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Cover image: Potassium dichromate(VI)

Potassium dichromate(VI), K2Cr2O7, forms bright orange monoclinic crystals, which can be grown to several centimetres in length in the laboratory. The dichromate ion, Cr2O72−, is an important reagent used in many branches of chemistry. It receives several mentions in this book:


	•  When alkali is added to an aqueous solution of Cr2O72− ions, an equilibrium is set up with the yellow CrO42− ion. This is an example of the application of Le Chatelier’s principle (Topic 9).

	•  Being a strong oxidising agent, Cr2O72− makes an appearance in Topic 7.

	•  Its main use as an oxidising agent is for the oxidation of alcohols and aldehydes (Topics 17 and 18).

	•  Chromium is a transition element. The origin of colour in transition element compounds is discussed in Topic 26.
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Introduction


Welcome to the second edition of Cambridge International AS & A Level Chemistry. This textbook has been revised to comprehensively cover the Cambridge International AS & A Level Chemistry syllabus (9701) for first examination in 2022.

This textbook is part of a suite of resources, which also includes a practical skills workbook, a set of print and digital teacher resources and a study and revision guide.


How to use this book

This textbook, endorsed by Cambridge Assessment International Education, has been designed to make your study of Chemistry as successful and rewarding as possible.


Organisation

The book is divided into two parts. Topics 1–21 cover the AS Level syllabus content and Topics 22–32 cover the extra content required by students studying the full A Level course.



Features

Each topic contains a number of features designed to help you navigate the syllabus content effectively.

At the start of each topic, there is a blue box that provides a summary of the syllabus points to be covered in that topic. These are the exact learning outcomes listed in the syllabus. The information in this section is taken from the Cambridge International AS & A Level Chemistry 9701 syllabus for examination from 2022. You should always refer to the appropriate syllabus document for the year of your examination to confirm the details and for more information. The syllabus document is available on the Cambridge International website at www.cambridgeinternational.org.
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Learning outcomes

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


	  2.1.1  define the unified atomic mass unit as one twelfth of the mass of a carbon-12 atom

	  2.1.2  define relative atomic mass Ar, relative isotopic mass, relative molecular mass, Mr, and relative formula mass in terms of the unified atomic mass unit

	  2.2.1  define and use the term mole in terms of the Avogadro constant




	  2.3.2  a  write and construct equations (which should be balanced), including ionic equations (which should not include spectator ions)

	            b  use appropriate state symbols in equations




	  2.3.3  define and use the terms empirical and molecular formula

	  2.3.4  understand and use the terms anhydrous, hydrated and water of crystallisation
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Key points and definitions are highlighted in coloured panels throughout the book so that they can be identified easily and referred back to.
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The standard electrode (reduction) potential of electrode X is the potential of a cell in which X is the right-hand electrode and the standard hydrogen electrode is the left-hand electrode, as measured under standard conditions.
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Each topic features a number of Worked examples, which show you how to answer the kind of questions you may be asked about the content contained within that topic.
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WORKED EXAMPLE 5A

What type of kinetic energy is present in ice? Explain your reasoning.

Answer

Ice is a solid and the atoms are fixed in position (see Section 2.4). The only motion is vibration, so the atoms have vibrational kinetic energy.
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Practice Questions are included to give you opportunities to test your understanding of the topic and use the skills and techniques demonstrated in the Worked examples. Sample answers to these questions can be found at www.hoddereducation.co.uk/cambridgeextras.
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Questions 12.3


	1  Heating sodium chlorate(V) above its melting point causes it to undergo another disproportionation reaction, giving a mixture of NaCl and NaClO4. Use oxidation numbers to write a balanced equation for the reaction.

	2  Potassium iodide, KI, and potassium iodate(V), KIO3, react together in acid solution to form iodine, I2. Write a balanced ionic equation for this reaction.
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Material that goes beyond the requirements of the Cambridge International AS & A Level syllabus, but which may be of interest, especially to those of you planning to study Chemistry at a higher level, is clearly labelled in Extension boxes.
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EXTENSION

Quarks and gluons

During the middle 30 years of the twentieth century, scientists were happy to accept that the proton, neutron and electron were the three fundamental particles that made up all of matter. However, theories of the structure of matter that were being developed in the 1960s by the particle physicists Murray Gell-Mann (an American) and George Zweig (a Russian–American) suggested that protons and neutrons contained even smaller particles: the quarks. The prediction was shown to be true when the first two of the family of six quarks were discovered in the late 1960s.
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There are also a number of boxes labelled Maths note to guide you through some of the mathematical skills required.
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MATHS NOTE

Standard form

The numbers that chemists deal with can often be very large or very small. To make these more manageable, and to avoid having to write long lines of zeros (with the accompanying danger of miscounting them), we often express numbers in standard form.
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At the end of each topic, there is a summary of the key points that have been covered.
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SUMMARY


	•  Infrared (IR) spectroscopy can identify the functional groups within a molecule.

	•  Use of the M+1 peak in mass spectrometry enables us to determine the number of carbon atoms in a molecule.

	•  Use of the M+2 peak in mass spectrometry enables us to determine the number of chlorine and/or bromine atoms in a molecule.

	•  The fragmentation pattern in mass spectrometry helps us to determine the structure of molecules.
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Finally, each topic ends with a set of examination-style questions, some of which are taken from Cambridge International AS & A Level Chemistry (9701) examination papers. Sample answers to these questions have been written by the authors and can be found at www.hoddereducation.co.uk/cambridgeextras.





[image: ]

END OF TOPIC QUESTIONS


	1  A student carries out experiments using acids, bases and salts.




	a  Calcium nitrate, Ca(NO3)2, is an example of a salt.
The student prepares a solution of calcium nitrate by reacting dilute nitric acid, HNO3, with the base calcium hydroxide, Ca(OH)2.






	i    Why is calcium nitrate an example of a salt?
[1]



	ii   Write the equation for the reaction between dilute nitric acid and calcium hydroxide. Include state symbols.
[2]



	iii  Explain how the hydroxide ion in aqueous calcium hydroxide acts as a base when it neutralises dilute nitric acid.
[1]






Assessment

If you are following the AS Level course, you will take three examination papers:


	•  Paper 1 Multiple Choice (1 hour 15 minutes)

	•  Paper 2 AS Level Structured Questions (1 hour 15 minutes)

	•  Paper 3 Advanced Practical Skills (2 hours)



If you are studying the full A Level course, you will take five examination papers, Papers 1, 2 and 3, and also:


	•  Paper 4 A Level Structured Questions (2 hours)

	•  Paper 5 Planning, Analysis and Evaluation (1 hour 15 minutes)




Command words

The table below, taken from the syllabus, includes command words used in the assessment for this syllabus. The use of the command word will relate to the subject context. Make sure you are familiar with these.




	Command word
	What it means





	analyse
	examine in detail to show meaning, identify elements and the relationship between them



	calculate
	work out from given facts, figures or information



	compare
	identify/comment on similarities and/or differences



	consider
	review and respond to given information



	contrast
	identify/comment on differences



	deduce
	conclude from available information



	define
	give precise meaning



	demonstrate
	show how or give an example



	describe
	state the points of a topic/give characteristics and main features



	determine
	establish an answer using the information available



	discuss
	write about issue(s) or topic(s) in depth in a structured way



	evaluate
	judge or calculate the quality, importance, amount or value of something



	examine
	investigate closely, in detail



	explain
	set out purposes or reasons/make the relationships between things evident/provide why and/or how and support with relevant evidence



	give
	produce an answer from a given source or recall/memory



	identify
	name/select/recognise



	justify
	support a case with evidence/argument



	predict
	suggest what may happen based on available information



	show (that)
	provide structural evidence that leads to a given result



	sketch
	make a simple drawing showing the key features



	state
	express in clear terms



	suggest
	apply knowledge and understanding to situations where there are a range of valid responses in order to make proposals/put forward considerations








Notes for teachers


Key concepts

These are the essential ideas that help learners to develop a deep understanding of the subject and to make links between the different topics. Although teachers are likely to have these in mind at all times when they are teaching the syllabus, the following icons are included in the textbook at points where the key concepts relate to the text.
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Atoms and forces

Matter is built from atoms interacting and bonding through electrostatic forces. The structure of matter affects its physical and chemical properties, and influences how substances react chemically.
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Experiments and evidence

Chemists use evidence gained from observations and experiments to build models and theories of the structure and reactivity of materials. Theories are tested by further experiments and an appreciation of accuracy and reliability is gained.
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Patterns in chemical behaviour and reactions

Patterns in chemical behaviour can be identified and used to predict the properties of substances. By applying these patterns, useful new substances can be designed and synthetic routes created.

[image: ]

Chemical bonds

The understanding of how chemical bonds are made and broken by the movement of electrons allows us to predict patterns of reactivity. Appreciation of the strength of chemical bonds leads to the understanding of a material’s properties and its uses.
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Energy changes

The energy changes that take place during chemical reactions can be used to predict the extent, feasibility and rate of such reactions. An understanding is gained of why and how chemical reactions happen.



Additional support

A number of other Hodder Education resources are available to help teachers deliver the Cambridge International AS & A Level Chemistry syllabus.


	•  The Cambridge International AS & A Level Chemistry Practical Skills Workbook is a write-in resource designed to be used throughout the course. It provides students with extra opportunities to test their understanding of the practical skills required by the syllabus.

	•  The Cambridge International AS & A Level Chemistry Teacher Support Resources are a set of combined print and digital resources comprising schemes of work, teacher guidance and further activities.

	•  The Cambridge International AS & A Level Chemistry Study and Revision Guide is a stand-alone resource that is designed to be used independently by students at the end of their course of study as they prepare for their examinations. The Study and Revision Guide is not endorsed by Cambridge Assessment International Education.
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AS LEVEL Physical chemistry

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

As you read through the topic, study the Worked examples, and then try the questions that follow them.
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Learning outcomes

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


	  2.1.1  define the unified atomic mass unit as one-twelfth of the mass of a carbon-12 atom

	  2.1.2  define relative atomic mass Ar, relative isotopic mass, relative molecular mass, Mr, and relative formula mass in terms of the unified atomic mass unit

	  2.2.1  define and use the term mole in terms of the Avogadro constant




	  2.3.2  a  write and construct equations (which should be balanced), including ionic equations (which should not include spectator ions)

	            b  use appropriate state symbols in equations




	  2.3.3  define and use the terms empirical and molecular formula

	  2.3.4  understand and use the terms anhydrous, hydrated and water of crystallisation

	  2.3.5  calculate empirical and molecular formulae, using given data

	  2.4.1  perform calculations, including use of the mole concept, involving:




	            a  reacting masses (from formulae and equations) including percentage yield calculations

	            b  volumes of gases (e.g. in the burning of hydrocarbons)

	            c  volumes and concentrations of solutions

	            e  deduce stoichiometric relationships from calculations such as those given above
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1.1 Introduction


What is chemistry?

Chemistry is the study of the properties of matter. By matter, we mean the substances that we can see, feel, touch, taste and smell; the stuff that makes up the material world. Passive observation forms only a small part of a chemist’s interest in the world. Chemists are actively inquisitive scientists. We try to understand why matter has the properties it does, and how to modify these properties by changing one substance into another through chemical reactions.
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Figure 1.1 John Dalton, who first suggested the modern Atomic Theory



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


	•  the atoms of different elements were different from each other

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

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

	•  all matter was made up of a relatively small number of elements (Dalton thought about 50) combined in various ways.



Although Dalton’s theory has had to be modified slightly, it is still a useful starting point for the study of chemistry.

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





Classifying matter: elements, compounds and mixtures

Chemists classify matter into one of three categories.


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

	•  Compounds are made up from the atoms of two or more different elements, bonded together chemically. The ratio of elements within a particular compound is fixed, and is given by its chemical formula (see page 8). The physical and chemical properties of a compound are always different from those of the elements that make it up. Examples of compounds include sodium chloride (containing sodium and chlorine ions), water (containing hydrogen and oxygen atoms) and penicillin (containing hydrogen, carbon, nitrogen, oxygen and sulfur atoms).

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






1.2 Intensive and extensive properties

The properties of matter may be divided into two groups.


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

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



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

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

Molecules are extremely small – but how small? Sometimes, a simple experiment, a short calculation and a little thought can lead to quite an amazing conclusion. The well-known oil-drop experiment is an example. It allows us to obtain an order-of-magnitude estimate of the size of a molecule using everyday apparatus (see the Experiment box on page 4).

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


[image: ]

Figure 1.3 Coloured scanning tunnelling electron micrograph of carbon nanotubes, consisting of rolled sheets of carbon atoms. Individual atoms are seen as raised bumps on the surface of the tubes.
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Extension: EXPERIMENT

The oil-drop experiment

A bowl is filled with clean water and some fine powder, such as pollen grains or flour, is sprinkled over the surface. A small drop of oil is placed on the surface of the water, as shown in Figure 1.4. The oil spreads out. As it does so, it pushes the powder back, so that there is an approximately circular area clear of powder.

We can measure the volume of one drop by counting how many drops it takes to fill a micro measuring cylinder. (If we know the oil’s density, an easier method would be to find the mass of, say, 20 drops.) We can calculate the area of the surface film by measuring its diameter. Assuming the volume of oil does not change when the drop spreads out, we can thus find the thickness of the film.

This cannot be smaller than the length of one oil molecule (though it may be bigger, if the film is several molecules thick – there is no way of telling). The following are typical results:

[image: ]
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Distances this small are usually expressed in units of nanometres:

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

So the film is 1.4 nm thick. Oil molecules cannot be larger than this.
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Figure 1.4 The oil-drop experiment
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1.4 The masses of atoms and molecules

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

Originally, the atomic masses of all the elements were compared with the mass of an atom of hydrogen:

[image: ]

This is because hydrogen is the lightest element, so the relative atomic masses of all other elements are greater than 1, which is convenient.

Because of the existence of isotopes (see Section 2.3), and the central importance of carbon in the masses of organic compounds, the modern definition uses the isotope carbon-12, 12C, as the standard of reference:
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MATHS NOTE

Standard form

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

A number in standard form consists of two parts, the first of which is a number between 1 and 10, and the second is the number 10 raised to a positive or negative power. Some examples, with their fully written-out equivalents, are given in Table 1.1. If the 10 is raised to a positive power, the superscript tells us how many digits to the right the decimal point moves. As in the examples in Table 1.1, we often need to write extra zeros to allow this to take place. If the 10 is raised to a negative power, the superscript number tells us how many digits to the left the decimal point moves. Here again, we often need to write extra zeros, but this time to the left of the original number.




	Standard form
	Fully written-out equivalent





	6 × 102
	                600



	7.142 × 107
	    71 420 000



	2 × 10−6
	                    0.000 002



	3.8521 × 10−4
	                    0.000 385 21





Table 1.1 Standard form

Significant figures

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

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

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

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

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

In the examples in Table 1.1, the number 6 × 102 has one significant figure, and the number 7.142 × 107 has four significant figures.
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The difference between the two definitions is small, since a carbon-12 atom has almost exactly 12 times the average mass of a hydrogen atom (the actual ratio is 11.91 : 1). Relative atomic mass is given the symbol Ar. Since it is the ratio of two masses, it is a dimensionless quantity; it has no units. We shall be looking at isotopes, and relative isotopic mass, in more detail in Topic 2, where we investigate the structure of atoms.

The masses of atoms and subatomic particles (see Topic 2) are often expressed in atomic mass units. An atomic mass unit (amu), sometimes called a dalton, is defined as [image: ] the mass of one atom of carbon-12. It has the value of 1.66 × 10−24 g.

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

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



1.5 The mole

Chemists deal with real, measured quantities of substances. Rather than counting atoms individually, we prefer to count them in units that are easily measurable.

The chemist’s unit of amount is the mole (symbol mol). One mole contains exactly 6.022 140 76 × 1023 particles. This number is called the Avogadro constant and is given the symbol NA.

Taking the approximate value of NA = 6.022 × 1023 mol−1, this means that one mole of an element contains a staggering six hundred and two thousand two hundred million million million atoms! This is far larger than the number of stars in our galaxy (a mere 250 billion; 2.5 × 109) and about the same as the estimated number of stars in the whole universe.

The rounded value of 6.0 × 1023 mol−1 is often adequate, and will be used in calculations in this book.

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

The value of NA

Until 2019 the mole was defined in terms of grams:

One mole of an element is the amount that contains the same number of atoms as there are in 12.000 g of carbon-12.

Up to 2018, the most accurate measurements using this definition resulted in NA having the value of 6.022 140 86 × 1023 mol−1.

But there was a problem: the gram is defined in terms of the International Prototype Kilogram (IPK): a cylinder of a platinum–iridium alloy kept in a vault in Paris. Over the years it has been found that the masses of the IPK and its copies in various countries have changed – both relative to each other and in absolute terms. Consequently the mass of the gram – and hence the value of the Avogadro constant – has also varied.

It has now been decided to do away with this uncertainty, and to define the Avogadro constant to be precisely 6.022 140 76 × 1023 mol−1. This new definition makes no reference to grams or kilograms.

Molar masses based on the new definition of NA differ from those based on the old definition only by fractions of parts per million, which is far smaller than the most accurate chemical balance can detect.

The definition of molar mass given below is therefore still valid in practical terms.
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Figure 1.5 One-tenth of a mole of each of the elements aluminium, sulfur, bromine and lead



The mass of one mole of an element is called its molar mass (symbol M). It is numerically equal to its relative atomic mass, Ar, but is given in grams per mole:

relative atomic mass of carbon = 12.0

molar mass of carbon = 12.0 g mol−1

relative atomic mass of magnesium = 24.0

molar mass of magnesium = 24.0 g mol−1

It follows from the above definition that there is a clear relationship between the mass (m) of a sample of an element and the number of moles (n) it contains:
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WORKED EXAMPLE 1A

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

Answer

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

m = 30 g and M = 12.0 g mol−1
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Questions 1.1

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


	1  24.0 g of oxygen

	2  24.0 g of sulfur

	3  16.0 g of magnesium.
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WORKED EXAMPLE 1B

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

Answer

Use the value of NA given above:

[image: ]
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Questions 1.2

Calculate the amount of substance (in moles) in


	1  a sample of uranium that contains 1.0 × 1025 atoms

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

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


	•  the symbol for hydrogen is H

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

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



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


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

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

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



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


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

	•  the formula of calcium nitrate is Ca(NO3)2 (one calcium ion, Ca2+, combined with two nitrate ions).
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WORKED EXAMPLE 1C

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


	a  Al(OH)3

	b  (NH4)2SO4



Answer


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

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




	–  two nitrogen atoms

	–  eight hydrogen atoms

	–  one sulfur atom

	–  four oxygen atoms.
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Questions 1.3

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


	1  NH4NO3

	2  Na2Cr2O7

	3  KCr(SO4)2

	4  C6H12O6

	5  Na3Fe(C2O4)3



[image: ]




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

The formulae of many ionic compounds can be predicted if the valencies of the ions are known. (The valency of an ion is the electrical charge on the ion.) Similarly, the formulae of several of the simpler covalent (molecular) compounds can be predicted if the covalencies of the constituent atoms are known. (The covalency of an atom is the number of covalent bonds that the atom can form with adjacent atoms in a molecule.) Lists of covalencies and ionic valencies, and examples of how to use them, are given on pages 57 and 91.
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1.7 Moles and compounds


Relative molecular mass and relative formula mass

Just as we can weigh out a mole of carbon (12.0 g), so we can weigh out a mole of a compound such as ethanol (alcohol). We first need to calculate its relative molecular mass, Mr .
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To calculate the relative molecular mass (Mr) of a compound, we add together the relative atomic masses (Ar) of all the elements present in one molecule of the compound (remembering to multiply the Ar values by the correct number if more than one atom of a particular element is present). So for ethanol, C2H6O, we have:

[image: ]

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

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

[image: ]

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

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


[image: ]

Figure 1.6 One-tenth of a mole of each of the compounds water, potassium dichromate(VI) (K2Cr2O7) and copper(II) sulfate-5-water (CuSO4·5H2O)
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WORKED EXAMPLE 1D

Calculate the relative molecular mass of glucose, C6H12O6.

Answer

[image: ]
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WORKED EXAMPLE 1E

How many moles are there in 60 g of glucose?

Answer

Convert the relative molecular mass calculated in Worked example 1D to the molar mass, M, and use the formula in equation (1):
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Questions 1.4


	1  Calculate the relative formula mass of each of the following compounds. (Use the list of Ar values in the data section on the website: www.hoddereducation.co.uk/cambridgeextras.)




	a  iron(II) sulfate, FeSO4

	b  calcium hydrogencarbonate, Ca(HCO3)2

	c  ethanoic acid, C2H4O2

	d  ammonium sulfate, (NH4)2SO4

	e  the complex with the formula Na3Fe(C2O4)3




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




	a  20 g of magnesium oxide, MgO

	b  40 g of methane, CH4

	c  60 g of calcium carbonate, CaCO3

	d  80 g of cyclopropene, C3H4

	e  100 g of sodium dichromate(VI), Na2Cr2O7




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




	a  1.5 moles of magnesium sulfate, MgSO4

	b  0.333 mole of aluminium chloride, AlCl3



[image: ]






A mole of what?

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

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



Water of crystallisation

When crystallised from an aqueous solution the solid lattices of many salt crystals incorporate a fixed number of water molecules. These are called hydrated crystals. The number of water molecules, n, per formula unit is shown by writing ‘.nH2O’ after the formula unit.

The molecules of water can sometimes be driven off by heating or by keeping the crystals in a very dry atmosphere in a ‘desiccator’. The resulting solids are then called anhydrous and can often appear a different colour to the hydrated crystals.

For example, cooling a saturated solution of copper(II) sulfate produces blue crystals of hydrated copper(II) sulfate, which on heating turn to a white solid of anhydrous copper(II) sulfate as the water molecules are driven off.
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Questions 1.5

Calculate the relative formula mass, and the number of moles of oxygen atoms in each mole, of the following salts:


	1  FeSO4∙7H2O

	2  KAl(SO4)2∙12H2O.
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1.8 Empirical formulae and molecular formulae



[image: ]

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

The steps in the calculation are as follows:


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

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

	3  If the results of the calculations do not approximate to whole numbers, multiply them all by 2 to obtain whole numbers. (In rare cases we might have to multiply by 3 or 4 to obtain whole numbers.)
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WORKED EXAMPLE 1F

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

Answer

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


	1  [image: ]

	2  [image: ]

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



Therefore the empirical formula is Fe2O3.
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Questions 1.6

Calculate the empirical formula of each of the following compounds:


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

	2  a hydrocarbon containing 81.8% carbon and 18.2% hydrogen

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



[image: ]

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


Mass is conserved

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

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

The conservation of mass

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

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


[image: ]

Figure 1.7 During the formation of lead(II) iodide, mass is conserved.
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Balanced equations

The reason why the mass does not change during a chemical reaction is because no atoms are ever created or destroyed. The number of atoms of each element is the same at the end as at the beginning. All that has happened is that they have changed their chemical environment. In the example in the experiment above, the change can be represented in words as:


[image: ]

Figure 1.8 The formation of lead(II) iodide



There are several steps we must carry out to convert this word equation into a balanced chemical equation.


	1  Work out and write down the formula of each of the compounds in turn, and describe its physical state using the correct one of the following four state symbols:
(g) = gas  (l) = liquid  (s) = solid  (aq) = aqueous solution (dissolved in water)

For the above reaction:






	–  lead(II) nitrate solution is Pb(NO3)2(aq)

	–  potassium iodide solution is KI(aq)

	–  solid lead(II) iodide is PbI2(s)

	–  potassium nitrate solution is KNO3(aq).



The equation now becomes:

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


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




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

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

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



The fully balanced equation is now:

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

It is clear that we have neither lost nor gained any atoms, but that they have swapped partners: the iodine was originally combined with potassium, but has ended up being combined with lead; the nitrate groups have changed their partner from lead to potassium.
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WORKED EXAMPLE 1G

Write the balanced chemical equation for the following reaction:

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

Answer

Following the steps given above:


	1  Zinc metal is Zn(s).
Hydrochloric acid is HCl(aq).

Zinc chloride solution is ZnCl2(aq).

Hydrogen gas is H2(g) (hydrogen, like many non-metallic elements, exists in molecules made up of two atoms).

The equation now becomes:

Zn(s) + HCl(aq) → ZnCl2 (aq) + H2(g)






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

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



The fully balanced equation is now:

Zn(s) + 2HCl(aq) → ZnCl2(aq) + H2(g)
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Questions 1.7


	1  Copy the following equations and balance them.




	a  H2(g) + O2(g) → H2O(l)

	b  I2(s) + Cl2(g) → ICl3(s)

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

	d  H2S(g) + SO2(g) → S(s) + H2O(l)

	e  NH3(g) + O2(g) → N2(g) + H2O(l)




	2  Write balanced symbol equations for the following reactions:




	a  magnesium carbonate → magnesium oxide + carbon dioxide

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

	c  sodium oxide + water → sodium hydroxide solution

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

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

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

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

When this reaction is carried out in an open conical flask on a top-pan balance, the mass is observed to decrease. (Note that this is not due to the destruction of matter; as was mentioned on page 12, the overall number of atoms does not change during a chemical reaction. Rather, it is due to the fact that the gaseous carbon dioxide produced escapes into the air.) We can use the knowledge gained in this topic to calculate the answer to the following question:


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



We use the following steps:


	1  We can use equation (1) (page 7) to calculate the number of moles of calcium carbonate in 50 g of marble chips:
[image: ]



	2  From the balanced equation above, we see that one mole of calcium carbonate produces one mole of carbon dioxide. Therefore the number of moles of carbon dioxide produced is the same as the number of moles of calcium carbonate we started with, namely 0.50 mol of carbon dioxide.

	3  Lastly, we can use a rearranged form of equation (1) to calculate what mass of carbon dioxide this corresponds to.
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The loss in mass (due to the carbon dioxide being evolved) is 22.0 g.

The three steps can be summarised as shown in Figure 1.9.
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Figure 1.9 Finding the mass of a product from the mass of reactant, or vice versa
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WORKED EXAMPLE 1H

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

2Al(s) + Fe2O3(s) → Al2O3(s) + 2Fe(l)


[image: ]

Figure 1.10 The thermit process is used to weld together the steel rails of railway tracks.



Use the chart in Figure 1.9 to calculate what mass of aluminium is needed to react completely with 10.0 g of iron(III) oxide.

Answer


	1  [image: ]
so M = 159.6 g mol−1

[image: ]



	2  From the balanced equation, one mole of iron(III) oxide reacts with two moles of aluminium, therefore:
[image: ]



	3  Ar(Al) = 27.0 so M = 27.0 g mol−1
[image: ]
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Questions 1.8


	1  What mass of silver will be precipitated when 5.0 g of copper are reacted with an excess of silver nitrate solution?
Cu(s) + 2AgNO3(aq) → Cu(NO3)2(aq) + 2Ag(s)



	2  What mass of ammonia will be formed when 50.0 g of nitrogen are passed through the Haber Process? (Assume 100% conversion.)
N2(g) + 3H2(g) → 2NH3(g)



	3  What will be the percentage loss of mass of solid when 1 mol of crystalline magnesium sulfate is heated?
MgSO4 ∙ 7H2O(s) → MgSO4(s) + 7H2O(g)

[percentage loss of mass of solid = 100 × (mass at start − mass at end)/(mass at start)]
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1.11 Moles of gases

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

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

So we can say that:
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WORKED EXAMPLE 1I

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

Answer

The equation for the reaction is as follows:

Fe(s) + H2SO4(aq) → FeSO4(aq) + H2(g)


	1  Ar(Fe) = 55.8 so M = 55.8 g mol−1
[image: ]



	2  From the balanced equation, one mole of iron produces one mole of hydrogen molecules, therefore:
number of moles of H2 = 0.125 mol



	3  [image: ]
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Questions 1.9


	1  What volume of carbon dioxide (measured at room temperature and pressure) will be produced when 5.0 g of calcium carbonate are decomposed by heating according to the following equation?
CaCO3 → CaO + CO2



	2  Sulfur dioxide and hydrogen sulfide gases react according to the equation:
2H2S + SO2 → 2H2O + 3S

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





[image: ]






1.12 Moles and concentrations

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

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

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

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


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

	•  or dissolving 1 mol of solute in 0.5 dm3 of solution.
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Unlike the mass of a solid or the volume of a gas which are extensive properties of a substance (see page 3), the concentration of a solution is an intensive property. It does not depend on how much of the solution we have. Properties that depend on the concentration of a solution are also intensive. For example, the rate of reaction between sulfuric acid and magnesium ribbon, the colour of aqueous potassium manganate(VII), the sourness of vinegar and the density of a sugar solution do not depend on how much solution we have, but only on how much solute is dissolved in a given volume.
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Figure 1.11 Colour is related to concentration, an intensive property that does not depend on how much solution there is.
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WORKED EXAMPLE 1J

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

Answer

Use the first equation in the panel above:

[image: ]
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WORKED EXAMPLE 1K

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

Answer

Use the second equation in the panel on page 18:
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Now use equation (1) (page 7) to convert moles into mass:
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Questions 1.10


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




	a  2.0 mol of ethanol in 750 cm3 of solution

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

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




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




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

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

	c  50 cm3 of a solution containing 20 g of potassium hydrogencarbonate, KHCO3, per dm3



[image: ]




We shall come across the concentrations of solutions again in Topic 6, where we look at the technique of titration.



1.13 Calculations using a combination of methods

At the heart of most chemistry calculations is the balanced chemical equation. This shows us the ratios in which the reactants react to give the products, and the ratios in which the products are formed. This is called the stoichiometry of the reaction. Most calculations involving reactions can be broken down into a set of three steps (see Figure 1.12), similar to those described for mass calculations on page 15.
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Figure 1.12 Calculations involving the stoichiometry of a reaction
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Questions 1.11

Use Figure 1.12 and the Ar values in the data section on the website www.hoddereducation.co.uk/cambridgeextras to answer the following questions.


	1  What volume of hydrogen gas will be given off when 2.3 g of sodium metal react with water?
2Na(s) + 2H2O(l) → 2NaOH(aq) + H2(g)



	2  The equation for the complete combustion of methane, CH4, in oxygen is:
CH4(g) + 2O2(g) → CO2(g) + 2H2O(g)

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



	3  What volume of 0.50 mol dm−3 sulfuric acid, H2SO4, is needed to react exactly with 5.0 g of magnesium, and what volume of hydrogen will be evolved?
Mg(s) + H2SO4(aq) → MgSO4(aq) + H2(g)



	4  What mass of sulfur will be precipitated when an excess of hydrochloric acid is added to 100 cm3 of 0.20 mol dm−3 sodium thiosulfate solution?
Na2S2O3(aq) + 2HCl(aq) → 2NaCl(aq) + SO2(g) + H2O(l) + S(s)



	5  What would be the concentration of the hydrochloric acid produced if all the hydrogen chloride gas from the reaction between 50 g of pure sulfuric acid and an excess of sodium chloride was collected in water, and the solution made up to a volume of 400 cm3 with water?
NaCl(s) + H2SO4(l) →NaHSO4(s) + HCl(g)
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SUMMARY


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

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

	•  One mole is the amount of substance that contains 6.022 × 1023 particles. The type of particle (atom, molecule, electron etc.) should always be specified.

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

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

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

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

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

	•  The following equations allow us to calculate the number of moles present in a sample:
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END OF TOPIC QUESTIONS

Please see the Data Booklet on the website www.hoddereducation.co.uk/cambridgeextras for any data you may need to answer these questions.


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




	a  One salt which is used as a dietary supplement is a hydrated zinc sulfate, ZnSO4.xH2O, which is a colourless crystalline solid. Crystals of zinc sulfate may be prepared in a school or college laboratory by reacting dilute sulfuric acid with a suitable compound of zinc.
Give the formulae of two simple compounds of zinc that could each react with dilute sulfuric acid to produce zinc sulfate.

[2]



	b  A simple experiment to determine the value of x in the formula ZnSO4.xH2O is to heat it carefully to drive off the water.
ZnSO4.xH2O(s) → ZnSO4(s) + xH2O(g)

A student placed a sample of the hydrated zinc sulfate in a weighed boiling tube and reweighed it. He then heated the tube for a short time, cooled it and reweighed it when cool. This process was repeated four times. The final results are shown below.




	Mass of empty tube/g
	Mass of tube + hydrated salt/g
	Mass of tube + salt after fourth heating/g





	74.25
	77.97
	76.34










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

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

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

	iv  Use your results to ii and iii to calculate the value of x in ZnSO4.xH2O.
[7]






	c  For many people, an intake of approximately 15 mg per day of zinc will be sufficient to prevent deficiencies. Zinc ethanoate crystals, (CH3CO2)2Zn.2H2O, may be used in this way.




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

	ii   If this dose is taken in solution as 5 cm3 of aqueous zinc ethanoate, what would be the concentration of the solution used? Give your answer in mol dm−3.
[4]

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






	2  Washing soda is hydrated sodium carbonate, Na2CO3.xH2O.
A student wished to determine the value of x by carrying out a titration, with the following results.

5.13 g of washing soda crystals were dissolved in water and the solution was made up to 250 cm3 in a standard volumetric flask.

25.0 cm3 of this solution reacted exactly with 35.8 cm3 of 0.100 mol dm−3 hydrochloric acid and carbon dioxide was produced.






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




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

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

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

	v   Hence calculate the mass of Na2CO3 present in 5.13 g of washing soda crystals.
[2]






	b  Use your calculations in a to determine the value of x in Na2CO3.xH2O.
[2]

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






	3  0.17 g sample of a Group 14 chloride, XCl4, reacted with water to produce an oxide, XO2, and HCl.
equation 1

XCl4(s) + 2H2O(l) → XO2(s) + 4HCl (aq)

The HCl produced was absorbed in 100 cm3 of 0.10 mol dm−3 sodium hydroxide solution (an excess).

In a titration, the unreacted sodium hydroxide solution required 30.0 cm3 of 0.20 mol dm−3 hydrochloric acid for complete neutralisation.






	a  Calculate the amount, in moles, of hydrochloric acid used in the titration to neutralise the unreacted sodium hydroxide solution.
[1]



	b  Write the equation for the reaction between hydrochloric acid and sodium hydroxide.
[1]



	c  Calculate the amount, in moles, of sodium hydroxide neutralised in the titration.
[1]



	d  Calculate the amount, in moles, of sodium hydroxide that reacted with the HCl produced by the reaction in equation 1.
[1]



	e  Calculate the amount, in moles, of HCl produced by the reaction in equation 1.
[1]



	f  Calculate the amount, in moles, of XCl4 in the original 0.17 g sample.
[1]



	g  Calculate the molecular mass, Mr, of XCl4.
[1]



	h  Calculate the relative atomic mass, Ar, of X and suggest its identity.
[2]

[Cambridge International AS & A Level Chemistry 9701, Paper 21 Q1 November 2016]
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