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Get the most from this book


Welcome to the OCR A Level Chemistry 2 Student’s Book! This book covers Year 2 of the OCR A Level 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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A dedicated chapter for developing your Maths 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



How fast? Rates of reaction
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Prior knowledge


In this chapter it is assumed that you understand that:





•  reactions occur because the reactants collide with sufficient energy to exceed the activation energy required for the conversion to the products



•  the energies of particles are spread so that some have higher energy than the average and some have lower energy; the spread of energies is shown by the Boltzmann distribution



•  the Boltzmann distribution of energies is temperature dependent and, as the temperature is raised, more particles will have an energy greater than the activation energy for a reaction



•  catalysts provide a route for a reaction which has a lower activation energy



•  tangents can be used to find the rate of reaction from a concentration/time graph.





As a reminder of the last point, the graphs in Figure 1.1 and Figure 1.2 illustrate the procedure.




[image: ]






[image: ]




[image: ]







[image: ]


Test yourself on prior knowledge





1  Each of the following factors can change the rate of a reaction. How does the collision theory account for the effects of altering each of the factors?







    a)  the concentration of reactants in solution


    b)  the pressure of gaseous reactants


    c)  the surface area of a solid


    d)  the temperature


    e)  the presence of a catalyst








2  a)  Draw a sketch of the Boltzmann distribution of energies for a sample of gas at a temperature T °C.


    b)  On the same axes show the distribution of energies at a temperature (T−10) °C.


    c)  What effect would the addition of a catalyst at a temperature T °C have on:







         i)   the Boltzmann distribution at that temperature


         ii)  the activation energy of the reaction


         iii) the rate of the reaction?
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Reaction rates


The rate at which chemical reactions take place varies widely. Explosions are reactions that occur so rapidly that energy is released almost instantaneously. Other processes, such as the conversion of diamond into the more stable graphite, are so slow that they appear not to be happening at all. It is not unreasonable to say that diamonds are forever! The controlling factor is the activation energy of a reaction. This chapter considers reaction rates in more detail and focuses on the route by which the final products are created. It is possible to take a quantitative view of the role of the reactants and this can sometimes provide an insight into the way a reaction takes place.


Obtaining practical data


There is a wide variety of methods that can be used to determine the rate of a chemical reaction. Although you may be asked to suggest a possible procedure, there is no need to learn the details of any particular experiment. Wherever possible, a method is chosen that does not interfere with the reaction taking place as this could lead to confusing results. Possible procedures that might be selected are shown in Figures 1.3, 1.4 and 1.5.
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Sometimes, samples of the reacting mixture are withdrawn at regular intervals during the course of a reaction. The concentrations of the reactants or products present are measured at these time intervals. These concentrations can then be analysed to determine how far the reaction has proceeded. Usually, it is only necessary to determine the concentration of one of the reactants to deduce what has happened. A problem with this method is that the reaction will continue to take place in the sample that has been withdrawn. Therefore, some way has to be found to stop the reaction in the sample. It might be possible to stop the reaction by cooling the sample rapidly in an ice-bath. Or perhaps, if the reaction depended on an acid being present, the reaction could be stopped quickly by neutralising the acid present with an alkali prior to carrying out an analysis.
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Test yourself





1  Suggest a suitable method for measuring the rate of each of these reactions:







    a)  Br2(aq) + HCOOH(aq) → 2HBr(aq) + CO2(g)


    b)  CH3COOCH3(l) + H2O(l) → CH3COOH(aq) + CH3OH(aq)


    c)  C4H9Br(l) + H2O(l) → C4H9OH(l) + HBr(aq)
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Activity


Investigating the effect of concentration on the rate of a reaction


Bromine oxidises methanoic acid in aqueous solution to carbon dioxide. The reaction is catalysed by hydrogen ions:
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The reaction can be followed using a colorimeter (Figure 1.6). Table 1.1 shows some typical results. The concentration of methanoic acid was kept constant throughout the experiment by having it present in large excess.





1  Explain why it is possible to follow the rate of this reaction using a colorimeter.



2  Suggest a suitable chemical to use as the catalyst for the reaction.



3  Explain the purpose of adding a large excess of methanoic acid.



4  Plot a graph of concentration against time using the results in Table 1.1.



5  Draw tangents to the graph and measure the gradient to obtain values for the rate of reaction at two points during the experiment. Use the values at 100 s and 500 s. (Remember when calculating the gradients that the bromine concentrations are 1000 times smaller than the numbers in the table.)



6  Table 1.2 shows values for the reaction rate obtained by drawing gradients at other times on the concentration–time graph. Plot a graph of rate against concentration using the two values you calculated in question 5 and the values in Table 1.2.



7  How does the bromine concentration change with time?



8  How does the rate of reaction change with time?



9  How does the rate of reaction depend on the bromine concentration?
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Table 1.1 Results of an experiment to investigate the rate of reaction of bromine with methanoic acid. Note that the bromine concentrations are multiplied by 1000. The actual bromine concentration at 90 seconds, for example, was 0.0073 mol dm−3.






	Time/s

	
Concentration of bromine/10−3 mol dm−3







	   0

	10.0






	  10

	  9.0






	  30

	  8.1






	  90

	  7.3






	120

	  6.6






	180

	  5.3






	240

	  4.4






	360

	  2.8






	480

	  2.0






	600

	  1.3







Table 1.2 Rate values obtained by measuring gradients of tangents to the concentration–time graph. Note that the rate is multiplied by 100 000. The actual rate at 300 seconds, for example, was 1.2 × 10−5 mol dm−3 s−1.






	Time/s

	Concentration of bromine/10−3 mol dm−3

	Rate of reaction from gradients to the concentration time graph/10−5 mol dm−3 s−1






	200

	5.0

	1.7






	300

	3.5

	1.2






	400

	2.5

	0.8
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Orders of reaction


You will probably have assumed at GCSE that changing the concentration of a reagent will change the rate of reaction proportionately. Sometimes this is true but, in practice, the effect of a change in a concentration may not be as simple as that. In some reactions, doubling the concentration of one chemical has no effect on the rate, while doubling the concentration of another reagent can double, or even quadruple, the rate of reaction. The effect that each reagent has on the rate is summarised by attributing an order to each reagent.


Where increasing the concentration of a reagent increases the rate proportionately, the reaction is said to be first order with respect to that reagent. If increasing the concentration of a reagent does not affect the rate, the reaction is said to be zero order with respect to that reagent. A reaction can be second order with respect to a reagent; in which case, doubling the concentration of this reagent causes the rate to increase four fold. An example of a second-order reaction is the breakdown of nitrogen(IV) oxide into nitrogen(II) oxide and oxygen:
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The reaction is second order with respect to nitrogen(IV) oxide.


However, it is worth emphasising that it is not possible to judge the order of a reaction from the equation. The breakdown of nitrogen(V) oxide into nitrogen(IV) oxide and oxygen
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is first order with respect to the nitrogen(V) oxide.


A summary to explain the effects of the different orders of reaction is shown in Table 1.3.


Table 1.3






	Change in concentration of reagent

	Change in rate due to change in concentration

	Order of reaction with respect to the reagent






	doubled

	rate remains the same

	0






	doubled

	rate doubles

	1






	doubled

	rate quadruples

	2







The rate equation and the rate constant


The rate equation for a reaction between three reagents, A, B and C takes the form:
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where the square brackets represent the concentrations of the reagents (in molar units such as mol dm−3), and a, b and c are the orders of the reaction with respect to the reagents.


The rate constant, k, is a constant of proportionality.


For the examples above, the rate equation for the breakdown of nitrogen(IV) oxide into nitrogen(II) oxide and oxygen is:
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The rate equation for the breakdown of nitrogen(V) oxide into nitrogen(IV) oxide and oxygen is:
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Propanone, CH3COCH3, and iodine, when catalysed by hydrogen ions, form iodopropanone, CH3COCH2I, and hydrogen iodide as products. The equation for the reaction is:
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Iodine has no effect on the rate of reaction and so is zero order. The rate equation for the reaction in the presence of hydrogen ions is:
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which is the same as:
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The overall order of a reaction is sometimes required. This is the sum of the individual orders with respect to the reagents. In a general case, this is a + b + c +…. The reaction of iodine, hydrogen ions and propanone has, therefore, an overall order of 2.
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Tip


If the reaction is first order with respect to a particular reactant, it is not necessary to include the power ‘1’. The rate equation for the reaction of iodine and propanone in the presence of hydrogen ions could be written as:
[image: ]


[image: ]





The orders of reaction are nearly always whole numbers (integers) and are usually 0, 1 or 2.


The value of the rate constant, k, varies from reaction to reaction and reflects the ease with which the reaction takes place. For a fast reaction, the value of k is large, and, for a slow reaction, k is small. In most circumstances, the rate of reaction is controlled more by the value of the rate constant than by the concentrations of the reagents. k is temperature dependent and, as the temperature rises,:





•  the value of k increases and the reaction proceeds more quickly



•  more collisions between the reagents involved in the rate-determining step have sufficient energy to overcome the activation energy barrier.





There is a rule of thumb which states that a temperature rise of 10 °C doubles the rate of reaction. If the reaction is extremely slow, this might not be apparent but, in most instances, the effect of heating is obvious.


The units of the rate constant


The rate of a reaction is usually followed by observing either a reduction in one of the reactants or the formation of one of the products.


The rate of a reaction is usually expressed as a change in concentration over a period of time. The units are usually mol dm−3 s−1.


The units of the rate constant, k, depend on the orders of reaction of the reagents.


If a reaction is first order overall, the rate equation is:
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If the rate is measured in mol dm−3 s−1 and [A] is in mol dm−3, the unit of k is s−1.


The important thing to remember is that the units of the rate constant, k, ensure that the units on the left-hand side of the equation are the same as those on the right-hand side.


In the example above, the units are:
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If the overall reaction is second order, as in rate = k[A]1[B]1, the units of k are different in order to keep the units consistent.
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Tip


It does not matter which way round you write the units. Most people prefer to put the quantity raised to a positive power first in the sequence (e.g. dm3 mol−1 s−1). These units look strange, but they are required so that the units on the right-hand side of the equation match those on the left. In general, the units of the rate constant, k, are expressed as [conc]1−n[time]−1 where n is the overall order of the reaction.
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In this example, k has the units mol−1 dm3 s−1 or dm3 mol−1 s−1
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Test yourself





2  The rate of reaction of 1-bromopropane with hydroxide ions is first order with respect to the haloalkane, and first order with respect to hydroxide ions.







    a)  Write the rate equation for the reaction.


    b)  What is the overall order of reaction?


    c)  What are the units of the rate constant?








3  For the reaction A + B + C → 2E + F, the rate equation is rate = k[A]2[C]2.







    a)  Why is [B] not included in the rate equation?


    b)  What is the overall order of reaction?


    c)  What will be the units of the rate constant k?


    d)  What would happen to the rate of reaction if:







         i)   [A] was doubled


         ii)  [C] was trebled


         iii) the concentrations of all three chemicals were doubled


         iv) [A] and [C] were both halved?
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Determining orders of reaction


There are two distinct methods that can be used to determine the order with respect to a reactant:





1  In one method, the concentration of each reactant is altered in turn to see what effect the change has on the rate at the start of the reaction. The start of the reaction is chosen because this is the only point in the reaction at which the concentrations of the reactants are definitely known. This type of experiment is called the ‘initial rates’ method.



2  The second method involves monitoring the reaction throughout its course. In this procedure, the amount of a reactant or product is established at various time intervals throughout the course of the reaction.
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Tip


It is a common mistake for students to confuse these two methods. When doing rate experiments, you must be clear which method you are using.


It is important to appreciate that the treatment of the results obtained from each of the two methods is different.
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Many chemical reactions occur rapidly. The distinguished chemist George Porter (Figure 1.7) was, for many years, Director of the Royal Institution in London, where both Davy and Faraday made important discoveries in the nineteenth century. Porter invented an ingenious and important method for identifying the short-lived radicals produced in gaseous photochemical reactions. By using pulses of light of shorter duration than the existence of the radicals, he was able to identify the spectra that the latter produced. For this work, he shared the Nobel Prize for Chemistry in 1967.
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The initial rates method


A typical reaction can be represented graphically as shown in Figure 1.8.
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The reaction proceeds quickly at the start and slows down towards the finish. The rate of the reaction is fastest where the curve is steepest and the slope then decreases until the curve becomes horizontal, which indicates that the reaction is complete. To provide a numerical value for the rate, the steepness of the curve is established by finding its gradient. This is achieved by drawing a tangent to the curve. In the figure, tangents have been drawn at two points on the graph. The numerical values of their gradients show how much the reaction has slowed down from the initial rate (the gradient at the start of the reaction) to a point about halfway through the reaction.


From the graph:





•  the initial rate, at time t = 0 seconds, is about 1.07/30 = 0.036 mol dm−3 s−1




•  the rate after 60 seconds is 0.7/120 = 0.006 mol dm−3 s−1.





These values show that the rate slows considerably as the reaction progresses.


If the concentrations of the reagents are known at the start of the reaction, a measurement of the initial gradient (t = 0) gives a numerical value of the rate at these concentrations.


If the experiment is repeated with the concentration of one of the reactants doubled, while the other concentrations are kept the same, a new initial rate can be established. Therefore, it is possible to see the effect of this reactant on the overall rate. If it is found that the gradient has doubled, then the reaction is first order with respect to that reactant. If, however, the rate increased four fold, it would be second order with respect to the reagent. Changing the concentrations of each reactant in turn allows the order of reaction with respect to each reagent to be determined.
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Example 1


Nitrogen(II) oxide and bromine react together as shown by the following equation:
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Some data for the initial rates of reaction are shown in Table 1.4.
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a Use the results of experiments 1–3 to determine the order of reaction with respect to:







    i)  bromine


    ii) nitrogen(II) oxide.








b) Write the rate equation for the reaction.



c) Use the results from experiment 4 to confirm that your orders for bromine and nitrogen(II) oxide are correct.



d) Calculate the value of the rate constant and give its units.





Answer





a) i)  It can be seen from experiments 1 and 2, that doubling the concentration of bromine while the concentration of NO is unchanged doubles the rate. Therefore, the order with respect to bromine is 1.


    ii) Experiments 1 and 3 show that doubling the concentration of nitrogen(II) oxide while the concentration of Br2 remains the same quadruples the rate. Therefore, the order with respect to nitrogen(II) oxide is 2.








b) rate = k[NO(g)]2[Br2(g)]



c) If the equation is correct, the rate should increase three fold as a result of the change in the bromine concentration and nine fold as a result of the change in the nitrogen(II) oxide concentration. Therefore, the overall increase in rate for experiment 4 should be 3 × 9 = 27 fold. This is confirmed as the initial rate in experiment 4 (0.297 mol dm−3 s−1) is 27 × the initial rate in experiment 1 (0.011 mol dm−3 s−1).



d) Using the results of experiment 1:
0.011 = k[0.01]2[0.01]
0.011 = k(0.000001)
k = 11 000 = 1.1 × 104
The units of k are obtained by comparing the units on either side of the rate equation.
Therefore, the units of k are [image: ]






[image: ]







[image: ]


Tip


Remember that the units of k can also be calculated from [mol dm−3]1 − n [time]−1 where n is the overall order of the reaction. In this reaction, 1 − n = −2.
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Test yourself





4  At 107 °C, the rate of decomposition of di(benzenecarbonyl) peroxide:
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    is first order with respect to the peroxide.


    Calculate the rate constant for the reaction at 107 °C if the rate of decomposition of the peroxide at this temperature is 7.4 × 10−6 mol dm−3 s−1 when the concentration of peroxide is 0.02 mol dm−3. Give the units of the rate constant.



5  Hydrogen gas reacts with nitrogen monoxide gas to form steam and nitrogen.


    Doubling the concentration of hydrogen doubles the rate of reaction.


    Tripling the concentration of nitrogen monoxide increases the rate by a factor of nine.







    a)  Write the balanced equation for the reaction.


    b)  Write the rate equation for the reaction.








6  The initial rate method was used to study the reaction:
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    Use the table of results, Table 1.5, to:







    a)  determine the rate equation for the reaction


    b)  calculate the value of the rate constant and give its units.
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The experimentation involved in using the method described on page 8 to provide data for the initial rate of a reaction is time consuming. For this reason, an approximation to obtain an initial rate is often used. Given that most reactions lead to an integer order, the approximation is usually acceptable. The time taken to reach a specific point in the reaction (which should be soon after the reaction has started) is recorded. The experiment is then repeated with different concentrations to see how the time taken to reach this point changes. The rate to this point is taken to be proportional to 1/time taken for each reaction, as the following example should make clear.


Sodium thiosulfate reacts with dilute hydrochloric acid to form a precipitate of sulfur:
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It is possible to measure the time taken to a point at which a fixed small amount of sulfur has been formed. Provided that this fixed point can be identified each time the reaction is carried out, the experiment can be repeated with different initial concentrations of the reactants and the time taken to reach this point can be measured.
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Tip


This type of reaction is known as a clock reaction.
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Suppose the ‘distance’ through the reaction to this point is x and the time taken is t, then the rate can be expressed as:
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Tip


It is assumed that the reaction proceeds at a constant rate to the point that is measured. This is not strictly true because, as soon as the reaction starts, the rate begins to slow. However, the approximation is good enough to determine an integer order.
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Repeating the experiment with different concentrations of reactants allows the effect of each to be established, and the order of reaction with respect to each to be determined. To do this, we have to compare the initial rate for which we know the concentrations of all the reagents. This requires that, in each case, the reaction has not progressed very far – in this example, the amount of precipitate must be small.


It might be possible to determine the orders of reaction from just a few measurements. However, it is usual to record a range of results and plot a graph of 1/time (i.e. rate) against concentration. Doing this helps to take into account the approximations that have been made.


Determining the orders of reaction from graphs


Using rate–concentration graphs


The order of reaction determines the shape of a graph of concentration against rate.


If the reaction is zero order with respect to a particular reactant, it doesn’t mean that the reactant is not required for the reaction! It means the concentration of the reactant has no effect on the rate and the graph appears as in Figure 1.9.
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If the reaction is first order with respect to a particular reactant, the rate is proportional to the concentration and the graph appears as in Figure 1.10. The graph is a straight line that always goes through the origin (if there is no reactant, there can be no reaction).




[image: ]




If the reaction is second order with respect to a particular reactant then the graph is a curve (Figure 1.11). This is because the rate is proportional to the square of the concentration of the reactant.
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Using concentration–time graphs


It is sometimes possible to obtain the order of reaction for a particular reagent by recording data throughout the course of the reaction. The reaction must either involve only one reagent or be set up so that the reaction rate depends solely on that reagent. In the latter case, reaction mixtures are made up in which all the other reactants are present in large excess. The assumption is that throughout the reaction there will be such an excess of the other reactants that their concentration will be nearly constant and they will have little or no effect on the change in the reaction rate. Therefore, whatever is found will be due to the reagent at low concentration.


The interpretation of the results depends on analysing the shape of the graph of concentration of the reactant against time. The theory that explains the likely shapes of these graphs is mathematical and is not required for A Level chemistry.


For a zero-order reaction, the graph of concentration against time appears as in Figure 1.12. The reactant is consumed in the reaction and, therefore, its concentration decreases. However, the reactant has no effect on the rate and so the line is not curved.
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For a first-order reaction, the graph of concentration against time is shown in Figure 1.13.
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The graph is a curve, showing how the reactant influences the reaction. It is used up quickly at the start and then its effect diminishes steadily as the reaction proceeds. There is a more subtle feature of the curve that is not immediately apparent but which is a useful way of distinguishing it from other curves, such as that obtained for a second-order reaction. This is that the time taken for the concentration of the reactant to halve is the same, whatever the starting concentration. This time is known as the half-life of the reaction. You may be familiar with this term, since it is used to indicate the stability of radioactive isotopes; these decay by a first-order mechanism.




[image: ]


Key term


The half-life of a reaction is the time taken for the concentration of one of the reactants to fall by half.


[image: ]





Referring to Figure 1.13, it can be seen that the time taken for the concentration to fall to half its original value is 100 s. For example, it takes 100 s for the initial concentration of 1.0 mol dm−3 to fall to 0.5 mol dm−3. It also takes 100 s for the concentration to fall from 0.5 mol dm−3 to 0.25 mol dm−3 and for 0.8 mol dm−3 to fall to 0.4 mol dm−3. Whichever starting value is taken, the time taken to halve this concentration is constant. This proves the reaction is first order.




[image: ]


Tip


Although you do not need to know how the rate-constant equation is derived for the exam, mathematicians might appreciate that it follows from the integration of the first-order rate equation of a reaction involving a substance with a concentration [A].


It is expressed as −d[A]/dt = k[A] (the minus sign indicates that the concentration of A decreases as it reacts).


This integrates to the equation −ln[A] = kt + C (where C is the constant of integration).


Suppose at the start of the reaction where t = 0, the concentration is [A]0 and C = −ln[A]0


The equation for a first-order reaction then becomes −ln[A] = kt − ln[A]0


or kt = ln[A]0 − ln[A]


or kt = ln([A]0/[A])


The half-life, t½, is the time taken for [A]0 to become [A]0/2


Therefore kt½ = ln 2 or k = ln 2/t½


[image: ]





Determining the rate constant from the half-life of a first-order reaction


A useful equation links the half-life of a first-order reaction to its rate constant. This is:


[image: ] (ln is the natural logarithm which is to the base e (Chapter 14))


So that if, at a particular temperature, a reaction has a half-life of 72 s then the value of the rate constant is


[image: ]


For a second-order reaction the graph of concentration against time is shown in Figure 1.14.




[image: ]




The half-life for a second-order reaction is not constant.




[image: ]


Test yourself





7  Table 1.6 gives the change in concentration of a reactant every 5 minutes during the course of a reaction.







[image: ]






    Plot a graph of concentration against time and use the graph to determine:







    a)  the initial rate of reaction


    b)  the rate after 30 minutes


    c)  the order of reaction with respect to the reactant. Justify your answer.








8  If a reaction is first order and has a rate constant of 0.056 s−1, what is its half-life?





[image: ]





The rate-determining step


Although it might be supposed that a reaction could proceed via several slow steps, in practice, in almost all cases, it is found that just one step controls the overall rate. This step is called the rate-determining step.




[image: ]


Key term


The rate-determining step in a reaction that occurs in several steps is the slowest step in the reaction. It has the highest activation energy and, therefore, controls the overall rate of the reaction.


[image: ]





It is important to appreciate that:





•  not all the reactants are necessarily involved in the rate-determining step



•  the numbers of particles involved in the rate-determining step are not directly related to the balanced equation (quite often they are different).





There is a direct relationship between the orders of reaction and the rate-determining step, in that the order for a particular reactant relates the amount in moles of that reactant to the rate-determining step. So if reactant X has an order of 1, reactant Y has an order of 2 and reactant Z has an order of 0, it can be concluded that the rate-determining step involves 1 mole of X, 2 moles of Y and that Z is not involved in the rate-determining step at all.



Reaction mechanisms


The rate-determining step is important because it may give a clue as to the mechanism of a reaction. For instance, the two isomers 1-chlorobutane, CH3CH2CH2CH2Cl, and 2-chloro-2-methylpropane, (CH3)3CCl, are both hydrolysed by aqueous sodium hydroxide to give the corresponding alcohol. However, the rate equations are different.


The rate equation for 1-chlorobutane is


[image: ]


The rate equation for 2-chloro-2-methylpropane is


[image: ]


For 1-chlorobutane, the rate equation indicates that the slow rate-determining step involves both the chloroalkane and the sodium hydroxide, whereas for 2-chloro-2-methylpropane only the chloroalkane is involved in the slow step.


A few more examples are included in Table 1.7.




[image: ]




You may be asked in an examination to suggest a mechanism that is consistent with the orders of reaction that you have calculated. This involves providing a sequence that has:





•  a rate-determining step consistent with those orders



•  another step that, when the steps are combined, gives the overall equation.





For example, nitrogen(IV) oxide and carbon monoxide react to form nitrogen(II) oxide and carbon dioxide:


[image: ]


The rate equation for this reaction is:


[image: ]


The rate equation indicates that the slow step involves only two molecules of NO2.


This might suggest to you a mechanism with a rate-determining step such as:


[image: ]


or


[image: ]


Both of these are valid suggestions.


Whichever route you suggest, it is then essential that the sum of the steps in the mechanism add up to the overall balanced equation.


So if 2NO2 → 2NO + O2 is suggested as the slow step, a second step can be deduced from the overall equation. It is necessary, in this step, that one of the NO molecules and the O2 react together and that CO is introduced into the reaction. This suggests:


[image: ]


This can be checked by considering whether the slow step and fast step combined give the balanced equation.


[image: ]


This mechanism is, in fact, incorrect. However, it is consistent with the information given and would be allowed in an examination. In fact, the following version is believed to be correct:





•  rate-determining step: 2NO2 → NO + NO3




•  fast step: NO3 + CO → NO2 + CO2






The important point is to make a suggestion that is supported by the balanced equation and the rate equation.




[image: ]


Test yourself





9  Hydrogen reacts with iodine(I) chloride to form iodine and hydrogen chloride.


    The rate equation for the reaction is:


    Rate = k[H2][ICl]







    a)  Write a balanced equation for the reaction.


    b)  The reaction occurs by a two-step process. Suggest a mechanism for the reaction and indicate which is the slow step.





[image: ]





The effect of temperature on rate constants – the Arrhenius Equation


As the temperature of a reaction is raised, more of the particles taking part have energy greater than the activation energy required for the reaction to take place. This can be expressed quantitatively in an important relationship known as the Arrhenius equation:


[image: ]




[image: ]


Tip


Make sure you know how to use your calculator!


[image: ]
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Tip


You will not be expected to remember this equation as it will be provided on the exam data sheet


In this equation:


A is a constant of proportionality known as the pre-exponential factor


e is a number which forms the basis of what is known as natural logarithms


Ea is the activation energy of the reaction


R is the gas constant


T is measured in K (not °C)


If you are not studying maths or physics, this equation may look rather intimidating but do not be too concerned as you will not be expected to use it extensively. You may be familiar with logarithms (log) – they are a means of expressing numbers as a power of 10 so that log 100 = 2 because 102 =100. You can also express numbers in what are known as natural logarithms expressed as ln(n) where n is a number whose natural logarithm is required (see Chapter 14). Both the functions ‘e’ and ‘ln’ can be found on scientific calculators.


[image: ]





The constant A takes account of a number of factors that affect a reaction, such as the effectiveness of the collisions that take place, but you will not be expected to provide details. Every reaction has a different value for A and its size has a considerable effect on the rate of reaction. The units of the pre-exponential factor A are identical to those of the rate constant and vary depending on the order of the reaction.


R is another constant and arises as a constant of proportionality relating the pressure and volume to the temperature of gases. The value of R is provided on the data sheet in the exam.


Although you will not be able to understand how this equation is derived, you must be able to use it to derive the value of the activation energy for a reaction.


If natural logarithms (ln) of the Arrhenius equation are taken, the equation can be written as:


[image: ]


You will recall that a straight line graph can be described by the equation y = mx + c where m is the gradient and c is the intercept


[image: ]


This means that a graph of ln k against 1/T will be a straight line with a gradient of −Ea/R and an intercept of ln A. It might look like Figure 1.15.




[image: ]




But if ln k is negative it would look like Figure 1.16.




[image: ]




The gradient, once measured, will be equal to −Ea/R.




[image: ]


Tip


You could also plot a graph of log k against 1/T and the gradient would then be equal to −Ea/2.3R.


[image: ]
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Example 2


What is the value of the activation energy for a reaction at 410 °C which has a pre-exponential factor of 2.70 × 1011 and a rate constant of 0.00450 dm3 mol−1 s−1?


Answer


[image: ]


and so


[image: ]


The temperature must be in K, so T = 273 + 410 = 683K


and R = 8.314 J K−1 mol−1


Therefore,


[image: ]
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Example 3


At 550 K the rate constant for a reaction is 5.8 × 10−4 s−1.


At 700 K the rate constant for the same reaction is 1.2 × 10−2 s−1.





a Determine the activation energy of the reaction.



b) Calculate the value of the pre-exponential factor, A.





Answer





a) k = Ae−Ea/RT
and ln k = ln A − Ea/RT
R = 8.314 J K−1 mol−1



    Therefore at 550 K,


    ln(5.8 × 10−4) = ln A − Ea/(8.314 × 550)


    and at 700K,


    ln(1.2 × 10−2) = ln A − Ea/(8.314 × 700)


    Subtracting these two equations,
[image: ]




b) Substituting into the first equation,
[image: ]
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Example 4


The rate constant, k, is measured at five different temperatures for the hydrolysis of bromoethane with aqueous sodium hydroxide. The results are shown in Table 1.8.


Table 1.8






	Temperature/°C

	k/s−1






	30

	8.60 × 10−5







	40

	3.35 × 10−4







	50

	1.00 × 10−3







	60

	3.35 × 10−3







	70

	1.64 × 10−2








Calculate the activation energy for the hydrolysis and determine a value for the pre-exponential factor.


Answer


We will use k = Ae−Ea/RT and ln k = ln A − Ea/RT. The data gives values for T and for k. R is given on the data sheet and A and Ea can be deduced by plotting a graph of ln k against 1/T.


First use the data to calculate the temperature (T) in K and then determine 1/T and ln k (Table 1.9).




[image: ]




Then plot a graph of ln k against 1/T as shown in Figure 1.17.




[image: ]




The gradient is obtained using the blue line on the graph and is equal to −Ea/R (R is the gas constant = 8.314 J K−1 mol−1)


y-value is (−9.0) − (−0.90) = −8.1


x-value is 0.00327 − 0.0026 = 0.00067


So, the gradient = −8.1/0.00067 = −12 090 and this equals −Ea/R


Therefore Ea = 12 090 × 8.314 = 100 512 J mol−1 = 100.5 kJ mol−1


The intercept on the y-axis is used to determine the value of the pre-exponential factor, A. However, this should be when x = 0 and the axes as used do not include this point. Therefore, in this case, the value of the intercept at (0.0026, −0.09) must be substituted into the equation:


[image: ]


Remembering that Ea/R = 12 089


ln A = −0.9 + (12 089 × 0.0026) = −0.9 + 31.43 = 30.53 (you could use any other values that lie on the graph)


and A = 1.82 × 1013 s−1


[image: ]
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Test yourself





10 The rate constant, k, is measured at six different temperatures for the elimination of hydrogen iodide from iodoethane,


[image: ]





Table 1.10






	Temperature/K

	k/s−1






	650

	4.02 × 10−4







	675

	1.68 × 10−3







	700

	6.40 × 10−3







	725

	2.19 × 10−2







	750

	6.97 × 10−2







	800

	5.66 × 10−1










    Use the results in Table 1.10 to determine the activation energy and the pre-exponential factor for the elimination of HI from C2H5I.





[image: ]
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Practice questions


Multiple choice questions 1–10




•



1  The table below shows the results of three experiments to determine the orders of reaction of carbon monoxide and chlorine in a reaction to make carbonyl chloride (COCl2).







[image: ]






    What will be the initial rate of reaction in mol dm−3 min−1 if the initial concentration of CO is 0.80 mol dm−3 and the initial concentration of Cl2 is 0.20 mol dm−3?







     A  1.6 × 10−24



     B  3.2 × 10−24



     C  6.4 × 10−24



     D  1.28 × 10−23



(1)







•



2  A substance has a concentration of 2.4 mol dm−3. Its decomposition is first order. If the half-life for this decomposition is 120 s, how long would it take it to decompose until its concentration was 0.15 mol dm−3?







     A  360 s


     B  480 s


     C  600 s


     D  720 s


(1)







•



3  Under some conditions the decomposition of N2O(g) into N2(g) and O2(g) in the presence of a hot platinum wire catalyst is zero order.
If a graph of rate (y-axis) against concentration (x-axis) is drawn, which of the options A–D represents the shape of the graph that will be obtained?


(1)







     A  [image: ]



     B  [image: ]



     C  [image: ]



     D  [image: ]








•



4  The decomposition of a gas, X, is second order. When its initial concentration is 1 mol dm−3 the initial rate of reaction is measured as 0.016 dm3 mol−1 s−1.
What will be the initial rate of reaction when the concentration of X is 0.25 mol dm−3?







     A  0.001 dm3 mol−1 s−1



     B  0.004 dm3 mol−1 s−1



     C  0.009 dm3 mol−1 s−1



     D  0.012 dm3 mol−1 s−1



(1)





Questions 5 and 6 refer to the following reaction.


Propanone and iodine react together in the presence of a hydrogen ion catalyst to form iodopropane.


[image: ]


The rate equation for the reaction is:


[image: ]




•



5  What will be the units of the rate constant, k?







     A  mol dm−3 s−1



     B  mol−1 dm3 s−1



     C  mol2 dm−6 s−1



     D  mol−2 dm6 s−1



(1)







•



6  The reaction was carried out with the following concentrations:
[CH3COCH3] = 0.1 mol dm3, [I2] = 0.1 mol dm3 and [H+] = 1 mol dm3.
The initial rate of reaction is measured as R mol dm−3 s−1.
Which of the following mixtures would give an initial rate that was greater than R?







     A  [CH3COCH3] = 0.05 mol dm−3, [I2] = 0.1 mol dm−3 and [H+] = 2 mol dm−3



     B  [CH3COCH3] = 0.05 mol dm−3, [I2] = 0.2 mol dm−3 and [H+] = 2 mol dm−3



     C  [CH3COCH3] = 0.1 mol dm−3, [I2] = 0.3 mol dm−3 and [H+] = 1 mol dm−3



     D  [CH3COCH3] = 0.1 mol dm−3, [I2] = 0.05 mol dm−3 and [H+] = 2 mol dm−3



(1)







•



7  The following reaction involves two gaseous molecules labelled G and H that react together to form products labelled J, K and L.


    The equation for the reaction is 2G + H → J + K + L


    The reaction has two steps. The slow step is G + H → I + L.


    Which of the following equations gives the equation for the second step?







     A  I + L → J + K


     B  I + L + G → J + K


     C  G + I → J + K


     D  G + H → I + J + K


(1)





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




[image: ]






•



8  Tertiary haloalkanes react with hydroxide ions to form an alcohol. The rate of reaction is first order with respect to the tertiary haloalkane and zero order with respect to the hydroxide ion.


    Which of the following apply to this reaction?







     1  Doubling the concentration of the tertiary halide will double the rate of the reaction.


     2  Doubling the concentration of the hydroxide ion will have no effect on the rate of the reaction.


     3  Raising the temperature will lower the activation energy of the reaction.


(1)







•



9  At room temperature, ozone reacts with nitrogen(II) oxide to form nitrogen(IV) oxide and oxygen.


    In a determination of the order of reaction with respect to nitrogen(II) oxide, a small concentration of nitrogen(II) oxide is reacted with a large excess of ozone and the concentration of nitrogen(II) oxide is measured over a period of time.


    Why is it necessary to have a large excess of ozone present?







     1  So that the effect of ozone on the rate of reaction will be negligible.


     2  So that the order of reaction with respect to ozone will be zero.


     3  To make sure that there is ozone present throughout the reaction.


(1)







•



10 The table below shows the results of three experiments to determine the orders of reaction of X(aq) and Y(aq) in the following reaction:





[image: ]




[image: ]






    Which of the following can be deduced from this data?







     1  The order with respect to X is zero.


     2  The order with respect to Y is 2.


     3  The rate constant is 8.0 dm3 mmol−1 s−1



(1)







•



11 The gaseous oxide N2O5 decomposes to NO2 gas and oxygen.







     a)   Write a balanced equation for the reaction.


     b)   If the rate of disappearance of N2O5 is 3.5 × 10−4 mol dm−3 s−1, what is the







           i)  rate of formation of NO2



           ii) rate of formation of O2?


(3)







•



12 The hydrolysis of methyl ethanoate in alkali is first order with respect to the ester and first order with respect to hydroxide ions. The rate of reaction is 0.000 69 mol dm−3 s−1, at a given temperature, when the ester concentration is 0.050 mol dm−3 and the hydroxide ion concentration is 0.10 mol dm−3.


    Write out the rate equation for the reaction and calculate the rate constant.


(3)







•



13 If concentrations are measured in mol dm−3 and rate as mol dm−3 s−1, deduce the units of k for a reaction that has the rate equation:







     a)   rate = k[A][B][C]


     b)   rate = k[A]2[B].


(3)







•



14 The table gives data for the reaction:





[image: ]






	Initial concentration NOCl/mol dm−3

	Initial rate of reaction/mol dm−3 s−1






	0.1

	4 × 10−10







	0.2

	1.6 × 10−9







	0.4

	6.4 × 10−9










     a)   Calculate the order with respect to NOCl.


     b)   Calculate the value of the rate constant and give its units.


     c)   What is the initial rate of reaction when the initial concentration of NOCl is 0.15 mol dm−3?


[7]







•



15 Aqueous mercury(II) chloride can be reduced by aqueous ethanedioate ions. A precipitate of mercury(I) chloride is obtained.


    The equation is:





[image: ]




    The initial rates of reaction at various concentrations of aqueous mercury(II) chloride and aqueous ethanedioate ions were obtained by measuring the amount of mercury(I) chloride precipitated. The initial rate can be expressed in units of mol dm−3 min−1 of mercury(II) chloride that has reacted.
The results are shown in the table.









	
Initial concentration of HgCl2(aq)/mol dm−3


	
Initial concentration of (COO)22−(aq)/mol dm−3


	
Initial rate/mol dm−3 min−1







	0.08

	0.02

	0.48 × 10−4







	0.08

	0.04

	1.92 × 10−4







	0.04

	0.04

	0.96 × 10−4










     a)   Determine the orders of reaction with respect to:







           i)  (COO)22−(aq)


           ii) HgCl2(aq).







     b)








           i)  Determine the rate equation for this reaction.


           ii) Calculate the value of the rate constant. Quote the units.


(7)







•



16 The table gives data for the reaction:





[image: ]
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     a)   Determine the rate equation for this reaction.


     b)   Calculate the value of k, including its units.


     c)   What is the initial rate of reaction, x, for the initial concentrations shown in the last row of the table?


(9)







•



17 a)  The data in the table below gives some results of the measurement of the rate of reaction of 1-bromobutane with hydroxide ions.
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           i)  Give the equation for the reaction.


           ii) Deduce the rate equation for the reaction.







     b)   The data in the table below gives some results of the measurement of the rate of reaction of 2-bromo-2-methylpropane with hydroxide ions.







[image: ]






           i)  Give the equation for the reaction.


           ii) Deduce the rate equation for the reaction.







     c)








           i)  What type of reaction is taking place in these two experiments?


           ii) How do the mechanisms of the two reactions differ?


          iii) By how much do the values of the rate constant differ in the two reactions?


(18)







•



18 Explain how the results given in the table indicate that the reaction is first order with respect to the reactant, B.


(4)







[image: ]






•



19 Two reagents X and Y react together according to the equation:





[image: ]




     a)   The concentration of X is measured in the presence of such a large excess of Y that it can be assumed that Y has no effect on the reaction rate.


          The results obtained are shown in the table.







[image: ]






          Plot a graph to deduce the order of reaction with respect to X.


     b)   The experiment is repeated, but this time X is present in sufficient excess for the rate of reaction to depend only on Y. The results obtained are shown in the table.







[image: ]






          Deduce the order of reaction with respect to Y.


     c)   Using your answers to parts a and b:







           i)  Write the overall rate equation for the reaction.


           ii) Deduce a value for the initial rate of the reaction.


          iii) Deduce a value for the rate constant.


(11)







•



20 a)  Hydrogen peroxide decomposes according to the equation:







          [image: ]



          The following results were obtained in an experiment to measure the decomposition of hydrogen peroxide in the presence of an acid catalyst.







[image: ]






          Show, by plotting a graph, that the acid-catalysed decomposition of hydrogen peroxide is first order.


     b)   Use an expression relating the rate constant and the half-life to determine a value for the rate constant.


(4)







•



21 Sulfuryl chloride decomposes in an organic solvent as follows:





[image: ]




    The decomposition of sulfuryl chloride is followed by measuring its concentration every 30 min. The results obtained are shown in the table.







[image: ]






     a)   Determine the order of reaction.


     b)   Calculate the rate constant.


     c)   Confirm your answer to part b using an equation which relates the rate constant and the half-life to determine a value for the rate constant.


(10)







•



22 Ammonia gas decomposes to nitrogen and hydrogen in the presence of a hot platinum wire. Experiments show that the reaction continues at a constant rate until all the ammonia has disappeared.







     a)   Sketch a concentration–time graph for the reaction and deduce the rate.


     b)   Write the balanced chemical equation and the rate equation for this reaction.


     c)   Give the units of the rate constant.


(6)







•



23 The rate equation for the reaction 2NO2(g) + F2(g) → 2NO2F(g) is rate = k[NO2(g)][F2(g)].


    Suggest a two-step mechanism for the reaction which is consistent with the rate equation. Indicate which is the rate-determining step.


(3)







•



24 The decomposition of hydrogen peroxide into oxygen and water can be catalysed by iodide ions. When this occurs, the rate equation for the reaction is rate = k[H2O2(aq)][I−(aq)].


    Suggest a two-step mechanism for the reaction which is consistent with the rate equation. Indicate which is the rate-determining step.


(3)







•



25 Hydrogen reacts with nitrogen(II) oxide to form water and a gas with relative molecular mass = 28. The rate equation is r = k[H2][NO]2.







     a)   Identify the gas with relative molecular mass of 28.


     b)   Write a balanced equation for the reaction.


     c)   The reaction occurs by a two-step process. Suggest a mechanism for the reaction and indicate which is the slow step.


(5)







•



26 Three possible mechanisms for the reaction of nitrogen(II) oxide and oxygen to make nitrogen(IV) oxide (2NO + O2 → 2NO2) have been suggested:


    Mechanism X:





[image: ]




    Mechanism Y:





[image: ]




    Mechanism Z:





[image: ]




     a)   Write the rate equation for each mechanism.


     b)   When this reaction is investigated using the initial rates procedure, the initial partial pressures of the gases are used as measures of their concentrations.


          The results obtained are shown in the table.









	Initial pressure of NO/kPa

	
Initial pressure of O2/kPa


	
Initial rate/kPa hr−1







	50

	50

	0.100






	50

	20

	0.040






	100

	60

	0.480









           i)  Calculate the orders of reaction with respect to NO and O2.


           ii) Which of the above mechanisms X, Y and Z is compatible with your answers to part i)?


(9)







•



27 Calculate the activation energy (in kJ mol−1) for a reaction which has a pre-exponential factor of 3.05 × 105 mol dm−3 s−1 and a rate constant of 0.0450 mol dm−3 s−1 at 650 K.


(3)







•



28 Calculate the value of the pre-exponential factor if a reaction at 600 °C has rate constant of 0.0082 min−1 and an activation energy of 96 kJ mol−1.


(5)







•



29 At 400 K the rate constant for a reaction is 3.2 × 10−4 s−1.


    At 500 K the rate constant for the same reaction is 8.4 × 10−3 s−1.







     a)   Determine the activation energy of the reaction?


     b)   Calculate the value of the pre-exponential factor, A.


(10)







•



30 Iodine(I) chloride reacts with hydrogen to form iodine and hydrogen chloride.





[image: ]




    The rate constant for this reaction is measured at various temperatures and the results are shown in the table.









	Temperature/K

	k/dm6 mol−2 s−1






	500

	0.128






	510

	0.277






	515

	0.367






	520

	0.579






	525

	0.829









    Calculate the activation energy and the pre-exponential factor for this reaction.


(8)







•



31 The rate constant, k, for the dissociation of hydrogen iodide varies with temperature.





[image: ]






	Temperature T/°C

	k × 105/dm3 mol−1 s−1






	400

	4.130






	450

	42.05






	500

	186.5






	550

	1498






	600

	5213









     a)   Plot ln k against 1/T and calculate the activation energy for the forward reaction.


     b)   Calculate the activation energy for the reverse reaction.


(9)
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