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Get the most from this book


Welcome to the OCR A-level Chemistry 1 Student’s Book! This book covers Year 1 of the OCR A-level Chemistry specification and all content for the OCR AS Chemistry specification.


The following features have been included to help you get the most from this book.
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Prior knowledge


This is a short list of topics that you should be familiar with before starting a chapter. The questions will help to test your understanding.
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Key terms and formulae


These are highlighted in the text and definitions are given in the margin to help you pick out and learn these important concepts.
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Tips


These highlight important facts, common misconceptions and signpost you towards other relevant chapters.
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Test yourself questions


These short questions, found throughout each chapter, are useful for checking your understanding as you progress.
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Activities


These practical-based activities will help consolidate your learning and test your practical skills.
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Examples


Examples of questions or calculations are included to illustrate chapters and feature full workings and answers.
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Practice questions


You will find Practice questions, including multiple-choice questions, at the end of every chapter. These follow the style of the different types of questions with short and longer answers that you might see in your examination, and they are colour coded to highlight the level of difficulty. Challenge questions are also provided.
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Dedicated chapters for developing your Maths and Preparing for the exam can be found at the back of this book.


The questions in this book


The ‘Test yourself’ questions within the text of each chapter are designed to check that you have understood the short section of work that has just been covered. They are intended to be used during the course but can also be helpful while you are revising. The ‘Activities’ provide a chance to tackle a more extended question and also provide a check that you are able to understand and interpret experiments. The ‘Practice’ questions at the end of the chapters cover a broader section of work. They include multiple choice, structured and a smaller number of free response questions. They also sometimes focus on the evaluation of some experimental results. They are graded as follows:





•  Basic questions that everyone must be able to answer without difficulty within the exam.



•  Questions which cover work that are a regular feature of exams and that all competent candidates should be able to handle.



•  More demanding questions that sometimes go beyond the normal requirements of the exam but which the best candidates should be able to do.









	Challenge

	These are questions for the most able candidates to test their full understanding and sometimes their ability to use ideas in a novel situation.







It must be emphasised that although these questions cover the skills and knowledge required to be successful in the examination, they are not exam questions as such. Many only cover components of questions which on the exam paper may come from more than one section of the specification. When you are confident that your knowledge base and your understanding is sufficient you must start practising the past examination questions which are available from the OCR website. Mark schemes are also available and these are very helpful in making it clear what points examiners are looking for and the depth that they expect. The best practice for the exam is doing past exams.





Chapter 1



Practical skills


As part of the full A Level course you must carry out a number of experiments which are separately assessed and lead to a practical endorsement. Contained in the chapters of this book you will find sections to help you understand the correct use of apparatus and the methods required to carry out these tasks. However, within both the AS and A Level courses, the written papers may also include questions that require you to understand the limits of reliability of the techniques that you have studied. This chapter gives some guidance to help support your understanding of laboratory work.


The precision of apparatus


Each piece of laboratory apparatus used to measure a quantity has a limit to its precision. For example, a basic balance may give a measurement to the nearest gram; greater precision may be achieved by using a balance capable of reading to one, two, three or even four decimal places. The volume of a liquid can be measured using a graduated beaker, a measuring cylinder or volumetric apparatus. Each of these has a different level of precision. For most measuring equipment, the manufacturer will give the maximum error that is inherent in using that piece of apparatus; this is sometimes etched onto the apparatus but, in other cases, will need to be looked up. Not all experiments require the quantities measured to be exact, but if a quantitative result is needed, you should be aware of the limitations of the apparatus used.


The maximum error is an inevitable part of using that piece of equipment and is distinct from the competence with which the experiment is carried out. Important decisions are sometimes based on the results of experiments. For example, titrations are used in health care, in the food industry and in forensic science. It is crucial that the people making decisions based on the results obtained understand the extent to which they can rely on the data from their analysis.


Measuring volumes of liquids


Beakers and conical flasks


Markings on the sides of beakers and conical flasks serve only as a very rough guide to the volume taken and it is impossible to assess the maximum error involved in their use; however, it is likely to be large. Calibrated beakers and conical flasks are not suitable for measuring volumes reliably.
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Tip


In an exam you will be told the maximum error that applies to a particular piece of apparatus.
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Measuring cylinders


Unless otherwise indicated, a useful rule of thumb for measuring cylinders is that they have a maximum error of one-half of the difference between the graduation marks. If a 25 cm3 measuring cylinder has graduations every 0.5 cm3, the error is 0.25 cm3. If it is used to measure a volume of 20 cm3, then the true volume lies between 19.75 cm3 and 20.25 cm3. This can usefully be expressed as a percentage error because it can then be carried forward and applied to other results that are based on the measurement. In this case the percentage error is:
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Key term


Percentage error is [image: ]
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A 100 cm3 measuring cylinder may have graduations every 1 cm3. The maximum error is, therefore, 0.5 cm3. So, 20 cm3 measured in a 100 cm3 cylinder is 20 ± 0.5 cm3. The percentage error is:
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A 250 cm3 measuring cylinder usually has graduations every 2 cm3. The maximum error is, therefore, 1 cm3. So, 20 cm3 measured in a 250 cm3 cylinder is 20 ± 1 cm3. This has a large percentage error of 5%.


The difference in the error made in taking these measurements is considerable.


An increased error arises if both the start and end graduations are used to measure a volume. For example, if 20 cm3 of water is measured by filling a 100 cm3 measuring cylinder to the 100 cm3 mark and then pouring off the water until the 80 cm3 mark is reached, both the start and the end gradations are subject to a maximum error of 0.5 cm3. It is possible that the starting volume could be 100.5 cm3 and the end volume 79.5 cm3. The possible error is therefore 1 cm3 in the 20 cm3 measured, which is 5% (although this is probably greater than the experimental reality).


Volumetric equipment


Volumetric apparatus includes pipettes, burettes and volumetric flasks.





•  A pipette is usually selected when a small fixed volume of liquid or solution is required.



•  A burette is used to provide more variable volumes.



•  A volumetric flask is used when a larger volume of liquid or solution is required.





Using a pipette


A pipette is used to deliver a precise volume of solution (see Figure 1.1). The maximum error will vary according to the quality of its manufacture. For routine work a 25.0 cm3 pipette with a maximum error of 0.06 cm3 is often used.
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The percentage error is:
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This is a much smaller error than would occur if a measuring cylinder had been used. The percentage error using a 25 cm3 measuring cylinder was 1.25% (see above), hence the pipette is over 5 times more reliable.


Some pipettes are graduated to allow a volume less than the full capacity to be dispensed. These are useful but usually have a greater maximum error than a standard pipette.
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Tip


Since the solution that is sucked into the pipette may be poisonous, a pipette filler must always be used.
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Using a burette


When used correctly a volume measured by a burette has only a small error.
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Tip


A funnel should be used to fill a burette so that solution is not spilled down the outside (Figure 1.2). Care must be taken not to overfill it. The tap should, of course, be closed during this procedure. However, before recording a volume, the funnel should be removed and some solution should be run out so that the space below the tap is filled.
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The required volume is measured as the difference between final and initial readings. It is usual to read from the bottom of the meniscus but, because two readings are being subtracted, the top of the solution could be used.


Burettes usually have graduations every 0.1 cm3 and should, therefore, have a maximum error of 0.05 cm3. The volume delivered is the difference between two measurements, so the volume obtained has a potential uncertainty of 0.1 cm3. The percentage error will vary with the volume that has been measured.
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Tip


There are different grades of burette, so the maximum error in any reading will vary. In an exam the maximum error will be stated if you are required to consider it.
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Test yourself





1  Figure 1.3 shows four burettes.
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    a) Record the readings for each of the four burettes.


    b) Calculate the percentage error in each of the burette readings. Assume the maximum error of each reading to be 0.05 cm3 and give your answer to 2 decimal places.


    c) If the burette reading in A is the initial reading and burette reading in B is the final reading







        i) calculate the titre volume


        ii) calculate the percentage error in the titre volume.








[image: ]


[image: ]




Tip


If 250 cm3 were measured using a 50 cm3 burette filled five times, the exercise would not only be more tedious, but it would also have a greater error because each time the burette was used there would be an error in the volume measured.
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Using a volumetric flask


The mark on the neck of a volumetric flask indicates a specific volume. The maximum error is almost certain to be etched on the flask and is usually of the order of 0.125%. If a volumetric flask is used to measure 250.0 cm3, the volume obtained has a maximum error of:
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This means that the true volume lies between 249.7 cm3 and 250.3 cm3.


A volume measured in a volumetric flask is very precise. It holds the specified volume when the bottom of the meniscus of the solution sits on the engraved marking on the neck of the flask.
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Tip


The volume of solution held by a volumetric flask will depend on its temperature. Do not pour hot solutions into a volumetric flask.
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If it is necessary to dissolve a solid in water to make the solution to place in a volumetric flask, care is needed. It is usual to dissolve the solid first in a container such as a beaker using a volume of distilled water that is less than that required for the solution. A beaker is used so that, if necessary, the contents can be warmed to encourage the solid to dissolve. Once dissolved, the solution must be allowed to cool to room temperature before being transferred to the volumetric flask, using a funnel. Any solution remaining in the beaker is washed into the flask. Distilled water is added carefully to the flask until the meniscus sits on the engraved mark on the neck. With the stopper firmly in place, the flask is inverted a few times to ensure that the solution is completely mixed. The procedure is illustrated in Figure 1.4.
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Solutions made up in a volumetric flask are sometimes referred to as standard solutions.
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Key term


A standard solution is a solution with a precisely known concentration.
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Measurement of mass


If a balance measures to one decimal place, the mass measured will normally have a maximum error of 0.1 g (sometimes 0.05 g). For a balance measuring to two decimal places, the mass will be to within 0.01 g (sometimes 0.005 g). If carefully maintained and cleaned, a four decimal place balance will give a reading within 0.0001 g.


So if 1 g is weighed using a balance measuring to two decimal places, the mass may have an inevitable maximum error of 0.01 g. This means that the true mass lies anywhere between 0.99 g and 1.01 g.


The percentage error is:
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Any result based on this measurement would also have a 1% error. A 1% error might be acceptable for most experimental work but weighing 1 g using a balance which can measure to four decimal places would give a percentage error of only
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If the mass measured is much smaller, more thought needs to be given. A two decimal place balance used to measure a mass of 0.10 g would have a large percentage error:
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Using a balance accurate to four decimal places to weigh a mass of 0.10 g would give a more acceptable percentage error of 0.10%.
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Tip


It is worth bearing in mind when planning an experimental procedure that it would probably be inappropriate to use a balance measuring to four decimal places (0.05% accuracy) and then to measure a volume with only a 5% accuracy.
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Measurement of temperature


As with equipment used to measure volumes, different thermometers have different maximum errors in the readings taken. To obtain the percentage error in the readings, it is best to check the graduations. As with measuring cylinders, a useful rule of thumb for thermometers is that they have a maximum error of one-half the difference between their graduation marks.


In some experiments, thermometers are used to measure small differences in temperature. Care is needed in assessing the error resulting from the measurement of temperature change. In order to determine a temperature difference, both the initial and final temperatures are measured, which doubles the error.


Table 1.1 shows how the percentage error varies depending on the actual temperature change.
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A digital thermometer should be more precise than a standard thermometer. It is normal practice with digital equipment to record all the digits shown, but there is still some inherent error.
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Tip


Don’t assume that digital readings are necessarily more precise.
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Test yourself





2  Calculate the percentage error in measuring a mass of 2.5 g using a balance with a maximum error of:







    a) 0.1 g


    b) 0.05 g


    c) 0.001 g.








3  Calculate the percentage error in measuring 50 cm3 of a solution using:







    a) a 100 cm3 measuring cylinder with a maximum error of 0.5 cm3



    b) a 50 cm3 pipette with a maximum error of 0.1 cm3



    c) a 25 cm3 pipette with a maximum error of 0.06 cm3, used twice


    d) a 50 cm3 burette where each reading has a maximum error of 0.05 cm3.








4  Calculate the percentage error in measuring a temperature rise of 6 °C using a thermometer with a maximum error of:







    a) 0.5 °C


    b) 0.1 °C.








5  0.25 g of calcium carbonate is weighed out with a maximum error of 0.05 g to collect the carbon dioxide that it will produce when reacted with excess hydrochloric acid. The volume of carbon dioxide formed is 60 cm3 and is collected in a syringe with a maximum error of 1 cm3.







    a) Why does it matter that the hydrochloric acid is in excess?


    b) Calculate whether the balance or the syringe contributes the more significant error in this experiment.


    c) Write the equation for the reaction.


    d) Assuming that the volume of 1 mol of gas in the experiment is 24 dm3, show that the volume of gas collected should be 60 cm3.
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Recording results


When recording data, the precision should be indicated appropriately and the units must always be given. For example, if you use a balance that reads to two decimal places, the masses recorded should indicate this. This may seem obvious for a mass of, for example, 2.48 g. However, you must remember that this applies equally for a mass of, for example, 2.50 g. Here the ‘0’ should be included after the ‘5’ to indicate that this mass is also precise to two decimal places. Recording the mass as 2.5 g is incorrect and could be penalised in an exam.


When using a measuring cylinder with a maximum error of 1 cm3 to measure a volume, the result would normally be recorded without any decimal places. If you recorded a volume as 224.5 cm3 this would be considered incorrect.


Burette readings are normally recorded to 0.05 cm3 as this represents the appropriate maximum error. So a reading of 23.45 cm3 is acceptable, but 23.47 cm3 is not. The reading should not be recorded as 23.4 cm3 because this implies a maximum error of 0.1 cm3. If the initial reading is zero, it should be written as 0.00 cm3 because this reading has the same precision as any other.


Identifying anomalies


If measurements are repeated in an experiment the results should be examined carefully to identify any that are anomalous. Any that clearly differ from the general trend should be rejected and excluded if an average is taken. For example, if titres obtained had volumes of 23.40 cm3, 23.90 cm3 and 23.50 cm3, the 23.90 cm3 stands out as being inconsistent with the other readings and should be excluded from the mean titre which should be given as 23.45 cm3. If a graph is drawn and one result is clearly inconsistent with the general shape of a line being drawn it should also be rejected and the line should not deviate to pass through that point.
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Tip


You will not be required to carry out a detailed analysis. However, you should be able to identify the effect of the measurement with the largest error on the final answer.
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Overall accuracy of experimental results
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When performing a quantitative experiment it is likely that you will use several pieces of apparatus whose maximum errors will vary. For example, a mass might have a percentage error of 0.5%, but a temperature might have an percentage error of 4%. It is important to consider the appropriate precision of a value calculated using these data.



Significant figures


Errors in measurements and results have been discussed, as has the importance of using a suitable number of figures when results are recorded, i.e. the correct number of significant figures. Applied properly, this indicates the level of precision. Significant figures are explained in more detail in Chapter 16.
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Tip


Remember, if the number is a decimal less than 1, the number of significant figures is the number of digits after the left-hand zeros beyond the decimal point.
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•  0.12 has two digits beyond the decimal point. It has two significant figures and implies that the accurate number is between 0.11 and 0.13. In other words, the final digit is considered to have an accuracy of ± 1.



•  0.120 has three digits beyond the decimal point. Therefore, it has three significant figures and the number lies between 0.119 and 0.121.



•  0.004 has just one significant figure, because the two zeros beyond the decimal point are not counted. The number is between 0.003 and 0.005.



•  0.0042 has two significant figures. The number lies between 0.0041 and 0.0043.



•  0.004 00 has three significant figures. The two zeros after the ‘4’ do count, so the number lies between 0.003 99 and 0.004 01.
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Tip


As well as its importance in practical work, examination questions often expect you to give an answer to an appropriate number of significant figures.
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A number such as 151.25 suggests a five-figure accuracy; it has five significant figures. The true number lies between 151.24 and 151.26.


If 151.25 is rounded to 151, then it has three significant figures. This indicates that the number lies between 150 and 152.


Writing 150 does not make the meaning clear. This is because when the final digit is zero it implies that the number is either between 149 and 151 or between 140 and 160. To get around this difficulty, scientific notation is used:





•  1.50 × 102 indicates that the number lies between 149 and 151 (remember the zero is a significant figure)



•  1.5 × 102 indicates that the number lies between 140 and 160.
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Test yourself





6  Using the appropriate number of significant figures, write down the precision possible of a mass of exactly 14 g measured using:







    a) a two decimal place balance


    b) a four decimal place balance.








7 A student performed a titration using a burette with a maximum error of 0.05 cm3. The student’s results are recorded in Table 1.2, some of which are recorded incorrectly.
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    a) Copy this table, but write the results appropriately and to the correct number of significant figures.


    b) State the mean value for the titre that should be used in any subsequent calculation.
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Errors in experimental procedure


Apart from the limitations imposed by apparatus, experiments also have errors caused by the procedure adopted. Such errors are difficult to quantify, but the following checklist might help you to assess an experiment.


Handling substances





•  Can you be sure that the substances you are using are pure? Solids may be damp and if a damp solid is weighed, the absorbed moisture is included in the mass.



•  Does the experiment involve a reactant or a product that could react with the air? Remember that air contains carbon dioxide, which is acidic and reacts with alkalis. Some substances react with the oxygen present. Air is also always damp.





Heating substances





•  If you need to heat a substance until it decomposes, can you be sure that the decomposition is complete?



•  Is it possible that heating is too strong and the product has decomposed further?





Solutions





•  If an experiment is quantitative, can you guarantee that any solution used is exactly at the stated concentration?





Gases





•  If a gas is collected during the experiment, can you be sure that none has escaped?



•  If you collect a gas over water, are you sure it is not soluble?



•  The volume of a gas is temperature-dependent.





Timing





•  If an experiment involves timing, are you sure that you can start and stop the timing exactly when required?





Enthalpy experiments





•  Heat loss is always a problem in enthalpy experiments, particularly if the reaction is slow.





Improving experiments


As with limitations resulting from procedure, it is not possible to provide a comprehensive list of ways to improve experiments. However, it is worth emphasising that simple changes are often effective.


Using more precise measuring equipment is only useful if it focuses on a significant weakness. For example, if the volume of a solution does not need to be measured precisely, there is no point in using volumetric equipment.


If a change in the apparatus seems necessary, look for a straightforward alternative – for example:





•  If the problem is that a gas to be collected over water is slightly soluble, using a syringe might be an effective remedy.



•  If a gas might escape from the apparatus when a reagent is added, the procedure could be improved by placing one reagent in a container inside the flask containing the other reagent and mixing them when the apparatus is sealed.



•  If the problem with an enthalpy reaction is that it is too slow, using powders would help.





It is a mistake to imagine that perfection can be achieved by using more complicated apparatus if the fault lies in the method that is being employed.





Chapter 2



Atoms and electrons
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Prior knowledge


In this chapter it is assumed that you know that:





•  elements consist of atoms



•  compounds are formed when the atoms of elements combine together



•  matter is made up of elements and compounds.
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Test yourself on prior knowledge


Explain the difference between:





a) an element and a compound



b) a compound and a mixture



c) an atom and a molecule.
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Atoms


Elements are made up of atoms but the ways in which atoms combine together is very varied and forms the basis of a study of chemistry. By the end of the nineteenth century scientists began to appreciate that atoms were not indivisible as had originally been believed but had an intricate structure made up of different kinds of subatomic particles. Chemists have largely focused on the three main particles – protons, neutrons and electrons – although experiments done using the underground Large Hadron Collider at CERN on the borders of France and Switzerland have shown that protons and neutrons are made up of even smaller units.


Protons, neutrons and electrons





•  An atom consists of a nucleus that is made up of positively charged particles called protons and uncharged particles called neutrons.



•  Negatively charged particles called electrons orbit the nucleus.



•  Protons and neutrons have almost identical masses. Electrons are much lighter, being approximately 1/2000 of the mass of a proton or neutron.



•  All atoms are neutral. Therefore, the number of electrons is equal to the number of protons.
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It is worth appreciating that the diameter of the nucleus is only about 1/100 000 of the total diameter of the atom. So, if the nucleus were the size of an average bedroom in a house in Birmingham (Figure 2.2), the electron would follow roughly an orbit through Blackpool, Swansea, London and Skegness. An atom has a large amount of space between its nucleus and the outer boundary of electrons.
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The actual size of the charge on a proton or an electron is very small (1.60 × 10–19 coulombs) and the masses of protons, neutrons and electrons are equally tiny. A proton has a mass of only 1.67 × 10–24 g.
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Tip


No one knows the size of an individual electron. As explained later, it cannot even be fully described as a particle.
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You are not expected to recall these values but it is important that you remember the relative charges and sizes as shown in Table 2.1.


Table 2.1 Relative charges and masses of the components of the atom.






	Particle

	Relative charge

	Relative mass






	Proton (p)

	+1

	1






	Neutron (n)

	0

	1






	Electron (e)

	–1

	1/1836 (approx. 1/2000)







Some points to note are:





•  The atoms of any one element are different from the atoms of all other elements.



•  All atoms of the same element contain the same number of protons; atoms of different elements contain a different number of protons.



•  The number of protons contained in the atom of an element is called its atomic number.



•  The sum of the numbers of protons and neutrons in an atom is called its mass number. This implies that the protons and neutrons supply the total mass of an atom. This is not completely true, because there are also electrons present but, because electrons are so much lighter than protons and neutrons, it is a reasonable approximation.
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Tip


The atomic number is sometimes referred to as the proton number. The mass number is sometimes referred to as the nucleon number.
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It is easy to work out the numbers of particles present in an atom using its atomic number and mass number.
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Example 1


An atom has atomic number 13 and mass number 27. How many protons, neutrons and electrons does it contain?


Answer


The atomic number is the number of protons, which is, therefore, 13.


Since an atom is neutral, the number of electrons is also 13.


The number of protons plus the number of neutrons is 27. Therefore, the number of neutrons is 14.


(The element is aluminium and it is usually written as [image: ].)
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Tip


[image: ]


Subtract the bottom number from the top number to get the number of neutrons.
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Formation of ions


Losing or gaining electrons is the process by which many chemical reactions take place. When atoms do this they form charged particles called ions. An ion has the same atomic number and mass number as the atom of the element from which it was made.
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Key terms


Atomic number is the number of protons in an atom of an element.


Mass number is the number of protons + neutrons in the nucleus of an atom.


An ion is an electrically charged particle formed by the loss or gain of one or more electrons from an atom or a group of atoms.
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If an atom loses one electron, the number of electrons in the atom becomes one fewer than the number of protons. Therefore, it has an electrical charge of +1. For example, a sodium atom loses an electron, forming an ion that is represented by Na+. A calcium atom can lose two electrons and, as it then has two fewer electrons than it does protons, it is written as Ca2+.


If one electron is gained, the atom of the element contains one more electron than it does protons and, therefore, has an electrical charge of −1. For example, a chlorine atom gains an electron, forming a chloride ion, which is represented by Cl−. An oxygen atom gains two electrons, forming an oxide ion. This has two more electrons than protons and is written as O2−.


Ions have different properties from those of the atoms of the element from which they came. For example, sodium metal is extremely reactive but sodium ions are not.
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Tip


For non-metals, the element and its ion do not have the same name. A non-metallic ion has the ending ‘-ide’. For example, the ion from oxygen is oxide, from bromine it is bromide and from sulfur it is sulfide.
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Example 2


How many protons, electrons and neutrons are present in a sulfide ion, S2−? Sulfur has atomic number 16 and mass number 32.


Answer


Sulfur has atomic number 16, so a sulfur atom contains 16 protons.


Since the electrical charge of a sulfide ion is ‘2–’, it contains two more electrons than it does protons. Therefore, the number of electrons is 16 + 2 = 18.


The atomic mass is 32. The number of neutrons is the mass number minus the number of protons (32 – 16), which is 16.


Therefore, a sulfide ion contains 16 protons, 16 neutrons and 18 electrons.


It is written as [image: ].
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Example 3


How many protons, neutrons and electrons are present in a potassium ion, K+? Potassium has atomic number 19 and mass number 39.


Answer


Potassium has atomic number 19, so a potassium atom contains 19 protons.


Since the electrical charge of a potassium ion is ‘1+’,it contains one more proton than it does electrons. Therefore, the number of electrons is 18.


The atomic mass is 39. The number of neutrons is 39 – 19, which is 20.


Therefore, a potassium ion contains 19 protons, 20 neutrons and 18 electrons.


It is written as [image: ].
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Test yourself





1  Use the atomic numbers and mass numbers given to deduce the number of protons, neutrons and electrons present in the following atoms and the ion formed from them.







    a)    i) oxygen, O (atomic number 8, mass number 16)


           ii) O2−



    b)    i) sodium, Na (atomic number 11, mass number 23)


           ii) Na+



    c)    i) fluorine, F (atomic number 9, mass number 19)


           ii) F−



    d)    i) calcium, Ca (atomic number 20, mass number 40)


           ii) Ca2+









[image: ]


Isotopes and mass spectra


Most elements are made up of more than one type of atom. Although these atoms contain the same number of protons they differ in the number of neutrons that are present. Potassium, for example, consists of three different types of atom. All have 19 protons and most have 20 neutrons but a few have 22 neutrons and a very small number have 21. These variations are called isotopes of the element.
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Key term


Isotopes are atoms of the same element that have different masses. The isotopes of an element have the same number of protons (and electrons), but different numbers of neutrons.





[image: ]


Evidence for the existence of isotopes was obtained by using an instrument called a mass spectrometer. Although you will not be expected to have knowledge of a mass spectrometer in an exam it is useful for you to understand the general principle by which it works. A gaseous sample of the substance is bombarded with high-energy electrons, which knock off electrons from the edge of an atom to create positive ions. These are separated according to their charge and those with a 1+ charge are selected. After being accelerated by an electric field, a focused stream of these ions is then passed at constant speed through a magnetic field. Here, the ions are deflected and the degree of the deflection depends on the mass of the ion. A detector is calibrated to record the degree of deflection and interpret this in terms of mass. The key features are summarised in Figure 2.3. In order to avoid interference from gases in the air, the spectrometer is evacuated using a pump.
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A mass spectrometer analyses positive ions only. Do not confuse these ions with the ions that are formed under normal laboratory conditions. The conditions employed in the apparatus are such that it is impossible to create negative ions. An alternative version is the ‘time of flight (TOF)’ mass spectrometer. In this spectrometer ions are accelerated so that those of the same charge have the same kinetic energy. The velocity of the ion then depends only on its mass with those of greater mass moving more slowly. The time taken for ions to move across a fixed distance to a detector is then measured and this is interpreted to obtain an accurate mass of the particle.
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Tip


Although you will not be asked to describe a mass spectrometer in an exam, you need to understand how the results obtained from a mass spectrometer are used.
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Mass spectra of elements


The mass spectrometer provides information about the masses of every particle that has been formed inside the machine and how often this particle has been detected. For an atom, a typical print-out from a mass spectrometer looks like a ‘stick-diagram’. Each ‘stick’ shows the presence of an ion formed from an isotope and the height of the ‘stick’ represents its abundance.


The mass spectrum for boron is shown in Figure 2.4.




[image: ]




The x-axis is labelled ‘m/z’, which means mass/charge. However, since the charge is 1+ it is effectively the relative mass of the ions that is recorded. A mass spectrometer is calibrated so that the isotope carbon-12 is given a value of exactly 12. This is the standard used universally for the comparison of the masses of atoms (see page 40). The y-axis records relative abundance, which is the number of times an ion of that mass has been detected.
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The mass spectrum of boron has two lines. They are both a result of the formation of B+ ions. One line is equivalent to a mass of 10 and the other to a mass of 11. This occurs because boron consists of two isotopes, the atoms of one isotope containing five neutrons and the other containing six neutrons. The relative abundance of these two isotopes is shown by the heights of the lines – they are in the ratio of 23 (boron-10) to 100 (boron-11). Knowing this ratio allows the mean relative atomic mass to be determined.
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Tip


The word ‘relative’ is used because the figures are the masses of the isotopes based on a comparison with the mass of carbon, which is given a mass of 12 (see Chapter 4 page 40).
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Consider a total of 123 boron particles. 23 will be boron-10 and 100 will be boron-11. Therefore, the atomic mass has a contribution of (23/123) from boron-10, which is (23/123) × 10 = 1.87, and a contribution of (100/123) from boron-11, which is (100/123) × 11 = 8.94.


The relative atomic mass of boron is 1.87 + 8.94 = 10.81 (or 10.8 to 1 decimal place).
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Tip


Strictly, it is better to use the expression ‘weighted mean relative atomic mass’ rather than ‘relative atomic mass’. The average of 10 and 11 is 10.5. However, here the numbers of atoms of each isotope are considered and, in these circumstances, the word ‘weighted’ is included which takes account of the fact that there are more atoms of boron-11 than there are of boron-10.
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In some problems the percentage abundances obtained from a mass spectrum may be supplied. The following example shows how the atomic mass is then obtained.
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Tip


It is good practice to give the answer to a calculation using the same number of significant figures as used in the quantities given in the question.
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Example 4


Silver has two isotopes: 51.35% of the atoms are silver-107 and 48.65% of the atoms are silver-109. Calculate the relative atomic mass of silver.


Answer


The fraction that is 107Ag+ is 51.35/100; the fraction that is 109Ag+ is 48.65/100.


[image: ]


or 108.0 to 1 decimal place
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Activity


Finding the relative atomic mass of neon


Look carefully at the mass spectrum of neon in Figure 2.6.




[image: ]







1  How many isotopes does neon contain?



2  What are the relative masses of the isotopes of neon?



3  What are the relative amounts of the isotopes of neon?



4  Start a spreadsheet program (e.g. Excel) on your computer and open up a new spreadsheet for your results.







    a) Enter the relative masses of the isotopes of neon in column 1 and the relative amounts of these isotopes in column 2.


    b) Enter a formula in column 3 to work out the contribution of each isotope to the overall relative atomic mass of neon. (Hint: Look at the calculation of the relative atomic mass of boron or silver in the section above.)


    c) Finally, enter a formula in column 4 to calculate the relative atomic mass of neon.
(If you do not have access to a computer with a spreadsheet program, calculate the relative atomic mass of neon yourself.)








5  Pure samples of the isotopes of neon have different densities.







    a) Why is this?


    b) Which isotope of neon will have the highest density?








6  Isotopes of the same element have different physical properties but the same chemical properties. Why is this?



7 Samples of neon collected in different parts of the world have slightly different relative atomic masses. Why is this?
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Test yourself





2  Rubidium consists of two isotopes. Rb-85 has an abundance of 72.2%; Rb-87 has an abundance of 27.8%.
Calculate the relative atomic mass of rubidium.



3  Neon consists of three isotopes. The percentage composition is Ne-20, 90.48%; Ne-21, 0.27%; Ne-22, 9.25%.
Calculate the relative atomic mass of neon.



4  Copper has a relative atomic mass of 63.6. It contains two isotopes. One isotope has a relative mass of 63 and an abundance of 69%.
Deduce the relative mass of the other isotope.



5  The mass spectrum of the element gallium is shown below.
Calculate the relative atomic mass of gallium.
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Mass spectra of compounds


The mass spectrometer is also used to analyse compounds. This is because bombardment by electrons causes the molecule to break up and each of the fragments obtained registers on the detector. This can be an advantage, as it is sometimes possible to obtain details of the molecule’s structure as well as its overall molecular mass (see Chapter 15).


Mass spectrum of propane


The mass spectrum of propane, C3H8, is shown in Figure 2.7.
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The relative molecular mass of propane is 44. The peak furthest to the right of the spectrum represents the ion [C3H8]+. This is called the molecular ion peak. The molecular ion is produced by the removal of an electron from the molecule within the mass spectrometer:
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Key term


A molecular ion peak is the peak corresponding to the relative molecular mass of the compound. (It is sometimes referred to as the parent ion peak.)





[image: ]


However, under the bombardment of electrons, the molecular ion is unstable and breaks down to ion fragments of the molecule, which are also detected. Some examples are labelled on Figure 2.7. The peak at m/z 29 occurs because a C–C bond in the CH3CH2CH3 chain of the molecular ion is broken, producing two fragments. One of the fragments has a positive charge and the other is neutral:


[image: ]


In this case, the ion [CH3CH2]+ is then detected with a peak at m/z = 29.


The peak at m/z 15 represents a [CH3]+ ion. Again, a C–C bond in the CH3CH2CH3 chain is broken, producing one fragment with a positive charge and one fragment that is neutral:


[image: ]


A fragment can be identified for all other peaks in the spectrum. It is because of this fragmentation that the set of peaks is often described as a fingerprint of the molecule.



Mass spectrum of ethanol, CH3CH2OH


The mass spectrum of ethanol is shown in Figure 2.8.
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The molecular ion is represented by the line at m/z 46. This is the line furthest to the right, but it is not the highest peak. The height of the line represents the relative amount of that ion formed from the sample. It is often the case that a molecule breaks down readily, rather than surviving as the molecular ion. The peak at m/z 45 is due to the loss of H from the –OH group, resulting in the ion [CH3CH2O]+(g). The most abundant peak is at m/z 31, which corresponds to the ion [CH2OH]+(g), formed by the fragmentation of ethanol by breaking the C–C bond.
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Tip


Remember that it is positive ions that are detected by a mass spectrometer and you must include the positive charge if you are asked to identify any of the fragments.
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Lines due to isomers


The precision of a mass spectrometer is such that lines formed from different isotopes can be observed (though these have been excluded from Figures 2.7 and 2.8). These lines have small peak heights. One characteristic is the presence of such small peaks beyond the molecular ion peak. These are usually the result of small numbers of ions containing the isotope 13C, although other isotopes may contribute. These peaks do not usually need to be considered when using a mass spectrum to identify a compound.


The accuracy of mass spectrometers


Whereas the original machine designed by Francis Aston was large and only moderately accurate, today’s instruments are much smaller and the results are accurate to 4 decimal places. This precision means that, for example, a mass spectrometer can distinguish between carbon monoxide, nitrogen and ethene even though to a first approximation each has a mass of 28. The accurate figures are: carbon monoxide, CO, 28.0101; nitrogen, N2, 28.0134; ethene, C2H4, 28.0530.


A mass spectrometer uses very small samples of gaseous molecules and, today, can be operated remotely. This makes it a useful piece of equipment for analysing samples in remote locations. For example, the equipment on board the Mars space probe included a mass spectrometer that analysed samples of gas and returned the results to Earth. The mass spectrometer also plays an important role in forensic science. Chemicals are separated and a mass spectrum is obtained and the fragmentation pattern is matched by computer to a database. This type of analysis is used extensively in sport for detecting the use of illegal substances.
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Test yourself





6  The mass spectrum below is of a compound containing only hydrogen and carbon.







    a) State which peak is the molecular ion peak.


    b) Give the molecular formula of the hydrocarbon.


    c) Suggest the formulae of each of the labelled fragments.
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Electrons


You may be familiar with a picture of atoms based on a model suggested by the Danish scientist, Niels Bohr. Each atom has electrons in orbits that are outside the nucleus and are of increasing size. The first shell can accommodate two electrons, the second eight electrons, and so on. Such diagrams show what is known as the ground state of the atom. This means that its electrons are in positions that are as close as allowable to the nucleus of the atom. These diagrams are useful as a basic representation of atomic structure and help us to understand the nature of chemical bonding (see Chapter 7). However, their use is limited to atoms with relatively few electrons. Electrons can however move from one orbit to another within an atom. If the electrons are in a position of higher energy they are said to be excited.
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Key term


The ground state of an atom shows how it naturally exists with its electrons in their lowest energy position.
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Tip


If you are asked to give the electron configuration of an element you should give the ground state for that element.
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Ground states of some elements


The simplest atom is hydrogen. With atomic number 1, an atom of hydrogen contains one proton and hence one electron. The next atom, helium, has atomic number 2. Therefore, there are two protons in its nucleus. The first shell can accommodate two electrons only and it is therefore completely filled. An atom of lithium has three protons in its nucleus. The third electron is in a new, larger shell.


Table 2.2 shows the arrangement of the electrons for the first three elements.
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The second shell can accommodate eight electrons. As the atomic number increases, the electrons progressively fill this shell. This is illustrated by beryllium and carbon. Beryllium, 4Be, has four electrons arranged 2, 2; carbon, 6C, has six electrons arranged 2, 4.
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Neon, element 10, contains the maximum eight electrons in the second shell. The next element, sodium, 11Na, utilises a third shell. Its electrons are arranged 2, 8, 1.
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Chlorine and argon are further examples of elements with electrons in the third shell.
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When an element forms an ion, the electrons are also accommodated in the appropriate shells.


So, for example, an oxide ion, 8O2− contains 10 electrons which between them will fill both the first and second shell.
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Tip


The shells are also referred to as electron orbits.
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Test yourself





7  Draw the electrons in their shells for each of the following elements:







    a) nitrogen (atomic number 7)


    b) magnesium (atomic number 12)


    c) chloride ion, Cl− (atomic number 17)


    d) calcium ion, Ca2+(atomic number 20).
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Ionisation energies


Some evidence for the existence of electron shells can be obtained by plotting the energy required to remove electrons, one by one, from a gaseous atom. These energies can be measured and are called ionisation energies.
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Key terms


The 1st ionisation energy is the energy required to remove 1 electron from each atom in 1 mole of gaseous atoms to form 1 mole of gaseous 1+ ions.


The 2nd ionisation energy is the energy required to remove 1 electron from each 1+ ion in 1 mole of gaseous 1+ ions to form 1 mole of gaseous 2+ ions.


The nth ionisation energy is the energy required to remove 1 electron from each (n − 1)+ ion in 1 mole of gaseous (n − 1)+ ions to form 1 mole of gaseous n+ ions.
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For example, when successive ionisation energies are plotted for chlorine the graph has the shape shown in Figure 2.9.
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Chlorine has 17 electrons, arranged 2, 8, 7. There is a steady increase in the energy required to remove the electrons. This is to be expected because, as each electron is removed, the nucleus exerts an increasing pull on the remaining electrons (see page 120 for more details on ionisation energies). There is a noticeable jump in the energy required after the seventh and the fifteenth electrons have been removed. This is because at these two stages the electron is now being removed from a shell nearer to the nucleus.


Evidence for the existence of sub-shells


Knowing the basic structure of the atom is helpful in understanding the way that atoms behave and you will use these ideas as your knowledge of chemistry develops. However, there are some aspects of the behaviour of electrons that cannot be explained by assuming they are in shells. Further research during the twentieth century revealed that electrons are more complicated than just small particles revolving around a central nucleus. There is experimental evidence to suggest that each shell is made up of sub-shells.


By studying the first ionisation energy (the energy required to remove the first electron from an atom), it is found that the first 20 elements show a more complex pattern than might be expected (Figure 2.10). Trends in the ionisation energies of the elements are looked at in detail in Chapter 8. For now, notice that, although there is a general increase in ionisation energy until each shell is filled, the trend is not quite uniform. There are several small peaks and troughs. These peaks and troughs are repeated in each shell and provide some evidence that the arrangement of electrons involves sub-shells.
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Electron energy levels and orbitals



Energy levels


Apart from the evidence obtained from the patterns of ionisation energies, other research, particularly the mathematical description developed by Erwin Schrödinger, led to the conclusion that instead of focusing on the position of electrons in terms of shells, it is more accurate to assign them energy levels. These energy levels are numbered 1, 2, 3, etc. and correspond broadly to the shells. All but level 1 are subdivided and given letters that characterise them in more detail. The letters used are s, p, d and f.
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Tip


The numbers 1, 2, 3, etc. are called principal quantum numbers which are then divided into the various sub-shells s, p, d, and f.
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The lowest electron energy level in an atom is called ‘1s’. This is the only option for shell 1. Stepping upwards in energy, the next energy level is ‘2s’. However, shell 2 has a further energy subdivision called a sub-shell and labelled ‘2p’. Level 3 has 3s, 3p and also 3d sub-shells. Level 4 has 4s, 4p, 4d and 4f sub-shells.
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Tip


It may seem strange to use the letters s, p, d and f, but they relate to the appearance of the lines in the emission spectra of alkali metals which result from small bursts of energy emitted when electrons jump from one energy level to another:




    s = sharp


    p = principal


    d = diffuse


    f = fundamental.
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An energy level labelled ‘p’ is of higher energy than the equivalent ‘s’ level. Therefore, 2p has higher energy than 2s; 3p has higher energy than 3s and so on.
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Tip


You will not be expected to remember the order of filling electrons into the energy levels for elements with an atomic number greater than 36.
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It is important to know the order of increasing energy of the electron levels because this indicates the electron configuration of the element in its ground state (i.e. the lowest energy state that it can achieve). These energies do not always follow the sequence you might expect, but fortunately there is an easy way of remembering the order (Figure 2.11).
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Note that the 4s fills up before the 3d; likewise, the 5s fills up before the 4d.
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Tip


Spin is a complex factor and all you need to know is that electrons with opposing spins have an attraction sufficient to allow them to occupy the same orbital.
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Electron orbitals


Chemists have used complex mathematics to develop a description of how electrons look in the various energy levels. It will seem strange when you first meet it, but the idea of an electron as a particle is replaced by a description based on the electron as a cloud of negative charge. This charge is spread like a mist around the nucleus of the element. The mist varies in its density at different distances from the nucleus. These regions of ‘electron mist’ are called orbitals and correspond to the energy levels used by an atom. Each orbital can hold one or two electrons and has a density of charge that depends on the energy level being described. If the orbital has two electrons the two electrons will differ in the direction in which they spin.
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Key term


An orbital is a region around the nucleus of an atom that can hold up to a maximum of two electrons.
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In Figure 2.12, the plot is darkest where the electron charge density is greatest and lightest where the electron charge density is less.
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s-orbitals


The simplest type of orbital to describe is the orbital corresponding to an ‘s’ energy level. It consists of a spherical volume of negative charge with the nucleus at its centre. All s-orbitals have this shape. The difference between a 1s-orbital and a 2s-orbital is the distance from the nucleus to where the major density of charge is concentrated. In the 1s-orbital, the electron density is closer to the nucleus. As the levels (principal quantum numbers) increase, the radius at which the charge is most dense becomes further away from the nucleus. For example, a 4s-orbital is larger than a 3s because the point at which the 4s-orbital has its greatest density of negative charge is further from the nucleus than it is for the 3s-orbital.




[image: ]




p-orbitals


The p-orbitals are more complex and harder to visualise (Figure 2.14). They have an elongated dumbbell shape and a variable charge density, with the area of greatest concentration increasing with the distance from the nucleus as the principal quantum number increases. For each principal quantum number there are three p-orbitals. They are identical and have the same energy, differing only in their orientation in space. They are labelled ‘x’, ‘y’ and ‘z’ to correspond to the three principal axes.
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Tip


Orbitals that have the same energy are said to be degenerate.
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Representing the electron configuration of the elements


Electron energy levels can be represented in ‘box’ diagrams, as shown in Figure 2.15.
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Tip


For each principal quantum number of 3 and above there are five d-orbitals. It is not necessary to know their shapes at this stage.
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Tip


The reasons why the orbitals are filled in this order are complex and you will not be asked to provide any explanation.
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Each box represents an orbital and each orbital can contain a maximum of two electrons.


Some examples of electron configurations using ‘electrons in box’ diagrams are given in Figure 2.16. It has been mentioned that where an orbital contains two electrons they differ in their direction of spin. To distinguish between the two electrons they are shown with an upward arrow (↑) and a downward arrow (↓).
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Tip


In diagrams of this kind you can also represent the electrons using half arrows.
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Box diagrams are a useful visual way of showing how electrons are distributed but it is often more helpful to identify the orbitals using the orbital names. The system for doing this is as follows.





•  An atom of hydrogen has one electron, which in its ground state is in the 1s-orbital. It is represented as 1s1. (You would say this as ‘one s one’)



•  An atom of helium has two electrons that occupy the 1s-orbital. Its electron configuration is represented as 1s2. (You would say this as ‘one s two’)



•  An atom of lithium has three electrons and its electron structure is represented as 1s22s1.



•  The electron structure of beryllium is 1s22s2.



•  An atom of boron has five electrons and the next highest energy orbital, 2p, is used. The electron configuration is represented as 1s22s22px1, although the subscript x is not really necessary because any of the three 2p-orbitals could be used as they all have the same energy. The label x has no direct meaning until the y- and z-orbitals are also occupied. Labelling is only necessary to distinguish between orbitals of equivalent energy.





Each orbital of equivalent energy is occupied by one electron before the second electron is added. The reason for this is that two electrons within the same orbital experience a degree of repulsion that makes the pairing of electrons slightly less favourable.





•  Carbon, atomic number 6, therefore has the ground state 1s22s22px12py1.



•  Nitrogen, atomic number 7, has the ground state 1s22s22px12py12pz1.





After nitrogen, the electrons in the p-orbitals pair up:





•  oxygen is 1s22s22px22py12pz1




•  neon is 1s22s22px22py22pz2.





Once the 2p-orbitals have been filled, the 3s-orbital and the 3p-orbitals are occupied in a similar way so that, for example, the ground state of silicon (14 electrons) is 1s22s22p63s23px13py1 and that of chlorine with 17 electrons is 1s22s22p63s23px23py23pz1.
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Tip


The valency corresponds to the charge on the ion that is obtained when the atom loses or gains electrons. So sodium is Na+, oxygen becomes O2− and NO3 is an ion NO3−.
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Note that once the 3p-orbitals have been filled, the next orbital to be occupied is the 4s (not the 3d). Therefore, the ground state of potassium (19 electrons) is 1s22s22p63s23p64s1.
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Tip


It is conventional to write the electron configuration as 1s22s22p63s23p63d14s2 (i.e. with the 4s and 3d energy levels reversed) for all elements with both 4s and 3d electrons.
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The 3d-orbitals are filled in the atoms of scandium (21 electrons) to zinc (30 electrons). These elements have a number of properties in common and are called d-block elements. For example, scandium would be written as 1s22s22p63s23p64s23d1 or 1s2, 2s2, 2p6, 3s2, 3p6, 3d1, 4s2.


‘Electrons in box’ representations of the electron ground states of some elements are given in Figure 2.17.




[image: ]




[image: ]




Tip


Where an atom has a large number of electrons, its structure is often abbreviated by using the symbol of a group 18 element to provide its inner electron configuration. It is then only necessary to provide details of its outermost electrons. For example scandium can be abbreviated to [Ar] 4s2, 3d1 or vanadium to [Ar] 4s2, 3d3.
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Test yourself





8  Copy and complete the following information for the quantum shell with principal quantum number 3.







    a) Total number of sub-shells = __________


    b) Total number of orbitals = __________


    c) Number of different types of orbital = __________


    d) Maximum number of electrons in the shell = __________








9  Give the electron orbital configuration for the ground state of the following atoms or ions:







    a) Na


    b) K


    c) N


    d) O2−



    e) Ca2+



    f) Al3+



    g) Cl−



    h) P3−
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Practice questions


Multiple choice questions 1–10




•



1  Which one of the following has more neutrons than electrons and more electrons than protons?







    A [image: ]



    B [image: ]



    C [image: ]



    D [image: ]








•



2  Successive ionisation enthalpies of an element X in kJ mol–1 are as follows:
578, 1817, 2745, 11 578, 14 831, 18 378
Which one of the following is X?







    A boron


    B carbon


    C aluminium


    D silicon







•



3  Which one of the rows giving information about the fourth period of the periodic table is correct?
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•



4  Chlorine exists as two isotopes, [image: ] with an abundance of 75.5% and [image: ] with an abundance of 24.5%.
Phosphorus has only one isotope, [image: ].
The mass spectrum of PCl3 has four lines at m/z = 136, 138, 140 and 142.
Which one these lines will have the smallest height?







    A 136


    B 138


    C 140


    D 142







•



5  Antimony has two isotopes 121Sb and 123Sb.
The relative atomic mass of a naturally occurring sample of antimony is measured as 121.75.
Which one of the following is the best approximate estimate of the percentage of 121Sb present in the naturally occurring sample?







    A 20%


    C 60%


    B 40%


    D 80%







•



6  When sulfur, [image: ] is bombarded with neutrons [image: ], two particles are formed.
One of them is a hydrogen atom, [image: ] and the other is an element, X.
[image: ]
Which one of the following correctly represents X?







    A [image: ]



    B [image: ]



    C [image: ]



    D [image: ]








•



7  Chlorine has two isotopes, 35Cl and 37Cl. Bromine has two isotopes, 79Br and 81Br.
How many lines would you expect to observe on the mass spectrum of the molecule ClBr?







    A 5


    B 6


    C 7


    D 8





Use the key below to answer Questions 8, 9 and 10.
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•



8  Which of the following elements have atoms that contain only one unpaired p-orbital electron?







    1 phosphorus, 15P


    2 bromine, 35Br


    3 aluminium, 13Al







•



9  Which of the following statements is true for elements in the third period of the periodic table?







    1 They all have electrons in at least six different orbitals.


    2 They all have some p-orbitals in their electron structures.


    3 Only two of the elements have electron structures with all of their orbitals containing pairs of electrons.







•



10 Which of the following has the sum of the number of neutrons and the number of electrons equal to 12?







    1 three helium atoms ([image: ])


    2 two lithium ions ([image: ])


    3 six hydrogen molecules ([image: ])







•



11 Give the numbers of protons, neutrons and electrons present in each of the following atoms.







    a) [image: ]



    b) [image: ]



    c) [image: ]



    d) [image: ]



    e) [image: ]



    f) [image: ]






(6)




•



12 This question concerns the following five species:


[image: ]  [image: ]  [image: ]  [image: ]  [image: ]








    a) Which two species have the same number of neutrons?


    b) Which two species have the same ratio of neutrons to protons?


    c) Which two species do not have 10 electrons?


    d) What do the numbers 16, 8 and 2− represent in the symbol [image: ]?


(6)








13 The isotopes in naturally occurring silicon – [image: ], [image: ] and [image: ] – can be separated by mass spectrometry.







    a) Explain what you understand by the term isotope.


    b) Copy and complete the table below to show the composition of isotopes [image: ] and [image: ].







[image: ]






    c) Why do samples of silicon extracted from different samples of clay have slightly different relative atomic masses?


(5)







•



14 The element rhenium (Re) has two main isotopes, 185Re with an abundance of 37.1% and 187Re with an abundance of 62.9%.







    a) Calculate the weighted mean atomic mass of rhenium.


    b) Why is the atomic mass described as ‘relative’?


(3)







•



15 Antimony has two main isotopes, 121Sb and 123Sb. A forensic scientist was asked to help a crime investigation by analysing the antimony in a bullet. This was found to contain 57.3% of 121Sb and 42.7% of 123Sb.







    a) Calculate the relative atomic mass of the sample of antimony from the bullet. Write your answer to three significant figures.


    b) State one similarity and one difference between the isotopes in terms of subatomic particles.


(5)







•



16 Draw the electrons in their orbits for each of the following elements:







    a) [image: ]



    b) [image: ]



    c) [image: ]



    d) [image: ]



(4)







•



17 The first five successive ionisation energies in kJ mol–1 of an element X are 578, 1817, 2745, 11 578 and 14 831.







    a) How many electrons are there in the outer shell of X?


    b) Explain how you obtained your answer.


(3)







•



18 Give the electron orbital configuration for the ground state of the following atoms or ions:







    a) 5B


    b) 13Al


    c) 4Be2+



    d) 16S2−



    e) 21Sc3+



(5)







•



19 The element, thallium, Tl, has two isotopes, 203Tl and 205Tl, and the relative atomic mass is 204.37. Calculate the percentage of each isotope present in a naturally occurring sample of thallium.


(6)







•



20 The first five ionisation energies of an element are 738, 1451, 7733, 10 541 and 13 629 kJ mol–1, respectively. Explain why the element cannot have an atomic number less than 12.


(4)


•








21 a) Explain what you understand by the word ‘orbital’ as applied to electrons.


    b) Draw an s- and a p-orbital.


    c) How does a 1s-orbital differ from a 2s-orbital?


    d) Place the following orbitals in order of increasing energy: 2p, 3d, 3s, 2p, 4p and 3p.


    e) How many electrons are there in:







        i)  a 3d-orbital


        ii) orbitals with a principal quantum number of 3?


(7)







•



22 Bromine exists as a molecule with two bromine atoms combined together. Bromine has two isotopes: bromine-79 and bromine-81.
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Figure 2.8 Mass spectrum of ethanol, CH.CH OH
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Atomic number/ number of protons | 1 2 3
Symbol H He Li

Arrangement of electrons Q Q
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Figure 2.14 The shape of 2p-orbitals.
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