CHAPTER 16
ACID-BASE EQUILIBRIA AND
SOLUBILITY EQUILIBRIA

16.5 (a) This is a weak acid problem. Setting up the standard equilibrium table:

CH3COOH(aq) = H+(aq) + CH3COO (aq)

Initial (M): 0.40 0.00 0.00
Change (M): —x +x +x
Equilibrium (M): (0.40 —x) X X

K - [H*][CH;CO0™]
* " [CH3COOH]

2 2
X X

040 —x) 040

1.8x107° =

x=[H7=27x10M
pH = 2.57

(b) In addition to the acetate ion formed from the ionization of acetic acid, we also have acetate ion formed
from the sodium acetate dissolving.

CH3COONa(ag) — CH3COO (aq) + Na'(aq)

Dissolving 0.20 M sodium acetate initially produces 0.20 M CH3COO and 0.20 M Na'. The sodium
ions are not involved in any further equilibrium (why?), but the acetate ions must be added to the
equilibrium in part (a).

CH3COOH(aq) = H+(aq) + CH3COO (aq)

Initial (M): 0.40 0.00 0.20
Change (M): —x +x +x
Equilibrium (M): (0.40 —x) x (0.20 +x)

_ [H"][CH;CO0]
~ [CH3COOH]

a

(x)(0.20 + x) _ x(0.20)
(040 —x) 040

1.8x107 =
x=[H7=36x10"M
pH = 4.44

Could you have predicted whether the pH should have increased or decreased after the addition of the
sodium acetate to the pure 0.40 M acetic acid in part (a)?
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An alternate way to work part (b) of this problem is to use the Henderson-Hasselbalch equation.

[conjugate base]

H = pK, + lo
P PRa & [acid]

_ 0.20 M
H = —log1.8x107) + lo
p 2( ) g040M

= 474030 = 4.44

16.6 (a) This is a weak base calculation.

NH3(aq) + HoO(l) = NH4 (ag) + OH (aq)

Initial (M): 0.20 0 0
Change (M): —x +x +x
Equilibrium (M): 0.20 —x X X

[NH;J[OH]
[NH3]

Lsx105 - @0 x*

020-x 020
x=19%x10° M = [OH ]
pOH = 2.72
pH = 11.28
(b) The initial concentration of NH,4" is 0.30 M from the salt NH4Cl. We set up a table as in part (a).

NHj(aq) + HyO()) = NHy' (ag) + OH (aq)

Initial (M): 0.20 0.30 0
Change (M): —x +x +x
Equilibrium (M): 0.20 —x 0.30 +x x
K. — [INHZ]J[OH ]
[NH;]
18x10-5 = (%)(0.30 + x) - x(0.30)

020 — x 0.20
x=12x10°M = [OH]

pOH = 4.92

pH = 9.08

Alternatively, we could use the Henderson-Hasselbalch equation to solve this problem. Table 15.4

gives the value of K, for the ammonium ion. Substituting into the Henderson-Hasselbalch equation
gives:

[conjugate base] ~10 (0.20)
H = pK, + log—————— = —log(5.6 x 10 + log—=
PH = PRam s acid et ) £030)

pH = 9.25-0.18 = 9.07
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Is there any difference in the Henderson-Hasselbalch equation in the cases of a weak acid and its
conjugate base and a weak base and its conjugate acid?

(a) HCI (hydrochloric acid) is a strong acid. A buffer is a solution containing both a weak acid and a weak
base. Therefore, this is not a buffer system.

(b) H2SO4 (sulfuric acid) is a strong acid. A buffer is a solution containing both a weak acid and a weak
base. Therefore, this is not a buffer system.

(¢) This solution contains both a weak acid, HPO4 and its conjugate base, HPO42_. Therefore, this is a
buffer system.

(d) HNO; (nitrous acid) is a weak acid, and its conjugate base, NO, (nitrite ion, the anion of the salt
KNO»), is a weak base. Therefore, this is a buffer system.

Strategy: What constitutes a buffer system? Which of the preceding solutions contains a weak acid and its
salt (containing the weak conjugate base)? Which of the preceding solutions contains a weak base and its
salt (containing the weak conjugate acid)? Why is the conjugate base of a strong acid not able to neutralize
an added acid?

Solution: The criteria for a buffer system are that we must have a weak acid and its salt (containing the
weak conjugate base) or a weak base and its salt (containing the weak conjugate acid).

(a) HCN is a weak acid, and its conjugate base, CN , is a weak base. Therefore, this is a buffer system.

(b) HSO4 is a weak acid, and its conjugate base, SO42_ is a weak base (see Table 15.5 of the text).
Therefore, this is a buffer system.

(¢) NH3 (ammonia) is a weak base, and its conjugate acid, NH4Jr is a weak acid. Therefore, this is a buffer
system.

(d) Because HI is a strong acid, its conjugate base, I, is an extremely weak base. This means that the I

ion will not combine with a H" ion in solution to form HI. Thus, this system cannot act as a buffer
system.

NH4'(ag) = NHs(aq) + H'(aq)

Ky = 5.6x10 0
pKa = 9.25
[NH; ] 0.15M

H = pK, + log—3= = 925+ 1o
P PRa g[NHX] E 035 M

= 8.88

Strategy: The pH of a buffer system can be calculated in a similar manner to a weak acid equilibrium

problem. The difference is that a common-ion is present in solution. The K; of CH3COOH is 1.8 x 10_5
(see Table 15.3 of the text).

Solution:
(a) We summarize the concentrations of the species at equilibrium as follows:

CH3COOH(ag) = H'(ag) + CH3COO (aq)
Initial (M): 2.0 0 2.0
Change (M): -X +x +x
Equilibrium (M): 20-x x 20+x
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[H*][CH,CO0™]

a

[CH;COOH]
C[H'1Q0+x) _ [H'](2.0)
T 20-x) 20
K = [H']

Taking the —log of both sides,
pKa = pH

Thus, for a buffer system in which the [weak acid] = [weak base],
pH = pKa

pH = —log(1.8 x 107) = 4.74

(b) Similar to part (a),

pH

pKa = 4.74

Buffer (a) will be a more effective buffer because the concentrations of acid and base components are
ten times higher than those in (b). Thus, buffer (a) can neutralize 10 times more added acid or base
compared to buffer (b).

16.13 H>CO3(ag) = HCO3 (aq) + H'(aq)

K

a

= 42x 1077

pK, = 638

[HCO3 ]
pH = pK, + log———
[H,CO5]

HCO;~
8.00 = 6.38 + 1ogg
[H,COs]

HCO;3~
lo [HCO; | _

¢ 1.62
[H,CO3]

[HCO3 ] _
[H,COs]
[H,COs]
[HCO;5™]

= 0.024
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Step 1: Write the equilibrium that occurs between HyPO4 and HPO42_. Set up a table relating the initial
concentrations, the change in concentration to reach equilibrium, and the equilibrium
concentrations.

HyPO4 (aq) = H'(ag) + HPO4™ (aq)

Initial (M): 0.15 0 0.10
Change (M): —x +x +x
Equilibrium (M): 0.15-x X 0.10 +x

Step 2: Write the ionization constant expression in terms of the equilibrium concentrations. Knowing the
value of the equilibrium constant (Kj,), solve for x.

_ [H)[HPO;]

Ka —
[HyPO4]

You can look up the K, value for dihydrogen phosphate in Table 15.5 of your text.

62x108 = (x)(0.10 + x)
’ (0.15 — x)
62 %10 ~ 010

) (0.15)

x=[H7=93x10°M

Step 3: Having solved for the [H+], calculate the pH of the solution.
pH = —log[H'] = —log(9.3 x 10°°) = 7.03

Using the Henderson—Hasselbalch equation:

[CH,CO0™]

H = pK, + lo
P PRa 08 [CH;COOH]

450 = 4.74 + logM
[CH;COOH]

Thus,
[CH;CO0™]
[CH;COOH]

0.58

We can use the Henderson-Hasselbalch equation to calculate the ratio [HCO3 ]/[H2CO3]. The Henderson-
Hasselbalch equation is:
pH = pK, + log [conjuga.te base]
[acid]

For the buffer system of interest, HCO3 ™ is the conjugate base of the acid, HoCO3. We can write:

[HCO5]

pH = 7.40 = —log(4.2 x107) + log——3-
[H,CO;5]
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[HCO5]

740 = 6.38 + log——=>=
[HyCOs]

The [conjugate base]/[acid] ratio is:

[HCO3 ]

og =740 - 6.38 = 1.02
[H,CO3]

[HCO5] _ 10192 — 1.0 x 10!
[H,CO;3]

The buffer should be more effective against an added acid because ten times more base is present compared
to acid. Note that a pH of 7.40 is only a two significant figure number (Why?); the final result should only
have two significant figures.

For the first part we use K, for ammonium ion. (Why?) The Henderson—Hasselbalch equation is

pH = —log(5.6x 1071) + log (L20M) _ g 55

(0.20 M)
For the second part, the acid—base reaction is
NH3(g) + H'(ag) - NH4'(aq)
We find the number of moles of HCI added
10.0 mL x 210 mOLHCL 5 5616 mol HCI
1000 mL soln

The number of moles of NH3z and NH4" originally present are

65.0 mL x —220mL 6613 mol

1000 mL soln

Using the acid-base reaction, we find the number of moles of NH3 and NH4+ after addition of the HCI.

NHj3(ag) + H'(ag) — NHi'(aq)

Initial (mol): 0.013 0.0010 0.013
Change (mol): —0.0010 —0.0010 +0.0010
Final (mol): 0.012 0 0.014
We find the new pH:
pH = 9.25 + logm = 9.18
(0.014)

As calculated in Problem 16.12, the pH of this buffer system is equal to pKj.

pH = pKa = —log(1.8x 107°) = 4.74

(a) The added NaOH will react completely with the acid component of the buffer, CH3COOH. NaOH
ionizes completely; therefore, 0.080 mol of OH are added to the buffer.
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Step 1: The neutralization reaction is:

CH3COOH(ag) + OH (ag) ——> CH3COO (aq) + H,0()

Initial (mol): 1.00 0.080 1.00
Change (mol): —0.080 —0.080 +0.080
Final (mol): 0.92 0 1.08

Step 2: Now, the acetic acid equilibrium is reestablished. Since the volume of the solution is 1.00 L, we can
convert directly from moles to molar concentration.

CH3COOH(agq) = H+(aq) + CH3COO (aq)

Initial (M): 0.92 0 1.08
Change (M): —x +x +x
Equilibrium (M): 0.92 —x X 1.08 +x

Write the K, expression, then solve for x.

K - [H"][CH;CO0™]
® " [CH3COOH]

(x)(1.08 + x) _ x(1.08)
092-x) 092

1.8x107° =

x=[HT]=15x10"M

Step 3: Having solved for the [H+], calculate the pH of the solution.
pH = —log[H'] = —log(1.5x 107) = 4.82

The pH of the buffer increased from 4.74 to 4.82 upon addition of 0.080 mol of strong base.

(b) The added acid will react completely with the base component of the buffer, CH3COO . HCl ionizes
completely; therefore, 0.12 mol of H" ion are added to the buffer

Step 1: The neutralization reaction is:

CH3COO (aq) + H'(aqg) —— CH3COOH(aq)

Initial (mol): 1.00 0.12 1.00
Change (mol): -0.12 -0.12 +0.12
Final (mol): 0.88 0 1.12

Step 2: Now, the acetic acid equilibrium is reestablished. Since the volume of the solution is 1.00 L, we can
convert directly from moles to molar concentration.

CH3COOH(aq) = H+(aq) + CH3COO (aq)

Initial (M): 1.12 0 0.88
Change (M): —x +x +x
Equilibrium (M): 1.12 —x X 0.88 +x

Write the K, expression, then solve for x.

_ [H'][CH;CO0"]
® " [CH3COOH]
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(x)(0.88 + x) _ x(0.88)
.12-x) 112

1.8x107° =

x=[H7=23x10"M

Step 3: Having solved for the [H+], calculate the pH of the solution.
pH = —log[H'] = —log(2.3 x 107°) = 4.64

The pH of the buffer decreased from 4.74 to 4.64 upon addition of 0.12 mol of strong acid.

16.19 We write

K

a

= 11x107 pK,, = 2.96

K, =25x107° pK,, = 5.60

In order for the buffer solution to behave effectively, the pK; of the acid component must be close to the

desired pH. Therefore, the proper buffer system is NaA/NaHA.

16.20 Strategy: For a buffer to function effectively, the concentration of the acid component must be roughly
equal to the conjugate base component. According to Equation (16.4) of the text, when the desired pH is

close to the pKj of the acid, that is, when pH = pKj,

log [conjugate base] N
[acid]
or
[conjugate base]

[acid]

Solution: To prepare a solution of a desired pH, we should choose a weak acid with a pK, value close to

the desired pH. Calculating the pK, for each acid:

For HA, pKa = —log(2.7 x 107°) = 2.57
For HB, pKa = —log(4.4x 10°%) = 536
For HC, pKa = —log(2.6 x 107°) = 8.59

The buffer solution with a pK, closest to the desired pH is HC. Thus, HC is the best choice to prepare a

buffer solution with pH = 8.60.

16.23  Since the acid is monoprotic, the number of moles of KOH is equal to the number of moles of acid.

Moles acid = 16.4 mL x 0.08133 mol = 0.00133 mol
1000 mL
Molar mass = 0.2688 ¢ = 202 g/mol

0.00133 mol

461
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16.24 We want to calculate the molar mass of the diprotic acid. The mass of the acid is given in the problem, so we
need to find moles of acid in order to calculate its molar mass.

want to calculate g/lv en
H>A
molar mass of HyA = A
mol H,A

N\

need to find

The neutralization reaction is:
2KOH(aq) + HyA(aq) ——> KjA(aq) + 2H,0())

From the volume and molarity of the base needed to neutralize the acid, we can calculate the number of
moles of HyoA reacted.

1.00 mol KOH N 1 mol H,A

= 5.55x 107> mol HyA
1000 mL 2 mol KOH

11.1 mL KOH x

We know that 0.500 g of the diprotic acid were reacted (1/10 of the 250 mL was tested). Divide the number
of grams by the number of moles to calculate the molar mass.

0.500 g HyA
5.55x 107> mol HyA

M (HA) = = 90.1 g/mol

16.25 The neutralization reaction is:

H3SO04(aq) + 2NaOH(aq) — NaSOa(aq) + 2H20())
Since one mole of sulfuric acid combines with two moles of sodium hydroxide, we write:

0.500 mol H,SOy4 y 2 mol NaOH

mol NaOH = 12.5 mL H,SO, x
1000 mL soln 1 mol H,SOy,

= 0.0125 mol NaOH

concentration of NaOH = 0.0125 mol NaOH =025M

50.0 x 10 L soln

16.26 We want to calculate the molarity of the Ba(OH); solution. The volume of the solution is given (19.3 mL),
so we need to find the moles of Ba(OH); to calculate the molarity.

want to calculate ne?to find

mol Ba(OH),
L of Ba(OH), soln

AN

given

M of Ba(OH), =
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The neutralization reaction is:

2HCOOH + Ba(OH), — (HCOO);Ba + 2H,0

From the volume and molarity of HCOOH needed to neutralize Ba(OH);, we can determine the moles of
Ba(OH); reacted.

0.883 mol HCOOH N 1 mol Ba(OH),

= 9.01x 10> mol Ba(OH),
1000 mL 2 mol HCOOH

20.4 mL HCOOH x

The molarity of the Ba(OH); solution is:

9.01x 107> mol Ba(OH),
193x10°L

= 0467 M

16.27 (a) Since the acid is monoprotic, the moles of acid equals the moles of base added.
HA(aq) + NaOH(ag) —— NaA(aq) + H2O())

Moles acid = 18.4 mL x M = 0.00116 mol
1000 mL soln

We know the mass of the unknown acid in grams and the number of moles of the unknown acid.

0.1276 g

—22% = 1.10 x 10* g/mol
0.00116 mol

Molar mass =

(b) The number of moles of NaOH in 10.0 mL of solution is

10.0 mL x 20033 mol o 107 mol
1000 mL soln

The neutralization reaction is:

HA(agq) + NaOH(aq) —— NaA(aq) + HxO())

Initial (mol): 0.00116 633x 107" 0
Change (mol): 633x10°¢  —633x107" +6.33x 107"
Final (mol): 53x107" 0 633x 107"

Now, the weak acid equilibrium will be reestablished. The total volume of solution is 35.0 mL.

-4
[HA] = 5.3 x107 " mol 0015 M
0.035L

_6.33x 10 mol

[A7] = 0.0181 M
0.035L

We can calculate the [H+] from the pH.

—5.87

H7 = 10" = 10°Y = 135x10° M



464 CHAPTER 16: ACID-BASE EQUILIBRIA AND SOLUBILITY EQUILIBRIA

HA(aq) = H+(aq) +  A(aq)

Initial (M): 0.015 0 0.0181
Change (M): “135%10°° +135%x10°  +135%x10°
Equilibrium (M):  0.015 135%10°° 0.0181

Substitute the equilibrium concentrations into the equilibrium constant expression to solve for K.

_[HTAT] _ (135 x107°)(0.0181)

a = 1.6x107°
[HA] 0.015

16.28 The resulting solution is not a buffer system. There is excess NaOH and the neutralization is well past the
equivalence point.

Moles NaOH = 0.500 L x %Lmol = 0.0835 mol
Moles CH;COOH = 0.500 L x %Lm"l = 0.0500 mol

CH3COOH(aq) + NaOH(ag) — CH3COONa(aq) + HyO(!)

Initial (mol): 0.0500 0.0835 0
Change (mol): —-0.0500 —-0.0500 +0.0500
Final (mol): 0 0.0335 0.0500

The volume of the resulting solution is 1.00 L (500 mL + 500 mL = 1000 mL).

o] = 20335 mol g hass ar
1.00 L
Nat| = (00335 +0.0500)mol _ o oo
1.00 L
K . 14 _
) = v LOXI0 13y
[OH™] 0.0335
[CH;CO0™| = 0.0500 mol " 4500 11
1.00 L
CH3COO (aq) + HyO(/) = CH3COOH(aq) + OH (aq)
Initial (M): 0.0500 0 0.0335
Change (M): —x +x +x
Equilibrium (M):  0.0500 — x x 0.0335 + x

«. _ [CH3COOH][OH"]
[CH;CO0™]

(0)(0.0335 + %) _ (x)(0.0335)
(0.0500 — x)  (0.0500)

56x10710 =

x = [CH;COOH] = 8.4 x10°° m
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HCl(aq) + CH3NH(aq) = CH3NH3+(aq) + CI (aq)
Since the concentrations of acid and base are equal, equal volumes of each solution will need to be added to

reach the equivalence point. Therefore, the solution volume is doubled at the equivalence point, and the
concentration of the conjugate acid from the salt, CH3NH3+, is:

020 M — 010 M

The conjugate acid undergoes hydrolysis.

CH3NH3 (ag) + HO(/) = H30'(ag) + CH3NHa(aq)

Initial (M): 0.10 0 0
Change (M): —X +x +x
Equilibrium (M): 0.10 —x x X
K - [H30" J[CH;NH, ]
’ [CH3NH ]
2
23x107M =
0.10 — x

Assuming that, 0.10 —x = 0.10
x = [H30'] = 1.5x10° M

pH = 5.82
Let's assume we react 1 L of HCOOH with 1 L of NaOH.
HCOOH(aq) + NaOH(ag) —» HCOONa(ag) + H20(])
Initial (mol): 0.10 0.10 0
Change (mol): —-0.10 -0.10 +0.10
Final (mol): 0 0 0.10

The solution volume has doubled (1 L + 1 L =2 L). The concentration of HCOONa is:

M (HCOONa) = %ﬁnm = 0.050 M

HCOO (aq) is a weak base. The hydrolysis is:

HCOO (aq) + HoO(/) = HCOOH(aq) + OH (aq)

Initial (M): 0.050 0 0
Change (M): -X +x +x
Equilibrium (M): 0.050 —x X x

«. _ [HCOOH][OH ]
[HCOO™]
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x2 x2

50x107'! = ~
0.050 — x  0.050

x=17x10°M = [OH ]
pOH = 5.77
pH = 8.23

The reaction between CH3COOH and KOH is:
CH3COOH(aq) + KOH(ag) — CH3COOK(aq) + HyO(/)

We see that 1 mole CH3COOH = 1 mol KOH. Therefore, at every stage of titration, we can calculate the

number of moles of acid reacting with base, and the pH of the solution is determined by the excess acid or
base left over. At the equivalence point, however, the neutralization is complete, and the pH of the solution

will depend on the extent of the hydrolysis of the salt formed, which is CH3COOK.

(a) No KOH has been added. This is a weak acid calculation.

CH3COOH(ag) + HO() = H30+(aq) + CH3COO (aq)

Initial (M): 0.100 0 0
Change (M): -X +x +x
Equilibrium (M): 0.100 —x X X
B [H;0" ][CH;COO™]
a [CH;COOH]
2
18x105 = WD x

0.100 —x  0.100

x = 134x10° M = [H30']
pH = 2.87

(b) The number of moles of CH3COOH originally present in 25.0 mL of solution is:

0.100 mol CH;COOH
1000 mL CH3;COOH soln

25.0 mL x = 2.50 x 10> mol

The number of moles of KOH in 5.0 mL is:

5.0 mL x 2200 molKOH 61673 ol
1000 mL KOH soln

We work with moles at this point because when two solutions are mixed, the solution volume increases.
As the solution volume increases, molarity will change, but the number of moles will remain the same.
The changes in number of moles are summarized.

CH3COOH(aq) + KOH(ag) —  CH3COOK(aq)+ HyO(/)
Initial (mol): 2.50 x 107 1.00x 107 0
Change (mol): ~1.00x 107 ~1.00x 107 +1.00 x 107
Final (mol): 150 x 10> 0 1.00 x 10°°
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At this stage, we have a buffer system made up of CH3COOH and CH3COO  (from the salt,
CH3COOK). We use the Henderson-Hasselbalch equation to calculate the pH.

[conjugate base]

H = pK, + 1o
P PRa & [acid]
-3
pH = —log(1.8 x 107%)+ log M
1.50 x 10
pH = 4.56

This part is solved similarly to part (b).
The number of moles of KOH in 10.0 mL is:

10,0 mL x 2200 mol KOH 7 1073 1ol

1000 mL KOH soln

The changes in number of moles are summarized.

CH3COOH(ag) + KOH(ag) - CH3COOK(aq)+ Hy0(l)

Initial (mol): 2.50 x 107 2.00x 107 0
Change (mol): 2.00x 107 2.00x 107 +2.00 x 107
Final (mol): 0.50 x 10~° 0 2.00x10°

At this stage, we have a buffer system made up of CH3COOH and CH3COO  (from the salt,
CH3COOK). We use the Henderson-Hasselbalch equation to calculate the pH.

[conjugate base]

H
P [acid]

pK, + log

-3
pH = —log(1.8 x 1075)+ log[M]

0.50x 1073
pH = 5.34

We have reached the equivalence point of the titration. 2.50 x 10~ mole of CH3COOH reacts with
2.50 x 10~ mole KOH to produce 2.50 x 10~ mole of CH3COOK. The only major species present in
solution at the equivalence point is the salt, CH3COOK, which contains the conjugate base, CH3COO .

Let's calculate the molarity of CH3COO . The volume of the solution is: (25.0 mL + 12.5 mL =
37.5mL =0.0375L).

3
M (CH;C00™) = 22010 7mol 0667 0
0.0375 L

We set up the hydrolysis of CH3COO , which is a weak base.

CH3COO (aq) + HyO(/) = CH3COOH(aq) + OH (aq)

Initial (M): 0.0667 0 0
Change (M): —x +x +x

Equilibrium (M): 0.0667 — x x X
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[CH;COOH][OH ]
[CH,CO0™]

Ky, =

M) X

56x10710 = ~
0.0667 — x  0.0667

x=61x10°M = [0H]
pOH = 5.21
pH = 8.79
(e) We have passed the equivalence point of the titration. The excess strong base, KOH, will determine the
pH at this point. The moles of KOH in 15.0 mL are:

15.0 mL x 200 mol KOH 5 1 153 o1
1000 mL KOH soln

The changes in number of moles are summarized.

CH3COOH(ag) + KOH(ag) - CH3COOK(aq)+ Hy0(l)

Initial (mol): 2.50 x 107 3.00 x 107 0
Change (mol): 250 %107 250 %107 12,50 x 107
Final (mol): 0 0.50 x 10~° 250 x 10

Let's calculate the molarity of the KOH in solution. The volume of the solution is now 40.0 mL = 0.0400 L.

-3
M (KOH) = %&mm"l = 0.0125 M

KOH is a strong base. The pOH is:
pOH = —log(0.0125) = 1.90
pH = 12.10

16.32  The reaction between NH3 and HCl is:

NH3(aq) + HCl(ag) — NH4Cl(aq)

We see that 1 mole NH3 = 1 mol HCIL. Therefore, at every stage of titration, we can calculate the number of

moles of base reacting with acid, and the pH of the solution is determined by the excess base or acid left
over. At the equivalence point, however, the neutralization is complete, and the pH of the solution will

depend on the extent of the hydrolysis of the salt formed, which is NH4CL

(a) No HCI has been added. This is a weak base calculation.

NH3(aq) + HyO(l) = NHy (aq) + OH (aq)
Initial (M): 0.300 0 0
Change (M): —x +x +x
Equilibrium (M):  0.300 —x X x
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. — [INHZ]J[OH ]
[NH;]

M) X

1.8x107° = ~
0300 — x  0.300

x=23x10°M = [OH ]
pOH = 2.64
pH = 11.36

(b) The number of moles of NHj3 originally present in 10.0 mL of solution is:

0.300 mol NH;
1000 mL NHj3 soln

10.0 mL x = 3.00 x 10~ mol

The number of moles of HCI in 10.0 mL is:

10,0 mL x 2100 mol HEL 0 1073 1ol
1000 mL HClsoln

We work with moles at this point because when two solutions are mixed, the solution volume increases.
As the solution volume increases, molarity will change, but the number of moles will remain the same.
The changes in number of moles are summarized.

NHiz(ag) + HCl(ag) —  NH4Cl(ag)

Initial (mol): 3.00x10° 1.00 x 107 0
Change (mol):  —1.00x10°  —1.00x 10"  +1.00x 10~
Final (mol): 200x107° 0 1.00 x 107

At this stage, we have a buffer system made up of NH3 and NH4+ (from the salt, NH4Cl). We use the
Henderson-Hasselbalch equation to calculate the pH.

[conjugate base]

H = pK, + lo
P P T T cid]
-3
pH = —log(5.6 x 10710)+ log M
1.00 x 10~
pH = 9.55

(¢) This part is solved similarly to part (b).
The number of moles of HCI in 20.0 mL is:

20.0 mL x A0 mol HCL ) 0 63 ol
1000 mL HClsoln

The changes in number of moles are summarized.

NH3z(aq) + HCl(ag) —  NHsCl(aq)
Initial (mol): 3.00x 107 200x107° 0
Change (mol): ~ —2.00x 107> —2.00x10°  42.00x 10
Final (mol): 1.00 x 10 0 200x 107
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At this stage, we have a buffer system made up of NH3 and NH4" (from the salt, NH4Cl). We use the
Henderson-Hasselbalch equation to calculate the pH.

[conjugate base]

H = pK, + lo
P PRa g [acid]
-3
pH = —log(5.6 x 10710)+ log %
2.00 x 10~
pH = 8.95

(d) We have reached the equivalence point of the titration. 3.00 x 10~ mole of NHj; reacts with
3.00 x 10~ mole HCI to produce 3.00 x 10 mole of NH4ClL. The only major species present in
solution at the equivalence point is the salt, NH4Cl, which contains the conjugate acid, NH4+. Let's

calculate the molarity of NH4". The volume of the solution is: (10.0 mL + 30.0 mL =40.0 mL =
0.0400 L).

-3
M (NH}) = —3'02 z:go Lm"l - 0.0750 M

We set up the hydrolysis of NH4 ", which is a weak acid.

NH4 ' (aq) + HoO()) = H30(aq) + NH3(aq)

Initial (M): 0.0750 0 0
Change (M): —x +x +x
Equilibrium (M):  0.0750 — x X X
K - [H30"][NH;]
Y INHj)
sex100 - @@ X

0.0750 — x  0.0750

x=65x10°M = [H;0"]
pH = 5.19
(e) We have passed the equivalence point of the titration. The excess strong acid, HCI, will determine the
pH at this point. The moles of HCI in 40.0 mL are:

40.0 mL x 100 mol HCL ) 0 1673 mol
1000 mL HClsoln

The changes in number of moles are summarized.

NH3(agq) + HCllag) —  NH4Cl(agq)
Initial (mol): 3.00x10°  4.00x 107 0
Change (mol):  —3.00x 107> —3.00x10°  +3.00x 10"
Final (mol): 0 1.00x 107 3.00x 107




CHAPTER 16: ACID-BASE EQUILIBRIA AND SOLUBILITY EQUILIBRIA 471

Let's calculate the molarity of the HCl in solution. The volume of the solution is now 50.0 mL = 0.0500 L.

-3
M (HCI) = W = 0.0200 M

HCl is a strong acid. The pH is:
pH = —log(0.0200) = 1.70

16.35 (a) HCOOH is a weak acid and NaOH is a strong base. Suitable indicators are cresol red and
phenolphthalein.

(b) HCl s a strong acid and KOH is a strong base. Suitable indicators are all those listed with the
exceptions of thymol blue, bromophenol blue, and methyl orange.

(¢) HNOg; is a strong acid and CH3NH is a weak base. Suitable indicators are bromophenol blue, methyl
orange, methyl red, and chlorophenol blue.

16.36  CO» in the air dissolves in the solution:
CO32 + HHO = H,CO3

The carbonic acid neutralizes the NaOH.

16.37 The weak acid equilibrium is

HIn(ag) = H'(ag) + In (aq)

We can write a K, expression for this equilibrium.

_ [H'][n"]
a [HIn]
Rearranging,
[HIn] _ [H']
7] K

From the pH, we can calculate the H' concentration.

-4

H7 =10 =107 = 1.0x10% M

[HIn] _[H'] _10x107*

= 100
-] K, 10x10°

Since the concentration of HIn is 100 times greater than the concentration of In , the color of the solution
will be that of HIn, the nonionized formed. The color of the solution will be red.

16.38  According to Section 16.5 of the text, when [HIn] ~ [In" ] the indicator color is a mixture of the colors of HIn
and In . In other words, the indicator color changes at this point. When [HIn] ~ [In ] we can write:
[n] K,
[HIn] [H*]

=1
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[H'] = K, = 20x10°
pH = 5.70

16.45 (a) The solubility equilibrium is given by the equation

Agl(s) = Ag'(aq) +1 (aq)

The expression for Ky, is given by
Ksp = [Ag'T]

The value of Kp can be found in Table 16.2 of the text. If the equilibrium concentration of silver ion is
the value given, the concentration of iodide ion must be

Ky 83x107"7

5 = 9.1x10° M
[Ag']  9.1x10”

=

(b) The value of Kp for aluminum hydroxide can be found in Table 16.2 of the text. The equilibrium
expressions are:

AI(OH)3(s) = AI*(aq) + 30H (ag)

Ky = [APT[OH T

Using the given value of the hydroxide ion concentration, the equilibrium concentration of aluminum
ion is:
Ko  18x107%

T = 3 = 74x108%M
[OH™] (2.9%x107)

[A*Y] =

What is the pH of this solution? Will the aluminum concentration change if the pH is altered?

16.46 Strategy: In each part, we can calculate the number of moles of compound dissolved in one liter of solution
(the molar solubility). Then, from the molar solubility, s, we can determine K.

Solution:

7.3 %1072 g SrF, L mol StF
1 L soln 125.6 g SrF,

(a) = 58x10*mollL = s

Consider the dissociation of SrF; in water. Let s be the molar solubility of SrF5.

StFa(s) = Sr**(aq) + 2F (aq)

Initial (M): 0 0
Change (M): —s +s +25
Equilibrium (M): s 2s

Kp = [SPF T = 929 = 45

The molar solubility (s) was calculated above. Substitute into the equilibrium constant expression to
solve for Kgp.

Kp = [SCNF T = 48 = 458x107%) = 7.8x 107"
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6.7 x107 g AgzPO, 1 mol Ag;PO,
1L soln 418.7 g Ag;POy,

(b) =1.6x10° mol/L = s

(b) is solved in a similar manner to (a)

The equilibrium equation is:

3—
AgsPOy(s) = 3Ag'(ag) + PO (aq)

Initial (M): 0 0
Change (M): —s +3s +s
Equilibrium (M): 3s s

Ko = [Ag'T[POS ] = (3s)(s) = 275" = 27(1.6 x 107)* = 1.8x 107"

For MnCO3 dissolving, we write

MnCO3(s) = Mn2+(aq) + CO32_(aq)

For every mole of MnCOj3 that dissolves, one mole of Mn? will be produced and one mole of CO32_ will be
produced. If the molar solubility of MnCOj3 is s mol/L, then the concentrations of MnZJr and CO32_ are:

Mn*'] = [CO° ] =5 = 42x 10 ° M
Ko = [Mn>[CO5> ] = 52 = (42x10°)% = 1.8x 107"

First, we can convert the solubility of MX in g/L to mol/L.

4.63x107 g MX . Lmol MX

=134x10” mol/L = s (molar solubility)
1 L soln 346 g MX

The equilibrium reaction is:

MX(s) = M"(aq) + X" (aq)

Initial (M): 0 0
Change (M): —s +s +s
Equilibrium (M): s s

Kp = M™[X"] = s> = (134x107)" = 1.80 x 107"

The charges of the M and X ions are +3 and -2, respectively (are other values possible?). We first calculate

the number of moles of M,X3 that dissolve in 1.0 L of water. We carry an additional significant figure
throughout this calculation to minimize rounding errors.

1 mol
288 ¢g

Moles MyX3 = (3.6 x 107" g) x = 1.25x 107" mol

The molar solubility, s, of the compound is therefore 1.3 x 1077 M. At equilibrium the concentration of Mm>*

must be 2s and that of X°~ must be 3s. (See Table 16.3 of the text.)

Kp = [MTIX*T = [25°13s] = 1085
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Since these are equilibrium concentrations, the value of K can be found by simple substitution

195

Kep = 108s° = 108(125x10°%)° = 33x 107

16.50 Strategy: We can look up the Kp value of CaF in Table 16.2 of the text. Then, setting up the dissociation
equilibrium of CaF» in water, we can solve for the molar solubility, s.

Solution: Consider the dissociation of CaF; in water.

CaFa(s) = Ca’'(aq) + 2F (ag)

Initial (M): 0 0
Change (M): —s +s +25
Equilibrium (M): K 2s

Recall, that the concentration of a pure solid does not enter into an equilibrium constant expression.
Therefore, the concentration of CaF; is not important.

Substitute the value of Kgp and the concentrations of Ca®" and F~ in terms of s into the solubility product
expression to solve for s, the molar solubility.

JIET
40x 107" = (5)(29)°

2+

Ksp = [Ca

40x107" = 45

s = molar solubility = 2.2 x 10~ mol/L

The molar solubility indicates that 2.2 x 10" mol of CaF, will dissolve in 1 L of an aqueous solution.

16.51 Let s be the molar solubility of Zn(OH);. The equilibrium concentrations of the ions are then

[Zn*"] = s and [OH | = 25

Ky = [Z0™[OH T = (s)(25)" = 4s° = 1.8x 10"

1

-14\3
e R

[OH ]1=2s=3.4x 107 Mand pOH = 4.47
pH = 14.00 - 447 = 9.53

If the K, of Zn(OH); were smaller by many more powers of ten, would 2s still be the hydroxide ion
concentration in the solution?

16.52  First we can calculate the OH  concentration from the pH.
pOH = 14.00 — pH

pOH = 14.00 - 9.68 = 4.32

—pOH _ ,—432 _ 5

[OH] = 10 1077 = 48x10° M
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The equilibrium equation is:
MOH(s) = M (ag) + OH (aq)
From the balanced equation we know that [M+] =[OH ]

Ky = [MJ[OH] = (48x107) = 2.3x 107

According to the solubility rules, the only precipitate that might form is BaCOs.

Ba®"(aq) + CO3” (ag) — BaCOs(s)

The number of moles of Ba>" present in the original 20.0 mL of Ba(NO3); solution is

2+
20,0 mL x 210 Mol Ba™ - 1073 mol Ba2*

1000 mL soln

The total volume after combining the two solutions is 70.0 mL. The concentration of Ba®' in 70 mL is

2.0 x 1072 mol Ba*

= 29x102M
70.0x 1072 L

[Ba?*] =

The number of moles of C032_ present in the original 50.0 mL Na;COj3 solution is

0.10 mol CO5>~

= 5.0 x 1073 mol CO;2~
1000 mL soln

50.0 mL x

The concentration of CO327 in the 70.0 mL of combined solution is

0 x 1073 mol CO5%~
[coy] = 2010 Tmo 3CO3 - 71x102 M
70.0x 107 L

475

Now we must compare Q and Kp. From Table 16.2 of the text, the Ky for BaCO3 is 8.1 x 10_9. As for Q,

0 = [Ba®1o[CO3* T = 2.9x 107 )(7.1x 1072 = 2.1 x 10
Since (2.1 x 107)> (8.1 x 10™), then Q> Kp. Therefore, BaCO3 will precipitate.

The net ionic equation is:
Sr**(aq) + 2F (ag) ——> StFa(s)

Let’s find the limiting reagent in the precipitation reaction.

Moles F = 75 mL x M = 0.0045 mol
1000 mL soln
Moles Sr2* = 25 mL x — 2™l 6 6038 mol

1000 mL soln
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From the stoichiometry of the balanced equation, twice as many moles of F  are required to react with s
This would require 0.0076 mol of F, but we only have 0.0045 mol. Thus, F is the limiting reagent.

Let’s assume that the above reaction goes to completion. Then, we will consider the equilibrium that is
established when SrF; partially dissociates into ions.

S (ag) + 2F (ag) ——> SrFa(s)

Initial (mol): 0.0038 0.0045 0
Change (mol):  —0.00225  —0.0045 +0.00225
Final (mol): 0.00155 0 0.00225

Now, let’s establish the equilibrium reaction. The total volume of the solution is 100 mL = 0.100 L. Divide
the above moles by 0.100 L to convert to molar concentration.

StFa(s) = Sr''(aq) + 2F (aq)

Initial (M): 0.0225 0.0155 0
Change (M): —s +s +2s
Equilibrium (M): 0.0225 —s 0.0155+s 2s

Write the solubility product expression, then solve for s.
242
Ksp =[S ]

-10 2 2
20x10 7 = (0.0155 +5)(2s)" ~ (0.0155)(2s)
s=57x10°M
[F]=2=11x10°*M
[Sr*] = 0.0155 +5 = 0.016 M

Both sodium ions and nitrate ions are spectator ions and therefore do not enter into the precipitation reaction.

2(0.0038) mol

[NO3] = = 0.076 M
0.10 L
Na*] = Q0045 mol _ o
0.10 L

(a) The solubility product expressions for both substances have exactly the same mathematical form and are
therefore directly comparable. The substance having the smaller K, (Agl) will precipitate first. (Why?)

(b) When Cul just begins to precipitate the solubility product expression will just equal Ksp (saturated

solution). The concentration of Cu’ at this point is 0.010 M (given in the problem), so the
concentration of iodide ion must be:

K = [Cu'[I] = (0.010)[T] = 5.1 x 10"

o 51x1072
0.010

1 =51x10710 0

Using this value of [I ], we find the silver ion concentration

K -17
Agt] = =2 - 8310 10T M

] S1x107'°
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(¢) The percent of silver ion remaining in solution is:

1.6x1077 M
0.010 M

% Ag*(aq) = x 100% = 0.0016% or 1.6 x 107%

Is this an effective way to separate silver from copper?

For Fe(OH)3, Kgp = 1.1 x 10°°. When [Fe’]=0.010 M, the [OH ] value is:

Ky = [Fe'J[OH T
or

1.1x1073¢

- 3 -12
[OH] = = 48x1072 M
0.010

This [OH ] corresponds to a pH of 2.68. In other words, Fe(OH)3 will begin to precipitate from this solution
at pH of 2.68.

For Zn(OH);, Ksp = 1.8 x 10", When [Zn2+] =0.010 M, the [OH ] value is:

1

1.8x1071

2 6
=13x107°M
0.010

[OH] = (

This corresponds to a pH of 8.11. In other words Zn(OH); will begin to precipitate from the solution at
pH = 8.11. These results show that Fe(OH)3; will precipitate when the pH just exceeds 2.68 and that

Zn(OH), will precipitate when the pH just exceeds 8.11. Therefore, to selectively remove iron as Fe(OH)3,
the pH must be greater than 2.68 but less than 8.11.

First let s be the molar solubility of CaCOj3 in this solution.

CaCOs(s) = Ca’'(ag) + CO3* (aq)

Initial (M): 0.050 0
Change (M): —s +s +s
Equilibrium (M): (0.050 +s) s

Ko = [Ca®][CO5™ ] = (0.050 +5)s = 8.7x 107

We can assume 0.050 + s = 0.050, then

. 87x 107
0.050

=17x107" M
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The mass of CaCOj3 can then be found.

1.7x 107 mol _ 100.1 g CaCOs
X

(3.0 x 10> mL) x
1000 mL soln 1 mol

= 5.1x107% g CaCO,

16.60 Strategy: In parts (b) and (c), this is a common-ion problem. In part (b), the common ion is Br , which is
supplied by both PbBry and KBr. Remember that the presence of a common ion will affect only the
solubility of PbBr, but not the K, value because it is an equilibrium constant. In part (c), the common ion is
Pb2+, which is supplied by both PbBr; and Pb(NO3),.

Solution:
(a) Setup a table to find the equilibrium concentrations in pure water.

PbBra(s) = Pb’'(aq) + 2Br (aq)

Initial (M) 0 0
Change (M) —s +s +2s
Equilibrium (M) s 2s

Ky = [P ][Br T
8.9x 100 = (5)(25)
s = molar solubility = 0.013 M

(b) Setup a table to find the equilibrium concentrations in 0.20 M KBr. KBr is a soluble salt that ionizes
completely giving an initial concentration of Br = 0.20 M.

PbBra(s) = Pb’'(aq) + 2Br (aq)

Initial (M) 0 0.20
Change (M) —s +s +2s
Equilibrium (M) s 0.20 + 2s

Ky = [Pb™[Br °
8.9x107° = (5)(0.20 + 25)°
8.9x 10 ~ (5)(0.20)°
s = molar solubility = 2.2 x 107 M
Thus, the molar solubility of PbBr; is reduced from 0.013 M to 2.2 x 10~ M as a result of the common

ion (Br ) effect.

(¢) Setup a table to find the equilibrium concentrations in 0.20 M Pb(NO3),. Pb(NO3); is a soluble salt
that dissociates completely giving an initial concentration of [Pb2+] =0.20 M.

PbBry(s) = Pb '(ag) + 2Br (aq)
Initial (M): 0.20 0
Change (M): —s +s +2s
Equilibrium (M): 0.20+s 2s
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Ky = [Pb™[Br °
8.9x 107° = (0.20 + 5)(25)°
8.9x 107° ~ (0.20)(2s)

s = molar solubility = 3.3 x 107 M

Thus, the molar solubility of PbBr; is reduced from 0.013 M to 3.3 x 10_3 M as a result of the common
ion (Pb2+) effect.

Check: You should also be able to predict the decrease in solubility due to a common-ion using
Le Chatelier's principle. Adding Br or Pb”" ions shifts the system to the left, thus decreasing the solubility
of PbBr.

16.61 We first calculate the concentration of chloride ion in the solution.

10.0 g CaCl, N 1 mol CaCl, o 2 mol CI”

[Cl] =
1L soln 111.0 g CaCl, 1mol CaCl,

= 0.180 M

AgCl(s) = Ag'(ag) + Cl(aq)

Initial (M): 0.000 0.180
Change (M): —s +s +s
Equilibrium (M): s (0.180 +s)

If we assume that (0.180 + 5) ~ 0.180, then
Ky = [Ag'ICIT] = 1.6x 107"

Ksp _l6x 10_10

- =89x1070M =&
[CI7] 0.180

[Ag'] =

The molar solubility of AgCl is 8.9 x 1070 a1,

16.62 (a) The equilibrium reaction is:

BaSOq4(s) = Ba2+(aq)+SO42_(MI)

Initial (M): 0 0
Change (M): —s +s +s
Equilibrium (M): s s

2 2—
Ksp = [Ba '1[SO4™ ]
11x1010 = §?
s = 1.0x10°M

The molar solubility of BaSO4 in pure water is 1.0 x 10~ mol/L.
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(b) The initial concentration of SO42_ is 1.0 M.

BaSOq4(s) = Ba2+(aq)+SO42_(MI)

Initial (M): 0 1.0
Change (M): —s +s +s
Equilibrium (M): N 1.0+

2 2—
Ksp = [Ba '1[SO4™ ]
11x 1070 = (5)(1.0 +5) ~ (s)(1.0)
s=1L1x10'm

Due to the common ion effect, the molar solubility of BaSO4 decreases to 1.1 x 10710 mol/L in
1.o0M SO42_(aq) compared to 1.0 x 10~ mol/L in pure water.

When the anion of a salt is a base, the salt will be more soluble in acidic solution because the hydrogen ion
decreases the concentration of the anion (Le Chatelier's principle):

B (aq) + H'(aq) = HB(aq)

(a) BaSO4 will be slightly more soluble because SO42_ is a base (although a weak one).

(b) The solubility of PbCl; in acid is unchanged over the solubility in pure water because HCl is a strong
acid, and therefore CI ™ is a negligibly weak base.

(¢) Fe(OH); will be more soluble in acid because OH is a base.

(d) CaCOs will be more soluble in acidic solution because the C032_ ions react with H" ions to form COy

and HyO. The CO; escapes from the solution, shifting the equilibrium. Although it is not important in
this case, the carbonate ion is also a base.

(b) SO427(aq) is a weak base
(¢) OH (aq) is a strong base
(d) C2042_(aq) is a weak base
(e) PO43_(aq) is a weak base.

The solubilities of the above will increase in acidic solution. Only (a), which contains an extremely weak
base (I' is the conjugate base of the strong acid HI) is unaffected by the acid solution.

In water:
Mg(OH), = Mg>" + 20H"
s 2s
Kp =45 = 12x107"

s=14x104 M

In a buffer at pH =9.0
[H] = 1.0x 107
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[OH] = 1.0x10"

12x 107" = ()(1.0 x 107
s =012M

16.66  From Table 16.2, the value of Ky, for iron(II) is 1.6 x 107,

(a) At pH =8.00, pOH = 14.00 — 8.00 = 6.00, and [OH ] = 1.0 x 10" ° M

Kyp _ 1.6x1071
[OH > (1.0x107%)?

[Fe?'] = = 0.016 M

The molar solubility of iron(Il) hydroxide at pH = 8.00 is 0.016 M

(b) At pH = 10.00, pOH = 14.00 — 10.00 = 4.00, and [OH ] = 1.0 x 10+ M

K —14
Fe2t) = s _ LOXI0 7 056y

C[OH P (1.0x1074)?

The molar solubility of iron(Il) hydroxide at pH = 10.00 is 1.6 x 107 M.

16.67 The solubility product expression for magnesium hydroxide is

Kp = [Mg[OH " = 1.2x 107"

We find the hydroxide ion concentration when [Mg2+] is1.0x 1070 m

1
12x107 1

[OH"] =
(1.0 x 1071

2
=035M

Therefore the concentration of OH must be slightly greater than 0.35 M.

16.68 We first determine the effect of the added ammonia. Let's calculate the concentration of NH3. This is a
dilution problem.

MiVi = MV
(0.60 M)(2.00 mL) = M(1002 mL)
Mr = 0.0012 M NH3

Ammonia is a weak base (K, = 1.8 x 10_5).

NH; + HbO = NH4 + OH

Initial (M): 0.0012 0 0
Change (M): -X +x +x
Equil. (M): 0.0012 —x X X

[NHZ1[OH™]
[NH;]
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2

18x10° = —*
(0.0012 — x)

Solving the resulting quadratic equation gives x = 0.00014, or [OH ]=0.00014 M

This is a solution of iron(II) sulfate, which contains F ¢*" jons. These Fe’" ions could combine with OH™ to

precipitate Fe(OH);. Therefore, we must use Ky for iron(II) hydroxide. We compute the value of Q. for
this solution.

Fe(OH)x(s) = Fe*'(aq) + 20H (ag)

0 = [Fe* [OH o> = (1.0 x 107°)(0.00014)* = 2.0 x 10!

Note that when adding 2.00 mL of NH3 to 1.0 L of FeSO4, the concentration of FeSO4 will decrease slightly.
However, rounding off to 2 significant figures, the concentration of 1.0 x 10~ M does not change. Q is larger

than Kp [Fe(OH)2] = 1.6 x 10""*, The concentrations of the ions in solution are greater than the equilibrium
concentrations; the solution is saturated. The system will shift left to reestablish equilibrium; therefore, a
precipitate of Fe(OH); will form.

First find the molarity of the copper(Il) ion

Moles CuSO, = 2.50 g x ™1 _ 00157 mol
159.6 ¢
[cu2ty = L0157 mol 5104 0
0.90 L

As in Example 16.15 of the text, the position of equilibrium will be far to the right. We assume essentially all
the copper ion is complexed with NH3. The NH3 consumed is 4 x 0.0174 M = 0.0696 M. The uncombined
NH3 remaining is (0.30 — 0.0696) M, or 0.23 M. The equilibrium concentrations of Cu(NH3)42+ and NHj3 are
therefore 0.0174 M and 0.23 M, respectively. We find [Cu2+] from the formation constant expression.

2+
K, = [CugNH3)4 j _sox10B = 3.0174 .
[Cu”"][NH;] [Cu“"](0.23)

[Cu*] = 12x10° M

Strategy: The addition of Cd(NO3); to the NaCN solution results in complex ion formation. In solution,

Cd*" jons will complex with CN™ ions. The concentration of Cd*" will be determined by the following
equilibrium

Cd* (aq) + 4CN(ag) = CA(CN)s>

From Table 16.4 of the text, we see that the formation constant (Ky) for this reaction is very large
(Kf=7.1x 1016). Because Kr is so large, the reaction lies mostly to the right. At equilibrium, the
concentration of Cd>" will be very small. As a good approximation, we can assume that essentially all the
dissolved Cd*" ions end up as Cd(CN)42_ ions. What is the initial concentration of Cd”" ions? A very small
amountzof Cd** will be present at equilibrium. Set up the Kf expression for the above equilibrium to solve
for [Cd™].
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Solution: Calculate the initial concentration of Cd2+ ions.

I mol CdNO3); I mol cd?*
236.42 g Cd(NO3), 1 mol Cd(NO;),
0.50 L

0.50 g x

= 42x107°M

[Cd** ]y =

If we assume that the above equilibrium goes to completion, we can write

Cd*'(aq) + 4CN (ag) —— CA(CN)4> (agq)

Initial (M): 42x107° 0.50 0
Change (M): 42x107°  —4(42x107) +42x107°
Final (M): 0 0.48 42x107°

To find the concentration of free Cd*" at equilibrium, use the formation constant expression.

_[Cd(CN)F 7]

Ko =
" cd en 1
Rearranging,
catt] - AN
K;[CN"T*

Substitute the equilibrium concentrations calculated above into the formation constant expression to calculate
e . 2+
the equilibrium concentration of Cd™ .

[CACN);]  42x107°

= = — - = 1.1x10718 m
K¢[CN7] (7.1 x 10'0)(0.48)

[Cd*] =

[CNT] = 048 M+4(1.1 x 10" A1) = 0.48 M
[CACN) = (42x10° M) - (1.1 x107"%) = 42x 107 M

Check: Substitute the equilibrium concentrations calculated into the formation constant expression to
calculate K. Also, the small value of [Cd2+] at equilibrium, compared to its initial concentration of
42%x107° M, certainly justifies our approximation that almost all the Cd*" ions react.

The reaction
Al(OH)3(s) + OH (ag) = Al(OH)4 (aq)

is the sum of the two known reactions
AI(OH)3(s) = AlI’'(aq) + 30H (aq) Kp = 18x10°
Al (aq) + 40H (ag) = Al(OH)4 (aq) Kr = 2.0x 107

The equilibrium constant is

[AI(OH), ]

K = KpKp = (1.8x107%)(2.0x10%7) = 3.6 =
[OH ]
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When pH = 14.00, [OH ] = 1.0 M, therefore

[AI(OH); ] = K[OH ] = 3.6)1 M) = 3.6 M

This represents the maximum possible concentration of the complex ion at pH 14.00. Since this is much
larger than the initial 0.010 M, the complex ion will be the predominant species.

Silver iodide is only slightly soluble. It dissociates to form a small amount of Ag+ and I ions. The AgJr ions
then complex with NH3 in solution to form the complex ion Ag(NH3)2+. The balanced equations are:

Agls) = Ag'(aq) + 1 (ag) Ko = [Ag'T] = 83x 107"
Ag(NH3)3
Ag'(ag) + 2NH3(aq) = Ag(NH3), (aq) K; = M =15x10’
[Ag" ][NH;]
Overall: Agl(s) + 2NH3(aq) — Ag(NH3)2+(aq) +1 (aq) K = Kopx Ky = 1.2 x 10”7

If s is the molar solubility of Agl then,

Agl(s) + 2NH3(aq) = Ag(NH3)'(ag) + I (aq)

Initial (M): 1.0 0.0 0.0
Change (M): —s —2s +s +s
Equilibrium (M): (1.0 -2s) s s

Because Kris large, we can assume all of the silver ions exist as Ag(NH3)2+. Thus,
[Ag(NH3),"] = [I'] = s

We can write the equilibrium constant expression for the above reaction, then solve for s.

()s)  _ (5)s)
1.0 - 25> (1.0)

K =12x10" =

s =35x10°M
At equilibrium, 3.5 x 10~ moles of Agl dissolves in 1 L of 1.0 M NH3 solution.

The balanced equations are:

Ag'(aq) + 2NH3(ag) = Ag(NH3)2'(aq)
Zn*"(aq) + 4NH3(aq) = Zn(NH3)s> (aq)

Zinc hydroxide forms a complex ion with excess OH  and silver hydroxide does not; therefore, zinc
hydroxide is soluble in 6 M NaOH.

(a) The equations are as follows:

Cula(s) = Cu**(ag) + 21 (aq)

Cu”*(aq) + 4NH3(aq) = [Cu(NH3)4]"*(aq)
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The ammonia combines with the Cu®* ions formed in the first step to form the complex ion
[Cu(NH3)4]2+, effectively removing the cu** ions, causing the first equilibrium to shift to the right
(resulting in more Cul, dissolving).

(b) Similar to part (a):

AgBr(s) = Ag'(aq) + Br (aq)

Ag'(ag) + 2CN (ag) = [Ag(CN)2] (ag)
(¢) Similar to parts (a) and (b).

HeClo(s) = Hg”'(aq) + 2CT (ag)

Hg™* (aq) + 4C1 (aq) = [HgCly]" (ag)

Silver chloride will dissolve in aqueous ammonia because of the formation of a complex ion. Lead chloride
will not dissolve; it doesn’t form an ammonia complex.

Since some PbCl; precipitates, the solution is saturated. From Table 16.2, the value of Ky for lead(Il)
chloride is 2.4 x 10, The equilibrium is:

PbCly(ag) = Pb2+(aq) +2Cl (aq)

We can write the solubility product expression for the equilibrium.

Ky = [Pb2H[CIT

Ksp and [CI ] are known. Solving for the Pb>* concentration,

Ky  24x107
[CI P (0.15)

[Pb2] = =0.011 M

Ammonium chloride is the salt of a weak base (ammonia). It will react with strong aqueous hydroxide to
form ammonia (Le Chatelier’s principle).

NH4ClI(s) + OH (ag) — NH3(g) + H20()) + CI (aq)

The human nose is an excellent ammonia detector. Nothing happens between KCl and strong aqueous NaOH.

Chloride ion will precipitate AgJr but not Cu”". So, dissolve some solid in HyO and add HCI. If a precipitate
forms, the salt was AgNO3. A flame test will also work. cu®* gives a green flame test.

According to the Henderson-Hasselbalch equation:

[conjugate base]

H = pK. + 1o
P = PR 08 ]
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. [conjugate base]

If: - = 10, then:
[acid]
pH = pKa+ 1
If: —[conjuga.te base] = 0.1, then:
[acid]
pH = pKy—1

Therefore, the range of the ratio is:

[conjugate base]
[acid]

0.1 < <10

16.84 We can use the Henderson-Hasselbalch equation to solve for the pH when the indicator is 90% acid /
10% conjugate base and when the indicator is 10% acid / 90% conjugate base.

[conjugate base]

H =pK, + 1o
P = PR T 08 ]

Solving for the pH with 90% of the indicator in the HIn form:

pH = 346 + log L0 — 346 - 0.95 = 2.51
[90]

Next, solving for the pH with 90% of the indicator in the In" form:

pH = 3.46 + log% = 346+ 0.95 = 441

Thus the pH range varies from 2.51 to 4.41 as the [HIn] varies from 90% to 10%.

16.85 Referring to Figure 16.5, at the half-equivalence point, [weak acid] = [conjugate base]. Using the
Henderson-Hasselbalch equation:
pH = pK, + log [conjuga.te base]
[acid]
so,
pH = pK,

16.86  First, calculate the pH of the 2.00 M weak acid (HNO>) solution before any NaOH is added.

HNOy(aqg) = H'(ag) + NO2 (aq)

Initial (M): 2.00 0 0

Change (M): —x +x +x

Equilibrium (M): 2.00 —x X X
[H*][NO; |

* [HNO,]
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x2 x2

45x1074 = — &~ =
200-x  2.00

x =[H]=0030M
pH = —log(0.030) = 1.52

Since the pH after the addition is 1.5 pH units greater, the new pH = 1.52 + 1.50 = 3.02.

From this new pH, we can calculate the [H+] in solution.

-3.02

H] =107 = 1072 = 955 10% M

When the NaOH is added, we dilute our original 2.00 M HNO; solution to:

MiVi = MV
(2.00 M)(400 mL) = My(600 mL)
Ms =133 M

Since we have not reached the equivalence point, we have a buffer solution. The reaction between HNO;

and NaOH is:
HNOj(aq) + NaOH(ag) ——> NaNOz(aq) + HyO(/)

487

Since the mole ratio between HNO> and NaOH is 1:1, the decrease in [HNO>] is the same as the decrease in

[NaOH].

We can calculate the decrease in [HNO3] by setting up the weak acid equilibrium. From the pH of the
solution, we know that the [H+] at equilibrium is 9.55 x 1074 M.

HNOy(aq) = H'(ag) + NO3 (aq)

Initial (M): 1.33 0 0
Change (M): —x +x
Equilibrium (M):  1.33 —x 9.55x 10" X

We can calculate x from the equilibrium constant expression.

_ [H"][NO; ]
a [HNO, ]
45y 04 - 055% 1074)(x)
' 133 - x
x = 0426 M

Thus, x is the decrease in [HNO3] which equals the concentration of added OH . However, this is the
concentration of NaOH after it has been diluted to 600 mL. We need to correct for the dilution from
200 mL to 600 mL to calculate the concentration of the original NaOH solution.

MiVi = Myl
M;(200 mL) = (0.426 M)(600 mL)
[NaOH] = M; = 1.28 M
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The K of butyric acid is obtained by taking the antilog of 4.7 (10_4'7) which is 2 x 10™°. The value of Ky is:

K . 4
Kb:_W:&ZSXm—IO

K, 2x107°

The resulting solution is not a buffer system. There is excess NaOH and the neutralization is well past the
equivalence point.

Moles NaOH = 0.500 L x % = 0.0835 mol
Moles HCOOH = 0.500 L x %Lm"l — 0.0500 mol

HCOOH(ag) + NaOH(ag) — HCOONa(ag) + HoO())

Initial (mol): 0.0500 0.0835 0
Change (mol): —-0.0500 —-0.0500 +0.0500
Final (mol): 0 0.0335 0.0500

The volume of the resulting solution is 1.00 L (500 mL + 500 mL = 1000 mL).

o] = 23 mol 4 0335 i
1.00 L
Nat] - (00335400500 mol _ oo
1.00 L
—14
Y] = —w  LOX10 7y 03y
[OH™] 0.0335
HCoo™| = 20300mol _ o hs00 m
1.00 L
HCOO (aq) + Hy0()) = HCOOH(aq) + OH (ag)
Initial (M): 0.0500 0 0.0335
Change (M): —x +x +x
Equilibrium (M):  0.0500 — x x 0.0335 + x
[HCOOH][OH™ ]
Ky=——""—"-—
[HCOO™ ]
o x o1~ (003354 %) ()(0.0335)

(0.0500 — x) (0.0500)

x = [HCOOH] = 88x10 ' i

Most likely the increase in solubility is due to complex ion formation:

Cd(OH)a(s) + 20H = Cd(OH)4* (aq)

This is a Lewis acid-base reaction.
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The number of moles of Ba(OH); present in the original 50.0 mL of solution is:

1.00 mol Ba(OH),
1000 mL soln

50.0 mL x

= 0.0500 mol Ba(OH),

The number of moles of HySO4 present in the original 86.4 mL of solution, assuming complete dissociation,
is:
0.494 mol H,SO,

1000 mL soln

86.4 mL x

= 0.0427 mol H,SO,

The reaction is:

Ba(OH)x(ag) + HoSOs(aq) — BaSO4(s) + 2H,0())

Initial (mol): 0.0500 0.0427 0
Change (mol): —-0.0427 —-0.0427 +0.0427
Final (mol): 0.0073 0 0.0427

Thus the mass of BaSO4 formed is:

233.4 g BaSOy4

0.0427 mol BaSO,4 x
1 mol BaSOy,

= 9.97 g BaSO,

The pH can be calculated from the excess OH  in solution. First, calculate the molar concentration of OH .
The total volume of solution is 136.4 mL =0.1364 L.

2 mol OH™
1 mol Ba(OH),
0.1364 L

0.0073 mol Ba(OH), x

[OH] = =011 M

pOH = —log(0.11) = 0.96

pH = 14.00 — pOH = 14.00 — 0.96 = 13.04
A solubility equilibrium is an equilibrium between a solid (reactant) and its components (products: ions,
neutral molecules, etc.) in solution. Only (d) represents a solubility equilibrium.

Consider part (b). Can you write the equilibrium constant for this reaction in terms of Ky, for calcium
phosphate?

First, we calculate the molar solubility of CaCOs3.

CaCOs3(s) = Ca’'(aq) + CO3* (ag)

Initial (M): 0 0
Change (M): —s +s +s
Equil. (M): s s

Ko = [Ca®J[CO5" ] = > = 87x 107

s =93x10°M = 93 x 10> mol/L

The moles of CaCOj3 in the kettle are:

1 mol CaCOj

16 gx ——=—
100.1 g CaCO4

= 1.16 mol CaCO;
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The volume of distilled water needed to dissolve 1.16 moles of CaCOs3 is:

1L

- =12x10°L
9.3 x 107~ mol CaCOj

1.16 mol CaCO5 x

The number of times the kettle would have to be filled is:

1 filling

(1.2 x10*L) x = 6.0 x 10 fillings

Note that the very important assumption is made that each time the kettle is filled, the calcium carbonate is
allowed to reach equilibrium before the kettle is emptied.

Since equal volumes of the two solutions were used, the initial molar concentrations will be halved.

012 M

[Ag"] = 0.060 M

[CI] =

—2(0'124 M) _ 014 m

Let’s assume that the AgJr ions and Cl ions react completely to form AgCl(s). Then, we will reestablish the
equilibrium between AgCl, Ag', and CI".

Ag'(aq) + Cl(ag) —> AgCl(s)

Initial (M): 0.060 0.14 0
Change (M):  —0.060 ~0.060 +0.060
Final (M): 0 0.080 0.060

Now, setting up the equilibrium,

AgCl(s) = Ag'(aq) + Cl (aq)

Initial (M): 0.060 0 0.080
Change (M): —s +s +s
Equilibrium (M):  0.060 —s s 0.080 + s

Set up the K, expression to solve for s.
Ksp = [Ag'I[CT]
1.6 x 100 = (5)(0.080 + 5)
s =20x10° M

[AgT] =5 = 20x10° M
[CI'] = 0.080 M+s = 0.080 M

0.14 M

[Zn**] = = 0.070 M

0.12 M

[NO3] = = 0.060 M
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First we find the molar solubility and then convert moles to grams. The solubility equilibrium for silver
carbonate is:

2,
AgCO3(s) = 2Ag (ag) + CO3™ (aq)

Initial (M): 0 0
Change (M): —s +2s +s
Equilibrium (M): 2s K

Ky = [AgTICO3™ ] = (29)%(s) = 45° = 8.1x 1077

1

-12)3
o e I

Converting from mol/L to g/L:

1.3 x 10 mol L 2758¢
1 L soln 1 mol

= 0.036 g/L

For Mg(OH), Kep = 1.2 x 10™"". When [Mg**] = 0.010 M, the [OH ] value is
2 -2
Kgp = [Mg ][OH ]

1
Ol :( ng ]2
[Mg“']

1

or

12x107 1

2
[OH7] = =35x10°M
0.010

This [OH ] corresponds to a pH of 9.54. In other words, Mg(OH); will begin to precipitate from this
solution at pH of 9.54.

For Zn(OH)y, Kgp = 1.8 x 10™'*. When [Zn>*] = 0.010 M, the [OH ] value is

1.8x1071

1
2 6
=13x10"M
0.010

[OH ] = [

This corresponds to a pH of 8.11. In other words Zn(OH); will begin to precipitate from the solution at
pH =8.11. These results show that Zn(OH), will precipitate when the pH just exceeds 8.11 and that

Mg(OH), will precipitate when the pH just exceeds 9.54. Therefore, to selectively remove zinc as Zn(OH),,
the pH must be greater than 8.11 but less than 9.54.
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16.96 (a) To2.50 x 10~ mole HCI (that is, 0.0250 L of 0.100 M solution) is added 1.00 x 10~ mole CH3NH,»
(that is, 0.0100 L of 0.100 M solution).

HCl(ag) + CH3NH2(ag) —» CH3NH3Cl(aq)

Initial (mol): 2.50% 107 1.00x 107 0
Change (mol): ~1.00x 107 —1.00x 10" +1.00x 10"
Equilibrium (mol): 150 x 10~ 0 1.00x 107

After the acid-base reaction, we have 1.50 x 10~ mol of HCI remaining. Since HCl is a strong acid,
the [H+] will come from the HCL. The total solution volume is 35.0 mL = 0.0350 L.

150 x 107 mol
0.0350 L

[H*] = 0.0429 M

pH = 1.37

(b) When a total of 25.0 mL of CH3NH is added, we reach the equivalence point. That is, 2.50 x 10_3
mol HCI reacts with 2.50 x 10~ mol CH3NHj; to form 2.50 x 10~ mol CH3NH;CI. Since there is a
total of 50.0 mL of solution, the concentration of CH3NH3Jr is:

2.50 x 107> mol
0.0500 L

[CH3NH]] = = 500x1072 M

This is a problem involving the hydrolysis of the weak acid CH3NH3".

CH3NH3 (ag) = H'(ag) + CH3NHa(aq)

Initial (M): 5.00 x 1072 0 0
Change (M): —x +x +x
Equilibrium (M):  (5.00 x 107%) - x x x

X - [CH3NH,][H"]
[CH;NH}]

x2 x2

23x1071 = 5 ~ 5
(5.00x1072)—x  5.00x10"

1.15x 1012 = 42

x=1.07x10°M = [H]
pH = 5.97

(¢) 35.0 mL of 0.100 M CH3NH (3.50 x 10~ mol) is added to the 25 mL of 0.100 M HCI (2.50 x 10" mol).
HCl(ag) + CH3NHz(ag) —» CH3NH3zCl(ag)
Initial (mol): 250% 107 350x10° 0
Change (mol): 250x 1070 —250x10° 4250 x 107
Equilibrium (mol): 0 1.00 x 107 250x10°
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This is a buffer solution. Using the Henderson-Hasselbalch equation:

[conjugate base]

H = pK, + 1o
P = PRa T 08T G

-3
log L0010 1024

pH = —log(2.3x 107! + 5
(2.50 x 107%)

16.97  The equilibrium reaction is:

Pb(I03)2(aq) —= Pb2+(aq) + 2103 (aq)

Initial (M): 0 0.10
Change (M): 2.4x107" 24x10 204 x10h
Equilibrium (M): 24x 1071 ~0.10

Substitute the equilibrium concentrations into the solubility product expression to calculate K.
2+ —2
Ksp = [Pb ][103 ]

Ko = (24x 101010 = 24 x 107"

16.98 The precipitate is Hgl».
Hg"'(aq) + 21 (ag) —— Hgl(s)

With further addition of I, a soluble complex ion is formed and the precipitate redissolves.

- 2—
Hgla(s) + 21 (aq) —— Hgls™ (aq)

1699 BaSO4(s) = Ba>*(aq) + SO4> (aq)

Ky = [Ba®][S04° ] = 1.1x 107"
[Ba®] = 1.0x 10° M

In 5.0 L, the number of moles of Ba2+ is

(5.0 L)(1.0 x 10> mol/L) = 5.0 x 10> mol Ba®" = 5.0 x 10" mol BaSOy4

The number of grams of BaSOj4 dissolved is

233.4 g BaSO,

(5.0 x 107> mol BaSO,) x
1 mol BaSOy,

= 0.012 g BaSO,

In practice, even less BaSO4 will dissolve because the BaSOy is not in contact with the entire volume of
blood. Ba(NO3); is too soluble to be used for this purpose.

16.100 We can use the Henderson-Hasselbalch equation to solve for the pH when the indicator is 95% acid /
5% conjugate base and when the indicator is 5% acid / 95% conjugate base.

[conjugate base]

H = pK, + lo
P P%a & [acid]
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Solving for the pH with 95% of the indicator in the HIn form:

pH = 9.10 + log - = 910~ 128 = 7.82
[95]

Next, solving for the pH with 95% of the indicator in the In form:

pH = 9.10 + 1og% =9.10 +1.28 = 10.38

Thus the pH range varies from 7.82 to 10.38 as the [HIn] varies from 95% to 5%.

(a) The solubility product expressions for both substances have exactly the same mathematical form and are
therefore directly comparable. The substance having the smaller K5, (AgBr) will precipitate first. (Why?)

(b) When CuBr just begins to precipitate the solubility product expression will just equal Kp (saturated

solution). The concentration of Cu’ at this point is 0.010 M (given in the problem), so the
concentration of bromide ion must be:

K = [Cu'][Br] = (0.010)[Br ] = 42x 10"

-8
Br] = #2107 o106 m
0.010

Using this value of [Br ], we find the silver ion concentration

Kyp 17 x 10713

=1.8x107’ M
[Br'] 42x107°

[Ag"] =

(¢) The percent of silver ion remaining in solution is:

1.8x1077 M _
% Ag® (aq) = % x100% = 0.0018% or 1.8 x 1073%

Is this an effective way to separate silver from copper?

(a) We abbreviate the name of cacodylic acid to CacH. We set up the usual table.

CacH(ag) = Cac (aq) + H'(aq)

Initial (M): 0.10 0 0
Change (M): -x +x +x
Equilibrium (M): 0.10 —x X X
" _
k, = [HIICacT]
[CacH]
2 2
64x107=—2 =
0.10-x  0.10

x=25%x10"M = [H']

pH = —log(2.5x 107 = 3.60
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(b) We set up a table for the hydrolysis of the anion:

Cac (aq) + HoO()) = CacH(ag) + OH (aq)

Initial (M): 0.15 0 0
Change (M): —x +x +x
Equilibrium (M): 0.15-x X X

The ionization constant, Ky, for Cac  is:

K . 4
Ky = —X = L1010~ 6108

K, 64x107

[CacH][OH ]

Kb =
[Cac™ ]
2 2
l6x108 = X~ X
015-x  0.15

x=49x10°M
pOH = —log(4.9 x 107°) = 431
pH = 14.00 - 4.31 = 9.69

(¢) Number of moles of CacH from (a) is:

50.0 mL CacH x M = 5.0 x 107> mol CacH
1000 mL

Number of moles of Cac from (b) is:

25.0 mL CacNa x M = 3.8 x 10> mol CacNa
1000 mL

At this point we have a buffer solution.

- -3
pH = pK, + logw = —log(6.4 x 10_7) + log% = 6.07
[CacH] 5.0x10"

16.103 The initial number of moles of AgJr is

0.010 mol Ag*

= 5.0 x10"* mol Ag®
1000 mL soln

mol Ag™ = 50.0 mL x

We can use the counts of radioactivity as being proportional to concentration. Thus, we can use the ratio to

determine the quantity of AgJr still in solution. However, since our original 50 mL of solution has been
diluted to 500 mL, the counts per mL will be reduced by ten. Our diluted solution would then produce

7402.5 counts per minute if no removal of AgJr had occurred.

The number of moles of AgJr that correspond to 44.4 counts are:

5.0 x 10~ mol Agt
7402.5 counts

44.4 counts X

= 3.0x 10 mol Ag"
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0.030 mol 105~
1000 mL soln

Original mol of 105 = 100 mL x = 3.0x 107> mol

The quantity of 103 remaining after reaction with Ag+:
(original moles — moles reacted with Ag") = (3.0 x 10> mol) — [(5.0 x 10~* mol) — (3.0 x 10~® mol)]

= 25x10"° mol 105

The total final volume is 500 mL or 0.50 L.

—6 +
[Agh] = 20> 13 somLOl AL 60x10M

2.5x 107> mol 103~
050 L

= 50x107° M

[105] =

AglOs3(s) = Ag ' (aq) + 1053 (aq)

Ko = [Ag'II057] = (6.0x 10°%)(5.0x 107) = 3.0x 107

16.104 (a) MCO;3 + 2HCI — MCl + Hy0 + CO»
HCI + NaOH — NaCl + H,0

(b) We are given the mass of the metal carbonate, so we need to find moles of the metal carbonate to
calculate its molar mass. We can find moles of MCO3 from the moles of HCI reacted.

Moles of HCI reacted with MCO3 = Total moles of HCl — Moles of excess HCI

Total moles of HCI = 20.00 mL x 20800 mol o 1073 mol HCI
1000 mL soln

Moles of excess HC = 5.64 mL x —21000mol o 10 mol HCI
1000 mL soln

Moles of HCI reacted with MCO3 = (1.60 x 10> mol) — (5.64 x 10+ mol) = 1.04 x 10~ mol HCI

_ 1 mol MCO _
Moles of MCO; reacted = (1.04 x 107 mol HCI) x —— =3 = 520 x 10~* mol MCO;
2 mol HCI
Molar mass of MCOj3 = 0.1022 ¢ = 197 g/mol

5.20 x 10~ mol

Molar mass of CO3 = 60.01 g
Molar mass of M = 197 g/mol — 60.01 g/mol = 137 g/mol

The metal, M, is Ba!
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16.105 (1) H +OH — H,0 K=10x10"

(b) H' +NH; — NH4"
1 1

K =—

== 1.8x10°
K, 56x10”

(¢) CH3COOH+OH — CH3COO™ +H,0
Broken into 2 equations:
CH3COOH — CH3COO +H" Kq
H +OH — H,0 /Ky,

K, 18x107

== = 1.8x10°
Ky 1.0x10”

K =

(d) CH3COOH + NH3z — CH3COONH4

Broken into 2 equations:

CH3COOH — CH3;COO +H' K,
NH3+H' — NH4" L
Ka

K . -
K = 2a =18X—1010= 32 x10%

K, 56x10”

16.106 The number of moles of NaOH reacted is:
15.9 mL NaOH x 2200 Mol NaOH - o0 103 1110l NaOH

1000 mL soln

Since two moles of NaOH combine with one mole of oxalic acid, the number of moles of oxalic acid reacted
is 3.98 x 10> mol. This is the number of moles of oxalic acid hydrate in 25.0 mL of solution. In 250 mL,
the number of moles present is 3.98 x 107> mol. Thus the molar mass is:

5.00 g

— = 126 g/mol
3.98 x 107 mol

From the molecular formula we can write:
2(1.008)g + 2(12.01)g + 4(16.00)g + x(18.02)g = 126 g

Solving for x:
x =2

16.107 (a) Mix 500 mL of 0.40 A CH3COOH with 500 mL of 0.40 M CH3COONa. Since the final volume is
1.00 L, then the concentrations of the two solutions that were mixed must be one-half of their initial
concentrations.
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(b) Mix 500 mL of 0.80 M CH3COOH with 500 mL of 0.40 M NaOH. (Note: half of the acid reacts with
all of the base to make a solution identical to that in part (a) above.)

CH3COOH + NaOH — CH3COONa + H,0

(¢) Mix 500 mL of 0.80 M CH3COONa with 500 mL of 0.40 M HCI1. (Note: half of the salt reacts with all
of the acid to make a solution identical to that in part (a) above.)

CH3CO0 +H' — CH3COOH

[conjugate base]

a H = pK, +1
@ »p pK, + log [acid]

[un-ionized]

[ur.1-10lmzed] 126 (1)
[ionized]

(b) First, let's calculate the total concentration of the indicator. 2 drops of the indicator are added and each
drop is 0.050 mL.

0.050 mL phenolphthalein

= 0.10 mL phenolphthalein
1 drop

2 drops x

This 0.10 mL of phenolphthalein of concentration 0.060 M is diluted to 50.0 mL.

MiVi = MV
(0.060 M)(0.10 mL) = My(50.0 mL)
My = 12x10" M

Using equation (1) above and letting y = [ionized], then [un-ionized] = (1.2 x 10_4) -

12x10H -y _
y
y=88x10°%Mm

12.6

The sulfur-containing air-pollutants (like H,S) reacts with Pb" to form PbS, which gives paintings a
darkened look.

(a) Add sulfate. NaySOy is soluble, BaSO4 is not.
(b) Add sulfide. K3S is soluble, PbS is not
(¢) Addiodide. Znl; is soluble, Hgl> is not.

Strontium sulfate is the more soluble of the two compounds. Therefore, we can assume that all of the SO42_
ions come from SrSQOg.

SrSO4(s) = St2*(aq) + S04” (aq)

Ko = [SP][S047] = 5% = 3.8x 107
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s = [Sr2*] = [SO3 ] = 3.8x1077 = 62x107* M

For BaSQOg4:

K -10
Ba2t) = —2 - LU0 g0y
[S031  6.2x10

16.112 The amphoteric oxides cannot be used to prepare buffer solutions because they are insoluble in water.

16.113 CaSO4 = Ca’' + 804>

2 =24x107°
s =49x10°M

4.9 x 107 mol 1362

Solubility = - 0.67 g/L
R 1L 1 mol &
+ 2-
Agr)SOs = 2Ag + S04
2s s

14%x107° = 45°

s = 0.015M

Solubility = 20> mol 31lle 00y,

1L 1 mol
Note: AgrSO4 has a larger solubility.

16.114
converted to the lighter-colored acids.
— + 2—
16.115 H;POs — H + HPOq4
-8
Ky = 62x10

pKy = 7.20

2—
750 = 720 + log 04 1
[H,PO4]

[HPO ]
[H,PO0}]

=20

We need to add enough NaOH so that

[HPO4” ] = 2[H,POy4 ]

The ionized polyphenols have a dark color. In the presence of citric acid from lemon juice, the anions are

499
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Initially there was

0.200 L x 0.10 mol/L = 0.020 mol NaH;PO4 present.
For [HPO42_] = 2[H2POy4 ], we must add enough NaOH to react with 2/3 of the HoPO4 . After reaction with
NaOH, we have:

0.020

mol H,PO, = 0.0067 mol H,PO,

mol HPO4>™ = 2 x 0.0067 mol = 0.013 mol HPO,>~
The moles of NaOH reacted is equal to the moles of HPO42_ produced because the mole ratio between OH
and HPO4™ is 1:1.

OH™ + HyPO4  — HPO4> + Hy0

| .
Vnaon = —NOH 0.013 mol _ 0131 — 13 mL

Assuming the density of water to be 1.00 g/mL, 0.05 g pb>* per 10° g water is equivalent to 5 x 107 g Pb>/L

0.05 g Pb>* . _1gHy0 1000 mL Hy0

; =5x107 g Pb>*/L
1x10° g H,0O 1 mL H,O 1L H,O

PbSO4 = Pb>"+S0,%"

Initial (M): 0 0
Change (M): —s +s +s
Equilibrium (M): s s

2 2—

Ksp = [Pb™][SO4” ]
1.6x107° = ¢

s=13x10 "M

The solubility of PbSOy4 in g/L is:

1.3 x 10~ mol L3033 g
1L 1 mol

= 4.0x1072 gL
2+ o s -5 2+
Yes. The [Pb” '] exceeds the safety limit of 5 x 10 ~ g Pb™ /L.

(a) The acidic hydrogen is from the carboxyl group.
i
—C—OH

(b) At pH 6.50, Equation (16.4) of the text can be written as:

_ P]
6.50 = —log(1.64 x 1073) + log L1
0g(1.64 x ) Og[HP]
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P 55103
[HP]

Thus, nearly all of the penicillin G will be in the ionized form. The ionized form is more soluble in
water because it bears a net charge; penicillin G is largely nonpolar and therefore much less soluble in
water. (Both penicillin G and its salt are effective antibiotics.)

First, the dissolved NaP salt completely dissociates in water as follows:

Nap —129 o Nat 4+ P

0.12M 0.12M
We need to concentrate only on the hydrolysis of the P~ ion.

Step 1: Let x be the equilibrium concentrations of HP and OH ™ due to the hydrolysis of P~ ions. We
summarize the changes:

P (ag) + HyO(l) = HP(ag) + OH (aq)

Initial (M): 0.12 0 0
Change (M): —x +x +x
Equilibrium (M): 0.12 —x X X
K . ~l4 _
Step2: K, = —Wz% = 6.10 x 10712
K,  1.64x10"
Ky = [HP][?H ]
[P7]
x2
610x10712 = ——
0.12 — x

Assuming that 0.12 — x = 0.12, we write:

x2

6.10x10712 = —
0.12
x=86x107 M
Step 3: At equilibrium:
[OH] = 8.6x 10 M
pOH = —log(8.6 x 1077) = 6.07
pH = 14.00 - 6.07 = 7.93

Because HP is a relatively strong acid, P is a weak base. Consequently, only a small fraction of P~
undergoes hydrolysis and the solution is slightly basic.

16.118 (c) has the highest [H']

F + SbFs5 — SbFg

Removal of F promotes further ionization of HF.
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CH;COOH CH3COO
0.75 +

0.5 - _ pH = pKa =474

0.25

Fraction of species present

(a) This is a common ion (CO32_) problem.

The dissociation of NayCO3 is:

NaxCOs(s) — 295 oNa'(ag) + CO3* (aq)
200050 M) 0.050 M

Let s be the molar solubility of CaCO3 in NapCO3 solution. We summarize the changes as:

CaCO3(s) = Ca’'(aq) + CO3* (aq)

Initial (M): 0.00 0.050
Change (M): +s +s
Equil. (M): +s 0.050 + s

2 2-
Ksp = [Ca”"][CO37 ]
8.7x 107 = 5(0.050 + 5)
Since s is small, we can assume that 0.050 + s ~ 0.050

87x 10 = 0.050s
s=17x100 M

Thus, the addition of washing soda to permanent hard water removes most of the Ca”" ions as a result

of the common ion effect.
(b) Mg2+ is not removed by this procedure, because MgCO3 is fairly soluble (Kgp = 4.0 x 10_5).

(¢) The K for Ca(OH); is 8.0 x 107°.

Ca(OH), = Ca’"+20H"
At equil.: s 2s

Ky = 8.0x10° = [Ca”"J[OH ]
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45> = 8.0x107°
s = 0.0126 M

[OH] = 25 = 0.0252 M
pOH = —log(0.0252) = 1.60
pH = 12.40

(d) The [OH ] calculated above is 0.0252 M. At this rather high concentration of OH , most of the MgZJr

will be removed as Mg(OH),. The small amount of Mg2+ remaining in solution is due to the following
equilibrium:
2 -
Mg(OH)y(s) = Mg (aq) +20H (aq)

2 -2
Ksp = [Mg”"][OH ]
12x 107" = [Mg**(0.0252)

Mg”] = 1.9x 107 M

(¢) Remove Ca”" first because it is present in larger amounts.

[In"]
[HIn]

16.121 pH = pK, + log

For acid color:
H = pK, + lo L
p P&, gl 0
pH = pK;—log 10
pH = pKy—1
For base color:

pH = pK, + log$

pH = pKa+ 1
Combining these two equations:

pH = pK, £1

16,122 pH = pK, + log LS0Mugate base]

[acid]
AtpH =1.0,
—COOH 1.0=23+ logw
[-COOH]
[-COOH] _ 20

[-COO0™]
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~NH3" 1.0=9.6+ logw
[-NH;"]
_ +
N ) g0®
[-NH;]

Therefore the predominant species is: +NH3 — CH; - COOH

At pH =17.0,
_COOH 70223+ 1og FE900 ]
[~COOH]
=CO0TT 5 0t
[~COOH]
~NH3" 7.0=9.6 + logw
[-NH;"]
_ +
ENE Ty 102
[-NH;]

Predominant species: +NH3 - CH; -COO

At pH =12.0,
~COOH 120=23+ logw
[~COOH]
ECOOTT s 00
[~COOH]
~NH3" 120=9.6 + logw
[-NH;"]
LN 5 55102
[-NH;"]

Predominant species: NH, — CH, — COO™

16.123 (a) The pKp value can be determined at the half-equivalence point of the titration (half the volume of added

acid needed to reach the equivalence point). At this point in the titration pH = pK,, where K, refers to the
acid ionization constant of the conjugate acid of the weak base. The Henderson-Hasselbalch equation

reduces to pH = pKj, when [acid] = [conjugate base]. Once the pK, value is determined, the pKy value can
be calculated as follows:

pKa +pKp = 14.00
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(b) Let B represent the base, and BH" represents its conjugate acid.

16.124 (a)

(b)

B(ag) + HO()) = BH(ag) + OH (aq)

Ky = [BH"][OH™]
[B]
Ky, [B]

[OH ] = —b==
[BH']

Taking the negative logarithm of both sides of the equation gives:

(B]
[BH']

—log[OH ] = —log K}, — log

[BH]

pOH = pK,, + log
(B]

505

The titration curve would look very much like Figure 16.5 of the text, except the y-axis would be pOH

and the x-axis would be volume of strong acid added. The pK} value can be determined at the half-

equivalence point of the titration (half the volume of added acid needed to reach the equivalence point).

At this point in the titration, the concentrations of the buffer components, [B] and BH' , are equal, and
p p q

hence pOH = pK,.

Before dilution:

CH,;COO™
pH = pK, + logM
[CH;COOH]
pH = 4.74 + log [0.500] =
[0.500]
After a 10-fold dilution:
[0.0500]

H = 4.74 + lo
P £10.0500]

There is no change in the pH of a buffer upon dilution.

Before dilution:

CH3COOH(agq) + HyO() = H3O+(aq) + CH3COO (aq)
Initial (M): 0.500 0 0
Change (M): —x +x +x
Equilibrium (M):  0.500 — x X X

K - [H;0" J[CH;COO™]
a [CH;COOH]
x2 x2

1.8x107° = ~
0.500 — x  0.500
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x=30x10° M = [H30']

pH = —log(3.0 x 107) = 2.52

After dilution:

x2 x2

1.8x107° = ~
0.0500 — x _ 0.0500

x=95x10" M = [H;07]

pH = —log(9.5 x 107 = 3.02

16.125 pH = pK, =638 pH = pK, =1032

1.0

0.5

Fraction of species present

00 I I T

Main features: At low pH’s, HoCOj3 predominates and HyCO3/HCO3 are the only important species. At high
pH’s, C032_ predominates and HCO3_/CO32_ are the only important species. Also, at fraction 0.5, we have
[H2CO3] =[HCO3 ]so pH = pK,, and [HCO3 ]= [CO327] so pH = pK,, .

16.126 The reaction is:
NH3 + HCl — NH4Cl

First, we calculate moles of HCI and NHj3.

372 mmHg x -2 0,96 1)
PV 760 mmHg
nycl = RT = L-atm = 0.0194 mol
(0.0821 J(295 K)
mol-K
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_0.57 mol NH;

NNH, = x 0.034 L = 0.0194 mol
3 1 L soln

The mole ratio between NH3 and HCl is 1:1, so we have complete neutralization.

NH; + HClI — NHyCl

Initial (mol): 0.0194 0.0194 0
Change (mol): —0.0194 —0.0194 +0.0194
Final (mol): 0 0 0.0194

NH; " is a weak acid. We set up the reaction representing the hydrolysis of NHy4".

NHs'(aq) + H0() = H30 (ag) + NHs(aq)

Initial (M): 0.0194 mol/0.034 L 0 0
Change (M): —x +x +x
Equilibrium (M): 0.57—x X X
X - [H30"][NH;]
t NH
)Cz )Cz
56x10710 =~ ~ =
0.57 — x 0.57

x=179%10° M = [H30]

pH = —log(1.79 x 107°) = 4.75

16.127
&) Q ﬁ
+ + -
HsN——CH—C——O0H H3N—C|:H—C—O
CH, PK, = 1.82 CH, pK,, = 6.00
HN\ A Hﬁ\ N
\—NH \—NH
A B
0 o)
. ) |
H3N—<|:H—c:—o H,N——CH—C——0
K, =9.17
CH, Py CH,
N N N N

\\_NH \\—NH
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(b) The species labeled C is the dipolar ion because it has an equal number of + and — charges.

. PKa, + PKyy  6.00 +9.17
2

= 7.59

© p

(d) Because the pH of blood is close to 7, the conjugate acid-base pair most suited to buffer blood is B (acid)
and C (base), because pKa2 is closest to 7.

The reaction is:

AgrCO3(aq) + 2HCl(ag) — 2AgCI(s) + COx(g) + H2O(/)

The moles of COy(g) produced will equal the moles of CO32_ in AgrCO3 due to the stoichiometry of the reaction.

114 mmHg x —-3% 10,019 L)
PV 760 mmHg 4
nco, = E = T oot = 1.16 x 10" mol
(0.0821 'amj(298 K)
mol-K

Because the solution volume is 1.0 L, [CO32_] —1.16 x 10" M. We set up a table representing the dissociation of
AgrCO;3 to solve for K.
ADCOs = 2A¢° +  CO5

Equilibrium (M): 21,16 x 1074 116 x 107

Ky = [Ag'TCO5 ]

Ko = (232x 10 X116 x 107

Ky = 62x107% (at 5°C)
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