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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 you note when you have:





•  revised and understood a topic



•  tested yourself



•  checked 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.


Features to help you succeed
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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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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. Answers are at the back of the book.
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Summaries


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


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


Where this symbol appears, the text to the right of it relates to higher tier material.
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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, 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/downloads




•  Try out different revision methods. For example, 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


GCSE Chemistry Unit 1


Date:…………………


Time:…………………


Location:…………………


GCSE Chemistry Unit 2


Date:…………………


Time:…………………


Location:…………………
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1 The nature of substances and chemical reactions



Elements and compounds


Elements


Elements are the basic building blocks of matter. They cannot be broken into anything simpler by chemical means. The important facts about elements are as follows.





•  Each element has its own symbol.



•  Elements are made up of atoms, and all the atoms of an element are of the same type.



•  Each atom contains a small positively charged central region called the nucleus.



•  The nucleus is made up of two types of particle – protons (which have a positive charge) and neutrons (which have no charge). Light, negatively charged electrons surround the nucleus and are attracted to it. (Positive attracts negative.)



•  Every atom of a particular element has the same number of protons, known as the atomic number. Each element has its own atomic number. For example, hydrogen has the atomic number 1; lithium has the atomic number 3; chlorine has the atomic number 17.



•  The mass of an atom of an element is called its relative atomic mass. Protons and neutrons are given a mass of 1. Electrons are so small that they have a negligible mass. The nucleus contains nearly all the mass of the atom.
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Exam tip


Knowledge and understanding of the facts about elements listed here are important in most of the topics. It is essential that you are clear on all these points and can recall them.
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Chemists have arranged all the elements into a table known as the Periodic Table, which organises them into groups which allow us to understand and predict the properties of the different elements.


The Periodic Table is an essential tool for chemists, and is covered later in this book.


Chemical formulae


All chemicals have names, but are also given chemical symbols (in the case of elements) and formulae (for molecules) as a sort of ‘shorthand’ way of representing them. Chemical symbols have one or two letters. Many elements have symbols that obviously relate to their name (for example, the symbol for calcium is Ca), but many common ones do not (e.g. lead – Pb; mercury – Hg; tin – Sn; potassium – K). The chemical formula for a molecule indicates the elements (or sometimes a single element) that make it up, and has a number (as a subscript) to indicate how many atoms of the element are present. If there is no number, this indicates that there is one atom of the element in the molecule. Some examples are shown in Table 1.1.
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Compounds


A compound is a substance made of two or more elements chemically combined. The compound has completely different properties to the elements it contains. Although all compounds have names, the true nature of a compound is revealed by its formula. The chemical formula not only tells you what elements make up the compound, but also the ratio of the different atoms it contains.


There are two types of compound: ionic compounds (which are made up of electrically charged particles or ions, like the sodium and chloride ions in sodium chloride or common salt) and covalent compounds, which are electrically neutral.


Compounds can be represented by diagrams, showing how the atoms are joined together. An example (for water) is given in Figure 1.1. With these diagrams, it is important to either label the atoms or provide a key.
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Ionic compounds and their formulae


When metals react with non-metals ionic compounds are formed.





•  Ions are formed from atoms when they transfer electrons.



•  Metal atoms prefer to lose electrons forming positive ions.



•  Non-metals prefer to gain electrons forming negative ions.



•  The salts that are formed when metals react with non-metals have names that reflect the metal ion and the non-metal ion. The metal ions have the same name as their atom, so sodium atoms become sodium ions. Non-metal ions have slightly different names. Oxygen forms oxides, fluorine forms fluorides, chlorine forms chlorides, bromine forms bromides and iodine forms iodides.





The formulae of simple ionic compounds can be written using the formulae of the ions given in Tables 1.2 and 1.3. Whenever ionic compounds are formed from metals and non-metals, the resulting compounds are electrically neutral – the number of positive charges balances the number of negative charges. Sodium chloride is easy. The sodium ion is Na+ and the chloride ion is Cl−. The formula is (Na+)(Cl−), which we write as NaCl. The calcium ion is Ca2+. This means that two chloride ions are needed to balance the charge on one calcium ion. The formula for calcium chloride is written as CaCl2.


Table 1.2 Formulae of some positive ions.






	Ion

	Formula






	Periodic Table Group 1

	 






	Lithium

	Li+







	Sodium

	Na+







	Potassium

	K+







	Periodic Table Group 2

	 






	Magnesium

	Mg2+







	Calcium

	Ca2+







	Strontium

	Sr2+








Table 1.3 Formulae of some negative ions.






	Ion

	Formula






	Periodic Table Group 6

	 






	Oxide

	O2−







	Periodic Table Group 7

	 






	Fluoride

	F−







	Chloride

	Cl−







	Bromide

	Br−







	Iodide

	I−








The formulae of other compounds can also be written from the formulae of their ions. The formulae of some common ions will be given in the examinations (at the back of the exam paper) as shown in Tables 1.4 and 1.5.
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Now test yourself





1  What are the two types of particle found in an atomic nucleus?



2  The element cobalt has 27 protons and 32 neutrons. What is its atomic number?



3  The formula for sulfuric acid is H2SO4. How many atoms of hydrogen, sulfur and oxygen are in a molecule of sulfuric acid?



4  What type of substance forms positive ions?



5  Look at Tables 1.4 and 1.5. What would be the formula for:







    a)  Potassium hydroxide?


    b)  Sodium phosphate?


    c)  Magnesium oxide?


    d)  Calcium chloride?





Answers on p. 117
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Chemical data and percentage composition of compounds


Relative atomic mass and relative formula mass


If you try to express the weight of an atom in grams, the number would be incredibly small. To have figures that are easier to use, scientists express the mass of an atom relative to the mass of the carbon atom, 12C. The mass of 12C is given as 12 and the masses of other atoms are then calculated from that. These figures are called relative atomic masses, and given the symbol Ar. The relative atomic masses of some common elements are given in Table 1.6. The relative atomic mass is often given, along with the atomic number, in a Periodic Table (see Figure 1.2). Ar is a comparison, not an actual measurement, so it has no units.
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The relative atomic mass is usually equal to the number of protons + the number of neutrons in the nucleus. Some elements have a variable number of neutrons, however, and the Ar is a sort of ‘average’. The most notable cases are copper (which has an Ar of 63.5) and chlorine (which has an Ar of 35.5).


If we know the relative atomic masses of the elements, then we can work out the relative molecular masses (Mr) of compounds. In the examples below, we get the relative atomic masses of the elements from the Periodic Table.





•  Water (H2O): In this molecule, there are two hydrogen atoms and one oxygen atom. The relative molecular mass is [(2 × 1) + 16] = 18.



•  Carbon dioxide (CO2): In this molecule, there are two oxygen atoms and one carbon atom. The relative molecular mass is [(2 × 16) + 12] = 44.





For ionic compounds, it is more correct to use the term relative formula mass, as there are no separate molecules in ionic compounds.





•  Magnesium oxide (MgO): In this compound, there is one magnesium ion for every one oxygen ion. The relative formula mass equals [24 + 16] = 40.



•  Sodium carbonate (Na2CO3): In this compound, there are two sodium ions, and one carbonate ion made up of one carbon and three oxygen atoms. The relative formula mass equals [(2 × 23) + 12 + (3 × 16)] = [46 + 12 + 48] = 106.





Calculating percentage composition of compounds


We can use relative atomic masses to calculate the percentage (by mass) of different elements in a compound.


The relative atomic mass of carbon is 12 and that of oxygen is 16. The relative molecular mass of carbon dioxide (CO2) is 44. The percentage composition (by mass) of carbon and oxygen in carbon dioxide is calculated by:
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Example


Calculate the percentage composition by mass of the different elements in magnesium carbonate, MgCO3.


Relative atomic masses: Mg = 24; C = 12; O = 16.


Answer


Relative formula mass of MgCO3 = 24 + 12 + [3 × 16] = 84
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Mixtures and separation


Mixtures


In a mixture, the atoms or molecules of the different substances are not chemically joined. They can be separated relatively easily by physical processes such as filtration, evaporation, chromatography, and distillation.





•  Filtration involves separating the components of a mixture according to their size, with only the smaller particles going through the filter, which retains the larger particles.



•  Evaporation separates mixtures of solids and liquids by evaporating the liquid. The mixture is heated so that the liquid vaporises and evaporates, leaving the solid behind.



•  Chromatography can separate substances according to their solubility in a particular solvent. It is dealt with in more detail below.



•  Distillation is used to separate a mixture of liquids. If they have significantly different boiling points, when one component reaches its boiling point, it will evaporate at a more rapid rate (and can be condensed) leaving the remaining component(s) in liquid form. Distillation is covered later in the book.





Chromatography


Chromatography is a technique that can be used to identify and separate substances in a mixed solution.





1  A drop of the mixture is placed on chromatography paper and the paper is then placed in a container of solvent, with the level of the solvent just below the level of the spot (see Figure 1.3).



2  The solvent moves up the paper. Any soluble substance in the pigment dissolves in the solvent and travels up the paper with it.



3  The more soluble a substance is in the solvent, the further it will travel.



4  As a result, the different substances are separated on the paper. The substances can be identified by how far they have travelled. To measure this, scientists calculate something called an Rf value. Figure 1.4 shows how this is calculated.





The Rf value of a substance is different for different solvents. It is possible for two different substances to have the same Rf value in a certain solvent, but they would not have identical Rf values in several different solvents, so sometimes chromatography has to be done several times, in different solvents, to conclusively identify a solute.
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Chemical reactions


Chemical reaction basics


A chemical reaction occurs when atoms in the reactant(s) rearrange to form one or more products. There will always be the same number of each type of atom in the products and the reactants. There are usually clues that a chemical reaction has taken place. For example:





•  A change in colour.



•  A temperature change (exothermic reactions give out heat, endothermic reactions absorb heat – this is covered later in the book)



•  Effervescence (fizzing) when a gas is formed in a liquid.





There are two ways of representing a chemical reaction, seen in the example below – a word equation and a chemical equation.


[image: ]


The chemical equation is more useful because it gives us information about the atoms involved.


Chemical equations


When a chemical reaction occurs, the atoms rearrange to form products. Therefore a chemical equation must have the same number of atoms of each type on both sides of the equation, as atoms do not appear from nowhere, nor do they disappear. The total relative mass on both sides must be equal. Sometimes, just writing down the chemical symbols is all that’s needed. For example:




[image: ]




If you count the number of the hydrogen, sulfur, oxygen and magnesium atoms on each side of the equation, they are equal. Nothing more needs to be done.


Now look at this equation:
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If we count the atoms on each side, we see that they do not match. On the left (the reactants), there are three hydrogen atoms in total, one sulfur, five oxygen and one sodium atom. On the right-hand side (the products) there are two hydrogen, one sulfur, five oxygen and two sodium atoms. The equation is not balanced, therefore it is not correct.


The equation needs to be balanced. The best way to approach this is to balance one type of atom at a time.


Let’s start with the sodium. We need to have two sodium atoms on the left-hand side to balance the two on the right-hand side, so let’s put a 2 before the NaOH.
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Now we need to count the atoms again (see Table 1.7)


Table 1.7 Balancing chemical equations (part 1).






	Atom

	Reactants

	Products






	Hydrogen

	4


	2







	Sulfur

	1


	1







	Oxygen

	6


	5







	Sodium

	2


	2








Now the sodium atoms balance, but the hydrogen still doesn’t, and the balance of the oxygens has been thrown out. Now let’s address the hydrogens. We can balance them by putting a 2 in front of the H2O.
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Now let’s count the atoms again (Table 1.8).


Table 1.8 Balancing chemical equations (part 2).






	Atom

	Reactants


	Products







	Hydrogen

	4


	4







	Sulfur

	1


	1







	Oxygen

	6


	6







	Sodium

	2


	2








You will see that by doing that, not only have we balanced the hydrogens, but the oxygens are now balanced as well. In fact, the whole equation is balanced.


Note that in chemical equations the state of each component is often indicated in brackets after the formula, using the following code:





•  (s) = solid



•  (l) = liquid



•  (g) = gas



•  (aq) = aqueous solution (i.e. dissolved in water)





Numbers in chemical equations


People sometimes get confused about the numbers before a symbol in a chemical equation and the subscript numbers. Look at the water in the balanced equation above (2H2O). The 2 in front of the formula indicates how many molecules of water are involved in the reaction, and that number can be altered to balance the equation. The 2 after the H indicates that, in a water molecule, there are two atoms of hydrogen. That can never be altered to balance an equation, because you would end up with a chemical formula that is either for a different chemical, or probably does not exist at all.
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Now test yourself





6  State three observations that can indicate that a chemical reaction is taking place.



7  Balance the following chemical equations.







    a)  [image: ]



    b)  [image: ]



    c)  [image: ]



    d)  [image: ]









8  What does (aq) after a chemical symbol in an equation mean?





Answers on p. 117
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H


Chemical calculations


Calculating the formula for a compound


We can use data from chemical reactions to calculate the formula of a compound. What is calculated is the simplest form of the formula, known as the simple formula. Let’s look at some examples.


We want to find the formula of copper oxide. 2.5 g of copper is heated to form copper oxide. The mass of copper oxide produced is 3.13 g.





1  We know the mass of copper (2.5 g). That copper will be part of the copper oxide, and the only other element present is oxygen. So, the mass of oxygen in the copper oxide is (3.13 − 2.5) = 0.63 g.



2  Now we look up the Ar of copper and oxygen in the Periodic Table. Copper = 63.5, oxygen = 16.



3  Now divide the masses by the Ar. For copper, [image: ]. For oxygen, [image: ].



4  Now divide the answers by the smallest number (0.04). For copper, [image: ]. For oxygen, [image: ]. This gives us the ratio of copper to oxygen in the formula.



5  The ratio is 1 : 1, so the formula is CuO.





We want to find the formula of sodium sulfide. 1.15 g of sodium reacts with 0.8 g of sulfur to form sodium sulfide.





1  We know the mass of sodium (1.15 g) and sulfur (0.8 g).



2  Now we look up the Ar of sodium and sulfur in the Periodic Table. Sodium = 23, sulfur = 32.



3  Now divide the masses by the Ar. For sodium, [image: ]. For sulfur, [image: ].



4  Now divide the answers by the smallest number (0.025). For sodium, [image: ]. For sulfur, [image: ]. This gives us the ratio of sodium to sulfur in the formula.



5  The ratio is 2 : 1, so the formula is Na2S.





In these examples, step 3 is calculating the number of moles of each substance. Moles are covered later in the book.
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Exam tip


You cannot learn how to do chemical calculations just by reading about them. You must work through examples. It does not matter if you do the same example several times, as you still learn the process.
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Calculating masses of reactants and products


Chemical equations also allow us to calculate the masses of the products (if we know the masses of the reactants) or the masses of the reactants needed to make a given mass of product. An example is the reaction of magnesium with oxygen.
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We want to predict how much magnesium oxide you would get in this reaction if you used 5 g of magnesium.





•  The relative atomic mass of magnesium is 24 and oxygen is 16.



•  This means that the relative formula mass of magnesium oxide is 40.



•  The equation tells us that (2 × 24) g of magnesium produces (2 × 40) g of magnesium oxide.



•  48 g of magnesium produces 80 g of magnesium oxide.



•  1 g of magnesium will produce [image: ] of magnesium oxide.



•  5 g of magnesium will produce 5 × 1.7 = 8.5 g of magnesium oxide.





8.5 g is the theoretical yield of magnesium oxide, but chemical reactions are never 100% efficient so the actual yield will be lower than this. The actual yield cannot be calculated, it must be measured.


We can also reverse the process to calculate the mass of reactants that would be needed to form a given mass of product. In the reaction above, suppose we wanted to know how much magnesium would be needed to give 10 g of magnesium oxide.





•  The relative atomic mass of magnesium is 24 and oxygen is 16.



•  This means that the relative formula mass of magnesium oxide is 40.



•  The equation tells us that (2 × 24) g of magnesium produces (2 × 40) g of magnesium oxide.



•  48 g of magnesium produces 80 g of magnesium oxide.



•  1 g of magnesium oxide requires [image: ] of magnesium.



•  To get 10 g of magnesium oxide, you need 10 × 0.6 = 6 g of magnesium.
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Figure 1.1 Diagram of a water molecule.
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