Unit 5: Chemical Kinetics and Equilibria Chemistry AP

Unit S: CHEMICAL KINETICS AND EQUILIBRIA

Chapter 13: Chemical Kinetics

13.1: The Rate of a Reaction

Chemical Kinetics: - the branch of chemistry that studies the how fast reaction proceeds.

Reaction Rates: - the speed of which the concentration of a reactant or product changes per unit of time.
- unit is in mol/(L e s) or mol/(LL ® min)

A[A] _ Concentration A at t, — Concentration A at t,
-t

Rate =

Average Rate: - like average speed, it is the change in concentration per interval of time.

Instantaneous Rate: - like instantaneous speed, it is the change in concentration at a particular time.

Example 1: The concentrations of the reactant and product of the reaction, A — 2 B, are recorded below.
a. Determine the average reaction rates for each time interval.
b. Graph concentrations versus time for both reactant and product.
c. Find the instantaneous reaction rates of reactant A at 20 seconds and product B at 40 seconds.

Time (seconds) Reactant [A] Product [B]
0 0.1 0
20 0.05 0.1
40 0.025 0.15
60 0.0125 0.175
&80 0.0063 0.1875
100 0.0031 0.1938
a. Average Reaction Rates (Note: Reactant Rate is Negative because A is consumed.)
Ti Int 1
llzgzc:nzl;;fa S Reactant Rate = —Ai?] (mol/(L e s) Product Rate = —AA[]:] (mol/(L e s)
0.00 to 20.00 (0.05-0.)molL _ ;555500 (01-0)molL _ 4 ;55000
(20.00—0.00) s (20.00—0.00) s
20.00 to 40.00 (0.025=0.05)moliE _ 5 151250 (0.15-0.HmolL. _ ; 505500
(40.00—20.00) s (40.00—20.00) s
40.00 to 60.00 (0.0125-0.025) mol/L — _0.000625 (0.175-0.15) mol/L — 0.001250
(60.00 —40.00) s (60.00—40.00) s
£0.00 10 8000 | (0:0063-0.0125)molL _ .| (0.1875-0.175)molL. _
(80.00—60.00) s (80.00—60.00) s
20.00 to 100.00 (0.0031—-0.0063) mol/L — _0.000160 (0.1938—0.1875) mol/L — 0.000315
(100.00—80.00) s (100.00—80.00) s
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b. Concentrations versus Time Graph.

Concentrations over Time

—@— Reactant [A] —@— Product [B]
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c. Instantaneous Rates

A[A]  —0.06 mol/L

Reactant Rate = = T Reactant [A] Rate = —0.002143 mol/(L e s)
S
Product Rate = A[B] = 0'063121101/L Product [B] Rate = 0.001875 mol/(L e s)
]

Determining Rates Using Pressure

If a reaction starts from a solid or a liquid were to generate a gas, we can determine the rate of the reaction
by measuring pressures instead of concentrations at various times. Consider the decomposition of H,O,

2 HyO2 gy = 2 HyO ) + Oz (g
We can measures the pressure of O, (g) generated to find the rate by using the Ideal Gas Law, PV =nRT .

n I:)o
szRT -  Pogyeen =[O2]RT = [0y] = =2

RT
can- 201 1(200)
At

Rate Constant (K): - a constant of proportionality between reaction rate and the concentration of reactant.
- as the concentration of reactant increases, the reaction rate increases due to more
chances for collisions to occur between reactants and hence the speed of the reaction
increases. However, rate constant will remain the same.

- the unit of the rate constant depends on the overall order of the reaction (explains in
next section).
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For a reaction: A—>B
Rate = k[A] Rate = kP,
k = rate constant k= Rate k= Rate

[A] Ps
(Note: Both reaction rates are positive because they are net consumption rates.)
(The Rate Equation can follow many different form — more explanations in the next section)

Example 2: Dinitrogen pentaoxide decomposes into nitrogen dioxide and oxygen gases as follows.
2 N,Os 1) B 4 NO, © +0; C)

An experiment was conducted at different initial concentrations and the rate after 1.00 minute
was calculated from the final concentration as shown below. Determine the rate constant of
this reaction.

Initial [N,Os] | Rate (mol/L e s)
Trial 1 0.100 mol/L 23x10*
Trial 2 0.050 mol/L 12x107*
Trial 3 0.025 mol/L 59%x107°
—4 N\
Trial 1: k; = REle = LA asiiEoy) k;=23x103s"!
[N,O;],, 0.100 mol/E
-4
Trial2: ky= —note  _ 12x107mel(Ees) | _ 9410361 Shyy=24x1075"!
[N,O;],., 0.050 mol/E
—4
Trial 3¢ k) = ralesin o0 XN ot (B e s) RN Al e 0 o
[N,O,], 0.025 mol/E /

Note that the k; = k; ~ k3. For other reactions, kK would be calculated in a similar but
slightly different way depending on the order of the reaction (explains in next section).

Relationship between Molar Quantities and Reaction Rates

For any chemical equation, aA + bB — cC + dD,
1A[A] __14[B] _14[C] _ 1A[D]
a At b At C At d At

Rate = —

Example 3: For the reaction N» () + 3 Cl, (g) = 2 NCl3 (g), what is the rate of consumption of N, and Cl, if
the rate of production of NCl; is 0.453 mol/(L e s)?

Rate of N, = M = A[N2] = _l A[Clz] - l A[NC13]

?t ] At 3 At 2 At

_ AlC]

Rate of Cly= === AN, _ 1aNcL] 1 (0453 moli(L » 5)

A[NC] ] At 2 At

— 3
Rate OfNCl} = A[Clz] — _E A[NC13] — _E (0453 mol/(L A S) Rate of Clz =0.680 mOl/(L o
At 2 At 2

Assignment
13.1 pg. 589 #1to3,5t0 8
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13.2: The Rate Law

Rate Law: - a reaction rate where it is depended solely on the concentrations of the reactants with the
assumption that it is an irreversible reaction.

Two Kinds of Rate Laws:

1. Differential Rate Law: - sometimes called rate law, which relates the reaction rate on reactants’
concentrations only.

2. Integrated Rate Law: - the rate law that relates the concentration of the chemical species with time.
- it is derived by integrating the differential rate law with respect of concentration
and time (explains in the next section).

Order (Nn): - the rational exponent of the reactant’s concentration in the rate law as determined by
experimentation. (It is NOT the coefficient of the chemicals.)

Rate Laws

Single Reactant: Rate = k[A]"
Multiple Reactants: Rate = k|A]"[B]™

k = rate constant n and m = order of a particular reactant
(Note: Both reaction rates are positive because they are net consumption rates.)

Overall Rate Order: - the sum of all orders of all reactants.

Example 1: For the following rate laws, determine their overall rate order and the unit of the rate constant.

a. Rate=k[A] b. Rate = k[AT
n=1 (First order) n =2 (Second order)
Rate _ mel/(Ees) _ Rate  mel/(Les)
k= - =S k= = =L/(mol e s
[A]  metk AP (mory meteY
c. Rate = k[A][B] d. Rate=k[A][B] e. Rate=k
n+m=1+1=2 n+m=2+1=3 n =0 (Zero order)
(Second order) (Third order) k=mol/(L e s)
_ Rate _ mel/(Ees) _ Rate  mel/(Ees)
[A]B]  (mol/L) [AT[B] (mol/LY (mebk)
k = L/(mol e s) k = L%*/(mol’ e s)

Initial Rate ([A]y): - the instantaneous reaction rate at the beginning instant (t = 0) of the reaction.
- for a single reactant, its order can be found by the instantaneous reaction rates and its
concentrations at two different times.

Determining Rate Law of a Single Reactant using Instantaneous Rates

Rate2 _ K[A], [[A]tz ]

Ratel kAl Al
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Example 2: The decomposition of acetaldehyde (ethanal) at 298 K yields the following kinetic data.
CH;CHO @ — CH4 @t CO ()

Time (seconds) [CH3;CHO (4)] (mol/L) Instantaneous Rate (mol/(L e s))
0.000 0.400 1.4
0.095 0.300 0.79
0.286 0.200 0.35
0.857 0.100 0.088

a. Determine the rate law and the rate constant.

b. Graph the concentration versus time plot for the decomposition of CH;CHO ().
c. Calculate the reaction rate when the concentration of acetaldehyde is 0.250 mol/L.

a. To find Rate Law, pick any two concentrations To calculate the Rate Constant, pick any one of

and rates the concentrations and rates.

Rate2 _ K[CH,CHOLl,  0.79 _ ¥(0.300)" Rate = K[CH;CHOJ?
Ratel k[CH,CHOJ}, 1.4  (0.400)" 1.4 = k(0.400 mol/L)’
0.5642857143 = (0.75)" 14 mol/(E SZ =

log (0.5642857143) = n log (0.75) (0.400 mol/L)
log(0.5642857143) _ a K= 8.75 L/(mol » 5)
log(0.75)

Rate = (8.75 L/(mol e 5))[CH;CHO}

Cn=1.98898237 ~ 2

Rate = k[CH3;CHO]> (Overall 2" Order)

(The negative sign in k is dropped because we know
reactant rate is one of consumption.)

b. Concentration versus Time Graph ¢. When [CH3CHO()] = 0.250 mol/L,

Reaction Rate of Acetaldehyde

Rate = (8.75 L/(mol e s))[CH;CHO]*
Rate = (8.75 L/(met o 5))(0.250)* mol*/L*

g ° 2 @0547 mol/(L e s)
0.25 NG

0.15 -

Concentrations (mol/|
o
N

0.1

0.05

0

0 005 01 015 02 025 03 035 04 045 05 055 06 065 07 075 08 085 09 09 1

Time (seconds)
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Method of Initial Rates: - the use of initial rate(s) to determine the overall rate order of the reaction.
- for X number of reactants, we will need at least (X + 1) number of experiments
with various initial rates and initial concentrations.
- the order of a particular reactant is determined by dividing the initial rates of the
two experiments with different initial concentrations of that particular reactant,
while having the same initial concentrations of other reactants.

Determining Rate Law of Multiple Reactants using Initial Rates

Rate 2 _ k[A]g, exp 2 [B]gjexp2 — [[A]O,expz
Rate 1 k[A]g’ expl [B]g:expl [A]O,expl

Rate 3 _ k[A]z,exps [B](r)n, exp3 _ [[B]O,exp3
Ratel  k[AL . [Bl oy (Bl

n
J where [B]()’ expl — [B]O, exp 2

] where [A]o, exp3 = [Ao, exp 1

Example 3: The formation of nitrogen dioxide from the combustion of nitrogen monoxide at 660 K gives
the following kinetic data. Determine the rate law and the rate constant.

2 NO ) + 02 @ -2 N02 @
Experiment [NO ] (mol/L) [O; )] (mol/L) Measured Initial Rate (mol/(L e s))
1 0.010 0.010 25x%x107°
2 0.020 0.010 1.0x107*
3 0.010 0.020 50x107°

To find Rate Law, we first have to pick the two concentrations and rates where [O;] stays constant.

Rate2  k[NOJ..[0,]7 ., 1.0x10™  k(0.020 mo¥/L)' (0.610 moV/L)"
Ratel  k[NOJ...[0,].., 25x10°  k(0.010 meV/E)(0.010 meV/E)"
4=)
Then, we have to pick the two concentrations and rates where [NO] stays constant.
Rate3  K[NOJ .s[0, [ oo 5.0x10°  K(0.010 mot/E)(0.020 mobE)"
Ratel  k[NOJ_.[0,] .., 2.5x10°  k(6.010 mol/E)(0.010 mol/E)"

< Rate =k[NOJ’[0;] (Overall 3" Order) >

To calculate the Rate Constant, we can pick the concentration and rate from any experiment.

Rate = k[NO]*[O5]
2.5 x 107> mol/(L e s) = k(0.010 mol/L)*(0.010 mol/L)

-5
2.5x107 mel/(E e5s) —k @25 LZ/(mOIE

(0.010 mol/L)* (0.010 me¥/E)

@(25 LY/(mol® e s))[N@
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Example 4: The reaction rate of the acetone iodination not only depends on the concentrations of the
reactants, but it also relates to the concentration of the H (5 ion. The rate law has a format of
Rate = K[CH3;COCH;]"[I.]"[H']P. Several experiments were done at 298 K and the initial rates
of the reaction are measured. Using the data below, find the final rate law and the rate constant.

CH;COCHj3 (aq) +1, (aq) — CH;COCH,I (aq) + H+(aq) +I (aq)

Experiment [CH3COCH; (o) [12 ag)] [H' @) Measured Initial Rate (mol/(L e s))
1 0.80 mol/L 0.001 mol/L  0.20 mol/L 42 x10°
2 1.6 mol/L 0.001 mol/L  0.20 mol/L 8.4 x107°
3 0.80 mol/L 0.001 mol/L  0.40 mol/L 84 x107°
4 0.80 mol/L 0.0005 mol/L  0.20 mol/L 42 x107°

To find Rate Law, we first have to pick the two concentrations and rates where [I,] and [H'] stay
constant.

Rate2  K[CH,COCH |} [T oM D s 8.4x10° k(1.6 mob) (0.001 mobE)" (0.2 mob/L)?
Ratel  k[CH,COCH,[ _ [L,]

Tl T, 42x10° k(0.80 mot/E) (0.001 mol/E)" (0.20 mol/E:)*

To find Rate Law, we first have to pick the two concentrations and rates where [CH;COCH;] and [H']
stay constant.

Rate4 _ k[cH,coCH, ]} .[L]} exp4[H P o _4.2x10° _ k(0.80 mel/E)" (0.0005 mel/E)" (0.20 mel/E)"
Ratel  k[CH,COCH,]

LT B ., 42x10° k(0.8 mol/k) (0.001 moik)" (020 mob/k)’

1=(0.5)"

To find Rate Law, we first have to pick the two concentrations and rates where [I;] and [CH3;COCH;]
stay constant.

Rate 3 k[CH COCH ]0 N | 5 A D s _8.4x10° _ k(6.80 mol/E)" (6.001 mel/E)" (0.40 mel/E)"
Ratel  k[cH,cocH, ] [L] .., [ ]ff,expl 42x107°  k(0.80 mol/E)"(6.001 mol/E)" (0.20 mob/k)°

0,exp

2=y

Rate = k[CH;COCH;]'[L]°[H ]! @te = k[CH;COCH;][H] (Overall 2™ Order)

To calculate the Rate Constant, we can pick the concentration and rate from any experiment.

Rate = kfCH3COCH;][H ]
4.2 x 10°° mol/(L e s) = k(0.80 mol/L)(0.20 mol/L)

-6
oI OIREOR) k =2.625 x 10 L/(mol o s)
(0.80 mol/L)(0.20 et/ )

Rate = (2.625 x 10~ L/(mol  s)) [CH3COCH3][E

Assignment
13.2 pg. 589590 #9 to 22; pg. 593—594 #72 and 87
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13.3: The Relationship Between Reactant Concentration and Time (Integrated Rate Law)

1. Integrated First-Order Rate Law for Single Reactant

Rate = —M =Kk[A] (Starting from First-Order Rate Law)
ﬁA[A] = —kAt (Rearrange Equation for Integration)
A ‘ 1
I md [A] = — kIdt (At=dt and A[A] = d[A]; Integrate Both Sides: I—dx = In X)
(Al 0 X

In [A] —In [A]o = —kt

(1

Graphing Integrated First-Order Rate Law for Single Reactant

(Apply one of the Logarithm Laws: log A — log B = log (g))

] = —kt «—— (Integrated First Order Rate Laws — Two Versions)

Initial Graph of [A] versus t

A
[A]
Re-Graph with
In[A] vs. t

Modified Graph of In[A] versus t
A

In[A] = -k t + In[A],

TTTT

In [A]

S

mx+ b

»

> ¢

"t

If In[A] versus t graph is a linear relation, then it is a First Order Reaction

with —k = slope and In[A], = y-intercept.

Half-Life (t,,): - the amount of time it takes to half the original reactant’s concentration.

- at half-life, t,, the reactant’s concentration is 2[A]o = [A]:

[A],)

j=—kt = In [(é
[A

[A]

a

J: —k t, = In (1/2) :—ktl/l

(Since In(2) = —In(2))

A, Jo
In2  0.693
= In (2) =kt, ty=—— = ——
(2) =kt 4= »
Integrated First Order Rate Laws for Single Reactant
In[A] = —kt + In[A]y [A] = —kt ty, = In2 _ 0.693
([l k  k

[A] = Concentration of Reactant at time t k = Rate Constant
[A]o = Concentration of Reactant at time 0 t = time ty, = half-life

Copyrighted by Gabriel Tang B.Ed., B.Sc.
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2. Integrated Second-Order Rate Law for Single Reactant

Rate = —M =k[A]® (Starting from Second-Order Rate Law)
—ﬁA[A] = kAt (Rearrange Equation for Integration)
& ‘ 1 1
- 5 d[A] = kJ.dt (At=dt and A[A] = d[A]; Integrate Both Sides: — I—zdx =—)
[A]o [A] 0 X X
(L] - [Lj = kt (Integrated Second Order Rate Law)
[al) Al

Graphing Integrated Second-Order Rate Law for Single Reactant

Modified Graph of (%]J versus t

Initial Graph of [A] versus t
[A] A

|

|

1 )4
Re-Graph with [mj

ok - np
m— N

=mx+ b

> ¢ >t

1
If (mj versus t graph is a linear relation, then it is a Second Order Reaction

with k = slope and (ﬁ} = y-intercept.
0

Half-Life for Second-Order Reaction with a Single Reactant

- at half-life, ty,  the reactant’s concentration is "2[A]o = [A]:

(ﬁ]‘(ﬁ}“ - [;[iﬂ‘[[ﬁ]oj:“% DA Rl vl

f = 1
Y=

klal,

Integrated Second Order Rate Laws for Single Reactant
1 1
[A] A, klal

[A] = Concentration of Reactant at time t k = Rate Constant
[A]o = Concentration of Reactant at time 0 t = time ty, = half-life
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3. Integrated Zero-Order Rate Law for Single Reactant

Rate = —% = (Starting from Zero-Order Rate Law)
A[A] = —kAt (Rearrange Equation for Integration)

[A] t
Id [A] =— k_[dt (At=dt and A[A] = d[A]; Integrate Both Sides: Idx = X)
(Al 0

[A] — [A]o = —kt (Integrated Zero Order Rate Law)

Graphing Integrated Zero-Order Rate Law for Single Reactant

Initial Graph of [A] versus t (No Need to Re-Graph)
A

[A] [A] = —kt+ [Aly

1T

y =m x+ b

>t

If the initial graph of [A] versus t graph is a linear relation, then it is a Zero Order Reaction
with kK = —slope and [A], = y-intercept.

Half-Life for Zero-Order Reaction with a Single Reactant

- at half-life, 1, the reactant’s concentration is "2[A]o = [A]:

A A
[A] — [A]() = —kt = 1/2 [A]() — [A]() = —ktl/2 = — [ 2]0 = —ktl/2 tl/zz %
Integrated Zero Order Rate Laws for Single Reactant
Al

Al =—kt+[A = [—0

[A] [Alo =
[A] = Concentration of Reactant at time t k = Rate Constant
[A]o = Concentration of Reactant at time 0 t = time ty, = half-life
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Example 1: The decomposition of HI g at 716 K yields the following data.
Hlg = 2 Hy g+ 7212

Time (minutes) [HI] mol/L
0.00 0.02000
1.00 0.01248
2.00 0.00911
3.00 0.00716
4.00 0.00587
5.00 0.00501
6.00 0.00433

a. Complete the table below.

b. Graph [HI] versus t, In[HI] versus t, and 1/[HI] versus t. Assess the linearity to determine the
overall rate order.

c. State the integrated rate law for the decomposition of HI and find the rate constant.

d. What is the half-life of this reaction?

e. Calculate the time needed for the reactant to reached 10.0% of its original concentration.

Time (minutes) [HI] mol/L In[HI] 1/[HI]
0.00 0.02000
1.00 0.01248
2.00 0.00911
3.00 0.00716
4.00 0.00587
5.00 0.00501
6.00 0.00433

a. Using the TI-83 Plus Calculator, we can enter the experimental results in the STATS Editor and
quickly manipulate the data.

1. Enter Values in the L; and L, Columns 2. Enter “In(L;)” in the heading of L;.

of Stats Editor Enter “1/L,” in the heading of L.
L1 Lz Lz z L1 Lz L:PAE]
i oizg [T i oizvm | -3k [ i o
K SE B
y QOEET? y 0ERT | -E138
= c Aokl | -Ez8g | formula
B B 0433 | -Enbg
Lzi?y =, BEa433 Lz ="1nelz 2" /
MEM <
Lz L
bzum | GG [ Bhage | Do used — -
oS | Sl e | e et oress 20d [IE
wEel | £138 | h e '
nohz: | -Eyhz | ZE0oEE
LY =‘E_ Alz"
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3. Fill in the Table

Time (minutes) [HI] mol/L In[HI] 1/[HI]
0.00 0.02000 -3.912 50
1.00 0.01248 —4.384 80.128
2.00 0.00911 —4.698 109.77
3.00 0.00716 -4.939 139.66
4.00 0.00587 —5.138 170.36
5.00 0.00501 -5.296 199.60
6.00 0.00433 —5.442 230.95

b. First, we Graph [HI] vs. t

1. Turn On STATS PLOT 2. Set WINDOW 3. Graph
To access
Lo. press MIH?EHE g |
A=Y S
E]DFF 2nd Lot T= g .
JF e Y'min= =t a
. M I Ymax=. 825 = LI
Alis ‘_—____— V= 1=, B85 L o g
Y1i= 2 mres=1 e
Mark . :
t (min)

[HI] vs. t Graph is a Curve.
Hence, it is NOT a Zero-Order Reaction.

Next, we graph In[HI] vs. t
1. Turn On STATS PLOT 2. Set WINDOW 3. Graph

x: [0, 7
STAT PLOT
2nd ENTER WINDOW y: [-5. 5 _3 5,0.5] GRAPH

To access [T I'-II;IIIII,.,I
L3, press ﬁmlﬁfg _r
Btz Plot3 . EETZI Z|
ot B8 L dh Ymin=-"5.3 = o
HH-- HIH [~ Ymax=-3.3 I o
wlistily L3 yscl=.3 .
Wlitilse— | Aress] ' -
Mark: B + - t (min)

In[HI] vs. t Graph is a Curve.
Hence, it is NOT a First-Order Reaction.
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Lastly, we graph 1/[HI] vs. t

1. Turn On STATS PLOT 2. Set WINDOW 3. Graph
X: [0
To access
Flokz  Flokz P :x:ma:{ 7 - o
off mecl=1 s o
et BN L Jy Ymin=8a = o

wlistile =gl

: =Cl= '
Ylishilye— | 4 Hres=1 -
Mark: B + - T(min)

c. Since the reaction is second order, the integrated rate law has a form of (ﬁj =kt + {

1.

/[HI] vs. t Graph is a Straight Line.
ence, it is a Second-Order Reactio

o j we

can use the linear regression function of the calculator to find the value of the slope.

Turn Diagnostic On

CATALOG
D=1V ar
Derendlsk

o g«

=

Dependﬁutn

Dlagnn5t1cDFF
FOia9nosticOn

ENTER

Again

OiagnosticOn

Oore

Select DiagnosticOn ENTER

2. Obtain LinReg (ax + b) L;, L4, Y;. Copy Equation to

>,

Scatter Plot.

NIV:N B Select CALC, use

O1T J!i]!géTS
t.at=

5 - mp

IOV 2nd

Note: After
DiagnosticOn is
selected; it will remain
ON even when the
calculator is turned Off.
However, resetting the
calculator will turn the
Diagnostic Off (factory
setting).

Screen, and Graph Least Square Line on

To access Y, press

VARS °

Select Option 1
for Y,

ENTER

E
1:1-
%= ﬁegfﬁegtati' Choose Dlagn-:ni.tli:l:lnn e
ih InReal axth) «Option4 || inReatax+b) L1,
P HuadReg Linear Lya
& CubicReg
7lEuartReg Regression
(ax +b) Select Option 1
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LinkReg .
ENTER g=ax+h Be Sure Plot1 is On
5=10, 8847293 Y=

i i b=43.281247261 .
0izgnosticOn 2=, 9993552534 ARFE Flotz Flot:

_ Dok =997 Ve 1S =N BE3E, @24 729299
LinEegcax+b? L1, SEE+49,. 21247361
Lusbe "\ T753

- =
When\r is extremely close to 1, it wi:
indicates the line has a linear relationship. :3;:
GRAPH y =30.0848x + 49.8125 compares to
1 1
— [m - ([HI]OJ
=
- < k=230.0848 L/(mol e min) >
L 49.8125 L/mol or [HI]p = 0.0201 mol/L
t (min) [,
d. Half-Life
m i = (L) - —Jaosistamey  lim 1656 min)
k[aI]), \ K\ [HI], 30.0848 £/(meot e min)
e. Time needed to reach ( 1 j , ( 1 ]
10.0% of [HI = <
vl [Hi] [H1],
[HI]o = 0.0201 mol/L 0 N 0 S
[HI]=0.100 x 0.0201 mol/L [HI] [HI]O
[HI] = 0.00201 mol/L
k =30.0848 L/(mol e min) (IJ_( 1 J ( 1 ]_( 1 j
[H]) ([H1,)  (0.00201meVE) | 0.0201 mol/E

t=
t=? k (30.0848 £/(1mot @ min ))

t =14.88 min

4. Integrated Rate Law for Multiple Reactants

Pseudo-First-Order Rate Law: - when there are multiple reactants, if we can have excess amount for
all reactants except one, we can simplify the rate law so it behaves
like a first-order reaction.

Pseudo-First-Order Rate Law

For reaction with Multiple Reactants, aA + bB — Products and Rate = k[A][B]",
if [B]o >> [A]o, then we can assume |B] = |B].

We can simplify Rate = k[A][B]" to Rate = k’[A] where k’ = k|B]"
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Example 2: A reaction, A + 3B + 2C — 3D + E, has a rate law of Rate = k[A][B]*[C]. The concentrations
at the beginning of the experiment are [A]o = 0.0500 mol/L, [B]o = 2.00 mol/L and [C], = 3.00
mol/L. After 15.0 seconds, the concentration of A is 0.0342 mol/L.

a. Calculate K for this reaction.
b. Determine the half-life for this reaction.
c. Find the concentrations of A and C after 50.0 seconds.

a. Since [B]yand [C]|, >> [A]o, we can assume that [B]| = [B]y and [C]| = [C],.
Therefore, Rate = k[A][B]*[C] can be simplified to Rate = k’[A] where k” = k[B]*[C].

Rate = —k’[A] (Pseudo-First-Order Rate Law)
In[A]=-K’t + In[A]o (Pseudo-Integrated-First-Order Rate Law)
[A]o=0.0500 mol/L t=15.0s [A]=0.0342 mol/L

In[A] - In[A]o = —K’t
" In[A]-1n[A], _ In(0.0342)-n(0.0500)

k’=0.0253 5!
—t —15.0s

Finally, we have to convert k” back to k.

k’ = k[BJ[C]

k' (0.02535™") —
< - @00211 L D
[BF[c] (2.00 mol/L)’(3.00 mol/L) (mol’ e 5)

b. Because we used the Pseudo-Integrated-First-Order Rate Law, the corresponding half-life is:
(Note: we are using k’)

. @2 @
"k 002535

c. Att=50.0s,[A]=7 Because [C] = [C]o = 3.00 mol/L, at 50.0 s,

In[A] =K't + In[Alo CJ ~ 3.00 mol/L._>

In[A] = —(0.0253 s7)(50.0 s) + In(0.0500)
In[A] =—4.260732274 In reality, [A] reacted = [A]y — [A]

[A] =g [A] reactea = 0.0500 mol/L — 0.0141 mol/L
[A] reacted — 0.0359 mol/L

C iA] =0.0141 mol/L D 5 mol C
[C] reacted —
1 mol A
[C]=1[C]o — [C] teacted = 3.00 mol/L — 0.0718 mol/L

g =2.93 morL >

% 0.0359 mol/L of A =0.0718 mol/L
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Summary of Rate Laws for Reactions with Single Reactant aA — Products

Order First Second Zero
Rate Law Rate = k[A] Rate = K[A]? Rate = k
Unit of K s or min™ L/(mol e s) or L/(mol e min) mol/(L e s) or mol/(L e s)
Integrated Rate 1 _ K 1
=_kt + — | = Kt+ | —— =kt +
Law In[A] =—kt + In[A], ([ A]) [[ A]0 [A] =—kt + [A]o
Relationship with k Slope = -k Slope = k Slope = —k
and Linear Slope
In2 1 [A]
H lf'L.f t12=_ tlzz— t,2=_0
a 11e VZ K Z k[ A]O Z 2k

Assignment
13.3 pg. 590-591 #23 to 30; pg. 594595 #88 and 94

13.4: A Model for Chemical Kinetics

Collision Model: - a model that state for a reaction to occur, molecules must collide with each other.

Factors Affecting the Collision Model:

1. Activation Energy (E,): - the threshold energy molecules needed to overcome to cause a chemical
reaction that was first proposed by Svante Arrhenius.
- E4 is the highest energy (top of the hill - E,,.x) minus the sum of energy of

the reactants (XH,eactants) ON the potential energy diagram.

Activated Complex: - sometimes refer to as transition state. It is the transitional molecule found at
the top “hill” of the activation energy.
E. [

Activated
complex

(]

@

14} z -

5 Activation B [

- Em‘:‘rgy % Activation

= 5 energy

= 2

L AH>0"

Q

Bl - el A ket e M

_________ } AH
(heat of reaction)
N, + 0, 278
REE!CUDH CDQfdinatE Reaction coordinate

Activation Energy of an Endothermic Reaction Activation Energy of an Exothermic Reaction
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2. Temperature (T): - the effective number of collisions increases exponentially with temperature.

Collision Frequency (2): - measures how often effective collision occurs.

Fraction of molecules

having a certain KE

Temperature 7, > T

| Because T, > T, there are

I
I
T, ! ' Molecules more molecules colliding with
I 5 . .
: i with enough  enough Kinetic Energy
] | KEtoreact  causing a reaction to occur.
I
ave | I
/\: Y

Kinetic energy

3. Molecular Orientation: - the number of ways molecules collide that will lead to a reaction.

Steric Factor (p): - a measure that reflects the fraction of collisions with the effective

Page 260.

Sufficient energy
and proper
orientation of
collision—
reaction occurs.

Proper orientation
but collision

does not have
enough energy—
no reaction.

Wrong orientation
of molecules in
collision—

no reaction.

orientations (p < 1).

Before collision Collision After collision

o
1 8| 2

%s

.-
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Arrhenius Equation: - developed by Arrehenius to relate rate constant (k) using the three factors that affect
the collision model (Activation Energy, Temperature with Collision Frequency, and Steric Factor)

Arrhenius Equation

-E, -E,
k=zpeRT k=AeRT
k = Rate Constant Ea = Activation Energy (J) T = Temperature (K)
z = Collision Frequency p = Steric Factor A =1zp = Frequency Factor

R = Gas Constant (8.314 J/(K e mol))

Linear Form of Arrhenius Equation
,Ea
k=AeRT (Arrhenius Equation)

,Ea

In(k) = In(AeRT) (Natural-log both sides)

_Ea

In(k) = In(e R™ ) + In(A) (Applying Law of Logarithm: log (MN) =log M + log N)
In(k) = —

(Applying Law of Logarithm: In &* = x)

E
In(k) = —?a(%) +1In(A)  (We can graph In(k) versus (1/T) from an experiment to determine E,)

R

y = m Xx + b

We can also compare the rate constants and temperature from two different points on the graph.

In(ky) — In(k) = {— RET +1n(A)} {— :T (A)}

(= k E.([1 1
In(k,) — In(k;) = - In| 2| =2 ———
(ko) = Infle) RT, Hay T, (klj R[Tl sz
Alternate Arrhenius Equation

B.(1 + In(A) In ﬁ _Ef1_ 1

RA\T K, R{T, T,
k = Rate Constant Ea = Activation Energy (J) T = Temperature (K)
A = Frequency Factor R = Gas Constant (8.314 J/(K ¢ mol))

Example 1: The decomposition of N2Oy ) = 2 NO; (g) s a first order reaction. One experiment at 274 K, its
rate constant is calculated to be 4.50 x 10° s™'. At another experiment at 283 K, its rate constant
was determined to be 1.00 x 10* s™'. Find the activation energy of the decomposition of N,Oy q).

R ’
T,=283K E — R[ln(ﬁf )] (8.314 J/(k # mol) lln(fgg:g“ - )J — 57201 J/mol
ko, =1.00 x 10%s7! : %_%) (zwlue 283K)

R =28.314 J/(K e mol)

£ =9 €a= 57.2 kJ/mol
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Example 2: The decomposition of 2 N>O ) — 2 N3 () + O» (g) yields the following data.

Temperature (K) k (L/(mol e s)
1125 11.59
1053 1.67
1001 0.38
838 0.0011

a. Complete the table below.

b. Graph In(K) versus (1/T). Assess the linearity to determine the activation energy.
c. Draw the potential energy diagram for the decomposition of N,O () at 298 K. (AH% = 82 kJ/mol)

Temperature (K) | k (L/(moles) | 1/T (K™ In(k)
1125 11.5900
1053 1.6700
1001 0.3800
838.0 0.0011

a. Using the TI-83 Plus Calculator, we can enter the experimental results in the STATS Editor

and quickly manipulate the data.

1. Enter Values in the L; and L, Columns

2. Enter “1/L;” in the heading of L3.

of Stats Editor Enter “In(L;)” in the heading of L.
L1 Lz L= Z
STAT 110 TR L1 Lz L= &\
inc: i1.67 1icE 11,59 | B.9E-Y4 Cursor must be on
1001 .=B 1L 157 9.CE-Y .
ENTER B:H % 1001 | .ZB iE-3 the column heading
...... B8 |.00d1 .01 before entering
formula
LziE) = TSR
MEM «
Lz Lz (LY P
i1i.58 B.OE-Y4 | 2.4501 “ must be used ALPHA +
157 QEE-Y4 | .B1c2H:
.ZH iE-= - 8576 to enter formula
'_':'_':'_1_1__ '_':'_':'_1_1_5_ _f'_H_i_E_ To access Lo, press 2nd [
Ly ="1nLza"
4. Fill in the Table
Temperature (K) | k (L/(moles) | 1/T (K™ In(k)
1125 11.5900 8.889 x 107 2.4501
1053 1.6700 9.497 x 107 0.5128
1001 0.3800 9.990 x 10~ —0.9676
838.0 0.0011 0.001193 —6.8124
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b. Graph In(k) versus (1/T). Assess the linearity to determine the activation energy.

1. Turn On STATS PLOT 2. Set WINDOW 3. Graph
nd STAT PLOT ENTER WINDOW BB [0, 0.0015, 0.0001] GRAPH
y: [-10, 30, 5]
To access
W I MDA
L3, press YMmin=a In(k)
Anax=. 8813
EDFF 2nd mecl=1g-4
et B8 L dm Ymin=-1H
Hh- HIH Wmax=I8 %y
Alist Wecl=2
Wlist Ares=1 °
Mar-k 1T (K
To access 2nd In(K) versus (1/T) Graph forms Strai2h®
L4, press

We can use the linear regression function of the calculator to find the value of the slope and y-
intercept for calculating AE, and A respectively.

1. Turn Diagnostic On

pnd CHTALOG ] DizgnosticOn Note: After
Egégﬁgﬂil{ Done|  DiagnosticOn is
DerendAut.o selected; it will remain
det ¢ . Again ON even when the
0 pEiggﬂgitiEEEF calculator is turned Off.
ol ¢ However, resetting the

I calculator will turn the

o Select DiagnosticOn ENTER Diagnostic Off (factory
setting).

2. Obtain LinReg (ax + b) L3, L4, Y1. Copy Equation to J'GHM Screen, and Graph Least Square Line on

Scatter Plot.
ENTER 2nd XK To access Y, press Select Option 1
for Y,

NIV:NESelect CALC, use VARS
. o . ENTER
EDOIT Eii% TESTS
1:1-Var Stats o n

%; ﬁ;gfﬁegtati' Choose DiagnosticOn g: 'L.-';:

?Iﬁagﬁﬁgéawb} «—Optiond |\ poarasby Lo EHV

&:CubicReg Linear Lus Sive

FlAuartReg Regression %J?
(ax +b) Select Option 1
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ENTER

Lya'%y

OiagrnosticOn
Oaon
LinEeqr ax+h Lz, r=-.99

Linkeg V&l Be Sure Plotl is On
g=ax+h
a=-IB316. SE7ES
At
el | rE=, AR Flotz Flat:
9418923 R -IEE1E, SETED
117A+29. 34638652
< Fl2v
When T is extremely close to *1, it :E;
indicates the line has a linear relationship. :3;:

y =-30316.56709117x + 29.346306827127
compares to

1

In(k) = — ia (?j + In(A)

Ea
——2 =slope
R Y

— slope = —30316.56709117 K
T (K™Y

Ea = —(slope)R = — (=30316.56709117 K)(8.314 J/(mol ¢ K)) = 251930.6725 J/mol

c. Draw the potential energy diagram for the decomposition of N,O () at 298 K. (AH® = 82 kJ/mol)

E 4
334 kJ

82 kJ

A

0kJ

AH=-82kJ

N2+ 702

Page 264.
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Reaction Coordinates

Assignment
13.4 pg. 590591 #31 to 42; pg. 596 #109, 110, 112
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13.5: Reaction Mechanisms

Reaction Mechanisms: - the series of steps involve in most chemical reactions.

Intermediates: - a chemical species that is produced in the initial reaction but is consumed by the final
reaction step.
- an intermediate does NOT appear in the overall reaction.

Molecularity: - the number of chemical species that must COLLIDE in a reaction step.

Elementary Step: - a reaction step for which its rate can be written based on it molecularity.

1. Unimolecular: - an elementary step where one molecule dissociates.
(A — Products where Rate = k[A])

2. Bimolecular: - an elementary step where two molecule collides.
(A + A — Products where Rate = k[A]* or A + B — Products where Rate = k| A][B])

3. Termolecular: - an elementary step where three molecule collides. Termolecular
(A + A + B — Products where Rate = k|A]*[B] or
A + B + C — Products where Rate = k[A][B][C])

Unimolecular Bimolecular
- . b f/ rd
’ \ //,
/// \\\ “\\\Q\ I.-',',-’/
i)
N\ TIN

Example 1: The reaction, SO; () + H>0 1) = H2S0O3 ag), has the following reaction mechanism.

H>0 () = H'(ag) + OH (ag)
H'(a) + SO2 @ = HSOx (ag)
HSO," + OH (aq) = H2S05 (ag)

Determine the rate law for each of the elementary step above and state their molecularity.
Identify all intermediates.

H,0 () —> H'ag* OH agy  Rate = k{[H,0] (Unimolecular)
H+(aq)+ SO; g = HSO; " (ag) Rate = k;[H'][SO,] (Bimolecular)
HSO; " (aq) + OH (ag) = H2S03 (aq) Rate = k;[HSO, |[OH] (Bimolecular)

@ermediates: H' ag), OH (o), and HSOz+(D

Rate-Determining Step: - the slowest step of the reaction mechanism for which the overall reaction rate is
based on.

Deduction of Reaction Mechanism: - possible reaction mechanisms are deduced by the overall reaction
rate from experimentation and chemical experience.
- a given rate law can give rise to many possible reaction mechanism.
That is, a reaction mechanism can never be proven absolutely
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Two Conditions for a Possible Reaction Mechanism

1. All reaction steps should add up to the final balanced reaction.
2. The rate law as determined by experimentation must agree with the rate law of the rate-determining step.

Example 2: The reaction, Hy03 aq) + 2 H'(aq) + 2 T (aq) = L2 (ag) T 2 H20 (1), has a experimental rate law of
Rate = k|H,O,][I"]. Are the following steps a possible reaction mechanism?

Hz?z @q) T '@ > H20 1) + 10 aq) (Slow)
HIO (ag) + H (aq) * ['(aq) > L2 aq) T H2O 1y (Fast)

H202 (aq) ar Ii(aq) —> HzO ) ol I—Q_% (SlOW) Rate—determining Step:

H' ag) + 107 @ — BIO(q) (Fast) Rate = k;[H,0,][I']
eyt H o + Ly > b ag + HoO ) (Fast) Experimental Rate Law:
+ —
H;02 @0+ 2 H o) + 2 I' @) > L2 ag) + 2 H20 Rate = k[H,0][T]

Steps of the Reaction Mechanism added up to the final reaction (1* condition met).
Rate-determining elementary step gives the same rate law compared to that from
experiments (2" condition met). Therefore, the proposed mechanism is a possible
pathway for the overall final reaction.

Assignment
13.5 pg. 591-595 #43 to 49, 51 to 54, 68, 70, 73, 99

13.6: Catalysis

Catalyst: - a substance that speeds up the reaction without being consumed in the reaction.
- unlike intermediates, catalyst is used and recycled in the reaction.
- lowers activation energy by providing an alternate reaction pathway.
(AE, is lowered but AH,, remains the same.)

b E. without
Catalyst
E. with 5 % Uncatalyzed reaction
Catalvst /, Y
7 _ __w_ _ i\ _"= Catalyzed reaction
Reactants \ AH
) rxn

Products

nl

Potential energy

Reaction coordinate
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Three Types of Catalyst

1. Heterogeneous Catalyst: - a catalyst that exists in a different phase compared to the reactants.
- utilizes the concept of adsorption to “hold down” the reactants for faster
reaction rate.

Adsorption: - collection of a substance on the surface of another substance.
- the opposite of absorption (passing a substance through another).

In general, heterogeneous catalytic reaction involves four steps.

1. Adsorption of the reactants and activation of the heterogeneous catalyst on the surface.
2. Migration of the adsorbed reactants on the catalytic surface.

3. Reaction of the adsorbed substances.

4. Desorption or release of the products.

Examples: a. Ammonia is formed from its elements using heterogeneous catalyst such as Pt ):
N2 +3 Hyg —— 2NHs(g

(Check out Video at http://www.dac.neu.edu/physics/b.maheswaran/phyl121/data/ch11/anim/anim1 1-5b.mov)

b. The catalytic converter converts NO (g (result of burning nitrogen at high
temperature) to N» ) and O3 (). The O; () along with the catalytic converter
is used to produce CO; (g) from CO ).

2 NO @ catalytic converter 5 N2 © + 02 ©
2 CO © + 02 © catalytic _converter 2 (j()2 ©

A catalytic converter for most modern vehicle. Leaded gasoline deactivates
| catalytic converter. Therefore, they are not legally used in vehicles

2. Homogeneous Catalyst: - a catalyst that exists in the same phase as the reactants.

Example 1: The destruction of ozone in upper atmosphere can be attributed to NOg) and CFCs acting as
catalysts. NO (g) is produced from the combustion of N, () at high temperature commonly found
in internal combustion engine (high-altitude aircraft produces lots of NO (g)). CFCs (chloro-
fluoro-carbon compounds) are found in aerosol can propellants, refrigerators, and air
conditioners. They break down to form CI () with the presence of light. Use the following two
reaction mechanisms; identify the intermediates and catalysts for the decomposition processes
of ozone in the upper atmosphere.

NO () + O3 g = NOz () + Oz g) Cl g+ O3 = ClO g + Oz (g

0 9+ NO» = NO g+ O ) 0+t ClO@g=Clg+0:q
Ot 030202 Ot 030202

NO () + O3 @ = NO2 () + Oz g) Cl (gt O3 — ClO (g + Oy

O @t NOj )= NO ) + O (g) Q@+CIO@—)C1@+OQ((’)
O+ 030 =202 O @+ 0309 =20

Intermediate: NO; ) Intermediate: ClO (
Catalyst: NO () Catalyst: Cl
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TOMS Ozone Sep 10, 2000 - Min: 125 DU; ~Area: 29.2x10° km®

How Ozo~NE 18 DESTROYED

csIRO s —— 220 DU Gontour

£l
Diobsan Units

(Above) The Ozone Hole
over the South Pole (Sept
2000). A similar hole is
present over the Arctic. (Left)
Process of Ozone Depletion.
Ozone blocks harmful UV
rays that can otherwise cause
skin cancer.

3. Enzyme Catalyst: - a biological catalysts that speeds up certain types of chemical reaction in living beings.

- an enzyme is typically a large protein molecule.

- an average cell can consist of over 3000 different enzymes.

- a specific enzyme only acts on specific molecule called substrate (or reactant). It can be viewed as the
“lock-and-key” model as first developed by Emil Fischer in 1894 (see diagram below).

- many enzymes have multiple active sites for the interactions of substrates.

- thermodynamically, the main goal of enzymes is to lower AG, thereby increasing thermodynamic
spontaneity. AS is reduced by bringing the substrates in the correct orientation to react.

- kinetically, the speed of the reaction is increased due to lowering of the energy of the activation complex
(transition state). Some enzymes can catalyze the forward and reverse reaction equally, such as carbonic
anhydrase. In either case, the activation energy is lowered.

=% (1) The substrate, sucrose, consists Glucose - __P = — Fructose
N y— of glucosa and fruciose bonded /
/ [os 1// togetne,
LS _,-j? s -\ : (Z) The substrate bings 10 1he enzyme, without enzyme
= Y 't'!runq an !nxyrﬂu-uub!luh
[ F (4] Products arme released,
— \1'/ \-‘ ™\ and Ihe enzyme is free

activation
energy without
enzyme

activation

energy with

enzyme

4 ™\ \ 1 bird ofhor substrates.
' w 'W

(3) The binding of the
substrale and enzyme
Active sile places stress on the reactants overall energy

lucose-tructose bor
g ' e.g. CO, + H,0 ::Iae;is:: during
Enzyme
products
Lock-and-Key Model of Enzyme .

~
-

Energy

Reaction coordinate

Assignment '
13.6 pg. 592595 #55 to 58, 62, CO, + H,0 —Sme ey 1, CO; (i tissues — high [CO,))

64, 65, 80, 84, 96 H,CO, —<bonic anhydrase 5y, 4 H,0 (in lungs — low [CO»]
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Chapter 14: Chemical Equilibrium

14.1: The Concept of Equilibrium and the Equilibrium Constant

Chemical Equilibrium: - the state at which the concentrations of all reactants and products remain
constant with time (the Forward Reaction Rate = Reverse Reaction Rate).

- the equilibrium state is dynamic (not static). Chemical species are
continuously converting from reactants to products and vice versa. It appears that
the reaction has stopped only because the rate of consumption = rate of
production.

- if an equilibrium state is disturbed (changing concentrations of species,
pressure, volume and temperature change), the reaction will shift towards one
side in order to re-establish the new equilibrium state.

- like reaction rate, Equilibrium is affected by Temperature.

aA +bB=cC+dD

a and b: Coefficients of reactant species A and B
c and d: Coefficients of product species C and D
= equilibrium symbol (indicating forward and reverse reactions)

|
1 Equilibrium State

[ »
: D]
1
8 !
| ©
=
5} |
2 I
g ! [B]
1
: [A]
I | -
Time to reach Time
Equilibrium

(Check out Video at http://www.mhhe.com/physsci/chemistry/animations/chang 7e esp/kim2s2 5.swf)

A B, p, -
o 7) The N,O4 ) = 2 NO; () equilibrium.

o gy -~

Initially (Picture A), there were very
little NO; (). As time proceeded
forward, more NO; g (brown color) is
produced (Pictures B & C). However,
there are still N,Oy () present at the
equilibrium state (Picture D).
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Law of Mass Action: - a reversible reaction at equilibrium and a constant temperature, a certain ratio of

reactant and product concentrations (Equilibrium Expression) has a constant
value, K — equilibrium constant.

Equilibrium Expression: - an expression relating the concentrations or pressures of the reactants and
products when they are at the state of equilibrium.

- it takes the form of the individual products raised to the power of their
respective coefficients divided by the individual reactants raised to the power
of their respective coefficients.

- the equilibrium expression is unique for each reaction, but it is the same
for that particular reaction regardless of temperature.

Equilibrium Constant (K): - the unitless numerical value of the equilibrium expression.

- the equilibrium constant is the same for a particular reaction if it
remains at the same temperature.

Equilibrium Expression and Constant of a Reaction
aA+bB =cC+dD

« _ [cI[p] SR .
[ A]a [B]b Equilibrium Expressions

a and b: Coefficients of reactant species A and B
¢ and d: Coefficients of product species C and D
[A], [B], [C] & [D] = Equilibrium Concentrations of Chemicals
K = Equilibrium Constant (Concentrations)

Assignment
14.1 pg. 633 #1 to 4

14.2: Writing Equilibrium Constant Expressions

Homogeneous Equilibria: - an equilibrium system where all chemical species are in the same phase.

Equilibrium Constant (K): - the symbol for equilibrium constant when the expression deals with
concentrations is simply K or K.. When the expression deals with pressures,
it is symbolized as Kp.

- for equilibrium of an ideal system, the activity of a substance is the ratio of
its concentration or partial pressure to a standard value of 1 M or 1 atm. The
procedure eliminates all units but does not alter the numerical value of the
concentrations and pressures. Therefore, K has no units.
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Equilibrium Expression and Constant of a Reaction
aA+bB =cC+dD
c d cpd
PP
PPN 511 A .
[AT[B] PPy
a and b: Coefficients of reactant species A and B ¢ and d: Coefficients of product species C and D

[A], [B], [C] & [D] = [A]eg, [Blegs [Cleq & [D]eq = Equilibrium Concentrations of Chemicals (mol/L)
P4, P, Pc & Pp =Pa, eqs PB,eqs Pc,eq & Pp,eq = Equilibrium Pressures of Chemicals (atm)

K or K; = Equilibrium Constant (Concentrations) Kp = Equilibrium Constant (Pressures)

Both K; and Kp are Unitless

Example 1: Write the equilibrium expression of the following reactions.
a. Bn @t 5F, @ = 2 BrFs ) b. NoH4 @t 6 H,O, @ = 2 NO, @t 8 H,O

Equilibrium Position: - the concentrations or pressures of all chemical species at equilibrium state.

- depends strongly on the Initial Concentrations of the chemical species. (In contrast, K does NOT
depend on initial concentrations, only on temperature and the specific reaction.)

- since there all many possible initial concentrations for any one reaction, there are infinite number of
equilibrium position for a particular reaction.

Note: Do NOT confuse initial concentrations [A]y with equilibrium concentration [A]e,!! We only use
Equilibrium Concentrations to calculate K by substituting them into the equilibrium
expression.

Example 2: The formation of HI ) is an equilibrium reaction. Several experiments are performed at 710 K
using different initial concentrations.

Hy gt g = 2 Hl(g

Experiment 1 Experiment 2
Initial Equilibrium Initial Equilibrium
[H2]o=0.100 M [Hz]eq = 0.0222 M [H2lJo=0M [Hz]eqg = 0.0350 M
[I2]o=0.100 M [[2]eq = 0.0222 M [[]Jo=0.0100M  [I;]eq=0.0450 M
[HIlp=0M [HI]eg =0.156 M [HI]p=0.350M  [HI]eq=0.280 M
Experiment 3 Experiment 4
Initial Equilibrium Initial Equilibrium
[H2]o=0.00150 M [H3]eq = 0.0150 M [Halo=0M [Ha]eq = 0.0442 M
[Llo=0M [I2]leg =0.0135 M [Llo=0M [I2]eg = 0.0442 M
[HI]p=0.127M [HI]eqg = 0.100 M [HIlo=0.400M  [HI]eg=0.311 M

a. Write the equilibrium expression for the formation of HI ().
b. Calculate the equilibrium constant for each experiment, and average them for an overall value.
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a. Equilibrium Expression: %

b. Equilibrium Constant:

Experiment 1: K; = [HI]eq2 = (0.156)° Experiment 2: K, =
lo[LL,  (0.0222)(0.0222)

Experiment 3: K3 = - HI]eq2 = (0.100)° Experiment 4: K4 = - =
H,] [I,], (0.0150)0.0135) H, ][], (0.0442)0.0442)

Ks;=49.3 (Ky=49.5)

A (= 49.4+49.8 Z 49.3+49.5 Kavg = 49.5

HIl,> (0.280)

Lo, (0.0350)0.0450)

Hil,,* (0.311)

Converting K. to Kp:

PV =nRT (Ideal Gas Law)
n
p= (3) RT = CRT (Solving for P and let - = Concentration)
PcPy —_ :
Kp=——+ (Equilibrium Expression and Constant for aA + bB = cC + dD)
PPy

Substituting pressures for each chemical species into the equilibrium expression:
(Pa=[A]RT ; Pg =[B|RT ; Pc = [C]RT ; and Pp = [D]RT)

Kp = ([C]RT )C ([D]RT )d _ [C]C(RT )C [D]d (RT )d (Combine exponents on common
(AlRT)(BJRT)  [AF(RT)[BF(RT)’ base RT using Laws of Exponents)
o [TFRT* _ [} v I}
[aF[B](RT)™  [a][B] [aT[B]

Kp = KC(RT)(C +d)—-(@+h)

(Replace with K;)

Conversion between Concentration and Pressure Equilibrium Constants
aA +bB =cC+dD

Kp = K(RT)*"

where An =X Coefficients of Products — X Coefficients of Reactants = (c + d) — (a + b)
R =0.08206 K™ T =Temperature in K
R has a unit of K™' to cancel out with the Kelvin from Temperature only,
therefore K calculated will remain unitless
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Example 3: One possible way of removing NO (g from the exhaust of an internal combustion engine is to
cause it to react with CO (g) in the presence of suitable catalyst.

2NO ) +2CO g = Na(g) +2 COy g
At 575 K, the reaction has K=2.2 x 10°°. What is Kp of the same reaction at 575 K?

K=K,=22x10% Kp = K(RT)™"

R=0.08206 K Kp= (2.2 x 10°")[(0.08206 K)(575 K)]
T=575K Kp = (2.2 x 10™)[47.1845]"

An = Znproducts — 2ZNeactants _ 57
An=(1+2)-(2+2)=3—4 Kp =47 x 107
An=-1

Kp =?

Example 4: The German’s Haber-Bosch process developed in 1913 utilizes an iron surface that contains
traces of aluminium and potassium oxide as a catalyst to manufacture ammonia from nitrogen
and hydrogen. It is an important process as ammonia is commonly used in fertilizer and
ammunition. In 1918, the scientist Fritz Haber won the Nobel Prize in chemistry for his
contribution.

Nag+3 Hag = 2 NHs g
a. At400 K, Py, =0.1024 atm, P, =2.8084 atm and P,; =0.0102 atm. Write the equilibrium

expression in terms of pressure and calculate Kp.
b. Convert the calculated Kp above to K.
(0.1024)°

a. Equilibrium Expression: Equilibrium Constant: Kp =
(2.8084)0.0102)’

K
b. Kp=3.52x 10°

R=0.08206 K" T=400K Kp = K(RT)™"

3
An = anroducts — ZNreactants Ke= KPAn = (352 i 10 ) 2
An=2)—(1+3)=2-4 (RT)™  [(0.08206 % 400 )]
An=-2
Kp =7?

Heterogeneous Equilibria: - an equilibrium system where some chemical species are in different phase
compare to the others.
- chemical species that are Pure Solid or Pure Liquid are NOT Included in
the Equilibrium Expression. This is due to the fact that pure solids and
liquids do not have concentrations.
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Example 5: Write the equilibrium expression for the following systems.
a. 2 NaN; () = 2 Na Ok 3N, (2 b. 2 NH; @t CO @ = H>,NCONH,» Ok H,O Q)

(NaN; and Na are Pure Solids)

(H,NCONH; is a Pure Solid)

c. Ag:SO04 =2 Ag g + SO0 ag) d. HF s + H2O ) = HiO'(aq) + F (ag)
CK=[Ag IS0 D
(Ag2S0y is a Pure Solid)
(No Kp because there are no gases.) (H20 is a Pure Liquid)

(No Kp because there are no gases.)

Multiple Equilibria: - the overall equilibrium constant of a multi-steps systems is the product of all the
equilibrium constants of the individual steps involved.

Consider the following multiple equilibria:

Stepl: A+B=C+D K, = [C][D]

Step2: C+D=E+F K, = [F]

A+B=E+F

Multiple Equilibria
K=K]XK2XK3X...

Working with Equilibrium Constant and Equations:
- reversing equilibrium reaction will cause the reciprocate the equilibrium constant (1/K)
- multiplying the equation by a multiple n will result in raising the K by the power of n.

Reversing Equilibrium Reaction Multiplying Equilibrium Reaction by a Factor of n
aA+bB=cC+dD —» cC+dD =2aA+bB | n@@A +bB = cC +dD) — naA + nbB = ncC + ndD)

AP ([P a1 o_[cI'PF _([cF) Y _ ..
N IOY; [[A]a[slb] Tk AR [[A]a[slbj “

K> = Reverse Equilibrium Constant K" = New Equilibrium Constant
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Example 6: For the following reaction and the equilibrium concentrations at 300 K.
2 C3Hg ) + 2 NHs g) + 3 Oz () = 2 CGH3N g) + 6 HoO (g
[C3Hgleg=0.500 M [NH3]eq=0.250 M [Oz]eq=0.350 M
[C3H3N]eg=2.50 M [Hy0]eq=3.00 M

a. Write the equilibrium expression and determine the equilibrium constant.
b. Write the equilibrium expression and calculate the equilibrium constant for the following
reaction with the same equilibrium concentrations.

2 C3H3N @t 6 H,O @ = 2 C3Hg @t 2 NH; @t 30, ()

c. Write the equilibrium expression and find the equilibrium constant for the following reaction
with the same equilibrium concentrations.

3
CGHs@ *NH; @+ 5029 = GHN g+ 3 H:0 g

[C H N] [H, o]

][NH][

2 6
Equilibrium Constant: = C H,N [H O M (22'50) (3'20) ;
[c.B FINH,F[O,T  (0.500)(0.250)*(0.350)

b. Equilibrium Expresswn@H ] [NH3] [ (Reverse Equilibrium)
[c,H,N] [1,0]"
-1
« _ [CHF[NB,Flo, { ;N [H,0] J _

[c;HNF[,0F  \[c,H N, Flo,

=K
K’ = (6.80 x 10°)"

[c;H,N]H,0f

a. Equilibrium Expression: ( K=

Equilibrium Constant:

c. Equilibrium Expression; (All Coefficients Multiplied by %)

[c, 1IN, Jo,
uilibrium Constant: ? = [C3H3N][H20]3 = [C3H3N]2[H20]6 ;: %
B o TNHLTo ] ([c3H6]2[NH312[0213J :

K7 = (6.80x10°)

Assignment
14.2 pg. 633—635 #5 to 11, 13, 14, 16, 18, 20, 22 to 24, 26 to 28, 30 to 32; pg. 639 #92
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14.3: The Relationship Between Chemical Kinetics and Chemical Equilibrium

Suppose we have the following elementary steps of an overall system, aA + bB = cC + dD

Step 1: aA +bB = nAB (at a specific T, the forward rate = reverse rate)
kea[AT[B]" = k. [AB]"
Step 2: nAB = cC+dD (at the same specific T, the forward rate = reverse rate)

ke [ AB]" = k;o[C]°[D]°

Overall: aA+bB =cC+dD

Equilibrium Constant (K) can be written as the ratio of rate constants of the forward and reverse reactions.

n c d
For Step 1, we have K; = ki, = [A ] - . Similarly, for Step 2, we have K, = ke, = [C] [D] .

ko [AF[B] ko [AB]

From what we have learned about multiple equilibria (section 14.2), K = K; x K,. Therefore,

K K o Il [cHoy
ke AFET ™ Tal

[ [p]

[AT[B]'

Now, the overall reaction of, aA + bB = cC + dD, would have an equilibrium expression of K =

Since the rate constant is dependent on temperature, and equilibrium constant is a ratio of rate constants,

Equilibrium Constant (K) is highly dependent on temperature (T).

Assignment
14.3 pg. 635 #33 and 34
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14.4: What Does the Equilibrium Constant Tell Us?

Important Notes Regarding the Size of the Equilibrium Constant (K):
aA +bB = cC+dD

« -« k[P, . PéaPies
T T A R P™ Hha pb
[AL[BL. P aPre

1. When K >> 1, the equilibrium system favours the products. There are more products than reactants
at the state of equilibrium. ([Cleqand [D]eq or Pc,eq and Pp eq >> [Aleqand [Bleq or P4, eq and Pg eq)

2. When K << 1, the equilibrium system favours the reactants. There are less products than reactants at
the State Of equlllbrlum. ([A]eq and [B]eq or PA, eq and PB’ eq >> [C]eq and [D]eq or PC’ eq and PD’ eq)

3. When K #~ 1, the equilibrium system favours neither the products nor the reactants. There are
roughly the same amount of products and reactants at the state of equilibrium. ([Cleqand [D]eq or
PC, eq and PD_ eq =~ [A]eq and [B]eq or PA, eq and PB, eq)

4. The Size of K has NO Relationship with the Rate of Reaction to reach the state of equilibrium.
Reaction Rate is dependent on Activation Energy and Temperature (T) (NOT K).

5. The Size of K depends on Free Energy (G) and Temperature (T).

Reaction Quotient (Q): - the mass action expression under any set of conditions (not necessarily
equilibrium).
- its magnitude relative to K determines the direction in which the reaction
must occur to establish equilibrium.

Iy
NI

a. When Q > K, the system shifts to the reactants. At a specific condition, Q indicates that there are too
much products. Therefore, the system has to shift back to the left.

b. When O <K, the system shifts to the products. At a specific condition, Q indicates that there are
not enough products. Therefore, the system has to shift forward to the right.

c¢. When Q =K, the system is at equilibrium. At a specific condition, Q indicates that all
concentrations are that of the equilibrium state. Therefore, there will be no shifting.

Example 1: The reaction, 2 NO () + O; () = 2 NO; () has an equilibrium constant of K = 29.54 at 600 K.
Indicate the direction in which the system will shift to reach equilibrium when the [NO], =
0.300 M, [O1]o = 0.250 M, and [NO3]o = 0.500 M.

[NOJo = 0.300 M _ [No,Ji  _ (0.500) -
[@y=0.230 i 0 [NoL[0,],  (0:300)(0.250) @

[N02]0 =0.500 M

Since Q <K (11.1 < 29.54), the system will shift to the product (NO,). There are
Q=2? not enough NO; at the initial conditions.

Copyrighted by Gabriel Tang B.Ed., B.Sc. Page 277.




Unit 5: Chemical Kinetics and Equilibria Chemistry AP

Example 2: The reaction, Cl, o) + 3 F2 () = 2 CIF; () at 350 K has K = 50.2, If the equilibrium
concentrations of Cl, ) and CIF3 (g are 0.149 M and 0.205 M respectively, what is the
equilibrium concentration of F» (g)?

[Clz]eq =0.1499 M CIF 2 ,
[CIF3]eq = 0.205 M K= [—3]113 502 = (O-Lﬂ}
K - 502 [C12 ]eq [FZ ]eq (0149)[F2 ]eq
0.205)"
- Foleq = _(0205)°
e ™ 50.2)0.149)

0.205)
[F2leq = 3 W

ICE Box: - stands for Initial, Change, and Equilibrium. It is a table that organizes information to
calculate final equilibrium concentrations given the equilibrium constant and initial
concentration.

Example 3: The formation of HCI () from its elements, H, ) + Clz (o) = 2 HCI () has K =0.404 at 250 K. A
5.00 L flask at 250 K contained an initial concentration of 3.00 mol of HCI (g) and 3.85 mol of
H> (). When the system reached equilibrium, it was found that there were 0.860 mol of Cl; (g).
Determine the concentrations of H; () and HCl () at equilibrium.

K= 0.404 The system must shift to the left because initially, we are missing
ol = 3.85mol 0.770 M one reactant ([Cl;]o = 0 M). Hence, the change to the H; is positive, and
[Halo = 500L the change to the HCI would be negative.

3.00 mol
[HCI]o = W: 0.600 M Since there is 0.172 M of Cl, at equilibrium, it means 0.172 M of H,

is added (1:1 mol ratio between Cl, and H,). It also means that there

[CLl=0M is 2(0.172 M) less HCI (2:1 mol ratio between Cl, and HCI).
0.860 mol
[Clleg= ————— =0.172 M
5.00L

[Haleg = ? H;g + Chg = 2HC

[HCl]eg=? Initial 0.770 M oM 0.600 M
Change +0.172 M +0.172M —2(0.172 M)
Equilibrium | 0.942M 0172 M 0.256 M

Verify with K:

HCI[: g
K= [, ___(0.256) K = 0.404

[H,],[cL],  (0.942)0.172)

This matches with K given in the question.

Therefore, the equilibrium concentrations are:

@= 0.942 M, [Cly]eq = 0.172 M and [HCl]eq = 0.2@
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Example 4: The reaction, 2 NO; () = NOj3 (4) + NO () has K=31.7 at 700 K. A 2.50 L flask at 700 K has
1.00 mol of each species initially. Calculate the concentrations of all species at equilibrium.

K=31.7 First, we must determine Q and the direction of the shift.

1.00 mol
NO;zJo= ————=0.400 M
NOb = =501 o- [NO,],[NO], _ (0.400)0.400) 0= 1.00

2 2 °
NOs]o = 220mOl_ 6 400 M [NO, | (0.400)
2.50L

[NOJ, = 1.00mol _ , 110\t Since Q <K (1.00 < 31.7), the system will shift to the products (NO3

250L i and NO). There are not enough products at the initial conditions.

Hence, the change to the NO; is negative, and the changes to the NO;

[NO2]eq =2 and NO would be positive.
[NO3]eq =?
[NOJeq=? Let X = amount of change per mole, since there are 2 moles of NO,

reacted; NO; will be lowered by 2x. Similarly, NO3; and NO will be
increased by 1x each.

2NO; = NO; ) + NO (g
Initial 0.400 M 0.400 M 0.400 M
Change — 2X + X + X
Equilibrium | (0.400 — 2x) M (0.400 + x) M (0.400 + x) M

Next, we set up the equilibrium expression, substitute the above mathematical expressions and
solve for X.
(Since we have a set of common exponents we can group it and square root both sides.)

. [No, ], [NO], 317 044x)04+x) _ (04+x) [ (04+x) ’
[No, [, ' (0.4-2x)’ (0.4-2xy | (0.4-2x)
04+x) T
317 = || —24
(0.4-2x)
5.630275304 = L04+%)
(0.4—2x)
5.630275304 (0.4 — 2x) = 0.4 + x Finally, su.bstitute X bflck into the
2.252110122 — 11.26055061x = 0.4 + X mathematical expressions.
—12.26055061x = —1-18221(1)(1)32 [NO,Jeq = 0.400 — 2x = 0.400 — 2(0.15106)
X=— _
—12.26055061 @2]” DM
N [NOsJeq = 0.400 + X = 0.400 + (0.15106)
Verify with K:
[NO3]eq = 0.551 M
« — N0, L, [NOL, _ (0.551)0.551) a1 Ol 1M
[No, [, (0.0979)’ ' [NOJeq = 0.400 + x = 0.400 + (0.15106)
This matches with the K given in the question. @]Qq = 0.55@
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Using the TI-Graphing Calculator to Solve Higher Degree Equations:

Sometimes we may encounter equations with higher degrees when solving for equilibrium pressures or

concentrations. In some cases, we may be able to use the quadratic formula, but for cubic and higher

degrees equations, they can become quite difficult. The TI-Graphing Calculator has a SOLVE function to

aide the determination of the roots.

Example: Solve for the final concentrations of both products in the following equilibrium system when the

initial concentration of the reactant is 0.400 mol/L, and K= 2.4 x 1072

Ag = B + Co
Initial 0.400 M oM oM
Change — X + X + X
Equilibrium (0.400 —x) M XM XM

1. Manipulate the Equation so one-side is equal to 0.

X2
becomes 0= —24x1072

E le: 2.4 x 1072 =
AP S (0.4—x) (0.4—x)

2. Callout the solve function. J

solve (Equation Expressnon, X, guess, lower boundary, upper b*oundary})

Enter Highest
Enter 0 Enter 0 Initial
Concentration /
gnd Pressure Given
,—J

»
»

Scroll Down pnd
then from S
Parameters
CATALOG | soluelEe - T@.4=%2 soluelEe - T@.4=%2
Sl -2 42 ®.8: {H. 4 -2 42 ®.8: {H. 4
simc1g L L
sinht CBAEEF1I1VEL4
Select =ik~
solve ( FEéTEE? Value/
> | Sarihl of X

Therefore, the concentrations of the products are:

X = [Bleg = [Cleq = 0.0867 mol/L_>
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Example 5: The reaction, SO, (g) + Cl; () = SO2Cl; (), has an equilibrium constant of 0.486 at 500 K.
Determine the equilibrium concentrations of all species if there are 2.00 mol of each species in

10.0 L container at 500 K.

K=0.486 First, we must determine Q and the direction of the shift.

2.00 mol

SOzJo= ——=0.200M

e TY o= 180:CLL _ _ (0.200) 0=5.00
cL, — 2% mol oo [so,],[c1,],  (0.200)0.200)

10.0L
(SO,Cl]y = 2.00 mol 0.200 M Since Q > K (5.00 > 0.486), the system will shift to the reactants

S 100L ’ (SO; and Cl,). There is too much product at the initial
conditions. Hence, the changes to the SO, and Cl, are positive, and

[SOs]eq=? the change to the SO,Cl, would be negative.
[Clzleq =¥
[SO,Cly]eq =? Let X = amount of change per mole, since there is 1 mole of SO,

reacted; SO, will increase by 1x. Similarly, CI, will increase by
1X. SO,Cl,, on the other hand, will decrease by 1x.

SOZ ()] + ClZ ) = SOz(:lz )
Initial 0.200 M 0.200 M 0.200 M
Change + X + X —X
Equilibrium 0.200+x) M 0.200+x) M 0.200—-x)M

Next, we set up the equilibrium expression, substitute the above mathematical expressions and
solve for X.
(Since we don’t have any common exponent, we have to expand the denominator.)

K = [SOZCIZ ]eq 0.486 = (02 — X) _ (02 — X)
[so, ] [cL ], ' (02+x)02+x) (0.04+0.4x+x?)
0.486 (0.04 + 0.4x + x*) = (0.2 — X)
0.01944 + 0.1944x + 0.486X* = 0.2 — X

0.486x> + 1.1944x — 0.18056 = 0 (Quadratic Equation: Apply the Quadratic Formula!)

_bh+h%—
x= 0t 2b dac a=048  b=1.1944 c=-0.18056
a
> Finally, substitute X back into the
_ —(1.1944)+ J(1.19421) - 4)(0.486)(— 0.18056)  athematical expressions.
2(0.486
SO, ]eq = 0.200 + X = 0.200 + (0.14287
X = 0.14287 X = —2.6005 (omit negative x) L2 X ( )

= 0343 M
Verify with K: 18011 = 0.343 M

[Cly]eq = 0.200 + x = 0.200 + (0.14287)

K= [30,C ___(0.0571) K = 0.485 —
0,1 [cLL,  (0343)0343) ' CChl =033 M >
) [SO2Cl]eq = 0.200 — X = 0.200 — (0.14287)
This matches closely with the K given in the question.
1S matcnes closely wi (Y given in € question @C]Z]eq B 0.{}57@
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Steps to Solve Equilibrium Problems:

1. Write the Balanced Chemical Equation for the system. This includes all the correct states for all
species.

Write the Equilibrium Expression and equate it to K value given.

List the Initial Concentrations.
Determine Q and compare it to K to determine the direction of the shift to equilibrium.

LA o

Construct the ICE Box and define the change amount of change per mole as X. Using the
coefficients and the direction of the shifts, state the mathematical expressions of each species at
equilibrium.

6. Solve for X after substituting the mathematical expressions into the equilibrium expression. (Look
for methods of simplifying like common exponents if they exist. Otherwise, the quadratic equation will
be needed to solve for X.)

7. Calculate the equilibrium concentrations of each species and verify that they indeed give the value
of K.

8. For equilibrium involving pressures, the procedure is the same as above.

Example 6: The equilibrium constant for the system, CoHg (g) + Cly () = CoHsCl ) + HCI (o), at 283 K is

0.100. If we had 6.00 mol of C,Hg (4), 6.00 mol of Cl; (4 and 6.00 mol HCl (g originally in a
3.00 L container at 283 K, determine the equilibrium concentrations for all species.

K=0.100 First, we must determine Q and the direction of the shift. (Be
6.00 mol careful! This is a heterogeneous system. C,HsCl is a pure solid and
[C2H6]0 =——=200M oy s . . gL Lo .
3.00L it is not involved in the equilibrium expression.
[Clelo= 2228 =2.00 M o- lHCL, (200 0 =0.500
: [c,H,],[cL,], (2.00)2.00)

6.00 mol
[HC]o = 300L 200M Since Q > K (0.500 > 0.100), the system will shift to the reactants

(CsHg and Cl). There are too much products at the initial

[C2Hgleq=? conditions. Hence, the changes to the C,He and Cl, are positive, and
[Cly]eq = ? the change to the HCI would be negative.
[HClJeq = ?

Let X = amount of change per mole, since there is 1 mole of C,H;
reacted; C;Hg will increase by 1x. Similarly, Cl, will increase by
1x. HCI, on the other hand, will decrease by 1x.

Initial 2.00 M 200M | | - 2.00M
Change + X S G (R (R —— %
Equilibrium 2.00+x)M 200+x)yM | | - 2.00-x)M
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Next, we set up the equilibrium expression, substitute the above mathematical expressions and

solve for X.
(Since we have a set of common exponents we can group it and square root both sides.)

[HCl], olo0—_ 2=x) _  (2-%)
[C,H,],[cL,], ' C+x)2+x) ([4+4x+x?)
0.100 (4 + 4x +x) = (2 — X)
0.4+0.4x+0.1x* =2 — X

0.1+ 1.4x—1.6=0

_ —b*+b’-4ac

X o a=0.1 b=14 c=-1.6
- (1 .4)1 \/(1.4)2 — 4(()_1)(_ 1 .6) Finally, substitute X back into the
X= 2(0. 1) mathematical expressions.

x =1.062258 x =—15.06226 (omit negative X) [C2He]eq = 2.00 + x =2.00 + (1.062257748)
[C2H6]eq =3.06 M

[Cly]eq = 2.00 + x = 2.00 + (1.062257748)

Verify with K: [Cl]eq = 3.06 M
~ [HC],  (0.938) B
. = K =0.100
[c,H,][cL,], (3.06)3.06) [HCl]eq = 2.00 — x = 2.00 — (1.062257748)

This matches closely with the K given in the question. [HCl]eq = 0.938 M

Example 7: The reaction of CO (y) + Cl; 5y = COCl, () has an equilibrium constant of Kp = 0.289 at 450 K.
The 1nitial pressures of CO (g), Cl, () and COCl, (g) are 0.800 atm, 0.900 atm and 0.150 atm
respectively. They are all mixed in a 7.50 L flask at 450 K. Find the equilibrium pressures.

Kp=0.289 First, we must determine Q and the direction of the shift.
Pco, o= 0.800 atm
Py, o = 0.900 atm Op— _Feocno _ (0.150) Qp = 0.208

Procr, o= 0.150 atm Peo.oPeo  (0.800)0.900)

Since Q < K (0.208 < 0.289), the system will shift to the product (COCL,).

Pco,eq="7? There is too little product at the initial conditions. Hence, the changes to the
P CO and Cl, are negative, and the change to the COCI, would be positive.

Cl,eq

Let X = amount of change per mole, since there is 1 mole of CO reacted;
CO will decrease by 1x. Similarly, Cl, will decrease by 1x. COCl,, on the
other hand, will increase by 1x.

PCOClz,eq =1

CO + Cl; ) = COClL; )
Initial 0.800 atm 0.900 atm 0.150 atm
Change — X — X + X
Equilibrium | (0.800 — x) atm (0.900 — x) atm (0.150 + x) M
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Next, we set up the equilibrium expression, substitute the above mathematical expressions and
solve for X.

(Since we don’t have any common exponent, we have to expand the denominator.)

Kp = Peoc,.eq 0.289 = (0.15+X) _ (0.15+X)
Peo.eqPet eq ' (0.8-x)0.9-x) (0.72-1.7x+x?)

0.289 (0.72 — 1.7x + x*) = (0.15 + X)
0.20808 — 0.4913x + 0.289x*> = 0.15 + X

0.289%% — 1.4913x + 0.05808 = 0 (Quadratic Equation: Apply the Quadratic Formula!)

_ —bx+b’-4ac

X 5 a=0.289 b=-1.4913 ¢=0.05808
a
_ (_ 1.4913)i \/(_1'4913)2 —4(0.289)(0.05808) Finally, su.bstitute X b?ck into the
= mathematical expressions.
2(0.289)
X = 5.120963266 (omit larger value — Pco,eq = 0.800 —x = 0.800 — (0.0392443468)
bigger than 0.800 atm and 0.900 atm) @0 eq = 0.761 atm
x =0.0392443468 Pe,.eq = 0-900 — X = 0.900 — (0.0392443468)
Verify with K: Pey,.cq= 0.861 atm
Ko = Proces . (0.189)
PeoeqPenes  (0.761)(0.861) Peocr, eq=0-150 + X = 0.150 + (0.0392443468)
Kp=0.288 (This matches closely with
the Kp given in the question.) @lz,eq =0.189 M

Assignment
14.4 pg. 635-636 #37 to 48; pg. 637—641 #64, 70 to 78 (even), 82, 84, 108

14.5: Factors That Affect Chemical Equilibrium

Le Chatelier’s Principle: - a qualitative method to predict the shift on an equilibrium system if it is
disturbed by means of changing concentration, pressure and temperature.
- the equilibrium will shift in the direction that minimizes the change imposed
on the system.

1. Effects of a Change in Concentration:

a. An ADDITION of a species on one side of the equilibrium will Drive the System TOWARDS the
Opposite Side. (There is more concentration of the species being added. Hence, the system will shift
towards the opposite side to reduce the increased amount of that particular species.)

b. A REMOVAL of a species on one side of the equilibrium will Drive the system TOWARDS the

Same Side. (There is less concentration of the species being removed. Hence, the system will shift
towards the removal side to compensate.)

Page 284. Copyrighted by Gabriel Tang B.Ed., B.Sc.




Chemistry AP Unit 5: Chemical Kinetics and Equilibria

Changes in Concentrations on Equilibrium System aA + bB = cC + dD

A (-D

1 N o
(C] N

Concentration

v

Time

S —
@ indicates an Increase in [D]. As [D]T, equilibrium shifts to the left (@A + bB = cC + dD). Hence,
[A]T, [B]T, and [C|.

~E—
@ indicates a Decrease in [A]. As [A]J«, equilibrium shifts to the left (@A + bB = cC + dD). Hence,
[B]T, [CI¥, and [D]4..

—
® indicates an Increase in [B]. As [B]T, equilibrium shifts to the right (aA + bB = cC + dD). Hence,

[AN, [C]T, and [D]T.

—
@ indicates a Decrease in [C]. As [C]i«, equilibrium shifts to the right (aA + bB = cC + dD). Hence,

[AV, [BIV, and [D]T.

2. Effects of a Change in Pressure:

a. Adding an Inert Gas has NO CHANGE on the equilibrium system. This is because an inert gas
does not participate in the forward or reverse reaction.

b. Reducing the Volume will Drive the System TOWARDS the Side With LESS Gaseous Molecules.
Since there are less space for the number of molecules, the system will have to shift to the side with
lesser gaseous molecules to compensate.

c. Conversely, Expanding the Volume will Drive the System TOWARDS the Side With MORE
Gaseous Molecules. Now that there is more room for the molecules to move about, the system will
shift to the side that has more gaseous molecules to adjust to the new condition.

d. When there are Equal Number of Gaseous Molecules on Both Side of the Equilibrium, any
Change in Volume will NOT Affect System.
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Changes in Pressures on a Gaseous Equilibrium System aA + bB = cC + dD when (c +d) > (a + b)

A N\
C
[](D \

@

(3 [Inert Gas]

Concentration

[B]
> Time
—_—
@ indicates an Increase in Volume. As VT, equilibrium shifts to the right (aA + bB = cC + dD) since
there are more gaseous molecules on the product side [(C + d) > (a + b)]. Hence, [A]J«, [B]Jr, [C]T,
and [D]T.

—
@ indicates a Decrease in Volume. As VA, equilibrium shifts to the left (aA + bB = cC + dD) since

there are LESS gaseous molecules on the reactant side [(C + d) > (a + b)]. Hence, [A]T, [B]T, [C]i«,
and [D].

® indicates an Addition of an Inert Gas. There is no shifting of the equilibrium. (aA + bB = cC + dD)
as inert gas does not affect the system. Hence, [A], [B], [C], and [D] remain unchanged.

(See the Video at http://www.sasked.gov.sk.ca/docs/chemistry/mission2mars/contents/chapter3/images/pn204.mpg)

3. Effects of a Change in Temperature: - look at the energy (written in the reactant or product side) as
a chemical species. Then, the predictions will be the same as
those found with changing the concentrations.

a. For an Exothermic Equilibrium System: aA +bB = cC +dD + Energy
<

- an Increase in Temperature will drive the system to the left (aA + bB = cC + dD + Energy).
There is more heat added and because energy is written on the product side, the system will shift
to the opposite side to re-establish equilibrium. Hence, [A]T, [B]T, [C]i«, and [D]Jr.

—
- a Decrease in Temperature will drive the system to the right (aA + bB = cC + dD + Energy).
There is less heat overall and because energy is written on the product side, the system will shift
to the products to compensate. Hence, [AN, B, [C]T, and [D]T.
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b. For Endothermic Equilibrium System: aA + bB + Energy = cC + dD

D
- a Decrease in Temperature will drive the system to the left (A + bB + Energy = cC + dD).
There is less heat overall and because energy is written on the reactant side, the system will shift
to the reactants to compensate. Hence, [A]T, [B]T, [CI\, and [D]V..

—

- an Increase in Temperature will drive the system to the right (@A + bB + Energy = cC + dD).

There is more heat added and because energy is written on the reactant side, the system will shift to
the opposite side to re-establish equilibrium. Hence, [AN, [BIY, [C]T, and [D]T.

Changes in Temperature on an Exothermic Changes in Temperature on an Endothermic
Equilibrium System aA + bB = cC +dD + Energy  Equilibrium System aA + bB + Energy = cC +dD
A A

D) g
[C] \ [C] \

= =

] ]

: 0] : ®

= =

3 @ g @

| [B] 3| [B]

Q Ql
[A] [A] \—f_

Time Time
@ indicates a Decrease in Temperature. As T, equilibrium shifts to the right of an exothermic

—
system (aA + bB = cC + dD + Energy). Hence, [AN, [BV, [C]T, and [D]T.

@ indicates an Increase in Temperature. As 7T, equilibrium shifts to the left of an exothermic

<
system (aA + bB = cC + dD + Energy). Hence, [A]T, [B]T, [CIV, and [D]{.

® indicates an Increase in Temperature. As 7T, equilibrium shifts to the right of an endothermic

—
reaction (aA + bB + Energy = cC + dD). Hence, [AIN, [BIY, [C]T, and [D]T.

@ indicates a Decrease in Temperature. As TY, equilibrium shifts to the left of an endothermic

~E—
reaction (aA + bB + Energy = cC + dD). Hence, [A]T, [B]T, [CI{, and [D]{.

4. Effects of Adding a Catalyst: - has NO CHANGE on the equilibrium system.

(See Video at http://www.sasked.gov.sk.ca/docs/chemistry/mission2mars/contents/chapter3/images/catalyst.avi)
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Example 1: The equilibrium system, 4 PF3 ) = P4 ) + 6 F2 ) + 1578 kJ, is put under the following
changes. Predict the shift of the system and the resulting concentrations of all species for each

case.
a. an increase in the concentration of F (g). b. a decrease in the concentration of Py s
The system will shift to the LEFT. There will be NO SHIFT on the system.
-~
4 PF3 g = Py + 6 Fy T + 1578 kJ 4 PF3 g = Py ¥ + 6 Fy (g + 1578 kJ

(P4 is a pure solid and does not involve

Effect: [PF3|T (increase) with the equilibrium system)

Effect: [PF;] and [F;]| remain the same.

c. adecrease in the concentration of PF3 (g). d. a decrease in Temperature.

The system will shift to the LEFT. The system will shift to the RIGHT.

e —
4 PF; © i« = P4(s) +6F, @1 1578 kJ 4 PF; @ = P4(s) +6F, @t 1578 kJ ~L

Effect: [F,]4 (decrease) Effect: [PFs]4 (decrease) and [F,]T (increase)
e. an addition of He (). f. an increase in volume.

There will be NO SHIFT on the system. The system will shift to the RIGHT.

—
4 PF; @ = P4(S) +6F, @1 1578 kJ 4 PF; @ = P4(S) +6F, @1 1578 kJ
(He is an inert gas and does not involve (There are more gaseous molecules on the
with the equilibrium system) product side — 6 moles of F; 4 versus 4 moles

Effect: [PF;] and [F,] remain the same. of PF3 )

Effect: [PF;]d (decrease) and [F,]T (increase)

Example 2: The Haber-Bosch process, N, ) + 3 Hz () = 2 NH3 () + 92 kJ is essentially an equilibrium
system. A chemical engineer would like the highest yield of ammonia. List all the possible
method of production that will ensure maximum amount of NHj3 ) produced.

N, ot 3 H, Q = 2 NH; ot 92 kJ
(Desire Effect: [NH;]T, which means driving the system forward.)

Increase the concentrations of N, ;) or H; () or both will drive the system forward.
Decrease the concentration of NHj () as it is produced will shift the system forward.
Lower the Temperature will drive the system to the product side.

Decrease the Volume of the system will shift the system to the right due to smaller
number of gaseous molecules on the product side.

o 5 =

Assignment
14.5 pg. 636—640 #49 to 52, 56 to 62 (even), 65 to 69, 90, 98, 106
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18.6: Free Energy and Chemical Equilibrium

Relationship between Free Energy and Pressure: - the free energy of a gas at any pressure, G, can be
calculated when comparing it to the free energy at standard pressures (1 atm), G°, along with the stated
temperature in Kelvin and the gas constant.

Relationship between Free Energy and Pressure
G =G°+RT In(P)

G = Free Energy (J) of the gas at Pressure of P atm R = Gas Constant 8.314 J/K
G° =Free Energy (J) of gas at Standard Pressure of 1 atm T = Temperature in K
P = Pressure of Gas in atm

When P =1 atm, then G =G° + RT In(1) and G = G° because In(1) =0

Calculating the AG of a System with Gaseous Products and Reactants at any Pressure, P:
aA g+ bB g = cC ) +dD

AG = CGC + dGD - aGA - bGB (AG = ZnGproducts - ZnGreactants)

AG =¢[G°c + RT In(P¢)] + d[G°p + RT In(Pp)] — a[G°s + RT In(Pa)] — b[G°s + RT In(Pg)]
(Expand each term using G = G° + RT In(P))

AG = cG°c + cRT In(P¢) + dG°p + dRT In(Pp) — aG°s — aRT In(P4) — bG®°g — bRT In(Pg)
(Multiply moles into each brackets)

AG = [c G° + dG®°p — aG°4 — bG°5] + CRT In(Pc) + dRT In(Pp) — aRT In(P4) — bRT In(Px)
(Collect G° terms: [cG°¢ + dG°p — aG°s — bG°gs] = AG®)

AG =AG° +RT [cIn(P¢) +d In(Pp) —a In(Pa) —b In(Pg)]  (Take out common factor RT from other terms)

AG = AG® + RT [In(Pc’) + In(Pp?) — In(P4?) — In(Pg®)] (Apply law of logarithm: n log x = log X"
_aGe PPy : . _ _
AG =AG°+RT In apo [Apply logarithm laws: logm + logn = log(mn) and logm — logn = log(m/n)]
A" B
. . PEPS
AG=AG°+RTIn (Q) [Substitute Reaction Q as papy ]
A" B

Free Energy and Pressures of Gaseous System aA ) + bB ¢, = cC o +dD
AG =AG° + RT In(Q)

AG = Free Energy (J) of the gas at Pressure of P atm R = Gas Constant 8.314 J/K
AG°® = Free Energy (J) of gas at Standard Pressure of 1 atm T = Temperature in K

cpd
Q = Reaction Quotient of Gaseous Species = [mJ

PPy

When Q =1, then AG = AG° + RT In(1) and AG = AG® because In(1) =0
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Example 1: At 25°C, the system, 2 NO () + Cl (q) = 2 NOCI (g has the following partial pressures of NO (),
Cl; (g), and NOCI (g are 2.40 atm, 5.30 atm and 3.25 atm respectively. Determine the change in
free energy for the system at the partial pressures indicated. (G° of NO (g, = 87 kJ/mol, G° of
Cl, () = 0 kJ/mol and G° of NOCl g, = 66 kJ/mol)

G®ro = 87 kl/mol 2NO g+ Cly q) = 2 NOCl )

GDC]Z = 0 kJ/mol AG°® = ZGoproducts - z:Goreactams

G°noc1 = 66 kJ/mol AG® = [(2 mel)(66 kl/mel)] — [(2 mel)(87 kl/mel) + (1 mel)(0 kl/mel)]

Pyo = 2.40 atm AG®=—-42kJ =-4.2x10*J (AG® < 0; Forward Reaction is Spontaneous)

PC12 =5.30 atm P2NOC1 (325)2
Proct = 3.25 atm Q= = Q = 0.3459938417

P’xoPy,  (2.40)°(5.30)
T=25°C=29815K . 0o, o7 n(Q)
AG°=? Q=2? AG = (—4.2 x 10" J) + (8.314 J/K)(298.15 K) In(0.3459938417)

AG="? AG = -44630.85574 ]

(It became more spontaneous towards the product side. This probably means
that Q <K or K> 0.346)

Example 2: At 25°C, the system, H,O g + C1,O ) = 2 HOCl (g has the following partial pressures of
H>0 (g), CLL0 (g), and HOCl (g) are 0.350 atm, 0.220 atm and 0.860 atm respectively.
Determine the change in free energy for the system at the partial pressures indicated. (G° of
H>0 (g) = —229 kJ/mol, G° of CL,O (g) = 98 kJ/mol and G° of HOCI (g, = 0 kJ/mol)

G’n,0=—229 kJ/mol H,0 (g + CLO () = 2 HOCl

G°C12O =98 kJ/mol AG® = ZGoproducts — 2G°reactants
G°hoc = 0 kJ/mol AG® = [(2 mel)(0 kJ/mel)] — [(1 mel)(—229 kl/mel) + (1 mel)(98 kl/mel)]
AG® =131 kJ =1.31 x 10° J (AG° > 0; Forward Reaction is Non-spontaneous)

Pio =0.350 atm

2 2
Poo =0.220atm Q= P HOh _ (0.860)
Procit = 0.860 atm Pi,oPoro (0.350)(0.220)

T=25°C=298.15K AG=AG°+RT In(Q)
AG = (131 x 10° J) + (8.314 J/K)(298.15 K) In(9.605194805) = 136608.1798 J

AG°=? Q=?

(It became more spontaneous towards the reactants (even more non-
spontaneous towards the product side). This probably means that Q > K or
K <9.605194805)

Q =9.605194805
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Equilibrium Point: - the point where the system attains thermodynamic equilibrium — the lowest value
of free energy available to the equilibrium system.
- this occurs when Q = Kp and AG = 0 at certain partial pressures.
- we can use equilibrium point to calculate the value of the equilibrium constant K
from AG®

Equilibrium Point (Q = Kp and AG = 0) of a Gaseous System aA () + bB ) = cC o +dD
0=AG°+RT In(K) or AG° =-RT In(K)

AG® = Free Energy (J) of gas at Standard Pressure of 1 atm R = Gas Constant 8.3145 J/K
I:)(i‘:,eq Plg,eq
a b
A,eq” B,eq

Kp = Equilibrium Constant of Gaseous System = [ ] T = Temperature in K

Qualitative Relationship between AG and Kp: AG® =—-RT In(Kp)

Products are favoured over the Reactants

Ke>1 In(Kp) >0 (Positive) AG° <0 (Negative)
(Forward Reaction is Spontaneous)

Ke=1 In(Kp)=0 AG° =0 Products and Reactants are Equally favoured

Reactants are favoured over the Products

Kr<1 In(Kp) <0 (Negative) AG° > 0 (Positive)

(Reverse Reaction is Spontaneous)

Example 3: Calculate the equilibrium constant of the formation of water at 25.0°C. (G° of H (g) = 0 kJ/mol,
G° of O, (g) = 0 kJ/mol and G° of H,O ¢y =237 kJ/mol)

2Hy (gt Oz = 2H0)
AG°® = ZGoproducts = 2CP i
AG® = [(2 mel)(—237 kl/mel)] — [(2 mel)(0 kl/mel) + (1 mel)(0 kl/mel)]
AG°= —474kJ =-4.74 x 10°J (AG°® < 0; Forward Reaction is Spontaneous)

AG° = —RT In(Kp) at thermodynamic equilibrium

In(Kp) = — 28" _ ~(-4.74x10°3) ~ 191.2085862
RT  (8.3145%%)(298.15K)

Kp = g!91:2085862 C Kp=1.10 x 1083 D

Since Kp >> 1, the equilibrium is extremely favourable towards the product at 25°C. This
is in agreement with the conclusion made using the thermodynamic quantity of AG°® << (.
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Example 4: Given that N> g, + 3 Hy () = 2 NH3 (g) has the following thermodynamic values, calculate AG®°
and Kp of the given equilibrium at 25.0°C.

Chemicals | H° (kJ /mol) | S° [J/(K e mol)]
N, @ 0 192
Hs () 0 131
NH; (g) —46 193

AH® = ZH roguets — ZHCreactants = [(2 mot)(—46 kl/met)] = —92 kJ

ASO = ZSoproducts - ZSC)reactants
AS® =[(2 me})(193 J/(K o mel))] — [(1 meh)(192 J/(K o mel)) + (3 mel)(131 J/(K o mel))] =-199 J/K

AH® = -92 kJ =-92000 J No@+3Hyg=2NHsg AH°=-92kJ

ASOZ—199 J/K AGOZAHO—TASO
T=250°C=298.15K AG® = (=92000 J) — (298.15 K)(—199 J/K) = —32668.15 J
AG®=? AG® =-3.3 x 10* J at 25.0°C

Gnce AG° < (, the Forward Reaction is Spor@
R=8.3145J/K AG°® = —RT In(Kp) at thermodynamic equilibrium
AG® =-32.66815 kJ = -32668.15 J

AG’ —(~32668.15%)

Kp=2? IH(KP) = -

RT (8.31453/%)(298.15K)
In(Kp) = 13.178124

Ke = e'3178124 = 528672 2741

As we can see Kp >> 1, which indicates the equilibrium is favouring the product at 25°C. This
is in agreement with the conclusion made using the thermodynamic quantity of AG° < 0.

Temperature Dependence on Kp:

—RT In(Kp) = AG® (Start with Free Energy Formula with Equilibrium Constant)
—RT In(Kp) = AH® — TAS® (Substitute AG® with AH® — TAS®)
In(Kp) = —% + % (Divide both sides by —RT and simplify)
Graphs of In(Kp) versusl In(Kp) = _ﬂ[lj + AS
A T R AT R When In(Kp) is graphed against (1/T):
In(Ke) T T T T AH° = —slope x R
y = m x + b AS°® = (y-intercept) x R
1
N T m < 0 when AH® > ( (negative slope if system is endothermic)
In(Kp) m > 0 when AH° < ( (positive slope if system is exothermic)
P
1 b <0 when AS° < 0 (negative y-int if system becomes less random)
/ T b > 0 when AS°® > 0 (positive y-int if system becomes more random)
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Example 5: The equilibrium constant of the system, 2 NO; ) = NO4 (), is allowed to varied with the

change in temperature. The experimental data are shown below.

Temperature Equilibrium Constant (Kp)
373K 0.067
273 K 58
195 K 1.4 % 10°
77K 3.8 x 10%

a. Complete the table below.

b. Graph In(Kp) versus 1/T. Determine the slope and y-intercept of the graph using linear
regression of your graphing calculator.

c. Calculate the AH® and AS° of this equilibrium system.

d. Comment on the thermodynamic spontaneity of the equilibrium system at various temperatures.

Temperature | Equilibrium Constant (Kp) 1/T (K™ In(Kp)
373 K 0.067
273 K 58
195 K 1.4 x 10°
77K 3.8 x 10%

a. Using the TI-83 Plus Calculator, we can enter the experimental results in the STATS Editor
and quickly manipulate the data.

1. Enter Values in the L; and L, Columns 2.
of Stats Editor

Enter “1/L;” in the heading of L.
Enter “In(L;)” in the heading of L.

L1 Lz Lz L1 Lz LENE
(v Z | |
igE 1.4EG igt i1.4E6 | 00ELE Cursor must be (.)n
e — e 7 *.HEz9 | .01208 the column heading
- """""""""""" before entering
LziE) = Lz ="1..Ly" formula
Lz Lz » | MEM “
5'3'55? :EEEEE [I_E,jzg.l “ must be used ALPHA +
YBESn | oic4s | Badi to enter formula
------------------ To access L,, press 2nd L2
AT,
o -
3. Fill in the Table
Temperature | Equilibrium Constant (Kp) | 1/T (K™ In(Kp)
373 K 0.067 0.00268 -2.703
273 K 58 0.00366 4.0604
195 K 1.4 % 10° 0.00513 14.152
77K 3.8 x 10% 0.01299 68.110
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b. Graph In(Kp) versus 1/T. Determine the slope and y-intercept of the graph using linear
regression of your graphing calculator.

1. Turn On STATS PLOT 2. Set WINDOW 3. Graph

x: [0, 0.014, 0.002] GRAPH
ENTER il WINDOW Sprears -

2nd STAT PLOT

To access W IHDOL u
L3, press m i Qfﬁ 14 In(Kp)
i upel B L= Iy ﬁH;Q;EéE’ o
- - Y=o l=18 a
ﬁ% ig% Wres=1 n T (K
Mark
In(Kp) versus (1/T) Graph forms a Straight Line.

To access

L4, press SaC

We can use the linear regression function of the calculator to find the value of the slope and y-
intercept for calculating AH® and AS° respectively.

1. Turn Diagnostic On Note: After ‘
CATALOG 0 Diaono=ticon DiagnosticOn is
OelWar ENTER Oone| selected; it will remain
Egﬁgﬂﬂﬁﬁtn ON even when the
det.( Again calculator is turned Off.
FE%?EHEEE%EH#G However, resetting the
=) J.m £ calculator will turn the
o Diagnostic Off (factory
Select DiagnosticOn ENTER setting).
2. Obtain LinReg (ax + b) L3, L4, Y1. Copy Equation to Screen, and Graph Least Square Line on
Scatter Plot.

ENTER @Al L3 To access Yy, press  Select Option 1
for Y;
VARS
ENTER
LIRS ..

NIV:N B Select CALC, use

o J:!:J!@TS
tats

>,

171
% ﬁegfﬁegtati' Choose Dlagn-:-E.tli:DnD UHES E?H:IE ﬁ?'mV\lJ
] e unct1on :
?Iﬁagﬁﬁgéa}ﬁm 4—-0Ptlon : LinkRegcax+hy Lz, ar-armetric.. E: ﬁﬁ
£:CubicReg Linear  |Lu. 31 % Sihe
rlEyart.Fea Regression . %iﬁg

(ax +b) Select Option 1
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e
y:

C.

ENTER

O0ia9rnosticOn

Oone
Linkeg9iax+bhy Lzs
Lya.%y

Linkeg

=gx+h
a=6859, 823267
b=-21. 18277848
fE=, 999999523565
=2 999999384 208

When r is extremely close to 1, it
indicates the line has a linear relationship.

B/eSure Plot1 is On

AMH Fletz Flots
~MiBEEES ., B2E2EET
B23E+-21. 1827784
S567YY
=M=
wHr=
wMy=
wHe=

GRAPH

In(Ke) [

[0, 0.014, 0.002]
[-10, 80, 10]

—

/T (K™

y =6869.8282669823x — 21.102770455077
compares to

lll(Kp) = —%(%) + %

slope = 6869.8282669823 K
y-intercept = —-21.102770455077

_A_HO = S|0pe
R

AS® .
= y-intercept

temperatures.

2 NOz 9 < N204 ©) +57 kJ

A (e}

Calculate the AH° and AS° of this equilibrium system.

—(slope)R = —(6869.8282669823 K)(8.3145 J/K) = —57119.18713 J

AS® = (y-int)R = (~21.102770455077)(8.3145 J/K) = —175.4589849 J/K

AS° =-0.18 kJ/K

For the equilibrium system, 2 NO; g, = N,Oy (g), it makes sense that AS® < 0 because it is
proceeding from two molecules of gas to one molecule of gas.

(AH° < 0 and AS° < 0)

Comment on the thermodynamic spontaneity of the equilibrium system at various

AG® = AH° — T AS°

At LOW Temperature, AG° < 0 (Spontaneous Forward Reaction) because AH® <0 and AS° <0

(—=(-) — small (-)). This agrees with the fact that Kp >> 1 at Low Temperature, which
indicates that the system favors the product side. (Applying Le Chatelier’s Principle will

conclude that that at Low Temperature, [N204]T and [NOz]i«)

At HIGH Temperature, AG® > 0 (Spontaneous Reverse Reaction) because AH® <0 and AS°® <0

(—=(-) — big (-)). This agrees with the fact that Kp <1 at High Temperature, which indicates
that the system favors the reactant side. (Applying Le Chételier’s Principle will conclude that at

High Temperature, [N204]~l« and [NOZ]T)

Assignment
18.6 pg. 811-814 #21, 22, 24, 26 to 32, 49, 64, 66, 76, 80
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