Chemistry 102 Chapter 17

COMMON ION EFFECT

T

T

Common ion effecis the shift in equilibrium caused by the addition of an ion that takes part in
the equilibrium.

For example, consider tiedfect d adding HCIto a solution ofcetic acid. Since HG@$ a strong acid,
it ionizes completely to produces@*, which then suppresses the ionization of the acetic acid due to
Le Chatelierdos principle:

HCl(ag) + HO() —— Hs3O'(aq) + CI (aq)

HC:H:02(aq) + HO () ——= H30"(aq) + CoH3:O7 (aq)

The net result of adding HCI to a solution of acetic acid is to decreasegteedf ionization This
decrease can be quantified as shown below:

Examples:

1.

Calculate the degree mization of benzoic acid, HEsO2 in a 0.15 Msolution to which
sufficient HCI is added to make it 0.010 MLompare the degree of ionization to that of 0.15 M
benzoic acid with néICl added (K of benzoic acid = 6.3 x 19)

Calculate the degree abnization of benzoic acid (H&Hs02) with noHCI added

HC/Hs02(ag) + H2O0() =——= Hs30'(aq) + GCHsO2 (aq)
Initial 0.15 0 0
B X +X +X
Equilibrium 0.15x | - X X
+ — 2 2
— [H3O ][C7H502]: X ~ X :6.3X105

" [HC,HO,]  0.15x 0.5

X = [C7HsOz] = 307 x 103

[C7H50-7] 7 x 103
Degree of lonization % % Y% %Y x 100 = %% Y% % x 100 =2.0%
[HC7Hs07] 0.15
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Exampl es (contdd):

Calculate the degree of ionization of benzoic acid (H{z0>) with HCI added 0.010M):

HC/Hs02(aq) + HO () =——= Hs:0'(aq) + GCHsO2 (aq)
Initial 0.15 -—- 0.010 0
B X +X +X
Equilibrium 0.15x | - X X

« = HONCHO,]_ (0.010+x)x

2 [HC,H.0O,] 0.15-x
Assumptions: 0.010 + x° 0.010 0.151 x° 0.15
K,= 0.010x _ 6.3x10° X = [C/Hs02,]1 =945 x 104
0.15

[C7H5027] #5x 104M

Degree of lonization #:%2% %% x 100 =%2Y2 %% %% x 100 =0.63 %
[HC7Hs07] 0.15M

NOTE: 0.63 % <<<<<<< 2.0%

(with HCI) (without HCI)

2. Calculate the pH of a 0.10 M solution of hydrofluoric acid (HF) to which sufficient NaF is added to
make the concentration of NaF 0.20 (W, of HF = 6.8 x 16%)
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BUFFERS

1 Buffersare solutions that have the ability to resist changes in pH when limited amounts of acid
or bases are added to it.

1 What does a buffer do€onsider the solution below:

. 1 L pure water 1L buffered solution
Solution pH = 7.00 pH = 9.43
Addition 0.01 molHCI 0.01mol HCI

pH changes to 2.00 pH changes to 9.33
Change in pH 7.00'2.00 =5.00 9.439.33=0.10

1 Types of buffer slutions There are two types of buffer solutions:

1. Solution of a weak acid and its conjugate base(HC>H30. and NaGH30»)
2. Solution of a weak base and its conjugate acid (NHz and  NHCI)

1 How do buffersfunction?
Type 1:

Hs3O"(ag) + A" (aq) ¥2%2> HA (aq) + H20 (1)

ZEON

HA A |:> HA Al

Results: 0 Hs30"isused up a little change in pH

OH-(aq) + HA(aqg) ¥2%> A (aq) + H20()—

OH

HA A |:> HA A

Results: i OH'isused up U little change in pH
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BUFFERS
Type 2:
H3O"(ag) +B(aq) %%> HB*(aq) + H20/()
HsO"

B HB B HB

Results: 0 Hs30"isused up u little change in pH
OH- (aq) + HB*(aq) ¥%Y%> B(ag) + H20 (l)
OH' B

B HB | [ > HB*

Results: i OH'isused up U little change in pH

SUMMARY:
U Buffers resist pH change.

U A buffer contains significant amounts of either 1) a weak acid and its conjugate base, or

2) a weak base and its conjugate acid.
U The weak acid neutralizeslded base.
U The base neutralizes added acid.

Examples:
1. Which solution is a buffer?

a) a solutionthat is 0.100 M HN@and 0.100 M HCI
b) a solution that is 0.100 M HN2nd 0.100 M NaN©
c) a solution that is 0.100 M HNGnd 0.100 M NaCl

d) a solution that is 0.100 M HNGnd 0.100 M NaN©
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CALCULATING pH OF BUFFER SOLUTIONS

1 pH of buffer of solutions can be calculated similar to the calculations done for common ions
problems. Examples below demonstrated these calculations.

Examples:
1. A buffer solution is prepared to be 0.10 M acetic acidAHO-.) and0.20 M sodium acetate

(NaGH302). What is the pH of this buffer system af@5Ka of acetic acid = 1.7 x 16)

HC2H302(ag) + H20() == Hs3O'(aq) + CoHz3O: (aq)
Initial 0.10 0 0.20
B X -—-- +X +X
Equilibrium 0.10x | - X 0.20 +x

_[HO'IICHO,]_ x(0.20+x) 0.20x
8 [HC,H.0,] (0.10-x) ~ 0.10

=1.7x10°

x = [Hs0'] = 8.5 x 10° pH =-log (8.5 x 10%) =5.07

2. Calculate thepH of a buffer that is 1.00 M in Nd-and 0.80 M in NHCI. (Kp for NHz = 1.8x10°)

Initial

B

Equilibrium
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HENDERSONT HASSELBALCH EQUATION

1 In order to simplify the calculations for pH of buffer solutions, an equation can be derived that
relates pH of the solution to the initial concentration of the buffer components.

f Consider a buffer containing theeak acid HA and its conjugate base A

HA(agq) + HO0 &= HzO0'(aq) + A-(aq)

f  Although [HA] and [A] in the equation abowvare equilibrium concentrations, when ionization of
the acid is small (x compared to the initial concentration), these can be nearly identicatit@the
concentrations of HA and'A

1 Therefore, the kD" concentration for a buffer solution can be oédted by multiplying the Kwith
the ratio of the weak acid and the conjugate base.

f  Note that when the concentrations of the weak acid (HA) and the conjugate Hame @qual,
[H30*] becomes equal to thesK

[HAl

HO 1=K
HO]=K, AT

if [HA]=[A'], then [HO"=Ka

1 Taking negative logs of both sides of the equation above:

i [HA] | _ [HA]
—log [ll—|3O ] =—og|K, x ml = —Ioi K, —log ﬁ
pH pPKa
_ [AT] _ [base]
pH = pK, +log ﬁ pH = pK, +log (acid]

HendersonHasselbalch Equation
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HENDERSONT HASSELBALCH EQUATION

1 The HendersoiHasselbalch Equation can be used for both type of buffers.
1 To prepare a buffer with a specific pH
U A weak acid and its conjugate base must be found for vilhecpks of the weak

acid is close to the desired pH
U The pH value is finguned using the acidase ratio

Examples
1. A buffer with a pH of 4.90 is desired. Wouddetic acid/acetatee a suitable buffer system?

Ka(HC2H302) = 1.8x 105
pKa=-log (1.8x 10°) =4.74

This is relatively close to the desired pHM versus4.90. The pH may be increased by
increasing the ratiow
[HC.H0,]

2. Calculate theH of a buffer containing 0.10 M Nfand 0.2 M NH*. (Kp, for NHz = 1.8 x 10°)

3. A buffer contains the weak acid HA and its conjugate baseTAe weak acid has a pKa of
4.82 and the buffer has a pH of 4.25.
a) Whichstatement below is correct?
[HA] > [A'] [HA] < [A] [HA] = [A]

b) Whichbuffer component would you add to change the pH of the buffer to 4.72?
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ADDITION OF ACID OR BASE TO A BUFFER

1 Addition of acid or base to a buffer will cause a slight change inTgtk change in ptdan be
calculated by breaking the problem into two parts:

1. Stoichiometry calculatiorto calculate the changes in relative amounts of acid and
conjugate base after thedition.

2. Equilibrium calculation to calculate the pH based on the new amounts of acid and
conjugate base.

Examples .
1. A 1.0 L buffer solution contains 0.100 mol of GO, (Ka= 1.8x10°) and 0.100 mol of

NaGH3z0,. Calculate the pH of this buffer solution before and after addition of 0.010 mol of
solid NaOH.(Assume no volume change occurs after addition of base)

Calculate the pH of the buffer solutiobefore addition of NaOH:

AT _ 474410320

[HA] 9100 4.

pH = pK, +log

Calculate the pH of the buffer solutioafter addition 0f0.010 molNaOH:

Stoichiometry calculation:

OH' + HGH30, %% CoH30,' + HO
Initial 0.010 mol 0.100 nol 0.100 mol | = --—---
D 710.010 mol 710.010 mol +0.010 mol | = ----
End 0.00 0.090 mol 0.110 mol | = ------
Equilibrium calculation:
HCHsO. + HO %% H 0"  + GH307'
Initial 0.090 M 0 0.110 M
B X = +X +X
Equilibrium | 0.0901 x |  ----- X 0.110 + x
[AT] 0.110
H= +log—— =4.74 + 1o =4.¢
P PK: g[HA] %5.090
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ADDITION OF ACID OR BASE TO A BUFFER

Examples( cont 6d)
2. Calculate the pH of the solution @&ample 1 after addition of 2rBL of 1.00 M HCI to275 mL
of the original buffer.

Step 1:Calculate themmol of the species involved before addition:

1.00 mol

mmol HCl = 2.5 mL x = 2.5 mmol

mmol HG, H,0, = 275 mL xw" = 27.5mm

mmol G,H,0, =275 mL x%)' = 27.5 mmol

Step 2: Calculate the mmol of the species involved after addition:

All of the HsO" reacts with the @430, ion:

H3O* + GH30) ) HC2H302 + H.0O

Initial 2.5 mmol 27.5mmol 27.5mmol | = --—---
ChangeD) 2.5 mmol 2.5 mmol +2.5mmol | -
End 0 25.0 mmol 300 mmol |  ------

Step 3:Calculatethe initial concentrationsof the species involveldefore equilbrium:

Total Volume of Solution = 275 mL buffer + 2.5 mL HCI =7 mL

[HC,H,0,] =220 MmOl 168 [C,H,0,] =220 MMOL 4 1951
277.5 mL 277.5 mL
Step 4 : Calculate pH
[AT] 0.0901
H= +log—— =4.74 + log—— =4.¢
PH = P, +log [HA] 0.108
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BUFFER EFFECTIVENESS

T

T

A buffer is most effective (most resistant to pkinge) when the concentration of acid and the
conjugate base are nearly equal. For example, consider two buffers composed of HA and A
with pKa = 5.00, but differing acid to conjugate base ratios shown below:

A1 _010M _,

Buffer A = =
[HA] 0.10M

Buffer B [A] :0'02 M =0
[HA] 0.18 M

If 0.020 mol Na® is added to each of the above buffers, what would be the percent change in
pH of each buffer? The initial pH of each buffer can be calculated using the Hefiderson
Hasselbalch equation, and determined as 5.00 for buffer A and 4.05 for buffer B.

The chang in pH of each buffer after addition of NaOH is shown below:

Buffer A:
[A]
= + -
OH (aq) + HA(ag) —> H,0(/) + A (aq) pH pKa Iog [HA]
Before addition ~0.00 mol 0.100 mol 0.100 mol B 0.110 _
Addition 0.010mol  — — =5.00+ loqo_ogo =509
After addition ~0.00 mol 0.090 mol 0.110 mol -
S % change ->.09-5.00 x100=1.8
5.00
Buffer B:
[A]
H= +log——
OH (aq) -+ HA(ag) —> H,0(l) + A (aq) P Pa o [HA]
Before addition ~0.00 mol 0.18 mol 0.020 mol _ 0.030 _
Addition 0.010mol  — - =5.00 + log 017 4.25
After addition ~0.00 mol 0.17 mol 0.030 mol -
e % change %5 x100 =5.0

A buffer becomes less effective as the difference in relative amounts of acid and conjugate
base increasesn order for a buffer to be reasonably effective, the relative concentrations of
acid and conjugate bashkould not differ by a factor of more than 10

10
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BUFFER EFFECTIVENESS

I Buffer effectiveness is also affected by the absolute concentrationsasfithend conjugate
base. For example, consider two buffers composed of HA amditi\pKa = 5.00, with same
conjugate base to acid ration, but differing absolute concentrations shown below:

Buffer A [A] :0'50 M =1
[HA] 0.50M

Bufferg A1 -0.050M .
[HA] 0.050 M

1 1f 0.020 mol NaOH is added to eachtbe above buffers, what would be the percent change in pH
of each buffer?Because both solutions have equal concentrations of the acid and conjugate base

they both have initial pH of 5.00.

1 The change in pH of each buffer after addition of NaOH asvshbelow:

Buffer A:

OH (aq) + HA(aq) —> H,0(/) + A (aq)

Before addition ~ 0.00 mol 0.50 mol 0.50 mol

Addition 0.010 mol — -

After addition ~ 0.00 mol 0.49 mol 0.51 mol
Buffer B:

OH (aq) + HA(aq) — H,0(I) + A (aq)

Before addition ~ 0.00 mol 0.050 mol 0.050 mol
Addition 0.010 mol — —

After Addition ~ 0.00 mol 0.040 mol 0.060 mol

AT
[HA]

0.51
=5.00 + log— =5.02
0.49

pH = pK, +log

% change =5052—05000 x100=0.4

AT
[HA]

0.060
=5.00 + log—— =5.18
0.040

% change =5158—0%00 x100 = 3.6

pH = pK, +log

1 A buffer becomesvith greater amount of acid and conjugate base is more resistant to pH
changes and therefore the more effective buffer. The more thikiteuffer components, the

less effective the buffer.

11
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BUFFER RANGE

1 Earlier it was stated that for a buffer to be effective, the relative concentrations of the acid
and conjugate base should not differ by more than a factor of 10.

1 Using the HenderseHasselbalch, we can calculate the pH range over which a particular
acid and its conjugate base can make an effective buffer. The outermost points of the
effective buffer range can be calculated as follows:

_ [base] _ _
Lowest pH pH = pKa + log—— = pKa + log 0.1 = pKa
[acid]
Highest pH pH = pKa + Iog[baj] = pKa + log 10 = pKa-
[acid]

1 The effective range for a buffering system is one pH unit on either side of the pKa. For
example, a weak acid with a plkk&5.0 (and its conjugate base) can be used to prepare a
buffer in the range of 4-6.0. The relative amounts of the acid and conjugate base can be
used to prepare any pH within this range.

Examples:

1. Which acid, from the list below, would you choose to create a buffer with a pH of 7.35.
What mass of the corresponding sodium salt would you need to add to 500.0 mL of 0.10 M
acid solution to prepare this buffer?

HCIO» pKa = 1.95 HCHO, pKa =3.74
HNO; pKa = 3.34 HCIO pKa = 7.54
2. Which solution is the most effective buffer?

a) A solution prepared by mixing 150 mL of 0.10 M HCIl and 150 mL of 0.1M NacCl.
b) A solution prepared by mixing 100 mL of 0.10 M HF and 200 mL of 0.1M NaF.
c) A solution prepared by mixing 150 mL of 0.10 M HF and 150 mL of 0.1M NaF.

d) A solution prepared by mixing 200 mL of 0.10 M HF and 100 mL of 0.1M NaF.

12
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PREPARATION OF BUFFER SOLUTIONS

1 Buffer solutions can be prepared by a variety of methods in the laboratory. Shown next are seve
examples with different methods of preparation. The general method otniloyd can be used to

calculate the pH of these buffer solutions:

1. Calculate thenitial molarities ofweak acid and conjugate bas®utionsafter mixing.
2. Use HendersdrHasselbalch equation to calculate the pH of the buffer freamni

concentrationsalculated in step 1.

Examples:
1. What is thepH of a buffer made by mixing @0 L of 0.020 M benzoiacid (HGHsO2) with
1.00 L of 0.0® M sodium benzoate (NaBs0,) ? Ka of benzoic acid = 6.3 x 19

Step 1 Calculate the initial molarities ofolutions:

.. ) 0.020 mol 1
Initial molarity H O, =3.00L x X =0Ir M
y HG RO, 1.00L “4.00L

. ) 0.040 mol 1
Initial molarity of Na =1.00L x % 9.010 M
y GHQ 1.00L 4.00 L

Step2:_Calculate pH from Kk

[AT] 0.010
H= +log—— =4.20+1lo =4(
P PK, g[HA] %.015

2. A buffer is prepared by adding 115 mL of 0.30 M bl 145 mL of 0.15 MNHsNOs. What
is the pH of the final solution?K, of ammonia = 1.8 x 18)

13
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Examples(c o n)t 6 d

3. Calculate the pH of a solution prepared by mixing 400. mL of a 0.200 M acetic acid solution and
100. mL of a 0.300 M sodium hydroxide solution@cetic acid =.8x10°)

Note NaOHis a strong base, and reacts with acetic acid to form sodium acetate. If an appreciable

amount of excess acetic acid is still present after the NaOH has reacted, the excess acetic aci
and the newly formed sodium acetate form a buffer solution.

HCoHsO, + NaOH - NaGH3O., + H.O

Step 1 Calculate the amount of acetic acid neutralized:

0.200 mol

mmol of acetic acid =400. mL xT = 80.0 mmc
mmol of NaOH =100. mL xm)I = 30.0 mmc
1.00L
HCoH30, + NaOH —— NaGH30, + HO
Initial 80.0 30.0 0
B —
End

Step2: Calculate the concentration of species present after neutralization:

Conc. of HG H Q _mmol HG RO, _

mL solution

mmol Na
Conc.of NaC HQ = poy solugti?ng =

Step3: CalculatepH from Ka:

14
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Exampl es (contdd):
4. Which solution is the most effectivmiffer?

a) A solutionprepared by mixing 150 mL of 0.1 HCI| and 150 mL of @0 M NaOH.

b) A solutionprepared by mixing ZDmL of 0.0 M HF and100 mL of 0.10M NaOH.

c) A solutionprepared by mixind50 mL of 0.10 M HF and@0 mL of 0.0 M NaOH.

d) A solutionprepared by mixind00 mL of 0.10 M HF an@00 mL of 0.D M NaOH.

5. You are instructed to prepare 100.0 mL of a bustdution with a pH of 7.40. You have
available75 mL of 30 M stock solution of KiE:PQy and5.0 g of KkHPQs.  Develop a plan to
prepare this buffer solution from the given materials. (Ka t#®' = 6.3x108)

Step 1: Calculate [A/[HA] using HerndersorHasselbalch equation:

Step2: Ass_uminq 00.0 mL of buffer solution and nominal amount of available sald §),
calculate [A] and [HA] in the buffer solution:

Step 3 Using [HA] calculated in step 2, calculate the amount of stock HA required to prepare
1.0 L of buffer:

15
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ACIDTBASE TITRATION CURVES

9 Titration is a procedure for determining the amount of acid (or base) in a solutietelomining
the volume of base (or acid) of known concentration that will completelywidcit.

1 In titration, the known solution is slowly added to the unknown one, while the pH is monitored
with either a pH meter or an indicator. As the acid and base combine, they neutralize each other.
At the equivalencepointi the point when the numbef moles of base is stoichiometrically
equivalent to the number of moles of aclek titration is complete.

e
» Strong Acid & Strong Base
e
° P 14
- ()} l > Y 12 _
? °
1 1 : 104 .| o
= = o _ o Equivalence poni |
a,
6 —3
5 °
4 —
H* 7
L
0 T T T T T T
0 40 80
m— N > S Volume of NaOH added (mL)
Beginning of titration J Equivalence point
\ —

1 Acidi base titration curve is a plot of the pH of a solution of acid (or base) against the volume of
added base (or acid)

1 In the next few sections we will examine the specifics of titration for the following 3 cases:
1. Titration of strong acid with strong base
2. Titration of weak acid with strong base

3. Titration ofweak base with strong acid

16
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TITRATION OF A STRON G ACID BY A STRONG BASE

1 Consider the titration of 25.0 mL of 0.100 M HCI with 0.100 M NaOH. We begin by calculating
the volume of base required to reach equivalence poing\aldatehe pH at several points
during the titration.

HCl(aq) + NaOH(aq) —— NaCl(aq) + H20 (aq)

0.100 M 0.100 M
25.0mL ?mL

1 Volume of NaOH needed to reach equivalence point can be calculated as shown below:

mmol of HCI = 25.0 mL xwl =2.50 mm:

mmol of NaOH = mmol of HCI = 2.50

mL of NaOH = 2.50 mmol xl—L =250nm
0.100 mol

1 The titration curve fothis titration is shown below. Note that the pH changes slowly initially as
base is added, and changes rapidly as equivalence point is approached.

[ Strong Base & Strong Acid J

14
12
10

After equivalence point

1
[
T 8 / (OH in excess)

Before eqﬁiYalence point }\ B e Equivalence point
(H30 " in excess) . F\ | || (pH = 7.0)
Initial pH 0 S +—
0 23 50

Volume of NaOH added (mL)

© 2011 Pearson Education, Inc.
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TITRATION OF A STRON G ACID BY A STRONG BASE

Summary:
U The initial pH is the pH ofhe strong acid being titrated.

i Before equivalence point,s8" is in excess. The |D"] at any of these points can be
calculated by subtracting moles of O&tlded from initial mole of D" present, and
dividing by total volume.

U At equivalence point, onlgalt is present. Since conjugate salt of a strong acid and a strong
base is pH neutral, the pH at this point is 7.00.

U Beyond equivalence point, Olis in excess and pH is determined by amount of excess OH
present after neutralization of all the acid.

Examples:
1. A 50.0 mL sample of 0.200 M NaOH is titrated with 0.200 M HN@alculate the pH:

a) after adding 30.0 mL of HN®

b) at equivalence point.

2. A 30.0 mL sample of 0.100 M HCl is titrated with 0.120 M NaOE€hlculate the pH after
addition of 20.0 mL of NaOH.

18
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TITRATION OF AWEAK ACID BY A STRONG BASE

1 Consider the titration of 25.0 mL of 0.100 M HZO- with 0.100 M NaOH. We begin by
calculating the volume of base required to reach equivalence paingvaluate the pH at
several points during the titration.

HCH3O2(aq) + NaOH(aq) —— NaCl(aq) + H20 (aq)

0.100 M 0.100 M
25.0 mL ? mL

1 Volume of NaOHneeded to reach equivalence point can be calculated as shown below:

mL of NaOH = 25.0 mL HA XO.100 mol xl mol NaOH X 1L
1L 1 mol HA 0.100 mol

=250nm

1 The titration curve for this titration is shown below. Note that the initial pH of this titration is
higher compared to the strg acid since weak acidsnizeless. The pH changes slowly as base is
added (buffer range) , and changes rapidly as equivalence point is approached.

1 At equivalence point only salt is present. However, since the salt is composed of the conjugate |
of a weak acid, it hydrolyes to a basic solution and therefore the pH at equivalence point is slightl
above 7.00

{ Weak Acid & Strong Base }

) ) 12 _o—o——9
Before equivalence point f‘,

(buffer range) 1\0 ‘  After equivalence point
8 ] ! | ! ! T
:EL \ (OH in excess)
6
4 p=
T

\
.*.,/'J I |~ Equivalence point

(weak conjugate base)

Initial pH (weak acid) P
2
0

1 T 1 |
0 25 50
Volume of NaOH added (mL)

© 2011 Pearson Education, Inc.
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TITRATION OF AWEAK ACID BY A STRONG BASE

1 To further illustrate the differences between titration of strong and weak acids by a strong base,
consider the family of titr&n curves shown below. These differences can be summarized as:

U The initial pH of the wealacid solution is always
higher than that of the strong acid solution of the 1,4,

same concentration. Equivalence point——
. : : 12.0
U The pH changes near the equivalepomt become
less marked as the acid becomes weaker (K B
decreases). ’
U The pH at equivalence point steadily increases as Bl
the acid becomes weaker (due to hydrolysis of the
conjugate base). wan
4.0}
201
0 10 20 30 40 50 60
Number of milliliters 0.10 M NaOH
added to 50.0 mL 0.10 M acid
Summary:

U The initial pH is that of a weak acid ancceculated by working an equilibrium probldor
ionization of a weak acid.

U Between the initial pH and the equivalence point, the solution becomes a pHffean be
calculated by using the reaction stoichiometry to calculate concentrations of the buffer
component and using thendersonHasslebalch equation.

U At equivalence point, only salt is present. pH can be calculated by first using reaction stoi
chiometry to determine concentration of salt anion present in solution, and then an equilibriun
problem br the hydrolysis of the anion.

Ui Past equivalence point, excess strong base is present and pH is determined by amount of OF
ions present after neutralization of all the acid.

20
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Examples: )
1. A 40.0mL sampleof 0.100 M HNO; (Ka= 4.6x10'%) is titratedwith 0.200 MKOH. Determine

the pH after addition of
a) 5.00 mL of KOH.

b) at equivalence point.

2. 60.0 mL of 0.100 M acetic acid gk 1.8x10°) is titrated with 0.1501 NaOH. Determine the
pH of solution after addition of (a) 20.0 mL of base, éndat equivalence point.

21
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TITRATION OF AWEAK BASEBY A STRONG ACID

1 The curve for the titration of a weak base by a strong acid is shown below. Calculations for pH fc
this titration are very similar to that of a weak acid by as strong base.

1 The nain differences are that the pH starts at a high value (solution is basic at start) and the solu
is acidic at equivalence point (conjugate acid of a weak base will hydrolyze to produce an acidic
solution).

1 Also note that the point at which all theastg acid reacts with half of the initial base (1/2
equivalence point) at which the pH is equal to the pK

[ Weak Base & Strong Acid ]

0.10 M NH;
124~ pH =11.12 ~— Half-equivalence point
: — &
[NH;] = [NH, "]
10 e pH = 9.24

Equivalence point
—  pH=526

0 T T T T
0 10 20 30 40 50

Volume of HCl added (mL)

Examples:
1. What is the pH at the equivalence point when 35 mL of 0.20 M ammonia teditrg

0.12 M HCP (Ko for NHs is 1.8 x 10°)

22
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TITRATION OF A POLYP ROTIC ACID ‘

1 When a weak diprotic acid is titrated with a strong 14
base, if kiand Kz are sufficiently different, the .
titration curve will have two equivalence points. e e I il w,/
For example, the curve below shows the titration of, | | P
H2SOs with NaOH.

=

— 2nd equivalence
point
8 —

pH

6
1 Note that the volume of base required to reach the
first equivalenceointis equal to the volume 4-
required to reach the second equivalence point.
This is so, because the number of moles £8®4 &)
in the first ionization determines the number of
moles of HS@ in the second ionization

Ist equivalence
point

I | |

| | |
0 10 20 30 40 50 60 70 80
Volume of NaOH added (mL)

H.SO; (ag) == H*(aq) + HSQ (aq) Ka1= 1.6x10?

HSQY' (ag) == H*(aq) + SG (aq) Kaz= 6.4x108
Examples:
1. Consider the three titrations below:
(A) Titration of 25.0 mL of a 0.100 M monoprotic weak acid with 0.100 M NaOH
(B) Titration of 25.0 mL of a 0.100 M diprotic weak acid with 0.100 M NaOH
(C)Titration of 25.0 mL of a 0.100 M strong acid with 0.100 M NaOH
Which statement below is most likely to be true?
a) All three titrations have the same initial pH.
b) All three titrations have the same pH at their first equivalence point.

c) All three titratiors require the same volume of NaOH to reach their first equivalence
point.
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INDICATORS

1 The pH changes in a titration can be monitored by a pH meter or an indicator. When choosing
and using an indicator, a change in color (cadiedpoin) should occur at thequivalence point

1 The diagram below shows such change for titration of 0.100 M acetic acid with 0.100 M NaOH
using phenolphthalein as an indicator.

15
14
13
12
11

pH

T T T T T T T
0 10 20 30 40 50 60 70 80 90 100

Volume of base added (mL)

1 Anindicator itself is a weak organic acid that is a défe color than its conjugate base. For
example, phenolphthalein is a common indicator whose acid form is colorless and conjugate bas

form is pink.
OH OH (o O
SSSEROYS]
X
QO

+2 OH
V4 +2 H* ©: )
C ./(
II G
0 |
O
Acidic - Colorless Basic - Pink

I The equation below shows the equilibrium present for a generic indicator whose acid form is Hin
and its conjugate base form is:In

Hin(aq) + HO () == H3O"(aq) + In (aq)
color 1 color 2
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INDICATORS

1 As titration proceeds, the f@'] decreases, shifting the equilibrium to the right. Since pH
change is large near the equivalence point of the titration, there is a large chang@¥ jmdr
the equivalence point. If the indicator is chopewperly, there should also be a correspondingly
significant change in color.

I The color of the solution containing the indicator is dependent upon the relative concentrations
of HIn and In. Listedbelow are three cases with pH relativeoka andcolor of theindicator

solution:
pH (relative to pAj) [In"]/[HIn]ratio Color of Indicator Solution
pH = pK, Al = ji¥={ Intermediate color
. [HIn]
_ (In] =
pH = pK, + 1 — — =10 Color of In
[HIn]
pH = pK, — 1 A = 0.10 Color of HIn
‘ [HIn]

2011 Pearson Education, Inc.

1 The table below shows various indicators and their colors as a function of pH:

TABLE 16.1 Ranges of Color Changes for Several Acid—Base Indicators

Crystal Violet| N
Thymol Blue E |
Erythrosin B [
2,4-Dinitrophenol [
Bromphenol Blue |
Bromocresol Green |
Methyl Red .
Eriochrome* Black T |
Bromocresol Purple |
Alizarin |
Bromthymol Blue |
Phenol Red R |
m-Nitrophenol | e
o-Cresolphthalein B |
Phenolphthalein
Thymolphthalein a
Alizarin yellow R |

*Trademark of CIBA GEIGY CORP.

©2011 Pearson Education, Inc
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INDICATORS

1 When choosing an indicator for a titration, it is important to select one that changes color in the
range of pH of solution at equivalence point.

4 . 114

13- . 13

2| Fig A ! 2

1 For example, for the titration of a strong acid with a strong :(;_ -*n

base, since there is a very large increase in the pH of o Phenolphthalein color- | ;“

solution at equivalence point, either phenolphthalein or e e ' 5
methylred can be used as an indicator (Fig A). PH 75 Equivalence point 7 pH

Methyl red color- i
change interval

L |

0 10 20 30 40 50 60 70 h‘(]“

Number of milliliters 0.100 M NaOH solution
added to 50.0 mL 0.100 M HCl solution

14 1 14
1 On the other hand, when titrating a weak daicetic B FigB } . };
acid)with a strong basgNaOH),the pH of solutiorat il | i
; Fa . 1= Phenolphthalein color-
equivalence point is above 78.5) due to the hydrolysis T O s e ol 10
of the anion As a result, while phenolphthalein can be I | Buibalerde poitt — ) -9
used as an indicator, methyl rischot a suitable indicator - i 1 = f _5 P
(Fig. B). 6 16
5 , . 15
4 Methyl red color- 4
3 change interval —3
2 1 2
1 =1
0 : = 0
0 10 20 30 40 50 60 70 80
Number of milliliters 0.100 M NaOH
added to 50.0 mL 0.100 M HC,H,0,
14 14
1 Similarly, when titrating a weak base (ammia) with a o FgC %
strong acid (HCI)the pH of the solution at equivalence 11K cojorafanes imterval ) 11
point is5.3, making methyl red an ideal candidate while 10 T 10
phenolphthalein is notsuitable choice (Fig C). a -
pH 7 -{7 pH
g | Equivalence point g
4 Methyl red color- -~ 4
3l change interval 3
2 2
1+ | =1
0 . 0

0 10 20 30 40 50 60 70 80
Number of milliliters 0.10 M HC]
added to 50 mL 0.10 M NH,
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Examples:
1. A sample of rainwater gives a yellow color with methyl red indicator.

a) What is the approximate pH of this rainwater?

b) If bromothymol blue indicator was used as an indicator, what color would be observed?

2. Propionic acid is a weak organic acid with*1.34x10°. Which of the indicators listed below
is the best choice for titration of propionic acid with KOH?

a) methyl red
b) bromothymol blue
c) thymol blue
d) alizarin yellow
3. Using the table of indicators dhe previous page, choose a suitable indicator for use in the
titration of each of the following acids with a strong base:

a) HF (Ka= 3.5x10%)

b) HCN (Ka= 4.9x101°)
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SOLUBILITY EQUILIBRIA &
SOLUBILITY PRODUCT CONSTANT (Ksp)

1 We learned earlier thatcompound is considered soluble if it dissolves in water and insoluble if
it does not. As a result, we used the solubility rules to classify ionic compounds as soluble or
insoluble.

1 The solubility of an ionic compound could be better understood byiagglye principles of

equilibrium to the process of dissolution. For example, the dissolution of calcium fluoride can
be represented as:

Cak (s) Cc&*(aq) + 2 F(aq)

1 This equilibriumviews solubility as reversiblgrocesses of dissolution and precipitation, and
represents the extent adlsbility.

1 The equilibrium constant for the equilibrium shown above is calleddhbility product
constant (k) and has the following form:

Ksp = [Ca2+][F']2
1 Note that solidaire omitted from this expression since concentration of solids is constant.

1 The value of Kpis a measure of the degree of solubility of the compound. The table below lists
the value of Ky for a number of ionic compounds.
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