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THE COMMON-ION EFFECT

- is the effect on the ionization of a compound caused by the presence of an ion
involved in the equilibrium

- is essentially Le Chateleir's Principle applied to equilibria involving ions

ex. NHz Lag )+ Roo(p) = « OW Cog) 5 K= %007

From previous calculations, we know that an 0.10 M solution of ammonia
hasapHof 11.13.

What would happen to the pH if we dissolved ammonium chloride
into the solution?

N Ho L sy —= 0L g

What would happen to the pH? Let's find out!
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Calculate the pH of a solution which contans 0.10 M ammonia AND 0.10 M ammonium

chloride.

NH3 (a-gb)'? H?IO(.FB j" NHL;'{_(,MT’) + OHF’((M,") :J }{b Z |,$§1}0_S

SQ@CE@S [Imh’a‘] A. [E(tv'llibfiuml
MHS O.lo ~ K ONVESE I\/ i f_’_JUHLﬁJEOHJJ
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NHy T 0.lO + X | 0.0 +¥ UMALT
OR™ O + X X
CO,io -1-})()0 g x:L,%on“S:COH'J
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Assume X is smolllcompored
10 0.10

040~% % 0.0
o0 4y = 0.1D

<1, gxlp”s

.10

|9H: 9.6

The common-ion effect suppresses the ionization
of the ammonia, LOWERING the pH relative
to the original ammonia solution.



7 BUFFERS
- resist pH change caused by either the addition of strong acid/base OR by dilution

Made in one of two ways:

HC'LH3OL NO\("Z-H%O’L
@I\/Iake a mixture of a weak acid and its conjugate base (as the SALT)
MH4C\

NVH
@ Make a mixture of a weak base and its conjugate acid (as the SALT)

For a weak acid, you would:
MA+ H, 0 =— R0« AT

- Add HA (weak acid)
- Add a salt containing A (example: NaA)

- This solution actually contains an acid and a base at equilibrium, with a
significant concentration of BOTH.

- The acid in the buffer can neutralize bases, while the base can neutralize acids.



N HR < Mo — Hg0+'VA__
kq - C"\g)O*DU%”]
LHA]

@ Take log of both sides

(M) Multiply by -1

@ Rearrange, solving for pH

\V N
. CA- Henderson-
D H = D ‘\o\ ~* 105( [H/—\jj | Hasselbalch

Equation
[A‘:’ . . from the salt

[HA] ... from the weak acid

- We ASSUME that the initial concentrations of both

the acid and its conjugate are equal tfo the equilibrium
concentrations. Valid IF there are significant amounts
of both species initially.
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PIJ\:'. P\\/O\ -‘,'*'\'05[
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— ; Hasselbalch
f_mc,u)wb SQQC\QQ_J | Equation

e acidic buffer
HL’Z,‘A?)O?_/ NACQ_HSOl

Clatyo," ]
- ol Lo i
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oY : ‘f)kgi(_ \ou??er‘
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78 Calculate the pH of a buffer made from 30.2 grams of ammonium
chloride and 29 mL of 18.1 M ammonia diluted to 150. mL with water.

|’\ ‘\ [ C bosic sfediss: } ! Henderson-
P P & M\‘ML S [oacidiC S@QC\Q&] Hasselbalch

Equation

. <+ . R —_
ach v VAT base s MHy 5 MVH™ + He O = NH3x o™
To use the H-H equation, we need to know the nominal concentration of both the acid
(ammonium ion) and the base (ammonia).

N H'&—l ? M, \/ = L\IL The ammoniq is diluted to make the buffer!

(1% .) m)("—%") My (10 ml )
Mo = 2439333333 A MHg

Cudgt) =7 AL VEREALEA
Al yloes
Wiy CL .
30 1 VMR o\ VY = 0,56457010% et | C10 ] w 3G HS

53.%9‘23 NU]L]C]

$3.492 g [mo)
O,5664570 103 mod

gt 2 =2,763502687 M w7
Caty ] 0140 L ! ‘

N gy = 180007 Ky = 505640077 M= 7,26

I'.t
PH = 9.26 & log (3 H99333333M\ MH }
2.,763502667 M MY, l |




"7 BUFFER SELECTION

- Buffer pH is controlled by the pKa of the acidic species in the buffer.

bosic sfetias:
PF\: \\/O\ -,+l05[c C '3)

I Lok [acidiC Speciegd

- Choose a buffer system so that the desired pH is within +/- 1 pH unit of the pKa

- You also need to ensure that the components of the buffer do not interact with your
chemistry!

BUFFER PREPARATION

- many buffers are prepared by mixing specific amounts of both components
of the Buffer system (acid / conjugate base or base / conuugate acid)

Some buffer "recipes” call for making the conjugate ion FROM the weak
acid or base ... by adding a STRONG acid or base!

The reaction of the strong

N Mo+ Hpog SN ONHE ¢ Nog | s e e s

completion!

If you have more ammonia than nitric acid, you will end up with
a solution containing a significant amount of both ammonia and ammonium
ion ... a buffer!



0 BUFFER CAPACITY

- A buffer is good only as long as there is a significant concentratfion of both the acidic and
basic species

- buffer capacity: how much acid or base can a buffer resist before losing its ability to buffer

- Buffer pH depends on the RATIO of acid to base!

|J\ ) ol ( ( bosic steuiss: ) ‘ Henderson-
- o H lbalch
P I Al cML 5 motc)\\b S(JQC\QQ] I Eccq}ji]e’riogc

\

— Ratio determines pH; the
actual concentrations don't!

- S0, if you make a buffer with 1.0M HA and 1.0M A- , it will have the same pH as a buffer
with 2.0M HA and 2.0M A- .... but the 2M buffer will have a higher BUFFER CAPACITY -
it will resist more additions of acid or base.
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Buffer calculation: Tris buffer - Tristhydroxymethy)-aminomethane

+
KO NHe o | Mo NH,  on

\ﬁé\J N\ C,___/ ab | P}(%:%,Oé

1
LOH \ ou

tris base tris-HCI (conjugate acid of tris base)

Calculate the pH of a buffer made from 50 mL of 0.10M ftris and 50 mL of
0.15M tris-HCI. Assume volumes add. - .
C Bosicsfeues )

~ ( |
P M= P \\c" W 05( Lacidic speciegd

bl
Chmedn MV, 2 MV (0dem)(sowl) = My (lo0mL )
0,0som= My
Ches-UCTY Loagm)(s0ml) = My 100wl )

0.0)Sh= Ma_

o= 8,06+ Ibb (0'050)2\7.‘68i

0,078




%2 Take 100. mL of the previous buffer (0.05 M tris / 0.075 M tris-HCI), and add 5.0 mL of 0.10 M HCI.
What is the pH of the mixture?

The HCI should react with the basic component of the buffer, changing it to its
conjugate acid.

Feis « 0" —> deg-HT + HO
(rrig < HCl — +fLS“’HC|)

We need to find out the NEW concenftrations of the species in the buffer system.

S()QC’\-QS In\l'fo»\ mmo] A ‘v Mo F\nol mno ) t(oncfﬂ‘i“(’a}a“a“}
i 100wl %0.080m=| _o o, 4,5 mwal ¢
+'P\S g,O mne | 05! L{'Shml 10G mL>* - 0.041% n
DO p\- 40,075 M= %.0mms)
’}r’\S"H_Y 2 ¢ o) + OS5 wmwa) | 4.0 mreno) 0S mL. - 0,0%HOSM
SmlLyDlom=
H (/| " 0.5 mmal ~ 0.5 mmo) O mmos) O

»* The volume of the solution is now 105 mL due to the addition of the 5.0 mL HCI
Find pH with H-H equation:

pH= €06+ log (SH1T0 ) 7.6

The original pH was
/.88, 50 we saw a
decrease of 0.07 pH
units!

0.0761905 M




'8 Compare this 0.07 unit pH change with adding 5.0 mL of 0.10 M HCI to 100. mL of pure water.

TR My N
(0.10m) (S.0ml) = ML< 105 mL)

My = 0.00U761904€ M HC
Strong acid, so hydronium concentration equals acid concentration
(Hy0t) = 0.00U761904% M

— ... which is change of 4.68 pH units from water's
F H =1 '5 L \ original pH of 7.00!




INDICATORS

-Instead of using a pH meter to monitor acidity, we may choose to use an acid-base
INDICATOR.

- Acid-base indicators are weak acids or weak bases which are highly colored.

- The color of the undissociated indicator MUST BE DIFFERENT than the color of the
dissociated form!

BLUE
RED

H]\ N \’\LO: l—\30++ /3\“

The indicator must be present in very low concentrations -
so that the indicator's equilibrium DOES NOT CONTROL
the pH of the solufion!



]“\]\Av \‘\LO: l130++ /\_

Look at the Henderson-Hasselbalch equation - we want to know how much of the red form
and how much of the blue form are present!

TR .y Cnd
prt = PRejna I\ Cunal

When does the color of the indicator change”?

IF the pH is << pKa, then the log ferm above must be both large AND negative!

- What color is the solution?

CHA 1 =2 TA™1 . andihe solution is RED.

If the pH is >> pKa, then the log tferm above must be both large AND positivel

- What color is the solution?

[Ps—] >> [HA] ... and the solution is BLUE

- S0, the color changes when the pH of the solution is near the pKa of the indicator, BUT
we can only DETECT the change when enough of the other form is present.



