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Chem 103 Practice Problems:

Below is a key for both the (1) Practice Problems for Test 1  and (2) Review Guide problems.

Chapter 14:

(1) Rate of reaction:
A) Consider the reaction:  2 NH4NO3 (s)  2 N2 (g) + 4 H2O (l) + O2(g).
Assuming that initially only reactant is present,
i) what is the rate at which water is formed if there is 0.23 grams of water after 20 minutes. (MW
of water = 18.0g/mole).
Solution: The rate of production of water is dH2O/dt = +(0.23g/20min) (1mol H2O/18.0g H2O) =
6.4 x 10-4mol/min

ii) what is the rate of the reaction?

Solution: In general:  if aA+bB  cC+dD; then rate of reaction, vrxn =-(1/a)(dA/dt) = -(1/b)dB/dt
= + (1/c)dC/dt = + (1/d)dD/dt.  In this case, water is a product just like C for example, so we can
write: vrx = + (1/4)(dH2O/dt) = (1/4)(6.4 x 10-4mol/min)=1.6x10-4 mol/min.

B) Consider the reaction:  2 NH4NO3 (s)  2 N2 (g) + 4 H2O (l) + O2(g) .
a) If the rate at which nitrogen gas is formed is 3.0 x 10-2 moles per minute, determine the
following:
i) the reaction rate, vrxn .

Solution: Similar to the problem above. So, vrx = (1/2)(3.0x10-2)=1.5x10-2mol/min

ii) the rate at which ammonium nitrate is used up. 

Solution: Since vrxn = (1/2)(dNH4NO3/dt) we can write: dNH4NO3/dt = 2 vrxn

= 2(1.5x10-2mol/min) = 3.0x10-2mol/min

iii) the rate at which oxygen is formed.

Since vrxn = d[O2]/dt = 1.5x10-2mol/min

iv) the rate at which water is formed. (final answers in moles/min)

Since vrxn = (1/4)(dH2O/dt) => (dH2O/dt)=4(vrxn) = 4(1.5x10-2mol/min) = 6.0x10-2mol/min



Page 2 of 9
(2) Rate Laws:
A) Consider the reaction: A+3B 5C, and the data below:
Expt# [A] [B] d[C]/dt v
1 1.00 2.00 3.00 0.600
2 1.00 4.00 4.24 0.848
3 0.50 4.00 1.06 0.212
i) Fill in the values for v (n.b. v = rate of rxn).    
Solution: First, we calculate the values of vrxn.  In general, vrxn = (1/5)(dC/dt)
For Expt #1, v = (1/5)(3.00) = 0.600.
Similarly, expt #2:  v = (1/5)(4.24)=0.848; Expt #3: v = (1/5)(1.06)=.212
These numbers are inserted in the table above.

ii)Write the rate law for this reaction.

Solution: In general, the rate law will look like:  v = k[A]x[B]y .  We need to figure out the values
of x, y and k by comparing the various data in the three experiments.  For example to get x, we
can compare Expts #2 and Expt#3 (noting of course that the [B] values are constant for those 2
experiments and therefore would not be a factor in the change in v).  We can take the ratio of
Expt #2 / Expt #3:

v2 / v3 =    (k[A]2
x[B]2

y) / (k[A]3
x[B]3

y) :  Here, k and [B] will cancel out while [A] remains:

(.848/.212) = (1.00)x/(.50)x = (1.00/0.50)x ;  4.00 = 2x or, x = 2 since 22 = 4.

Similarly, we can also determine y by comparing  Expt#2 and Expt#1:
v2 / v1 = .848/.600 = (4.00/2.00)y =>   1.41 = 2y.  Inspection shows that if we let y = 1/2 (ie square
root), we get:  21/2 = 1.41.  Therefore y = 1/2

Hence the rate law looks like:  v = k [A]2[B]1/2.

iii) Determine the value of the rate constant, k.

Solution: we can also determine the value of k: we can use any of the experiments.  They should
all give the same value of k:  Say we use Expt.#1 :

v = 0.600 = k(1.00)2(2.00)1/2 = 1.41k => k = (.600/1.41) = 0.426

iv) What is the order of the reaction?

Solution: In general the order of the reaction is the sum of the exponents in the rate law:
So, here the reaction is 2 + 1/2 = 2.5.  It is 2.5th order!
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B) Consider the reaction: 2 N2 (g) + 4 H2O (g) + O2(g) 2 NH4NO3 (s)
a) Determine the rate law given that the following data are obtained for this reaction:
Expt # [N2] [H2O] O2 Reaction rate
1 0.112 .023 .89 4.96x10-3

2 0.112 .023 .54 8.17x10-3

3 0.320 .023 .89 8.28x10-3

4 0.112 .015 .54 3.47x10-3

Solution: The rate law is :  v = k[N2]
x[H2O]y[O2]

z ; To get x, compare #3 and #1:
(8.28x10-3/4.96x10-3)=(.320/.112)x => 1.67 = 2.86x ; If we let x = 1/2, we get: 2.861/2 =1.69 which
is close enough.  Similarly, we divide  #2 over #4 to get y.  (8.17/3.47)=(23/15)y ;
2.35 =1.53y; y = 2. ;   Similarly, we divide  #1 over #2 to get z.  (4.96/8.17)=(89/54)z ;
0.607 =1.65z; z = -1.

Get k from expt 1 for instance: v = k[N2]
1/2[H2O]2[O2]

-1 .
k = v/{[N2]

1/2[H2O]2[O2]
-1} = 4.96x10-3/{(.112)1/2(.023)2(.89)-1} = 24.9

(If the numbers x, y and z are not obvious to you, you can determine it by taking logarithms.  For
example,  0.607 = 1.65z.  Take log of both sides:  log(.607)=log(1.65z) = z log(1.65);
therefore,  z = (log(.607))/(log(1.65)) = (-.217)/(.217) = -1 )

(3) Rate Mechanisms
A) Consider an elementary step:  2 NO2  NO3 + NO.
i) Write the rate law for this elementary step.

Solution: Note that  this problem is different from the previous ones in that we are dealing with
an elementary step.  For elementary steps, we can deduce the rate law for that step simply by
knowing the stoichiometric coefficients in the reactant side of the step, therefore:

v = k[NO2]
2.

   
ii) What is the rate expression for the reverse of this step?

Solution: For convenience,  we can call the above rate,  v1 . Thus:  v-1 = k-1[NO3][NO]

iii) what is the molecularity of this step?

Solution: The molecularity of the reverse step is the sum of the reactants’ coefficients. This is a
bimolecular step because it has 2 molecules reacting.  The forward reaction is also bimolecular.
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B) Consider the hypothetical reaction mechanism below and predict the rate law.

Elem. Step #1 (slow) NO2 + F2 + Pt(s)  FNO2 +F-Pt(s)
Elem. Step #2 (fast) NO2 + F-Pt(s)  FNO2+ Pt(s)

i) What is the rate determining step?

Solution: the rate determining step is the slow step, i.e., step #1.

ii) What is the overall stoichiometric equation?

Solution: Add both steps to get:  2 NO2 + F2  2 FNO2

iii) Write the rate equation for the rate-determining step,

Solution: v1 = k1 [NO2][F2] ( Pt is a solid and has an activity =1)

iv) Write the rate law for this reaction.

Solution: vrxn = v1 = k1 [NO2][F2]

v) Is there an intermediate? 

Solution: yes.  The intermediate is F-Pt(s).

vi) is there a catalyst?

Solution: yes.  The catalyst is Pt(s).

(4) Experimental kinetics dealing with one chemical species:
A) Consider the following hypothetical data for the reaction: 2NO2  2NO + O2

[NO2] (M) 0.30 .15 .075 0.038
Time(min) 0 2.0 4.0 6.0
i) What is the half life? 

Solution: The half life can be determined by inspecting the data.  [NO2] drops to 1/2 its value
every 2.0 minutes.  Therefore, its halflife, t1/2 , is 2.0 minutes.

ii) What is the order of the reaction?

Solution: 1st order.  We note that the half life does not depend on the quantity of starting material.
Only first order reactions exhibit this property.

iii) Write the rate law

Solution: v = k[NO2]

iv) what is the rate constant?

Solution: For 1st order rxns, t1/2 = 0.693/k. And so, k = 0.693/t1/2 =.693/2.0min=0347min-1.
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B) If the above reaction were second order, fill in the blank spaces in the table below:

[NO2] (M) 0.30 .15 .075 0.038
Time(min) 0 2.0 6.0 14.0

Solution: Between  t = 0  and t = 2.0 minutes, the NO2 drops to half its value.  So,  t1/2 = 2.0
minutes.  For 2nd order reactions, halflife is dependent on the starting concentration,
 t1/2 = 1/k[NO2]o so k = 1/(2.0min(0.30M))=1.67 min-1M-1.
For the next half life, t1/2 = 1/{(1.67 min-1M-1)(0.15M)} = 4.0 min.  So, t = 2.0+4.0=6.0
And for next halflife: t1/2 = 1/{(1.67 min-1M-1)(0.075M)}= 8.0 min. So, t = 6.0+8.0=14.0

(5) The postulated mechanism for the decomposition of ozone is:
O3(g) <==> O2(g) + O(g) (fast, equilibrium)
O(g) + O3(g) ---> 2 O2(g) (slow)

Determine the following:
a) the rate law predicted by this mechanism.

Solution: Use the slow step:  vrxn = v2 = k2[O][O3];  Use the 1st step to determine an expression for
[O]:  k1[O3] = k-1[O2][O].  Or, [O]=(k1/k-1)([O3]/[O2]). Substitute in v:
v = (k2 k1/k-1)([O3]/[O2])[O3] = k[O3]

2/[O2]

b) the order of the reaction as predicted by the rate law.

Solution: The order is 2-1 = 1;  1ST order

c) the effect of increasing [O2] on the reaction rate.

Solution: Increasing [O2] will tend to make v smaller since [O2] is in the denominator of the rate
law.

d) an example of a change that could lead to favoring the forward reaction.

Solution: Some possibilities are: a) lower [O2] , b) increase [O3], c) adding a catalyst.

(6) Draw an energy diagram showing an endothermic reaction showing the activation energy(Ea).
Label what would represent the H and Ea  in your diagram. Show effect of catalyst.  Which
direction does a catalyst speed up?

Solution: refer to notes and text book on the diagram. Catalysts will tend to speed up both
directions in a reaction.  But if the forward direction is thermodynamically favored, then it will
speed that more than it will the reverse.

(7) Suppose a reaction triples its rate constant when the temperature is raised from 20°C to 40°C.
a) What is its activation energy equal to? (in kJ/mol)

Solution: Here, the quickest way is to take the ratios of the 2 rate constants: k2/k1 = 3
ln(k2/k1) = (Ea/R)(1/T1 –1/T2) => ln(3) =1.099 = Ea(1/8.314)(1/293 -1/313); Ea=41900J/mol =
41.9 kJ/mol
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b) If its k1=3.5 (in arbitrary units), what is its rate constant when T = 55°C?

Solution: ln(k2/k1) = (Ea/R)(1/T1 –1/T2) =(41900/8.314)(1/293 –1/328)=1.835
So, k2/k1 = e1.835 =>  k2 = k1(e

1.835) = (3.5)(6.268) = 21.9 = 22

c) If an enzyme speeds up this reaction 100,000-fold at 37°C, what would its activation energy
be equal to?

Solution: Use: ln(k2/k1) = Ea/RT => Ea = RT ln(k2/k1) = (8.314)(310)(ln(100,000) =
=30700 J/mol = 30.7 kJ/mol.

Chapter 15: Chemical Equilibrium
1) Consider the reaction mechanism for ozone depletion: (i) O3 <=> O2+O, (ii) O3+O->2O2,
a) What is the net reaction?  Are there intermediates involved?  Catalysts?

Solution: Add up the 2 steps to get:  2O3 <==> 3 O2. The intermediate is O.  No catalysts.

b) Write the equilibrium expression for the net reaction, in terms of concentration.

Solution: Keq = [O2]
3/[O3]

2

c) Write the equilibrium expression in terms of the rate constants of the elementary steps.

Solution: since we can write:  (a) O3 <=> O2 + O   K1 = k1/k-1

(b) O3+O<=> 2O2    K2 = k2/k-2

The sum of these 2 will give K = K1K2 = k1k2/k-1k-2 .

2) Consider the following hypothetical reaction (in an airtight container):
3A(g) + 2B(l) + 6 C(aq) <==> D(s) + 4E(g) H°=+32 kJ/mol

a) Write down the equilibrium constant EXPRESSION (Kc not Kp) for this reaction.

Solution: K = [E]4/[A]3[C]6.

b) The system is at equilibrium with concentrations:  [A] = .1M, [C]= 1M, [E]=.2M.  What is the
VALUE of the equilibrium constant?

Solution: K = (.2)4/(.1)3(1)6 = 1.6  =2 (at 2 sig figures)

c) Which direction is favored if the system initially at equilibrium is changed by increasing the
following:
(i) container’s volume.  Solution: Pressure decreases overall,  forward is favored

(ii) container’s temperature. Solution: Endothermic, so forward is favored

(iii) [E].  Solution: Product increases so reverse is favored.

(iv) an inert gas (pumped into the container). Solution: Q doesn’t change. No effect.

(v) A substance F (i.e. F separately reacts with C). Solution: C decreases ; reverse is favored.
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(vi) B. Solution: B is pure liquid, so activity of B =1 still, so no effect.

(vii) D. Solution: D is pure solid, so activity of D =1 still, so no effect.

(viii) a catalyst is added. Solution: Catalyst doesn’t alter equilibrium.  no effect.

d) What is the G° for this reaction? Is it spontaneous at standard conditions?

Solution: Use G° = -RTlnKeq = -(8.314)(298)ln(1.6)= -1160 J/mol

3) Practice with the use of Henry’s Law: for example, homework problem 15-79.

4) Calculate the solubility (in M) the following solutions prepared by adding the given crystal of
silver in pure water: (remember that pKsp = -logKsp)
a) AgBr (Ksp = 5.35x10-13)

Solution: AgBr(s) <==> Ag+ + Br- Ksp = 5.35x10-13 = [Ag+][Br-]=x2 => x = 7.31x10-7

1     x    x so solubility = 7.31x10-7M.

b) Cu2S (pKsp=47.60)  Note: Ksp=10-pKsp = 1047.60 = 2.51x10-48

Solution: Cu2S(s) <==> 2Cu+ + S2- Ksp = 2.51x10-48 = [Cu+]2[S2-]=(2x)2x = 4 x3

1     2x    x so solubility = x={(2.51x10-48)/(4)}1/3 = 8.56x10-17.

c) Al(OH)3 (pKsp = 32.34) Note: Ksp=10-pKsp = 1032.34= 4.57x10-33

Solution: Al(OH)3(s) <==> Al3+ + 3OH-   Ksp = 4.57x10-33 = [Al3+][ OH-]3=(x)(3x)3=27x4

1         x         3x   so solubility =x={(4.57x10-33)/(27)}1/4=3.61x10-9.

5) Calculate the solubility of AgBr (Ksp = 5.35x10-13) in 0.50M KBr.  (hint: learn “common ion
effect”)

Solution: AgBr(s) <==> Ag+ + Br- Ksp = 5.35x10-13 = [Ag+][Br-]=x(.50+x) .50x
1     x    .50+x  so solubility = x = 5.35x10-13/.50 =1.07x10-12M.

6) Calculate [Ag+] in a solution prepared by adding 100. mL of .10M AgNO3 and 50. mL of
.10M KBr.
(this is somewhat similar to the problem discussed in class in which we mixed solutions of
AgNO3 & K2S.

Solution: A precipitate of  AgBr forms.  We need to treat this as a crystal in a “common ion”
case.  The common ion will be the one in excess, either Ag+ or Br-.

OK, Set everything in moles (not molar) and remember:  moles = molarity x volume(in L)
i.e. moles Ag+ = (.10M)(.100L)=.010 mol;  mol Br- = (.10M)(.050L)=.0050mol Br-.
Ag+ is in excess.  mol Ag+ used up = (.0050 mol Br- )(1mol Ag+/1mol Br-) =.0050mol Ag-.
So, [Ag+] remaining = .0050 mol Ag+/(.100L+ .050L) = 3.33x10-2M Ag+.

AgBr(s) <==> Ag+ + Br- Ksp = 5.35x10-13 = [Ag+][Br-]=x(.0333+x) .0333x
 1     x    .0333+x  so solubility = x = 5.35x10-13/.0333 = 1.61x10-11M.
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7) Review the errata for problem #4.  Such a problem would be too involved to appear in the
midterm but it’s important to know the principles used in the approach to that type of problem).

Solution is given in the sheet on Problem #4.

8) Consider the formation reaction for the hypothetical complex AB2(aq), Kf = 1.00 x 104.
a) Write the formation equation and the expression for Kf.

Solution: A(aq) + 2 B(aq) <==> AB2(aq) Kf = [AB2]/[A][B]2

b) Determine equilibrium values of [A2+] and [B-] in a solution initially containing only the
complex.

Solution: The concentration of the complex was not given.  Let’s assume 1.00 M:
A(aq) + 2 B(aq) <==> AB2(aq) Kf = [AB2]/[A][B]2 =1.00 x 104

   x    2x 1 – x (1-x)/{x(2x)2}  1/(x(2x)2) = 1.00 x 104.
Solving for x:  x = {1/4(1.00x104)}1/3 = 2.92 x 10-2.
(Note that our assumption that x <<1 is valid since {2.92x10-2/1}x100% = 3% < 5%

c) Determine equilibrium values of [A2+] and [B-] if the complex(initially solid form) is dissolved
in a 1.00 M B- solution.  (hint: common ion effect).

Solution: The concentration of the complex was not given.  Let’s assume 1.00 M:
A(aq) + 2 B(aq) <==> AB2(aq) Kf = [AB2]/[A][B]2 =1.00 x 104

   x    1.00+2x 1 – x (1-x)/{x(1+2x)2}  1/(x(1)2) = 1.00 x 104.
Solving for x:  x = 1/1.00x104 = 1.00 x 10-4.

Key to the question in the Review Guide:

1) Nitric oxide can be reduced with H2 gas to give nitrogen and water vapor: [20
pts]

2 NO (g)  +  2 H2 (g)  > N2 (g) +  2 H2O (g)
 The proposed mechanism is:

2NO <===> N2O2    (fast)
N2O2 + H2  ---> N2O  +  H2O   (slow)
N2O + H2 ----> N2  +  H2O (fast)

What rate law is predicted by this mechanism?  What is the order of the
reaction?

Solution: Use the slow step:  v =k2 [N2O2][H2]; use the prior step, assume equilibrium and solve
for the intermediate:  k1[NO]2 = k-1[N2O2] ;  [N2O2] = (k1/k-1)[NO]2, substitute into the rate law for
the slow step:  v = (k2 k1/k-1)[NO]2[H2] .

This is a 3rd order reaction ( since the exponents add up to 3)
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2)Consider the following information:

Ag2CO3 (s)  -->  2 Ag+ (aq)+ CO32- (aq) K = 8.1 x 10-12

Ag+ (aq)+ 2NH3 (aq) --> Ag(NH3)22+ (aq)   K  = 1.5 x 107

What is the equilibrium constant, K , for the reaction involving the dissolution
of silver carbonate in the presence of ammonia:

Ag2CO3 (s) + 4NH3 (aq) --> 2Ag(NH3)22+ (aq) + CO32-(aq) K = ?

Solution: to get the above equation, need to add the equation (1) + 2 times equation (2).  That
means that K = K1K2

2;  so K = (8.1x10-12)(1.5x107)2 = 1.82 x 103

3) Be able to apply the Le chatelier principle and to prove your predictions
using your calculations using Q.  E.g. If you decrease the volume of a gas
mixture of A,B and C initially at equilibrium,  where: 2A + 4B(g) --> 9C(g), Kp=5.
Which reaction direction would be favored? Prove your answer by calculating
Qp and comparing it with Kp. What is Kc?

Solution: If you decrease the volume, you increase the pressures of all the gaseous reactants and
products.  We predict that the reverse reaction is favored (more moles of gas in the products than
in the reactants). When the pressure increases, the system tries to reduce its pressure and that is
the result if product is reduced rather than reactant gases.

Using Q:  Q = Pc
9/PB

4.  If we increase both gases by , it becomes: Q = ((Pc+ )9/(PB+ )4.
The numerator increases faster than the denominator because it is raised to the 9th power
compared to the denominator which is only raised to the 4th power.


