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Get the most from this book



 


Welcome to the Edexcel A level Chemistry 2 Student’s Book! This book covers Year 2 of the Edexcel A level Chemistry specification.


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


These highlight important facts, common misconceptions and signpost you towards other relevant topics.


Tips at the start of each chapter remind you about the key ideas from the first year of the A Level course and describe how the chapter builds on this prior knowledge.
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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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Test yourself questions


These short questions, found throughout each chapter, are useful for checking your understanding as you progress through a topic.
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Examples


Examples of questions and calculations feature full workings and sample answers.
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Activities and Core practicals


These practical-based activities will help consolidate your learning and test your practical skills. Edexcel’s Core practicals are clearly highlighted.


In this edition the authors describe many important experimental procedures to conform to recent changes in the A Level curriculum. Teachers should be aware that, although there is enough information to inform students of techniques and many observations for exam purposes, there is not enough information for teachers to replicate the experiments themselves, or with students, without recourse to CLEAPSS Hazcards or Laboratory worksheets which have undergone a risk assessment procedure.
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Exam practice questions


You will find Exam practice questions at the end of every chapter. These follow the style of the different types of questions you might see in your examination and are colour coded to highlight the level of difficulty.


In general, a question with • is straightforward and based directly on the information, ideas and methods described in the chapter. Each problem-solving part of the question typically only involves one step in the argument or calculation. A question with • is a more demanding, but still structured, question involving the application of ideas and methods to solve a problem with the help of data or information from this chapter or elsewhere. Arguments and calculations typically involve more than one step. The questions marked by • are hard and they may well expect you to bring together ideas from different areas of the subject. In these harder questions you may have to structure an argument or work out the steps required to solve a problem. In the earlier chapters, you may well decide not attempt the questions with • until you have gained wider experience and knowledge of the subject.
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Introduction


This book is an extensively revised, restructured and updated version of Edexcel Chemistry for A2 by Graham Hill and Andrew Hunt. We have relied heavily on the contributions that Graham Hill made to the original book and are most grateful that he has encouraged us to build on his work. We also thank these teachers who contributed authentic student data as a basis for activities and Core Practicals: Christopher Buckley (The Manchester Grammar School) and Michael Yates (Bolton School). The team at Hodder Education, led initially by Hanneke Remsing and then by Emma Braithwaite, has made an extremely valuable contribution to the development of this book. In particular, we would like to thank Abigail Woodman, the project manager, for her expert advice and encouragement. We are also grateful for the skilful work on the print and electronic resources by Anne Trevillion.


Practical work is of particular importance in A Level chemistry. Each of the Core Practicals in the specification features in the main chapters of this book with an outline of the procedure and data for you to analyse and interpret. Throughout the text there are references to Practical skills sheets which can be accessed via www.hoddereducation.co.uk/EdexcelAChemistry2. Sheets 1 to 5 provide general guidance and the remainder provide more detailed guidance for the Core Practicals:




  1 Assessment of practical work


  2 Overview of practical skills


  3 Assessing hazards and risks


  4 Researching and referencing


  5 Identifying errors and estimating uncertainties


  6 Finding the Ka value for a weak acid


  7 Measuring chemical amounts by titration


  8 Investigating reaction orders and activation energies


  9 Analysing inorganic unknowns



10 Analysing organic unknowns



11 Synthesis of an organic solid





You will need to refer to the Edexcel Data booklet when answering some of the questions in this book. It is important that you become familiar with the booklet because you will need to use it in the examinations. You can download the Data booklet from the Edexcel website. It is part of the specification. The booklet includes the version of the periodic table that you use in the examinations.


Andrew Hunt and Graham Curtis


May 2015





11 Equilibrium II


11.1 Reversible reactions and dynamic equilibrium


All chemical reactions tend towards a state of dynamic equilibrium. An understanding of equilibrium ideas helps to explain changes in the natural environment, the biochemistry of living things and the conditions used in the chemical industry to manufacture new products (Figure 11.1).
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Figure 11.1 Red blood cells flowing through a blood vessel magnified ×3000. The protein haemoglobin has just the right properties to take up oxygen in the lungs and release it to cells throughout the body. The position of equilibrium of this reversible process varies with the concentration of oxygen.
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Tip


The first two sections of this chapter, and parts of Section 11.5, revisit ideas first introduced in Chapter 10 of Student Book 1. In Chapter 10 the treatment of equilibrium was qualitative. Chapter 11 builds on what you already know and shows you how to apply the equilibrium law quantitatively. Some of the ‘Test yourself’ questions are also designed to help revise ideas from the first year of the A Level course.
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Reversible reactions reach equilibrium when neither the forward change nor the backward change is complete, but both changes are still going on at equal rates. They cancel each other out and there is no overall change. This is dynamic equilibrium (see Chapter 10 in Student Book 1).
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Key term


In dynamic equilibrium the forward and backward changes continue at equal rates so that overall there is no change. At the molecular level there is continuous activity. At the macroscopic level nothing appears to be happening.
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Under given conditions the same equilibrium state can be reached either by starting with the chemicals on one side of the equation for a reaction or by starting with the chemicals on the other side. Figures 11.2 and 11.3 illustrate this for the reversible reaction between hydrogen and iodine:
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Figure 11.2 Reaching an equilibrium state by the reaction of equal amounts of hydrogen gas and iodine gas.
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Figure 11.3 Reaching the same equilibrium state by decomposing HI(g) under the same conditions as for Figure 11.2.
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Test yourself





1  Which of these statements are true, and which are false, for a reversible reaction that is at equilibrium?







     a) The concentrations of the reactants and products are constant.


     b) The concentrations of the reactants and the products are equal.


     c) The rate of formation of products is equal to the rate of formation of reactants.








2  Give examples of dynamic equilibrium involving:







     a) a solid and a liquid


     b) a solid and a solution


     c) two solutions


     d) a chemical change.








3  Describe what is happening to the molecules in the gas mixtures from time zero to the time at which each mixture reaches equilibrium, as described by:







     a) Figure 11.2



     b) Figure 11.3.
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Activity


Testing the equilibrium law


The reversible reaction involving hydrogen, iodine and hydrogen iodide has been used to test the equilibrium law experimentally. In a series of six experiments, samples of the chemicals were sealed in reaction tubes and then heated at 731 K until the mixtures reached equilibrium. Four of the tubes started with different mixtures of hydrogen and iodine. Two of the tubes started with just hydrogen iodide.


Once the tubes had reached equilibrium they were rapidly cooled to stop the reactions. Then the contents of the tubes were analysed to find the compositions of the equilibrium mixture. The results for the six tubes are shown in Table 11.1.


Table 11.1




[image: ]







1  Write the equation for the reversible reaction to form hydrogen iodide from hydrogen and iodine.



2  Show that the equilibrium concentration of:







     a) hydrogen in tube 1 is as expected, given the value of [I2(g)]eqm



     b) hydrogen iodide in tube 2 is as expected, given the value of [I2(g)]eqm.








3  Explain why [H2(g)]eqm = [I2(g)]eqm for tubes 5 and 6.



4  For each of the tubes, work out the value of:







     a) [image: ]



     b) [image: ]








    Enter your values in a table and comment on the results.








5  What is the value of Kc for the reaction of hydrogen with iodine at 731 K?
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11.2 The equilibrium law


The equilibrium law has been established by experiment. It is a quantitative law for predicting the amounts of reactants and products when a reversible reaction reaches a state of dynamic equilibrium.


In general, for a reversible reaction at equilibrium:
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This is the form for the equilibrium constant, Kc, when the concentrations of the reactants and products are measured in moles per cubic decimetre. [A], [B] and so on are the equilibrium concentrations, sometimes written as [A]eqm and [B]eqm to make this clear.


The concentrations of the chemicals on the right-hand side of the equation appear on the top line of the expression. The concentrations of reactants on the left appear on the bottom line. Each concentration term is raised to the power of the number in front of its formula in the equation.



Equilibrium constants and balanced equations


An equilibrium constant always applies to a particular chemical equation and can be deduced directly from the equation.


There can be different ways of writing the equation for a reversible reaction at equilibrium. As a result, there are different forms for the equilibrium constant, each with a different value. So long as the matching equation and equilibrium constant are used in any calculation, the predictions based on the equilibrium law are the same.
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Tip


Equilibrium constants are only constant at a particular temperature.


The form of the expression for an equilibrium constant can be deduced from the balanced chemical equation (unlike rate equations – see Section 16.3).
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For example, for this equilibrium involving dinitrogen oxide, oxygen and nitrogen monoxide:
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But for this equilibrium:
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Tip


It is important to write the balanced equation and the equilibrium constant together.
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Reversing the equation also changes the form of the equilibrium constant because the concentration terms for the chemicals on the right-hand side of the equation always appear on the top of the expression for Kc.


So, for this equilibrium:
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In an equilibrium mixture of dinitrogen oxide, oxygen and nitrogen monoxide, all three substances are gases. They are all in the same gaseous phase. This is an example of a homogeneous equilibrium.
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Test yourself





4  Write the expression for Kc for each equation and state the units of the equilibrium constant.







     a) N2(g) + O2(g) [image: ] 2NO(g)


     b) [image: ]N2(g) + [image: ]O2(g) [image: ] NO(g)


     c) N2(g) + 3H2(g) [image: ] 2NH3(g)


     d) 2NH3(g) [image: ] N2(g) + 3H2(g)








5  Explain what is meant by the term ‘homogeneous’.
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Finding equilibrium constants by experiment


The strategy for determining the value of an equilibrium constant involves three main steps:






	
Step  1: 

	Mix measured quantities of reactants and/or products. Then allow the mixture to reach equilibrium under steady conditions.






	
Step  2: 

	Analyse the mixture to find the equilibrium concentration of one of the chemicals at equilibrium.






	
Step  3: 

	Use the equation for the reaction and the information from steps 1 and 2 to work out the values for the equilibrium concentrations of all the atoms, molecules or ions. Then substitute these values into the expression for Kc.







The challenge when investigating reactions at equilibrium is to find ways to measure equilibrium concentrations without upsetting the equilibrium. Many methods of analysis use up the chemical being analysed. Analytical methods of this kind are generally unsuitable because, as Le Chatelier’s principle shows (Section 10.4 in Student Book 1), the position of equilibrium shifts whenever one of the reactants or products is removed from the equilibrium mixture.


There are two main ways to measure equilibrium concentrations. One way is to find a method for ‘freezing’ the reaction and thus slowing down the rate so much that it is possible to measure one of the equilibrium concentrations by titration. The most obvious way to slow down the rate and ‘freeze’ the equilibrium is by cooling. Other possibilities are to dilute the equilibrium mixture or to remove a catalyst.


The second way of measuring equilibrium concentrations is to use an instrument that responds to a property of the mixture that varies with concentration. Well-established methods for doing this include measuring the pH with a pH meter or measuring the intensity of a colour with a colorimeter.



Measuring Kc for a reaction used to make an ester


The equilibrium between ethanoic acid, ethanol, ethyl ethanoate and water (Section 17.3.3) is one of the few reaction systems (other than acid–base equilibria) that lends itself to study in an advanced chemistry course:


[image: ]


This esterification reaction is very, very slow at room temperature in the absence of a catalyst. In the presence of an acid catalyst the reaction mixture reaches equilibrium in about 48 hours.


Diluting the equilibrium mixture means that the reaction is slow enough to find the equilibrium concentration of ethanoic acid by titration without the position of equilibrium shifting perceptibly in the time taken for the titration.
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Tip


The equilibrium mixtures for the reaction of ethanoic acid with ethanol includes water from the dilute hydrochloric acid as well as any added water.
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The procedure follows these three steps.






	
Step  1: 

	Mix measured quantities of chemicals and allow the mixture to reach equilibrium.







Precisely measured quantities of the chemicals are added to sample tubes. The masses of the components of the mixture can be found by weighing. The sample tubes are tightly stoppered to avoid loss by evaporation and set aside at constant temperature for 48 hours.


Some of the tubes at first contain just ethanol, ethanoic acid and hydrochloric acid. Others start with only ethyl ethanoate, water and hydrochloric acid. Working in this way shows that it is possible to reach equilibrium from either side of the equation.






	
Step  2: 

	Analyse the mixture to find the equilibrium concentration of the acid.







Each equilibrium mixture is transferred quantitatively to a flask and diluted with water. Titration with a standard solution of sodium hydroxide determines the total amount of acid in the sample at equilibrium: both hydrochloric acid and ethanoic acid.






	
Step  3: 

	Use the equation for the reaction and the information from steps 1 and 2 to work out the values for all the equilibrium concentrations.







Some of the sodium hydroxide used in the titration reacts with the hydrochloric acid. Since the amount of HCl(aq) does not change as the reactants reach equilibrium, it is possible to work out how much of the titre was used to neutralise it, knowing how much HCl(aq) was added at the start. The remainder of the alkali added during the titration reacts with ethanoic acid. Hence the amount of ethanoic acid at equilibrium can be calculated. The other equilibrium concentrations can be found given the starting amounts of chemicals present and the equation for the reaction.
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Tip


In this equilibrium system water is present in relatively small amounts as a reactant and not just as a solvent. The concentration of water is a variable and appears in the expression for Kc.
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Activity


Analysing the results of an experiment to measure Kc


This activity is based on two sets of results from an experiment carried out by students to measure the value of Kc for the equilibrium between ethanoic acid, ethanol, ethyl ethanoate and water.


The approach to the calculation can be illustrated from the results for one of the samples which initially contained only the ester but no added ethanoic acid or ethanol. The sample was initially made up of the following:





•  ethyl ethanoate (ester), 3.64 g (0.0413 mol)



•  water, 0.99 g



•  5.0 cm3 of 2.00 mol dm−3 HCl(aq) containing 0.010 mol HCl.





Mass of added hydrochloric acid = 5.17 g


This contained 4.81 g water






	So, the total mass of water at the start

	= 0.99 g + 4.81 g = 5.80 g






	 

	= 0.322 mol H2O







Titration of the equilibrium mixture found that 39.20 cm3 of 1.00 mol dm−3 sodium hydroxide neutralised the total acid present. Both HCl and CH3COOH react 1 : 1 with NaOH, so this shows that the total amount of acid at equilibrium = 0.0392 mol


So, taking away the amount of hydrochloric acid added at the start, this shows that the amount of ethanoic acid at equilibrium = 0.0292 mol. The results are summarised in Table 11.2.


Table 11.2
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1  Explain why the amount of hydrochloric acid in the mixture did not change as the mixture of reactants reached equilibrium.



2  Confirm, by calculation, that the mass of water in the hydrochloric acid added to the reaction mixture was 4.81 g.



3  Show that initially 0.322 mol of water was present.



4  Use the titration result to confirm that the total acid (as H+ ions) in the equilibrium mixture was 0.0392 mol. Hence show that the amount of ethanoic acid at equilibrium was 0.0292 mol.



5  Explain why the answer to Question 3 shows that the equilibrium amounts of ethanol, ethyl ethanoate and water were as shown in Table 11.2.



6  Write the expression for Kc for the equilibrium reaction; then use the values in the table to calculate the value of Kc.



7  Explain why it is not necessary to know the volume of the reaction mixture to calculate Kc and why the equilibrium constant has no units.



8  Titration of the equilibrium mixture in another sample tube from the experiment required 41.30 cm3 of 1.00 mol dm−3 NaOH(aq). Calculate a value for Kc given that, at the start, the tube contained 4.51 g ethyl ethanoate with 5.0 cm3 of 2.00 mol dm−3 HCl(aq) but no added water other than the water in the dilute acid.



9  Compare and comment on the two values for Kc.
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Calculating equilibrium constants


Experimental results can be used to calculate the values for equilibrium constants along similar lines to the determination of the value of Kc for the formation of ethyl ethanoate. Once a value of Kc is known, it can be used to calculate the concentrations of the reactants and products in specific equilibrium mixture.
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Example


1.00 mol of NOCl gas was enclosed in a 0.50 dm3 flask at 298 K. The amount of NO gas in the flask at equilibrium was found to be 0.33 mol. Calculate the value of Kc for this reaction:


[image: ]


Note on the method


Write down the equation. Underneath write first the initial amounts, then write the given amount at equilibrium. Next calculate the equilibrium amounts not given, taking into account the numbers of moles of each substance shown in the equation for the reaction.


Calculate the equilibrium concentrations given the volume of the solution. Substitute the values and units in the expression for Kc.


Answer


[image: ]


Hence Kc = 0.080 mol dm−3


[image: ]
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Test yourself





6  On mixing 1.68 mol PCl5(g) with 0.36 mol PCl3(g) in a 2.0 dm3 container, and allowing the mixture to reach equilibrium, the amount of PCl5 in the equilibrium mixture was 1.44 mol. Calculate Kc for the reaction:





[image: ]





7  Consider the equilibrium between sulfur dioxide, oxygen and sulfur trioxide:





[image: ]




     a) Show that the units for the equilibrium constant, Kc, for the equation are dm3 mol–1.


     b) What is the value of Kc for this equation at the same temperature?


[image: ]


     c) What is the value of Kc for this equation at the same temperature?


[image: ]








8  Kc = 170 dm3 mol–1 at 298 K for the equilibrium system: 2NO2(g) [image: ] N2O4(g). If a 5 dm3 flask contains 1.0 × 10–3 mol of NO2 and 7.5 × 10–4 mol N2O4, is the system at equilibrium? Is there any tendency for the concentration of NO2 to change and, if so, does it tend to increase or decrease?
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Heterogeneous equilibria


In many equilibrium systems the substances involved are not all in the same phase. An example is the equilibrium state formed when steam is heated with coke (carbon) in a closed container. This is an example of a heterogeneous equilibrium.
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The concentrations of solids do not appear in the expression for the equilibrium constant. Pure solids have, in effect, a constant ‘concentration’ so their values are incorporated into the value for the equilibrium constant. Hence for the reaction of steam with carbon:


[image: ]


The same applies to heterogeneous systems which have a separate liquid phase as one of the reactants or products.


Another example is the equilibrium state between solid calcium carbonate and a dilute solution containing dissolved carbon dioxide and calcium hydrogencarbonate.
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This example illustrates another general rule. The Kc expression for dilute solutions does not include a concentration term for water. There is so much water present that its concentration is effectively constant.


So the expression for the equilibrium constant becomes:
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Tip


Remember that in dilute solution, the water is in such large excess that the value of [H2O(l)] is effectively constant. As a result, it does not appear in the equilibrium law expression.
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Test yourself





9  Explain what is meant by the term ‘heterogeneous’.



10 Explain why the bottle shown in Figure 11.4 contained a heterogeneous equilibrium before the top was unscrewed.



11 Write the expression for Kc for each equation and state the units of the equilibrium constant.







     a) NH4HS(s) [image: ] H2S(g) + NH3(g)


     b) Pb2+(aq) + Sn(s) [image: ] Pb(s) + Sn2+(aq)


     c) BiCl3(aq) + H2O(l) [image: ] BiOCl(s) + 2HCl(aq)








12 In the natural world, where is it possible to find solid calcium carbonate and a dilute solution containing dissolved carbon dioxide and calcium hydrogencarbonate close to a state of dynamic equilibrium?



13 Calculate the concentration of water in water (in mol dm–3) to show that it is reasonable to regard the concentration of water as a constant when writing the expression for Kc for equilibria in dilute aqueous solution.
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Figure 11.4 Pouring fizzy water from a glass bottle.





The extent and direction of change


Chemists can use equilibrium constants to predict quantitatively the direction and extent of chemical change.


Table 11.3 shows that if the value of an equilibrium constant is large, then the position of equilibrium is over to the right-hand side of the equation. Conversely, if the value of an equilibrium constant is small, then the position of equilibrium is over to the left-hand side of the equation. If the value of Kc is close to 1, then there are significant quantities of both reactants and products present at equilibrium.


Table 11.3 Relating the value of Kc to the direction and extent of change.






	
Direction and extent of change 

	
Value of Kc 






	Reaction does not go 

	
Kc < 1 × 10–10 






	Reaction reaches an equilibrium in which the reactants predominate 

	
Kc ≈ 0.01 






	Roughly equal amounts of reactants and products at equilibrium 

	
Kc = 1 






	Reaction reaches an equilibrium in which the products predominate 

	
Kc ≈ 100 






	Reaction goes to completion 

	
Kc > 1 × 1010 







It is very important to keep in mind that the equilibrium constant gives no information about the time it takes for a reaction mixture to reach equilibrium. The system may reach equilibrium rapidly or slowly. The value of Kc for the reaction of hydrogen with chlorine to make hydrogen chloride, for example, is about 1 × 1031 at room temperature, but in the absence of a catalyst, ultraviolet light or a flame there is no reaction.
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Test yourself





14 What can you conclude about the direction and extent of change in each of these examples?







     a) [image: ]



     b) [image: ]



     c) [image: ]









15 In general, if the equilibrium constant for a forward reaction is large, what is the size of the equilibrium constant for the reverse of the same reaction?
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11.3 Gaseous equilibria


Many important industrial processes involve reversible reactions between gases. Applying the equilibrium law to these reactions helps to determine the optimal conditions for manufacturing chemicals. When it comes to gas reactions it is often easier to measure the pressure rather than the concentration and to use a modified form of the equilibrium law.
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Key term


Pressure is defined as force per unit area. The SI unit of pressure is the pascal (Pa), which is a pressure of one newton per square metre (1 N m–2). The pascal is a very small unit, so pressures are often quoted in kilopascals, kPa. Standard atmospheric pressure is equal to 101.3 kPa.
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Gas mixtures and partial pressures


In any mixture of gases the total pressure of the mixture can be ‘shared out’ between the gases. The contribution each gas makes to the total pressure is its partial pressure. It is possible to calculate a partial pressure for each gas in the mixture. In a mixture of gases A, B and C, the sum of the three partial pressures equals the total pressure.
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Key term


The partial pressure of a gas is a measure of its concentration in a mixture of gases. It is the pressure that the gas would exert if it were the only gas present in the container.
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Partial pressures are a useful alternative to concentrations when studying mixtures of gases and gas reactions.


In gas mixtures it is the amounts (in moles) of gas molecules that matter and not the chemical nature of the molecules. As a result the molar volume of a gas is the same for all gases under the same conditions of temperature and pressure. The gas laws show that this means that the total pressure is shared between the gases simply according to their mole fractions in the mixture.


In a mixture of nA moles of A with nB moles of B and nC moles of C, the total amount in moles is (nA + nB + nC). The mole fractions (symbol X) are given by the following:


[image: ]


So, the mole fraction of A is the fraction of the total number of molecules which are molecules of A.


The sum of all the mole fractions is 1, so XA + XB + XC = 1.


On this basis the partial pressures of three gases A, B and C in a gas mixture with total pressure p are:


[image: ]


The partial pressure for each gas is the pressure it would exert if it was the only gas in the container under the same conditions. The partial pressure of a gas is proportional to the concentration of the gas in the mixture. This makes it possible to work in partial pressures when applying the equilibrium law to gas reactions.




[image: ]


Test yourself





16 A 20 mol sample of a gas mixture contains 15.6 mol nitrogen and 4.4 mol oxygen.







     a) Calculate the mole fractions of the two gases in the mixture.


     b) Calculate the partial pressures of each of the two gases if the total pressure is 1 atm.








17 A mixture of 22 g propane gas and 11 g 2-methylpropane gas is compressed into an aerosol can to give a total pressure of 1.5 atm.







     a) What are the mole fractions of the two gases?


     b) Calculate the partial pressures of each of the two gases.





[image: ]





11.4 Kp



Kp is the symbol for the equilibrium constant for an equilibrium involving gases when the concentrations are measured by partial pressures. The rules for writing equilibrium expressions are the same for Kp as for Kc, with partial pressures replacing concentrations. This is shown in Table 11.4.




[image: ]


Tip


Do not use square brackets when writing Kp expressions. In the context of the equilibrium law, square brackets signify concentrations in mol dm−3.


[image: ]





Table 11.4 Examples of equilibrium expressions for Kp. Note that when writing an expression for Kp for a heterogeneous reaction the same rules apply as for Kc. The expression does not include terms for any separate pure solid phases.




[image: ]
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Example


An experimental study of the equilibrium between N2(g), H2(g) and NH3(g) found that one equilibrium mixture contained 2.15 mol of N2(g), 6.75 mol of H2(g) and 1.41 mol of NH3(g) at a total pressure 10.0 atm. Calculate the value for Kp under the conditions that the measurements were taken.


Notes on the method


First work out the mole fractions of the gases.


Multiply the total pressure by the mole fractions to get the partial pressures.


Check that the sum of the partial pressures equals the total pressure.


Finally substitute in the expression for Kp and give the units.


Answer


Total number of moles = 2.15 mol + 6.75 mol + 1.41 mol = 10.31 mol


[image: ]


Partial pressure of N2(g) = 0.208 × 10 atm = 2.08 atm


Partial pressure of H2(g) = 0.655 × 10 atm = 6.55 atm


Partial pressure of NH3(g) = 0.137 × 10 atm = 1.37 atm


Check: the total pressure = 2.08 atm + 6.55 atm + 1.37 atm = 10.0 atm


For the equilibrium: N2(g) + 3H2(g) [image: ] 2NH3(g)


[image: ]


[image: ]
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Tip


Changing the total pressure or the composition of the gas mixture has no effect on the value of Kp as long as the temperature stays constant.


[image: ]
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Test yourself





18 Write the expression for Kp for each equilibrium. Give the units with pressures measured in atmospheres, atm.







     a) 2SO2(g) + O2(g) [image: ] 2SO3(g)


     b) 4NH3(g) + 3O2(g) [image: ] 2N2(g) + 6H2O(g)


     c) CaCO3(s) [image: ] CaO(s) + CO2(g)








19 Calculate Kp at 330 K for this equilibrium mixture:


[image: ]


    At this temperature, a sample of the gas mixture at 1.20 atm pressure consists of 8.1 mol N2O4(g) and 3.8 mol NO2(g).



20 Calculate Kp for this reversible reaction at 1000 K:


[image: ]


    At this temperature, starting with just 5 mol ethane yields an equilibrium mixture containing 1.8 mol ethene at 1.80 atm pressure.





[image: ]
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Tip


Equilibrium constants for gaseous equilibria are not always given in the form of Kp. Kc is sometimes used instead and there is no objection to this. However, it is generally easier to measure gas pressures.
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11.5 Factors affecting systems at equilibrium


The chemical industry is being reinvented to make it more sustainable. It is no longer acceptable to operate processes that make inefficient use of valuable resources. Chemists and chemical engineers are devising new methods by applying the theoretical ideas and models that explain how fast reactions go, in which direction and how far (Figure 11.5).




[image: ]

Figure 11.5 This vast catalytic cracker in Germany is used to make ethene from natural gas or oil. Controlling chemical reactions carried out on such a large scale requires precise application of chemical principles.





The effect of changing concentrations on systems at equilibrium


The equilibrium law makes it possible to explain the effect of changing the concentration of one of the chemicals in an equilibrium mixture.


An example is the equilibrium in solution involving chromate(VI) and dichromate(VI) ions in water (Figure 11.6):


[image: ]


At equilibrium: [image: ]


where these are equilibrium concentrations.




[image: ]

Figure 11.6 On the left, a yellow solution of chromate(VI) ions in water. On the right, the solution has turned orange as more dichromate(VI) ions form after adding a few drops of strong acid.





Adding a few drops of concentrated acid increases the concentration of H+(aq) on the left-hand side of the equation.


This briefly upsets the equilibrium. For an instant after adding acid:


[image: ]


The system restores equilibrium as chromate(VI) ions react with hydrogen ions to produce more of the products. There is very soon a new equilibrium. Once again:


[image: ]


but now with new values for the various equilibrium concentrations.


Chemists sometimes say that adding acid makes the ‘position of equilibrium shift to the right’. The effect is visible because the yellow colour of the chromate(VI) ions turns to the orange colour of dichromate(VI) ions. This is as Le Chatelier’s principle predicts. The advantage of using Kc is that it makes quantitative predictions possible.
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Tip


Changing the concentrations does not alter the value of the equilibrium constant so long as the temperature stays constant. Remember that in dilute solutions [H2O(l)] is constant, so it does not appear in the equilibrium law expression.
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Test yourself





21 Describe and explain the effect of adding alkali to a solution of dichromate(VI) ions.








22 a) Use the equilibrium law to predict and explain the effect of adding pure ethanol to an equilibrium mixture of ethanoic acid, ethanol, ethyl ethanoate and water:


[image: ]


     b) Show that your prediction is consistent with Le Chatelier’s principle.
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The effects of pressure changes on systems at equilibrium


Changes of pressure are not generally significant for equilibria that involve only solids or liquids, but they have a marked effect on gaseous equilibria. Lowering the pressure on a system at equilibrium favours the direction of change that produces more molecules, while increasing the pressure favours the change that produces fewer molecules. This is what Le Chatelier’s principle predicts.


[image: ]


The effects of increasing or decreasing the total pressure of a gas mixture at equilibrium can be predicted quantitatively with the help of the equilibrium law. Take the example of the reaction used to make ammonia in the Haber process:


[image: ]


The equilibrium law expression in terms of partial pressures is:


[image: ]


Suppose that the equilibrium partial pressures of nitrogen, hydrogen and ammonia are a atm, b atm and c atm, respectively. Substituting in the expression for Kp gives:


[image: ]


Now suppose that the total pressure is suddenly doubled. At that instant all the partial pressures double so that pN2 = 2a atm, pH2 = 2b atm and pNH3 = 2c atm. Substituting these values in the ‘equilibrium constant ratio’ gives:


[image: ]
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Tip


Changing pressure does not alter the value of the equilibrium constant Kp so long as the temperature stays constant.


[image: ]





So at that moment the ‘equilibrium constant ratio’ is one-quarter of the value of Kp. The system is not at equilibrium. In order to restore equilibrium, some of the nitrogen and hydrogen must react to decrease their partial pressures and form more ammonia to increase its partial pressure. This happens until the values are such that the ‘equilibrium constant ratio’ again equals Kp. In other words, increasing the pressure causes the equilibrium to shift to the right. In this way the equilibrium law makes it possible to predict not only the direction, but also the extent of the shift (Table 11.5).


Table 11.5
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Test yourself





23 Predict the effect of increasing the pressure on these systems at equilibrium:







     a) 2SO2(g) + O2(g) [image: ] 2SO3(g)


     b) CH4(g) + H2O(g) [image: ] CO(g) + 3H2(g)


     c) N2(g) + O2(g) [image: ] 2NO(g)








24 For the reaction N2O4(g) [image: ] 2NO2(g), the value of Kp is 0.11 atm at 298 K. Is a mixture containing N2O4(g) with a partial pressure of 2.4 atm and NO2(g) with a partial pressure of 1.2 atm at equilibrium at 298 K? If not, which gas tends to increase its partial pressure?



25 Use the expression for Kp to predict and explain the effect of the following changes on an equilibrium mixture of hydrogen, carbon monoxide and methanol:


[image: ]







     a) adding more hydrogen to the gas mixture at constant total pressure


     b) compressing the mixture to increase the total pressure


     c) adding an inert gas such as argon while keeping the total pressure constant.





[image: ]





The effects of temperature changes on systems at equilibrium


Le Chatelier’s principle predicts that raising the temperature makes the equilibrium shift in the direction which is endothermic. For example, for the reaction which produces sulfur trioxide during the manufacture of sulfuric acid, raising the temperature lowers the percentage of sulfur trioxide at equilibrium.


[image: ]


The equilibrium shifts to the left as the temperature rises because this is the direction in which the reaction is endothermic (Figure 11.7).




[image: ]

Figure 11.7 The effect of raising the temperature on the equilibrium between SO2, O2 and SO3.
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Tip


If ΔH for the forward reaction is negative, then ΔH for the reverse reaction has the same magnitude but the opposite sign. So if the forward reaction is exothermic, then the reverse reaction is endothermic.


[image: ]





The reason that temperature changes cause a shift in the position of equilibrium is that the value of the equilibrium constant changes. This is illustrated by the values in Table 11.6.


Table 11.6 Values of Kp at four temperatures for the equilibrium 2SO2(g) + O2(g) [image: ] 2SO3(g).






	Temperature/K 

	
Kp/atm–1 






	  298 

	4.0 × 1024 






	  500 

	2.5 × 1010 






	1100 

	1.3 × 10–1 






	  700 

	3.0 × 104 
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Tip


The value of an equilibrium constant for an exothermic reaction becomes smaller as the temperature rises. The value of the equilibrium constant for an endothermic reaction rises as the temperature rises.
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Test yourself





26 Show that graph in Figure 11.7 and the values in Table 11.6 are consistent with predictions for the equilibrium based on Le Chatelier’s principle.



27 The value of Kp for the equilibrium N2O4(g) [image: ] 2NO2(g) is 4.79 atm at 400 K and 347 atm at 500 K.







     a) What is the effect of raising the temperature on the position of equilibrium?


     b) How can your answer to (a) account for the appearance of the gas mixtures in Figure 11.8?


     c) What is the sign of ΔH for the reaction?








28 For the reaction between hydrogen and iodine to form hydrogen iodide, the value of Kp is 794 at 298 K but 54 at 700 K. What can you deduce from this information?





[image: ]







[image: ]

Figure 11.8 Sealed tubes containing equilibrium mixtures of NO2(g) which is orange-brown and N2O4(g) which is colourless. The tube on the left is in hot water and the tube on the right in ice.





The effects of catalysts on systems at equilibrium


Catalysts speed up reactions but are not used up as they do so (Figure 11.9). It is important to note that while a catalyst speeds up the rate at which a reaction gets to an equilibrium state, it has no effect on the final position of equilibrium. In other words, a catalyst provides a faster route to the same equilibrium state. The alternative route with a catalyst has a lower activation energy but speeds up the forward and back reactions to the same extent, so that the dynamic equilibrium is unchanged.




[image: ]

Figure 11.9 Crystals of palladium seen under an electron microscope. Palladium is a rare and precious metal which is used to catalyse hydrogenation reactions.
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Exam practice questions




•



1  At 298 K the value of Kc for the following equilibrium is 1 × 1010:


[image: ]







    a)  i) Write the expression for Kc.


(2)


        ii) What are the units of Kc for this reaction? Explain your answer.


(2)







    b) What is the value of Kc for:







        i)  Sn4+(aq) + 2Fe2+(aq) [image: ] Sn2+(aq) + 2Fe3+(aq)


(2)


        ii) [image: ]Sn2+(aq) + Fe3+(aq) [image: ] [image: ]Sn4+(aq) + Fe2+(aq)?


(2)







•



2  a) A flask contains an equilibrium mixture of hydrogen gas (0.010 mol dm–3), iodine gas (0.010 mol dm–3) and hydrogen iodide gas (0.070 mol dm–3) at a constant temperature. Calculate Kc for the reaction of hydrogen with iodine to form hydrogen iodide.


(3)


    b) Enough hydrogen is added to the mixture in (a) to suddenly double the hydrogen concentration in the flask to 0.020 mol dm−3. After a while the mixture settles down with a new iodine concentration of 0.0070 mol dm−3 at the same temperature as before.







        i)  What are the new concentrations of hydrogen and hydrogen iodide?


(2)


        ii) Show that the new mixture is at equilibrium.


(2)







    c) How does a sudden doubling of the hydrogen concentration affect the position of equilibrium?


(2)







•



3  Nitrogen and hydrogen react to form ammonia when heated under pressure in the presence of a catalyst.


[image: ]


    Analysis of an equilibrium mixture of the gases at 10 atmospheres and 650 K found that it contained 1.41 mol NH3, 6.75 mol H2 and 2.15 mol N2.







    a) Explain, in this context, the term ‘dynamic equilibrium’.


(2)







    b)  i) Calculate the mole fraction of each of the three gases in the mixture at 10 atm and 650 K.


(3)


        ii) Calculate the partial pressures of the three gases.


(2)


        iii) Calculate a value for Kp and give the units.


(3)







•



4  Explain what is wrong with each of the following statements. To what extent, if at all, is there any truth in each of the statements?







    a) Once a reaction mixture reaches equilibrium, there is no further reaction.


(3)


    b) Adding more of one of the reactants to an equilibrium mixture increases the yield of products because the value of the equilibrium constant increases.


(3)


    c) Adding a catalyst to make a reaction go faster can increase the amount of product at equilibrium.


(3)


    d) Raising the temperature to make a reaction go faster can increase the amount of product at equilibrium.


(3)


    e) Adding a catalyst can mean that a reaction that is only feasible at a high temperature becomes feasible at a much lower temperature.


(3)







•



5  A solution of ammonia in water was shaken with an equal volume of an organic solvent until the system reached equilibrium with the ammonia distributed between the two solvents. In a series of titrations, 10 cm3 of the aqueous layer was neutralised by an average of 17.0 cm3 of 0.50 mol dm–3 hydrochloric acid. In a second series of titrations, 10 cm3 of the organic layer was neutralised by 6.0 cm3 of 0.010 mol dm–3 hydrochloric acid.







    a) What was the concentration of the ammonia in the aqueous layer at equilibrium?


(2)


    b) What was the concentration of the ammonia in the organic solvent at equilibrium?


(2)


    c) What is the value of Kc for the equilibrium: NH3(org) [image: ] NH3(aq)?


(2)







•



6  At 473 K, the value of Kc for the decomposition of PCl5 is 8 × 10–3 mol dm–3.


[image: ]







    a) Write the expression for Kc for the reaction.


(1)


    b) What is the value of Kc for the reverse reaction at 473 K and what are its units?


(2)


    c) A sample of pure PCl5 is heated to 473 K in a vessel containing no other chemicals. At equilibrium the concentration of PCl5 is 5 × 10–2 mol dm–3. What are the equilibrium concentrations of PCl3 and Cl2?


(3)


    d) Explain how the concentrations of PCl5, PCl3 and Cl2 change in the equilibrium mixture if:







        i)  more PCl5 is added


(2)


        ii) the pressure is increased


(2)


        iii) the temperature is increased.


(2)







    e) Explain the effect on the value of Kc if:







        i)  more PCl5 is added


(1)


        ii) the pressure is increased


(1)


        iii) the temperature is increased.


(2)







•



7  Hydrogen is made from natural gas by partial oxidation with steam. This involves the following reaction:
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    a) Write an expression for Kp for this reaction.


(2)


    b) How is the value of Kp affected by:







        i)  increasing the pressure


(1)


        ii) increasing the temperature


(1)


        iii) using a catalyst?


(1)







    c) How does the composition of an equilibrium mixture of the gases change when:







        i)  the pressure rises


(1)


        ii) the temperature rises


(1)


        iii) a catalyst is added?


(1)







•



8  Ammonia is converted to nitric acid on a large scale. In the first step, ammonia is mixed with air and compressed before passing through a reactor containing catalyst gauzes. The catalyst is an alloy of platinum and rhodium. The reversible, exothermic reaction produces nitrogen monoxide (NO) and steam.







    a) Write an equation for the reaction of ammonia with oxygen to form nitrogen monoxide.


(2)


    b) Predict, qualitatively, the conditions which favour a high yield of NO in the equilibrium mixture.


(3)


    c) The industrial process typically runs at 1175 K and a pressure of about 7 atm with a mixture of 10% ammonia and 90% air. How and why are these conditions similar to, or different from, those you predicted in (b)?


(3)


    d) Explain the advantage of using a heterogeneous catalyst in this process.


(1)


    e) Why does the gas mixture leaving the reactor not contain as high a percentage of NO as predicted by the equilibrium law?


(2)


    f) The hot gas mixture leaving the reactor has to be cooled before the next step. Suggest how this might be done in a way that improves the overall energy efficiency of the process.


(2)







•



9  At 488 K, for this equilibrium:


[image: ]


    Kp = 0.2 Pa. The fraction of COCl2 that splits up in this way can be represented as the degree of dissociation, α.







    a) Derive a relationship between Kp, α, and the total pressure P.


(6)


    b) Assuming that the temperature remains constant, calculate the degree of dissociation at these two pressures:







        i)  105 Pa


(2)


        ii) 2 × 105 Pa.


(2)







        Make the assumption that α is small so that (1 + α) ≈ 1 and (1 − α) ≈ 1.







•



10 During the manufacture of sulfuric acid, sulfur dioxide and air pass through reactors at about 700 K, which convert the sulfur dioxide to sulfur trioxide. The volume ratio of oxygen : sulfur dioxide is 1 : 1. The gas pressure is 1–2 atmospheres.


[image: ]


    The gases pass through a series of four beds of catalyst. The gas mixture is cooled in heat exchangers as it flows from one catalyst bed to the next.







    The catalyst is vanadium(V) oxide. The catalyst is not effective if the temperature is lower than 700 K. Between the third and fourth beds of catalyst, the gases pass through an absorption tower to remove the sulfur trioxide produced in the first three stages. At the end of the process over 99.5% of the sulfur dioxide is converted to sulfur trioxide.







    a)  i) Show that the oxygen is in excess in this process.


(2)


        ii) Why is excess oxygen used?


(2)


        iii) Suggest a reason why the process does not operate with an even larger excess of oxygen.


(2)







    b) Explain the choice of 700 K as the temperature for the process.


(3)


    c) Explain why the process operates at a pressure close to atmospheric pressure.


(3)


    d) Explain why the gas mixture is cooled between the catalyst beds.


(2)


    e) Explain why the sulfur trioxide is removed from the gas stream before the gases pass into the fourth catalyst bed.


(2)


    f) Suggest reasons why it is important to convert nearly 100% of the sulfur dioxide to sulfur trioxide.


(2)







•



11 Note that each part of this question requires you to use algebra and solve a quadratic equation. This is not expected for the Edexcel specification. The general form of a quadratic equation is:


    ax2 + bx + c = 0, where a, b and c are constants.


    The general solution to the equation is


[image: ]


    Solving for x with a calculator always gives two possible values. In equilibrium calculations, only one of the values turns out to be a possible solution to the problem.


    In each question work out the amounts at equilibrium in terms of the unknown quantity x. Where necessary then convert to concentrations (or partial pressures) and substitute in the expression for the equilibrium constant. Rearrange the expression to arrive at a quadratic equation that you can solve using the formula given.







    a) 2.0 mol hydrogen and 1.0 mol iodine are mixed in a 1.0 dm3 container at 710 K. The value of Kc for the decomposition of hydrogen iodide into hydrogen and iodine is 0.020 at this temperature. What amounts of hydrogen, iodine and hydrogen iodide are present when the system reaches equilibrium?


(6)


    b) 1.0 mol ethanoic acid is mixed with 3.0 mol ethanol and 3.0 mol water in the presence of an acid catalyst. The value of Kc for the reaction to form the ester is 4.0 at the temperature of the mixture. What amount of ethyl ethanoate forms at equilibrium?


(6)


    c) 0.01 mol iodine is mixed with 0.01 mol of iodide ions in 1 dm3 of an aqueous solution at 298 K. What are the equilibrium concentrations of I3− ions and iodide ions in the solution?


(6)


        [image: ]



    d) 0.20 mol of carbon monoxide and 0.10 mol of chlorine are mixed in a 3.0 dm3 container and allowed to reach equilibrium. What is the equilibrium concentration of COCl2?


        [image: ]



        Kc = 0.41 dm3 mol−1 at the temperature of the mixture.


(6)


    e) Kp = 7.1 atm−1 for this equilibrium at 298 K:


        [image: ]



        Calculate the partial pressures of the two gases at equilibrium when starting with pure N2O4(g) at 1 atmosphere pressure.


(6)





[image: ]








12 Acid–base equilibria


Acids and bases are very common, not only in laboratories but also in living things, in the home and in the natural environment. Acid–base reactions are reversible and governed by the equilibrium law. This means that chemists are able to predict reliably and quantitatively how acids and bases behave. This is important for the supply of safe drinking water, the care of patients in hospital, the formulation of shampoos and cosmetics, as well as the processing of food and many other aspects of life.




[image: ]

Figure 12.1 Red ants attacking a insect on leaf. Methanoic acid is an ingredient of the sting of red ants. The traditional name for the acid was formic acid based on the Latin name for ants: formica.





12.1 Theories to explain reactions of acids and bases


Jabir ibn-Hayyan and his discoveries


The mineral acids that are now taken for granted were discovered by Jabir ibn-Hayyan (c. 722–c. 815), who worked in the alchemical tradition but pioneered experimental chemistry (Figure 12.2). He developed the techniques of crystallisation and distillation and used them to discover sulfuric, hydrochloric and nitric acids. He also studied ethanoic acid in vinegar and tartaric acid in wine.




[image: ]


Tip


Section 12.1 traces the development of ideas about acids and bases. This section reminds you of Arrhenius’s theory, which you have used until now to explain the reactions of acids and bases. Section 12.2 introduces a new theory which can be applied to reactions that you studied in the first year of the course. The chapter goes on to show how this theory uses the equilibrium law to explain quantitatively the behaviour of acids and bases.


[image: ]





Acids were first recognised by their chemical properties. Acidic solutions have a sour taste; they tend to corrode metals and they change the colour of indicators.




[image: ]

Figure 12.2 Jabir ibn-Hayyan in a coloured engraving, published in 1883, which shows him teaching at the school at Edessa in Mesopotamia (now Sanliurfa in Turkey). He played a key part in turning chemistry from a mystical practice (alchemy) into a science. He pioneered experimental techniques and invented much of the equipment that is still commonly used in laboratories.







[image: ]


Test yourself





1  Jabir ibn-Hayyan discovered sulfuric acid and then studied its reactions on heating with salts such as sodium chloride and potassium nitrate. How could these studies, and his improved methods of distillation, lead to the discovery of hydrochloric and nitric acids?





[image: ]







[image: ]


Tip


All the names for acids in this chapter are the modern chemical names; they are not the names generally used at the time when these chemicals were first discovered.
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The theories of Antoine Lavoisier and Humphry Davy


The scientist who laid the foundations of modern chemical theory was the French nobleman Antoine Lavoisier (1743–1794). His experiments and insights led to the oxygen-theory of burning and a systematic approach to quantitative chemistry.


The name ‘oxygen’ means ‘acid former’. Lavoisier gave the gas this name because he thought that all acids were compounds containing this element.


The generalisation that all acids contain oxygen was disproved by a series of experiments carried out by the English scientist Humphry Davy between 1809 and 1810. He heated hydrogen chloride (then called muriatic acid) to high temperatures with a range of metals and non-metals. He could find no trace of oxygen in the compound. After further work, Davy proposed, in 1816, that what all acids have in common is that they contain hydrogen.




[image: ]


Test yourself





2  Why is it not surprising that Lavoisier thought that all acids contain oxygen?



3  Identify three acids, other than hydrochloric acid, which do not contain oxygen.



4  Give examples which show that:







     a) acids contain hydrogen


     b) not all compounds that contain hydrogen are acids.
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Arrhenius’s theory


As a young man in his mid-20s, the Swedish chemist Svante Arrhenius wrote a doctoral thesis which proposed that some compounds are ionised in solution all the time. This was the start of the ionic theory of solutions that we now take for granted. In 1884 it was highly controversial. At the time, Arrhenius was bitterly disappointed to be awarded the bottom grade for his paper. Later he was vindicated and awarded the Nobel prize for chemistry in 1903.


Arrhenius used his ionic theory to come up with an explanation of why it is that all acids have similar properties when dissolved in water. His theory could also account for what happens when an acid is neutralised by an alkali and explain the difference between strong and weak acids. He realised that acids dissociate when they dissolve in water to form ions in the solution. The extent of dissociation into ions distinguishes strong and weak acids.




[image: ]


Key term


Acids dissociate when they dissolve in water. This means that they form ions in the solution. The extent of dissociation into ions distinguishes strong and weak acids.


[image: ]





In 1887, Arrhenius defined an acid as a compound that could produce hydrogen ions when dissolved in water, and an alkali as a compound that could produce hydroxide ions in water. According to Arrhenius’s theory, hydrochloric acid is a strong acid which is fully ionised when dissolved in water.


[image: ]


Ethanoic acid is a weak acid which is only slightly ionised.


[image: ]


Arrhenius’s theory was a big advance in its time. It could account for the similarities between acids. In this theory, the typical reactions of dilute acids in water are the reactions of aqueous hydrogen ions.


[image: ]


The Arrhenius theory is still useful today and equations for the reactions of acids and alkalis are often written in a form based on the theory. However, the theory has a number of weaknesses, one of which is that it is limited to aqueous solutions.
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Key terms


A strong acid is an acid which is fully ionised (dissociated) when it dissolves in water.


A weak acid is an acid which is only ionised (dissociated) to a slight extent when it dissolves in water.


A proton is the nucleus of a hydrogen atom, so a hydrogen ion, H+, is just a proton.


[image: ]







[image: ]


Test yourself





5  What, according to Arrhenius’s theory, happens when an acid neutralises an alkali?



6  Suggest a simple practical demonstration of the difference between equimolar solutions of a strong acid and of a weak acid.



7  Write ionic equations to show how Arrhenius’s theory describes the reactions of nitric acid with:







     a) zinc


     b) potassium carbonate


     c) calcium oxide


     d) lithium hydroxide.





[image: ]
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Tip


Weak acids are only very slightly ionised. Do not describe weak acids as ‘not completely ionised (or dissociated)’. This could be taken to mean 95% ionised, which could be true of a strong acid.
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The theory of Johannes Brønsted and Thomas Lowry


The preferred theory for discussing acid–base equilibria today was put forward independently in 1923 by the Danish chemist Johannes Brønsted and the English chemist Thomas Lowry. This theory describes acids as proton donors, and bases as proton acceptors, as explained in the next section.


12.2 Acids, bases and proton transfer


Acids as proton donors


According to the Brønsted–Lowry theory, hydrogen chloride molecules give hydrogen ions (protons) to water molecules when they dissolve in water, producing hydrated hydrogen ions called oxonium ions. The water acts as a base.


[image: ]


The proton transfer between hydrogen chloride molecules and water molecules is reversible. A proton from the oxonium ion can transfer back to the chloride ion to give hydrogen chloride and water.
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Tip


It is more correct to represent hydrogen ions in aqueous solution as H3O+(aq); however, chemists commonly use a shorter symbol for hydrated protons, H+(aq).
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Hydrochloric acid is a strong acid. What this means is that it readily gives up its protons to water molecules and the equilibrium in solution lies well over to the right. Hydrochloric acid is effectively completely ionised in solution. Other examples of strong acids are sulfuric acid and nitric acid.


Some acids can give away (donate) one proton per molecule. Examples are hydrochloric acid, HCl; nitric acid, HNO3; and ethanoic acid, CH3COOH. These acids are sometimes described as monobasic acids because one mole of the acid neutralises one mole of hydroxide ions (a base). They are also called monoprotic acids because one proton per molecule can ionise.


There are other acids that can give away (donate) two protons per molecule. Examples are sulfuric acid, H2SO4; and ethanedioic acid, HOOC−COOH. These acids are sometimes described as dibasic acids because one mole of the acid neutralises two moles of a base such as sodium hydroxide ions. They are also called diprotic acids.
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Key terms


According to the Brønsted–Lowry theory, acids are proton donors.


According to the Brønsted–Lowry theory, a base is a proton acceptor.
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Test yourself





 8  a) What type of bond links the water molecule to a proton in an oxonium ion?


     b) Draw a dot-and-cross diagram to show the bonding in an oxonium ion. Use your diagram to explain why the ion has a positive charge.


     c) Predict the shape of an oxonium ion.








9  Write a balanced ionic equation for the reaction of 1 mol ethanedioic acid with 2 mol NaOH, showing the structural formulae for the acid and for the ethanedioate ion formed.
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Bases as proton acceptors


According to the Brønsted–Lowry theory, a base is a molecule or ion which can accept a hydrogen ion (proton) from an acid. A base has a lone pair of electrons which can form a dative covalent bond with a proton (Figures 12.3 and 12.4).




[image: ]

Figure 12.3 Oxide ions have lone pairs of electrons which can form dative covalent bonds with hydrogen ions.
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Figure 12.4 The lone pair on the nitrogen atom of ammonia allows it to act as a base.





An ionic oxide, such as calcium oxide, reacts completely with water to form calcium hydroxide. The calcium ions do not change; but the oxide ions, which are powerful proton acceptors, all take protons from water molecules. An oxide ion is a strong base. Common bases include the oxide and hydroxide ions, ammonia, amines, as well as the carbonate and hydrogencarbonate ions.


In biochemistry the term ‘base’ often refers to one of the five nitrogenous bases which make up nucleotides and the nucleic acids DNA and RNA. These compounds (adenine, guanine, cytosine, uracil and thymine) are bases in the chemical sense because they have lone pairs on nitrogen atoms which can accept hydrogen ions (Figure 12.5).
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Figure 12.5 The displayed formula of adenine. This is one of the bases in DNA.
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Tip


Many compounds of the Group 1 and Group 2 metals form alkaline solutions. This is because metals such as sodium, potassium, magnesium and calcium (unlike other metals) form oxides, hydroxides and carbonates which are soluble (to a greater or lesser extent) in water. It is important to realise that it is the oxide, hydroxide or carbonate ions in these compounds that are bases, and not the metal ions.
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Test yourself





 10 a) Identify the products of the reaction when concentrated sulfuric acid reacts with sodium chloride.


     b) Show that this is a proton transfer reaction and identify the base.


     c) Account for the fact that this reaction can give a good yield of hydrogen chloride gas, despite the fact that concentrated sulfuric acid and hydrogen chloride are strong acids.








11 Show that the reactions between these pairs of compounds are acid–base reactions and identify as precisely as possible the molecules or ions which are the acid and the base in each example.







     a) MgO + HCl


     b) H2SO4 + NH3



     c) NH4NO3 + NaOH


     d) HCl + Na2CO3









 12 a) What type of bond links the ammonia molecule to a proton in an ammonium ion?


     b) Draw a dot-and-cross diagram to show the bonding in an ammonium ion.


     c) Predict the shape of an ammonium ion.





[image: ]





Conjugate acid–base pairs


Any acid–base reaction involves competition for protons. This is illustrated by a solution of an ammonium salt, such as ammonium chloride, in water.


[image: ]


In this example there is competition for protons between ammonia molecules and water molecules. On the left-hand side of the equation the protons are held by lone pairs on the ammonia molecules. On the right-hand side they are held by lone pairs on water molecules. The position of equilibrium shows which of the two bases has the stronger hold on the protons.


Chemists use the term conjugate acid–base pair to describe a pair of molecules or ions which can be converted from one to the other by the gain or loss of a proton. The equilibrium in a solution of the ammonium salt above involves two examples of conjugate acid–base pairs:





•  NH4+ and NH3




•  H3O+ and H2O.
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Key terms


An acid turns into its conjugate base when it loses a proton. A base turns into its conjugate acid when it gains a proton. Any pair of compounds made up of an acid and a base that can be converted from one to the other by proton transfer is a conjugate acid–base pair.


The definition of pH is:


pH = −log10 [H+(aq)]
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Test yourself





13 Identify and name the conjugate bases of these acids: HNO3, CH3COOH, H2SO4, HCO3−.



14 Identify and name the conjugate acids of these bases: O2−, OH−, NH3, CO32−, HCO3−, SO42−.



15 Explain and illustrate these two statements:







     a) The stronger the acid, the weaker its conjugate base.


     b) The stronger the base, the weaker its conjugate acid.
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12.3 The pH scale


The concentration of hydrogen ions in aqueous solutions commonly ranges from about 2 mol dm−3 to about 1 × 10−14 mol dm−3. The concentration of aqueous hydrogen ions in dilute hydrochloric acid is about 100 000 000 000 000 times greater than the concentration of hydrogen ions in dilute sodium hydroxide solution.


Given such a wide range of concentrations, scientists find it convenient to use a logarithmic scale to measure the concentration of aqueous hydrogen ions in acidic or alkaline solutions (Figures 12.6 and 12.7). This is the pH scale, where:
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Figure 12.6 A scientist measuring the pH of glacier melt water during research into air and water pollution.
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Figure 12.7 The pH scale showing the colours of a full-range indicator at the different pH values.
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Examples


Example 1


What is the pH of 0.020 mol dm−3 hydrochloric acid?


Notes on the method


Hydrochloric acid is a strong acid so it is fully ionised. Note that 1 mol HCl gives 1 mol H+(aq). Use the log button on your calculator. Do not forget the minus sign in the definition of pH. Give your answer to 2 decimal places.


Answer


[image: ]


Example 2


The pH of human blood is 7.40. What is the aqueous hydrogen ion concentration in blood?


Notes on the method


[image: ]


From the definition of logarithms this rearranges to [H+(aq)] = 10−pH


Use the inverse log button (10x) on your calculator. Do not forget the minus sign in the definition of pH.


Give your answer to 2 decimal places.


Answer


[image: ]
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Tip


See Section 3 in ‘Mathematics in A Level chemistry’, which you can access by following the istructions on page 320, to learn about logarithms to base 10 and how they are used to handle values which range over several orders of magnitude. In pH calculations, always use the ‘log’ button on your calculator, not the ‘ln’ button.
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Test yourself





16 What is the pH of solutions of hydrochloric acid with these concentrations?







     a) 0.10 mol dm−3



     b) 0.010 mol dm−3



     c) 0.0010 mol dm−3









17 Calculate the pH of a 0.080 mol dm−3 solution of nitric acid. Give your answer to 2 decimal places.



18 Calculate the concentration of hydrogen ions in each solution:







     a) orange juice with a pH of 3.30


     b) coffee with a pH of 5.40


     c) saliva with a pH of 6.70


     d) a suspension of an antacid in water with a pH of 10.50.
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The ionic product of water


There are hydrogen and hydroxide ions even in pure water because of a transfer of hydrogen ions between water molecules. This only happens to a very slight extent.
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This equilibrium can be written more simply as:
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The equilibrium constant is:
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There is such a large excess of water that [H2O(l)] is a constant, so the relationship simplifies to:
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where Kw is the ionic product of water.
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Key term


Kw is the ionic product of water. It is the equilibrium constant for the ionisation of water. It is defined by the expression:


[image: ]


[image: ]





The pH of pure water at 298 K is 7.0. So the hydrogen ion concentration at equilibrium is:
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Also, in pure water [H+(aq)] = [OH−(aq)], so:
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Hence:
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Kw is a constant in all aqueous solutions at 298 K. This makes it possible to calculate the pH of alkaline solutions.
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Tip


Refer to Section 2 in ‘Mathematics in A Level chemistry’, which you can access by following the istructions on page 320, for help with multiplying together numbers in standard form.
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Example


What is the pH of a 0.050 mol dm−3 solution of sodium hydroxide at 298 K?


Notes on method


Sodium hydroxide is fully ionised in solution. So in this solution:
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Answer


For this solution:
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Hence pH = −log (2.0 × 10−13) = 12.7
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Test yourself





19 The value of Kw varies with temperature. At 273 K its value is 1.10 × 10−15 mol2 dm−6, while at 303 K it is 1.50 × 10−14 mol2 dm−6.







     a) Is the ionisation of water an exothermic or an endothermic process?


     b) What happens to the hydrogen ion concentration in pure water, and hence the pH, as the temperature rises?


     c) Does pure water stop being neutral if its temperature is above or below 298 K?








20 Calculate the pH of these solutions at 298 K:







     a) 1.0 mol dm−3 NaOH


     b) 0.020 mol dm−3 KOH


     c) 0.0010 mol dm−3 Ba(OH)2.
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Working in logarithms


The logarithmic form of equilibrium constants is particularly useful for pH calculations. Taking logarithms produces a conveniently small range of values.


[image: ]


Taking logarithms, and applying the rule that log xy = log x + log y, gives:
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Multiplying through by −1 reverses the signs:
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The term −log Kw is given the symbol pKw.
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Key term


pKw is defined as −log Kw.
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The term −log [OH−(aq)] is represented as pOH.


Hence:      pKw = pH + pOH = 14


So:            pH = 14 − pOH


This makes it easy to calculate the pH of alkaline solutions at 298 K.
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