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Buffer calculation: Tris buffer - Tristhydroxymethy)-aminomethane
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tris base tris-HCI (conjugate acid of tris base)

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

= /Q ‘*‘\«
P W= p K ' ’ Lacidic speciegd
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Cheig 1 s MVEMaVy (040m) (60,mL) = My (100 mL)
Ctmsdz My 2 0,090 M e

Chris<Hedr (oasm)(Soml) = My (Toowml )
CHrig-Hel ) = Mg = 0,078 M Frg-HLS

PH =2 .06+ log <O"’5" )-—: 7;%@\
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%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 HCL should react with the basic component of the buffer - changing it to
its conjugate acid:

bevg + 30" — Fris-HY+ Byo
(Frig~ Wo| —> bric-Hel)

We need to find out the NEW concenftratfions of all the species in the buffer solution.

Species | Tmbiul mmel | D weyn | Finel mmi| | [Comenteatioa]

- 1. Sy

Py [loombu0.050M2 iy ¢l | H.Smm) tSwed) < ba 97,
S,_[)mmux 0§ mis

4| toom{ ¥ 0,015 Y O mms)
trs-YH S Sl | FOSmm) | 8.0 g o - 0.676190S
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¥ Total volume of solution is now 105 mL (100 mL buffer, 5 mL acid)

the original buffer
H“l %,O(p t |y @O%I%SN =| 7. % | pHwas7.88,s0we
P j ,O161908 saw a decrease of

0.07 pH units.




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

AT M Vy
(_o,IUM}LS,OWvL)_’— M-L<[DS Mb)
My 2 0,00U01404% N RO

Strong acid completely ionizes, so hydronium concentration is set by the
acid:

CHaot 1z 0,00U2619404§ M

... which is a change of 4.68 pH unirs
F H A L \ compared to water's initial 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.



18 Titration
- also called volumetric analysis. See the end of Ebbing chapter 4 for more details.

- frequently used to determine concentration of unknown acids or bases.

- typically react a basic sample with a STRONG ACID, or an acidic
sample with a STRONG BASE

Example:
Titrate 20 mL of vinegar (acetic acid) with 0.35 M NaOH. Let's study this titration.
What happens to the pH of the solution during the titration? How does an

indicator work?

?‘OIESN\ MaOK

! Reaction:

/‘ NaOH + HGM30, = MalaMyo, + He O
Vo'

)' 10 wl
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Vinegar is typically about 0.88M acetic acid. What would the EQUIVALENCE
POINT (the point where we react away all of the acetic acid) be?

NMOH -+ H('LH?,O-L -y Na (1 H-}Ol A Hvzo
20.0ml ofF 0.8 HC(2LH;O w/ 0.35 M Va0V

L0.0mL % O.‘Ezmﬂ - 11.6 mano| HC'LH}OI

!7'(““‘0\ MU’|507_\ mO\ NmOH Y L ~ SO% ‘Im{...
mn Y G2 W0, O .55 mol Vaoy € 6.350 M
NaOH

But how do we tell the titration is over if we don't already know
the concentration of the acid?

In the lab, we have used phenolphthalein indicator for vinegar fitrations.
Phenolphthalein changes from colorless to pink over the range of about pH 9
to pH 10. How does this indicator show where the endpoint is?

Let's look at the pH of the solution during the ftitration- that may show us what's
going on!



1

i Titration curve for the fitration of 20 mL of 0.88 M acetic acid with 0.35 M sodium hydroxide
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Volume base added (ML)

110

buffer region: With a moderate amount of NOOH added, we have a solution
that contains significant amounts of both acetic acid and its conjugate
base (acetate ion). We have a buffer.

NMOH —* H('LH?,O—L Y I\/p\('LH-}().L A H-/&O

W@ﬁk’ COAJUS ()Te
aovd bese



189

The equivalence point;

4T
[ E—
1 (/
|D
pe=9,0%

pH ®

6 )

IS e

/~L—"buffer fQUIVALENCE
2 [egion BQINT
Oo 20 up (0,360 %0 o'y} | 20

\/o\umlz \DMC O\AAQA (ML\)

Equivalence point: We're reacting away more and more of the original acetic
acid and converting it to acetatfe ion. At the equivalence point, all of the acetic
acid has been converted, and we have only a solution of acetate ion.



w0 Let's calculate the pH at the equivalence point.
NaOH + H(GH3 04 =y NalaUy0, + He O

20.0ml of ©0.%8M HC2LH;O

0.%% mo |

20.0mlL ~x

70.3 (20+50.3) mL of solution.

= | 7,6 mmo\ Hl My O

mol MyOKH L

w/ 0.3S M NnOY

=150.% mL

mol H.C')_,HJ Oq

Ceaty0 )= 12bmml 0950 m catiyo,
70 .3 vl
CLHBO?,_+ Ho02 oy~ =+ HCyHy0q
\n ik A eqﬂ|
EQLHQ,O'L'_‘I O,'LSO — ¥ 0. LS50 —¥
EOH_] o) -+ X <
h = |.7vlo
r = Kb \\/“)HL—LH?)(),L -7
O, LSo— %
L o
- =S8 /0
0.150 /g]
A [:'LI\UOBS/ \OUPI‘?—"‘M‘)'LI ‘ ‘oH - 9,0

0.35 mel Naoy
At the equivalence point, we have 17.6 mmol of ACETATE ION in

ofF 0.3sm
/Uo\.OF-j

Once you figure out the
concentration of acetate
ion, this is simply the
calculation of the pH of
a salt solution!

S

|‘<5|61P|%O1,_ = S..‘G%\{.'D—ID (}(&%I\/‘O: K“’>




What about that phenolpthalein indicator?

]

4T
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Volume base added CW\L)

110

phenolphthalein
color change

Near the equivalence point, a very small volume of base added (a drop!)
will change the pH from slightly over 6 to near 12. Since phenolphthalein
changes colors at about pH 9-10, we can stop the titration within a drop of

the equivalence point.



92 Another interesting point: The halfway point

4T
el /’—’A
It (
|0 j phenolphthalein
pH=9,0% color change
PH
0 /}
i
y /’/,?
/~—"buffer FQUIVALENCE
", region BQINT
Oo 20 up 0.3 60 g0 (0o 110

Volume buase a\(MM CML)

What's special about it? It's the point where we have added half the
required acid to reach the equivalence point
NaOH + UGV 0, = NalaUy0, + He 0
|’),(> o HC‘LH'}OL A’A(A 'LS\S m\_. b’(/\-se-
tniteally 25 0C mL y Jéiwuiz $.50 1S wnul Naoy

8.8 millimoles is also the amount of acid left, and the added base gets converted to
acetate ion!
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The total volume is 25.15 mL, and both the acid and conuugate base (acetate)
are present at the same concentration. We have a BUFFER.

Find the pH of this buffer using the Henderson-Hasselbalch equation.

Hov oMo e 4 Lo ([]
P P ) HCy 30'2, °J EHCm“gdzl
|

= O, sve the ratio = 4

Useful for finding acid
jonization constants!

At the halfway point, the pH = pKa of the acid!




" Solubility as an equilibrium process

SOLUTION: Homogeneous mixture of substances Solutions contain:

SOLUTE: Component(s) of a solufion present in small amount
SOLVENT: Component of a solution present in greatest amount

We usually call water the solvent in aqueous mixtures, even
if the water is present in smaller amount than another component

SOLUBILITY: The amount of a solute that will dissolve in a given volume of solvent

SATURATED SOLUTION: Contains the maximum amount of solute that it is
possible to dissolve in a given volume of solvent!

A SATURATED SOLUTION is a solution where dissolved solute exists in an
EQUILIBRIUM with undissolved solutel




< Example: Consider a saturated solution of silver
chloride;

+ —
~
\’M A B— ) ( ‘ _I_ C | ( ‘o )
o A3C\(5)V‘XS @) 4
O o
’R ° 7 At equilibrium, the rate of dissolving equals the
DODODODODD rafte of crystallization!
000000000 ©
D0DODODODD
O0DOPHPDODDO
0000 0pnQ0 oD

~N + -
Acﬁg\(S); )333 (%) +C| (%)

= \:|\€)+J[C|*:\ :/\|,Cém|0—w

... what does this equilibrium constant tell us? That silver chloride isn't very soluble!
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Ao (V)= Rg (ag) HCT Cag)
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t This equilibrium constant is given a special name - the
SOLUBILITY PRODUCT CONSTANT - because the equilibrium
expression for the dissolving of a salt always appears as
a PRODUCT of the concentrations of the ions in the
compound!

Remember, Ksp is an equilibrium constant, so everything that applies to equilibrium
constants applies to the solubility constant - including what to do with coefficients:

What is the solubility product constant expression for calcium phosphate?

C 2t PDM%"
Cag (P04), (6) == 3 (0g)) + 2P0 ()

Moo s Ty esrd




" Solubility calculations and Ksp

You can calculate the solubility of a compound if you know Ksp!
Calculate the solubility (in g/L) of lead(ll) iodide at 25C.(se¢ f A-1S . ‘Oook‘y

Kgp26.S%1077 5 FW=2461.04/mol
— - 1+t - =
Pl (O Pbﬂc%)f 17 Laq);\(cpiﬂ% N

- ¢ - @1, 21 < -\+| We need to solve this equation, since these
(3" S Ry 10 B E 0 3 [;" 3 \ will give us equilibriumn concentration.

5\06_0’(2« [Ihll‘fml} N {G-th'orwmik

% O + X X
1 O + 2 PRV )
6.59v 107 %= (¥) (23)%] X =0.0011756673 = Cebr )= LPey {y

Qo
6.Sv10T = Yy
Since the dissolved lead concenTrcLJi’rion equals the dissolved | II) iodide concentration...
OiOOLljs(D()?szl PbI?__ Gl'aﬂp‘bl'l -\ SL"jh’abIaJS Pbl*
_ e, T o eem Tot

%No’re: ppm (parts per million) is equivalent to mg/L for dilute agueous solufions, and is
a common unit for reporting amounts of impurities in water.




