AP Chemistry
Unit 5 – Kinetics: Chapter 14
 
This unit focuses on acids, bases, and acid-base equilibrium. We'll begin by exploring three models of acids and bases. We'll also study the pH scale. This is a tool for expressing very small hydrogen ion concentrations in terms of positive numbers between 0 and 14, considering in particular weak acids and bases. These are substances that don't ionize completely in water. Their equilibrium pH provides clues about the extent to which they ionize. Weak acids and bases dissociate only partially in solution. In fact, most acid or base molecules remain undissociated when the reaction reaches equilibrium. We’ll explore the acid-base

Learning Targets
12.1: Describe what is meant by “Rate of Reaction.”
12.2: Use experimental data to derive the Integrated Rate Law and the Differentiated Rate Law.
12.3: Apply the Collision Theory of Kinetics to describe what factors influence the rates of reactions.
12.4: Compare Mechanisms of reactions and justify the choice of the best mechanism.
12.5: Explain the action of Catalysts in a reaction.

Chapter 14 Problem Set: p. 617
[bookmark: _GoBack]2, 7, 8, 13, 27, 37, 49, 63, 65, 69, 77, 78
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AP Chemistry Podcast 12.1: Rates of Reaction
· Rate: Measures 

· In chemistry we look at the ___________  ____   ______________ changing per unit time
· 

· For this reaction
N2 + 3H2    →       2NH3




















· As the reaction progresses the concentration of H2 goes _____________
· As the reaction progresses the concentration N2 goes down _________  as fast
· As the reaction progresses the concentration NH3 goes _________.
Reaction Rate: the speed of a chemical reaction
· Measured by the change in ________________________ of reactants or products per unit time
· Units: 

· Average rate: 

· Instantaneous Rate: 

Instantaneous Rate vs Average Rate
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Consider the decomposition of N2O5 to give NO2 and O2 by the reaction N2O5 (g)  4NO2 (g) + O2 (g)
From the graph, at t = 300s to t = 400s

[image: ]

	Time (s)
	Concentration (M)

	
	N2O5
	NO2
	O2

	0
	0.0200
	0
	0

	100
	0.0169
	0.0063
	0.0016

	200
	0.142
	0.0115
	0.0029

	300
	0.0120
	0.0160
	0.0040

	400
	0.0101
	0.0197
	0.0049

	500
	0.0086
	0.0229
	0.0057

	600
	0.0072
	0.0256
	0.0064

	700
	0.0061
	0.0278
	0.0070

	
	Reactants decrease with time
	Products increase with time

	Rate O2 = 

Rate NO2 = 

Rate N2O5 = 
	
	


Stoichiometry and Rates
· For the reaction		aA + bB  cC + dD

[image: ]

[image: ]

Assignment #1

1.       2N2O5 (g)  4NO2(g) + O2(g) 
	What is the ratio of the rate of decomposition of N2O5 to the rate of the formation of NO2? 
	(A) 1:2	(C) 1:4
(B) 2:1	(D) 4:1 
2. At a certain temperature the first-order decomposition of hydrogen peroxide exhibits these data. 
	time (seconds, s)
	[H2O2](mol L¯1)

	0
	2.0

	15
	1.0


	At what time will the [H2O2] = 0.50 mol L¯1? 
	(A) 30. s	(C) 22 s
(B) 25 s	(D) 20. s 

3. The reaction 3O2  2O3 is proceeding with a rate of disappearance of O2 equal to 0.60 mol/Ls.  What is the rate of appearance of O3, in mol/Ls?
	a)	0.60	d)	0.90
	b)	0.40	e)	1.20
	c)	0.10



Podcast 12.2A: Writing Rate Laws – The Differentiated Rate Law
Writing the Rate Law From Initial Concentrations
Example 1:
NH4+ + NO2- → N2 + 2H2O
1. Write the rate law
2. Solve for k
	Experiment
	Initial [NH4+]
	Initial [NO2-]
	Initial Rate of Formation of N2

	1
	0.100 M
	0.0050 M
	1.35 x 10-7

	2
	0.100 M
	0.010 M
	2.70 x 10 -7

	3
	0.200 M
	0.010 M
	5.4 x 10-7









Orders of Reaction
· Differentiated Rate Law (aka, rate law):    Rate = k [A]x [B]y
· k = rate constant – cannot be “calculated,” must be determined experimentally
	Rate =
	Order
	Units

	k[A]
	
	

	k[A]2
	
	

	k[A][B]
	
	

	k[A][B]2
	
	



· Units for k Depend on the Order of the Rate Law
· Units for rate are :

· Units for k will be whatever units make the rate law units work out to be M/s


Example 2: S2O82- + 3I- → 2SO4 2- + I3-
	Experiment
	Initial [S2O82-]
	Initial [I-]
	Initial Rate 

	1
	0.018 M
	0.036 M
	2.6 x 10-6

	2
	0.027 M
	0.036 M
	3.9 x 10-6

	3
	0.036 M
	0.054 M
	7.8 x 10-6

	4
	0.050 M
	0.072 M
	1.4 x 10-5



A. Determine the rate law of the reaction above.
B. Determine the value of k (with units)
C. How is the rate of disappearance of S2O82- related to the rate of disappearance of I- ?
D. What is the rate of disappearance of I when [S2O82-] = 0.015 M and [I-] = 0.040 M?











Podcast 12.2B Writing Rate Laws – The Integrated Rate Law
Integrated Rate Law: Try to figure out how to get a straight line on a graph!
First Order Reactions: 
	



Second Order Reactions: 



	
Zero Order Rate Law
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Using the Integrated Rate Law
Example 3: For the gas-phase decomposition of nitrogen dioxide at 300 oC, NO2 → NO + ½ O2 , A) write the rate law and B) determine the value of the rate law constant.
	Time (s)
	[NO2] (M)

	0.0
	0.01000

	50.0
	0.00787

	100.0
	0.00649

	200.0
	0.00481

	300.0
	0.00380




Example 4: a flask is charged with 0.100 mol of A and allowed to react to form B according to the hypothetical gas-phase reaction A (g) → B  (g). 
A. Determine whether the reaction is first order or second order.
B. What is the value of the rate constant?
C. What is the half-life?
	Time (s)
	Moles of A

	0.0
	0.100

	40
	0.067

	80
	0.045

	120
	0.030

	160
	0.020



Using Half-Lives with the Integrated Rate Law
Example 5: The reaction of C4H9Cl with water is a first-order reaction. 
C4H9Cl + H2O → C4H9OH + HCl

   A. From the graph, estimate the half-life for this reaction. 
   B. Use the half life to calculate the rate constant.

















Half-Life, t1/2 – time required for the concentration of a reactant to drop to one half its initial value
[image: ]
Example 6: The decomposition of a certain insecticide in water follows first order kinetics with a rate constant of 1.45 yr-1 at 12o C. A quantity of this insecticide is washed into a lake on June 1, leading to a concentration of 5.0 x 10-7 g/cm3  
A. What is the concentration of the insecticide on June 1 of the following year?
B. How long will it take for the concentration of the insecticide to drop to an EPA-acceptable level of 3.0 x 10-7 g/cm3 ?












Example #7: A certain first-order reaction is 23.0% complete in 42 seconds. Determine the rate constant and the half-life for this process. 













Example #8: A certain second-order reaction is 67.0% complete in 27.3 seconds. Determine the rate constant and the half-life for this process.




Assignment #2
1. The rate law for the reaction  2NO(g) + O2(g)  2NO2(g)  is Rate = k[NO]2[O2].  What happens to the rate when the concentration of NO is doubled?
	a)	the rate doubles 	d)	the rate is halved
	b)	the rate triples 	e)	none of these
         c) the rate quadruples

2. Data for the decomposition of N2O5 in a particular solvent at 45C are as follows:

	[N2O5] (mol/L)
	t (min)
	
	ln[N2O5]
	1/[N2O5]

	2.08
	3.07
	
	
	

	1.67
	8.77
	
	
	

	1.36
	14.45
	
	
	

	0.72
	31.28
	
	
	



Plot [N2O5], ln[N2O5], and 1/[N2O5] versus time, t, as three graphs.  Attach them to this paper.
What is the order of the reaction? ____  What is the rate constant, k, for the reaction? _________

3. A certain second-order reaction is 22.3 % complete in 177 seconds. Calculate the rate constant and the half-life for this process.



4. Information for the chemical reaction was collected by measuring the concentration of A, [A], at a particular temperature. Concentration versus time data were collected for this reaction and a plot of	versus time resulted in a straight line with a slope value of + 0.230622 sec-1. Calculate the time required for this reaction to be 84.6 % complete. Also, calculate the half-life time.




5. Information for the chemical reaction was collected by measuring the concentration of A, [A], at a particular temperature. Concentration versus time data were collected for this reaction and a plot of ln [ A ] versus time resulted in a straight line with a slope value of - 0.00930622 sec-1. Calculate the time required for this reaction to be 26.6 % complete. Also, calculate the half-life time.







6. A certain first-order reaction has 63.3 % concentration remaining after 403 seconds. Calculate the rate constant and the half-life for this process.







7. The rate of decomposition of azomethane, C2H6N2, was studied by monitoring the partial pressure of the reactant as a function of time. Determine if the data below support a first order reaction. Calculate the rate constant for the reaction. 
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8. The reaction 2NOBr (g)  2 NO (g) + Br2 (g) is a second order reaction with respect to NOBr.  k = 0.810 M-1s-1 at 10oC. If [NOBr]o = 7.5 x10-3 M, how much NOBr will be left after a reaction time of 10 minutes? Determine the half-life of this reaction.




9. 1982 FRQ #2
A(aq) + 2 B(aq) ----> 3 C(aq) + D(aq) 
For the reaction above, carried out in solution at 30 °C, the following kinetic data were obtained:
	Experiment 
	Initial concentration of Reactants
mole liter¯1 
	Initial Rate of Reaction
mole liter¯1 hour¯1 

	
	Ao 
	Bo 
	

	1 
	0.240 
	0.480 
	8.00 

	2 
	0.240 
	0.120 
	2.00 

	3 
	0.360 
	0.240 
	9.00 

	4 
	0.120 
	0.120 
	0.500 

	5 
	0.240 
	0.0600 
	1.00 

	6 
	0.0.140 
	1.35 
	? 


(a) Write the rate-law expression for this reaction.
(b) Calculate the value of the specific rate constant k at 30 °C and specify its units.
(c) Calculate the value of the initial rate of this reaction at 30 °C for the initial concentrations shown in experiment 6.
(d) Assume that the reaction goes to completion. Under the conditions specified for experiment 2, what would be the final molar concentration of C?
Podcast 12.3:  Collision Theory
How to Get a Prom Date









Collision Theory of Reaction Rate
· 

· _____________________ of kinetic energy causes particles to bounce back without reacting
· Collision theory states that in order for a chemical reaction to occur, the reactant atoms or molecules must _______________________ with each other
Effective Collision
· When molecules approach one another, the valence electrons from one molecule _________________ the valence electrons in the other molecule and distort the existing bonds
· If the reactant molecules collide with sufficient ________________ and in the correct ____________________, the repulsion between valence electrons will break the existing bonds, allowing new (lower energy) bonds to form
Sketch Here
[image: ]

Ineffective Collision
· if the reactant molecules do not collide with sufficient energy or collide in the wrong orientation, the existing bonds are not broken and _______   _________________________ occurs. 
Sketch Here
[image: ]

Chemical __________________: area of chemistry that is concerned with the speeds or rates of reactions
Factors Impacting Reaction Rate:
1. Physical ______________________ of Reactants –

2. _________________________ of Reactants – 
3. Reaction Temperature – 

4. Presence of a ________________________ – 


Temperature and Rate
Collision Model: molecules must collide in order to react
Molecules must collide with other “________________________________” molecules for the collision to be effective
Activation Energy: 



Activation Energy
· The _______________________________ amount of energy that particles must have in order to react
· A barrier that reactants must cross in order to convert into products.
[image: http://media-2.web.britannica.com/eb-media/28/4728-004-3ED6A907.gif]

Activated Complex: 

· Only exits for about 10-13 s
· “New Reactants”
· Also called the “_____________________________   __________________”
Addition of a Catalyst
[image: http://www.columbia.edu/cu/biology/courses/c2005/purves6/figure06-14.jpg]
Arrhenius
· Said that reaction rate should ____________________ with temperature.
· 

· The number of collisions with the necessary energy increases 
______________________________.
[image: ]


Number of collisions with the required energy

· z = total collisions
· e is Euler’s number (opposite of ln)
· Ea = activation energy
· R = ideal gas constant
· T is temperature in Kelvin



Activatied complex: “prepared” molecules for a reaction
[image: ]


· f = The fraction of molecules that have an energy equal or greater to Ea
[image: ]
Arrhenuis Equation
[image: ]
Calculating the Activation Energy for a Reaction
· Rearrange the Arrhenius Equation





· Utilize reaction data
[image: ]
Example: Using Arrhenius
Calculate the activation energy (Ea) for the reaction 
N2O5(g) → 2NO2(g) + ½ O2(g)
 from the observed rate constants at the following two temperatures: 
(a) at 25oC, k = 3.46x10-5s-1 and (b) at 55oC, k = 1.5x10-3s-1.






Assignment #3: The Arrhenius Equation
1. For the hypothetical reaction A + B C + D, the activation energy is 32 kJ/mol. For the reverse reaction(C+DA+B),the activation energy is 58kJ/mol. Is the reaction A+BC+D exothermic or endothermic? Justify your answer.





2. Calculate the activation energy (Ea) for the reaction N2O5(g) 2NO2(g) + 1⁄2 O2(g), from the observed rate constants at the following two temperatures: 
(a) at 25oC, k = 3.46x10-5 s-1  
(b) at 55oC, k = 1.5x10-3 s-1








3. For a certain reaction, the constant A in the Arrhenius equation is 6.00x1012 mol/Ls and Ea = 100. kJ/mol. What is the rate constant at 400. K?









Podcast 12.4: Mechanisms of Reactions
Reaction _______________________________: 


·  

· Two or three chemical reactions, referred to as _________________________________ reactions or elementary steps, shown one on top of the other. 
· How Do We Know the Mechanism is Correct? 
1. 

2. 
Mechanisms  and rates 
· There is an ________________________  ___________________ for each elementary step.
· Activation energy determines k.






· k  determines rate
· _________________________________  step (rate determining) must have the highest activation energy.

Example One: nitrogen dioxide and carbon monoxide react by the balanced chemical equation: 
NO2 (g) + CO(g) → NO(g) + CO2 (g) 
Analysis of the reaction has detected the presence of the substance NO3 , which is neither a reactant nor a product of the reaction. One explanation for this finding is that the reaction proceeds in two steps: 
Step 1 ) NO2 + NO2 → NO3 + NO 
Step 2 ) NO3 + CO → NO2 + CO2 
Sum of steps NO2 + NO2 + NO3 + CO → NO3 + NO + NO2 + CO2 
Overall equation NO2 + CO → NO + CO2 
Sketch Here

[image: ]
                                 
Reaction _______________________________________: 


Intermediates are produced during the reaction, but are __________________    in a later step 

Molecularity is :
· In each elementary step, the number of molecules that take part in the reaction determines the ____________________________________ of that step.
· Unimolecular: _______________ molecule is involved 
· Bimolecular: _________  molecules reacting
· Termolecular: reactions involve _________________ molecules (reacting) but are quite rare because they require the simultaneous collisions of three molecules. 

Example Two: Using the two elementary steps shown below, construct the balanced equation, and determine the molecularity of each step. 
· NO2 + F2 → NOF2 + O 
· NO2 + O → NO3 
· NOF2 + NO2 → NO2F + NOF 
· NO3 + NOF → NO2F + NO2 

Molecularity and Rate Law
	A  		products     	Rate = k[A]
	A+A       	products	Rate= k[A]2
	2A  	  	products	Rate= 
	A+B        	products	Rate= 
	A+A+B      	products    	Rate= 
	2A+B       	products      	Rate= 
	A+B+C      	products 	Rate= 
RATE-DETERMINING STEP: 
· In reaction mechanisms, the different elementary steps tend to occur at different _________________. 
· The ____________________________ step is known as 


Getting Rid of Intermediates
· 


· If the reactions are fast and irreversible – 


· If it is formed by a reversible reaction set the rates ______________________ to each other.

Example Three: Intermediates Formed in Reversible Reactions
2 NO + O2   2 NO2
Mechanism
· 2 NO 	   	N2O2  		(fast)
· N2O2 + O2  	     2 NO2  	(slow)
rate = 

Example Four: Formed in fast reactions
· 2 IBr 	 I2+ Br2 
· Mechanism
· IBr			I + Br 			(fast)
· IBr + Br          I + Br2				(slow)
· I + I		I2 				(fast)
· Rate =


Example Five: The reaction between NO and H2 is believed to occur in the following three-step process. 
NO + NO → N2O2 (fast) 
N2O2+ H2 →  N2O + H2O (slow) 
N2O + H2 →  N2 + H2O (fast) 
(a) Write a balanced equation for the overall reaction. 
(b) Identify the intermediates in the reaction. Justify your answer. 
(c) From the mechanism represented above, a student correctly deduces that the rate law for the reaction is rate = k [NO]2 [H2]. The student then concludes that (1) the reaction is third-order and (2) the mechanism involves the simultaneous collision of two NO molecules and an H2 molecule. Are conclusions (1) and (2) correct? Explain. 











Assignment #4 AP KINETICS, MUCH MORE PRACTICE

Answer the following questions related to the kinetics of chemical reactions. 

2 NO(g) +2 H2(g)  N2(g) + 2 H2O(g)
1. Experiments were conducted to study the rate of the reaction represented by the equation above. Initial concentrations and rates of reaction are given in the table below.
[image: ]
a. (i) Determine the order for each of the reactants, NO and H2 
(ii) Write the overall rate law for the reaction.
b. Calculate the value of the rate constant, k, for the reaction. Include units.
c. For experiment 2, calculate the concentration of NO remaining when exactly one-half of the original amount of H2 had been consumed.
d. The following sequence of elementary steps is a proposed mechanism for the reaction.
I. NO+NON2O2 
II. N2O2 +H2  H2O+N2O
III. N2O+H2  N2 +H2O 
Based on the data presented, which of the above is the rate-determining step?






2. The reaction between NO and H2 is believed to occur in the following three-step process.

I. NO + NO   N2O2 				(fast)
II. N2O2+ H2  N2O + H2O				(slow)
III. N2O + H2   N2	+ H2O 				(fast)

a. Write a balanced equation for the overall reaction.
b. Identify the intermediates in the reaction. Justify your answer.
c. From the mechanism represented above, a student correctly deduces that the rate law for the reaction is rate = k [NO]2 [H2]. The student then concludes that (1) the reaction is third-order and (2) the mechanism involves the simultaneous collision of two NO molecules and an H2 molecule. Are conclusions (1) and (2) correct? Explain.
d. Explain why an increase in temperature increases the rate constant, k, given the rate law in (c).





4. The ozone layer in the earth’s upper atmosphere is important in shielding the earth from very harmful ultraviolet radiation. The ozone, O3, decomposes according to the equation 2O3(g) → 3O2(g) . The mechanism of the reaction is thought to proceed through an initial fast equilibrium and a slow second step. 
Step 1. Fast, equilibrium O3(g)  O2(g) + O(g) 
Step 2. Slow O3(g) + O(g) → 2O2(g) 
a. Which of the steps is the rate-determining step?
b. Write the rate law for the rate-determining step.
c. What is the molecularity of each step?

2003 
In a study of the kinetics of the reaction represented, the following data were obtained at 298 K.
	5 Br-(aq) + BrO3-(aq) + 6 H+(aq)  3 Br2(l) + 3 H2O(l)

	Experiment
	Initial [Br-] ( mol L-1)
	Initial [BrO3-] (mol L-1)
	Initial [H+] (mol L-1)
	Rate of Disappearance of BrO3- (mol L-1 s-1)

	1
	0.00100
	0.00500
	0.100
	2.50 x 10-4

	2
	0.00200
	0.00500
	0.100
	5.00 x 10-4

	3
	0.00100
	0.00750
	0.100
	3.75 x 10-4

	4
	0.00100
	0.0150
	0.200
	3.00 x 10-3



a.	From the data given, determine the order of the reaction for each reactant listed below.  Show your reasoning.

		i.	Br-

		ii.	BrO3-

		iii.	H+

b.	Write the rate law for the overall reaction.

c.	Determine the value of the specific rate constant for the reaction at 298 K.  Include the correct units

d.	Calculate the value of the standard cell potential, Eo, for the reaction using the information in the table below.

	
	Half – reaction
	Eo (V)

	Br2(l) + 2 e-  2 Br-(aq)
	+ 1.065

	BrO3-(aq) + 6 H+(aq) + 5 e-  ½ Br2(l) + 3 H2O(l)
	+ 1.52



e.	Determine the total number of electrons transferred in the overall reaction.



Podcast 12.5: Catalysts

Catalysts:

· [image: ]_____________________ are biological catalysts.
Types of Catalysts
· Homogenous Catalysts are in the same _________________ as the reactants.
· ________________________ Catalysts are in a different phase as the reactants.
How Catalysts Work
· 

· New pathway has a 

.
· [image: ]_____________________ molecules will have this activation energy.
·  Do not change  

Heterogenous Catalysts
· Hydrogen bonds to surface of metal.
· Break H-H bonds
· The double bond breaks and bonds to the catalyst.
· The hydrogen atoms bond with the carbon
Homogenous Catalysts
· Chlorofluorocarbons catalyze the decomposition of ozone. ___________________________ Phase
· Enzymes regulating the body processes. (Protein catalysts)____________________________ Phase
Catalysts and Rate
· 

· Past a certain point adding more reactants won’t change the rate.

· _________________ Order
· Rate increases until 


· .









Example
 (I) A2 + B2 ---> 2 AB
              (II) X2 + Y2 ---> 2 XY
Two reactions are represented above. The potential-energy diagram for reaction I is shown below. The potential energy of the reactants in reaction II is also indicated on the diagram. Reaction II is endothermic, and the activation energy of reaction I is greater than that of reaction II.
[image: 95fig9]
a) Complete the potential-energy diagram for reaction II on the graph above.
b) For reaction I, predict how each of the following is affected as the temperature is increased by 20°C. Explain the basis for each prediction.
(i) Rate of reaction
(ii) Heat of reaction



Assignment #5 FRQ Practice
2005 FRQ # 3
Answer the following questions related to the kinetics of chemical reactions.

			      OH-
	I-(aq) + ClO-(aq)        IO-(aq) + Cl-(aq)

Iodide ion, I-, is oxidized to hypoiodite ion, IO-, by hypochlorite, ClO-, in basic solution according to the equation above.  Three initial rate experiments were conducted; the results are shown in the following table.
	Experiment	[I-]  			[ClO-]  	Initial rate of formation of IO-
			(mol L-1)		(mol L-1)		(mol L-1 s-1)
		1	0.017			0.015			0.156
		2	0.052			0.015			0.476
		3	0.016			0.061			0.596

a)	Determine the order of the reaction with respect to each reactant listed below.  Show your work.
		i)	I-(aq)
		ii)	ClO-(aq)

	b)	For the reaction,
		i)	write the rate law that is consistent with the calculations in part a)
		ii)	calculate the value of the specific rate constant, k, and specify units



The catalyzed decomposition of hydrogen peroxide, H2O2(aq), is represented by the following equation. 

catalyst
	2 H2O2(aq)  	 		2 H2O(l) + O2(g)

The kinetics of the decomposition reaction were studied and the analysis of the results show that it is a first order reaction.  Some of the experimental data are shown in the table below.
		[H2O2]				Time
		 (mol L-1)			(minutes)
		1.00				0.0
		0.78				5.0
		0.61				10.0
	c)	During the analysis of the data, the graph below was produced.
[image: Figure 3 - Form A]		i)	label the vertical axis of the graph.
ii)	What are the units of the rate constant, k, for the decomposition of H2O2(aq)?
iii)	On the graph, draw the line that represents the plot of the uncatalyzed first order decomposition of 1.00 M H2O2(aq).
2006 FRQ # 6
	(d)	Consider the four reaction-energy profile diagrams shown below.
    [image: vc060174-2]
(i)  Identify the two diagrams that could represent a catalyzed and an uncatalyzed reaction pathway for the same reaction. Indicate which of the two diagrams represents the catalyzed reaction pathway for the reaction.
(ii)  Indicate whether you agree or disagree with the statement in the box below. Support your answer with a short explanation.
	Adding a catalyst to a reaction mixture adds energy that causes the reaction to proceed more quickly.



2010 FRQ #3
8 H+(aq) + 4 Cl-(aq) + MnO4-(aq)  2 Cl2(g) + Mn3+(aq) + 4 H2O(l)
Cl2(g) can be generated in the laboratory by reacting potassium permanganate with an acidified solution of sodium chloride.  The net ionic equation for the reaction is given above.
a.	A 25.00 mL sample of 0.250 M NaCl reacts completely with excess KMnO4(aq).  The Cl2(g) produced is dried and stored in a sealed container.  At 22 oC the pressure of the Cl2(g) in the container is 0.950 atm.
		i.	Calculate the number of moles of Cl-(aq) present before any reaction occurs.
		ii.	Calculate the volume, in L, of the Cl2(g) in the sealed container.

An initial rate study was performed on the reaction system.  Data for the experiment are given in the table below.
	Trial	[Cl-]		[MnO4-]	[H+]		Rate of disappearance of MnO4- in M s-1
	1	0.0104		0.00400	3.00		2.25 x 10-8
	2	0.0312		0.00400	3.00		2.03 x 10-7
	3	0.0312		0.00200	3.00		1.02 x 10-7
b.	Using the information in the table, determine the order of the reaction with respect to each of the following.  Justify your answers.
		i.	Cl-
		ii.	MnO4-
c.	The reaction is known to be third order with respect to H+.  Using this information and your answers to part b above, complete both of the following
		i.	Write the rate law for the reaction.
ii.	Calculate the value of the rate constant, k, for the reaction, including appropriate units.
	d.	Is it likely that the reaction occurs in a single elementary step?  Justify your answer.
Concentration of butyl chloride 
as a function of time
[chlorobutane] (M)	0.0	50.0	100.0	150.0	200.0	300.0	400.0	500.0	800.0	0.1	0.09	0.082	0.0750000000000001	0.0685	0.0550000000000001	0.045	0.0370000000000001	0.02	Time (s)

[butylchloride] (M)
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Consider the decomposition of N2O5 to give NO2 and O2:       



2N2O5(g) 4NO2(g) + O2(g)



reactants 
decrease with 



time



products 
increase with 



time
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Example: The rate of decomposition of azomethane (C2H6N2) was 
studied by monitoring the partial pressure of the reactant as a function of 
time.
Determine if the data below support a first order reaction. 
Calculate the rate constant for the reaction.



Time 
(s)



P 
(mmHg ln (P)



0 284 5.65
100 220 5.39
150 193 5.26
200 170 5.14
250 150 5.01



Plot of lnP vs. time



y = -0.0026x + 5.6485
R2 = 1



4.90
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5.10
5.20
5.30
5.40
5.50
5.60
5.70
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time (s)



ln
 P



k = 2.6x10-3s-1



Reaction Half-Life
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Orientation factors into the equation



The orientation of a molecule during collision can have a 
profound effect on whether or not a reaction occurs.



Some collisions do not lead to reaction even if there is sufficient 
energy.



The Arrhenius Equation



Arhenius discovered that most reaction-rate data obeyed an equation 
based on three factors:



(1) The number of collisions per unit time.



(2) The fraction of collisions that occur with the correct orientation.



(3) The fraction of the colliding molecules that have an energy 
greater than or equal to Ea.



From these observations Arrhenius developed the aptly named 
Arrhenius equationArrhenius equation.
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The Arrhenius Equation:



Temperature dependence of the Rate Constant



Most reactions speed up as temperature increases.  



(example: food spoils when not refrigerated.)



k f (T)



Where �“f�” is some function.



The magnitude of a first order rate constant is seen to increase
exponentially with an increase in temperature.



f (T)k(T) e



Therefore one can Therefore one can 
conclude that:conclude that:
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N2O(g) + O2(g) N2(g) + NO2(g)
Consider the reaction:



The progress of a reaction 
can be described by a 



Reaction Coordinate



Reactants



Products



Recall for KMT that the temperature for a system of particles is
described by a distribution. 



At higher temps, more particles have enough energy to go over the 
barrier.



E > EaE < Ea



Since the probability of 
a molecule reacting 
increases, the rate 
increases.
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AP CHEMISTRY PAGE 1 OF 2 
 



TOPIC 8: KINETICS,  MUCH  MORE  PRACTICE                     Day 107: 
 
 
1.   Answer the following questions related to the kinetics of chemical reactions. 
 



2 NO(g) +2 H2(g)  N2(g) + 2 H2O(g) 
 



Experiments were conducted to study the rate of the reaction represented by the equation above. Initial concentrations and rates of 
reaction are given in the table below. 



 Initial 
Concentration 



(mol/L) 



Initial Rate of 
Formation of N2 



Experiment [NO] [H2] (mol/L. min) 
1 0.0060 0.0010 1.8 10-4 



2 0.0060 0.0020 3.6 10-4 



3 0.0010 0.0060 0.30 10-4 



4 0.0020 0.0060 1.2 10-4 



 
(a) (i) Determine the order for each of the reactants, NO and H2 
 (ii) Write the overall rate law for the reaction. 
(b) Calculate the value of the rate constant, k, for the reaction. Include units. 
(c) For experiment 2, calculate the concentration of NO remaining when exactly one-half of the original amount of H2 had been 



consumed. 
(d) The following sequence of elementary steps is a proposed mechanism for the reaction. 



      I.  NO + NO  N2O2 
      II.  N2O2 + H2  H2O + N2O 
      III.  N2O + H2  N2 + H2O 



 Based on the data presented, which of the above is the rate-determining step? 
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