionisation energy, reactivity and metallic character.

FIRST IONISATION ENERGY

When an element is heated, its electrons can move to higher energy shells. If an atom
is given sufficient energy, an electron can be completely removed from the atom. If
this occurs, the atom will now have one less electron than the number of protons in
the nucleus, and will become a positively charged ion. A positively charged ion is
called a cation. You will learn more about ions in Chapter 5.

The process of removing an electron from an atom and forming an ion is called
ionisation. The valence electrons are removed first because they are the farthest
electrons from the nucleus and the least strongly held.

The energy required to remove one electron from an atom of an element in the
gas phase is called the first ionisation energy. For example, the ionisation energy
of sodium is 494 kJ per mole of sodium atoms.

Figure 4.3.1 shows the first ionisation energies of most main group elements.

Period
2500_1 2 3 4 5 6
He
T 2000
o
g
2
o 1500
3]
C
()]
S 1000
5
=
o
500—

10 18 36 54
Atomic number

FIGURE 4.3.1 The first ionisation energy generally increases from left to right across a period.

The magnitude of the first ionisation energy reflects how strongly the valence
electrons are attracted to the nucleus of the atoms. The more strongly the valence
electrons are attracted to the nucleus, the greater the energy that is required to
remove them from the atom and the higher the first ionisation energy. The trends
in ionisation energy within the s- and p-block elements are described in Table 4.3.1
on page 130.

GO TO » | Section 5.2 page 147

G An ion is any atom of an element
with more or fewer electrons
than protons. If an atom loses
electrons, it becomes positively
charged because there are now
more protons than electrons. A
positively charged ion is called a
cation. If an atom gains electrons,
it becomes negatively charged
and is called an anion.
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TABLE 4.3.1 The trends in ionisation properties in groups and periods of the periodic table for the
s- and p-block elements

Trend in Explanation
ionisation energy

down a group

left to right
across a period

decreases

increases

Core charge stays constant, and the number of
shells increases down a group. Therefore, the
valence electrons are less attracted to the nucleus
because they are farther from the nucleus. As

a result, the energy required to overcome the
attraction between the nucleus and the valence
electron is less, and the first ionisation energy
decreases down a group.

Core charge increases, and the number of
occupied shells remains constant across a period.
As a result, the valence electrons become more
strongly attracted to the nucleus, and more energy
is required to remove an electron. Therefore, first
ionisation energy increases across a period.

In summary, as the core charge increases across a period, so too does the ionisation
energy. As atomic radius increases down a group (due to the increasing number
of occupied shells), the electrons become farther from the nucleus. Therefore, the
valence electrons in elements lower in a group can be removed more easily, meaning

the ionisation energy decreases.

Worked example 4.3.1
DETERMINING FIRST IONISATION ENERGY

Determine which of these atoms has the greatest first ionisation energy: Br, CI, S, Se

Thinking

Working

Determine the group and period for
each element.

Bris in group 17, period 4
Clis in group 17, period 3
Sisin group 16, period 3

Se is in group 16, period 4

Recall that first ionisation energies
generally increase across a period and | in group 17 and are expected to
decrease down a group.

Of the four elements, Cl and Br are

have greater first ionisation energies
than the elements in group 16. Cl is
in period 3, so is expected to have a
greater first ionisation energy than Br,
which is in period 4.

Cl has the greatest first ionisation
energy.

Worked example: Try yourself 4.3.1
DETERMINING FIRST IONISATION ENERGY

Determine which of these atoms has the greatest first ionisation energy: Al, B, C, Si.
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+ ADDITIONAL

Trends in d- and f-block elements

The d-block elements are the transition metals. The f-block
elements are the lanthanoids and actinoids (also called the
lanthanides and actinides). The trends in the d-block and
f-block elements are more complex than those in the first
three periods. Looking at elements within the same group
in periods 4, 5 and 6, a new pattern emerges.

Between periods 4 and 5 for d-block elements, the
atomic radius increases as expected. When the 4f-subshell
starts filling in period 6, the core charge increases. With
this increase in core charge, the valence electrons are more
closely attracted to the nucleus, and the atoms become
denser and have smaller atomic radii.

METALLIC CHARACTER

Metals conduct electricity and are usually solids at room temperature. Conversely,
non-metallic elements usually do not conduct electricity and many are gases at

room temperature.

The differences between the properties of metals and non-metals are related
to the number of electrons in the outer shell of their atoms. In general, elements
with atoms containing one, two or three valence electrons tend to behave as metals,
whereas those with four or more valence electrons behave as non-metals. You will

study this in more detail in Chapter 5.

Metals are located on the left side of the periodic table and non-metals on the
right. Elements known as the metalloids are located between the metals and non-
metals. The metalloids exhibit both metallic and non-metallic properties. Silicon is
one of the most abundant metalloids (Figure 4.3.2). It is a brittle solid, which is a
common property of non-metals. However, it is also a semiconductor, meaning it
exhibits electrical conductivity, making it useful in many electronic devices such as

computers and calculators.

REACTIVITY

The reactivity of an element is an indication of how easily an atom of that element

loses or gains electrons.

Reactivity of metals

When metals react, they lose electrons. Therefore, the reactivity of metals is a

The pattern is true for the transition metals in the sixth
period. For example, in group 8, iron (period 4) has an
atomic radius of 124 pm. Ruthenium (period 5) has a
higher atomic radius at 136 pm because of the additional
electron shell. Osmium (period 6) also has an atomic
radius of 136 pm, even with an additional electron shell
filled. This is because, as the electrons fill the 4f-subshell,
the core charge increases.

This change in density and atomic radius also affects
other properties of the transition metals. With increasing
density, melting point increases. Tungsten has the highest
melting temperature of any metal at 3414°C.

FIGURE 4.3.2 Light micrograph of the surface
of an integrated circuit that uses silicon as
a semiconductor.

measure of how easily an atom of a metallic element can lose electrons. The weaker

the attraction of the valence electrons to the nucleus, the more easily the electrons

can be lost.

Moving down a group, there is an increasing number of electron shells in the
atoms and therefore a weaker attractive force between the nucleus and valence
electrons. This means that reactivity of metals increases down a group. The rate at
which metals react with water indicates their relative reactivity.

Table 4.3.2 on page 132 describes the reaction of some of the group 1 and 2 metals
with water. In each case, a reaction results in the formation of hydrogen gas.
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TABLE 4.3.2 Reactions of some group 1 and 2 metals with water.

sodium vigorous, producing enough energy to melt
the sodium, which fizzes and skates on the
water surface

4 1 potassium violent, making crackling sounds as the heat
evolved ignites the hydrogen produced by the
reaction

5 1 rubidium violent explosion

3 2 magnesium no reaction at room temperature but will

react with steam

4 2 calcium slow reaction at room temperature

For the five metals in Table 4.3.2:
* those in group 1 are more reactive in water than those in group 2
e the reactivity of the metal in water increases down a group.
These generalisations agree with the results of experiments with other metals.
From left to right across the periodic table, the core charge of the atoms increases
and it becomes more difficult for the atoms of an element to lose electrons. Within
the metals, this means there is a decrease in reactivity.
In summary, the reactivity of metals:
e increases down a group because it is easier for a metal atom with a greater
number of shells to lose electrons
e decreases across the period because the increasing core charge makes it more
difficult for a metal atom to lose electrons.
You will learn more about the reactivity of metals in Chapter 11.

Reactivity of non-metals

Atoms of non-metallic elements undergo chemical reactions to gain electrons and
form a stable octet arrangement. The more easily a non-metal can attract or share
electrons, the more reactive that non-metal is. Elements that have fewer electron
shells and higher core charges will have a greater attractive force between the
nucleus and the valence electrons and thus be more reactive.
Therefore, the reactivity of non-metals:
e decreases down a group because it is harder for a non-metal atom to attract
electrons into its valence shell with a greater number of shells
+ increases across a period because the increasing core charge makes it easier for
a non-metallic atom to attract electrons.
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4.3 Review

« The first ionisation energy is the energy required to + Chemical reactivity of non-metals decreases down a
remove one electron from an atom of an element in group but increases across a period.
the gas phase. + Many trends in the physical properties of elements

» First ionisation energy decreases down a group but in the periodic table can be explained using two
increases across a period. key ideas:

+ Chemical reactivity is the ease with which an - From left to right across a period, the core charge
element undergoes a reaction. Metals tend to lose of atoms increases, so the attractive force felt
electrons, and non-metals tend to gain electrons. between the valence electrons and the nucleus
From left to right across a period in the periodic increases.
table, the elements change from metals to - Down a group, the number of shells in an atom
metalloids to non-metals. increases, so the valence electrons are farther

« Chemical reactivity for metals increases down a from the nucleus and are held less strongly.

group but decreases across a period. These trends
are illustrated by the reactivity of metals with water.

KEY QUESTIONS

1 a Explain the meaning of first ionisation energy. 4 Why is strontium more reactive with water than
b What factors need to be considered when predicting beryllium is?
the trend in first ionisation energies across a period? 5 a Select the most reactive non-metal from the
2 What is a metalloid? following list: magnesium, sulfur, chlorine, fluorine,
3 Explain why first ionisation energy increases from left aluminium, oxygen.
to right across a period. b Explain your reasoning.
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Chapter review

KEY TERMS

anion first ionisation energy
atomic number group (periodic table)
atomic radius ion

block (periodic table) ionisation

cation main group element
core charge metalloid

electronegativity

period (periodic table)

REVIEW QUESTIONS

134

Elements in the periodic table are arranged by
increasing atomic number. What determines an atom'’s
atomic number?

Use the periodic table to determine the period and
block of the following elements:

a hydrogen

carbon

phosphorus

copper

uranium

o O O T

Determine the period and group of the elements with
the following electronic configurations:

a 1s22s?

b 1522s22p%3s23p?

¢ 1522522p63523p03d104524p!

d 1s?

In the periodic table, explain why there are:

a two groups of elements in the s-block

b six groups of elements in the p-block

¢ 10 elements in each transition series

d 14 elements in the actinoids and lanthanoids.
Name an element with properties similar to those of:
a carbon

b rubidium

¢ iodine

d phosphorus.

Describe the trend in melting points for the first

18 elements of the periodic table.

Which elements are liquid at room temperature?
Across a period, the number of subatomic particles in
an atom increases, but the size of an atom decreases.
Why?

Explain why it takes more energy to remove an
electron from the outer shell of an atom of:

a phosphorus than of magnesium

b fluorine than of iodine.
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periodic table
reactivity
transition metal

10

11

12

13

14

15

16

17
18

19

a State the electronic configuration of nitrogen.
b What period and group does nitrogen belong to in
the periodic table?
¢ How many valence electrons does nitrogen have?
d What is nitrogen’s core charge?
Explain why the radii of atoms do not increase
uniformly as the atomic number of the atom increases.
The length of the bond between two fluorine atoms in
F, is 120 pm. What is the atomic radius of fluorine?
Consider the elements in period 2 of the periodic
table: lithium, beryllium, boron, carbon, nitrogen,
oxygen and fluorine. Describe the changes that occur
across the period. Consider:
a the sizes of atoms
b metallic character
¢ electronegativity.
a Order the following elements from least reactive
to most reactive: rubidium, sodium, lithium,
potassium.
b Explain your reasoning.
From each set of elements, select the element that has
the largest first ionisation energy.
a phosphorus, arsenic, nitrogen
b silicon, chlorine, sulfur
¢ bromine, chlorine, sulfur
How does the reactivity of elements change from left
to right across period 3 in the periodic table?
Name some characteristics of metals.
Consider Figure 4.3.1 (page 129). First ionisation
energies generally increase across periods. However,
there is a slight decrease in first ionisation energy
from Mg to Al. Explain this exception to the trend with
reference to the electronic configurations of these
elements.
Figures 4.2.7 (page 125), 4.2.8 (page 126) and
4.3.1 (page 129) show periodicity with respect to
electronegativity, atomic radius and first ionisation
energy. What does the term ‘periodicity’ mean?



20 What concepts or ideas are the
two versions of the periodic table
below trying to convey? Search
the internet for other versions of
the periodic table.

Benfey'’s spiral periodic table

21 Reflect on the Inquiry activity
on page 114. Go back to your
photos of the different-sized balls

and, using your knowledge of I:
elements, label each ball with an Li
element it could correspondifo The Janet form of the periodic table 3161718191011
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CHAPJTER

After completing this chapter, you will be able to describe the various ways atoms
combine to form different materials. Chemists call this joining together of atoms
‘bonding’. Materials can be placed in one of the following four groups:
* metals, such as iron, copper and sodium
* ionic substances, such as table salt (sodium chloride) and calcium

carbonate (marble)
» covalent molecular substances, such as carbon dioxide and oxygen
+ covalent network substances, such as diamond and silicon dioxide.
The materials within each of these groups have a similar set of physical properties
such as melting point, electrical conductivity and hardness. You will see that the
properties differ between the groups. You will also see how you can utilise these
properties in a range of everyday applications.
You will learn to explain these properties using different bonding models. Each
bonding model involves the electrostatic attraction between positively and
negatively charged particles.
You will also investigate the different types of weak attractions that form between
molecular substances, and you will examine the factors that influence the
strength of these bonds.
The writing of chemical formulae and naming of chemical compounds are
important skills that you will learn in this chapter.

Content

INQUIRY QUESTION

What binds atoms together in elements and compounds?
By the end of this chapter, you will be able to:

* investigate the role of electronegativity in determining the ionic or covalent
nature of bonds between atoms

* investigate the differences between ionic and covalent compounds through:
- using nomenclature, valency and chemical formulae (including Lewis dot

diagrams) (ACSCH029)
- examining the spectrum of bonds between atoms with varying degrees of
polarity with respect to their constituent elements’ positions on the periodic table

- modelling the shapes of molecular substances (ACSCH056, ACSCHO57)

« investigate elements that possess the physical property of allotropy

+ investigate the different chemical structures of atoms and elements, including
but not limited to:
- ionic networks
- covalent networks (including diamond and silicon dioxide)
- covalent molecular structures
- metallic structure

» explore the similarities and differences between the nature of intermolecular
and intramolecular bonds and the strength of the forces associated with each,
in order to explain the:
- physical properties of elements
- physical properties of compounds (ACSCH020, ACSCHO055, ACSCHO058)

Chemistry Stage 6 Syllabus © NSW Education Standards Authority
Y for and on behalf of the Crown in right of the State of NSW, 2017. l
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CHEMISTRY INQUIRY

Comparing the properties of metals
and ionic compounds

Is there a difference between the solubility of metals
and ionic compounds in water?

COLLECT THIS ...

piece of aluminium foil
paper clip

table salt

bicarbonate of soda
water

4 glasses of the same size and
volume

4 teaspoons

DO THIS ...

Draw up the table below and
predict what will happen when
you fill each glass with warm tap
water, add one of the following to
each glass and stir for 5 minutes:

a aluminium foil

b a paper clip

¢ a pinch of salt

d a pinch of bicarb of soda.

foil to a glass of warm water
and stir.

Add a paper clip to a glass
of warm water and stir.

¢ Add a pinch of salt to a glass

of warm water and stir.

Add a pinch of bicarbonate
of soda to a glass of warm
water and stir.

PROPERTIES OF METALS

In this section, you will learn about the properties that all metals have in common.
Metals have been important to human beings since early times. The development
of civilisation can be measured by the way we have used metals. The Copper Age
(5000-3000 BCE) was followed by the Bronze Age (3000-1000 BCE) and the Iron
Age (from 1000 BCE).
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RECORD THIS ...

Test your predictions by carrying out
the four experiments.

Describe what happened in each
condition by recording your
observations.

Present a table of your results.

REFLECT ON THIS ...

Explain any patterns you observed.
Explain the meaning of your
observations.

What could you do next time to
improve your experiment?

Cogrinent L pesten oo

a Add a piece of aluminium



Gold, silver and copper can be found on Earth in an almost pure form. These
metals were employed by prehistoric humans to make ornaments, tools and
weapons. As humans’ knowledge of metallurgy (the science of modifying metals) has
developed, metals have played a significant role in fields as diverse as construction,
agriculture, art, medicine and transport (Figure 5.1.1).

FIGURE 5.1.1 The metal titanium has many uses, including in (a) the spectacular curved space
museum building in Moscow and (b) the SR-71 Blackbird reconnaissance aircraft.

The diverse properties of the different metals make them suitable for many
purposes. Table 5.1.1 shows the uses of some metals. For example, titanium (Figure
5.1.4) is a very strong, relatively unreactive metal with a low density, close to that of
bone. Consequently, it is used in surgical implants that can last up to 20 years with
little effect on the body. Titanium is also used in the aerospace industry, in art and
architecture, and in sporting products such as golf clubs.

TABLE 5.1.1 Properties and uses of some metals

D S S

iron soft, malleable, magnetic, good can corrode and is usually converted

(Figure thermal and electrical conductor, to more stable steel, which is used in

5.1.2) fairly reactive, readily forms buildings and bridges, automobiles,
alloys machinery and appliances

aluminium low density, relatively soft when saucepans, frying pans, drink cans,

(Figure pure, excellent thermal and cooking foil, food packaging, roofing,

5.1.3) electrical conductor, malleable window frames, appliance trim,

and ductile, good reflector of heat  decorative furniture, electrical cables,
and light, readily forms alloys aircraft and boat construction
titanium very strong, high melting point, medical devices within the body,

(Figure low density, low reactivity, readily ~ wheelchairs, computer cases;

5.1.4) forms alloys lightweight alloys used in high-
temperature environments such as
spacecraft and aircraft

gold shiny gold appearance, excellent electrical connections, jewellery,

(Figure thermal and electrical conductor, = monetary standard, dentistry

5.1.5) unreactive, readily forms alloys

metal, making it ideal for use in medical
implants, like this replacement hip joint.

utilised in this computer processor chip.

; o -. -’[;-: C ":: .\"x
N7 N N
FIGURE 5.1.2 lron is magnetic. These iron filings

are aligned to the magnetic fields created by the
two bar magnets.

FIGURE 5.1.3 Aluminium's properties make it
ideal for use in soft drink cans.
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FIGURE 5.1.6 This power transmission tower
relies on the strength of iron in steel for its
structural integrity. The electricity cables are
made from aluminium, utilising its ductility and
electrical conductivity.

0 Generally, metals are good
conductors of electricity and
heat. They are malleable, ductile,
have high tensile strength, low
ionisation energies and low
electronegativities.

Table 5.1.2 lists the properties of some metals and non-metals. Despite the
different properties of metals, most metals:
* have relatively high melting points and boiling points
* are good conductors of electricity
e are good conductors of heat
* have high densities.

TABLE 5.1.2 Properties of some metallic and non-metallic elements

Melting Boiling Electrical Thermal Density

point (°C) point (°C) conductivity | conductivity (gmL™?1)
(MSm-1)* (s Im1K Nt

metals

gold 1063 2970 45 310 19.3
iron 1540 3000 9.6 78 7.86
mercury =39 357 1 8.4 135
potassium 64 760 14 100 0.86
silver 961 2210 60 418 10.5
sodium 98 892 21 135 0.97
non-metals

carbon 3550 i 1077 - 351
(diamond)

oxygen -219 183 - 0.026 1.15 (liquid)

*MS m~! = megasiemens per metre.
tThermal conductivity measures the conductance of heat.
fDiamond sublimes (changes straight from a solid to a gas) when heated.

Not all metals have all of these properties. Mercury is a liquid at room
temperature—it has an unusually low melting point. The group 1 elements (the
alkali metals) have some properties that make them different from most other
metals—they are all soft enough to be cut with a knife, and they react vigorously with
water to produce hydrogen gas. However, both mercury and the group 1 elements
exhibit most of the other properties listed above and are classified as metals.

Metals also generally have the following characteristics in common. They:
¢ are malleable—they can be shaped by beating or rolling
e are ductile—they can be drawn into a wire
» are lustrous or reflective when freshly cut or polished
» are often hard, with high tensile strength
* have low ionisation energies and electronegativities.

These properties allow different metals to be used together to solve many
engineering problems. The power transmission tower in Figure 5.1.6 is made of a
range of metals to take advantage of their different properties.

Metals can be shaped for use in different applications by hammering, exploiting
their malleability. Some metals, such as gold, copper and aluminium, are very
malleable at room temperature. Other metals, such as iron, must be heated before
they can be shaped.

Most metals are similar in appearance, being lustrous (reflective) and silvery-
grey in colour. Gold and copper are notable exceptions. Gold is a yellow-coloured
metal; copper is reddish.
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Beryllium

Beryllium is the fourth element in the periodic table. It is one of the lightest metals, its
density being two-thirds the density of aluminium. Beryllium is non-magnetic and has
six times the stiffness of steel. The Space Shuttle and the Spitzer Space Telescope both
use beryllium due to its strength and lightness. NASA’s next-generation James Webb
Space Telescope (Figure 5.1.7), scheduled for launch in 2018, will depend on a 6.5m
mirror constructed using beryllium. It will be used to see objects 200 times fainter than
those previously visible.

FIGURE 5.1.7 These are some of the 18 mirror segments of the James Webb Space Telescope.
The mirrors are supported by beryllium ribs that will maintain the mirror's shape under extreme
conditions.

METALS AND THE PERIODIC TABLE

More than 80% of the elements are metals. The location of metals in the periodic
table is shown in Figure 5.1.8.

1 KEY 2
H He
hydrogen |:| non-metals atomic number 13 .
3 4 symbol Al 5 6 7 8 9 | 10
Li | Be metals » B | C| N| O| F | Ne
lithium beryllium name alumlnlum boron carbon nitrogen oxygen fluorine neon
11 12 metalloids 13 14 15 16 | 17 | 18
Na Mg Al Si P S Cl Ar
sodium magnesium aluminium silicon phosphorus sulfur chlorine argon

19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
K Ca Sc Ti v Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr
potassium calcium scandium titanium vanadium [ chromium | manganese iron cobalt nickel copper zinc gallium germanium | arsenic selenium bromine krypton

37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54

Rb Sr Y Zr Nb Mo Tec Ru Rh Pd Ag Cd In Sn Sb Te I Xe

rubidium | strontium yttrium zirconium | niobium | molybdenum | technetium | ruthenium [ rhodium palladium silver cadmium indium tin antimony | tellurium iodine xenon
55 56 [57-71| 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
Cs Ba Hf Ta w Re Os Ir Pt Au Hg Tl Pb Bi Po At Rn

caesium barium lanthanoids | hafnium tantalum tungsten rhenium osmium iridium platinum gold mercury thallium lead bismuth polonium astatine radon
87 88 [89-103| 104 | 105 106 107 108 109 110 111 112 113 114 115 116 117 118
Fr Ra Rf Db Sg Bh Hs Mt Ds Rg Cn Nh Fl Mc Lv Ts Og

francium radium actinoids ~ [rutherfordium| dubnium [ seaborgium | bohrium hassium | meitnerium |darmstadtium roentgenium [ copernicium | nihonium | flerovium | moscovium | livermorium | tennessine | oganesson

) 57 58 59 60 61 62 63 64 65 66 67 68 69 70 71
Lanthanoids | La | Ce Pr | Nd | Pm | Sm | Eu | Gd | Tb Dy | Ho | Er | Tm | Yb | Lu

lanthanum cerium  praseodymium neodymium | promethium | samarium [ europium | gadolinium | trebium dysprosium [ holmium erbium thulium ytterbium lutetium

o 89 90 91 92 93 94 95 96 97 98 99 100 | 101 102 | 103
Actinoids | Ac Th Pa U Np Pu | Am | Cm | Bk Cft Es Fm | Md No Lr

actinium thorium [ protactinium [ uranium | neptunium [ plutonium [ americium curium | berkelium | californium | einsteinium | fremium |mendelevium| nobelium | lawrencium

FIGURE 5.1.8 About 80% of the elements are metals, represented in yellow in this periodic table.
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FIGURE 5.1.9 Potassium metal reacts violently
with water.

As you will recall from Chapters 3 and 4, the metallic elements in group 1 have
an unfilled s-subshell. The metals in group 2 have a filled s-subshell. Group 1 and
2 metals tend to have lower melting points and are softer than the metals in other
groups. These metals have low ionisation energies and electronegativities; therefore,
they are highly reactive and readily lose their valence s-subshell electrons to form
positive ions. Group 1 and 2 metals will even react with water, in some cases violently
(Figure 5.1.9).

Foods containing calcium, sodium, potassium and magnesium ions are
essential for good health. Calcium is required for the production of hydroxyapatite
(Ca,(PO,),0H), the structural component of your bones. Shellfish and the eggshells
of birds are composed of calcium carbonate (CaCO,). The transmission of nerve
impulses involves the movement of sodium and potassium ions within nerve cells.
Table salt (NaCl) is a widely used compound of sodium.

Magnesium plays an essential role in many chemical reactions that take place
in your body. Chlorophyll, the green pigment in plants that is responsible for
photosynthesis, contains magnesium.

These metals are also used in industry and agriculture. For example, sodium
is used in the manufacture of glass. Lime (calcium oxide) is used to break down
clay in soils and in the manufacture of cement. Magnesium is combined with
aluminum to make lightweight alloys used in aircraft. Magnesium is also used in
fireworks.

Between group 2 and group 13 in the periodic table is a block of elements known
as the transition metals. These elements generally have unfilled d-subshells and
are often referred to as the d-block elements (Figure 5.1.8 on page 141). They
include metals such as iron and nickel that are used to build bridges, cars and
railway lines, and precious metals such as silver and gold that have ornamental
and economic uses. Most transition metals are silver-coloured and are similar in
appearance, as can be seen in Figure 5.1.10.

FIGURE 5.1.10 The first row of transition metals, found in period 4 of the periodic table.

All the transition metals in the first row (period 4), except scandium and titanium,
are essential for animal life. Your body relies on the presence of trace elements to
carry out certain biochemical reactions. For example, chromium, which you get
from meat and bread, assists in the production of energy from glucose.

PROPERTIES OF TRANSITION METALS

Compared with the main group metals, transition metals have the following
properties:

* They tend to be harder.

* They have higher densities.

e They have higher melting points.

¢ Some of them have strong magnetic properties.

e The high tensile strength of transition metals makes them suitable for use in the
construction of buildings, cars, bridges and numerous other objects.
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Transition metal compounds

Transition metal compounds display a wide
range of colours. They are extensively used
as pigments in paints, and to colour glass,
ceramics and enamel. In Figure 5.1.11, the
colours used by the artists are a result of
the different transition metals present. ‘Five
Bells’ was painted by John Olson in 1963,
and the colours are still as vivid today as
when they were painted.

Ochre is a type of hard clay that contains
iron oxides and hydroxides. It occurs
naturally, in many colours, including
red, pink, white and yellow. Ground into ’ MR | :
a powder and mixed with liguids, ochre FIGURE 5.1.11 (a) ‘Five Bells’ (1963) by the Sydney artist John Olson. () ‘Untitled’ (2010) by

forms a paste that has been used for the Indigenous Australian artist Mavis Ngallametta.
millennia by Indigenous Australian people

for body decoration, cave painting, bark
painting and other artwork.

Connecting properties and structure

Some of the properties of metals are listed in Table 5.1.3. Each of these properties
gives some information about the structure and bonding of particles in metals.

TABLE 5.1.3 The properties of metals, and resulting conclusions about metallic structure and bonding

Property What this indicates about structure

Metals are usually hard and tend to The forces between the particles must be strong.
have high boiling points.

Metals conduct electricity, both in Metals have charged particles that are free to
the solid state and in the molten move.

liquid state.

Metals are malleable and ductile. The attractive forces between the particles must

be stronger than the repulsive forces between the
particles when the layers of particles are moved.

Metals generally have high densities.  The particles are closely packed in a metal.

Metals are good conductors of heat. There must be a way of quickly transferring
energy throughout a metal object.

Metals are lustrous or reflective. Free electrons are present, so metals can reflect
light and appear shiny.

Metals tend to lose electrons when Electrons must be relatively easily removed from
they are involved in chemical reactions.  metal atoms.

Chemists have developed a model for the structure of metals to explain all the
properties that have been mentioned so far.You can deduce from the information in
Table 5.1.3 that the model must include:

* charged particles that are free to move and conduct electricity
» strong forces of attraction between atoms throughout the metal structure
¢ some electrons that are relatively easily removed.
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FIGURE 5.1.12 The metallic bonding model.
Positive metal cations are surrounded by a
mobile ‘sea’ of delocalised electrons. This
diagram shows just one layer of metal ions.

0 In the metallic bonding
model, positive metal cations
are surrounded by a ‘sea’ of
delocalised electrons.

Positive sodium ions
occupy fixed positions
in the lattice.

@@3/@@

@ @ @ &
@@@@

‘sea’ of
delocalised electrons

FIGURE 5.1.13 A representation of a sodium
metal lattice. Each sodium atom loses its one
valence electron. This electron is shared with all
atoms in the lattice to form a ‘sea’ of delocalised
electrons.

THE METALLIC BONDING MODEL

There are several models used to explain the bonding between the atoms of metals.

One such model is the metallic bonding model. (Figure 5.1.12)

The basis for the metallic bonding model is that, in a solid sample of a metal:

» Positive ions or cations are arranged in a closely packed three-dimensional
network structure, or lattice. They occupy fixed positions in the lattice.

* Negatively charged electrons move freely throughout the lattice. These electrons
are called delocalised electrons because they belong to the lattice as a whole,
rather than staying in the shell of a particular atom.

¢ The delocalised clectrons come from the outer shells of the atoms. Inner-shell
electrons are not free to move throughout the lattice and remain firmly bonded
to individual cations.

» The positive cations are held in the lattice by the electrostatic force of attraction
between these cations and the delocalised electrons. This attraction extends
throughout the lattice and is called metallic bonding.

An example of how a metal such as sodium could be represented in this model

is shown in Figure 5.1.13.

EXPLAINING THE PROPERTIES OF METALS

Table 5.1.4 shows how the metallic bonding model is consistent with the relatively
high boiling point, electrical conductivity, malleability and ductility of metals.

TABLE 5.1.4 Physical properties of metals and explanations based on the metallic bonding model

Metals are hard Strong electrostatic forces

and have relatively  of attraction between the 60’ OOO ‘

high boiling points.  positive metal ions and the

sea of delocalised electrons d ’ 0 6 O

holds the metallic lattice

together. ‘ 0 O Q O

Metals are good Free-moving delocalised +
conductors of electrons will move towards a
electricity. positive electrode and away 0‘ ﬂ ‘oé

from a negative electrode in “ 0 5.’
an electric circuit.

Metals are When a force causes layers of

malleable and metal ions to move past one - DD —>PDPDDD

ductile. another, the layers are still held @ o ° D PDPPDD
together by their electrostatic DD DPDDD

attraction to the delocalised
electrons between them.

The strength of metallic bonds

Transition metals are harder, denser and have higher melting points than group 1
and 2 metals. This is due to the atoms of transition metals generally being a smaller
size due to their greater core charge, which allows them to pack together more
tightly with stronger bonds.

The outer s-subshell and inner d-subshell electrons in transition metals are
delocalised and are involved in the formation of metallic bonds. The metallic
bonding in group 1 and group 2 metals only involves the outer s-subshell electrons.
These metals are softer and have lower melting points than the transition metals.
The greater number of delocalised electrons in transition metals results in a greater
strength of attraction between the delocalised electrons and the cations in the metal
lattice, which in turn results in stronger metallic bonding. This makes sense when
comparing the metallic solids iron and sodium. For the solids to melt, enough
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energy must be provided to allow the metal ions to break free from the metal lattice.
Iron melts at 1535°C and sodium at 98°C. Clearly, more energy is required to
overcome the electrostatic attraction between the positive ions and the delocalised
electrons in the iron lattice than in the sodium lattice.

Other properties of metals

Metals generally have a high density. The cations in a metal lattice are closely
packed. The density of a metal depends on the mass of the metal ions, their radius,
and the way in which they are packed together in the lattice.

Metals are good conductors of heat (Figure 5.1.14).When the delocalised electrons
bump into one another and into the metal ions, they transfer energy to their ‘neighbours’.
Heating a metal gives the ions and electrons more energy, so they vibrate more rapidly.
The electrons, being free to move, transmit this energy rapidly throughout the lattice.

Metals are lustrous. Because of the presence of free electrons in the lattice, metals
reflect light of all wavelengths and appear shiny.

Metals tend to lose electrons when they are involved in chemical reactions. The
delocalised electrons in metals may participate in reactions anywhere on the metal’s
surface. The reactivity of a metal depends on how easily electrons can be removed
from its atoms.

Limitations of the metallic bonding model
Although this model for metallic bonding explains many properties of metals, some
cannot be explained so simply. These properties include:
* the range in melting points, hardness and densities of different metals
e the differences in electrical conductivities of metals
¢ the magnetic nature of metals such as cobalt, iron and nickel.
To explain these properties you need a more complex model of metallic bonding,
and that is beyond the scope of this book.

Worked example 5.1.1
EXPLAINING THE ELECTRICAL CONDUCTIVITY OF ALUMINIUM

With reference to the electronic configuration of aluminium, explain why solid
aluminium can conduct electricity.

Thinking Working

FIGURE 5.1.14 Metal heating elements are used
in stove tops, ovens and kettles.

Using the atomic number of the
element, determine the electronic
configuration of its atoms. (You may
need to refer to a periodic table.)

Al has an atomic number of 13. This means
that a neutral atom of Al has 13 electrons.

The electronic configuration is
1522s22p83s23p1.

From the electronic configuration,
find how many outer-shell electrons
are lost to form cations that have

a stable octet of valence electrons.

These electrons become delocalised.

Al has three electrons in its outer shell
(the 3s23p! electrons). Al atoms will tend
to lose these three valence electrons to
form a cation with a charge of +3.

The outer-shell electrons become
delocalised and form the sea of delocalised
electrons within the metal lattice.

An electric current occurs when
there are free-moving charged
particles.

If the Al is part of an electric circuit, the
delocalised electrons can move through
the lattice towards a positively charged
electrode.

Worked example: Try yourself 5.1.1
EXPLAINING THE ELECTRICAL CONDUCTIVITY OF MAGNESIUM

magnesium can conduct electricity.

With reference to the electronic configuration of magnesium, explain why solid

CHAPTER 5 | BONDING

145




5.1 Review

1

146

Bl KEY QUESTIONS

Metals have the following characteristic properties:

- high boiling point

- good conductance of electricity in solid and liquid
states

- malleable and ductile

- high density

- good conductance of heat

- lustrous

- low electronegativity

- low ionisation energy

- chemically react by losing electrons.

The main differences between the properties of

main group and transition metals are:

- transition metals are harder

- transition metals are more dense

Determine the charge of the cations formed from

the following metals if they lost all of their outer-shell

electrons.

a Li

Mg

Ga

Ba

Potassium is classed as a metal. Which of its

properties are similar to those of gold? In what ways

is it different?

b I|dentify another element in Table 5.1.2 on page 140
that has similar properties to potassium.

¢ lIdentify another metal in Table 5.1.2 on page 140
that has similar properties to gold.

d Describe the locations of these four metals in the
periodic table.

a Which metals from Table 5.1.2 on page 140 would
you select if you wanted a good electrical conductor?

b What other factors might influence your choice?

O o 6 T

Sodium and iron have very different physical
properties. Explain why this is so based on where these
metals are found in the periodic table.

MODULE 1 | PROPERTIES AND STRUCTURE OF MATTER

- transition metals have higher melting points

- some transition metals have strong magnetic
properties

- transition metal compounds tend to be brightly
coloured.

Metallic bonding is the electrostatic force of

attraction between a lattice of positive ions (cations)

and delocalised valence electrons. The lattice of

cations is surrounded by a ‘sea’ of delocalised

electrons.

The metallic bonding model can be used to explain

the properties of metals, including their malleability,

thermal conductivity, generally high melting point

and electrical conductivity.

Suggest some properties not included in Table 5.1.2
on page 140 that you would need to consider before
choosing between aluminium and iron for building a
bridge.

The properties of calcium mean that it is classed as a
metal.

a Draw a diagram to represent a calcium metal lattice.
b Describe the forces that hold this lattice together.

Barium is an element in group 2 of the periodic table.
It has a melting point of 850°C and conducts electricity
in the solid state. Describe how the properties of
barium can be explained in terms of its bonding and
structure.
Graphite is a non-metallic substance that can be
lustrous and conducts electricity and heat. It is not
malleable, but breaks if a force is applied.
a What properties does graphite share with metals?
b What inferences can you make about the
structure of graphite, given the properties it shares
with metals?



5.2 lonic bonding

In this section, you will study the structure and properties of a group of substances
called ionic compounds. Ionic compounds are made by the chemical combination
of metallic and non-metallic elements.

These materials are very common in the natural world because Earth’s crust is
largely made up of complex ionic compounds. Most rocks, minerals and gemstones
(Figure 5.2.1) contain ionic bonds. Soil is made from weathered rocks mixed with
decomposed organic material, so it contains large quantities of ionic compounds.

Ceramics, kitchen crockery and bricks are made from clays. Clays are produced
by the weathering of rocks. Therefore, materials made from clays also contain ionic
compounds. Kitchen crockery and bricks contain mixtures of ionic compounds.
Table salt (sodium chloride) is a pure ionic compound.

PROPERTIES OF IONIC COMPOUNDS

If you think about the characteristics of rocks, kitchen crockery and table salt, you
will recognise that these materials, and therefore ionic compounds, have some
properties in common.

FIGURE 5.2.1 Many gemstones are made from
ionic compounds.

Table 5.2.1 lists some typical ionic compounds and their properties. These
compounds can be found in materials you might encounter in everyday life. Note
that the compounds listed are simple ionic compounds, whereas rocks, ceramics
and bricks contain a mixture of often complex ionic compounds.

TABLE 5.2.1 Properties of typical ionic compounds

lonic

Melting point
compound (§(9)

Electrically
conductive
when solid

Electrically
conductive
when liquid

Electrically
conductive
when in

aqueous
solution
(0.1 mol L?)

Solubility in
water at 25°C

(g/100 g water)

Example of commercially
available product containing
the compound

copper(ll) decomposes at  no yes yes 22 bluestone spray (used to kill
sulfate 110 pathogens on fruit)

sodium 801 no yes yes 36 table salt

chloride

calcium 1339* no yes - 0.0013 main component in marble
carbonate

zinc oxide 1975 no yes - insoluble zinc cream

sodium 318 no yes yes 114 oven cleaner

hydroxide

*Melting point determined under pressure to prevent decomposition of compound.

Lists of data about ionic compounds such as those in Table 5.2.1 have enabled
chemists to summarise their properties. Generally, ionic compounds:

have high melting and boiling points. They are all solids at room temperature.

are hard but brittle, shattering when given a hard blow

do not conduct electricity in the solid state

are good conductors of electricity in the liquid or molten state or when

dissolved in water

vary from very soluble to insoluble in water. They are not soluble in non-polar

solvents such as oil.
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in ionic compounds result from
the attraction between positive
and negative charges.

Connecting properties and structure

The properties of ionic compounds suggest how the particles are arranged in the
compounds.

Table 5.2.2 lists some observed properties of one particular ionic compound,
sodium chloride (table salt). Beside each property is a description of the nature of
the particles and of the forces acting between the particles. These descriptions can
be inferred from the different properties of sodium chloride.

TABLE 5.2.2 Properties of sodium chloride and the information this provides about its structure

Property What this indicates about structure

high melting point The forces between the particles are strong.
hard, brittle crystals The forces between the particles are strong.
does not conduct electricity in the solid There are no free-moving charged particles
state in solid sodium chloride.

conducts electricity in the molten state Free-moving charged particles are present

in molten sodium chloride.

THE IONIC BONDING MODEL

In summary, for ionic compounds generally:

e The forces between the particles are strong.

e There are no free-moving electrons present.

e There are ions present, but in the solid state they are not free to move.

e When an ionic compound melts, the ions are free to move, and then the
compound will conduct electricity.

Now that you understand some of the details of the structure of ionic compounds,
the next step is to work out how the particles in these compounds are arranged in
the solid state.

When metallic and non-metallic atoms react to form ionic compounds, the
following steps occur.

e The electronegativity of metals is less than the electronegativity and ionisation
energy of non-metals. Consequently, metal atoms lose electrons to non-metallic
atoms. They become positively charged metal ions (cations).

* The more electronegative non-metal atoms gain electrons from metal atoms and
therefore become negatively charged non-metal ions (called anions).

(You will remember from Chapter 3 how electrons arrange themselves into shells
around the nucleus. Atoms are at their most stable when there are eight electrons in
the valence shell. Therefore, an atom’s ability to form a cation or an anion depends
on how many electrons it needs to gain or lose to achieve this stable arrangement.)

Cations and anions then arrange themselves in the following way:
¢ Large numbers of cations and anions combine to form a three-dimensional

network or lattice.

e The three-dimensional lattice is held together strongly by electrostatic forces
of attraction between the oppositely charged ions. The electrostatic forces of
attraction holding the ions together is called ionic bonding.

¢ Inthe case of sodium chloride, sodium (electronic configuration 2,8,1) loses one
electron, so it has a stable eight electrons in the second electron shell (electronic
configuration 2,8). Losing one electron makes it positively charged, and it is
given the symbol Na*. A chlorine atom normally has the electronic configuration
of 2,8,7. Therefore, it only needs to gain one electron to become an anion, CI-,
and its electronic configuration becomes 2,8,8.
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¢ In sodium chloride, each sodium ion is surrounded by six chloride ions, and
each chloride ion is surrounded by six sodium ions, as shown in Figure 5.2.2.
This arrangement maximises the forces of attraction between ions.

¢ Even though each chloride ion is close to another chloride ion (Figure 5.2.2), the
attractive force between the chloride and the sodium ions outweighs the repulsive
force from the other chloride ions, so the lattice is held together quite strongly.

FIGURE 5.2.2 Two representations of part of a crystal lattice of an ionic compound sodium chloride.
Forces of attraction between oppositely charged ions result in strong bonding.

The formula of sodium chloride

The chemical formula of sodium chloride is written as NaCl. However, it is
important to note that in a solid sample of an ionic compound, such as sodium
chloride, individual pairs of sodium and chloride ions do not exist. The solid is also
not built up of discrete NaCl molecules.

Instead, the solid is made up of a continuous lattice of alternating Na* and CI~
ions. All sodium ions are an equal distance from six chloride ions, and all chloride
ions are an equal distance from six sodium ions. The overall ratio of sodium ions to
chloride ions in the lattice is 1:1, and therefore the formula is written as NaCl.

EXPLAINING THE PROPERTIES OF IONIC COMPOUNDS

In this section, you will see how the ionic bonding model explains the properties of
ionic compounds.

High melting points

To melt an ionic solid such as sodium chloride, you must provide energy to allow
the ions to break free and move. Sodium chloride has a high melting point (801°C).
This indicates that a large amount of energy is needed to overcome the electrostatic
attraction between oppositely charged ions to allow them to move freely. The ionic
bonds between the positive sodium ions and negative chloride ions must be strong,
since a high temperature is required to melt solid sodium chloride.

The high melting point of ionic compounds is put to use in special bricks that
line furnaces and kilns (Figure 5.2.3) and in the ceramic materials used to make
brake discs for high-performance cars (Figure 5.2.4).

Hardness and brittleness

There are strong electrostatic forces of attraction between ions in an ionic compound,
so a strong force is needed to disrupt the crystal lattice. Therefore, one of the
properties of ionic compounds is that they are hard. This also means that a sodium
chloride crystal cannot be scratched easily.

The strength of house bricks, concrete bridges and cobbled streets can be
attributed to the ionic bonding within their structures.

FIGURE 5.2.3 Bricks made from the ionic

compound magnesium oxide are used to line

furnaces and kilns.

FIGURE 5.2.4 Ceramic brake discs work more
effectively than steel ones at high temperatures.
A ceramic brake disc contains ionic compounds
that have very high melting temperatures and
are better than metals at withstanding the heat
produced by braking.
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FIGURE 5.2.6 A coffee cup being smashed.

FIGURE 5.2.8 A ceramic insulator on the post of
an electric fence.

Although a salt crystal is hard, it will shatter under a strong force such as a
hammer blow. This is because the force of the blow causes layers of ions to move
relative to one another. During this movement, ions of like charge are shifted so that
they are next to each other, as seen in Figure 5.2.5. The resulting repulsion between
the similarly charged ions causes the crystals to shatter, giving ionic compounds
their characteristic of brittleness.

crystal
shatters

FIGURE 5.2.5 A lattice of an ionic compound shattering. Note that just before shattering, ions of like
charge are shifted so that they are adjacent to each other. Repulsion between ions of like charge
causes the crystal lattice to shatter.

Materials made from clay, such as kitchen crockery (Figure 5.2.6), ceramic tiles
and bricks, are hard, but they are also brittle.

Electrical conductivity

In the solid form, ions in the crystal lattice of sodium chloride are not free to
move, so solid sodium chloride does not conduct electricity. Remember that for a
substance to conduct electricity, it must contain charged particles that are free to
move. Figure 5.2.7 shows how the particles are arranged in an ionic compound in
solid form.

In the solid state, oppositely
charged ions are held strongly
within the lattice and cannot
move. Solid ionic compounds
do not conduct electricity.

The force of attraction between
oppositely charged ions is
strong, so ionic compounds are
hard and have high melting

FIGURE 5.2.7 The arrangement of ions within a solid ionic compound takes the form of a crystal lattice.

The non-conducting property of ionic compounds is useful for ceramic
insulators, which can be used to keep high-voltage power lines insulated from
electricity poles and electric fence wires (Figure 5.2.8).

When solid ionic compounds melt, the ions become free to move, enabling the
cations and anions in the molten compound to conduct electricity.

Similarly, when ionic compounds dissolve in water, the ionic bonds in the lattice
are broken, and the ions are separated and move freely in solution.
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When an electric current is applied to either a molten the ionic compound or
a solution of the compound in water, positive ions move towards the negatively
charged electrode, and negative ions move towards the positively charged electrode,
resulting in an electric current, as shown in Figure 5.2.9.

battery
)

+ ‘~.4’\°-. =

© _o-
%o

anode cathode

FIGURE 5.2.9 A molten ionic compound will conduct an electric current.

A solution or molten substance that conducts electricity by means of the
movement of ions is called an electrolyte.

Solubility

Some ionic compounds are very soluble in water, whereas others are very insoluble.
When a soluble ionic compound is added to water, the ions break away from the
ionic lattice and mix with the water molecules. If an insoluble compound is added
to water, the ions remain bonded together in the ionic lattice and do not form a
solution.
Whether an ionic compound is soluble or insoluble depends on the relative
strength of the forces of attraction between:
1 the positive and negative ions in the lattice, and
2 the water molecules and the ions.
You will look at the solubility of ionic compounds in water and the reactions of
ionic compounds in more detail in Chapter 11.

Connecting physical properties and uses

Tonic compounds have a wide variety of uses. Some of these uses are related

directly to the physical properties of the compounds, such as hardness, high

melting points and their ability to conduct electricity in solution. A number of

ionic compounds and their uses in relation to their characteristic properties are

described below.

Hardness

¢ Calcium phosphate is a constituent of bone tissue that gives it strength.

¢ Calcium sulfate in the form of gypsum is used to make plasterboard for lining
the walls and ceilings of houses.

¢ QGranite, limestone and sandstone are used as building stone.

e Bricks, tiles and crockery are made from clay, a material that contains particles
held together by strong ionic bonding.

High melting point

¢ Magnesium oxide and other ionic compounds are used to line furnaces.

¢ Ceramics are materials that contain a mixture of strong ionic and covalent
bonds. They are used in some engine parts.

Electrical conductivity

¢  Ammonium chloride is used as an electrolyte in dry-cell batteries. The ions
contained in an electrolyte solution allow a current to flow in the battery.

¢ Potassium hydroxide is used as an electrolyte in the ‘button’ cells used in small
electronic devices such as watches and calculators.

ﬂ For an object to conduct
electricity, it must contain charged
particles that are free to move.

In solid ionic compounds, the
ions are arranged in a crystal
lattice, so the ions are not free

to move, and the solid cannot
conduct electricity. When molten
or dissolved in water, the ions are
free to move, and the substance
can conduct electricity.
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Other uses of ionic compounds

¢ Sodium hydrogen carbonate (bicarbonate of soda or baking soda) is used in
baking to cause cakes to rise when placed in a hot oven. This occurs because the
compound decomposes when heated to produce carbon dioxide gas.

e Sodium chloride has many uses, including as a flavouring agent and preservative
in food.

e Sodium hypochlorite is used as a bleach and in swimming pools to kill
microorganisms.

| CHEMISTRY IN ACTION
Salinity

Salinity is the presence of salt (sodium chloride) in
groundwater and soil. Plants, like animals, can only tolerate
a limited range of salt concentrations. Some plants growing
on sand dunes tolerate higher amounts of salt than other
plants. However, if the salt concentration in the soil is too
high, even those plants die.

Increasing salinity is caused by increasing amounts of
groundwater (water found under the surface of the Earth).

As groundwater increases, the water table (water level) rises,
bringing dissolved salts—in this case, sodium chloride—closer
to the surface. Increased salinity of water near the soil surface
leads to poor plant growth, and reduces the productivity

of agricultural land that is used for grazing animals and
growing crops.

The rise in the water table has been caused by the
clearing of trees, which would otherwise have absorbed this
water through their roots. This is a particular problem in
irrigation areas due to excess irrigation water flowing down
through the soil, raising the water table even further.

One property of salt that can lead to environmental
damage is its ability to dissolve in water (Figure 5.2.10).

Reducing salinity

Many organisations and individuals are working to reduce
the salinity of soil and water. Strategies include:

* using irrigation water more efficiently
* improving drainage on the surface of the land
» improving drainage under the surface
» growing trees to soak up excess water
» sealing irrigation channels to prevent leakage.

These are long-term projects; however, reduced salinity is
already apparent in some areas.

FIGURE 5.2.10 Land that is affected by salinity.
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FORMATION OF IONIC COMPOUNDS

Some of the reactions that occur between metals and non-metals to form ionic
compounds are very vigorous. The reaction between sodium and chlorine to form
sodium chloride produces a lot of heat. Sodium is very reactive. At high temperatures,
the production of sodium chloride from sodium metal and chlorine gas is explosive,
producing a flame and large amounts of energy.

In the previous sections, you saw that the positive and negative ions formed in
this reaction are arranged in a three-dimensional lattice. In this section, you will learn
how these positive and negative ions are formed from their respective atoms. You
will also learn how the ratio of each type of atom in the compound is determined.

Forming ions

When metal atoms react with non-metal atoms to form an ionic compound, two
things occur.

¢ Metal atoms lose electrons to form positively charged ions (cations).

* Non-metal atoms gain electrons to form negatively charged ions (anions).

From Chapter 4, you will remember that most metals have lower ionisation
energies and lower electronegativities than non-metals. This means that non-metal
atoms are usually more electronegative than metal atoms. In other words, non-
metals have a stronger attraction for electrons than metals. In reactions that form
ionic compounds, non-metal atoms take one or more electrons from the outer shell
of metal atoms.

Most importantly, the ions that are formed usually have eight electrons in their
outer shell—a stable electronic configuration. The tendency for elements to react in
such a way that their atoms have eight electrons in their outer shell (valence shell)
is known as the octet rule.

The noble gases (group 18) are elements that already have the most stable
valence shell configuration. Hence, another way of thinking about the octet rule is
that atoms tend to gain or lose electrons to obtain a stable electronic configuration
identical to that of the noble gas nearest to them on the periodic table. The formation
of stable ions is a powerful driving force in reactions between metals and non-metals
when they produce ionic compounds.

For example, when sodium reacts with chlorine, each sodium atom loses one
electron and each chlorine atom gains one electron.

After the reaction:
¢ The sodium ion has the stable electron shell configuration of 2,8 (the same as a

neon atom)
¢ The chloride ion has the stable electron shell configuration of 2,8,8 (the same

as an argon atom).

Note that, for simplicity, you will look at the arrangement of electrons just in
shells of atoms (rather than in subshells).

Figure 5.2.11 illustrates how, when sodium reacts with chlorine, an electron is
lost by a sodium atom and gained by a chlorine atom. A diagram of this type is
called an electron transfer diagram.

N

nucleus ——  —
.
0.0
(:D : o

O ad GO

sodium atom chlorine atom sodium ion chloride ion
Na Cl Na* CI-
2,8,1 2,8,7 2,8 2,8,8

FIGURE 5.2.11 An electron transfer diagram showing the formation of sodium and chloride ions.

GO TO » | Section 4.3 page 129
GO TO » | Section 4.2 page 122
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when they have a valence shell
containing eight electrons. An
exception to this is lithium.
Lithium has only one electron

in the second shell, and when it
loses this, the first shell becomes
the valence shell. The first shell
can only hold two electrons, so

a lithium ion is stable with an
electronic configuration of two.
This configuration is the same as
that of the noble gas closest to it
(helium).

The reaction between lithium and oxygen atoms is illustrated in Figure 5.2.12.
In this reaction, an oxygen atom needs to gain two electrons to have eight electrons
in its outer shell and form a stable ion. For this to happen, one oxygen atom will
need to react with two lithium atoms, taking one electron from each lithium atom.

After the reaction, there are just two electrons in what is now the outer shell of
the Li* ion, which is the same as the electronic configuration of a helium atom.

O e ®

93 3

*®
)R OR
L ®
lithium atoms oxygen atom lithiumions oxide ion
Li (0] Li* o*
2,1 2,6 2 2,8

FIGURE 5.2.12 An electron transfer diagram showing the formation of lithium and oxide ions.

Electrovalencies and the periodic table

As shown in Figure 5.2.11 (page 153) and 5.2.12, ionic bonds form when there is a
transfer of electrons from metals to non-metals. The loosely held valence electrons
in metals are transferred to the more electronegative non-metal atoms.

The atoms of group 1 metals lose their single valence electron to form ions that
have an electrovalency of +1. Group 2 metals form ions that have a +2 charge,
while ions of group 3 metals have a +3 charge.

Magnesium is a metal in group 2 of the periodic table. An electron transfer
diagram for magnesium is shown in Figure 5.2.13.

loses two outer-shell

Mg (2,8,2) electrons to form

Mg?** (2.,8)

FIGURE 5.2.13 The electron transfer diagram for magnesium, showing the new electronic
configuration when the ion Mg?* is formed.

Some transition metals produce ions of various charges depending on the number
of electrons lost. For example, iron can lose two electrons to form the iron(Il) ion
(Fe?"). It can also lose three electrons to form iron(IIl) ions (Fe3*). Metals lower
down in groups 14 to 17 also have variable electrovalencies. For example, the
group 4 metals tin and lead both form ions that have a +2 charge or a +4 charge.

Non-metals in group 16 have six electrons in their valence shells. Therefore, they
gain two electrons to form anions with a charge of —2.

Group 17 non-metals have seven electrons in their valence shell. They readily
gain one electron to fill the valence shell according to the octet rule. This means they
form anions with a charge of —1.

Group 18 elements have a filled stable outer shell of electrons and do not
form ions.

The electrovalencies of the main elements are summarised in the periodic table
shown in Figure 5.2.14.

MODULE 1 | PROPERTIES AND STRUCTURE OF MATTER



group I 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16 17 18

transition metals
(variable electrovalencies)

- s-block metals - transition metals -p-block metals
- metalloids - non-metals I:I noble gases

FIGURE 5.2.14 Electrovalencies of the elements. Note that some transition metals form ions of
variable charge.

*The lower metals in groups 14 to 17 also produce ions that have variable electrovalencies.

0 When an atom loses electrons, it becomes more positively charged because the
number of protons no longer equals the number of electrons. The ion formed is
written with a superscript + sign indicating the charge. If two electrons are lost,
it is written as 2+. When an atom gains electrons, becoming an anion, it becomes
negatively charged. This is written with a superscript —. If three electrons are
gained, the charge is written as 3— in superscript.

FORMULAE OF IONIC COMPOUNDS

You have seen that ionic compounds contain oppositely charged ions that are
arranged in three-dimensional lattices. The ions can have different charges. For
example, aluminium forms ions with a +3 charge, whereas oxygen forms an ion
with a =2 charge.

In this section, you will learn how to use your knowledge of the charges on ions
to write an overall formula for an ionic compound. You will also learn how to name
ionic compounds.

Writing the formula of an ionic compound

Because ionic compounds are electrically neutral, the total number of positive
charges on the metal ions must equal the total number of negative charges on the
non-metal ions. This is the most important guiding principle when you are trying to
work out the formula of an ionic compound.
This can be seen with the formula of the ionic compound sodium chloride:
¢ A sodium ion (Na‘*) has a +1 charge.
e A chloride ion (CI") has a —1 charge.
e Therefore, in a crystal of sodium chloride, the ratio of sodium ions to chloride
ions is 1:1 and the formula of sodium chloride is NaCl.
Using the same steps, you can work out the formula of magnesium chloride:
* A magnesium ion (Mg?*) has a +2 charge.
¢ A chloride ion (CI") has a —1 charge.
e Thus, in a crystal of magnesium chloride, two chloride ions are needed to
provide two negative charges to balance the +2 charge on every magnesium ion.
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Therefore, in a crystal of magnesium chloride, the ratio of magnesium ions to

chloride ions is 1:2 and the formula of magnesium chloride is MgClL,.

Figure 5.2.15 illustrates how the formulae of some other ionic compounds can
be determined.

aluminium fluoride, AIF,

© 000 -~

total of three
negative charges

total of three
positive charges

copper(ll) nitride, Cu,N,

©00 00 -

total of six
negative charges

total of six
positive charges

FIGURE 5.2.15 How to deduce chemical formulae from the charges on ions.

Tables 5.2.3 and 5.2.4 list some of the more common positively and negatively
charged ions. These will be useful when you are writing formulae for ionic compounds.

TABLE 5.2.3 Names and formulae of some common cations

caesium, Cs*
copper(l), Cu*t
gold(l), Au*
lithium, Li*
potassium, K*
rubidium, Rb*
silver, Ag*
sodium, Na*

barium, Ba2+ aluminium, Al3+ lead(lV), Pb**
cadmium(ll), Cd2* chromium(lll), Cr3+ tin(lV), Sn**
calcium, Ca?* gold(lll), Au*

cobalt(ll), Co?* iron(lll), Fe3*

copper(ll), Cu?*
iron(ll), Fe?*

lead(ll), Pb2*
magnesium, Mg+
manganese(ll), Mn2*
mercury(ll), Hg?
nickel(ll) Ni2+
strontium, Sr2*
tin(ll), Sn2+

zinc, Zn?*

TABLE 5.2.4 Names and formulae of some common anions

bromide, Br-
chloride, CI-
fluoride, F~
jodide, I~
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Rules for writing ionic formulae

Here are some simple rules to follow when you are writing chemical formulae:
¢ Write the symbol for the positively charged ion first.
e Use subscripts to indicate the number of each ion in the formula. Write the
subscripts after the ion they refer to.
o If there is just one ion present in the formula, omit the subscript ‘1°.
¢ Do not include the charges on the ions in the balanced formula.
Tonic formulae show the simplest ratio of the positive to negative ions present in
an ionic compound.
These rules are illustrated in Figure 5.2.16.

The symbol for the positive Charges on the ions are not
ion is written first. included in the formula.
Mg(Cl,
No subscript is used if the Subscripts show the numbers
number of the type of ion = 1. of each type of ion.

FIGURE 5.2.16 This diagram summarises the information provided by a chemical formula.

Worked example 5.2.1
WRITNG A CHEMICAL FORMULA

Determine the chemical formula of the ionic compound formed between zinc
and nitride ions. You may need to refer to Tables 5.2.3 and 5.2.4.

Thinking Working

Write the symbol and charge of the two ions forming the ionic | Zn2* and N3-
compound.

Calculate the lowest common multiple of the two numbers in 2x3=6
the charges of the ions.

Calculate how many positive ions are needed to equal the three Zn?* ions
lowest common multiple.

Calculate how many negative ions are needed to equal the two N3-ions
lowest common multiple.

Use the answers from the previous two steps to write the ZngN,
formula for the ionic compound. Write the symbol of the
positive ion first.

(Note that 1 is not written as a subscript.)

Worked example: Try yourself 5.2.1
WRITING A CHEMICAL FORMULA

Determine the chemical formula of the ionic compound formed between barium
and fluoride ions. You may need to refer to Tables 5.2.3 and 5.2.4.
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name for the acetate ion is
ethanoate. The common name
for the hydrogen carbonate ion is
bicarbonate.

As you have seen above, simple ions contain only one atom. However, other
ions, such as the sulfate ion (SO 42‘), contain two or more atoms, which may be of
different elements. These ions are called polyatomic ions.

In polyatomic ions:

if different elements are present, then they are combined in a fixed ratio
the group of atoms behaves as a single unit with a specific charge

subscripts are used to indicate the number of each kind of atom in the ion.

For example, a carbonate ion (CO3Z‘) contains one carbon atom and three
oxygen atoms combined together to form an ion. The carbonate ion has a
charge of —2. Other polyatomic ions are nitrate (NO,"), hydroxide (OH") and
phosphate (PO 43‘). The formulae of a number of polyatomic ions can be seen
in Table 5.2.5.

TABLE 5.2.5 Common polyatomic cations and anions

ER ES C R ER

ammonium, acetate (ethanoate), CH;COO~ carbonate, CO32‘ phosphate,
NH,* cyanide, CN- chromate, CrO,2- RORS

dihydrogen phosphate, H,PO,~  dichromate, Cr,0,2-

hydrogen carbonate, HCO,~ hydrogen phosphate, HPO,2-

hydrogen sulfide, HS- oxalate, 02042‘

hydrogen sulfite, HSO,~ sulfite, SO,

hydrogen sulfate, HSO,,~ sulfate, SO,2

hydroxide, OH-

nitrite, NO,~

nitrate, NO,~

permanganate, MnO,

ﬂ Polyatomic ions are ions that are made up of two or more atoms that have an
overall charge. The atoms are often of different types. They need to be written
within brackets if there is more than one of a type of polyatomic ion present in
an ionic compound. Subscripts are used to indicate the ratio of the ions in the
crystal lattice.

If more than one polyatomic ion is required in a formula to balance the charge,
then it is placed in brackets with the required number written as a subscript after the
brackets. Some examples are:

* magnesium nitrate, Mg(NO,),
* aluminium hydroxide, AI(OH),
* ammonium sulfate, (NH,),SO,.

Note that brackets are not required for the formula of sodium nitrate, NaNO,,
as there is only one NO,™ ion present for each sodium ion.
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The formulae of two other ionic compounds containing polyatomic ions are

shown in Figure 5.2.17.

(a) Magnesium nitrate, Mg(N03)2

— Mg(NO,),
g/g
total of two B

L
positive charges

total of two
negative charges

(b) Iron(lll) sulfate, Fe(SO,),

> 0 _0.
O:-00:-:00:0
i @ @ @
total of six K

positive charges

total of six
negative charges

FIGURE 5.2.17 The chemical formulae of the ionic compounds (a) magnesium nitrate and (b) iron(lll)
sulfate, which contain polyatomic ions.

NAMING IONIC COMPOUNDS

There are some basic conventions that chemists use when naming ionic compounds.

The name of a positively charged metal ion (cation) is the same as the name of
the metal. For example, the cation of a sodium atom is called a sodium ion; the
cation of an aluminium atom is an aluminium ion.

For simple non-metal ions (anions), the name of the ion is similar to that of the
atom, but ends in ‘-ide’. For example, the anion of the chlorine atom is chloride;
the anion of the oxygen atom is oxide.

For polyatomic anions containing oxygen, the name of the ion will usually end
in ‘-ite’ or ‘-ate’. For example, the NO,~ ion is called a nitrite ion; the NO, ™ ion is
called a nitrate ion. (For two different ions of the same element with oxygen, the
name of the ion with the smaller number of oxygen atoms usually ends in ‘-ite’
and the one with the larger number of oxygen atoms ends in ‘-ate’.)

For compounds of metal with ions of variable electrovalencies, you need to

specify the charge on the ion when naming the compound. This is done by placing
a Roman numeral immediately after the metal in the name of the compound.
For example:

FeCl, contains the Fe?* ion and is named iron(II) chloride
FeCl, contains the Fe3* ion and is named iron(II) chloride.

0 Some transition metals can form ions with variable electrovalencies. To indicate
the charge on the metal, write a Roman numeral in brackets immediately after
the metal in the name of the compound.
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5.2 Review

lonic compounds form a crystal lattice made up
of metals and non-metals.

The particles that make up the crystal lattice are
cations and anions. Cations are positive ions and
anions are negative ions.

The three-dimensional lattice is held together
strongly by electrostatic forces of attraction
between the cations and the anions. The
electrostatic forces of attraction are called

ionic bonding.

lonic compounds are hard and have high
melting and boiling points. They are solids

at room temperature because of the strong
forces of attraction between the positively and
negatively charged ions in the ionic lattice. A lot
of energy is required to overcome these forces
of attraction.

When an ionic compound is hit, the ions move
within the lattice so that like-charged ions line
up opposite each other and then repel, causing
the lattice to be disrupted. This makes ionic
compounds brittle.

lonic compounds do not conduct electricity in
the solid state. Although the solid ionic lattice
contains charged particles, the particles are
locked in place by strong electrostatic forces of
attraction and are not free to move.

When ionic compounds are added to water or
are in molten form, the charged particles are
free to move, which means they can conduct
electricity.

In water, ionic compounds vary from very
soluble to insoluble. The solubility depends on
whether the forces between the water molecules
and the ions in the lattice are strong enough to
pull the ions out of the lattice.

lonic compounds are useful because of their
physical properties such as hardness and high
melting points.

Metals have lower electronegativities than
non-metals.

During the formation of ionic compounds, metal
atoms lose electrons to form positively charged
ions (cations).
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During the formation of ionic compounds, non-
metal atoms gain electrons to form negatively
charged ions (anions).

The ions present in an ionic compound have a

stable electronic configuration identical to that

of the noble gas nearest to them on the periodic
table.

The charge of an ion is called its electrovalency.

When an ionic compound is formed from

positively charged metal ions and negatively

charged non-metal ions, the ions combine in
proportions that produce an ionic compound
with an overall zero charge.

lons that contain two or more atoms of different

elements are called polyatomic ions.

When writing formulae of ionic compounds:

- the total number of positive charges on the
metal ions must equal the total number of
negative charges on the non-metal ions

- the symbol for the positively charged ion is
written first

- subscripts are used to indicate the number of
each ion in the formula

- the charges on the ions are not included in
the balanced formula

- if a chemical formula contains more than
one polyatomic ion, the formula of the ion is
placed in brackets with the number of ions
written as a subscript after the brackets

- for metals that form ions with different
charges, the charge on the ion is shown by
placing a Roman numeral after the name of
the metal.

When naming ionic compounds, the following

rules apply.

- The name of the metal ion is the same as the
name of the metal.

- Simple non-metal ions take the name of the
atom, but end in ‘-ide’.

- Polyatomic anions containing oxygen usually
end in ‘-ite’ or ‘-ate’.



KEY QUESTIONS

1 Some properties of four different substances are 7 Use the information in Tables 5.2.3 and 5.2.4 on

described below. Which substance is most likely to be
an ionic compound?

page 156 to name the ionic compounds with the
following formulae:

A Substance A has a melting point of 842°C and a KCI
conducts electricity at 700°C. b CaO

B Substance B has a melting point of 308°C. It does ¢ MgS
not conduct electricity at 250°C but will conduct d K,0
electricity at 350°C. e NaF

C Substance C has a melting point of 180°C and can
be drawn into a wire.

D Substance D is a white solid that melts at 660°C
and will not conduct electricity at 700°C.

Sodium chloride does not conduct electricity in the

solid state, but does when molten (liquid).

a How could you use Figure 5.2.7 on page 150 to
explain why solid sodium chloride does not conduct
electricity?

b Explain why molten sodium chloride conducts
electricity.

Why do ionic compounds have such high melting and

boiling points?

Use diagrams similar to Figure 5.2.11 on page 153 to

show the formation of ions in the reactions between:

a potassium and fluorine

b magnesium and sulfur

¢ aluminium and fluorine

d sodium and oxygen

e aluminium and oxygen.

Explain why potassium chloride has the formula KClI,

whereas the formula of calcium chloride is CaCl.,.

Use the information in Tables 5.2.3 and 5.2.4 on

page 156 to write formulae for the following ionic

compounds:

a sodium chloride

b potassium bromide

¢ zinc chloride

d potassium oxide

e barium bromide

f aluminium iodide

g silver bromide

h zinc oxide

i barium oxide

j aluminium sulfide

8 Use the information in Table 5.2.3 on page 156 and
Table 5.2.5 on page 158 to write formulae for the
following ionic compounds:

sodium carbonate

barium nitrate

aluminium nitrate

calcium hydroxide

zinc sulfate

potassium hydroxide

potassium nitrate

zinc carbonate

potassium sulfate

barium hydroxide

b 1 U ¢ T = T 2 T = i 1}
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5.3 Covalent bonding

PROPERTIES OF COVALENT SUBSTANCES

In Section 5.1, you saw that the bonding between atoms in metallic elements is called
metallic bonding. When metal atoms combine with atoms of non-metallic elements,
the compounds contain another form of bonding, ionic bonding (Section 5.2). In this
section, you will look at the chemical bonding that occurs when atoms of non-metals
combine with each other. Non-metallic elements have higher electronegativities and
ionisation energies than metallic elements. When non-metallic atoms combine, they
achieve the stable electron configuration of noble gases by sharing electrons. The
bond formed by electron sharing is called a covalent bond.

Examples of covalent compounds

Although there are fewer non-metals than metals in the periodic table, the atoms of
non-metals form a much larger number of compounds than metals. The locations
of non-metallic elements in the periodic table are shown in pink and yellow in
Figure 5.3.1. The group 18 elements are inert and do not readily form bonds.

group 1 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16 17 18

- s-block metals - transition metals -p—block metals
. metalloids . non-metals I:I noble gases

FIGURE 5.3.1 The location of non-metals in the periodic table is shown in pink and yellow.
The group 18 elements are inert.

Wiater, carbon dioxide, caffeine, sugar and cooking oil are just a few examples of
common compounds formed from non-metals. Most covalent substances consist of
molecules. A molecule is a discrete (individually separate) group of atoms bonded
together by covalent bonds. A molecule has a known formula that indicates the
exact number of atoms of each element present in the molecule. Some elements
exist as molecules. The element oxygen, for example, forms O, molecules consisting
of two oxygen atoms held together by a covalent bond. Many compounds are also
molecular. A water molecule (H,0) contains covalent bonds joining two hydrogen
atoms to an oxygen atom.
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Properties of covalent elements and compounds

The properties of compounds formed by non-metallic elements can tell you a lot
about their chemical structures. Table 5.3.1 lists some of the properties of a range of
common covalent substances.

TABLE 5.3.1 Properties of some common covalent substances

Melting Boiling Conducts Conducts
point (°C) point (°C) | electricity as electricity as a
a solid? liquid?
ammonia NH, no no
laughing gas N,O -90 -88 no no
water H,0 0 100 no no
paraffin wax CyHes 37 370 no no
oxygen 0, -219 -183 no no

From Table 5.3.1, you can see that the covalent substances ammonia, laughing
gas, water, paraffin wax and oxygen have low melting points and do not conduct
electricity in either the solid or liquid states. Solid covalent compounds such as wax
are soft and can easily be molded into different shapes.

Two conclusions that can be drawn from these properties about bonding in
covalent compounds are shown in Figure 5.3.2.

Property
very low melting points and absence of electrical
boiling points conductivity in any phase
Conclusion
Some of the bonding in covalent Covalent compounds do not
substances must be weak. contain ions or delocalised electrons.

FIGURE 5.3.2 These conclusions can be drawn from the properties of covalent substances.

You can gain further insight into the chemical structure of covalent substances by
considering what happens when you boil water in a beaker. Figure 5.3.3 shows that each
water molecule contains two hydrogen atoms bonded to one oxygen atom. Between
the water molecules are weak bonds holding the molecules close to one another.

=y ~

Water in a beaker contains two types of bonds:
1. the bonds between hydrogen and oxygen atoms within each water molecule
2. the bonds holding one molecule of water to another.

FIGURE 5.3.3 This representation shows the bonds between molecules of water in a beaker.
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When water boils, the weak bonds between molecules are broken. However, the
water molecules do not separate into hydrogen and oxygen atoms. Rather, as shown
in Figure 5.3.4, the water vapour that is formed still contains molecules in which
two hydrogen atoms are bonded to one oxygen atom. This indicates that liquid
water must contain more than one form of bonding.

SKILLBUILDER

Use of Latin and
Greek words in

@ ) ————— Water particles in steam are still
1 (8] H,O and not hydrogen and oxygen
science 3N Q 9 - gas. Therefore, the bonds in the
Science is an international molecule are unchanged.

endeavour. To promote a common
understanding of concepts, some
language conventions are employed.
For example, while the names of
elements discovered many years
ago have unique names in different
languages (element 11 is sodium

in English, but natrium in Dutch,
from the original Latin), the element
symbols are the same (element 11
is always Na).

When water boils, the bonds
between one H,0 molecule and
its neighbouring H,0 molecules
are broken.

As modern languages are evolving, FIGURE 5.3.4 Changes occur to the bonding in water when it starts to boil.

. science continues to use words from
. ‘dead’ languages like Latin and Greek
: (Tables 5.3.2 and 5.3.3). These words
' are not changed when they are used
E by speakers of different modern

' languages, meaning communication

' is clearer and easier as scientists

The bonds between the hydrogen and oxygen atoms within water molecules are
referred to as intramolecular bonds, and the bonds between water molecules are
referred to as intermolecular bonds.

The intramolecular bonds between the hydrogen and oxygen atoms in water
molecules are strong compared with the intermolecular bonds between the water
molecules. It is the intermolecular bonds that are broken when molecular substances
such as water boil or melt. This allows the molecules to separate from one another,
while the atoms within the molecules remain bound to each other. A temperature of
over 2000°C is required for breaking up the water molecule into individual oxygen
and hydrogen atoms. The intermolecular bonds between the molecules in liquid
water are broken when water boils at 100°C.You can see that it takes more energy to
break the intramolecular bonds between the hydrogen and oxygen atom in a water
molecule than it does to break the intermolecular bonds between water molecules.

COVALENT BONDING

This section examines a series of simple molecules to help you to understand
the concept of a covalent bond, which is formed when non-metallic atoms share

have a common vocabulary.
Sometimes the meanings of the
Latin and Greek words are adapted
for modern use, because the
ancients obviously didn’t understand
all the things we do now.

TABLE 5.3.2 Examples of Latin terms in
scientific use

[ e

intra- within Eg;a:jmolecular electrons. Using your knowledge of the valence shell electron arrangements of

inter- [ — - — non-metallic atoms, you will be able to predict the molecules that different elements
among  bond can form.

in vitro in glass  in vitro In the previous section, you learnt that many atoms become more stable if they

fertilisation gain an outer shell of eight electrons by combining with other atoms (the octet rule).

in vivo in life The experiment Commonly, when atoms of non-metals combine, electrons are shared so that

}z:]aji\f)oe.rformed each atom has eight electrons in its outer shell. Molecules formed in this way are

more stable than the separate atoms.

Non-metallic atoms have a relatively high number of electrons in their outer
shells, and they tend to share rather than to transfer electrons. Covalent bonding
occurs when electrons are shared between atoms.

TABLE 5.3.3 Examples of Greek terms in
scientific use

et o Leompi

mono-, one, single carbon S|ng|e covalent bonds
mon- monoxide

. : When atoms share two electrons, one from each atom, the covalent bond formed
di- two, double dipolar bond . 1 inel ) ¢ 1 singl
helios sun heliocentric is called a Islmg e covalen}tﬂb(?nd. Two examples of substances that contain single
e seed P —— bonds are hydrogen and chlorine.

164 MODULE 1 | PROPERTIES AND STRUCTURE OF MATTER



Example 1: Hydrogen

Hydrogen atoms have one electron. The valence shell for a hydrogen atom can hold
a maximum of two electrons. A hydrogen atom can bond to another hydrogen atom
to form a molecule of H,, as shown in Figure 5.3.5.

€

hydrogen hydrogen hydrogen
atom atom molecule

FIGURE 5.3.5 A covalent bond is formed when two hydrogen atoms share two electrons—one from
each atom.

In the molecule that is formed:

* two hydrogen atoms share two electrons, one from each atom, to form a single
covalent bond

¢ the atoms of hydrogen are now strongly bonded together by two electrons (an
electron pair) in their outer shells.

The hydrogen molecule can be represented as H,. Molecules that contain two
atoms are called diatomic molecules.

Two alternative ways of representing a hydrogen molecule are shown in
Figure 5.3.6.

In a hydrogen molecule, the electron in each atom is attracted to the proton
within the neighbouring atom, as well as to their own proton. This means the two
electrons will spend most of their time between the two nuclei instead of orbiting
their own nuclei. Even though the protons in the two nuclei still repel each other
(remember, like charges repel), the electrostatic attraction between the electrons
and protons keeps the molecule held together.

This model of a hydrogen molecule is consistent with the observed properties of
hydrogen gas. The covalent bonds in the molecules are strong, but the intermolecular
forces in hydrogen (the attractions between one molecule and the surrounding
molecules) are weak; therefore, hydrogen has a low melting temperature of —259°C.
Hydrogen does not conduct electricity as it does not contain ions or delocalised
electrons.

Example 2: Chlorine

A chlorine atom has an electronic configuration of 2,8,7. It requires one more
electron to achieve eight electrons in its outer shell. (Note that throughout this
section, shell-model electronic configurations and diagrams are used to represent
the electron arrangement in atoms as simply as possible. The inner shell electrons
are not shown as only the outer shell electrons are involved in bond formation.) One
chlorine atom can share an electron with another chlorine atom to form a molecule
of chlorine with a single covalent bond. As a result, both atoms gain outer shells
containing eight electrons as shown in Figure 5.3.7. This example illustrates the
octet rule.

(- (O-CED

FIGURE 5.3.7 Two chlorine atoms share one electron each to form a chlorine molecule. Note that
only outer-shell electrons are usually shown in these diagrams.

@ H——H ® g n

A single covalent bond can be
indicated by a straight line.

FIGURE 5.3.6 A hydrogen molecule can be
represented by (a) a valence structure or (b) a
Lewis dot diagram.

0 A covalent bond is formed
from the electrostatic attraction
between shared electrons and the
nuclei of the atoms involved in
the bond.
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lone pairs
of electrons

(@ (b)

X X o0 o0 o0
xCl &, Cls eCl—Cle
X X k ./ LN )
bonding pair

of electrons

FIGURE 5.3.8 Two ways of representing the
chlorine molecule. They show the outer-shell
electrons only. (a) Lewis dot diagrams. The
electrons can be represented by either dots

or crosses. (b) In a valence structure, lines are
used to represent pairs of electrons involved in
bond formation.

€) (b)
X [ ] ()
*0xe0°¢ 0=—0

X)( X e .O °
FIGURE 5.3.10 (a) The Lewis dot diagram
shows that O, has a double covalent bond. Four
electrons are shared, and each oxygen has two
non-bonding electron pairs. (b) The valence
structure shows the double bond as two
parallel lines.

(a) iNizN: (b) :NEN:

FIGURE 5.3.12 (a) The Lewis dot diagram shows
that N, has a triple covalent bond. (b) The
valence structure shows the triple bond as three
parallel lines.
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Lewis dot diagrams

Chemists often use Lewis dot diagrams (also known as electron dot diagrams)
and valence structures to simplify the drawing of molecules.

Lewis dot diagrams show the valence shell electrons of an atom because only
these electrons are involved in bonding. The Lewis dot diagram also allows you
to distinguish between bonding electrons and non-bonding electrons. A chlorine
molecule has one pair of bonding electrons. The outer-shell electrons that are not
involved in bonding are called the non-bonding electrons. Each chlorine atom
has six non-bonding electrons, present as three pairs of electrons. Pairs of non-
bonding electrons are known as lone pairs.

In the valence structures used in this section, the non-bonding electrons are
represented as dots, and each pair of electrons involved in the formation of a
covalent bond is represented by a single line. Figure 5.3.8 shows the Lewis dot
diagram and valence structure for a molecule of chlorine. It is easy to see that each
chlorine atom in the molecule has eight electrons in its outer shell. The electrons in
a Lewis dot diagram can be represented by either dots or crosses.

Double covalent bonds

In a double covalent bond, two pairs of electrons (four electrons in total) are
shared between the atoms, rather than just one pair.

The oxygen molecule contains a double covalent bond. The electronic
configuration of an oxygen atom is 2,6. Each oxygen atom requires two electrons
to gain a stable outer shell containing eight electrons. Therefore, when two oxygen
atoms bond with each other, each atom shares two electrons.

In Figure 5.3.9, each oxygen atom in the molecule now has eight outer-shell
electrons: four bonding electrons and four non-bonding electrons.

O -0

FIGURE 5.3.9 In oxygen molecules, each oxygen atom contributes two electrons to the bond.

Figure 5.3.10 shows two different ways of representing the oxygen molecule:
the Lewis dot diagram and the valence structure of an oxygen molecule.

Triple covalent bonds

A triple covalent bond occurs when three electron pairs are shared between two
atoms. The nitrogen molecule contains a triple bond. The electronic configuration
of nitrogen is 2,5. A nitrogen atom requires three electrons to achieve eight electrons
in its outer shell. When it bonds to another nitrogen atom, each atom contributes
three electrons to the bond that forms (Figure 5.3.11) and two different ways of
representing the molecule are shown in Figure 5.3.12.

SRS D

FIGURE 5.3.11 Nitrogen atoms contribute three electrons each to form a triple covalent bond in a
molecule of N,

"The triple covalent bond in nitrogen gas (IN,) is relatively strong and not easily
broken. This means that nitrogen gas is relatively unreactive.
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MOLECULAR COMPOUNDS

A diatomic molecule contains two atoms. The molecules discussed so far have been
diatomic molecules containing atoms of the same element.

Covalent bonds can also form between atoms of different elements. Hydrogen
chloride (HCI) is a simple example (Figure 5.3.13). A hydrogen atom requires one
electron to gain a stable outer shell, as does a chlorine atom. They can share an
electron each and form a single covalent bond.

FIGURE 5.3.13 A pair of electrons is shared in the formation of a molecule of HCI.

Polyatomic molecules

If the atoms of one element have a different number of valence electrons from atoms
of the element it is bonding with, the molecule that is formed may not be a diatomic
molecule. Molecules made up of more than two atoms are called polyatomic
molecules. Two examples of polyatomic molecules are water and methane.

Example 1: Water

When a compound forms between hydrogen and oxygen, an oxygen atom shares
two electrons and a hydrogen atom shares one. To resolve this imbalance, two
hydrogen atoms each share one electron with an oxygen atom.

As you can see in Figure 5.3.14, a water molecule contains:
e two single covalent bonds, each containing a shared electron pair
¢ four non-bonding electrons on the oxygen atom.

Example 2: Methane

When a compound forms between carbon and hydrogen, four hydrogen atoms
are needed for providing the four electrons required to have eight electrons in the
outer shell of a carbon atom (Figure 5.3.15). The molecule formed has a chemical
formula of CH, and is called methane.

Worked example 5.3.1
DRAWING LEWIS DOT DIAGRAMS

H{OSH

FIGURE 5.3.14 A water molecule has two single
covalent bonds. Electrons are represented here
simply by dots.

H

HSCSH

H

FIGURE 5.3.15 In a methane molecule, a carbon
atom shares one electron with each of four
hydrogen atoms to gain eight electrons in its
outer shell.

Draw a Lewis dot diagram of methane (CH)).

Thinking Working

Write the electronic configuration of
the atoms in the molecule.

C—electronic configuration: 2,4
H—electronic configuration: 1

Determine how many electrons each
atom requires for a stable outer shell.

C requires 4 electrons.
H requires 1 electron.

Draw a Lewis dot diagram of the likely
molecule, ensuring that each atom

has a stable outer shell. Any electrons H
not involved in bonding will be in non- oo
bonding (lone) pairs.

Draw a Lewis dot diagram of the
molecule.
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Worked example: Try yourself 5.3.1
DRAWING LEWIS DOT DIAGRAMS

Draw a Lewis dot diagram of ammonia (NH,).

NAMING COVALENT COMPOUNDS

To avoid confusion, chemists use a set of common rules when naming covalent

compounds and writing their formulae. A simplified version of these rules is

provided below.

e The least electronegative element is named first. These are found to the left in
the periodic table and lower down the groups.

¢ The name of the second element in a covalent compound is modified by adding
an ‘ide’ to the end of its name.

Table 5.3.4 lists the prefixes used to indicate the number of atoms of each
element present in the molecule. The exception is the prefix mono- which is not
used if the first element only has one atom in its molecule.

Some prefixes end in an ‘a’ or an ‘0’. These letters are dropped when the name
of the element starts with a vowel. For example, in the case of CO, carbon monoxide
rather than carbon monooxide is used.

The compounds listed in Table 5.3.5 illustrate how these rules are used to name
different oxides of nitrogen.

By convention, the common names of some compounds that contain hydrogen
are used instead of the compound name. These compounds include water (H,O),
ammonia (NH,;), methane (CH,) and hydrogen sulfide (H,S). Hydrogen is always
placed first when naming the hydrides of group 17 elements such as hydrogen
chloride (HCI).

GO TO » | SkillBuilder page 164  TABLE5.3.4 Prefixes used in the names of TABLE 5.3.5 Naming the oxides of nitrogen
covalent compounds.

e CE T
NO

nitrogen monoxide

1 mono

NO, nitrogen dioxide
2 di

N,O dinitrogen oxide
3 tri

N,O4 dinitrogen trioxide
4 tetra

N,0, dinitrogen tetroxide
5 penta

N,Og dinitrogen pentoxide
6 hexa
CHEMFILE

Dihydrogen monoxide

There is a movement to ban dihydrogen monoxide—an odourless, colourless liquid that
has been known to cause corrosion of metals. It is found in acid rain, industrial pollution
and is even linked to global warming. Excessive consumption of dihydrogen monoxide
can cause bloating, nausea and even death.

Looking at the name dihydrogen monoxide, you should be able to work out that its
chemical formula is H,0—plain old water! The movement to ban dihydrogen monoxide
is a longstanding joke on the internet, and plays on the general population’s lack of
understanding of chemistry and scientific language.

So do not be fooled when someone asks you to sign a petition to ban dihydrogen
monoxide. You might just be supporting the ban of something that is vital for
your survival.
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ALLOTROPES

Some elements can exist with their atoms in several different structural arrangements,
called allotropes. In different allotropes, the atoms are bonded to each other in
different, specific ways that give them a particular physical form and significantly
different properties compared with other allotropes of the same element.

Allotropes of oxygen

Oxygen forms allotropes. Oxygen gas consists of diatomic molecules with the
formula O,. Each oxygen atom in this arrangement is bound to one other oxygen
atom. Ozone is another molecule containing only oxygen. Ozone molecules have
the formula O, and consist of a central oxygen atom bound to two other oxygen
atoms. Figure 5.3.16 shows the structure of these two molecules. Due to its different
bonds, an ozone molecule is less stable than an oxygen molecule.

Allotropes of phosphorus

Phosphorus has three main allotropes—white phosphorus, red phosphorus and
black phosphorus (Figure 5.3.17).

S_

&=

FIGURE 5.3.17 The three allotropes of phosphorus—uwhite, red and black phosphorus.

White phosphorus is made up of molecules with the formula P, (Figure 5.3.18).
It has the appearance of a white, waxy solid, is highly flammable and can self-ignite
when it comes into contact with air.

The structure of red phosphorus consists of P, molecules joined together to
form a chain of repeating units (Figure 5.3.19). In general, this type of structure is
called a polymer. Red phosphorus is made by heating white phosphorus to 300°C.
It is more stable than white phosphorus, so will not ignite until the temperature

reaches above 240°C.

Q—=—9-0——9
Q Q

FIGURE 5.3.19 The structure of red phosphorus.

0 Allotropes are different forms of
the same element.

%O\

0—=0 0

0}

FIGURE 5.3.16 Oxygen and ozone are two
molecules that contain only oxygen atoms.

Q

e J
Q

FIGURE 5.3.18 A molecule of white phosphorus.
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The most stable allotrope of phosphorus is black phosphorus. Black phosphorus
is produced through heating white phosphorus under very high pressures. As
shown in Figure 5.3.20, each phosphorus atom is bonded to three other phosphorus
atoms, forming a covalent layer network (you will learn more about covalent layer
networks in Section 5.5). The forces between layers are weak. Due to their similar
structures, both black phosphorus, and graphite have similar properties, such as
being hard but flaky solids.

FIGURE 5.3.20 The structure of a layer of black phosphorus. Each phosphorus atom is strongly
WS Ws bonded to three other phosphorus atoms, forming a covalent layer network.

1.7 1.8
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5.3 Review

Non-metallic elements and compounds usually have
low boiling points and do not conduct electricity.

In general, non-metallic elements and compounds do
not conduct electricity because they do not contain
free-moving charged particles (neither delocalised
electrons nor ions).

Many non-metallic elements and compounds are
composed of molecules. Molecules are discrete
groups of atoms of known formula, bonded together.
The atoms in non-metallic molecules are held
together by covalent bonds.

A covalent bond involves the sharing of electrons.
Covalent bonds form between non-metallic atoms,
often enabling the atoms to gain outer shells
containing eight electrons (except hydrogen, which
gains an outer shell containing two electrons).

A single covalent bond forms when two atoms share
a pair of electrons.

A double covalent bond forms when two atoms share
four electrons.

KEY QUESTIONS

How many covalent bonds are formed between atoms
in these diatomic molecules?

a H,

b N,

c O,

dF,

Draw Lewis dot diagrams for each of the following
molecules: fluorine (F,), hydrogen fluoride (HF), water
(H,0), tetrachloromethane (CCl,), phosphine (PH,),
butane (C,H,,), carbon dioxide (CO,).

What is the maximum number of covalent bonds an
atom of each of the following elements can form?

F

0
N
C
H

- 0 Qo 0o T

Ne

When oxygen forms covalent molecular compounds
with other non-metals, the valence structures that
represent the molecules of these compounds all show

A triple covalent bond forms when two atoms share
six electrons.

Outer-shell electrons that are not involved in bonding
are called lone pairs.

Lewis dot diagrams show the valence electron
arrangements of atoms in a molecule.

Allotropes are different physical forms of the same
element. Allotropes differ due to differences in the
way atoms are bonded within their structures.

A number of elements exist in different forms.
Oxygen has two main allotropes—diatomic oxygen
(0,) and ozone (O,).

White, red and black phosphorus are the three
main allotropes of phosphorus. White phosphorus
is made up of molecules of P,, red phosphorus

is a polymer, and black phosphorus is a covalent
layer network. The different structures result in
the different properties of the three allotropes of
phosphorus.

each oxygen atom with two lone pairs of electrons.
Why are there always two lone pairs?

Suggest the most likely formula and name of the
compound formed between the following pairs of
elements.

a C,ClI

b N, Br

c Si,0

d H F

e PF

Explain why covalent compounds do not conduct
electricity in either the solid or liquid states.

a Describe how the octet rule can be used to explain

the formation of bonds between non-metallic atoms.

b Explain why hydrogen is an exception to the octet
rule.

a What is meant by the term allotrope?

b Name two allotropes of:
i oxygen
ii phosphorus.
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FIGURE 5.4.1 Water (H,0) molecules have a
distinctive shape that is responsible for many
of the properties of water. The valence-shell
electron-pair repulsion theory accurately
predicts the shape of water molecules.

H
Xe
HXC3H

oX

H

FIGURE 5.4.2 This Lewis dot diagram of a
methane (CH,) molecule shows the four electron
pairs surrounding the central carbon atom.

5.4 Intermolecular forces

Covalent molecular substances have a much greater range of properties than ionic
or metallic substances. Unlike ionic or metallic substances, they can be solids,
liquids or gases at room temperature. Covalent molecular substances can be hard or
soft, flexible or brittle, sticky or oily—almost any consistency. This broad range of
properties means that they have a vast number of uses.

The properties of covalent molecular substances are the result of two
main types of bonding—the strong covalent bonds inside the molecules,
and the much weaker bonds between molecules. The bonds within a molecule are
called intramolecular bonds, and the bonds between molecules are referred to as
intermolecular bonds. In the previous section, you learned about the origin and
nature of the strong intramolecular bonds in covalent molecules. In this section
you will learn about the weaker intermolecular forces that exist between molecules
and how these determine physical properties such as hardness, melting point and
boiling point.

By the end of this section, you will know how intermolecular forces determine
many of the physical properties of covalent molecular substances. You will become
familiar with the valence-shell electron-pair repulsion (VSEPR) theory and
use the theory to predict the shape and polarity of molecules. You will then use these
predictions to draw conclusions about the nature of the bonding between molecules.

In addition, you will learn to identify intermolecular forces such as dipole—dipole
forces, hydrogen bonding and dispersion forces. Finally, you will examine the
factors that influence the strength of these intermolecular forces.

SHAPES OF MOLECULES

The shapes of molecules are critical in determining many physical properties of
covalent molecular substances. In particular, molecular shape affects melting point,
boiling point, hardness and solubility. This is because the shape of a molecule
determines how it interacts with other molecules.

For very large molecules, such as DNA, proteins and enzymes, shape plays a
key role in how they behave chemically and biologically. For example, the twisted
double helix of DNA allows the molecule to coil up tightly so that it fits inside the
nucleus of a cell.

To understand the shape of large molecules like DNA, scientists use complex
techniques such as X-ray crystallography or powerful computer simulations.
However, the shape of small molecules can be predicted using a relatively simple
model known as the valence-shell electron-pair repulsion (VSEPR) theory.
In this section, you will see how VSEPR theory can be used to predict the shape of
molecules such as the water molecule shown in Figure 5.4.1.

VALENCE-SHELL ELECTRON-PAIR REPULSION THEORY

As the name suggests, the VSEPR theory uses our knowledge of the valence electrons
in the atoms of a molecule to predict the shape of the molecule. The VSEPR theory
is based on the principle that negatively charged electron pairs in the outer shell of
an atom repel each other. As a consequence, these electron pairs are arranged as far
away from each other as possible.

Electron-pair repulsion

In general, atoms in covalent molecules are most stable when they have eight
electrons in their valence shell. This is known as the octet rule. These eight electrons
are arranged into four pairs of electrons. For example, the carbon atom in methane
is covalently bonded to four hydrogen atoms. In this arrangement, the carbon atom
shares a pair of electrons with each hydrogen atom. The four pairs of electrons give
the carbon atom a stable octet, as shown in Figure 5.4.2.
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Hydrogen atoms are an exception to the octet rule. Hydrogen atoms are stable
with just two electrons because this gives them the stable electronic configuration
of a helium atom.

The VSEPR theory states that the electron pairs in methane repel each other
so that they are as far apart as possible. This repulsion between the electron pairs
results in a tetrahedral shape, as shown in Figure 5.4.3. The tetrahedral shape
ensures that the electron pairs are as far from each other as possible, with angles of
109.5° between all of the single bonds.

Lone pairs of electrons

Not all electron pairs in molecules exist as covalent bonds. From the previous
section, you would have learnt that some electrons form a non-bonding pair of
electrons known as a lone pair of electrons. In the VSEPR theory, lone pairs of
electrons are treated in the same way as electron pairs in covalent bonds in order to
determine the shape of a molecule.

In the ammonia molecule shown in Figure 5.4.4, the nitrogen atom has a stable
octet made up of one lone pair of electrons and three single bonds. The four electron
pairs repel each other to form a tetrahedral arrangement. However, the lone pair is
ignored when describing the shape of the molecule. Instead, the three hydrogen
atoms are described as forming a pyramidal arrangement with the nitrogen atom.
The lone pair occupies slightly more space than the bonding electrons, so the three
single covalent bonds are pushed closer together. The bond angle is therefore now
slightly less than 109.5°.

In water molecules, the oxygen atom has a stable octet made up of two lone
pairs and two single bonds. The four electron pairs repel each other to form a
tetrahedral arrangement. This causes the two hydrogen atoms to form a V-shape or
bent arrangement, with the oxygen atom as shown in Figure 5.4.5. With two lone
pairs in the molecule, the two single covalent bonds are pushed closer together. In
this case, the bond angle around the central atom is also slightly less than 109.5°.

2 lone pairs Q water
<7
H2OS Q
X .
H

V-shaped or bent

FIGURE 5.4.5 The Lewis dot diagram of a water (H,0) molecule shows that the oxygen atom has
two lone pairs of electrons and two covalent bonds. These four electron pairs form a tetrahedral
arrangement around the atom due to the repulsion of the electron pairs. The result is a V-shaped or
bent molecule.

In a hydrogen fluoride molecule, the fluorine atom has a stable octet made up of
three lone pairs and one single bond. The four electron pairs repel each other to
form a tetrahedral arrangement. Therefore, the hydrogen and fluorine atoms form
a linear molecule, as you can see in Figure 5.4.6.

3 lone pairs hydrogen fluoride
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o linear shape

FIGURE 5.4.6 The Lewis dot diagram of a hydrogen fluoride (HF) molecule shows that the fluorine
atom has three lone pairs of electrons and one covalent bond. These four electron pairs form a
tetrahedral arrangement around the atom due to the mutual repulsion of the electron pairs. The
result is a linear molecule.

109.5°i|

FIGURE 5.4.3 In a methane (CH,) molecule,

the electron pairs in the single covalent bonds
repel each other. This repulsion forces the bonds
as far apart as possible, pushing the hydrogen
atoms into a tetrahedral shape with bonds at an
angle of 109.5° to each other.

ammonia

A

pyramidal shape

lone pair

{
o0
HYNH
®x
H

FIGURE 5.4.4 The Lewis dot diagram of an
ammonia (NH,) molecule shows that the
nitrogen atom has one lone pair of electrons and
three covalent bonds. These four electron pairs
form a tetrahedral arrangement around the atom
due to the repulsion of the electron pairs. The
result is a pyramidal molecule.

0 Lone pairs of electrons influence
a molecule’s shape but are not
considered a part of the shape.
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methanal, CH,0
(trigonal planar)

FIGURE 5.4.7 Methanal has a central carbon
atom that forms a double bond with an oxygen
atom and single bonds with two hydrogen
atoms. The bonds repel each other to form a
trigonal planar arrangement.

I =

carbon dioxide, CO,
(linear)

FIGURE 5.4.8 In a carbon dioxide molecule,

the carbon atom forms double bonds with two
oxygen atoms. The two double bonds repel each
other. This results in a linear molecule.

Q0

hydrogen cyanide, HCN
(linear)

H—C=N,

FIGURE 5.4.9 The hydrogen cyanide molecule

is linear. In this case, the central carbon atom
forms a triple bond with the nitrogen atom and a
single bond with the hydrogen atom.
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Worked example 5.4.1
PREDICTING THE SHAPE OF MOLECULES

Predict the shape of a molecule of phosphine (PH,).

Thinking Working

Draw the electron dot diagram for the e

molecule. H'.P.'H
H

There are three bonds and one lone
pair.

Count the number of bonds and lone
pairs on the central atom.

Because there are four electron pairs,
the groups will be arranged in a
tetrahedral arrangement.

Determine how the groups of electrons
will be arranged to get maximum
separation.

Deduce the shape of the molecule by The phosphorus and hydrogen atoms
considering the arrangement of just are arranged in a pyramidal shape.

the atoms. oo
P

| w

H

Worked example: Try yourself 5.4.1
PREDICTING THE SHAPE OF MOLECULES

Predict the shape of a molecule of hydrogen sulfide (H,S).

Double bonds, triple bonds and valence-shell
electron-pair repulsion theory

A double bond contains two pairs of electrons. A triple bond contains three pairs of
electrons. The VSEPR theory treats double and triple bonds in the same way that it
treats single bonds and lone pair electrons.

For example, if a central atom has two single bonds and one double bond, then
the three sets of bonds will repel each other to get maximum separation. This results
in a molecular shape known as trigonal planar because the atoms form a triangle in
one plane. An example of this structure is the methanal (CH,0) molecule shown in
Figure 5.4.7.Trigonal planar molecules have bond angles of 120°.

If the central atom has two double bonds, then the two double bonds repel
each other. This results in a linear molecule like carbon dioxide (CO,), shown in
Figure 5.4.8. A linear molecule has a bond angle of 180°.

Finally, if the central atom has a single bond and a triple bond, as in hydrogen
cyanide (HCN), then the molecule is also linear (Figure 5.4.9).
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INTERMOLECULAR FORCES

Intermolecular forces exist between molecules, and their effects are seen
everywhere. If you have ever struggled to flatten out a sheet of cling wrap, then
you’ve experienced the effects of intermolecular forces. Glue is an example of how
intermolecular forces can be used to stick things together. The soap bubbles shown
in Figure 5.4.10 are also held together by intermolecular forces.

If you take a closer look at liquids, you will notice further evidence of
intermolecular bonding. Intermolecular bonds create the surface tension that
allows insects to walk on water, as shown in Figure 5.4.11

r~

FIGURE 5.4.11 The surface tension created by intermolecular forces allows insects to walk on water.

Strength of intermolecular forces

Intermolecular forces are 100 times weaker than the strong bonding found in ionic,
metallic and covalent bonds.

The atoms in covalent molecules such as water (H,0O) and carbon dioxide
(CO,) are held together by strong covalent bonds. However, covalent molecular
substances tend to have much lower melting and boiling points than ionic,
metallic and covalent network substances. This is because the forces between the
molecules are much weaker. It is the weak intermolecular forces that are broken
when a covalent molecular substance is converted from a solid to a liquid or a
liquid to a gas.

In general, covalent molecular substances tend to be softer than ionic or metallic
substances. Wax, putty and butter are typical examples of soft, covalent molecular
substances. These substances are soft because the intermolecular forces holding the
molecules together are weak. Therefore, the bonds between the molecules can be
readily broken, and the substances can be easily moulded, scratched or crushed.

Despite having weak intermolecular forces, covalent molecular substances can
still form crystals. For example, sugar is a covalent molecular substance that forms
crystals. Water also forms crystals of ice. However, most covalent molecular crystals
are softer than typical metals and ionic crystals.

ELECTRONEGATIVITY AND POLARITY

Intermolecular forces are an example of electrostatic forces. You have already seen
many other examples of how electrostatic forces form bonds at the atomic level.
The attraction between positive and negative ions in an ionic crystal lattice and the
attraction between shared electrons and nuclei in a covalent bond are examples of
electrostatic forces.

The electrostatic attraction between molecules works in a similar way. In
intermolecular forces, the electrostatic attraction is between positive and negative
charges in the molecules. These charges appear as a result of uneven electron
distributions within the molecules. The following sections examine how the shape of
the molecule and the electronegativity of its atoms can cause these uneven electron
distributions.

FIGURE 5.4.10 These soap bubbles are held
together by intermolecular forces.

0 When liquids change to gases,
the intermolecular bonds are
broken. For example, when liquid
water changes to gaseous water,
the intermolecular bonds holding
the water molecules to other
water molecules are broken, not
the covalent bonds between the
hydrogen and oxygen atoms.

GO TO » | Section 5.2 page 147
GO TO » | Section 5.3 page 162
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Electronegativity decreases

y

FIGURE 5.4.13 Fluorine molecules have

a symmetric distribution of electrons and
are therefore non-polar molecules with a
non-polar bond.

period

7

GO TO » | Section 4.2 page 125

Polarity of diatomic molecules

Electronegativity is the key factor that determines the electron distribution in
diatomic molecules. Electronegativity is the tendency of an atom in a covalent bond
to attract electrons. Electronegativity increases from left to right across the periods
of the periodic table and generally decreases down the groups of the table as shown
in Figure 5.4.12.You will remember seeing these patterns in Chapter 4.

Electronegativity increases

group -
1 2 13 14 15 16 17 18
electronegativity
symbol He
0.98 | 1.57
Li | Be Ne
0.93 | 1.31 1.61 | 1.90
Na | Mg 3 4 5 6 7 8 9 10 11 12 Al Si Ar
0.82 | 1.00 [ 1.36 | 1.54 | 1.63 1.65 | 1.81
K Ca | Sc Ti v Zn | Ga Kr
0.821095 122|133 | 1.6 1.69 | 1.78 | 1.96
Rb | Sr Y Zr | Nb Cd | In Sn Xe
0.79 1089 [1.10 | 1.7 | 1.5 . 19 | 1.8 | 1.8 | 1.9
Cs | Ba | La* [ Hf | Ta Re Hg | TI | Pb | Bi Rn
0.7 1 09 | 1.1
Fr | Ra |Ac**| Rf | Db | Sg | Bh | Hs | Mt | Ds | Rg [ Cn | Nh | FI | Mc | Lv | Ts | Og
Ianthanoids* 1.12 | 113 | 1.14 | 1.13 | 1.17 | 1.2 | 1.2 | 1.1 122|123 [1.24|125| 1.1 |1.27
Ce | Pr | Nd |Pm | Sm | Eu | Gd | Tb | Dy | Ho | Er | Tm | Yb | Lu
actinoids 13 1517 |13 |13 (11312813 |13 (13 |13 | 13 | 13
Th | Pa U | Np| Pu |Am |Cm | Bk | Cf | Es | Fm | Md | No | Lr

fluorine nuclei

-
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FIGURE 5.4.12 Table of electronegativity values. This periodic table shows the electronegativities of
the atoms of each element. The electronegativities increase from left to right across the periods and
generally decrease down the groups.

Non-polar diatomic molecules

When two atoms form a covalent bond, you can regard the atoms as competing for
the electrons being shared between them. If the two atoms in a covalent bond are the
same (i.e. have identical electronegativities), then the electrons are shared equally
between the two atoms. This is the case for diatomic molecules such as chlorine
(CL,), oxygen (O,), hydrogen (H,) and nitrogen (N,).

Covalent bonds with an equal distribution of valence (outer shell) electrons are
said to be non-polar because there is no charge on either end of the molecule.

€ Electron density is the measure of the probability of an electron being present
at a particular location within an atom. In molecules, areas of electron density are
commonly found around the nuclei and within the bonds.

Figure 5.4.13 shows the electron distribution in the non-polar fluorine molecule
(F,). The molecule has a high electron density between the two fluorine atoms,
forming the covalent bond. The valence electrons are distributed evenly between the
two atoms, making the bond non-polar.
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Polar diatomic molecules

If the covalent bond is between atoms of two different elements, then the electrons
will stay closer to the more electronegative atom because it has a stronger pull on the
electrons in the bond. An example is the hydrogen fluoride (HF) molecule, shown in
Figure 5.4.14. Molecules with an imbalanced electron distribution are said to be polar.

A fluorine atom is more electronegative than a hydrogen atom. Therefore, in a
hydrogen fluoride molecule, the electrons tend to stay closer to the fluorine atom. This
imbalance in the electron distribution means the fluorine atom is negatively charged
and the hydrogen atom is positively charged. A molecule with two oppositely charged
poles is said to be polar. The fluorine atom is described as having a partial negative
charge, which is represented by the Greek letter delta and a minus sign (&-). The
hydrogen atom is described as having a partial positive charge, 8+. The separation of
the positive and negative charges is known as an electric dipole, or simply a dipole,
because they have two oppositely charged poles, one each end of the molecule.

Hydrogen fluoride is polar because it has a permanent dipole created by the
different electronegativities of the two atoms. All diatomic molecules that are made
up of atoms with different electronegativities are polar to some extent. The level of
polarity will depend on the difference between the electronegativities of the two
atoms. The greater the difference between the electronegativities, the greater the
polarity of the molecule.

The partial charges on polar molecules are different from the charges on ions.
The partial charges on a polar molecule will always add to give a total charge of zero
since the charges on polar molecules are due to the unequal sharing of electrons
between atoms. However, ions have an overall charge. The partial charges on a polar
molecule are also a lot smaller than the charges on ions. That is why intermolecular
bonds are much weaker than ionic bonds.

It is not just the covalent bonds in diatomic molecules that can be polar. Covalent
bonds in larger molecules can have some degree of polarity. The polarity of any
covalent bond can be compared by examining the difference in the electronegativities
of the atoms involved in the bond.

Worked example 5.4.2
COMPARING THE POLARITY OF COVALENT BONDS

Compare the polarity of the covalent bonds in hydrogen fluoride (HF) and
carbon monoxide (CO).

Thinking Working
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