



[image: image]









[image: ]








Questions from Cambridge International AS and A Level Chemistry papers are reproduced by permission of Cambridge International Examinations.


Cambridge International Examinations bears no responsibility for the example answers to questions taken from its past question papers which are contained in this book/CD.


Questions from OCR past papers are reproduced by permission of OCR. OCR bears no responsibility for the example answers to questions taken from its past question papers which are contained in this book/CD.


Hachette UK’s policy is to use papers that are natural, renewable and recyclable products and made from wood grown in sustainable forests. The logging and manufacturing processes are expected to conform to the environmental regulations of the country of origin.


Orders: please contact Bookpoint Ltd, 130 Milton Park, Abingdon, Oxon OX14 4SB. Telephone: (44) 01235 827720. Fax: (44) 01235 401. Lines are open 9.00–5.00, Monday to Saturday, with a 24-hour message answering service. Visit our website at www.hoddereducation.com


© Peter Cann and Peter Hughes 2015


First published in 2014 by


Hodder Education,


An Hachette UK Company


338 Euston Road


London NW1 3BH






	Impression number

	5

	4

	3

	2

	1






	Year

	2019

	2018

	2017

	2016

	2015







All rights reserved. Apart from any use permitted under UK copyright law, no part of this publication may be reproduced or transmitted in any form or by any means, electronic or mechanical, including photocopying and recording, or held within any information storage and retrieval system, without permission in writing from the publisher or under licence from the Copyright Licensing Agency Limited. Further details of such licences (for reprographic reproduction) may be obtained from the Copyright Licensing Agency Limited, Saffron House, 6–10 Kirby Street, London EC1N 8TS.


Cover photo by © kmiragaya – Fotolia


Illustrations by Barking Dog Art


Typeset in ITC Garamond Light 9/12 by Aptara Inc.


Printed in Dubai


A catalogue record for this title is available from the British Library


ISBN 978 1444 18133 3
eISBN 978 1471 84144 6








Acknowledgements


We are grateful for the help given by Judy Potter in selecting and writing topic-oriented questions, and for the unstintingly professional support and cooperation given by the staff at Hodder Education: Nina Konrad, Emilie Kerton, Laurice Suess, Anne Trevillion and Anne Wanjie.


The Publishers would like to thank the following for permission to reproduce copyright material:


Photo credits: p.1 © The Granger Collection, NYC/TopFoto; p.2 tl © Jeff Blackler/Rex Features; tr © Bicipici/Alamy; bc © Nils Jorgensen/Rex Features; br © Chris Lofty – Fotolia; p.4 © Eye Of Science/Science Photo Library; p.14 © lowefoto/Alamy; p.21 © Rex Features; p.23 © RGB Ventures/SuperStock/Alamy; p.27 © Geoff Tompkinson/Science Photo Library; p.73 © Zygimantas Cepaitis – Fotolia; p.81 bc © Dr. Jeremy Burgess/Science Photo Library; br © Alfred Pasieka/Science Photo Library; p.87 © David Hughes/Hemera/Thinkstock; p.88 © Paul Fleet/Alamy; p.90 bc © Charles D. Winters/Science Photo Library; br © Brian Cosgrove/Dorling Kindersley/Getty Images; p.102 © Cozyta – Fotolia; p.103 © fuyi – Fotolia; p.104 © Martin, Custom Medical Stock Photo/Science Photo Library; p.107 © NASA Marshall Space Flight Center (NASA-MSFC); p.129 l © Martyn F. Chillmaid/ Science Photo Library; p.150 © ThyssenKrupp Uhde GmbH; p.151 tl © Keystone-France/Gamma-Keystone via Getty Images; tr © The Granger Collection, NYC/TopFoto; p.152 © Mr Korn Flakes – Fotolia; p.164 tl © The Granger Collection, NYC/TopFoto; tr © The Granger Collection, NYC/TopFoto; p.166 © Malcolm Fielding, Johnson Matthey Plc/ Science Photo Library; p.169 © Martyn F. Chillmaid/Science Photo Library; p.187 © Science Photo Library; p.197 tl © Dr. Richard Roscoe/Visuals Unlimited, Inc./Science Photo Library; bl © Jiri Hamhalter/Alamy; p.198 © Vanessa Miles/Alamy; p.239 © Paul Rapson/Science Photo Library; p.240 © Simon Fraser/Science Photo Library; p.252 © Molymod; p.264 © Jean Chung/Bloomberg News via Getty Images; p.277 © Nasa/Science Photo Library; p.278 © PUNIT PARANJPE/AFP/Getty Images; p.289 © Andrew Lambert Photography/Science Photo Library; p.291 l © Power And Syred/Science Photo Library; c © Roger Job/Reporters/Science Photo Library; r © Tom Parker/Rex Features; p.333 l © maxximmm-Fotolia; c © NASA Johnson Space Center Media Archive (NASA JSCMA); r © William Arthur/Alamy; p.337 © Science Photo Library; p.340 tl © Christopher Bradshaw – Fotolia; tr © DEX Images Images/Photolibrary Group Ltd/Getty Images; p.341 tl © Claude Nuridsany & Marie Perennou/Science Photo Library; tr © B.A.E. Inc./Alamy; bl © Imagestate Media (John Foxx); br © Charles D. Winters/Science Photo Library; p.342 © Dr Kari Lounatmaa/Science Photo Library; p.344 tl © David Ducros/Science Photo Library; tc © Ace Stock Limited/Alamy; tr © Peter Menzel/Science Photo Library; p.352 © Andrew Lambert Photography/Science Photo Library; p.377 © Andrew Lambert Photography/Science Photo Library; p.383 © Andrew Lambert Photography/Science Photo Library; p.388 tl © capude1957 – Fotolia; bl © Bygone Collection/Alamy; p.390 © Georgios Kollidas/Alamy; p.393 © Libby Welch/Alamy; p.416 © INTERFOTO/Alamy; p.431 © Roger Eritja/Alamy; p.436 © INTERFOTO/Alamy; p.455 bl © Don Fawcett/Science Photo Library; br © Wade Davis/Getty Images; p.466 © J.C. Revy, Ism/Science Photo Library; p.471 © yotrakbutda – Fotolia; p.473 tl © kevinsday – Fotolia; tc © Antler; tr © Olivier DELAYE – Fotolia; p.477 tl © Leslie Garland Picture Library/Alamy; tr © Dundee Photographics/Alamy; br © paramat1977 – Fotolia; p.478 © Aberfeldy Golf Club; p.482 © Fraunhofer IFAM; p.483 © Harris Shiffman – Fotolia; p.485 © helenlbuxton – Fotolia; p.508 © James King-Holmes/ Science Photo Library; p.509 tc © Geoff Tompkinson/Science Photo Library; bc © James King-Holmes/Science Photo Library; p.520 © TEK Image/Science Photo Library


Martyn F. Chillmaid


p.6; p.9; p.12; p.16; p.81; p.86; p.87; p.88; p.118; p.127; p.129; p.130; p.145; p.147; p.158; p.161; p.205; p.206; p.215; p.216; p.224; p.225; p.235; p.255; p.256; p.269; p.283; p.300; p.301; p.319; p.320; p.321; p.373; p.417; p.447; p.457; p.477; p.478; p.529; p.530


Every effort has been made to trace all copyright holders, but if any have been inadvertently overlooked, the Publishers will be pleased to make the necessary arrangements at the first opportunity.





Introduction


Cambridge International AS and A Level Chemistry uses some of the content from Chemistry for Advanced Level, but has been completely revised by the original authors to cater for those students and teachers involved with the Cambridge International Examinations syllabus 9701.


The book has been fully endorsed by Cambridge International Examinations, and is listed as an endorsed textbook for students studying this syllabus. The syllabus content has been covered comprehensively, and has been separated into AS material, which comprises Topics 1–19, whilst the A Level material is dealt with in Topics 20–30.


All the Learning outcomes specified in the syllabus are included in the book. At the start of each Topic the specific Learning outcomes relevant to that Topic are clearly stated, using the same wording as in the syllabus, so that students can clearly see the syllabus areas covered by the Topic. The chart on the following page summarises the syllabus coverage in each Topic.


Throughout each Topic there are worked examples, with answers, to illustrate the concepts recently introduced. These are followed by a few ‘Now try this’ questions, allowing students to test themselves. Answers to these questions are on the accompanying Students’ CD-ROM.


Each Topic ends with a summary of the key points covered, together with a list of key reactions where relevant. Finally, several past examination questions have been selected that illustrate how the subject matter of the Topic has been assessed in the past. Answers to these questions will be found on the Teachers’ CD-ROM.


To allow students and teachers to locate easily the various aspects of the subject, the order of Topics is a logical one, starting with the essential basic principles of physical chemistry and then introducing the application of those principles firstly to inorganic chemistry and then to organic chemistry. No teaching order is implied by this, however. It has been found that mixing principles and applications with factual content throughout the course is often the best way to achieve a deeper and broader understanding of chemistry. Teachers are recommended to consult the schemes of work published by Cambridge International Examinations on their website for some suggested methods of delivering the subject material.


A feature of the new 2016 syllabus is the introduction of Key concepts. These are essential ideas, theories, principles or mental tools that help learners to develop a deep understanding of their subject and make links between the different topics. Although teachers are likely to have these in mind at all times when they are teaching the syllabus, we have included in the text the following icons at points where the Key concepts relate to the text.


[image: ] Atoms and forces – Matter is built from atoms interacting and bonding through electrostatic forces. The structure of matter affects its physical and chemical properties, and influences how substances react chemically.


[image: ] Experiments and evidence – Chemists use evidence gained from observations and experiments to build models and theories of the structure and reactivity of materials.


[image: ] Patterns in chemical behaviour and reactions – By identifying patterns in chemical behaviour we can predict the properties of substances and how they can be transformed into new substances by chemical reactions. This allows us to design new materials of use to society.


[image: ] Chemical bonds – The understanding of how chemical bonds are made and broken by the movement of electrons allows us to predict patterns of reactivity.


[image: ] Energy changes – The energy changes that take place during chemical reactions can be used to predict both the extent and the rate of such reactions.


This book has been designed to be accessible to all AS and A Level students, but also attempts to go some way towards satisfying the curiosity of the able student, and to answering the questions of the inquisitive. Although based firmly on the AS and A Level syllabus of Cambridge International Examinations, teachers and students will find the subject matter and style of questions make it suitable for several other syllabuses. The subject matter has been extended in some areas where an application, or a more fundamental explanation, is deemed to be appropriate. These extensions are clearly delimited from the main text in panels, and can be bypassed on first reading.


The majority of students starting an AS course in chemistry come from a background of IGCSE Chemistry or Combined Science, and the initial chapters start at a level and a pace that is suited to all such students. Some students come to AS chemistry with the belief that they will find the mathematics difficult, although the mathematical concepts required for chemistry are simple in principle and few in number. We hope to demonstrate that, as long as the processes are understood, rather than learned by rote, the mathematics in both the AS and A Level Topics is well within the grasp of those who have gained a grade C at IGCSE®.


Students also sometimes consider that chemistry is a subject full of difficult concepts. This is not true. Most of chemistry is based on the very simplest idea of electrostatics – like charges repel, unlike charges attract. When the subtle ramifications of this generalisation are studied during the AS and A Level courses, students should constantly remind themselves of the inherent simplicity of this relationship.


Chemistry is the central science, at the crossroads of biology and its associated disciplines on the one hand, and physics on the other. Chemistry relies on physics for its understanding of the fundamental building blocks of matter, and biology relies on chemistry for an understanding of the structures of living organisms, and the processes that go on inside them that we call life. Standing at this crossroads, the chemist is uniquely positioned to understand, and make significant contributions to, many interdisciplinary areas of current and future importance. The chemistry-based sciences of biochemistry, genetic engineering, pharmacology, and polymer and material science will all make increasing contributions to our physical and material well-being in the future. Chemists are also playing a key role in the fight against industrial society’s pollution of our environment.


We hope you enjoy discovering the secrets of chemistry during your AS/A Level course.


Peter Cann
Peter Hughes


® IGCSE is the registered trademark of Cambridge International Examinations.
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AS Level



Physical chemistry


1 Chemical formulae and moles
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In this topic we introduce chemical formulae, and show you how these can be worked out using the valencies (or combining powers) of atoms and ions. We also introduce the chemists’ fundamental counting unit, the mole, and show you how it can be used to calculate both empirical formulae and the amounts of substances that react, or are formed, during chemical reactions.


As you read through the topic, study the worked examples, and then try the ‘Now try this’ questions that follow them.
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Learning outcomes


By the end of this topic you should be able to:




  1.1a) define and use the terms relative atomic, isotopic, molecular and formula masses, based on the 12C scale


  1.2a) define and use the term mole in terms of the Avogadro constant


  1.4a) define and use the terms empirical and molecular formula



  1.4b) calculate empirical and molecular formulae, using combustion data or composition by mass


  1.5a) write and construct balanced equations


  1.5b) perform calculations, including use of the mole concept, involving reacting masses (from formulae and equations), volumes of gases (e.g. in the burning of hydrocarbons), volumes and concentrations of solutions, and relate the number of significant figures in your answers to those given or asked for in the question


  1.5c) deduce stoichiometric relationships from calculations such as those in 1.5b).
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1.1 Introduction


What is chemistry?


Chemistry is the study of the properties of matter. By matter, we mean the substances that we can see, feel, touch, taste and smell – the stuff that makes up the material world. Passive observation forms only a small part of a chemist’s interest in the world. Chemists are actively inquisitive scientists. We try to understand why matter has the properties it does, and how to modify these properties by changing one substance into another through chemical reactions.


Chemistry as a modern science began a few hundred years ago, when chemists started to relate the observations they made about the substances they were investigating to theories of the structure of matter. One of the most important of these theories was the Atomic Theory. It is just over 200 years since John Dalton put forward his idea that all matter was composed of atoms. His theory stated that:





•  the atoms of different elements were different from each other



•  the atoms of a particular element were identical to each other



•  all atoms stayed the same over time and could be neither created nor destroyed



•  all matter was made up from a relatively small number of elements (Dalton thought about 50) combined in various ways.
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Although Dalton’s theory has had to be modified slightly, it is still a useful starting point for the study of chemistry.


Since that time chemists have uncovered and explained many of the world’s mysteries, from working out how elements are formed within stars to discovering how our genes replicate. On the way they have discovered thousands of new methods of converting one substance into another, and have made millions of new substances, many of which are of great economic and medical benefit to the human race (see Figure 1.2).
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Classifying matter – elements, compounds and mixtures


Chemists classify matter into one of three categories.





•  Elements contain just one sort of atom. Although the atoms of a particular element may differ slightly in mass (see section 2.3), they all have identical chemical reactions. Examples of elements include hydrogen gas, copper metal and diamond crystals (which are carbon).



•  Compounds are made up from the atoms of two or more different elements, bonded together chemically. The ratio of elements within a particular compound is fixed, and is given by its chemical formula (see page 7). The physical and chemical properties of a compound are always different from those of the elements that make it up. Examples of compounds include sodium chloride (containing sodium and chlorine ions), water (containing hydrogen and oxygen atoms) and penicillin (containing hydrogen, carbon, nitrogen, oxygen and sulfur atoms).



•  Mixtures consist of more than one compound or element, mixed but not chemically combined. The components can be mixed in any proportion, and the properties of a mixture are often the sum of, or the average of, the properties of the individual components. Examples of mixtures include air, sea water and alloys such as brass.





1.2 Intensive and extensive properties


The properties of matter may be divided into two groups.





•  The extensive properties depend on how much matter we are studying. Common examples are mass and volume – a cupful of water has less mass, and less volume, than a swimming pool.



•  The other group are the intensive properties, which do not depend on how much matter we have. Examples include temperature, colour and density. A copper coin and a copper jug can both have the same intensive properties, although the jug will be many times heavier (and larger) than the coin.





The chemical properties of a substance are also intensive. A small or a large lump of sodium will react in the same way with either a cupful or a jugful of water. In each case it will fizz, give off steam and hydrogen gas, and produce an alkaline solution in the water.
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Experiment


The oil-drop experiment


A bowl is filled with clean water and some fine powder, such as pollen grains or flour, is sprinkled over the surface. A small drop of oil is placed on the surface of the water, as shown in Figure 1.3. The oil spreads out. As it does so, it pushes the powder back, so that there is an approximately circular area clear of powder.


We can measure the volume of one drop by counting how many drops it takes to fill a micro measuring cylinder. (If we know the oil’s density, an easier method would be to find the mass of, say, 20 drops.) We can calculate the area of the surface film by measuring its diameter. Assuming the volume of oil does not change when the drop spreads out, we can thus find the thickness of the film. This cannot be smaller than the length of one oil molecule (though it may be bigger, if the film is several molecules thick – there is no way of telling). The following are typical results:
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Distances this small are usually expressed in units of nanometres:


1 nanometre (nm) = 1 × 10−9 metres (m)


So the film is 1.4 nm thick. Oil molecules cannot be larger than this.
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1.3 The sizes of atoms and molecules


Just as we believe that elements are composed of identical atoms, so we also believe that compounds are made up of many identical units. These units are the smallest entities that still retain the chemical properties of the compound. They are called molecules or ions, depending on how the substance is bonded together (see Topics 3 and 4). Molecules contain two or more atoms bound together. The atoms may be of the same element (e.g. ozone, O3, which contains three atoms of oxygen) or different elements (e.g. water, H2O, which contains two atoms of hydrogen and one atom of oxygen). Ions are atoms, or groups of atoms, that carry an electrical charge.


Molecules are extremely small – but how small? Sometimes, a simple experiment, a short calculation and a little thought can lead to quite an amazing conclusion. The well-known oil-drop experiment is an example. It allows us to obtain an order-of-magnitude estimate of the size of a molecule using everyday apparatus (see the experiment on page 3).


Because molecules are made up of atoms, this means that atoms must be even smaller than the oil molecule. We can measure the sizes of atoms by various techniques, including X-ray crystallography. A carbon atom is found to have a diameter of 0.15 nm. That means it takes 6 million carbon atoms touching one another to reach a length of only 1 mm!
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Standard form


The numbers that chemists deal with can often be very large, or very small. To make these more manageable, and to avoid having to write long lines of zeros (with the accompanying danger of miscounting them), we often express numbers in standard form.


A number in standard form consists of two parts, the first of which is a number between 1 and 10, and the second is the number 10 raised to a positive or negative power. Some examples, with their fully written-out equivalents, are given in Table 1.1.


Table 1.1 Standard form






	Standard form

	Fully written-out equivalent






	6 × 102


	600






	7.142 × 107


	71 420 000






	2 × 10−6


	0.000 002    






	3.8521 × 10−4


	0.000 385 21







If the 10 is raised to a positive power, the superscript tells us how many digits to the right the decimal point moves. As in the examples in Table 1.1, we often need to write extra zeros to allow this to take place. If the 10 is raised to a negative power, the superscript number tells us how many digits to the left the decimal point moves. Here again, we often need to write extra zeros, but this time to the left of the original number.


Significant figures


In mathematics, numbers are exact quantities. In contrast, the numbers used in chemistry usually represent physical quantities which a chemist measures. The accuracy of the measurement is shown by the number of significant figures to which the quantity is quoted.


If we weigh a small coin on a digital kitchen scale, the machine may tell us that it has a mass of 4 g. A one-decimal-place balance will show its mass as 3.5 g, whereas on a two-decimal-place balance its mass will be shown as 3.50 g. We should interpret the reading on the kitchen scale as meaning that the mass of the coin lies between 3.5 g and 4.5 g. If it were just a little lighter than 3.5 g, the scale would have told us that its mass was 3 g. If it were a little heavier than 4.5 g, the read-out would have been 5 g. The one-decimal-place balance narrows the range, telling us the mass of the coin is between 3.45 g and 3.55 g. The two-decimal-place balance narrows it still further, to between 3.495 g and 3.505 g.


In this way the number of significant figures (1, 2 or 3 in the above examples) tells us the accuracy with which the quantity has been measured.


The same is true of volumes. Using a 100 cm3 measuring cylinder, we can measure a volume of 25 cm3 to an accuracy of ±0.5 cm3, so we would quote the volume as 25 cm3. Using a pipette or burette, however, we can measure volumes to an accuracy of ±0.05 cm3, and so we would quote the same volume as 25.0 cm3 (that is, somewhere between 24.95 cm3 and 25.05 cm3).


Most chemical balances and volumetric equipment will measure quantities to 3 or 4 significant figures. Allowing for the accumulation of errors when values are calculated using several measured quantities, we tend to quote values to 2 or 3 significant figures.


In the examples in Table 1.1, the number 6 × 102 has 1 significant figure, and the number 7.142 × 107 has 4 significant figures.
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1.4 The masses of atoms and molecules


Being so small, atoms are also very light. Their masses range from 1 × 10−24 g to 1 × 10−22 g. It is impossible to weigh them out individually, but we can accurately measure their relative masses, that is, how heavy one atom is compared with another. The most accurate way of doing this is by using a mass spectrometer (see section 2.5).


Originally, the atomic masses of all the elements were compared with the mass of an atom of hydrogen:
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This is because hydrogen is the lightest element, so the relative atomic masses of all other elements are greater than 1, which is convenient.


Because of the existence of isotopes (see section 2.3), and the central importance of carbon in the masses of organic compounds, the modern definition uses the isotope carbon-12, 12C, as the standard of reference:
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The difference between the two definitions is small, since a carbon-12 atom has almost exactly 12 times the average mass of a hydrogen atom (the actual ratio is 11.91 : 1). Relative atomic mass is given the symbol Ar. Since it is the ratio of two masses, it is a dimensionless quantity – it has no units. We shall be looking at isotopes, and relative isotopic mass, in more detail in Topic 2, where we investigate the structure of atoms.


The masses of atoms and sub-atomic particles (see Topic 2) are often expressed in atomic mass units. An atomic mass unit (amu) is defined as 1/12 the mass of one atom of carbon-12. It has the value of 1.6606 × 10−24g.


Although we cannot use a laboratory balance to weigh out individual atoms, we can use it to weigh out known ratios of atoms of various elements, as long as we know their relative atomic masses. For example, if we know that the relative atomic masses of carbon and magnesium are 12.0 and 24.0 respectively, we can be sure that 12.0 g of carbon will contain the same number of atoms as 24.0 g of magnesium. What is more, 24.0 g (12.0 × 2) of carbon will contain twice the number of atoms as 24.0 g of magnesium. Indeed, we can be certain that any mass of carbon will contain twice the number of atoms as the same mass of magnesium, since the mass of each carbon atom is only half the mass of a magnesium atom.


Similarly, if we know that the relative atomic mass of helium is 4.0 (which is one-third the relative atomic mass of carbon), we can deduce that identical masses of helium and carbon will always contain three times as many helium atoms as carbon atoms.


1.5 The mole


Chemists deal with real, measured quantities of substances. Rather than counting atoms individually, we prefer to count them in units that are easily measurable. The gram is a conveniently sized unit of mass to use for weighing out matter (a teaspoon of sugar, for example, weighs about 5 g). The chemist’s unit of amount, the mole (symbol mol), is defined in terms of grams:
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One mole of an element is the amount that contains the same number of atoms as there are in 12.000 g of carbon-12.
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The mass of one mole of an element is called its molar mass (symbol M). It is numerically equal to its relative atomic mass, Ar, but is given in grams per mole:


relative atomic mass of carbon = 12.0
molar mass of carbon = 12.0 g mol−1


relative atomic mass of magnesium = 24.0
molar mass of magnesium = 24.0 g mol−1


It follows from the above definition that there is a clear relationship between the mass (m) of a sample of an element and the number of moles (n) it contains:
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Worked example


What is the amount (in moles) of carbon in 30 g of carbon?


Answer


Use the value Ar(carbon) = 12.0 to write its molar mass, and use equation (1) above:


[image: ]





[image: ]


[image: ]




Now try this


Using the Ar values O = 16.0, Mg = 24.0, S = 32.0, calculate the amount of substance (in moles) in each of the following samples.





1  24.0 g of oxygen



2  24.0 g of sulfur



3  16.0 g of magnesium
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As we saw on page 5, the actual masses of atoms are very small. We would therefore expect the number of atoms in a mole of an element to be very large. This is indeed the case. One mole of an element contains a staggering 6.022 × 1023 atoms (six hundred and two thousand two hundred million million million atoms). This value is called the Avogadro constant, symbol L.
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L = 6.022 × 1023 mol−1
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The approximate value of L = 6.0 × 1023 mol−1 is often adequate, and will be used in calculations in this book.


The relationship between the number of moles in a sample of an element and the number of atoms it contains is as follows:
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Worked example


How many hydrogen atoms are there in 1.5 mol of hydrogen atoms?


Answer


Use equation (2), and the value of L given above:
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Now try this


Calculate the amount of substance (in moles) in





1  a sample of uranium that contains 1.0 × 1025 atoms



2  a sample of fluorine that contains 5 × 1021 atoms
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1.6 Atomic symbols and formulae


Each element has a unique symbol. Symbols consist of either one or two letters. The first is always a capital letter and the second, if present, is always a lower-case letter. This rule avoids confusions and ambiguities when the symbols are combined to make the formulae of compounds. For example:





•  the symbol for hydrogen is H



•  the symbol for helium is He (not HE or hE)



•  the symbol for cobalt is Co (not CO – this is the formula of carbon monoxide, which contains two atoms in its molecule, one of carbon and one of oxygen).





Symbols are combined to make up the formulae of compounds. If more than one atom of a particular element is present, its symbol is followed by a subscript giving the number of atoms of that element contained in one formula unit of the compound. For example:





•  the formula of copper oxide is CuO (one atom of copper combined with one atom of oxygen)



•  the formula of water is H2O (two atoms of hydrogen combined with one atom of oxygen)



•  the formula of phosphoric(V) acid is H3PO4 (three atoms of hydrogen combined with one of phosphorus and four of oxygen).





Sometimes, especially when the compound consists of ions rather than molecules (see Topic 4), groups of atoms in a formula are kept together by the use of brackets. If more than one of a particular group is present, the closing bracket is followed by a subscript giving the number of groups present. This practice makes the connections between similar compounds clearer. For example:





•  the formula of sodium nitrate is NaNO3 (one sodium ion, Na+, combined with one nitrate ion, NO3−, which consists of one nitrogen atom combined with three oxygen atoms)



•  the formula of calcium nitrate is Ca(NO3)2 (one calcium ion, Ca2+, combined with two nitrate ions).





Note that in calcium nitrate, the formula unit consists of one calcium, two nitrogens and six oxygens, but it is not written as CaN2O6. This formula would not make clear the connection between Ca(NO3)2 and NaNO3. Both compounds are nitrates, and both undergo similar reactions of the nitrate ions.


The formulae of many ionic compounds can be predicted if the valencies of the ions are known. (The valency of an ion is the electrical charge on the ion.) Similarly, the formulae of several of the simpler covalent (molecular) compounds can be predicted if the covalencies of the constituent atoms are known. (The covalency of an atom is the number of covalent bonds that the atom can form with adjacent atoms in a molecule.) Lists of covalencies and ionic valencies, and examples of how to use them, are given on pages 49 and 79.
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Worked example


How many atoms of each element are present in one formula unit of each of the following compounds?





a  Al(OH)3




b  (NH4)2SO4






Answer





a  The subscript after the closing bracket multiplies all the contents of the bracket by three. There are therefore three OH (hydroxide) groups, each containing one oxygen and one hydrogen atom, making a total of three oxygen atoms and three hydrogen atoms, together with one aluminium atom.



b  Here there are two ammonium groups, each containing one nitrogen atom and four hydrogen atoms, and one sulfate group, containing one sulfur atom and four oxygen atoms. In total, therefore, there are:







    • two nitrogen atoms


    • eight hydrogen atoms


    • one sulfur atom


    • four oxygen atoms.








[image: ]


[image: ]




Now try this


How many atoms in total are present in one formula unit of each of the following compounds?





1  NH4NO3




2  Na2Cr2O7




3  KCr(SO4)2




4  C6H12O6




5  Na3Fe(C2O4)3
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1.7 Moles and compounds


Relative molecular mass and relative formula mass


Just as we can weigh out a mole of carbon (12.0 g), so we can weigh out a mole of a compound such as ethanol (alcohol). We first need to calculate its relative molecular mass, Mr.


To calculate the relative molecular mass (Mr) of a compound, we add together the relative atomic masses (Ar) of all the elements present in one molecule of the compound (remembering to multiply the Ar values by the correct number if more than one atom of a particular element is present). So for ethanol, C2H6O, we have:


Mr = 2Ar(C) + 6Ar(H) + Ar(O)
     = 2 × 12.0 + 6 × 1.0 + 16.0
     = 46.0


Just as with relative atomic mass, values of relative molecular mass are ratios of masses, and have no units. The molar mass of ethanol is 46.0 g mol−1.


For ionic and giant covalent compounds (see Topic 4), we cannot, strictly, refer to their relative molecular masses, as they do not consist of individual molecules. For these compounds, we add together the relative atomic masses of all the elements present in the simplest (empirical) formula. The result is called the relative formula mass, but is given the same symbol as relative molecular mass, Mr. Just as with molecules, the mass of one formula unit is called the molar mass, symbol M. For example, the relative formula mass of sodium chloride, NaCl, is calculated as follows:


Mr = Ar(Na) + Ar(Cl)
     = 23.0 + 35.5
     = 58.5


The molar mass of sodium chloride is 58.5 g mol−1.


We can apply equation (1) (page 7) to compounds as well as to elements. Once the molar mass has been calculated, we can relate the mass of a sample of a compound to the number of moles it contains.
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Worked example 1


Calculate the relative molecular mass of glucose, C6H12O6.


Answer


Mr = 6Ar(C) + 12Ar(H) + 6Ar(O)
     = 6 × 12.0 + 12 × 1.0 + 6 × 16.0
     = 72.0 + 12.0 + 96.0
     = 180.0


Worked example 2


How many moles are there in 60 g of glucose?


Answer


Convert the relative molecular mass calculated in Worked example 1 to the molar mass, M, and use the formula in equation (1):
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Now try this





1  Calculate the relative formula mass of each of the following compounds. (Use the list of Ar values in the data section on the CD.)







    a iron(II) sulfate, FeSO4



    b calcium hydrogencarbonate, Ca(HCO3)2



    c ethanoic acid, C2H4O2



    d ammonium sulfate, (NH4)2SO4



    e the complex with the formula Na3Fe(C2O4)3









2  How many moles of substance are there in each of the following samples?







    a 20 g of magnesium oxide, MgO


    b 40 g of methane, CH4



    c 60 g of calcium carbonate, CaCO3



    d 80 g of cyclopropene, C3H4



    e 100 g of sodium dichromate(VI), Na2Cr2O7









3  What is the mass of each of the following samples?







    a 1.5 moles of magnesium sulfate, MgSO4



    b 0.333 mole of aluminium chloride, AlCl3
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A mole of what?


When dealing with compounds, we need to define clearly what the word ‘mole’ refers to. A mole of water contains 6 × 1023 molecules of H2O. But because each molecule contains two hydrogen atoms, a mole of H2O molecules will contain two moles of hydrogen atoms, that is, 12 × 1023 hydrogen atoms. Likewise, a mole of sulfuric acid, H2SO4, will contain two moles of hydrogen atoms, one mole of sulfur atoms and four moles of oxygen atoms. A mole of calcium chloride, CaCl2, contains twice the number of chloride ions as does a mole of sodium chloride, NaCl.


Sometimes this also applies to elements. The phrase ‘one mole of chlorine’ is ambiguous. One mole of chlorine molecules contains 6 × 1023 Cl2 units, but it contains 12 × 1023 chlorine atoms (2 mol of Cl).


1.8 Empirical formulae and molecular formulae
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The empirical formula is the simplest formula that shows the relative number of atoms of each element present in a compound.
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If we know the percentage composition by mass of a compound, or the masses of the various elements that make it up, we can work out the ratios of atoms.


The steps in the calculation are as follows.





1  Divide the percentage (or mass) of each element by the element’s relative atomic mass.



2  Divide each of the figures obtained in step 1 by the smallest of those figures.



3  If the results of the calculations do not approximate to whole numbers, multiply them all by 2 to obtain whole numbers. (In rare cases we might have to multiply by 3 or 4 to obtain whole numbers.)
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Worked example


Calculate the empirical formula of an oxide of iron that contains 70% Fe by mass.


Answer


The oxide contains iron and oxygen only, so the percentage of oxygen is 100 − 70 = 30%.


Following the steps above:





1  [image: ]




2  [image: ]




3  Multiply both numbers by 2: Fe = 2, O = 3.





Therefore the empirical formula is Fe2O3.
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Now try this


Calculate the empirical formula of each of the following compounds.





1  a sulfide of copper containing 3.97 g of copper and 1.00 g of sulfur



2  a hydrocarbon containing 81.8% carbon and 18.2% hydrogen



3  a mixed oxide of iron and calcium which contains 51.9% iron and 18.5% calcium by mass (the rest being oxygen)
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The molecular formula is either the same as, or a simple multiple of, the empirical formula. For example, the molecule of hydrogen peroxide contains two hydrogen atoms and two oxygen atoms. Its molecular formula is H2O2, but its empirical formula is HO.
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The molecular formula tells us the actual number of atoms of each element present in a molecule of the compound.
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1.9 Equations


Mass is conserved


A chemical equation represents what happens during a chemical reaction. A key feature of chemical reactions is that they proceed with no measurable change in mass at all. Many obvious events can often be seen taking place – the evolution of heat, flashes of light, changes of colour, noise and evolution of gases. But despite these sometimes dramatic signs that a reaction is happening, the sum of the masses of all the various products is always found to be equal to the sum of the masses of the reactants.


This was one of the first quantitative laws of chemistry, and is known as the Law of Conservation of Mass. It can be illustrated simply but effectively by the following experiment.
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Experiment


The conservation of mass


A small test tube has a length of cotton thread tied round its neck, and is half filled with lead(II) nitrate solution. It is carefully lowered into a conical flask containing potassium iodide solution, taking care not to spill its contents. A bung is placed in the neck of the conical flask, so that the cotton thread is trapped by its side, as shown in Figure 1.7. The whole apparatus is then weighed.


The conical flask is now shaken vigorously to mix the contents. A reaction takes place, and the bright yellow solid lead(II) iodide is formed. On re-weighing the conical flask with its contents, the mass is found to be identical to the initial mass.
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Balanced equations


The reason why the mass does not change during a chemical reaction is because no atoms are ever created or destroyed. The number of atoms of each element is the same at the end as at the beginning. All that has happened is that they have changed their chemical environment. In the example in the experiment above, the change can be represented in words as:
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There are several steps we must carry out to convert this word equation into a balanced chemical equation.





1  Work out and write down the formula of each of the compounds in turn, and describe its physical state using the correct one of the following four state symbols:


        (g) = gas   (l) = liquid   (s) = solid   (aq) = aqueous solution (dissolved in water)


    For the above reaction:





lead(II) nitrate solution is Pb(NO3)2(aq)
potassium iodide solution is KI(aq)
solid lead(II) iodide is PbI2(s)
potassium nitrate solution is KNO3(aq)


The equation now becomes:




        Pb(NO3)2(aq) + KI(aq) → PbI2(s) + KNO3(aq)



2  The next step is to ‘balance’ the equation. That is, we must ensure that we have the same number of atoms of each element on the right-hand side as on the left-hand side.







    a Looking at the equation in step 1 above, we notice that there are two iodine atoms on the right, in PbI2, but only one on the left, in KI. Also, there are two nitrate groups on the left, in Pb(NO3)2, but only one on the right, in KNO3.


    b We can balance the iodine atoms by having two formula units of KI on the left, that is 2KI. (Note that we cannot change the formula to KI2 – that would not correctly represent potassium iodide, which always contains equal numbers of potassium and iodide ions.)


    c We can balance the nitrates by having two formula units of KNO3 on the right, that is 2KNO3. This also balances up the potassium atoms, which, although originally the same on both sides, became unbalanced when we changed KI to 2KI in step b.







    The fully balanced equation is now:


        Pb(NO3)2(aq) + 2KI(aq) → PbI2(s) + 2KNO3(aq)





It is clear that we have neither lost nor gained any atoms, but that they have swapped partners – the iodine was originally combined with potassium, but has ended up being combined with lead; the nitrate groups have changed their partner from lead to potassium.
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Worked example


Write the balanced chemical equation for the following reaction:


zinc metal + hydrochloric acid → zinc chloride solution + hydrogen gas


Answer


Following the steps given above:





1  Zinc metal is Zn(s).
Hydrochloric acid is HCl(aq).
Zinc chloride solution is ZnCl2(aq).
Hydrogen gas is H2(g) (hydrogen, like many non-metallic elements, exists in molecules made up of two atoms).
The equation now becomes:





Zn(s) + HCl(aq) → ZnCl2(aq) + H2(g)





2 a There are two hydrogen atoms and two chlorine atoms on the right, but only one of each of these on the left.


    b We can balance both of them by just one change – having two formula units of HCl on the left.


    The fully balanced equation is now:





Zn(s) + 2HCl(aq) → ZnCl2(aq) + H2(g)
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Now try this





1  Copy the following equations and balance them.







    a H2(g) + O2(g) → H2O(l)


    b I2(s) + Cl2(g) → ICl3(s)


    c NaOH(aq) + Al(OH)3(s) → NaAlO2(aq) + H2O(l)


    d H2S(g) + SO2(g) → S(s) + H2O(l)


    e NH3(g) + O2(g) → N2(g) + H2O(l)








2  Write balanced symbol equations for the following reactions.







    a magnesium carbonate → magnesium oxide + carbon dioxide


    b lead + silver nitrate solution → lead nitrate solution + silver


    c sodium oxide + water → sodium hydroxide solution


    d iron(II) chloride + chlorine (Cl2) → iron(III) chloride


    e iron(III) sulfate + sodium hydroxide → iron(III) hydroxide + sodium sulfate
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1.10 Using the mole in mass calculations


We are now in a position to look at how the masses of the individual substances in a chemical equation are related. As an example, take the reaction between marble chips (calcium carbonate) and hydrochloric acid:


CaCO3(s) + 2HCl(aq) → CaCl2(aq) + H2O(l) + CO2(g)


When this reaction is carried out in an open conical flask on a top-pan balance, the mass is observed to decrease. (Note that this is not due to the destruction of matter – as was mentioned on page 11, the overall number of atoms does not change during a chemical reaction. Rather, it is due to the fact that the gaseous carbon dioxide produced escapes into the air.) We can use the knowledge gained in this topic to calculate the answer to the following question:





•  By how much would the mass decrease if 50 g of marble chips were completely reacted with an excess of hydrochloric acid?





We use the following steps:





1  We can use equation (1) (page 7) to calculate the number of moles of calcium carbonate in 50 g of marble chips:
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2  From the balanced equation above, we see that one mole of calcium carbonate produces one mole of carbon dioxide. Therefore the number of moles of carbon dioxide produced is the same as the number of moles of calcium carbonate we started with, namely 0.50 mol of carbon dioxide.



3  Lastly, we can use a rearranged form of equation (1) to calculate what mass of carbon dioxide this corresponds to.





[image: ]


The loss in mass (due to the carbon dioxide being evolved) is 22.0 g.


The three steps can be summarised as shown in Figure 1.9.
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Worked example


The highly exothermic thermit reaction (see Figure 1.10) is used to weld together the steel rails of railway tracks. It involves the reduction of iron(III) oxide to iron by aluminium.


2Al(s) + Fe2O3(s) → Al2O3(s) + 2Fe(s)
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Use the chart in Figure 1.9 to calculate what mass of aluminium is needed to react completely with 10.0 g of iron(III) oxide.


Answer





1  Mr(Fe2O3) = 2 × 55.8 + 3 × 16.0 = 111.6 + 48.0 = 159.6


        so M = 159.6 g mol−1
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2  From the balanced equation, one mole of iron(III) oxide reacts with two moles of aluminium, therefore:


        number of moles of aluminium (n) = 0.0627 × 2 = 0.125 mol



3  Ar(Al) = 27.0 o M = 27.0 g mol−1
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Now try this





1  What mass of silver will be precipitated when 5.0 g of copper are reacted with an excess of silver nitrate solution?


        Cu(s) + 2AgNO3(aq)


                → Cu(NO3)2(aq) + 2Ag(s)



2  What mass of ammonia will be formed when 50.0 g of nitrogen are passed through the Haber process? (Assume 100% conversion.)


        N2(g) + 3H2(g) → 2NH3(g)








[image: ]


1.11 Moles of gases


The molar masses of most compounds are different. The molar volumes of most solid and liquid compounds are also different. But the molar volumes of gases (when measured at the same temperature and pressure) are all the same. This strange coincidence results from the fact that most of a gas is in fact empty space – the molecules take up less than a thousandth of its volume at normal temperatures (see section 4.13). The volume of the molecules is negligible compared with the total volume, and so any variation in their individual size will not affect the overall volume. At room temperature (25 °C, 298 K) and normal pressure (1 atm, 1.01 × 105 Pa):


the molar volume of any gas = 24.0 dm3 mol−1


So we can say that:
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Worked example


What volume of hydrogen (measured at room temperature and pressure) will be produced when 7.0 g of iron are reacted with an excess of sulfuric acid?


Answer


The equation for the reaction is as follows:


Fe(s) + H2SO4(aq) → FeSO4(aq) + H2(g)





1  Ar(Fe) = 55.8 so M = 55.8 g mol−1
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2  From the balanced equation, one mole of iron produces one mole of hydrogen molecules, therefore:





number of moles of H2 = 0.125 mol





3  [image: ]
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Now try this





1  What volume of carbon dioxide (measured at room temperature and pressure) will be produced when 5.0 g of calcium carbonate are decomposed by heating according to the following equation?





CaCO3 → CaO + CO2





2  Sulfur dioxide and hydrogen sulfide gases react according to the equation:





2H2S + SO2 → 2H2O + 3S




    What volume of sulfur dioxide will be needed to react completely with 100 cm3 of hydrogen sulfide (both volumes measured at room temperature and pressure), and what mass of sulfur will be formed?
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1.12 Moles and concentrations



Many chemical reactions are carried out in solution. Often it is convenient to dissolve a reactant in a solvent in advance, and to use portions as and when needed. A common example of this is the dilute sulfuric acid you find on the shelves in a laboratory. This has been made up in bulk, at a certain concentration. Solutions are most easily measured out by volume, using measuring cylinders, pipettes or burettes. Suppose we need a certain amount of sulfuric acid (that is, a certain number of moles) for a particular experiment. If we know how many moles of sulfuric acid each 1 cm3 of solution contains, we can obtain the required number of moles by measuring out the correct volume. For example, if our sulfuric acid contains 0.001 mol of H2SO4 per 1 cm3, and we need 0.005 mol, we would measure out 5 cm3 of solution.


In chemistry, the concentrations of solutions are normally stated in units of moles per cubic decimetre (= moles per litre). The customary abbreviation is mol dm−3. Occasionally the older, and even shorter, abbreviation M is used.


If 1 dm3 of a solution contains 1.0 mol of solute, the solution’s concentration is 1.0 mol dm−3 (or 1.0 M, verbally described as ‘a one molar solution’).


If more moles are dissolved in the same volume of solution, the solution is a more concentrated one. Likewise, if the same number of moles is dissolved in a smaller volume of solution, the solution is also more concentrated. For example, we can produce a 2.0 mol dm−3 solution (2.0 M, ‘two molar’) by:





•  either dissolving 2 mol of solute in 1 dm3 of solution



•  or dissolving 1 mol of solute in 0.5 dm3 of solution.
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Unlike the mass of a solid, or the volume of a gas, which are extensive properties of a substance (see page 3), the concentration of a solution is an intensive property. It does not depend on how much of the solution we have. Properties that depend on the concentration of a solution are also intensive. For example, the rate of reaction between sulfuric acid and magnesium ribbon, the colour of aqueous potassium manganate(VII), the sourness of vinegar and the density of a sugar solution do not depend on how much solution we have, but only on how much solute is dissolved in a given volume.
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Worked example 1


200 cm3 of a sugar solution contains 0.40 mol of sugar. What is the concentration of the solution?


Answer


Use the first equation in the panel on page 16:
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Worked example 2


How many grams of salt, NaCl, need to be dissolved in 0.50 dm3 of solution to make a 0.20 mol dm−3 solution?


Answer


Use the second equation in the panel on page 16:
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Now use equation (1) (page 7) to convert moles into mass:
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Now try this





1  What are the concentrations of solute in the following solutions?







    a 2.0 mol of ethanol in 750 cm3 of solution


    b 5.3 g of sodium carbonate, Na2CO3, in 2.0 dm3 of solution


    c 40 g of ethanoic acid, C2H4O2, in 800 cm3 of solution








2  How many moles of solute are in the following solutions?







    a 0.50 dm3 of a 1.5 mol dm−3 solution of sulfuric acid


    b 22 cm3 of a 2.0 mol dm−3 solution of sodium hydroxide


    c 50 cm3 of a solution containing 20 g of potassium hydrogencarbonate, KHCO3, per dm3
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We shall come across the concentrations of solutions again in Topic 6, where we look at the technique of titration.


1.13 Calculations using a combination of methods


At the heart of most chemistry calculations is the balanced chemical equation. This shows us the ratios in which the reactants react to give the products, and the ratios in which the products are formed. This is called the stoichiometry of the reaction. Most calculations involving reactions can be broken down into a set of three steps (see Figure 1.12), similar to those described for mass calculations on page 14.
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Now try this


Use Figure 1.12 and the Ar values in the data section on the CD to answer the following questions.





1  What volume of hydrogen gas will be given off when 2.3 g of sodium metal react with water?





2Na(s) + 2H2O(l) → 2NaOH(aq) + H2(g)





2  The equation for the complete combustion of methane, CH4, in oxygen is:





CH4(g) + 2O2(g) → CO2(g) + 2H2O(g)




    Calculate the volume of oxygen needed to burn 4.0 g of methane.



3  What volume of 0.50 mol dm−3 sulfuric acid, H2SO4, is needed to react exactly with 5.0 g of magnesium, and what volume of hydrogen will be evolved?





Mg(s) + H2SO4(aq) → MgSO4(aq) + H2(g)





4  What mass of sulfur will be precipitated when an excess of hydrochloric acid is added to 100 cm3 of 0.20 mol dm−3 sodium thiosulfate solution?





Na2S2O3(aq) + 2HCl(aq) → 2NaCl(aq) + SO2(g) + H2O(l) + S(s)





5  What would be the concentration of the hydrochloric acid produced if all the hydrogen chloride gas from the reaction between 50 g of pure sulfuric acid and an excess of sodium chloride was collected in water, and the solution made up to a volume of 400 cm3 with water?





NaCl(s) + H2SO4(l) → NaHSO4(s) + HCl(g)
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Summary





•  Atoms and molecules are small and light – about 1 × 10−9 m in size, and about 1 × 10−22 g in mass.



•  Relative atomic mass and relative molecular mass are defined in terms of the mass of an atom of carbon-12.



•  One mole is the amount of substance that has the same number of particles (atoms, molecules, etc.) as there are atoms in 12.000 g of carbon-12.



•  The relative molecular mass, Mr, of a compound is found by summing the relative atomic masses, Ar, of all the atoms present.



•  The empirical formula of a compound is the simplest formula that shows the relative number of atoms of each element present in the compound.



•  The molecular formula tells us the actual number of atoms of each element present in a molecule of the compound.



•  Chemical reactions take place with no change in mass, and no change in the total number of atoms present.



•  Chemical equations reflect this – when balanced, they contain the same numbers of atoms of each element on their left-hand and right-hand sides.



•  The following equations allow us to calculate the number of moles present in a sample:
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Examination practice questions


Please see the data section of the CD for any Ar values you may need.





1  Zinc is an essential trace element which is necessary for the healthy growth of animals and plants. Zinc deficiency in humans can be easily treated by using zinc salts as dietary supplements.







    a  One salt which is used as a dietary supplement is a hydrated zinc sulfate, ZnSO4.xH2O, which is a colourless crystalline solid. Crystals of zinc sulfate may be prepared in a school or college laboratory by reacting dilute sulfuric acid with a suitable compound of zinc.


        Give the formulae of two simple compounds of zinc that could each react with dilute sulfuric acid to produce zinc sulfate. [2]


    b  A simple experiment to determine the value of x in the formula ZnSO4.xH2O is to heat it carefully to drive off the water.
ZnSO4.xH2O(s) → ZnSO4(s) + xH2O(g)
A student placed a sample of the hydrated zinc sulfate in a weighed boiling tube and reweighed it. He then heated the tube for a short time, cooled it and reweighed it when cool. This process was repeated four times. The final results are shown below.









	mass of empty tube/g

	mass of tube + hydrated salt/g

	mass of tube + salt after fourth heating/g






	74.25

	77.97

	76.34









        i  Why was the boiling tube heated, cooled and reweighed four times?


        ii  Calculate the amount, in moles, of the anhydrous salt produced.


        iii Calculate the amount, in moles, of water driven off by heating.


        iv Use your results to ii and iii to calculate the value of x in ZnSO4.xH2O.





[7]




    c  For many people, an intake of approximately 15 mg per day of zinc will be sufficient to prevent deficiencies.


        Zinc ethanoate crystals, (CH3CO2)2Zn.2H2O, may be used in this way.







        i  What mass of pure crystalline zinc ethanoate (Mr = 219.4) will need to be taken to obtain a dose of 15 mg of zinc?


        ii  If this dose is taken in solution as 5 cm3 of aqueous zinc ethanoate, what would be the concentration of the solution used? Give your answer in mol dm–3.


[4]


[Cambridge International AS & A Level Chemistry 9701, Paper 21 Q1 November 2012]








2  Washing soda is hydrated sodium carbonate, Na2CO3.xH2O.
A student wished to determine the value of x by carrying out a titration, with the following results.
5.13 g of washing soda crystals were dissolved in water and the solution was made up to 250 cm3 in a standard volumetric flask.
25.0 cm3 of this solution reacted exactly with 35.8 cm3 of 0.100 mol dm−3 hydrochloric acid and carbon dioxide was produced.







    a  i  Write a balanced equation for the reaction between Na2CO3 and HCl.


        ii Calculate the amount, in moles, of HCl in the 35.8 cm3 of solution used in the titration.


        iii Use your answers to i and ii to calculate the amount, in moles, of Na2CO3 in the 25.0 cm3 of solution used in the titration.


        iv Use your answer to iii to calculate the amount, in moles, of Na2CO3 in the 250 cm3 of solution in the standard volumetric flask.


        v  Hence calculate the mass of Na2CO3 present in 5.13 g of washing soda crystals.


[6]







    b  Use your calculations in a to determine the value of x in Na2CO3.xH2O.


[2]





[Cambridge International AS & A Level Chemistry 9701, Paper 23 Q2 June 2012]





3  a  A compound containing magnesium, silicon and oxygen is present in rock types in Italy. A sample of this compound weighing 5.27 g was found to have the following composition by mass: Mg, 1.82 g; Si, 1.05 g; O, 2.40 g.
Calculate the empirical formula of the compound. Show your working.


[2]


    b  Pharmacists sell tablets containing magnesium hydroxide, Mg(OH)2, to combat indigestion. A student carried out an investigation to find the percentage by mass of Mg(OH)2 in an indigestion tablet. The student reacted the tablet with dilute hydrochloric acid.





    Mg(OH)2(s) + 2HCl(aq) → MgCl2(aq) + 2H2O(l)




        The student found that 32.00 cm3 of 0.500 mol dm−3 HCl was needed to react with the Mg(OH)2 in a 500 mg tablet. [1 g = 1000 mg].







        i  Calculate the amount, in mol, of HCl used.


[1]


        ii Determine the amount, in mol, of Mg(OH)2 present in the tablet.


[1]


        iii Determine the percentage by mass of Mg(OH)2 present in the tablet.


[3]





[OCR Chemistry A Unit F321 Q2 (part) May 2011]
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2 The structure of the atom
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In this topic we introduce the three sub-atomic particles – the electron, the proton and the neutron. We look at their properties, and how they are arranged inside the atom. We explain that some elements form isotopes, and describe how their relative abundances can be measured using the mass spectrometer. We outline the types of energy associated with the particles in chemistry. Against this background, we look at how the electrons are arranged around the nucleus and how this arrangement explains the positions of elements within the Periodic Tab2le, their ionisation energies and the sizes of their atoms.
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Learning outcomes


By the end of this topic you should be able to:




  1.3a) analyse mass spectra in terms of isotopic abundances (part, see also Topic 29),


  1.3b) calculate the relative atomic mass of an element given the relative abundances of its isotopes, or its mass spectrum


  2.1a) identify and describe protons, neutrons and electrons in terms of their relative charges and relative masses


  2.1b) deduce the behaviour of beams of protons, neutrons and electrons in electric fields


  2.1c) describe the distribution of mass and charge within an atom


  2.1d) deduce the numbers of protons, neutrons and electrons present in both atoms and ions given proton and nucleon numbers and charge


  2.2a) describe the contribution of protons and neutrons to atomic nuclei in terms of proton number and nucleon number


  2.2b) distinguish between isotopes on the basis of different numbers of neutrons present


  2.2c) recognise and use the symbolism [image: ] for isotopes, where x is the nucleon number and y is the proton number


  2.3a) describe the number and relative energies of the s, p and d orbitals for the principal quantum numbers 1, 2 and 3 and also the 4s and 4p orbitals.


  2.3b) describe and sketch the shapes of s and p orbitals


  2.3c) state the electronic configuration of atoms and ions given the proton number and charge, using the convention 1s2 2s2 2p6, etc.


  2.3d) explain and use the term ionisation energy, explain the factors influencing the ionisation energies of elements, and explain the trends in ionisation energies across a Period and down a Group of the Periodic Table (see also Topic 10)


  2.3e) deduce the electronic configurations of elements from successive ionisation energy data


  2.3f) interpret successive ionisation energy data of an element in terms of the position of that element within the Periodic Table.
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2.1 The discovery of the sub-atomic particles



Our understanding of atoms is very much a nineteenth- and twentieth-century story. Although the Greek philosopher Democritus was the first to coin the term ‘atom’ (which is derived from the Greek word meaning ‘cannot be cut’), in around 400 BCE, his idea of matter being composed of small particles was dismissed by Aristotle. Because Aristotle’s reputation was so great, Democritus’ atomic idea was ignored for centuries. It was not until 1808, when John Dalton published his Atomic Theory, that the idea of atoms as being indivisible constituents of matter was revived. Dalton suggested that all the atoms of a given element were identical to each other, but differed from the atoms of every other element. His atoms were the smallest parts of an element that could exist. They could not be broken down or destroyed, and were themselves without structure.


For most of the nineteenth century the idea of atoms being indivisible fitted in well with chemists’ ideas of chemical reactions, and was readily accepted. Even today it is believed that atoms are never destroyed during a chemical reaction, but merely change their partners. However, in 1897 the physicist J.J. Thomson discovered the first sub-atomic particle, that is, a particle smaller than an atom. It was the electron.


Thomson found that the electron was much lighter than the lightest atom, and had a negative electrical charge. What is more, he found that under the conditions of his experiment, atoms of different elements produced identical electron particles. This suggested that all atoms contain at least one sub-atomic component in common.


Since atoms are electrically neutral objects, if they contain negatively charged electrons they must also contain particles with a positive charge. An important experiment carried out in 1911 by Ernest Rutherford (a New Zealander), Hans Geiger (a German) and Ernest Marsden (an Englishman) showed that the positive charge in the atom is concentrated into an incredibly small nucleus right in the middle of it. They estimated that the diameter of the nucleus could not be greater than 0.000 01 times that of the atom itself. Eventually, Rutherford was able to chip away from this nucleus small positively charged particles. He showed that these were also identical to each other, no matter which element they came from. This positive particle is called the proton. It is much heavier than the electron, having nearly the mass of the hydrogen atom.
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It was another 20 years before the last of the three sub-atomic particles, the neutron, was discovered. Although its existence was first suspected in 1919, it was not until 1932 that James Chadwick eventually pinned it down. As its name suggests, the neutron is electrically neutral, but it is relatively heavy, having about the same mass as a proton.


Scientists had therefore to change the earlier picture of the atom. In a sense the picture had become more complicated, showing that atoms had an internal structure, and were made up of other, smaller particles. But looked at in another way it had become simpler – the 90 or so different types of atoms that are needed to make up the various elements had been replaced by just three sub-atomic particles. It turns out that these, in different amounts, make up the atoms of all the different elements.
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2.2 The properties of the three sub-atomic particles


Table 2.1 lists some of the properties of the three sub-atomic particles.




[image: ]




Because of their relative masses and charges, the three particles behave differently in an electric field, as shown in Figure 2.3. Neutrons are undeflected, being electrically neutral. Protons are attracted towards the negative pole, and electrons towards the positive pole. If their initial velocities are the same, electrons are deflected to a greater extent than protons because they are much lighter.
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The picture of the atom assembled from these observations is as follows.





•  Atoms are small, spherical structures with diameters ranging from 1 × 10−10 m to 3 × 10−10 m.



•  The particles that contribute to the atom’s mass (protons and neutrons) are contained within a very small central nucleus that has a diameter of about 1 × 10−15 m.



•  The electrons occupy the region around the nucleus. They are to be found in the space inside the atom but outside the nucleus, which is almost the whole of the atom.



•  All the atoms of a particular element contain the same number of protons. This also equals the number of electrons within those atoms.



•  The atoms of all elements except hydrogen also contain neutrons. These are in the nucleus along with the protons. Almost the only effect they have on the properties of the atom is to increase its mass.





2.3 Isotopes


At the same time as Rutherford and his team were finding out about the structure of the nucleus, it was discovered that some elements contained atoms that have different masses, but identical chemical properties.


These atoms were given the name isotopes, since they occupy the same (iso) place (topos) in the Periodic Table. The first isotopes to be discovered were those of the unstable radioactive element thorium. (Thorium is element number 90 in the Periodic Table.) In 1913, however, Thomson was able to show that a sample of neon obtained from liquid air contained atoms with a relative atomic mass of 22 as well as those with the usual relative atomic mass of 20. These heavier neon atoms were stable, unlike the thorium isotopes. Many other elements contain isotopes, some of which are listed in Table 2.2.


Table 2.2 The relative abundance of some isotopes






	Isotope

	Mass relative to hydrogen

	Relative abundance






	boron-10

	10.0

	20%






	boron-11

	11.0

	80%






	neon-20

	20.0

	91%






	neon-22

	22.0

	9%






	magnesium-24

	24.0

	79%






	magnesium-25

	25.0

	10%






	magnesium-26

	26.0

	11%
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The isotopes of an element differ in their composition in only one respect – although they all contain the same numbers of electrons and protons, they have different numbers of neutrons.
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Most of the naturally occurring isotopes are stable, but some, like those of uranium and also many artificially made ones, are unstable and emit radiation. These are called radioactive isotopes.


2.4 Extending atomic symbols to include isotopes


For most chemical purposes, the atomic symbols introduced in Topic 1 are adequate. If, however, we wish to refer to a particular isotope of an element, we need to specify its mass number, which is the number of protons and neutrons in the nucleus. We write this as a superscript before the atomic symbol. We often add the proton number as a subscript before the symbol. So for carbon:





•  [image: ] is the symbol for carbon-12, which is the most common isotope, containing 6 protons and 6 neutrons, with a mass number of 12



•  [image: ] is the symbol for carbon-14, which contains 6 protons and 8 neutrons, with a mass number of 14.
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The proton number (atomic number) of an atom is the number of protons in its nucleus. The mass number of an atom is the sum of the numbers of protons and neutrons.
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Worked example


How many protons and neutrons are there in each of the following atoms?





a [image: ]



 



b [image: ]






Answer


The subscript gives the proton number, that is, the number of protons. So for oxygen, number of protons = 8, and for uranium, number of protons = 92.


Subtracting the proton number from the mass number gives the number of neutrons. So for oxygen, number of neutrons = 18 − 8 = 10, and for uranium, number of neutrons = 235 − 92 = 143.
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Now try this


How many protons, electrons and neutrons are there in each of the following atoms?





1  [image: ]



 



1  [image: ]
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2.5 The mass spectrometer


The masses and the relative abundances of individual isotopes are easily measured in a mass spectrometer. This is a machine in which atoms that have been ionised by the loss of electrons are accelerated to a high velocity, and their trajectories (paths) are then deflected from a straight line by passing them through a magnetic field. A magnetic field has a similar bending effect on moving charged particles as the electric field in Figure 2.3 (see page 22).
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Five processes occur in a mass spectrometer.





1  If it is not already a gas, the element is vaporised in an oven.



2  Electrons are fired at the gaseous atoms. These knock off other electrons from the atoms:





M(g) + e− → M+(g) + 2e−





3  The gaseous ions are accelerated by passing them through an electric field (at a voltage of 5–10 kV).



4  The fast-moving ions are deflected by an electromagnet. The larger the charge on the ion, the larger is the deflection. On the other hand, the heavier the ion, the smaller is the deflection. Overall, the deflections are proportional to the ions’ charge-to-mass ratios. If all ions have a +1 charge (which is usually the case), the extents of deflection will be inversely proportional to their masses.



5  The deflected ions pass through a narrow slit and are collected on a metallic plate connected to an amplifier. For a given strength of magnetic field, only ions of a certain mass pass through the slit and hit the collector plate. As the (positive) ions hit the plate, they cause a current to flow through the amplifier. The more ions there are, the larger the current.





The ions may travel a metre or so through the spectrometer. In order for them to do this without hitting too many air molecules (which would deflect them from their course), the inside of the spectrometer is evacuated to a very low pressure. When the situation is such that a steady stream of ions is being produced, the current through the electromagnet is changed at a steady rate. This causes the magnetic field to change in strength, and hence allows ions of different masses to pass successively through the slit. A mass spectrum is produced, which plots ion current against electromagnetic current. This is equivalent to relative abundance against mass number. Figure 2.6 shows the mass spectrum of krypton.


A mass spectrum enables us to analyse the proportions of the various isotopes in an element. However, by far the main use of the mass spectrometer nowadays is in analysing the formulae and structures of organic and inorganic molecules. We shall return to this application in Topic 29.
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Worked example 1


Chlorine consists of two isotopes, with mass numbers 35 and 37, and with relative abundances 76% and 24% respectively. Calculate the average relative atomic mass of chlorine.


Answer


The percentages tell us that if we took 100 chlorine atoms at random, 76 of them would have a mass of 35 units, and 24 of them would have a mass of 37 units.
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Worked example 2


Calculate the average relative atomic mass of krypton from the table in Figure 2.6.


Answer


We can extend the 100-random-atom idea from Worked example 1 to include fractions of atoms. Thus the average mass of one atom of krypton
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Now try this





1  Chromium has four stable isotopes, with mass numbers 50, 52, 53 and 54, and relative abundances 4.3%, 83.8%, 9.5% and 2.4% respectively. Calculate the average relative atomic mass of chromium.



2  Use the figures in Table 2.2 (page 22) to calculate the average relative atomic masses of boron, neon and magnesium to 1 decimal place.



3  (Harder) Iridium has two isotopes, with mass numbers 191 and 193, and its average relative atomic mass is 192.23. Calculate the relative abundances of the two isotopes.








[image: ]


2.6 Chemical energy


The concept of energy is central to our understanding of how changes come about in the physical world. Our study of chemical reactions depends on energy concepts.


Chemical energy is made up of two components – kinetic energy, which is a measure of the motion of atoms, molecules and ions in a chemical substance, and potential energy, which is a measure of how strongly these particles attract one another.


Kinetic energy


Kinetic energy increases as the temperature increases. Chemists use a scale of temperature called the absolute temperature scale, and on this scale the kinetic energy is directly proportional to the temperature (see section 4.13).


Kinetic energy can be of three different types. The simplest is energy due to translation, that is, movement from place to place. For monatomic gases (gases made up of single atoms, for example helium and the other noble gases), all the kinetic energy is in the form of translational kinetic energy. For molecules containing two or more atoms, however, there is the possibility of vibration and rotation as well (see Figure 2.7). Both these forms of energy involve the movement of atoms, even though the molecule as a whole may stay still. In diatomic gases, the principal form of kinetic energy is translation, but in more complex molecules, such as ethane, vibration and rotation become the more important factors.
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In solids, the particles are fixed in position, and the only form of kinetic energy is vibration. In liquids, the particles can move from place to place, though more slowly than in gases, and so liquid particles have translational, rotational and vibrational kinetic energy.


Potential energy


In studying chemical energy, we are usually more interested in the potential energy of the system than in its kinetic energy. This is because the potential energy gives us important quantitative information about the strengths of chemical bonds. At normal temperatures, potential energy is much larger than kinetic energy.


Potential energy arises because atoms, ions and molecules attract and repel one another. These attractions and repulsions follow from the basic principle of electrostatics, that unlike charges attract and like charges repel. Ionic compounds contain particles with clear positive and negative charges on them. Two positively charged ions repel each other, as do two negatively charged ions. A positive ion and a negative ion attract each other. Atoms and molecules, which have no overall charge on them, also attract one another (see section 3.17).


It requires energy to pull apart a sodium ion, Na+, from a chloride ion, Cl−. The potential energy of the system increases because we need to apply a force F (equal to the force of attraction between the two ions) for a distance d (see Figure 2.8). In a similar way, we increase the potential energy of a book if we pick the book up off the floor and put it on a desk (see Figure 2.9).
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In contrast, if we start with a sodium ion and a chloride ion separated from each other and then bring them together, the potential energy decreases. We also decrease the potential energy of a book if we allow it to fall from the desk to the floor.


As we shall see in Topic 5, chemists are usually interested in the change in chemical energy that occurs during a reaction. This change is represented by the symbols ΔE – the Greek letter delta, Δ, being used to mean ‘change’. If we look at energy changes that occur at constant pressure, which is normally the case in the laboratory, we use the symbol ΔH, which represents the enthalpy change of a reaction. The most commonly used unit of energy in chemistry is the kJ mol-1 (kilojoule per mole), where 1 kJ = 1000 J.


2.7 The arrangement of the electrons – energy levels and orbitals


On page 21 we concluded that the atom is made up of a very dense, very small nucleus containing the protons and neutrons, and a much larger region of space around the nucleus that contains the electrons. We now turn our attention to these electrons. We shall see that they are not distributed randomly in this region of space. They occupy specific volume regions, called orbitals, which have specific energies associated with them.


Energy levels and emission spectra


When gaseous atoms are given energy, either by heating them up to several hundred degrees, or by passing an electric current through them, the electrons become excited and move from lower energy levels to higher levels. Electrons in gaseous atoms can also move from lower to higher energy levels by absorbing specific frequencies of light. This leaves dark absorption lines in the spectrum of light transmitted through the gas. It was these absorption lines that provided the first evidence for a new element discovered in the outer regions of the Sun. It was named helium, after the Greek word for the Sun, helios. The technique of atomic absorption spectroscopy is widely used today to measure accurately, for example, the concentrations of calcium and sodium in a blood sample, or the elements contained in a sample of a steel alloy (see Figure 2.10).
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Eventually, the excited electrons lose energy again by falling down to lower energy levels. During this process they radiate visible or ultraviolet light in specific amounts as ‘packets’ called photons. We can analyse the radiated light with a device called a spectroscope, shown in Figure 2.11. The emission spectrum shows that only a very few specific frequencies are emitted, and these are unique to an individual element. All the atoms of a particular element radiate at the same set of frequencies, which are usually different from those of all other elements (see Figure 2.12). This is the process that is responsible for the flame colours of the elements of Groups 1 and 2 (see Topics 10 and 19). The observation of line spectra, implying that photons of only specific energies are emitted or absorbed by atoms, constitutes strong evidence for the existence of discrete electronic energy levels within atoms.
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The energy E of a photon of light is related to its frequency, f, by Planck’s equation:


E = hf


where h is the Planck constant.


If photons of a particular frequency are being emitted by an atom, this means that the atom is losing a particular amount of energy. This energy represents the difference between two states of the atom, one more energetic than the other (see Figure 2.13).
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The spectrum of the simplest atom, hydrogen, shows a series of lines at different frequencies (see Figure 2.14). This suggests that the hydrogen atom can lose different amounts of energy, which in turn suggests that it can exist in a range of energy states. Transitions between the various energy states cause photons to be emitted at various frequencies. These energy states can be identified with situations where the single hydrogen electron is in certain orbitals, at specific distances from the nucleus, as we shall see.
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Quantum theory


The fact that only certain frequencies of light are emitted, rather than a continuous spectrum, is compelling evidence that the energy of the hydrogen atom can take only certain values, not a continuous range of values. This is the basic notion of the quantum theory. We say that the energy of the hydrogen atom is quantised (rather than continuous). It can lose (or gain) energy only by losing (or gaining) a quantum of energy.


A good analogy is a staircase. When you climb a staircase, you increase your height by certain fixed values (the height of each step). You can be four steps from the bottom, or five steps, but not four and a half steps up. By contrast, if you were walking up a ramp, you could choose to be at any height you liked from the bottom. It turns out that the energy of all objects is distributed in staircases rather than in ramps, but if the object is large enough, the height of each step is vanishingly small. The energy values then seem to be almost continuous, rather than stepped. It is only when we look at very small objects like atoms and molecules that the height of each step becomes significant.


The size of an energy quantum (the height of each step) is not fixed, however. It depends on the type of energy we are considering. We shall return to this point in Topic 29 when we study spectroscopy. We can use the methods of quantum mechanics to calculate not only the energies but also the probability distributions of orbitals (see Figures 2.16 and 2.18, page 30).


Energy levels in the atom


Hydrogen is a very small spherical atom with only two particles – a proton and an electron. Apart from energy of movement (translational kinetic energy), the only energy it can have is that associated with the electrostatic attraction between its two particles (see page 26). The different energy levels are therefore due to different electrostatic potential energy states, where the electron is at different distances from the proton (see Figure 2.15).
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These energy levels, associated with different distances of the electron from the nucleus, are called orbitals, by analogy with the orbits of the planets at different distances from the Sun.


The orbitals are arranged in shells. Each shell contains orbitals of roughly the same energy. The shell with the lowest energy (the one closest to the nucleus) contains only one orbital. Shells with higher energies, further out from the nucleus, contain increasingly large numbers of orbitals, according to the formula:


number of orbitals in nth shell = n2


Table 2.3 The number of orbitals in each shell






	Principal shell number

	Number of orbitals






	1

	1






	2

	4






	3

	9






	4

	16






	5

	25






	6

	36







Table 2.3 shows the number of orbitals in each shell, according to this equation.


2.8 Subshells and the shapes of orbitals


Electron probability and distance from the nucleus


Unlike a planet in a circular orbit, whose distance from the Sun does not change, an electron in an orbital does not remain at a fixed distance from the nucleus. Although we can calculate, and in some cases measure, the average electron–nucleus distance, if we were to take an instantaneous snapshot of the atom, we would be quite likely to find the electron either further away from or closer to the nucleus than this average distance. The graph of probability of finding the electron against its distance from the nucleus for a typical orbital is shown in Figure 2.16, and by contrast a similar one for the Earth–Sun distance is shown in Figure 2.17. Notice that, because of the gradual falling-off of the electron probability, there is a finite (but very small) chance of finding an electron a very long way from the centre of the atom.
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The first shell – s orbital


The single orbital in the first shell is spherically symmetrical. This means that the probability of finding the electron at a given distance from the nucleus is the same no matter what direction from the nucleus is chosen. This orbital is called the 1s orbital.


The second shell – s and p orbitals


Of the four orbitals in the second shell, one is spherically symmetrical, like the orbital in the first shell. This is called the 2s orbital. Its probability curve is shown in Figure 2.16. The other three second-shell orbitals point along the three mutually perpendicular x-, y- and z-axes. These are the 2p orbitals. They are called, respectively, the 2px, 2py and 2pz orbitals. They do not overlap with one another. For example, an electron in the 2px orbital has a high probability of being found on or near to the x-axis, but a zero probability of being found on either the y-axis or the z-axis. These two different types of orbitals – the 2s and the 2p – are of slightly different energies. They make up the two subshells in the second shell of orbitals.


When an electron is located in an s orbital, there is a fair chance of finding it right at the centre of the atom, at the nucleus. But the distribution curve for the 2p orbital in Figure 2.18 shows that there is a zero probability of finding a p electron in the centre of the atom. This is general for all p orbitals. Electrons in these orbitals tend to occupy the outer reaches of atoms.
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In three dimensions, an s orbital can be likened to a soft sponge ball, whereas a p orbital is like a long spongy solid cylinder, constricted around its centre to form two lobes, as shown in Figure 2.19.
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The third shell – s, p and d orbitals


From the n2 formula on page 29 we can predict that there will be nine orbitals in the third shell. One of these, the 3s orbital, is spherically symmetrical, just like the 1s and 2s orbitals. Three 3p orbitals, the 3px, 3py and 3pz orbitals, each have two lobes, pointing along the axes in a similar fashion to the 2p orbitals. The other five have a different shape. The most common interpretation of the mathematical equations that describe their shape suggests that four of these orbitals each consist of four lobes in the same plane as one another, and pointing mutually at right angles, whereas the fifth is best represented as a two-lobed orbital surrounded by a ‘doughnut’ of electron density around its middle. They are called the 3d orbitals, illustrated in Figure 2.20. So the third shell consists of three subshells – the 3s, the 3p and the 3d subshells.
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The fourth shell – s, p, d and f orbitals


The process can be continued. In the fourth shell, we predict that there will be 42 = 16 orbitals. One of these will be the 4s orbital, three will be the 4p orbitals, five will be the 4d orbitals, leaving seven orbitals of a new type. They are called the 4f orbitals. Each consists of many lobes pointing away from one another, as shown in Figure 2.21.
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Shells and orbitals in summary


The number and type of orbitals within the different shells are summarised in Table 2.4.
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Worked example


What is the total number of orbitals in the fifth shell? How many of these are d orbitals?


Answer


Total number of orbitals = 52 = 25. Of these, 5 are d orbitals. (There are five d orbitals in every shell above the third shell.)
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Now try this


How many orbitals will be in:





a the 5p subshell



b the 5f subshell?
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2.9 Putting electrons into the orbitals


The atoms of different elements contain different numbers of electrons. A hydrogen atom contains just one electron. An atom of uranium contains 92 electrons. How these electrons are arranged in the various orbitals is called the atom’s electronic configuration. This is a key feature in determining the chemical reactions of an element.


The electrons around the nucleus of an atom are most likely to be found in the situation of lowest possible energy. That is, they will occupy orbitals as close to the nucleus as possible. The single electron in hydrogen will therefore be in the 1s orbital. The electronic configuration of hydrogen is written as 1s1 (and spoken as ‘one ess one’). The next element, helium, has two electrons, so its electronic configuration is 1s2 (‘one ess two’).


For reasons that we shall look at later, we find that each orbital, no matter what shell or subshell it is in, cannot accommodate more than two electrons. The third electron in lithium, therefore, has to occupy the orbital of next lowest energy, the 2s. The electronic configuration of lithium is 1s2 2s1. Beryllium (1s2 2s2) and boron (1s2 2s2 2p1) follow predictably.


When we come to carbon (1s2 2s2 2p2), we need to differentiate between the three 2p orbitals. Because electrons are all negatively charged, they repel one another electrostatically. The three 2p orbitals are all of the same energy. Therefore we would expect the two p electrons in carbon to occupy different 2p orbitals (for example, 2px and 2py), as far away from one another as possible. This is in fact what happens. Likewise, the seven electrons in the nitrogen atom arrange themselves 1s2 2s2 2px1 2py1 2pz1. It is only when we arrive at oxygen (1s2 2s2 2px2 2py1 2pz1) that the 2p orbitals start to become doubly occupied. For many purposes, however, there is no need to distinguish between the three 2p orbitals, and we can abbreviate the electronic configuration of oxygen to 1s2 2s2 2p4.


This process continues until element number 18, argon. With argon, the 3p subshell is filled, and we would expect that the next electron should start to occupy the 3d subshell. But here the expectation is not what happens. Instead, the nineteenth electron in the next element, potassium, occupies the 4s subshell. We shall now explain why this is the case.


2.10 Shielding by inner shells


In a single-electron atom like hydrogen, the potential energy is due entirely to the single electrostatic attraction between the electron and the proton. When we move to the two-electron atom helium, two changes have occurred.





1  The nucleus now contains two protons, and has a charge of +2. It will therefore attract the electrons more, and reduce the potential energy of the system, that is, make it more stable.



2  However, the second electron in the atom will repel the first (and vice versa). This makes the decrease in potential energy described in 1 above less than it would otherwise have been.





This has a clear effect on the ionisation energies of the two elements.
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The ionisation energy of an atom (or ion) is defined as the energy required to remove completely a mole of electrons from a mole of gaseous atoms (or ions). That is, the ionisation energy is the energy change for the following process:


X(g) → X+(g) + e−
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For hydrogen and helium the ionisation energies are:








	H(g) → H+(g) + e−


	ΔH = 1312 kJ mol−1







	He(g) → He+(g) + e−


	ΔH = 2372 kJ mol−1











Note that ΔH is the symbol chemists use for enthalpy change. The enthalpy change of a process is the energy change that occurs when the process is carried out at constant pressure (see Topic 5).


It takes more energy to remove an electron from a helium atom than from a hydrogen atom. This shows that, compared with the energy when the electron is at infinity, the energy of the 1s orbital has become more negative in helium (see Figure 2.22) than in hydrogen (see Figure 2.15, page 29).
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This decrease in energy for the 1s orbital continues as the proton number increases (see Figure 2.23). The decrease in energy is also true for other orbitals. The reason is that as the number of protons in the nucleus increases, the electrons in a particular orbital are attracted to it more. The decrease in energy is not regular, however, and is not the same for all orbitals. This is due to two factors.
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•  The average distance of a p orbital from the nucleus is larger than that of the corresponding s orbital in the same shell (see Figures 2.16 and 2.18, page 30). Electrons in p orbitals therefore experience less of the stabilising effect of increasing nuclear charge than electrons in s orbitals. For a similar reason, electrons in d orbitals experience even less of the increasing nuclear charge than electrons in p orbitals.



•  All electrons in outer shells are to some extent shielded from the nuclear charge by the electrons in inner shells. This shielding has the effect of decreasing the effective nuclear charge. In the case of lithium, for example, the outermost electron in the 2s orbital does not experience the full nuclear charge of +3 (see Figure 2.24). The two electrons in the filled 1s orbital mask a good deal of this charge. Overall, the effective nuclear charge experienced by the 2s electron in lithium is calculated to be +1.3, which is considerably less than the actual nuclear charge of +3.
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A plot of orbital energy against proton number for several orbitals is shown in Figure 2.25.
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It can be seen that, for each shell, the electrons in the s orbital decrease their energy faster than electrons in the p orbitals. Electrons in the p orbitals in turn decrease their energy faster than electrons in the d orbitals, and so on. In particular, electrons in the 4s and 4p orbitals decrease their energy faster than electrons in the 3d orbitals. So much so, that by the time 18 electrons have been added (it so happens), the next most stable orbital is the 4s rather than the 3d. The orbital filling continues after potassium in the order 4s–3d–4p–5s–4d–5p–6s–4f–5d–6p–7s, reflecting the ‘lagging behind’ of the d and f orbitals. This is due to the effective shielding, by filled inner electron shells, of these orbitals from the increasing nuclear charge.


The simple mnemonic diagram in Figure 2.26 will help you to remember the order in which the orbitals are filled.
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2.11 Electron spin and the Pauli principle


Electrons are all identical. The only way of distinguishing them is by describing how their energies and spatial distributions differ. Thus an electron in a 1s orbital is different from an electron in a 2s orbital because it occupies a different region of space closer to the nucleus, causing it to have less potential energy. An electron in a 2px orbital differs from an electron in a 2py orbital because although they have exactly the same potential energy, they occupy different regions of space.


Two electrons with the same energy and occupying the same orbital must be distinguishable in some way, or else they would, in fact, be one and the same particle.


Experiments by Otto Stern and Walther Gerlach, in Germany in the 1920s, showed that an electron has a magnetic dipole moment. A spinning electrically charged sphere is predicted to produce a magnetic dipole – it acts like a tiny magnet, with a north and a south pole. Therefore the most common explanation for the results of the Stern–Gerlach experiment is that the electron is spinning on its axis, and the direction of spin can be either clockwise (let us say) or anticlockwise. These two directions of spin produce magnetic moments in opposite directions, often described as ‘up’ (given the symbol ↑) and ‘down’ (given the symbol ↓).


We could therefore distinguish between two electrons in exactly the same orbital if they had different directions of spin. All electrons spin at the same rate, and there are only two possible spin directions. Therefore there are only two possible ways of describing electrons in the same orbital (for example, 1s↑ and 1s↓). So there can only be two electrons in each orbital, and they must have opposite directions of spin. A third electron would need to have the same spin direction as one of the two already there, which would make it indistinguishable from the similarly spinning one.


The situation is neatly summarised by the Pauli exclusion principle, which states that:
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No more than two electrons can occupy the same orbital, and if two electrons are in the same orbital, they must have opposite spins.
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2.12 Filling the orbitals


We are now in a position to formulate the rules to use in order to predict the electronic configuration of the atoms of the elements, and also the ions derived from them. Collecting together the conclusions of sections 2.7–2.11, we arrive at the following.





1  Work out, from the element’s proton number (and the charge, if an ion is being considered), the total number of electrons to be accommodated in the orbitals.



2  Taking the orbitals in order of their energies (see Figure 2.26), fill them from the lowest energy (1s) upwards, making sure that no orbital contains more than two electrons.



3  For subshells that contain more than one orbital with the same energy (the p, d and f subshells), place the electrons into different orbitals, until all are singly occupied. Only then should further electrons in that subshell start doubly occupying orbitals. For example, place one electron into each of 2px, 2py and 2pz before putting two electrons into any p orbital.



4  Two electrons sharing the same orbital must have opposite spins.





This procedure is known as the Aufbau or ‘building-up’ principle.


The electronic configurations of atoms and ions can be represented in a variety of ways. These are illustrated here by using sulfur (proton number 16) as an example. One way is as an ‘electrons-in-boxes’ diagram, as shown in Figure 2.27.
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An alternative is the long linear form, specifying individual p orbitals:


1s2 2s2 2px2 2py2 2pz2 3s2 3px2 3py1 3pz1


Below is the shortened linear form, which is the most usual representation:


1s2 2s2 2p6 3s2 3p4


An even shorter form is:


[Ne] 3s2 3p4


where [Ne] represents the filled shells in the neon atom, 1s2 2s2 2p6.


Sometimes, if we are only concerned with which shells are filled, rather than which sub-shells, the electron configuration of the sulfur atom can be described as 2.8.6, meaning 2 electrons in the first shell; 8 electrons in the second shell; and 6 electrons in the third shell.
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Worked example


Write out:





a  the ‘electrons-in-boxes’ representation of the silicon atom



b  the shortened linear form of the electronic configuration of the magnesium atom



c  the long linear form of the electronic configuration of the fluoride ion.





Answer





a  Silicon has proton number 14, so there are 14 electrons to accommodate, as shown in Figure 2.28. Note that the last two electrons go into the 3px and 3py orbitals, with unpaired spins.
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b  Magnesium has proton number 12. The 12 electrons doubly occupy the six orbitals lowest in energy:





1s2 2s2 2p6 3s2





c  Fluorine has proton number 9. The F1 ion will therefore have (9 + 1) = 10 electrons:





1s2 2s2 2px2 2py2 2pz2
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Now try this


Write out the long linear form of the electronic configuration of each of the following atoms or ions.





1  N



2  Ca



3  Al3+
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2.13 Experimental evidence for the electronic configurations of atoms – ionisation energies


A major difference between electrons in different types of orbital is their energy. We can investigate the electronic configurations of atoms by measuring experimentally the energies of the electrons within them. This can be done by measuring ionisation energies (see page 32).


Ionisation energies are used to probe electronic configurations in two ways:





•  successive ionisation energies for the same atom



•  first ionisation energies for different atoms.





We shall look at each in turn.


Successive ionisation energies


We can look at an atom of a particular element, and measure the energy required to remove each of its electrons, one by one:






	X(g) → X+(g) + e−


	ΔH = IE1


	






	X+(g) → X2+(g) + e−


	ΔH = IE2


	






	X2+(g) → X3+(g) + e−


	ΔH = IE3


	etc.







These successive ionisation energies show clearly the arrangement of electrons in shells around the nucleus. If we take the magnesium atom as an example, and measure the energy required to remove successively the first electron, the second, the third, and so on, we obtain the plot shown in Figure 2.29.
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Successive ionisation energies are bound to increase because the remaining electrons are closer to, and less shielded from, the nucleus. But a larger increase occurs when the third electron is removed. This is because once the two electrons in the outer (third) shell have been removed, the next has to be stripped from a shell that is very much nearer to the nucleus (the second shell). A similar, but much more enormous, jump in ionisation energy occurs when the eleventh electron is removed. This has to come from the first, innermost shell, right next to the nucleus. These two large jumps in the series of successive ionisation energies are very good evidence that the electrons in the magnesium atom exist in three different shells.


The jumps in successive ionisation energies are more apparent if we plot the logarithm of the ionisation energy against proton number, as in Figure 2.30. (Taking the logarithm is a scaling device that has the effect of decreasing the differences between adjacent values for the larger ionisation energies, so the jumps between the shells become more obvious.)
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Worked example


The first five successive ionisation energies of element X are 631, 1235, 2389, 7089 and 8844 kJ mol−1.


How many electrons are in the outer shell of element X?


Answer


The differences between the successive ionisation energies are as follows:


2 − 1: 1235 − 631 = 604 kJ mol−1
3 − 2: 2389 − 1235 = 1154 kJ mol−1
4 − 3: 7089 − 2389 = 4700 kJ mol−1
5 − 4: 8844 − 7089 = 1755 kJ mol−1


The largest jump comes between the third and the fourth ionisation energies, therefore X has three electrons in its outer shell.
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Now try this


Decide which group element Y is in, based on the following successive ionisation energies:


590, 1145, 4912, 6474, 8144 kJ mol−1





[image: ]


First ionisation energies


The second way that ionisation energies show us the details of electronic configuration is to look at how the first ionisation energies of elements vary with proton number. Figure 2.31 is a plot for the first 40 elements.


This graph shows us the following.





1  All ionisation energies are strongly endothermic – it takes energy to separate an electron from an atom.



2  As we go down a particular group, for example from helium to neon to argon, or from lithium to sodium to potassium, ionisation energies decrease. The larger the atom, the easier it is to separate an electron from it.



3  The ionisation energies generally increase on going across a period. The Group 1 elements (the alkali metals) have the lowest ionisation energy within each period, and the noble gases have the highest.



4  This general increase across a period has two exceptions. For the first two periods, these occur between Groups 2 and 13 and between Groups 15 and 16.
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We shall comment on each of these features in turn.


1 The endothermic nature of ionisation energies


This is due to the electrostatic attraction between each electron in an atom (even the outermost one, which is always the easiest to remove) and the positive nucleus. It is worth remembering that this applies even to alkali metals like sodium, which we usually think of as ‘wanting’ to form ions. We must bear in mind, however, that ionisation energies as plotted in Figure 2.31 apply to the ionisation of isolated atoms in the gas phase. Ions are much more stable when in solid lattices or in solution. We shall be looking at this in detail in Topic 20.


2 The group trend


The nuclear charge experienced by an outer electron is the effective nuclear charge, Zeff. It can roughly be equated to the number of protons in the nucleus, P, minus the number of electrons in the inner shells, E. As we explained when considering the ionisation energy of lithium on page 34, inner shells shield the effect of the increasing nuclear charge on the outer electrons. Because of this, the outer electrons of elements within the same group experience roughly the same effective nuclear charge no matter what period the element is in. What does change as we go down a group, however, is the atomic radius (see Figure 2.32). The larger the radius of the atom, the larger is the distance between the outer electron and the nucleus, so the electrostatic attraction between them is smaller.
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3 The periodic trend


As we go across a period, we are, for each element, adding a proton to the nucleus, and an electron to the outermost shell. The extra proton will, of course, cause the nucleus to attract all the electrons more strongly. Electrons in the same shell are at (roughly) the same distance from the nucleus as one another. They are therefore not particularly good at shielding one another from the nuclear charge. As a result of this, the effective nuclear charge increases. This causes the electrostatic attraction between the ionising electron and the nucleus to increase too. Table 2.5 illustrates this for the second period.
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4 The exceptions


The two exceptions to the general increase in ionisation energy across a period (see Figure 2.31) arise from different causes.


In boron (1s2 2s2 2p1), the outermost electron is in a 2p orbital. The average distance from the nucleus of a 2p orbital is slightly larger than that of a 2s orbital (see Figures 2.16 and 2.18). We would therefore expect the outermost electron in boron to experience less electrostatic attraction than the outermost 2s electron in beryllium. So the ionisation energy of boron is less.


The other exception is the decrease in ionisation energy from nitrogen to oxygen. This occurs when the fourth 2p electron is added, and is related to the fact that there are just three 2p orbitals. As we have seen before, because they are of the same electrical charge, electrons repel one another. The three successive electrons added to the series of atoms boron – carbon – nitrogen are therefore most likely to go into the three orbitals 2px, 2py and 2pz. These orbitals are of equal energy and at right angles to one another, so allowing the electrons to be as far apart as possible. They will therefore experience the least electrostatic repulsion from one another, and so, overall, the atomic system will be the most stable. In oxygen, however, the fourth 2p electron has to be accommodated in an orbital that already contains an electron. These two electrons will be sharing the same region of space (by the Pauli principle, of course, their spins will have to be in opposite directions), and they will therefore repel each other quite strongly. This repulsion is larger than the extra attraction experienced by the new electron from the additional proton in oxygen’s nucleus. So the energy needed to remove the electron from the oxygen atom is less than the ionisation energy of the nitrogen atom. Similar repulsions are experienced by the additional electrons in the fluorine and neon atoms, so the ionisation energy of each of these elements is, like oxygen’s, about 430 kJ mol−1 less than one might have expected (see Figure 2.33).
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Once the second shell has been filled, at neon, the next additional electron (in sodium) has to occupy the 3s orbital, and starts to fill the third shell. This is further out from the nucleus than the 2p electron in neon (remember, electrostatic attraction decreases with distance). It is also more shielded from the nucleus – by two inner shells, rather than the one in neon – hence Zeff for sodium is only 2.5. On both accounts, we would expect a large decrease in ionisation energy from neon to sodium, which we indeed observe (see Figure 2.31).


2.14 The effect of electronic configuration on atomic radius


At first sight, the radius of an atom might seem an easy quantity to visualise. But, as we saw in Figures 2.16 and 2.18 (page 30), the outer reaches of atoms have an ever-decreasing electron probability, which is still greater than zero even at large distances. A filled orbital is a pretty elusive affair that can easily be squashed or polarised. We must therefore be prepared to accept that the value of the atomic radius will not be a fixed quantity, but will depend on the atom’s environment.


Keeping this in mind, however, we can use the theories developed above to predict how the atomic radius might change with proton number. We have seen that we might expect two major influences on the size of an atom. One of these will be the number of shells – the more shells, the bigger the atom should be. We should see this effect as we go down a group. The other influence will be the effective nuclear charge – the larger the charge, the more the orbitals are pulled in towards the nucleus, and so the smaller the atom should be. We should see this effect as we go across a period. These two factors combine to produce a predictable pattern in the plot of atomic radius against proton number, which is borne out by experimental observations (see Figure 2.34). We shall return to the trends in atomic radius in section 10.3.
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Summary





•  All atoms are made of the same three sub-atomic particles – the electron, the proton and the neutron.



•  Their relative electrical charges are, respectively, −1, +1 and 0.



•  Their masses (relative to that of the proton) are, respectively, [image: ], 1 and 1.



•  The proton number (atomic number) is the number of protons contained in the nucleus of an element’s atoms. It tells us the order of the element in the Periodic Table.



•  Isotopes are atoms of the same element (and therefore with the same proton number) but with different numbers of neutrons.



•  The mass number of an atom is the sum of the numbers of protons and neutrons it contains.



•  The full symbol for an atom shows its mass number as a superscript and its atomic (proton) number as a subscript. For example, [image: ] shows a carbon atom with mass number 12 and proton number 6.



•  Masses and relative abundances of isotopes can be measured using the mass spectrometer.



•  Chemical energy has two components – the kinetic energy of moving particles, and the potential energy due to electrostatic attractions.



•  The electrons are arranged around the nucleus of an atom in energy levels, or orbitals.



•  When an electron moves from a higher to a lower energy level (orbital), a quantum of energy is released as a photon of light (sometimes visible, but often ultraviolet light).



•  The number of possible orbitals in the nth shell is n2. Each orbital can hold a maximum of two electrons.



•  The first shell contains only one orbital, which is an s orbital. The second shell contains one s and three p orbitals, the third shell one s, three p and five d orbitals, and so on.



•  The electrons in an atom occupy the lowest energy orbitals first. Orbitals of equal energy are occupied singly whenever possible.



•  Successive ionisation energies of a single atom, and the trends in the first ionisation energies of the element across periods and down groups, give us information about the electronic configurations of atoms.
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Examination practice questions


Please see the data section of the CD for any Ar values you may need.





1  Although the actual size of an atom cannot be measured exactly, it is possible to measure the distance between the nuclei of two atoms. For example, the ‘covalent radius’ of the Cl atom is assumed to be half of the distance between the nuclei in a Cl2 molecule. Similarly, the ‘metallic radius’ is half of the distance between two metal atoms in the crystal lattice of a metal. These two types of radius are generally known as ‘atomic radii’.
The table below contains the resulting atomic radii for the elements of Period 3 of the Periodic Table, Na to Cl.
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    a  i  Explain qualitatively this variation in atomic radius.


        ii Suggest why it is not possible to use the same type of measurement for argon, Ar.


[4]


    b  i  Use the data section on the CD to complete the following table of radii of the cations and anions formed by some of the period three elements.
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        ii Explain the differences in size between the cations and the corresponding atoms.


        iii Explain the differences in size between the anions and the corresponding atoms.


[5]


[Cambridge International AS & A Level Chemistry 9701, Paper 23 Q1 a & b June 2012]








2  This question is about a model of the structure of the atom.







    a  A model used by chemists includes the relative charges, the relative masses and the distribution of the sub-atomic particles making up the atom.
Copy and complete the table below.


[1]
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    b  Early studies of ionisation energies helped scientists to develop a model for the electron structure of the atom.
Define the term first ionisation energy.


[3]


    c  A modern model of the atom arranges electrons into orbitals, sub-shells and shells.
Copy and complete the following table showing the maximum number of electrons which can be found within each region.


[3]









	Region

	Number of electrons






	a 2p orbital

	 






	the 3s sub-shell

	 






	the 4th shell

	 









    d  The modern Periodic Table arranges the elements in order of their atomic number.
Explain what is meant by the term periodicity.


[1]


    e  In this part, you need to refer to the Periodic Table of the Elements in the data section on the CD.
From the first 18 elements only, choose an element which fits the following descriptions.







        i  An element with an isotope that can be represented as [image: ].


[1]


        ii The element which forms a 3− ion with the same electron structure as Ne.


[1]


        iii The element which has the smallest third ionisation energy.


[1]


        iv The element with the first six successive ionisation energies shown below, in kJ mol−1.


[1]
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[OCR Chemistry A Unit F321 Q1 May 2011]





3  Tin mining was common practice on Dartmoor (UK) in pre-Roman times. Most of the tin extracted was mixed with copper to produce bronze.







    a  The table below shows the sub-atomic particles of an isotope of tin.
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        i  Copy and complete the table.


[1]


        ii In terms of sub-atomic particles, how would atoms of 120Sn differ from atoms of 118Sn?


[1]







    b  The relative atomic mass of tin is 118.7. Define the term relative atomic mass.


[3]


    c  A bronze-age shield found on Dartmoor contained 2.08 kg of tin.
Calculate the number of tin atoms in this bronze shield. Give your answer to three significant figures.


[2]


    d Tin ore, known as cassiterite, contains an oxide of tin. This oxide contains 78.8% tin by mass.
Calculate the empirical formula of this oxide. You must show your working.


[2]


[OCR Chemistry A Unit F321 Q1 May 2010]
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3 Chemical bonding in simple molecules
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This topic is the first of two in which we look at how atoms bond together to form molecules and compounds, and how those particles arrange themselves into larger structures to form all the matter we see around us. Here we describe the various types of covalent bond, and explain some of the properties of simple covalent molecules.
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Learning outcomes


By the end of this topic you should be able to:




  3.2a) describe, including the use of ‘dot-and-cross’ diagrams, covalent bonding (as in hydrogen, oxygen, chlorine, hydrogen chloride, carbon dioxide, methane, ethene) and co-ordinate (dative covalent) bonding (as in the formation of the ammonium ion and in the Al2Cl6 molecule)


  3.2b) describe covalent bonding in terms of orbital overlap, giving σ and π bonds, including the concept of hybridisation to form sp, sp2 and sp3 orbitals (see also Topic 14)


  3.2c) explain the shapes of, and bond angles in, molecules by using the qualitative model of electron-pair repulsion (including lone pairs), using as simple examples: BF3 (trigonal), CO2 (linear), CH4 (tetrahedral), NH3 (pyramidal), H2O (non-linear), SF6 (octahedral), PF5 (trigonal bipyramidal)


  3.2d) predict the shapes of, and bond angles in, molecules and ions analogous to those specified in 3.2b) (see also Topic 14)


  3.3a) describe hydrogen bonding, using ammonia and water as simple examples of molecules containing N—H and O—H groups


  3.3b) understand, in simple terms, the concept of electronegativity and apply it to explain the properties of molecules such as bond polarity and the dipole moments of molecules (part, see also Topic 10)


  3.3c) explain the terms bond energy, bond length and bond polarity and use them to compare the reactivities of covalent bonds (see also Topic 15)


  3.3d) describe intermolecular forces (van der Waals’ forces), based on permanent and induced dipoles, as in CHCl3(l), Br2(l) and the liquid Group 18 elements


  3.5c) show understanding of chemical reactions in terms of energy transfers associated with the breaking and making of chemical bonds (see also Topic 14)
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3.1 Introduction


Of the total number of individual, chemically-pure substances known to exist, several million are compounds, formed when two or more elements are chemically bonded together. Less than 100 substances are elements. Only six of these elements consist of free, unbonded atoms at room temperature. These are the noble gases in Group 18. All other elements exist as individual molecules, or giant molecules, or metallic lattices. In all three cases, the atoms of the element are chemically bonded to one another.


This shows that the natural state of atoms (that is, the state where they have the lowest energy) is the bonded state. Atoms ‘prefer’ to be bonded to one another, rather than to be floating free through space. They give out energy when they form bonds. On the other hand, it always requires an input of energy to break a chemical bond – bond-breaking is an endothermic process (see Figure 3.1).
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The bond strength is related to the value of ΔH in Figure 3.1, that is, the enthalpy change that occurs when one mole of bonds in a gaseous compound is broken, forming gas-phase atoms (see section 5.5). The larger ΔH is, the stronger is the bond.


We saw in Topic 2 that the negatively charged electrons in an atom are attracted to the positively charged nucleus: an electron in an atom has less potential energy than an electron on its own outside an atom. It therefore requires energy to remove an electron from an atom. In this topic we discover a similar reason why atoms bond together to form compounds. This is because the electrons on one atom are attracted to the nucleus of another, causing the bonded system to have less potential energy than in its unbonded state. (The three major types of bonding – covalent, ionic and metallic – differ from one another only in how far this attraction to another nucleus overcomes the attraction of the electron to its own nucleus.)



[image: ]
3.2 Covalent bonding – the hydrogen molecule



We shall look first at the simplest possible bond, that between the two hydrogen atoms in the hydrogen molecule. Imagine two hydrogen atoms, initially a large distance apart, approaching each other. As they get closer together, the first effect will be that the electron of one atom will experience a repulsion from the electron on the other atom, but this will be compensated by the attraction it will experience towards the other atom’s nucleus (in addition to the attraction it always experiences from its own nucleus). Remember that the electron in an atom spends some of its time at quite a large distance from the nucleus (see Figure 2.16, page 30). As the hydrogen atoms get closer still, the two electrons will encounter an even greater attraction to the opposite nucleus, but will also continue to repel each other. Eventually, when the two nuclei become very close together, they in turn will start to repel each other, since they both have the same (positive) charge. The most stable situation will be when the attractions of the two electrons to the two nuclei are just balanced by the electron–electron and nucleus–nucleus repulsions. A covalent bond has formed. The decrease in potential energy at this point from the unbonded state is called the bond energy, and the nucleus–nucleus distance at which this occurs is known as the bond length (see Figure 3.2).
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Being attracted to both the hydrogen nuclei, the two electrons spend most of their time in the region half-way between them, and on the axis that joins them. This is where the highest electron density (or electron probability) occurs in a single covalent bond (see Figure 3.3).
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The two electrons are therefore shared between the two adjacent atoms. As we mentioned in section 2.7, we use the word (atomic) orbital to describe the region of space around the nucleus of an atom that is occupied by a particular electron. In a similar way, we can use the term molecular orbital to describe the region of space within a molecule where a particular electron is to be found.


3.3 Representing covalent bonds


Depending on the information we want to convey, we can use various ways to represent a covalent bond, as listed below.





•  The dot-and-cross diagram:
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•  The dot-and-cross diagram including Venn diagram boundaries – this is preferred for more complicated molecules, as it allows an easy check to be made of exactly which bonds the electrons are in:
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•  The line diagram (one line for each bond) – this is not very informative for small simple molecules, but is often less confusing than drawing out individual electrons for larger, more complex molecules.
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3.4 Covalent bonding with second-row elements


Bonding and valence-shell electrons


When an atom bonds with others, it is normally only the electrons in the outermost shell of the atom that take part in bonding. The outermost shell is called the valence shell. All electrons in the valence shell can be considered together as a group. When we look in simple terms at the bonding, we can ignore the distinction between the various types of orbitals (s, p, d, etc.) in a shell. The number of electrons in the valence shell is the same as the group number of the element in the Periodic Table (see Topic 10).


If an atom has more than one electron in its valence shell, it can form more than one covalent bond to other atoms. For example, the beryllium atom has a pair of 2s electrons. When forming a compound such as beryllium hydride, BeH2, these can unpair themselves and form two bonds with two other atoms. The boron atom (2s2 2p1) can form three bonds. The bonding in beryllium hydride and boron hydride is shown in Figure 3.4.
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The carbon atom in methane has four electrons in its valence shell (2s2 2p2), and so forms four bonds.
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The general rule is that:


[image: ]




Elements with one to four electrons in their valence shells form the same number of covalent bonds as the number of valence-shell electrons.
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Importantly, carbon atoms form strong bonds to other carbon atoms (as do a few other elements). This allows the millions of organic compounds to be stable. The simplest molecule with a carbon–carbon bond is ethane (see Figure 3.6).




[image: ]




More than four valence-shell electrons


When the number of valence-shell electrons is greater than four, the maximum possible number of bonds is not always formed. This is because atoms of the elements of the second row of the Periodic Table have only four orbitals in their valence shells (2s, 2px, 2py, 2pz) and so cannot accommodate more than four pairs of electrons. The number of bonds they form is restricted by this overall maximum of eight electrons, because every new bond brings another electron into the valence shell. For example, nitrogen has five valence-shell electrons. In the molecule of ammonia (NH3) there are three N—H bonds. These involve the sharing of three nitrogen electrons with three from the hydrogen atoms. These three additional electrons bring the valence shell total to eight. The outer shell is therefore filled, with a full octet of electrons. No further bonds can form. The remaining two of the five electrons in nitrogen’s valence shell remain unbonded, as a lone pair, occupying an orbital associated with only the nitrogen atom (see Figure 3.7).
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The general rule is that:
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Elements of the second period with more than four electrons in their outer shells form (8 − n) covalent bonds, where n = the number of valence-shell electrons.
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Similarly, oxygen (2s2 2p4), with six electrons in its valence shell, can form only two covalent bonds, with two lone pairs of electrons remaining. Fluorine (2s2 2p5), with seven valence-shell electrons, can form only one bond, leaving three lone pairs around the fluorine atom (see Figure 3.8).
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Worked example


Draw diagrams showing the bonding in nitrogen trifluoride, NF3, and hydrogen peroxide, H2O2.


Answer




[image: ]
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Now try this


Draw diagrams showing the bonding in the following molecules.





1  BF3




2  N2H4




3  CH3OH



4  CH2F2









[image: ]


3.5 Covalent bonding with third-row elements


Unlike elements in the second row of the Periodic Table, those in the third and subsequent rows can use their d orbitals in bonding, as well as their s and p orbitals. They can therefore form more than four covalent bonds to other atoms. Like nitrogen, phosphorus (1s2 2s2 2p6 3s2 3p3) has five electrons in its valence shell. But because it can make use of five orbitals (one 3s, three 3p and one 3d) it can use all five of its valence-shell electrons in bonding with fluorine. It therefore forms phosphorus pentachloride, PF5, as well as phosphorus trifluoride, PF3 (see Figure 3.10).
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In a similar way, sulfur can use all its valence-shell electrons in six orbitals (one 3s, three 3p and two 3d) to form sulfur hexafluoride, SF6. Chlorine does not form ClF7, however. The chlorine atom is too small for seven fluorine atoms to assemble around it. Chlorine does, though, form ClF3 and ClF5 in addition to ClF.
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Worked example


Draw a diagram to show the bonding in chlorine pentafluoride, ClF5.


Answer
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Now try this





1  Sulfur forms a tetrafluoride, SF4. Draw a diagram to show its bonding.








2  a How many valence-shell electrons does chlorine use for bonding in chlorine trifluoride, ClF3?


    b So how many electrons are left in the valence shell?


    c So how many lone pairs of electrons are there on the chlorine atom in chlorine trifluoride?
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3.6 The covalency table


As explained in sections 3.4 and 3.5, the number of covalent bonds formed by an atom depends on the number of electrons available for bonding, and the number of valence-shell orbitals it can use to put the electrons into. For many elements, the number of bonds formed is a fixed quantity and is termed the covalency of the element. It is often related to its group number in the Periodic Table. As shown above, elements in Groups 15 to 17 in the third and subsequent rows of the Periodic Table (Period 3 and higher) can use a variable number of electrons in bonding. They can therefore display more than one covalency. Table 3.1 shows the most usual covalencies of some common elements.
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Worked example


What could be the formulae of compounds formed from the following pairs of elements?





a  boron and nitrogen



b  phosphorus and oxygen





Answer


The elements must combine in such a ratio that their total covalencies are equal to each other.





a  The covalencies of boron and nitrogen are both 3, so one atom of boron will combine with one atom of nitrogen. The formula is therefore BN (3 for B = 3 for N).



b  The covalency of oxygen is 2, and that of phosphorus can be either 3 or 5. We would therefore expect two possible phosphorus oxides: P2O3 (2 × 3 for P = 3 × 2 for O) and P2O5 (2 × 5 for P = 5 × 2 for O).
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Now try this





1  What are the formulae of the three possible oxides of sulfur?



2  Use Table 3.1 to write the formulae of the simplest compounds formed between:







    a carbon and hydrogen


    b oxygen and fluorine


    c boron and chlorine


    d nitrogen and bromine


    e carbon and oxygen.
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3.7 Dative bonding


So far, we have looked at covalent bonds where each atom provides one electron to form the bond. It is possible, however, for just one of the atoms to provide both bonding electrons. This atom is called the donor atom, and the two electrons it provides come from a lone pair on that atom. The other atom in the bond is called the acceptor atom. It must contain an empty orbital in its valence shell. This kind of bonding is called dative bonding or co-ordinate bonding. The apparent covalency of each atom can increase as a result of dative bonding.


For example, when gaseous ammonia and gaseous boron trifluoride react together, a white solid is formed, with the formula NH3BF3. The nitrogen atom in ammonia has a lone pair, and the boron atom in boron trifluoride has an empty 2p orbital. The nitrogen’s lone pair can overlap with this empty orbital, as shown in Figure 3.12.
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The dative bond, once formed, is no different from any other covalent bond. For example, when gaseous ammonia and gaseous hydrogen chloride react, the white solid ammonium chloride is formed. The lone pair of electrons on the nitrogen atom of ammonia has formed a dative bond with the hydrogen atom of the hydrogen chloride molecule (see Figure 3.13). (At the same time, the H—Cl bond breaks, and the electrons that were in the bond form a fourth lone pair on the chlorine atom. With 18 electrons and only 17 protons, this now becomes the negatively charged chloride ion. Ionic bonding is covered in detail in Topic 4.)
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The shape of the ammonium ion is a regular tetrahedron, the same as that of methane molecule (see Figure 3.14). All four N—H bonds are exactly the same. It is not possible to tell which one was formed in a dative way.
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3.8 Multiple bonding


Double and triple bonds


Atoms can share more than one electron pair with their neighbours. Sharing two electron pairs produces a double bond, and sharing three produces a triple bond. The covalencies still conform to those in Table 3.1. Examples of oxygen, nitrogen and carbon atoms forming multiple bonds are shown in Figure 3.15.
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Worked example


Draw a dot-and-cross diagram and a line diagram of the carbon dioxide molecule, CO2.


Answer


The covalencies of oxygen and carbon are 2 and 4 respectively. The only possible bonding arrangement is therefore O[image: ]C[image: ]O, and the electrons are shared as shown in Figure 3.16.
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Now try this


Draw line diagrams and dot-and-cross diagrams to show the bonding in the following molecules.





1  HCN



2  H2CO



3  C2H2 (ethyne)
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3.9 The shapes of molecules


One of the major advances in chemistry occurred in 1874, when the Dutch chemist Jacobus van’t Hoff suggested for the first time that molecules possessed a definite, unique, three-dimensional shape. The shapes of molecules are determined by the angles between the bonds within them. In turn, the bond angles are determined by the arrangement of the electrons around each atom.


VSEPR theory


Because of their similar (negative) charge, electron pairs repel each other. The electron pairs in the outer (valence) shell of an atom will experience the least repulsion when they are as far apart from one another as possible. This applies both to bonded pairs and to non-bonded (lone) pairs. This simple principle allows us to predict the shapes of simple molecules. The theory, developed by Nevil Sidgwick and Herbert Powell in 1940, is known as the valence-shell electron-pair repulsion theory (or VSEPR for short). In order to work out the shape of a molecule, the theory is applied as follows.





1  Draw the dot-and-cross structure of the molecule, and hence count the number of electron pairs around each atom.



2  These pairs will take up positions where they are as far apart from one another as possible. The angles between the pairs will depend on the number of pairs around the atom (see Figure 3.17).
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3  Orbitals containing lone pairs are larger than those containing bonded pairs, and take up more space around the central atom. They therefore repel the other pairs that surround the atom more strongly. This causes the angle between two lone pairs to be larger than the angle between a lone pair and a bonded pair, which in turn is larger than the angle between two bonded pairs:





(LP–LP angle) > (LP–BP angle) > (BP–BP angle)





4  Although they are very important in determining the shape of a molecule, the lone pairs are not included when the molecule’s shape is described. For example, the molecules CH4, NH3 and H2O all have four pairs of electrons in the valence shell of the central atom (see Figure 3.18). These four pairs arrange themselves in a (roughly) tetrahedral fashion. But only the methane molecule is described as having a tetrahedral shape. Ammonia is pyramidal (it has only three bonds), and water is described as a bent molecule (it has only two bonds).







[image: ]




[image: ]




Worked example


Work out the shapes of the following molecules.





a  CCl4




b  BF3




c  PF5






Answer





a
[image: ]



    The valence shell of the carbon atom in CCl4 contains eight electrons, arranged in four bonded pairs. It therefore takes up a regular tetrahedral shape, just like methane (see Figure 3.19).








b
[image: ]



    The valence shell of the boron atom in BF3 contains six electrons, arranged in three bonded pairs (no lone pairs – see page 47). It thus takes up a regular triangular planar shape, with all bond angles being equal at 120° (see Figure 3.20).








c
[image: ]



    The valence shell of the phosphorus atom in PF5 contains ten electrons: five from phosphorus, and one each from the five fluorine atoms (see page 48). The shape will be a regular trigonal bipyramid, with bond angles of 120° and 90° (see Figure 3.21).
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Now try this


Work out the shapes of the following molecules.





1  BeH2




2  ClF3 (Explain why this is called a ‘T-shaped’ molecule.)



3  SF6
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Double bonds and VSEPR


When a molecule contains a double bond, the four electrons in this bond count as one group of electrons, as far as the VSEPR theory is concerned. For example, the carbon in carbon dioxide, which is doubly bonded to each of the oxygen atoms, is surrounded by just two electron groups. It is therefore predicted to be a linear molecule (see Figure 3.22).
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Worked example


Predict the shape of the sulfur dioxide molecule.


Answer


Sulfur shares two of its valence-shell electrons with each of the two oxygen atoms, forming two double bonds. It has two electrons left over, which form a lone pair. There are therefore three groups of electrons around the sulfur atom, and these will arrange themselves approximately into a triangular planar shape. The SO2 molecule is therefore bent, as shown in Figure 3.23 (remember that lone pairs are ignored when the shape is described), with a O—S—O bond angle of about 120°. (In fact, the angle is very slightly less, at 119°, owing to the extra repulsion by the lone pair.)
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Now try this


Predict the shapes of the following molecules.





1  HCN



2  H2CO



3  C2H2 (ethyne)





(Note that a triple bond, like a double bond, can be considered as a single group of electrons.)
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Later in this topic we shall see how we can predict the shapes of molecules such as ethene and carbon dioxide by studying their bonding (see section 3.15).


Summary: the shapes of molecules


Table 3.2 summarises how the numbers of bonded and non-bonded electron pairs determine the shapes of molecules.
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3.10 Electronegativity and bond polarity


The essential feature of covalent bonds is that the electrons forming the bond are shared between the two atoms. But that sharing does not have to be an equal one. Unless both atoms are the same (for example in the molecules of hydrogen, H2, or oxygen, O2), it is more than likely that they have different electronegativities, and this leads to unequal sharing.
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The electronegativity of an atom is a measure of its ability to attract the electrons in a covalent bond to itself.
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Several chemists have developed quantitative scales of electronegativity values. One of the most commonly used is the scale devised by the American chemist Linus Pauling in 1960. Numerical values of electronegativity on this scale range from fluorine, with a value of 4.0, to an alkali metal such as sodium, with a value of 0.9.


Figure 3.25 shows the electronegativity values of the elements in the first three rows of the Periodic Table. Notice that the larger the number, the more electronegative (electron attracting) the atom is.
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The electronegativity value depends on the effective nuclear charge. This is similar to the way that ionisation energies depend on the effective nuclear charge, and the reason is also similar. The nucleus of a fluorine atom (electronegativity value = 4.0), for example, contains more protons and a higher effective nuclear charge than that of a carbon atom (electronegativity value = 2.5), and so is able to attract electrons more strongly than carbon. In the C—F bond, therefore, the electrons will be found, on average, nearer to fluorine than to carbon. This will cause a partial movement of charge towards the fluorine atom, resulting in a polar bond (see Figure 3.26).
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This partial charge separation is represented by the Greek letter δ (delta), followed by + or − as appropriate. The ‘cross-and-arrow’ symbol in Figure 3.26 is also sometimes used to show the direction in which the electrons are attracted more strongly.


Most covalent bonds between different atoms are polar. If the electronegativity difference is large enough, one atom can attract the bonded electron pair so much that it is completely transferred, and an ionic bond is formed (see section 4.6).
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Worked example


Use the electronegativities in Figure 3.25 to predict the direction of polarisation in the following bonds.





a  C—O



b  O—H



c  Al—Cl





Which of these three bonds is the most polar?


Answer


 





a  δ+C—Oδ−    electronegativity difference = 3.5 − 2.5 = 1.0



b  δ−O—Hδ+    electronegativity difference = 3.5 − 2.1 = 1.4



c  δ+Al—Clδ−    electronegativity difference = 3.0 − 1.5 = 1.5





Al—Cl is the most polar of these three bonds.
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Now try this


Which is the most polar of the following three bonds?


Si—H    P—C    S—Cl
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3.11 Polarity of molecules


Dipoles of molecules


The drift of bonded electrons to the more electronegative atom results in a separation of charge, termed a dipole. Each of the polar bonds in a molecule has its own dipole associated with it. The overall dipole of the molecule depends on its shape. Depending on the relative angles between the bonds, the individual bond dipoles can either reinforce or cancel each other. If cancellation is complete, the resulting molecule will have no dipole, and so will be non-polar. If the bond dipoles reinforce each other, molecules with very large dipoles can be formed.


For example, both hydrogen, H2, and fluorine, F2, are non-polar molecules, but hydrogen fluoride has a large dipole due to the much larger electronegativity of fluorine (see Figure 3.27).
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The two C[image: ]O bonds in carbon dioxide are polar, but because the angle between them is 180°, exact cancellation occurs, and the molecule of CO2 is non-polar. A similar situation occurs in tetrachloromethane, but not in chloromethane (see Figure 3.28).
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Worked example


Which of the molecules in Figure 3.29 has no dipole moment?




[image: ]




Answer


Compound C, 1,4-dichlorobenzene. In compound C, the C—Cl dipoles are on opposite sides of the benzene ring, so their dipoles oppose each other equally. In compounds A and B, the C—Cl dipoles are, more or less, on the same side of the ring.
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Now try this





1  Which of the two compounds A and B, in the worked example above, will have the larger dipole moment, and why?



2  Work out the shapes of the following molecules and decide which of them are polar.







    a C2H6



    b CH2Cl2



    c CH3OH


    d SF4
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Lone pairs and dipoles


Polarity of molecules is also caused by the presence of a lone pair of electrons on one side on the central atom. This is an area of negative charge and so it forms the δ− end of a dipole. In the ammonia molecule, this dipole reinforces the dipoles due to the N—H bonds, resulting in a highly polar molecule. A similar situation occurs with water (see Figure 3.30).
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Comparing dipoles



The strength of a dipole is measured by its dipole moment, which is the product of the separated electric charge, δ+ or δ−, and the distance between them. Dipole moments can be measured, and they can also be calculated. Table 3.3 lists the dipole moments of some common molecules. The debye unit, D (named after the chemist Peter Debye), has the dimensions of coulomb-metre. If, as in an ionic bond, a full electron charge were separated by a distance of 0.15 nm, the dipole moment would be 7.0 D. It can therefore be seen that even the most polar of covalent bonds, such as H—F, are still a long way from being ionic.


Table 3.3 The dipole moments of some common covalent molecules






	Molecule

	Dipole moment/D






	HF

	1.91






	HCl

	1.05






	HBr

	0.80






	HI

	0.42






	H2O

	1.84






	NH3


	1.48







3.12 Induced polarisation of bonds


A bond’s natural polarity, caused by the different electronegativities of the bonded atoms, can be increased by a nearby strong electric field. A nearby electric field can also produce a polarity in a bond that was originally non-polar. This induced polarity is often followed by the breaking of the bond. The nearby electric field can be due to an area of concentrated electron density, or an electron-deficient atom, or a small highly-charged cation. Examples of each of these cases are as follows:





•  the polarisation of a bromine molecule by an ethene molecule, as shown in Figure 3.31 (see Topic 14)
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•  the polarisation of a chlorine molecule by aluminium chloride, as shown in Figure 3.32 (see Topic 25)
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•  the polarisation of the carbonate ion by a Group 2 metal ion, as shown in Figure 3.33 (see Topic 20)
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The induced polarisation of molecules, and the effect this has on intermolecular attractions, is discussed later in this topic, in section 3.17.


3.13 Isoelectronic molecules and ions


Isoelectronic means ‘having the same number of electrons’. The term can be applied to molecules or ions which have the same total number of electrons, or to molecules or ions that have the same number of electrons in their valence shells. Because the distribution of electrons in the valence shell determines the shape of a molecule, molecules or ions that are isoelectronic with one another have the same basic shape, often with identical bond angles too. For example:





•  the tetrahydridoborate(III) ion, BH4−, methane, CH4, and the ammonium ion, NH4+, are all regular tetrahedra, with H—X—H angles of 109.5°



•  the borate ion, BO33−, the carbonate ion, CO32−, and the nitrate ion, NO3−, are all triangular planar, with O—X—O angles of 120°



•  the oxonium ion, H3O+, and ammonia, NH3, are both triangular pyramids with H—X—H angles of 107°.





Counting the electrons in the valence shell around an atom is therefore a useful way of predicting the shape of a molecule.
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Worked example


Predict the shapes of the following ions:





a  the methyl cation, CH3+




b  the methyl anion, CH3−




c  the nitronium cation, NO2+






Answer





a  CH3+ is isoelectronic with BH3 (six electrons in the outer shell), and so it is a triangular planar ion.



b  CH3− is isoelectronic with NH3, so it is a triangular pyramidal ion.



c  NO2+ is isoelectronic with CO2, so it is a linear ion.
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Now try this


Given the information that sulfur trioxide is triangular planar, the sulfite anion, SO32−, is a triangular pyramid, and the sulfate ion, SO42− is tetrahedral, predict the shapes of the following ions.





1  ClO3−




2  PO33−




3  PO43−
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3.14 The overlap of orbitals – σ bonds


A single bond is produced when a pair of electrons is shared between two atoms. The electron pair occupies a molecular orbital formed by the overlap of an atomic orbital on each atom. The atomic orbitals can be s orbitals or p orbitals, or a mixture of the two (see Figure 3.34).
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The resulting area of electron density is in the region between the bonded atoms, with the largest density on the axis joining the atom centres. Looked at ‘end on’, these orbitals have a circular symmetry (see Figure 3.35).
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By analogy with the spherically symmetric s orbitals of atoms, these are termed σ (sigma) orbitals, σ being the Greek letter corresponding to s. The resulting bond is called a σ bond.


Hybridisation of orbitals


We saw on page 51 that the electron pairs which surround a central atom arrange themselves in such a way as to minimise the repulsion between them. If there are three electron pairs, they arrange themselves in a triangular planar arrangement, and if there are four electron pairs, they arrange themselves tetrahedrally. What molecular orbitals can be used by the electrons to point in these directions?


In Topic 2 we saw that, for second-row elements, the orbitals available for bonding are the spherical 2s orbitals and the three dumbbell-shaped 2p orbitals.


Figure 3.34 shows how two 2p orbitals can overlap to produce a σ molecular orbital. But, as can be seen in Figure 3.34, this molecular orbital points in the same direction as the original p atomic orbitals. So molecular orbitals formed from the 2px, 2py and 2pz orbitals would be pointing along the x-, y- and z-axes, that is, at right angles to one another. But for the triangular planar geometry of three electron pairs, there need to be three orbitals that are pointing at 120° from one another, and in the tetrahedral case of four electron pairs, there need to be four orbitals pointing at 109.5° from one another. Suitable orbitals that point in the right directions can be formed by mixing, or hybridising, the s and p atomic orbitals.


If the 2s, 2px and 2py orbitals are hybridised together, the result is three identical orbitals pointing at 120° from one another – which is exactly what we want! This type of hybridisation is called sp2 (pronounced ‘ess pee two’), and the three hybrid atomic orbitals are called sp2 orbitals.


Similarly, if the 2s orbital is hybridised with all three of the 2p orbitals, four sp3 (‘ess pee three’) hybrid orbitals are formed, which point at 109.5° from one another.


Figure 3.36 shows what sp2 and sp3 orbitals look like.
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3.15 Localised π orbitals – the formation of π bonds


We now look at the orbitals that are used to form double bonds. We shall see that the way double bonds are formed can explain their shape and many of their properties.


In Figure 3.34 we have shown two p orbitals overlapping ‘end-on’ to form a σ bond. But it is also possible for two p orbitals to overlap sideways, to produce a molecular orbital which has two areas of electron density, one above and one below the axis joining the two atom centres (see Figure 3.37).
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The ‘end-on’ view of this orbital looks very like an atomic p orbital. It is called a π (pi) orbital, π being the Greek letter corresponding to p, and the resulting bond is called a π bond.
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This sideways overlap of two p orbitals is always accompanied by the end-on overlap of two other orbitals on the same atoms. So, although it is possible to join two atoms with only a σ bond, it is not possible to join two atoms with only a π bond. A double bond consists of a σ bond and a π bond between the same two atoms (see Figure 3.39).
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The bonding in ethene


The stronger of the two bonds in a double bond is usually the σ bond formed by end-on overlap, and the weaker bond is the π bond. The following data for ethane and ethene demonstrate this (assuming that the σ bond has the same strength in both compounds):
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Therefore,
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The full picture of the bonding in the ethene molecule can therefore be constructed as follows. Each carbon atom shares three electrons (one with each of the two hydrogen atoms, and one with the other carbon atom). These form five σ bonds (using sp2 hybrid orbitals on carbon). The fourth electron in the valence shell on each carbon atom occupies an atomic pz orbital. These orbitals overlap with each other to form a π orbital. The π bond forms when the fourth electron on each atom is shared in this π orbital (see Figure 3.40).
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Mutual repulsion of the electrons in the three σ bonds around each carbon atom tends to place them as far apart from one another as possible (see page 51). The predicted angles (H—C—H = H—C—C = 120°) are very close to those observed (H—C—H = 117°, H—C—C = 121.5°).


The π bond confers various properties on the ethene molecule.





•  Being the weaker of the two, the π bond is more reactive than the σ bond. Many reactions of ethene involve only the breaking of the π bond, the σ bond remaining intact.



•  The two areas of overlap in the π bond (both above and below the plane of the molecule) cause ethene to be a rigid molecule, with no easy rotation of one end with respect to the other (see Figure 3.41). This is in contrast to ethane, and leads to the existence of cis–trans isomerism in alkenes.





These features are developed further in Topics 12 and 14.
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Triple bonds


Triple bonds are formed when two p orbitals from each of the bonding atoms overlap sideways, forming two π orbitals (in addition to the σ orbital formed by the end-on overlap of the third p orbital on each atom). This occurs in the ethyne molecule, C2H2, and in the nitrogen molecule, N2 (see Figure 3.42).
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A single carbon atom can also use two of its p orbitals to form π orbitals with two separate bonding atoms. This occurs in the carbon dioxide molecule, CO2 (see Figure 3.43).
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Worked example


Describe the bonding in and the shape of the molecules of:





a  hydrogen cyanide, HCN



b  methanal, CH2O.





Answer





a  The left-hand side of the HCN molecule is the same as one end of the ethyne molecule, and the right-hand side is the same as one end of the nitrogen molecule. HCN is linear, with one single bond and one triple bond. (One σ bond between H and C, one σ bond between C and N, and two π bonds between C and N.)



b  The left-hand side of the CH2O molecule is the same as one end of the ethene molecule, and the right-hand side is the same as one end of the carbon dioxide molecule. The molecule is triangular planar, with bond angles of approximately 120°.
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Now try this


Describe the bonding in and the shape of each of the following molecules:





1  chloroethene, CH2[image: ]CHCl



2  di-imide, HN[image: ]NH
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3.16 Delocalised π orbitals


Delocalisation in benzene


Just as two p orbitals can overlap sideways to form a π bond, so two (or more) π bonds can overlap with each other to produce a more extensive π bond. The classic example is benzene, C6H6, whose molecule contains a planar, six-membered ring of sp2-hybridised carbon atoms. The unhybridised p orbitals of the carbon atoms could overlap as shown in Figure 3.44a to produce three C[image: ]C double bonds between atoms 1 and 2, 3 and 4 and 5 and 6 of the ring, or just as likely, overlap as shown in Figure 3.44b to produce double bonds between atoms 2 and 3, 4 and 5, and 6 and 1 of the ring. In fact, both occur.
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All six p orbitals overlap with each neighbour in an equal fashion, to produce a set of two doughnut-shaped ring orbitals (see Figure 3.45). This set of π orbitals can accommodate six electrons, none of which can be said to be localised between any two particular atoms. These π electrons are described as being delocalised around the ring. All six C—C bonds are the same length (shorter than a C—C single bond, but longer than a C[image: ]C double bond) and the shape of the ring is a regular hexagon, with every C—C—C angle being 120°. The interesting chemical properties that this ring of delocalised electrons gives benzene are discussed in Topic 25.
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Delocalisation in the carboxylate ion


Another example of delocalisation occurs in the carboxylate anion (see Topic 18), which is sometimes represented as follows:


[image: ]


Here a lone pair of electrons in a p orbital on oxygen overlaps with the π orbital of an adjacent carbonyl group. Because of the symmetry of the system, the delocalisation is complete, resulting in each oxygen finishing with exactly half an electronic charge, on average. Also, each C—O bond has the same length, which is in between the lengths of the C—O single bond and the C[image: ]O double bond.


This structure can be derived from the simple localised model as follows. The C[image: ]O double bond consists of the usual σ bond + π bond pair. The singly bonded oxygen (which has an extra electron, making it anionic) contains three lone pairs of electrons. If one of the lone pairs is in a p orbital (see Figure 3.46a), this filled p orbital can overlap with the end of the π orbital on the carbon atom. The lone pair is thus partially donated, as a dative π bond (see Figure 3.46b).


Because carbon cannot have more than eight electrons in its valence shell, this partial donation by the lone pair on one oxygen will cause the π electrons in the C[image: ]O bond to drift towards the second oxygen atom. So the four π electrons (that is, the two in the C[image: ]O bond, and the two in the lone pair) become delocalised over the three atoms (see Figure 3.46c).
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Delocalisation is sometimes represented by two (or more) localised structures joined by double-headed arrows, as in Figure 3.47.
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The double-headed arrow should be read as ‘the actual structure is somewhere between the two extremes drawn here’. The curly arrows represent the movements of electron pairs that convert one extreme into the other.


The curly-arrow convention is often used when describing the movement of electrons, and the formation and breaking of bonds, during the reactions of organic compounds. See section 12.8 for a full description of what it means.
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Worked example


All three C—O bonds in the carbonate ion are the same length. Use the idea of delocalisation to describe the bonding in the CO32− anion, and to predict its shape.


Answer


If all the bonds in the carbonate ion were localised, it would consist of a carbonyl group to which are attached (by means of single σ covalent bonds) two oxygen atoms, each of which has its valence shell filled by an extra electron, giving it a negative charge (see Figure 3.48).
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Just as in the carboxylate ion, each of the two singly bonded oxygen atoms has an extra electron, making it anionic. So each of these atoms contains three lone pairs of electrons. If one of the lone pairs is in a p orbital, this filled p orbital can overlap with the end of the π orbital on the central carbon atom. The lone pair is thus partially donated, as a dative π bond. The p orbital on each oxygen atom can overlap with the π orbital of the C[image: ]O group, creating a four-centre delocalised π orbital. There is nothing to distinguish one C—O bond from the other two, so all three are of equal length, and each oxygen atom carries, on average, [image: ] of a negative charge (overall charge [image: ]). The shape will be triangular planar, with all O—C—O bond angles 120° (see Figure 3.49).
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Now try this


All three N—O bonds in the nitrate ion, NO3−, are the same length, and the ion has a triangular planar shape. Describe the bonding in the nitrate ion. (Hint: there are three types of bond here – single (σ) bonds, dative single (σ) bonds, and delocalised π bonds.)
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3.17 Intermolecular forces


Most of the covalently bonded particles we have looked at in this topic are simple covalent molecules. They differ from giant covalent, ionic and metallic lattices (see Topic 4) by having very low melting and boiling points. They are often gases or liquids at room temperature. This is because, although the covalent bonding within each molecule is very strong, the intermolecular attractions between one molecule and another are comparatively weak. When a substance consisting of simple covalent molecules melts or boils, no covalent bonds within the molecules are broken. The increased thermal energy merely overcomes the weak intermolecular forces. This requires little energy, and hence only a low temperature is required.


Why are these molecules attracted to one another at all? There are three main categories of intermolecular attraction, which we shall look at in turn. All are electrostatic in origin, as are all forces in chemistry. Strictly speaking, they can all be grouped under the umbrella term van der Waals’ forces, although this term is now often used to describe only the instantaneous dipole force (see below).


Permanent dipole–dipole forces


As we saw on page 54, the uneven distribution of electronic charge within some molecules results in their having a permanent dipole. The positive end of one molecule’s dipole can attract the negative end of another’s, resulting in an intermolecular attraction in the region of 1–3 kJ mol−1 (that is, at least 100 times weaker than a typical covalent bond). Such attractions are called permanent dipole–dipole forces, and an example is shown in Figure 3.50.
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Instantaneous dipole forces


Being much lighter, the electrons within a molecule are much more mobile than the nuclei. This constant movement of negative charge produces a fluctuating dipole. If at any one instant a non-polar molecule possesses such an instantaneous dipole (owing to there being at that instant more electrons on one side of the molecule than the other), it will induce a corresponding dipole in a nearby molecule. This will result in an attraction between the molecules, called an instantaneous dipole force or an induced dipole force (also termed a van der Waals’ force). The situation is similar to a magnet picking up a steel nail by inducing a magnetic moment in the nail, and hence attracting it.


An instant later, the first molecule might change its dipole through another movement of electrons within it, so the original dipole attraction might be destroyed. This changed dipole will induce new dipoles in molecules that surround it, however, and so intermolecular attraction will continue. The strength of the attraction decreases rapidly with distance (F ∝ 1/r6), and so it is only a very short-range force. Its magnitude depends on the number of electrons within a molecule, because the more electrons a molecule has, the larger the chance of an instantaneous dipole, and the larger that dipole is likely to be. Its magnitude also depends on the molecular shape, because the greater the ‘area of close contact’, the larger the force. Induced dipoles occur in all molecules, whether or not they have a permanent dipole, and whether or not they hydrogen bond with one another (see below). The magnitude of the instantaneous dipole force, as mentioned above, depends on the size of the molecule, but is approximately 5–15 kJ mol−1. The effect of this force is seen in the trends in boiling points shown in Table 3.4 – the greater the instantaneous dipole force, the higher the boiling point.


Table 3.4 Boiling points of some molecular elements and compounds. None of these molecules has a permanent dipole, so the higher boiling points are due entirely to larger instantaneous dipoles.






	Molecule

	Boiling point/°C

	Comments






	CH4


	−162

	These molecules are the same shape (tetrahedral), but the number of electrons increases going down the group, from 10 in CH4 to 18 in SiH4.






	SiH4


	−112






	F2


	−188

	All of these are linear diatomic molecules. Down the group the number of electrons increases, from 18 in F2 to 34 in Cl2 and 70 in Br2.






	Cl2


	−34






	Br2


	+58






	CH4


	−161

	Along the alkane series the molecules are becoming longer (larger surface area of contact) and contain more electrons (an extra 8 for each CH2 group).






	C2H6


	−89






	C3H8


	−42






	C4H10


	0
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	+10

	These two isomers have the same number of electrons, but the first is tetrahedral – almost spherical if the electron clouds around the atoms are taken into account – and the second is ‘sausage shaped’. The area of close contact is therefore greater in the second one.






	CH3CH2CH2CH2CH2CH3


	+36







Hydrogen bonding


When a hydrogen atom bonds to another atom, its single 1s electron is taken up in bonding, and so it is located in a σ bonding orbital between it and the atom it is bonded with. Its other side, therefore, contains no electronic charge. It is a bare proton, with a significant δ+ charge. The positive charge is even greater if the hydrogen is bonded to an electronegative atom such as nitrogen, oxygen or fluorine. This highly δ+ hydrogen can experience a particularly strong attraction from a lone pair of electrons on an adjacent molecule, creating an intermolecular attractive force of about 20–100 kJ mol−1. Such a force is called a hydrogen bond. It is roughly 10 times as strong as the dipole–dipole force or the instantaneous dipole force, and is only about 10 times weaker than a typical covalent bond. Atoms that contain lone pairs of electrons in orbitals that are small enough to interact with these δ+ hydrogen atoms also happen to be nitrogen, oxygen and fluorine. So it is between these elements that hydrogen bonding tends to occur (see Figure 3.51).
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As a result of hydrogen bonding:





•  the boiling points of ammonia, NH3; water, H2O; and hydrogen fluoride, HF; are considerably higher than that of methane, CH4 (see Figure 3.52)



•  the boiling points of ammonia, water and hydrogen fluoride are also considerably higher than those of other hydrides in their groups (see Figure 3.53)



•  proteins fold in specific ways, giving them specific catalytic properties (see Topic 28, secondary and tertiary structure of proteins)



•  in nucleic acids, the bases form bonds with specific partners, allowing the genetic code to be replicated without errors of transcription (see Figure 3.54) (see Topic 28, double helix)



•  the boiling points of alcohols are considerably higher than those of alkanes with the same number of electrons, and hence roughly the same van der Waals’ force (see Table 3.5).
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Water shows several unusual properties owing to the large degree of hydrogen bonding within it. These are described in section 4.4.
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Worked example


Describe all the intermolecular forces that can occur between the molecules in each of the following liquids, and hence predict which will have the lowest boiling point, and which will have the highest.




    A CH3CH2CH2CH3



    B CH2ClCH2OH


    C CH3CHCl2






Answer


Molecules of A will experience only van der Waals’ (induced dipole) forces. Molecules of B will experience dipole–dipole forces (due to the C—Cl and C—O polar bonds), and hydrogen bonding (due to the –O—H groups), as well as van der Waals’ forces. Molecules of C will experience dipole–dipole forces (due the dipoles of the C—Cl bonds not cancelling each other out) in addition to van der Waals’ forces.


Therefore A will have the least intermolecular attraction, and hence the lowest boiling point, and B will have the highest.





[image: ]


[image: ]




Now try this





1  Describe the intermolecular forces in the following compounds, and place them in order of increasing boiling points:





CH2OH—CH2OH    CH2Br—CH2Br    CH2Cl—CH2Cl.





2  Suggest a reason why the differences between the boiling points of the alkanes and alcohols in Table 3.5 become smaller as the chain length increases. (Hint: think of how the intermolecular forces other than hydrogen bonding are changing as chain length increases.)
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Summary





•  Chemical bonding results from the attraction of one atom’s electrons by the nucleus of another atom.



•  Atoms are more stable when they are bonded together than when they are free.



•  A covalent bond is due to two atoms sharing a pair of electrons.



•  An atom can often form as many bonds to other atoms as it has electrons in its valence shell, with the exception that, if the element is in Period 2, it cannot have more than eight electrons in its valence shell.



•  Valence-shell electrons not involved in bonding arrange themselves into lone pairs around the atom.



•  Dative bonding (co-ordinate bonding) occurs when one of the bonded atoms contributes both the bonding electrons.



•  Double and triple bonds can occur if two atoms share two or three electron pairs between them.



•  The shape of a covalent molecule is determined by the number of electron pairs there are in the valence shell of the central atom, according to VSEPR theory.



•  If two bonded atoms differ in electronegativity, the shared electron pair is closer to the more electronegative atom. This results in the bond having a dipole.



•  Complete molecules can have dipole moments if their bond dipoles do not cancel each other out.



•  Isoelectronic molecules and ions usually have the same shape as one another.



•  The overlap of atomic orbitals on adjacent atoms results in σ or π molecular orbitals.



•  There are three types of intermolecular forces: permanent dipole, induced dipole and hydrogen bonding. Their strengths increase in this order.



•  The strengths of intermolecular forces determine the physical properties of a substance, such as its boiling point.
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igure 2.15 Energy against electron-proton distance for the hydrogen atom. The red curve
represents how the potential energy of the hydrogen atom would vary with electron-proton
distance if the energy could take on any value, as predicted by simple electrostatic theory. But,
as we have seen above, the potential energy is quantised, and can only take on certain values,
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other and this causes the potential energy of the system to decrease. This is why the energy
values on the y-axis are all negative.
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Figure 1.6 One-tenth of a mole of each of the compounds water, potassium dichromate(V1) (K,Cr,0;)
and copper(ll) sulfate-5-water (CuSO,.5H,0)
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Figure 1.8 The formation of lead(ll) iodide
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Figure 3.5 Dot-and-cross diagram for methane, CH,. (Often, for clarity, bonding
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Figure 3.54 Thymine, adenine, cytosine and guanine are bases in DNA. The hydrogenbonding between
them allows the DNA molecule to replicate (make new copies of itself) and also allows the genetic code to be
expressed in the synthesis of proteins.
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Figure 3.24 The shapes of XeF,, CIF; and SF, are all determined by the five pairs of electrons
around the central atom





OEBPS/OEBPS/images/30-2.jpg
¥ fearth = 1.5 x 10°km
1.0

3
i
2
2
a
k1
2
A
=

T T
0 1.0 x 10® 2.0 x 10°

radius/km

igure 2.17 The probability distribution for the Earth-Sun distance





OEBPS/OEBPS/images/4-1.jpg





OEBPS/OEBPS/images/11-1.jpg
lead(ll) nitrate

solution

potassium yellow precipitate

iodide of lead(Il) iodide
mass before = 246.746 g **U1O" mass after = 246.746 g

igure 1.7 During the formation of lead(ll) iodide, mass is conserved.
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2

2 0 linear BeF,

3 3 0 triangular planar BF; (see Figure 3.20)
4 1 3 linear HF

4 2 2 bent H,0 (see Figure 3.18)
4 3 1 triangular pyramidal | NH; (see Figure 3.18)
4 4 0 tetrahedral CH, (see Figure 3.18)
5 2 3 linear XeF, (see Figure 3.24)
5 3 2 T-shaped CIF; (see Figure 3.24)
5 4 1 ‘see-saw’ SF4 (see Figure 3.24)
5 5 0 trigonal bipyramidal | PFs (see Figure 3.21)
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Figure 2.11 Outline diagram showing how a spectroscope works
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Figure 3.4 Dot-and-cross diagrams showing beryllium hydride, BeH,, and boron
hydride, BH3. (It is worth remembering that all electrons are identical, no matter which
atom they came from. Our representing them as dots and crosses is merely for our own
benefit, to make it clear to us which atom they were originally associated with.)
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Figure 3.51 Hydrogen bonding in ammonia
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Figure 2.34 Atoms get larger down a group, as the number of shells increases. They get smaller across a period,
effective nuclear charge as the pulls the electrons closer to the nucleus.
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igure 3.18 The shapes of methane, ammonia and water are as predicted from their four
pairs of electrons around the central atom. Lone pairs repel other electron pairs more strongly
than bonding pairs do, so the bond angles in ammonia and water are slightly smaller than the
tetrahedral angle of 109.5°.
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igure 3.32 Polarisation of chlorine by aluminium chloride
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igure 2.29 Graph of the twelve ionisation energies of magnesium against electron number
The electronic configuration of magnesium is 1s22s22p° 3s2
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Figure 3.31 Polarisation of bromine by ethene
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Figure 2.23 Variation of the energy of the 1s orbital with proton number
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Figure 2.22 The energy needed to remove an electron from a hydrogen atom and a helium atom
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Figure 3.2 Potential energy against internuclear distance for the hydrogen molecule
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Figure 2.8 To separate oppositely charged
ions through a distance d, a force F is required.
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Table 3.1 Covalencies of some common elements

hydrogen H 1 1
beryllium Be 2 2

boron B 13 3

carbon C 14 4

nitrogen N 15 3

oxygen o 16 2

fluorine F 17 1
aluminium Al 13 3

silicon Si 14 4
phosphorus P 15 3or5
sulfur S 16 2or4or6
chlorine cl 17 lor3or5
bromine Br 17 lor3orS
iodine I 17 Tor3or5or7
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Figure 2.9 Energy is needed to lift a book
from the floor and put it on the desk.
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Table 2.1 The properties of the sub-atomic particles. Note that the masses in the last row are

given relative to % the mass of an atom of carbon-12. These masses are often quoted relative to

the mass of the proton instead, when the relative mass of the electron is % , and the relative

masses of the proton and neutron are both 1.

electrical charge/coulombs -1.6x107" +1.6x107" |0

charge (relative to that of the proton) -1 +1 0

mass/g 9.11x107% 167310724 | 1.675x 1072
mass/amu (see section 1.4) 5.485x 1074 1.007 1.009
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igure 3.1 Bond breaking is endothermic.
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Figure 3.50 Dipole—dipole forces in hydrogen chloride
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