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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 iv and v to 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





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


These short, knowledge-based questions provide the first step in testing your learning. Go online to check your answers.
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Definitions and key words


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


Worked examples are given throughout the book.
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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. Go online to check your answers.
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Online


Go online to check your answers to the questions at www.hoddereducation.co.uk/myrevisionnotesdownloads
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Level coding


If you are taking GCSE Double Award Foundation-tier you need to study only the material with no bars.
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If you are taking GCSE Double Award Higher-tier you need to study the material with no bars, plus the material with the purple H bar and the material with the orange bar.
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If you are taking GCSE Chemistry Foundation-tier you need to study the material with no bars, plus the material with the green F bar and the material with the orange bar.
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If you are taking GCSE Chemistry Higher-tier you need to study all material in the book, including the material marked with the green H bar.
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My revision planner


Unit 1


1   Atomic structure


Atoms


Isotopes and relative atomic mass


Atomic theory


Compounds and ions


2   Bonding, structures and nanoparticles


Bonding


Nanoparticles


3   Symbols, formulae and equations


Valencies


Formulae


Equations


4   The periodic table


Organisation of the periodic table


Groups of the periodic table


5   Quantitative chemistry


Formula mass


Using balanced symbol equations quantitatively


6   Acids, bases and salts


Working with acids, bases and salts


Acids and alkalis


Salts


7   Chemical analysis


Pure substances, mixtures and formulations


Separating mixtures


Tests for ions


8   Solubility


Solutions and solubility


Solubility calculations


Unit 2


9   Reactivity series of metals


Reactions of metals


Displacement reactions


Applications of metal reactivity


10 Redox, rusting and iron


Redox


Rusting


Iron and its extraction


11 Rates of reaction


Measuring rate of reaction


Investigative work


12 Equilibrium


Reversible reactions and equilibrium


Energy changes and equilibrium


13 Organic chemistry


Homologous series


Hydrocarbons


Alcohols and carboxylic acids


Combustion of organic compounds


Chemistry of hydrocarbons


Chemistry of alcohols and carboxylic acids


Properties of organic compounds


Atmospheric pollution due to combustion of hydrocarbon fuels


14 Quantitative chemistry


Working with solutions


Working with gases


Atom economy


15 Electrochemistry


Electrolysis


Examples of electrolysis


16 Energy changes in chemistry


Exothermic and endothermic reactions


Bond energies


17 Gas chemistry


Preparation and properties of gases


Chemistry of specific gases


Glossary


Now test yourself answers and exam practice answers 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 iv and v 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 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 www.hoddereducation.co.uk/myrevisionnotesdownloads




•  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 at www.hoddereducation.co.uk/myrevisionnotesdownloads




•  Try 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.





[image: ]







[image: ]


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 and key terms.



•  Check the time and place of your examination.



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



•  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


GCSE Chemistry Paper 1


Date:…………………


Time:…………………


Location:…………………


GCSE Chemistry Paper 2


Date:…………………


Time:…………………


Location:…………………


GCSE Chemistry Paper 3


Date:…………………


Time:…………………


Location:…………………
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1 Atomic structure



Atoms


The structure of atoms





•  An atom is the simplest particle of an element that can exist on its own in a stable environment.



•  Atoms are made up of three subatomic particles — protons, neutrons and electrons.



•  Protons and neutrons are found in the nucleus (the centre of the atom) and electrons are found in shells orbiting the nucleus.



•  The mass of an atom is largely in its nucleus because the mass of an electron is very small compared with a proton or a neutron.



•  Atoms are electrically neutral (they have no charge). This is because they have equal numbers of protons and electrons. Protons have a positive charge and electrons have a negative charge.



•  Neutrons do not have a charge.
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Exam tip


An incomplete form of Table 1.1 is often given in questions. The most common mistakes are giving 0 as the relative mass of an electron and writing the relative charge of a proton as + (instead of +1) and of an electron as − (instead of −1). Learn this table and be able to identify the names of the subatomic particles from their relative charges and relative masses.
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Table 1.1 gives the relative masses and relative charges of the three subatomic particles.
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Atomic number and mass number





•  The atomic number and mass number of an atom are usually written before the symbol of the element. The mass number is at the top and the atomic number is at the bottom — for example, [image: ].



•  The atomic number is used to order the elements in the periodic table.



•  The electron mass is so small that it does not affect the mass number.





Determining numbers of subatomic particles


The numbers of subatomic particles in an atom can be determined from the atomic number and the mass number:





•  number of protons = atomic number



•  number of neutrons = mass number − atomic number



•  number of electrons = number of protons (in an atom)








[image: ]


Example


Determine the number of each subatomic particle in each of the following atoms:





(a)  [image: ]









(b)  [image: ]









(c)  [image: ]






Answer





(a)  atomic number = 6 (6 protons)





6 electrons because it is an atom


mass number − atomic number = 12 − 6 = 6 (6 neutrons)





(b)  atomic number = 19 (19 protons)





19 electrons because it is an atom


mass number − atomic number = 39 − 19 = 20 (20 neutrons)





(c)  atomic number = 17 (17 protons)





17 electrons because it is an atom


mass number − atomic number = 35 − 17 = 18 (18 neutrons)


[image: ]
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Exam tip


Remember that atoms have the same number of protons and electrons. They do not have to have the same number of protons and neutrons. ([image: ] does, but this is not always the case.)
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You can be asked to identify a particular isotope from the numbers of subatomic particles. For example, if asked to identify a particle that has 9 protons, 9 electrons and 10 neutrons:





•  9 protons means that the atomic number is 9, so it is a particle of fluorine.



•  9 protons and 9 electrons means that it is an atom, so it is an atom of fluorine.



•  9 protons and 10 neutrons means that its mass number is 9 + 10 = 19.



•  The atom is [image: ].
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Now test yourself





1  Which subatomic particle has a relative charge of −1?



2  What is meant by the term ‘mass number’?



3  State the number of protons, electrons and neutrons in an aluminium atom, [image: ].





[image: ]





Isotopes and relative atomic mass


Isotopes


The relative atomic mass of an element is an average mass of all of the isotopes of that element.





•  There are two types of chlorine atom with different mass numbers — [image: ] and [image: ].



•  There are three types of hydrogen atom with different mass numbers — [image: ] and [image: ].



•  There are two types of boron atom with different mass numbers — [image: ] and [image: ].





Isotopes of the same element have the same chemical properties because they have the same number of electrons in the outer shell.
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Exam tip


Being asked to define the term ‘isotope’ is a common question. Remember that there are three main parts to the definition — ‘Isotopes are atoms with the same atomic number (or the same number of protons) but with different mass numbers (or different numbers of neutrons)’.
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Calculating relative atomic mass


The relative atomic mass (often represented by Ar or RAM) can be calculated from the mass numbers and relative abundances of the isotopes of an element:


[image: ]


where Σ means the sum (added together) for all isotopes.





•  The mass of a chlorine atom in a sample of chlorine is an average of the masses of chlorine-35 and chlorine-37 atoms. Only one-quarter of chlorine atoms are chlorine-37, with three-quarters of them chlorine-35, so the average mass of a chlorine atom works out at 35.5.



•  If you had 100 chlorine atoms, 75 would have a mass of 35 and 25 would have a mass of 37.



•  The relative atomic mass of a chlorine atom is calculated like this:


[image: ]



•  The relative atomic mass of chlorine is the average mass of a chlorine atom based on the mass numbers and the relative abundances of the isotopes. The word ‘relative’ is used because the mass of all atoms is measured relative to the mass of an atom of carbon-12.
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Example 1


Boron has only two isotopes, 10B and 11B. 11B has a percentage abundance of 80%. Calculate the relative atomic mass of boron.


Answer


[image: ]


As there are only two isotopes 10B must have a relative abundance of 20%:
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Example 2


Lithium has two isotopes, 6Li and 7Li. 7Li has a percentage abundance of 92.5%. Calculate the relative atomic mass of lithium.


Answer


[image: ]


As there are only two isotopes, 6Li must have a relative abundance of 7.5%.
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Example 3


The table below shows the relative abundances of the three different isotopes of magnesium. Calculate the relative atomic mass of magnesium.






	Isotope

	Relative abundance






	
24Mg

	15.8







	
25Mg

	2.0







	
26Mg

	2.2








Answer


For each isotope multiply the mass by the relative abundance and add these together. Finally divide this number by the sum of the relative abundances.
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Now test yourself





4  What name is given to atoms of the same element with different numbers of neutrons?



5  What is the mass number of an atom that has 18 protons, 18 electrons and 22 neutrons? Identify the element.







[image: ]
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6  Calculate the relative atomic mass of silicon to one decimal place if the isotopes have the following percentage abundances: 28Si (92.2%), 29Si (4.7%) and 30Si (3.1%).
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Exam tip


Often you may be asked to quote the answer to a specific number of decimal places. The answer in Example 3 to one decimal place is 24.3. Abundances are often given as percentage abundances, so Σ(abundance) = 100, but in Example 3 the sum of the abundances is 20.
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Atomic theory
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History of development of atomic theory


Ideas about the structure of atoms have changed over time as new research has been carried out, new technologies have become available and scientists have used the knowledge to develop new theories about the atom. All this work has resulted in the model of the atom we use today.





•  In the early 1800s John Dalton stated that atoms were the smallest particles of matter.



•  In 1897 J. J. Thomson proposed the ‘plum pudding’ model (Figure 1.1), which stated that the negative electrons were embedded in a positive sphere (like the raisins in a plum pudding).



•  In 1911 Ernest Rutherford revised Thomson’s model to produce one in which the electrons orbit a positive nucleus (Figure 1.2).



•  In 1932 James Chadwick discovered the neutron. It was discovered after the other subatomic particles because it has no charge and so was more difficult to detect.
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Electronic configuration


The arrangement of electrons in the shells around the nucleus can be represented either by a diagram or in written format. You will need to remember the following rules as to where the electrons can be:





1  The shells are at increasing distances from the central nucleus. The shell closest to the nucleus is called the first shell — then there are the second, third and fourth shells.



2  The first shell can hold a maximum of 2 electrons.



3  The second and third shells can hold a maximum of 8 electrons.



4  The first shell must fill first, before an electron can be put into the second shell; and the second shell must fill before an electron can be put into the third shell, and so on.



5  Electrons pair up in the shells but only when no other space is available. For example, four electrons in shell 2 would not pair up; but six electrons would have two pairs with the other two electrons unpaired. The two electrons in the first shell must be paired as it can only hold a maximum of two.





In many diagrams ‘×’ is used to represent an electron.




[image: ]


Example 1


Lithium has atomic number 3, so an atom of lithium has 3 electrons.


The first shell takes 2 electrons (paired) and 1 electron goes into the second shell.


The written electronic configuration of lithium is 2,1.


The electronic configuration of lithium is shown here:




[image: ]
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Example 2


Sulfur has atomic number 16, so an atom of sulfur has 16 electrons. The first shell takes 2 electrons, the second shell takes 8 electrons (four pairs) and the third shell takes 6 electrons (two pairs and two singles).


The written electronic configuration of sulfur is 2,8,6.


The drawn electronic configuration of sulfur is shown here:




[image: ]
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The written and drawn electronic configurations for atoms of elements with atomic number 1 to 20 are shown in the table.




[image: ]
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Exam tip


When a question asks you to draw a diagram of an atom, you must write the correct number of protons and neutrons in the nucleus and the correct number and arrangement of electrons in the shells. These questions can be worth up to 4 marks.


If you are asked to show an electronic configuration, read the question twice to check if it has asked for the diagram form or the written form. If the question says ‘draw’, then make sure you do! If the question does not specify which, then the written form is acceptable.
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Electronic configuration from the periodic table


The electronic configuration of an atom can be determined from the periodic table by using the group number and the period number:





•  The group number gives the number of electrons in the outer shell (except group 0 elements, which have a full outer shell of electrons).



•  The period number gives the number of shells in use.







[image: ]


Example 1


Potassium is in period 4 — that means four shells in use:


–, –, –, –


The element is in group 1 — that means one electron in the outer shell:


–, –, –, 1


The three inner shells must be full (see rule 4 on page 5).


So the electronic configuration of a potassium atom must be 2,8,8,1.


[image: ]
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Example 2


Nitrogen is in period 2 — that means two shells in use:


–, –


The element is in group 5 — that means five electrons in the outer shell:


–, 5


The inner shell must be full.


So the electronic configuration of a nitrogen atom must be 2,5.


[image: ]





Noble gases


The atoms of noble gases all have full outer shells:





•  helium, He: 2



•  neon, Ne: 2,8



•  argon, Ar: 2,8,8





A full outer shell is stable and this makes all the noble gases unreactive.




[image: ]


Now test yourself





7  Write the electron configuration of an oxygen atom.



8  An element is in group 2 and period 3. Identify the element and write the electronic configuration of an atom of the element.



9  An atom of element X has the electronic configuration 2,8,5. Identify element X.





[image: ]
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Radius of atoms and nuclei





•  The radius of an atom (or ion) is the distance between the centre of the nucleus and the electron furthest from the nucleus.



•  The radius of the nucleus is the distance from the centre of the nucleus to the outermost particle of the nucleus.



•  The radius of atoms (and ions) can be measured in nanometres (nm).



•  A nanometre is 10−9 m so 1 000 000 000 nm = 1 m. If you divide 1 millimetre (1 mm) into 1 million equal divisions, this is a nanometre.



•  The radius of a sodium atom is 0.18 nm. This can also be written as 180 pm or 1.8 × 10−10 m. The atomic radius of most atoms is in the range 10−10 m.



•  The radius of the nucleus is less than 10 000 times smaller than the radius of an atom. This means that the radius of the nucleus of most atoms is less than 1 × 10−14 m. However, 10 000 can be used in estimating the radius of the nucleus.







[image: ]


Exam tip


There are 1000 picometres in 1 nanometre (1 nm). 1 picometre is written as 1 pm. There are 1000 femtometres in 1 picometre. 1 femtometre is written as 1 fm. 1 picometre is equal to 1 × 10−12 m and 1 femtometre is equal to 1 × 10−15 m. These are unusual units, but they could be presented in a question with information to interpret.
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Example 1


The radius of a potassium atom is 1.94 × 10−10 m.


The nuclear radius of sodium is approximately (1.94 × 10−10)/10 000 = 1.94 × 10−14 m.


[image: ]
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Exam tip


This nuclear radius can be written as 0.0194 pm or 19.4 fm.


This would only be an estimate because the radius of the nucleus of a potassium atom is 5.09 × 10−15 m. This is (1.94 × 10−10)/(5.09 × 10−15) = 38 114 times smaller than the radius of the atom. This is why less than 10 000 is used — i.e. the actual value is less than 10 000 times smaller.


[image: ]
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Example 2


A copper atom has an atomic radius of 0.145 nm. The radius of the nucleus of the copper atom is 24 000 times smaller. Calculate the radius of the nucleus in metres.


Answer


[image: ]


Dividing this by 24 000 gives the radius of the nucleus of the copper atom in metres:


[image: ]


[image: ]







[image: ]


Exam tip


This calculation has two steps: conversion to metres and use of the 24 000 factor. These can be done in either order:


[image: ]
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Converting between units





•  You can convert between units in several ways. Remember that a nanometre is 10−9 m. So nano means 10−9, pico means 10−12 and femto means 10−15.



•  A value given in nanometres such as 0.145 nm means 0.145 × 10−9 m. So to convert this value in nm to m use your calculator. Type in 0.145 × 10−9 (the × 10−9 is achieved using a [×10x], [EE] or [EXP] button, and then −9) and press the equals button. This will give the answer of 1.45 × 10−10. So 0.145 nm = 1.45 × 10−10 m.



•  A value given in metres can be converted to nanometres or any other unit.



•  1.45 × 10−10 m can be converted to nanometres by dividing by 1 × 10−9 because 1 × 10−9 m is a nanometre.


[image: ]



•  1.94 × 10−14 m can be converted to femtometres by dividing by 1 × 10−15 because 1 × 10−15 is a femtometre.


[image: ]



•  You can also use the [ENG] calculator function to do this. To convert between m and nm, type in the number, for example 1.45 × 10−10, and press the equals button. This will stay as 1.45 × 10−10. Then press the [ENG] button or [image: ], which is usually shift [ENG]. The ENG function or ENG function takes you up or down to the nearest 10−3, 10−6, 10−9, 10−12 etc., so pressing [image: ] will give 0.145 × 10−9, which means 1.45 × 10−10 is the same as 0.145 nm (because 10−9 means nano). Practise using these functions. Pressing [ENG] from a display of 1.45 × 10−10 would give 145 × 10−12, which is 145 pm, so 1.45 × 10−10 m is the same as 0.145 nm or 145 pm. Calculators do vary, so check online or ask your teacher.







[image: ]


Now test yourself





10  Write 1 femtometre in metres.



11  The atomic radius of a silver atom is 1.65 × 10−10 m. Write this radius in nanometres.



12  The atomic radius of a tungsten atom is 210 pm. The nuclear radius is 27 500 times smaller. Calculate the nuclear radius in femtometres to two decimal places.
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Compounds and ions


Compounds





•  A compound is a substance formed when two or more elements are chemically combined. The elements must be different for it to be classified as a compound.



•  Some common examples of compounds are:







    •  Water, H2O, contains the elements hydrogen and oxygen chemically combined


    •  Sodium chloride, NaCl, contains the elements sodium and chlorine chemically combined


    •  Carbon dioxide, CO2, contains the elements carbon and oxygen chemically combined.








•  A compound is different from a mixture where the components of the mixture are not chemically combined and so may be separated easily using separation techniques (p. 86).



•  If the atoms in a substance are all the same, even if they are chemically combined, the substance is an element, for example O2 contains two oxygen atoms chemically combined but it is an element as it only contains one element chemically combined.







[image: ]


Exam tip


All of the diatomic elements (H2, N2, O2, F2, Cl2, Br2 and I2) have atoms chemically combined, but they are elements, not compounds. This is a common mistake.
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Ions


An ion is a charged particle:




[image: ]
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•  A positive ion is called a cation.



•  A negative ion is called an anion.





[image: ]





A simple ion is formed when an atom loses or gains electrons to achieve a full outer shell. This is the electronic configuration of the closest noble gas. A full outer shell of electrons is stable.





•  The overall charge on an ion depends on the number of positive protons and the number of negative electrons.



•  Simple positive ions have the same name as the atom from which they are formed — for example, a hydrogen ion is H+, a sodium ion is Na+ and a magnesium ion is Mg2+.



•  Simple negative ions change their ending to ‘-ide’ — for example, chlorine forms chloride ions (Cl−) and oxygen forms oxide ions (O2−).





There are two main types of examination question on ions:





•  those that ask you to determine the number of each subatomic particle in an ion



•  those that ask you to to work out the formula of the ion, including its charge, from the number of subatomic particles.







[image: ]


Example 1


Determine the numbers of protons and electrons, and the electronic configuration of an oxide ion, O2−.


Answer





•  The atomic number of oxygen is 8, so there are 8 protons.



•  An atom of oxygen would therefore have 8 electrons, but the ion has a 2− charge so it has two extra electrons, making 10 electrons.



•  The electronic configuration of the oxide ion is 2,8.





[image: ]
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Example 2


Write the formula, including the charge, of the simple ion that has 13 protons and has the electronic configuration 2,8.


Answer





•  13 protons means atomic number 13, so it is an aluminium ion (Al).



•  The electronic configuration 2,8 means that there are 10 electrons.



•  13 positive protons and 10 negative electrons make +13 − 10 = +3, so the ion has charge of 3+.



•  It is an aluminium ion, with formula Al3+.





[image: ]
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Exam tip


This type of question is often given in table form. All the data may be given and the identity of the particles asked for, or some data may be missing and you are asked to fill in the missing information.


Letters are used to represent atoms and ions but you will be reminded that these are not the symbols of elements.


Remember that the electronic configuration does not give you the identity of the atom or ion — it must be the number of protons or the atomic number.


[image: ]
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Worked example





(a)  A, B and C are atoms or ions of different elements. Fill in the missing information in the table.


[3 marks]




[image: ]





(b)  Identify A, B and C and include the charge on any ions.


[3 marks]





Answer





(a)  
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[1 mark for each correct row]








(b)  For A, atomic number = 12 so it is a magnesium particle. Number of protons = 12.





Number of electrons = 10 (2+8 from the electronic configuration). So it is a magnesium ion, Mg2+.


[1]


For B, atomic number = 18 so it is an argon particle. Number of protons = 18.


Number of electrons = 18. So it is an argon atom, Ar.


[1]


For C, atomic number = 7 so it is a nitrogen particle. Number of protons = 7.


Number of electrons = 10 (2+8 from the electronic configuration). So it is a nitride ion, N3−.


[1]
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Exam tip





•  The atomic number and the number of protons must be the same.



•  The mass number is the total of the number of protons added to the number of neutrons.



•  The number of electrons must be the same as the total of the electronic configuration.
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Now test yourself





13  State the number of protons and electrons present in a sulfide ion.



14  State the charge on an ion that has 23 protons and 20 electrons.



15  What is the electronic configuration of a N3− ion?
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Exam practice




  1  What is meant by the term ‘atomic number’?


[1 mark]


  2  State the relative mass and relative charge of:







      (a)  a proton


      (b)  an electron


      (c)  a neutron.


[3 marks]







  3  35Cl and 37Cl are isotopes of chlorine. What is meant by the term ‘isotope’?


[2 marks]


  4  Explain why atoms are electrically neutral.


[1 mark]


  5  Write electronic configurations for these atoms:







      (a)  P


      (b)  Li


      (c)  O


      (d)  K


      (e)  Ar


      (f)  He


      (g)  Al


      (h)  Na


[8 marks]







  6  Write electronic configurations for these ions:







      (a)  Na+



      (b)  F−



      (c)  Al3+



      (d)  O2−



      (e)  K+



[5 marks]







  7  Consider the following ions.





Cl−    Al3+    Li+    O2−    F−    H−




      (a)  Which ions have an electronic configuration that is the same as a Ne atom?


[1 mark]


      (b)  Which ion contains 13 protons?


[1 mark]


      (c)  Which ion has 18 electrons?


[1 mark]


      (d)  What is the name of the H− ion?


[1 mark]
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  8  Explain the features of the ‘plum pudding’ model of the atom.


[2 marks]


  9  Who discovered the neutron and why was it not discovered until after the electron and the proton?


[2 marks]
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10  An ion has 15 protons, 18 electrons and 16 neutrons.







      (a)  State the charge on the ion.


[1 mark]


      (b)  Name the element from which the ion is formed.


[1 mark]


      (c)  Name the ion.


[1 mark]








11  Draw a labelled diagram of a 40Ca atom showing the number and position of all subatomic particles.


[4 marks]
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12  The radius of a nitrogen atom is 5.6 × 10−11 m. State the radius of a nitrogen atom in nanometres.


[1 mark]



13  An atom of uranium has an atomic radius of 0.23 nm.







      (a)  Write the radius of a uranium atom in metres.


[1 mark]


      (b)  The radius of the nucleus is 24 730 times smaller than the radius of the atom. Calculate the radius of the nucleus of a uranium atom in metres.


[2 marks]





[image: ]








14  Complete the table below for each of the particles X, Y and Z. The particles may be atoms or they may be ions. The letters X, Y and Z do not represent symbols for elements.


[3 marks]
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15  Iron has four isotopes, which are shown below with their percentage abundances:





54Fe (5.8%)    56Fe (91.8%)    57Fe (2.2%)    58Fe (0.2%)


Calculate the relative atomic mass of iron to 1 decimal place.


[3 marks]
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Answers online
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2 Bonding, structures and nanoparticles



Bonding


Types of bonding


The way in which molecules and structures are held together is called bonding. There are three main types of bonding — ionic, covalent and metallic.





•  Ionic bonding occurs in compounds composed of a metal and a non-metal — such as sodium chloride and magnesium oxide. Ionic compounds contain ions.



•  Covalent bonding occurs between non-metal atoms — this can be in compounds, such as hydrogen chloride and water, or in elements, such as chlorine (Cl2) and carbon (graphite).



•  Metallic bonding occurs in metals.



•  All bonding involves electrons, and these are usually represented by dots (•) or crosses (×) in bonding diagrams — these are called dot-and-cross diagrams. Remember that all electrons are the same — using dots and crosses shows which atoms the electrons come from.





Formation of ionic compounds


Ionic compounds are compounds that contain a metal — they are said to have ionic bonding. Examples are sodium chloride (NaCl), magnesium oxide (MgO), calcium chloride (CaCl2), potassium oxide (K2O) and lithium fluoride (LiF).





•  Ionic compounds are made up of ions, which are charged particles.
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•  An ionic compound contains positive ions (cations) and negative ions (anions).





[image: ]








•  Simple ions are those formed when an atom of an element gains or loses electrons — for example, Na+, O2−, Al3+ and Br−.



•  Molecular ions are charged particles that contain more than one atom. The molecular ions required are given on the back of the Data Leaflet — they include the ammonium ion, NH4+, sulfate ion, SO42−, hydroxide ion, OH− and nitrate ion, NO3−.



•  The hydroxide ion is the only molecular ion you need to know that ends in -ide. All other ions that end in -ide are simple negatively charged ions.







[image: ]


Exam tip


The ammonium ion (NH4+) is a positive ion and ammonium compounds such as ammonium chloride and ammonium sulfate are also ionic compounds, even though they do not contain a metal. All acids such as hydrochloric acid are covalent compounds, but when dissolved in water they produce ions.


[image: ]





Formation of ions from atoms


When an ionic compound forms from the atoms of its elements, a transfer of electrons occurs. Metal atoms lose electrons and give them to non-metal atoms, which accept electrons. Each will lose or gain enough electrons to give it a full outer shell and make it more stable:





•  When a metal atom loses electrons, it becomes a positively charged ion.



•  When a non-metal atom gains electrons, it becomes a negatively charged ion.





You can be asked to show the formation of an ionic compound from the atoms of the elements from which it is composed. These compounds will contain either a group 1 or group 2 metal (Li, Na, K, Mg or Ca) with a group 6 or group 7 non-metal (O, S, F or Cl). Beryllium will not be used because its chemistry is unusual.


There are four possible combinations:





•  a group 1 metal with group 7 non-metal — for example LiF, LiCl, NaF, NaCl, KF, KCl



•  a group 2 metal with group 7 non-metal — for example MgF2, MgCl2, CaF2, CaCl2




•  a group 1 metal with group 6 non-metal — for example Li2O, Li2S, Na2O, Na2S, K2O, K2S



•  a group 2 metal with group 6 non-metal — for example MgO, MgS, CaO, CaS





If other examples appear in a question, it is simply a matter of changing the initial electronic configuration — the way in which each type of compound is formed is the same.




[image: ]


Example 1


Sodium chloride





•  A sodium atom has an electronic configuration of 2,8,1.



•  When it reacts with a chlorine atom (electronic configuration 2,8,7), the one outer electron of the sodium atom is transferred to the outer shell of the chlorine atom.



•  Each sodium ion now has only 10 electrons (2,8), but it has 11 protons in its nucleus, so it has charge of 1+.



•  The sodium atom is written as ‘Na’; the sodium ion formed is written as ‘Na+’.



•  Simple positive ions have the same name as the atom — so Na+ is called a sodium ion.



•  Each chloride ion now has 18 electrons (2,8,8) but it has 17 protons in its nucleus so it has charge of 1−.



•  The chlorine atom is written as ‘Cl’; the chloride ion formed is written as ‘Cl−’.



•  Simple negative ions change the end of their name to -ide, so it is called a chloride ion.



•  The sodium ions and chloride ions are attracted to each other and form an ionic compound.



•  The ionic bond is the attraction between oppositely charged ions in an ionic compound.



•  The dot-and-cross diagram below summarises the process of ion formation in sodium chloride.







[image: ]




The compound formed is called sodium chloride (because it contains sodium ions and chloride ions). There is a lot of information here that helps in working out the formula of the compound:





•  Each sodium atom loses one electron and each chlorine atom gains one electron, so only one atom of each is required and the formula of sodium chloride is NaCl.



•  Because a sodium ion is Na+ and a chloride ion is Cl−, only one ion of each is required, so the compound has no overall charge.





[image: ]
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Exam tip





•  When an ion has a single positive charge, it is correct to write this as ‘+’. Do not write ‘1+’ or ‘+1’. Similarly, when an ion has a single negative charge, write this as ‘−’, not ‘1−’ or ‘−1’.



•  For ions with a higher charge, always write these in the same way as those on the back of the Data Leaflet — for example 2+ (not +2) and 3− (not −3).
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Exam tip


When showing the formation of an ionic compound, always use dots and crosses to make it clear where the transferred electrons are coming from and where they are going to. In this example you can see that a sodium electron ends up in a chloride ion. Make sure the charges on the ions are shown and that the numbers of each ion present match up.
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Exam tip


Questions often ask about the electronic configurations of atoms and of ions. The electronic configuration of the Na+ ion is 2,8, but this is the same as the electronic configuration of a Ne atom. The difference is the number of protons in the nucleus. The number of electrons can help to identify an unknown atom, but be careful if it is an ion because it will have lost or gained electrons. You can work out how many it has lost or gained from its charge.
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Exam tip


Remember that ionic compounds do not have a charge — but ions do have a charge.
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Example 2


Calcium chloride





•  Two chlorine atoms are required for each calcium atom because each calcium atom loses two electrons and each chlorine atom gains one electron:







[image: ]







•  A calcium ion is Ca2+ because it has only 18 electrons but 20 protons (atomic number = 20).



•  Chloride ions are Cl−, as described earlier.



•  The formula of calcium chloride is CaCl2.
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Example 3


Magnesium oxide





•  Only one magnesium atom is required for each oxygen atom because each magnesium atom loses two electrons and each oxygen atom gains two electrons:







[image: ]







•  A magnesium ion is Mg2+ because it has only 10 electrons (2,8) but 12 protons (atomic number = 12).



•  An oxide ion is O2− because it has 10 electrons (2,8) but only eight protons (atomic number = 8).



•  The formula of magnesium oxide is MgO.
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Example 4


Potassium sulfide





•  Two potassium atoms are needed for each sulfur atom because each potassium atom loses one electron and each sulfur atom gains two electrons:







[image: ]







•  A potassium ion is K+ because it has only 18 electrons (2,8,8) but 19 protons (atomic number = 19).



•  A sulfide ion is S2− because it has 18 electrons (2,8,8) but only 16 protons (atomic number = 16).



•  The formula of potassium sulfide is K2S.
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Exam tip


The charge on a simple ion can be checked by looking at the group number of the element:


Group 1 elements form ions with a + charge.


Group 2 elements form 2+ ions.


Group 3 elements form 3+ ions.


Group 4 elements do not generally form ions.


Group 5 elements form ions with a 3− charge.


Group 6 elements form ions with a 2− charge.


Group 7 elements form ions with a − charge.


Group 0 elements do not form ions because they have full outer shells.
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Exam tip


If you are asked to show all the subatomic particles in an atom or ion, label the nucleus and write how many protons and neutrons are present. Then add the shells showing the electronic configuration.
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Now test yourself





1  What are the names of the two ions in NaCl?



2  Write the formula of the compound formed between Li+ and S2− ions.



3  Write the electronic configuration of the atoms and ions formed when calcium atoms react with fluorine atoms. Write the charges on the ions.
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