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Get the most from this book





Everyone has to decide his or her own revision strategy, but it is essential to review your work, learn it and test your understanding. These Revision Notes will help you to do that in a planned way, topic by topic. Use this book as the cornerstone of your revision and don’t hesitate to write in it — personalise your notes and check your progress by ticking off each section as you revise.




Track your progress


Use the revision planner on pages 4 to 6 plan your revision, topic by topic. Make a note when you have:




	
•  revised and understood a topic


	
•  tested yourself


	
•  practised the exam questions and gone online to check your answers and complete the quick quizzes.





You can also keep track of your revision by noting off each topic heading in the book. You may find it helpful to add your own notes as you work through each topic.







Features to help you succeed
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Exam tips


Expert tips are given throughout the book to help you polish your exam technique in order to maximise your chances in the exam.
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Practical skills


These encourage an investigative approach to the practical work required for your course.
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Now test yourself


These short, knowledge-based questions provide the first step in testing your learning. Answers are at the back of the book.
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Definitions and key words


Clear, concise definitions of essential key terms are provided where they first appear.


Key words from the specification are highlighted in bold throughout the book.
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Making links


This feature identifies specific connections between topics and tells you how revising these will aid your exam answers.
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Maths skills


The worked examples and practice questions will help develop your confidence and competence.


[image: ]












[image: ]


Revision activities


These activities will help you to understand each topic in an interactive way.
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Exam practice


Practice exam questions are provided for each topic. Use them to consolidate your revision and practise your exam skills.
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Summaries


The summaries provide a quick-check bullet list for each topic.
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Online


Go online to check your answers to the exam questions and try out the extra quick quizzes at www.hoddereducation.co.uk/myrevisionnotesdownloads
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My Revision Planner





Countdown to my exams


Exam breakdown


Unit 1 The language of chemistry, structure of matter and simple reactions


1 Formulae and equations


Chemical formulae


Balanced equations


Oxidation number


Determining oxidation states


2 Basic ideas about atoms


Structure of the atom


Fundamental particles


Electrons and orbitals


Visible light and the electromagnetic spectrum


3 Chemical calculations


The mass of an atom


Mass spectrometers


Mass spectra


Different types of formulae


Avogadro’s constant


Balanced chemical equations


Concentration of solutions


One mole of any gas occupies 22.4 dm3 under standard conditions


Titrations


Yield


Atom economy


4 Bonding


How chemical bonding occurs


Ionic bonding


Sodium chloride: a perfect ionic crystal


Ionic bonds


Covalent bonding


Coordinate or dative covalent bonds


Electronegativity


Intermolecular forces of attraction between simple molecules


VSEPR and molecular shape


5 Solid structures


Properties of ionic compounds


Allotropes of carbon


Solid iodine makes crystals


Ice is solid water and makes crystals


Metallic bonding


6 The Periodic Table


The Periodic Table is a list of all known elements


The s, p, d and f blocks of the Periodic Table


Group 1 elements


Group 2 elements


Reactivity trends in Groups 1 and 2


Group 7 elements


Reactivity trends in Group 7


7 Simple equilibria and acid-base reactions


Reversible reactions and dynamic equilibrium


Le Châtelier’s principle


The equilibrium constant Kc


Acids are proton donors and bases are proton acceptors


pH is a mathematical measurement of acidity


Titrations can find the concentration of an unknown solution


Unit 2 Energy, rate and chemistry of carbon compounds


8 Thermochemistry


Enthalpy and enthalpy change


Enthalpy of combustion


Enthalpy of formation


Hess’s law


Average (mean) bond enthalpy and enthalpy change


9 Rates of reaction


Rate of reaction depends on conditions


Continuous monitoring


Measuring the rate of a reaction by collecting the gas produced


Colorimetry


Initial rate method


Maxwell–Boltzmann distribution curves


Collision theory


Predicting and explaining observations in rate of reaction experiments


Catalysts


10 The wider impact of chemistry


The chemical industry


Green chemistry


Reducing the environmental impact of a product


Making the production as efficient as possible


Renewable resources


Life cycle assessment


11 Organic compounds


Organic compounds contain carbon atoms covalently bonded


The IUPAC naming system


The boiling point and intermolecular forces


Different organic compounds with the same molecular formula


Mechanisms in chemical reactions involving organic compounds


Electrophiles


Nucleophiles


12 Hydrocarbons


Crude oil


Alkanes are often used as fuels


Alkanes can react with halogens to form halogenoalkane


Alkenes


Catalytic hydrogenation


Electrophilic addition


Polymers


13 Halogenoalkanes


Commercial uses of halogenoalkanes


Elimination reactions with halogenoalkanes


Halogenoalkanes are susceptible to nucleophilic attack


The effect of CFCs on the upper atmosphere


14 Alcohols and carboxylic acids


Alcohols contain at least one hydroxyl group


Alcohols can undergo oxidation reactions


Carboxylic acids


Ethanol as a biofuel


Ethanol can be made by more than one industrial process


Alcohols can undergo dehydration reactions to make alkenes


Esters


15 Instrumental analysis


Mass spectrometry


Infrared spectrometry


Nuclear magnetic resonance spectrometry


Glossary


Answers


Exam practice answers and quick quizzes online at www.hoddereducation.co.uk/myrevisionnotesdownloads












Countdown to my exams
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6–8 weeks to go




	
•  Start by looking at the specification — make sure you know exactly what material you need to revise and the style of the examination. Use the revision planner on pages 4 to 6 to familiarise yourself with the topics.


	
•  Organise your notes, making sure you have covered everything on the specification. The revision planner will help you to group your notes into topics.


	
•  Work out a realistic revision plan that will allow you time for relaxation. Set aside days and times for all the subjects that you need to study, and stick to your timetable.


	
•  Set yourself sensible targets. Break your revision down into focused sessions of around 40 minutes, divided by breaks. These Revision Notes organise the basic facts into short, memorable sections to make revising easier.
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2–6 weeks to go




	
•  Read through the relevant sections of this book and refer to the exam tips, summaries and key terms. Tick off the topics as you feel confident about them. Highlight those topics you find difficult and look at them again in detail.


	
•  Test your understanding of each topic by working through the ‘Now test yourself’ questions in the book. Look up the answers at the back of the book.


	
•  Make a note of any problem areas as you revise, and ask your teacher to go over these in class.


	
•  Look at past papers. They are one of the best ways to revise and practise your exam skills. Write or prepare planned answers to the exam practice questions provided in this book. Check your answers online and try out the extra quick quizzes at www.hoddereducation.co.uk/myrevisionnotes



	
•  Use the revision activities to try out different revision methods. For example, you can make notes using mind maps, spider diagrams or flash cards.


	
•  Track your progress using the revision planner and give yourself a reward when you have achieved your target.
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One week to go




	
•  Try to fit in at least one more timed practice of an entire past paper and seek feedback from your teacher, comparing your work closely with the mark scheme.


	
•  Check the revision planner to make sure you haven’t missed out any topics. Brush up on any areas of difficulty by talking them over with a friend or getting help from your teacher.


	
•  Attend any revision classes put on by your teacher. Remember, he or she is an expert at preparing people for examinations.
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The day before the examination




	
•  Flick through these Revision Notes for useful reminders, for example the exam tips, summaries and key terms.


	
•  Check the time and place of your examination.


	
•  Make sure you have everything you need — extra pens and pencils, tissues, a watch, bottled water, sweets.


	
•  Allow some time to relax and have an early night to ensure you are fresh and alert for the examinations.
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My exams


AS Chemistry Paper 1: The language of chemistry, structure of matter and simple reactions


Date:	


Time:	


Location:	


AS Chemistry Paper 2: Energy, rate and chemistry of carbon compounds


Date:	


Time:	


Location:	


[image: ]


















Exam breakdown






This book covers the AS/Year 1 A-level qualification for WJEC Chemistry and AS Eduqas Chemistry.




WJEC






	Unit

	Unit title

	Marks

	Unit weighting as a percentage of the AS qualification






	AS Unit 1

	The language of chemistry, structure of matter and simple reactions

	80

	50% (20% of the full A-level)






	AS Unit 2

	Energy, rate and chemistry of carbon compounds

	80

	50% (20% of the full A-level)












Eduqas






	Component

	Component title

	Marks

	Component weighting as a percentage of the AS qualification






	Component 1

	The language of chemistry, structure of matter and simple reactions

	80

	50% of AS






	Component 2

	Energy, rate and chemistry of carbon compounds

	80

	50% of AS












Assessment details




WJEC AS


The AS qualification comprises two units, AS Unit 1 and AS Unit 2. AS Units 1 and 2 are assessed by written examination, each lasting 90 minutes and worth 80 marks. Each paper has a range of short and longer structured questions and one extended response, which is worth 9 marks.







Eduqas AS


The AS qualification is achieved from two written examinations, each lasting 90 minutes and worth 80 marks. These papers cover Components 1 and 2 of the specification. Each paper has a range of short and longer structured questions in a variety of contexts.







Overview


The concepts in Unit 1/Component 1 are fundamental and underpin the whole of A-level chemistry. Your understanding of some of the principles in Unit 1/Component 1 may be re-examined in later units.


Each topic has specified practical work that you must complete and that you could be questioned on in the exam. This often provides opportunities for examiners to assess your mathematical skills as well as your practical skills. For example, when studying aspects of analysis, you may be given volume measurements from a burette and expected to calculate the mean titre and to use this to determine the amount of a substance. Examiners may also ask you to use these skills to determine the concentration of a standard solution and in more complex titrations such as back titrations. On occasion, you will be expected to evaluate the practical such as calculating the error of the equipment used.

















1 Formulae and equations





To do well in this topic, you should be able to recall common ions and use them to write ionic formulae. You should be able to generate and interpret chemical formulae, as well as be able to apply rules to determine the oxidation number of any atom or chemical species. You will combine and build on these skills so that you can construct and interpret balanced equations and state symbols.




Chemical formulae


Chemical formulae are the same around the world, no matter what language you speak. They are quick to write and show exactly which elements are in a substance, as well as their relative proportions. For example, carbon dioxide is called carbon deuocsid in Welsh, but the formula is always CO2.
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Exam tip


Never assume the formula of an element and always read questions carefully as they often give the formula. For example, not every non-metal makes diatomic molecules; there are always exceptions. For example, oxygen usually makes diatomic molecules of O2, but can also form ozone with the formula O3.
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The formula of elements is often the symbol from the Periodic Table


Pure metals, and some forms of carbon, make three-dimensional structures. Their structures contain billions of individual atoms held together by strong bonds. As each sample has a different number of atoms this makes it difficult to generate a formula. Scientists have agreed to simplify this by using the symbol from the Periodic Table. For example, sodium would be Na and carbon, in the form of graphite, would be C.


Noble gases are Group 0 elements which are inert and found as monatomic gases. We again can show their formula as their symbol from the Periodic Table, e.g. neon is Ne and xenon is Xe.


Most other non-metals form diatomic molecules. We show the number of atoms in a molecule by using a subscript number. For example, chlorine would be Cl2 and nitrogen would be N2 (note the subscript 2 in both).
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Monatomic Has a single atom


Diatomic Made of two atoms
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Formulae of common molecular compounds show the number and type of atoms


When non-metals bond together, they form molecules with atoms in fixed ratios. Again, we show the number of each type of atom by using the subscript notation. So, for carbon dioxide, the molecular formula is CO2.
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Making links


Covalent substances are made from only non-metal elements. Find out more about covalent bonding in section 4 Bonding (page 38).
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This formula shows that each molecule is made of three atoms, 1 × carbon and 2 × oxygen (see Figure 1.1).
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Figure 1.1













Formula of common ionic compounds shows the smallest whole number ratio of elements
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Making links


Ionic compounds are an important class of substances and you can find out more about ionic bonding in section 4 Bonding (page 38).
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Ionic compounds are usually formed between a metal and a non-metal. It is important that you can deduce the charge on a monatomic ion by using the Periodic Table. Use Table 1.1 to see examples of monatomic ions.


Table 1.1






	Group

	Charge

	Example






	Group 1 (alkali metals)

	+1

	Na+







	Group 2 (alkaline earth metals)

	+2

	Mg2+







	Group 3

	+3

	Al3+







	d-block (mainly transition elements)

	Usually +2 and others

	Fe2+







	Group 6

	−2

	O2−







	Group 7 (halogens)

	−1

	F−








Metals always form positive ions and they have the same charge as their group number. Non-metals always form negative ions and their charge can be determined by a simple formula:


Charge on the negative ion = 8 − the group number


Polyatomic ions are made from groups of atoms that act like one particle with a charge. You will need to memorise the common polyatomic ions found in Table 1.2.
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Polyatomic More than one atom in a molecule
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Table 1.2






	Name of ion

	Formula






	Ammonium

	NH4+







	Hydroxonium

	H3O+







	Nitrate

	NO3−







	Hydroxide

	OH−







	Sulfate

	SO42−







	Carbonate

	CO32−








In an ionic compound, there is the same amount of positive and negative charge so that the compound is neutral. This means that there is a set ratio of each ion to balance the charge. A short cut to determining the formula is to:
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Figure 1.2
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Maths skills


All compound ionic formulae are in the lowest ratio of whole numbers. This shows that there is a quantitative relationship between the elements in a compound.
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Figure 1.3








Worked example


Using the method shown above, determine the formula of the ionic compound magnesium oxide.


As there are two atoms of magnesium and two atoms of oxygen, the smallest whole number ratio of Mg:O is 1:1. So, the actual formula for this ionic compound is MgO. This is also known as the empirical formula.
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Brackets are used to show more than one polyatomic ion in a compound. For example, in the ionic compound magnesium nitrate, two nitrate ions are needed to counteract the charge from one magnesium ion.


This gives the formula Mg(NO3)2, which is made of one magnesium ion and two nitrate ions. So, in terms of atoms, there are 2 × N, 6 × O and 1 × Mg.
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Now test yourself




	
1  Complete the table by writing the correct formulae for the substances listed:









	Substance name

	Formula






	Diamond (carbon)

	 






	Hydrogen

	 






	Ammonia

	 






	Sodium carbonate

	 






	Magnesium sulfide

	 






	Ammonium sulfate
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Balanced equations


All chemical equations must be balanced because of the law of the conservation of mass. We use large numbers in front of a species to indicate how many of that species is required.
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Chemical equation A description of a chemical reaction where the formulae of the reactants and products are given


Species Any particle in chemistry: this could be an atom, molecule or ion


Stoichiometric coefficient The large number, in front of the formula, used to balance a chemical equation
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Chemical equations show the substances involved in a reaction


Chemical equations give the formula of the reactants and the products in a chemical reaction. As no atoms are created or destroyed, there must be the same number and type of atoms on each side of the equation. So, stoichiometric coefficients are used to balance a chemical equation.
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Practical skills


Balancing equations is an important skill in chemistry. Consider the following question:


Worked example


Copper(II) oxide can be reduced by carbon. Write a balanced equation for this reaction.




	
1  Write the word equation

Copper(II) oxide + carbon → carbon dioxide + copper




	
2  Substitute the formula

CuO + C → CO2 + Cu




	
3  Determine the atoms present. Is it balanced?

1 × Cu → 1 × Cu


1 × C → 1 × C


1 × O → 2 × O




	
4  If not, balance.

More oxygen is needed from the reactants.


Add a stoichiometric coefficient in front


of the species with the oxygen.


2CuO + C → Cu + CO2


Take stock of the atoms now. Is it balanced?


2 × O → 2 × O


2 × Cu → 1 × Cu


1 × C → 1 × C




	
5  More copper is needed in the products now.

Add a large number in front of the species


with the copper.


2CuO + C → 2Cu + CO2


Take stock of the atoms now. Is it balanced? Yes.


2 × Cu → 2 × Cu


2 × O → 2 × O


1 × C → 1 × C
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State symbols tell us whether a substance is a solid, liquid, gas or in solution



It can be useful in an equation to understand what state a substance is in. This can help you plan an experiment and interpret observations. Table 1.3 shows the state symbols and what they mean.


Table 1.3






	State

	Formula






	Solid

	(s)






	Liquid

	(l)






	Gas

	(g)






	Aqueous solution (dissolved in water)

	(aq)












Ionic equations focus our attention on the species which are involved


Ionic equations give the formula of only the species that are involved in a chemical reaction. Consider the reaction between hydrochloric acid and sodium hydroxide. It is the reaction between the H+(aq) of the acid and the OH−(aq) of the alkali which is where the chemical change is happening. This can be summarised in the following ionic equation:
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State symbols These show the physical state of a substance in a balanced equation, e.g. (l) = liquid


Ionic equation A description of a chemical reaction showing only the species that are directly involved. These must always be balanced in terms of atoms and charge
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H+(aq) + OH−(aq) → H2O(l)










Oxidation number


Oxidation number, also called oxidation state, is the charge on an atom if its species was wholly ionic. This is a model which can help us understand when a redox reaction has occurred. The rules are:




	
•  Elements in their uncombined state will have an oxidation number of 0.


	
•  Monatomic ions will have the same oxidation number as the charge on the ion.


	
•  The sum of the oxidation numbers in polyatomic ions must equal the charge on the ion.


	
•  In a compound, fluorine always has an oxidation number of −1, as this is the most electronegative element in the Periodic Table.


	
•  In a compound, oxygen usually has an oxidation number of −2, except in peroxides when it is −1.


	
•  In a compound, hydrogen usually has an oxidation number of +1, except in metal hydroxides when it is −1.


	
•  In a species, the most electronegative element has the negative oxidation number and the most electropositive element has the positive oxidation number.
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Oxidation number If the substance is an ionic compound, this is the formal charge on a particular atom in that species


Electronegativity A measure of the ability of an atom to withdraw electron density from a covalent bond


Electropositivity A measure of how easy it is for an element to lose electrons to become a positive ion
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Making links


Oxidation numbers for each species in a substance can be a useful way of following the changes that are happening in a chemical reaction. Find out more about oxidation numbers and how they are used to determine oxidation and reduction reactions in section 6 The Periodic Table (page 55).


[image: ]
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Exam tip


In exam questions, you may have noticed Roman numerals in the middle of compound names. This is the oxidation state of the element that precedes it. For example, copper(II) oxide contains Cu2+ and has the formula CuO, whereas copper(I) oxide contains Cu+ and has the formula Cu2O.
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Determining oxidation states


Determining the oxidation number of an element is a key maths skill. Make sure you can understand the explanation for working out the oxidation state of sulfur in the following substances:






	S8


	Sulfur is in its uncombined elemental state and so by definition has an oxidation number of 0.






	
SO2


	Oxygen has an oxidation state of −2. There are two of them giving a combined charge of −4, so sulfur must be +4 so that the compound has no overall charge.





	SO3


	Oxygen has an oxidation state of −2. There are three of them giving a combined charge of −6, so sulfur must be +6 so that the compound has no overall charge.






	SO42−


	Oxygen has an oxidation state of −2. There are four of them giving a combined charge of −8. As this is a polyatomic ion with a charge of −2, we only need to offset a charge of −6, so sulfur must be +6.
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Exam tip


The same element can have multiple oxidation states. Do not be surprised if in an exam question you are asked to determine the oxidation state of an element in different substances and you get different numbers.
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Now test yourself




	
2  Determine the oxidation state of hydrogen in the following substances:



	
a  H2



	
b  HCl


	
c  NaH






	
3  Determine the oxidation state of chromium in the following substances:



	
a  Cr


	
b  Cr2+



	
c  K2CrO4



	
d  Cr2O72−
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Summary


In this chapter you have revised:




	
•  Covalent substances are made from non-metal elements only and are usually described by their molecular formula which shows the number and type of elements in each molecule.


	
•  Ionic compounds are usually made from metals and non-metals. They are usually described by an empirical formula which shows the ratio of each type of element in the compound.


	
•  Chemical equations should be balanced as mass is conserved.


	
•  State symbols can be used to show whether a substance is a (s) solid, (l) liquid, (g) gas or (aq) aqueous solution.


	
•  In a redox reaction, the oxidation numbers of each species can be useful to determine which substance is being oxidised and which is being reduced.
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Exam practice




	
1  Malachite ore is mainly copper(II) carbonate. Copper metal can be extracted from malachite ore in a reduction process with carbon.



	
a  Give the oxidation state of copper in:



	
i   Pure metal

[1]




	
ii  Malachite ore

[1]








	
b  The extraction is a two-step process. Complete the chemical equation for the first reaction by adding the state symbols:

CuCO3 → CuO + CO2


[1]




	
c  State the name of the copper-containing product from the reaction in b.

[1]




	
d  Another form of copper has an oxidation state of +1. Balance the ionic equation which shows copper in all its stable oxidation states:

Cu+(aq) → Cu(s) + Cu2+(aq)


[1]








	
2  Transition metal elements can make more than one stable ion.



	
a  Determine the formula of iron(III) oxide.

[1]




	
b  Give the oxidation state of iron in:



	
i   Fe

[1]




	
ii  FeCl2

[1]




	
iii FeSO4

[1]




	
iv Fe2O3.xH2O

[1]








	
c  Iron(II) chloride solution can react with sodium hydroxide to make an insoluble precipitate of iron(II) hydroxide. Write a balanced ionic equation, including state symbols, for this reaction.

[4]
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2 Basic ideas about atoms





To do well in this topic, you should be able to recall the current model of the structure of an atom and explain how this model has developed and changed over time due to experimental observations, including atomic emission spectra. You should be able to describe the effect of penetrating radiation in an electric and magnetic field and explain the phenomenon of half-life and its effect on the structure of an atom.




Structure of the atom


The main models and years are shown in Figure 2.1. You will see how new experimental evidence helped shape scientists’ thinking.
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Figure 2.1













Fundamental particles


In the centre of the atom, there is a small but massive nucleus made of protons and neutrons. The number of protons in the nucleus determines the element. Table 2.1 shows you some key information about the fundamental particles in an atom.
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Fundamental particles Subatomic particles that make up an atom. These are electrons, protons and neutrons
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Table 2.1






	Fundamental particle






	Property

	Proton

	Neutron

	Electron






	Mass/kg

	1.673 × 10−27


	1.673 × 10−27


	0.911 × 10−30







	Relative mass

	1

	1

	1/1836






	Charge/C

	+1.602 × 10−19


	0

	−1.602 × 10−19







	Relative charge

	+1

	0

	−1






	Position

	Nucleus

	Nucleus

	Around the nucleus
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Now test yourself




	
1  Why do atoms have no charge?




	
2  What is an atom mainly made from?


	
3  Where is most of the mass found in an atom?
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The Periodic Table contains information about the number of each fundamental particle



Each element on the Periodic Table has a symbol and information.
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Figure 2.2
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Making links


Scientists need to have evidence or data to help them understand the world around them and make predictions. One way to do this is using analytical techniques like a mass spectrometer to determine mass and isotopic abundance for an element. See section 3 Chemical calculations (page 25) for more information.
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Now test yourself




	
4  Write the number of protons, neutrons and electrons for each of the following elements: [image: ]
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Isotopes are different forms of the same element with the same electronic arrangement


It is the number of protons in the nucleus that defines which element you have. Many elements have more than one type of atom with the same number of protons but different numbers of neutrons in their nucleus. These are called isotopes and they have the same chemical properties, but different physical properties.
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Atomic number Number of protons in an atom’s nucleus


Mass number (atomic mass) Number of protons and neutrons in an atom


Isotope Any of two or more species of atoms of a chemical element with the same atomic number but a different mass number


Relative atomic mass The weighted average mass of an atom compared to 1/12 of the mass of a carbon-12 atom
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Maths skills


The relative atomic mass is the average mass of an atom considering the isotopic abundance in a natural sample. For example, chlorine has two isotopes in the ratio of 3:1 of 35-Cl to 37-Cl.


Relative atomic mass = [image: ]
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Now test yourself




	
5  Magnesium has three isotopes: [image: ]. In a naturally occurring sample, 78.99% is magnesium-24 and 10.00% is magnesium-25. Calculate the relative atomic mass for magnesium and give your answer to three significant figures.
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Ionising radiation can be emitted from some elements, which changes their atomic number and mass number


Ionising radiation passes through substances and makes them ions. There are three types:




	
•  alpha (α), made from two protons and two neutrons, so is the same as a helium nucleus


	
•  beta (β), an electron


	
•  gamma (γ), high energy electromagnetic wave









[image: ]


Ionising radiation Gives off energy as particles or waves and can interact with an atom causing it to be charged


[image: ]












	
Information


	Ionising radiation






	Alpha

	Beta

	Gamma






	Penetrating power

	Up to 100 mm and stopped by a sheet of paper

	Up to 1 m, stopped by a thin sheet of metal

	Travels very large distances and very penetrating. Stopped only by more than 2 cm of lead






	Effect in an electric field

	Attracted to the negative plate

	Attracted to the positive plate

	No effect






	Effect in a magnetic field

	Deflected in one direction

	Deflected in the opposite direction to the alpha radiation

	No effect






	Effect on an atom emitting the radiation

	Mass number decreases by 4 and atomic number decreases by 2

	Mass number unchanged and atomic number increases by 1

	No effect







Radioactive decay causes a change in atomic number and mass number because of two processes:




	
•  positron emission (also known as positive beta decay) – when a proton in the nucleus turns into a neutron and emits a neutrino (neutral small mass particle) and a positron (same mass as an electron but a positive charge)


	
•  electron capture – where an electron is absorbed from an atom’s energy levels into its nucleus.









[image: ]


Worked example


Uranium-238 is the element’s most common isotope and can emit alpha radiation. The reaction causes uranium-238 to break down into one other element and it emits a helium nucleus. Write a nuclear equation for this reaction.


Answer: Like any equation, a nuclear equation must be balanced. It can be useful to consider this step by step:




	
1  Consider the mass number of each species. The reactant has a mass of 238, an alpha particle is made with a mass of 4, so the other product must have a mass of 238 – 4 = 234.


	
2  Now look at the atomic number. The reactant has an atomic number of 92 and an alpha particle has an atomic number of 2, so the other product has an atomic number of 92 − 2 = 90.


	
3  Use the Periodic Table to find out the name and symbol of this element and you will see that it is thorium, Th. Therefore, the nuclear equation is:

[image: ]


or


[image: ]
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Thorium-234 contains a nucleus that can undergo beta decay (or positron emission). This can be described by the following nuclear equation:


[image: ]
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Now test yourself




	
6  Iodine-131 is a radioisotope and will undergo radioactive decay emitting beta radiation and forming xenon-131. Write a nuclear equation for this reaction.


	
7  Carbon-14 undergoes beta decay to make nitrogen. Write a nuclear equation for this reaction.
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Uses of ionising radiation include medical treatments for cancer patients, dating archaeological artefacts and industrial analysis


Radioisotopes have many diverse uses but people who work with them must monitor the levels carefully and limit their exposure. Radiation can cause changes to DNA, known as mutations, which can lead to cancer and death. Very high levels of radiation cause an illness known as ‘radiation sickness’ which can also be fatal.






[image: ]


Radioisotope Atoms that contain an unstable combination of neutrons and protons, or excess energy in their nucleus, and are a radioactive isotope


[image: ]








Alpha radiation is not a problem outside the body because it is not very penetrating. However, if an alpha radiation source is taken into the body, it becomes very dangerous as alpha radiation is made from large particles. Gamma radiation has the highest energy and is very penetrating and so is the most dangerous outside the body.


Uses of radioisotopes include:




	
•  Medicine



	
•  Cobalt-60 is used in radiotherapy.


	
•  Technetium-99 is used as a tracer to see how biological molecules are being used in the body.






	
•  Radio-dating



	
•  Carbon-14 has a half-life of exactly 5570 years and can be used to date when organic matter last respired. It can be used to date wooden artefacts and textiles from the ancient world.


	
•  Potassium-40 has a half-life of 1300 years and can be used to date inorganic material such as rocks.







	
•  Industry and analysis



	
•  Beta sources can be used to estimate the thickness of materials.


	
•  Alpha sources can be used in smoke detectors.












[image: ]


Half-life The time it takes for half of the radioactive isotope to decay


[image: ]













Radioactive decay is the breaking down of unstable atoms to form different elements and emitting ionising radiation


Radioactive elements decay in a predictable way, which is described using the term ‘half-life’. So, if you had 100 g of a substance with a half-life of 1 hour, after 1 hour you would only have 50 g of the original substance, after 2 hours you would only have 25 g and after 4 hours you would only have 12.5 g and so on.






[image: ]


Worked example


You are given a 1 kg sample of sodium-24, which is a radioactive isotope with a half-life of 15 hours.




	
1  Calculate the mass of sodium-24 after 45 hours.

[image: ]


There would be 125 g or 0.125 kg.
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Now test yourself




	
8  Carbon-14 is a radioisotope of carbon. The mass of a sample of this element was monitored as shown in Figure 2.3.



	
a  What is the half-life of this isotope?


	
b  How do you know that these data are estimates rather than actual values?










[image: ]



Figure 2.3
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Electrons and orbitals


A principal energy level is the main energy level in which electrons are found. This is the same as the energy levels or shells that you met in GCSE. The principal energy level can hold a maximum number of electrons given by the formula 2n2, where n is the principal energy level.






[image: ]


Worked example


Calculate the maximum number of electrons that can be held in the third principal energy level.


Answer: 2n2, where n = 3, so 2 × 32 = 18 electrons.


[image: ]








The principal energy level is split into regions of space called orbitals. This is where you are most likely to find an electron with a given energy. Each orbital can contain a maximum of two electrons, each with opposite spin. Subshells are formed when there is more than one orbital of the same type in the same energy level, e.g. 3p is a suborbital. Table 2.2 summarises the orbitals in an atom:






[image: ]


Orbital This is a volume of space around the nucleus where there is a high probability of finding an electron of a certain energy


Spin The property of an electron (up or down spin) which allows two of them to occupy the same orbital


[image: ]








Table 2.2






	Principal quantum number

	1

	2

	 

	3

	 

	 

	4

	 

	 

	 






	Orbital

	s

	s

	p

	s

	p

	d

	s

	p

	d

	f






	Number of orbitals

	1

	1

	3

	1

	3

	5

	1

	3

	5

	7






	Maximum number of electrons

	2

	8

	 

	18

	 

	 

	32

	 

	 

	 







s orbitals are sphere shaped and can hold a maximum of two electrons. As the principal quantum number increases, so does the size of the orbital.


p orbitals are a dumbbell shape and follow the axis on a 3D graph as shown in Figure 2.4b:




[image: ]



Figure 2.4a
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Figure 2.4b










[image: ]



Figure 2.4c








These orbitals overlay onto each other to form a subshell as shown in Figure 2.4c.




Electrons fill from the lowest energy and avoid occupying the same suborbital


Electrons fill the lowest principal quantum number first as this requires the least amount of energy.






[image: ]


Making links


Arguably, electrons are the fundamental particle in which chemists are most interested. In a chemical reaction, it is the movement of electrons that ‘does’ the chemistry. But how can scientists find out the electronic structure of a particular atom? Find out more about how electronic structure is linked to the Periodic Table in section 6 (page 55).


[image: ]
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Worked example


Give the electronic structure of phosphorus.


There are four different ways to give the electronic structure, but they all start with knowing how many electrons the atom has. Use the Periodic Table to find the atomic number for phosphorus and therefore deduce the number of electrons. Phosphorus has an atomic number of 15 and so has 15 electrons.


The box notation can be drawn as an energy level diagram:




[image: ]



Figure 2.5








[image: ]








Often the full electronic structure for all elements is written without box notation and just defines how many electrons are in each orbital. So, for phosphorus, the full electronic structure can be written as 1s2 2s2 2p6 3s2 3p3.


As phosphorus has a complete second principal quantum shell, it has the same electron arrangement as neon with an extra five electrons. So, the structure can be summarised to [Ne] 3s2 3p3.


Figure 2.6 is a useful aid to remember the order that the orbitals are filled in.






[image: ]


Now test yourself




	
9  Write the correct electronic structure (full and abbreviated) for each of the following elements: [image: ]

Example: [image: ]; full structure 1s2 2s2; abbreviated structure [He]







[image: ]
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Exam tip


Each arrowhead represents one electron, so in this box diagram, each arrow should have only one head. For a complete suborbital with two electrons, one half-arrow should be going up and one half-arrow should be going down. This is because electrons can only occupy the same orbital if they have opposite spin, shown as a different direction of the arrow.


[image: ]








Table 2.3 contains the electronic structures for the first 36 elements in the Periodic Table.


Table 2.3






	Atomic number

	Name

	Symbol

	Full electronic structure






	1

	Hydrogen

	H

	1s1


	 

	 

	 

	 

	 

	 

	 





	2

	Helium

	He

	1s2


	 

	 

	 

	 

	 

	 

	 





	3

	Lithium

	Li

	1s2


	2s1


	 

	 

	 

	 

	 

	 





	4

	Beryllium

	Be

	1s2


	2s2


	 

	 

	 

	 

	 

	 





	5

	Boron

	B

	1s2


	2s2


	2p1


	 

	 

	 

	 

	 





	6

	Carbon

	C

	1s2


	2s2


	2p2


	 

	 

	 

	 

	 





	7

	Nitrogen

	N

	1s2


	2s2


	2p3


	 

	 

	 

	 

	 





	8

	Oxygen

	O

	1s2


	2s2


	2p4


	 

	 

	 

	 

	 





	9

	Fluorine

	F

	1s2


	2s2


	2p5


	 

	 

	 

	 

	 





	10

	Neon

	Ne

	1s2


	2s2


	2p6


	 

	 

	 

	 

	 





	11

	Sodium

	Na

	1s2


	2s2


	2p6


	3s1


	 

	 

	 

	 





	12

	Magnesium

	Mg

	1s2


	2s2


	2p6


	3s2


	 

	 

	 

	 





	13

	Aluminium

	Al

	1s2


	2s2


	2p6


	3s2


	3p1


	 

	 

	 





	14

	Silicon

	Si

	1s2


	2s2


	2p6


	3s2


	3p2


	 

	 

	 





	15

	Phosphorous

	P

	1s2


	2s2


	2p6


	3s2


	3p3


	 

	 

	 





	16

	Sulfur

	S

	1s2


	2s2


	2p6


	3s2


	3p4


	 

	 

	 





	17

	Chlorine

	Cl

	1s2


	2s2


	2p6


	3s2


	3p5


	 

	 

	 





	18

	Argon

	Ar

	1s2


	2s2


	2p6


	3s2


	3p6


	 

	 

	 





	19

	Potassium

	K

	1s2


	2s2


	2p6


	3s2


	3p6


	 

	4s1


	 





	20

	Calcium

	Ca

	1s2


	2s2


	2p6


	3s2


	3p6


	 

	4s2


	 





	21

	Scandium

	Sc

	1s2


	2s2


	2p6


	3s2


	3p6


	3d1


	4s2


	 





	22

	Titanium

	Ti

	1s2


	2s2


	2p6


	3s2


	3p6


	3d2


	4s2


	 





	23

	Vanadium

	V

	1s2


	2s2


	2p6


	3s2


	3p6


	3d3


	4s2


	 





	24

	Chromium

	Cr

	1s2


	2s2


	2p6


	3s2


	3p6


	3d5


	4s1


	 





	25

	Manganese

	Mn

	1s2


	2s2


	2p6


	3s2


	3p6


	3d5


	4s2


	 





	26

	Iron

	Fe

	1s2


	2s2


	2p6


	3s2


	3p6


	3d6


	4s2


	 





	27

	Cobalt

	Co

	1s2


	2s2


	2p6


	3s2


	3p6


	3d7


	4s2


	 





	28

	Nickel

	Ni

	1s2


	2s2


	2p6


	3s2


	3p6


	3d8


	4s2


	 





	29

	Copper

	Cu

	1s2


	2s2


	2p6


	3s2


	3p6


	3d10


	4s1


	 





	30

	Zinc

	Zn

	1s2


	2s2


	2p6


	3s2


	3p6


	3d10


	4s2


	 





	31

	Gallium

	Ga

	1s2


	2s2


	2p6


	3s2


	3p6


	3d10


	4s2


	4p1







	32

	Germanium

	Ge

	1s2


	2s2


	2p6


	3s2


	3p6


	3d10


	4s2


	4p2







	33

	Arsenic

	As

	1s2


	2s2


	2p6


	3s2


	3p6


	3d10


	4s2


	4p3







	34

	Selenium

	Se

	1s2


	2s2


	2p6


	3s2


	3p6


	3d10


	4s2


	4p4







	35

	Bromine

	Br

	1s2


	2s2


	2p6


	3s2


	3p6


	3d10


	4s2


	4p5







	36

	Krypton

	Kr

	1s2


	2s2


	2p6


	3s2


	3p6


	3d10


	4s2


	4p6










[image: ]



Figure 2.6 To remember the order in which subshells are filled, follow the arrow!
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Exam tip


[Ne] 3s2 3p3 would not be considered as the full electron arrangement as part of the electronic structure has been summarised. This is why, in exam questions, it is very important to read the rubric and determine which style of electronic structure the examiner is looking for so that you gain the most credit.
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Revision activity


You will be expected to be able to give the electronic structure of the first 36 elements in the Periodic Table. Why not use Table 2.3 to test your ability to show all the different electronic structures for these elements?


[image: ]
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