pH of natural water

|

Carbonic Most minerals

T Na,CO; -10H,0 (natron)
> 2 Na* + CO,42% + 10H,0
E Surong 1"~ pri
. 4NaAlSi;Oq + 11H,0
= | . > 4Na* + 40H" +
4FeS, + 150, + 14H,0 > " AlL,Si,0,0(OH)g + 8Si(OH),
4 Fe(OH); + 16H* + 8S0O,* .

Figure 5.4 Schematic plot showing the frequency of occurrence of pH values and the

major controls on natural-water pH's.
In natural solutions having pH values between 4.5 and 7, the acids are weak and
usually include carbonic acid and smaller amounts of organic acids. These are
generally water-dominated systems. Solutions with either very low or very high
pH’s are generally rock-dominated systems.

http://leps.mcgqill.ca/~courses/c220/



4FeS, + 150, + 14H,0 -
4 Fe(OH), + 16H* + 850,>
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pH measurements and pH scales

H* = H,0* = H,0,*

Soren Sorensen (1909) proposed an electrochemical procedure for the
determination of the hydrogen ion concentration which he dubbed the “hydrogen

ion exponent”:
psH = -log [H"]

where [H*] = « [HCI] and « is the degree of ionization of HCI in NaCI-HCl solutions

The electrochemical potential (EMF) between solutions of various H*

concentrations was measured with a set of electrodes.
Pt: H, (g: 1atm, sol'n X)l salt bridge | Pt: H, (g:1atm, 1N HCI)
Pt: H, (g: 1atm, sol'n X)l salt bridge | Hg,Cl,/Hg (calomel)

By definition, the potential at the Pt: H, (g: 1atm, 1 N HCl)
electrode is null:

2H* + 26 €> H,(g) AG°=o0, E;°=o0volt
E, (calomel) = + 0.244 volt

high resistance voltmeter

metal for which the electrode potential
is being measured, in a 1 mol dm
solution of a salt containing its ions
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pH measurements

As modern formulations of thermodynamic concepts and theories of electrolyte
solutions were developed, it was shown that the electromotive force (EMF) of a
galvanic cell is related directly to the activity rather than concentrations of the
redox couple involved in the reaction.

Hence, in 1924, Sorensen and Linderstrom-Lang proposed a new acidity unit:

p.(H*) = -log a(H")

Eventually, it was recognized that the activity of a single ion plays no real part in the

EMF of a galvanic cell ...

Nevertheless, there remained a need to have a

4 A
reproducible pH scale based on a convenient §ﬂ

method to characterize acid-base reactions.

~




Operational definition of pH

Reference electrode ‘Concentrated KCl solI'n H Test solution | electrode reversible

to hydrogen ion

Reference electrode: H*/H,, Hg,Cl,/Hg or AgCl/Ag
Hydrogen ion reversible electrode: H*/H,, glass electrode

elzrent

fill sohdion
KCl 7OpH

rermbrans
bulb

electrode

reference
electrode

pH

electrodes

Silwer chloride

tip: AgCl

back seal

Kl
element

| —KClI
alectrolyte

| _——— rnercuric
chloride
tip: HgCl

| ——liquid junction:
PO oS CEram i

arnold B-éE:L: Ll
inventor of the pH meter

The use of the pH scale became widespread in 1935 when Arnold Beckman

developed and sold a simple, portable pH meter.




Typical commercial reference & glass electrodes

Reference Glass
elestrode Unshielded glzcirode Shielded

b — cable - l‘_.r_,_...-——""_ cable
- Cap - Cap

||

| Sealed internal .
H . l : Hilwrar wire Thin glass
\\—~~,  Sideam | eiement ‘G{I'Jermea.ble to HY

L electrolyie
|

filling h i
——  filling hole 0.1 M HOL

[pH= 1)

KCl
clectrode
solution

| | pH = 1 outzide

Internal element
{Hz=Hg.Cl,. or
Apg-agCl)

Cpening 1o Silver wire coated
with AgCl

/HE""' electrolvie
K Asbestos fiber 0-1M HCI The glaSS GIECtFOde

lguid junction electrolyie

ARG

Ph-sensive membrane works as a
cation exchanger with a
high specificity for H*.

The potential of the reference electrode
is set by the redox potential of the redox
couple under standard state.

Schematics of a glass electrade.




Leads to pH Meter

E°(Hg*/Hge, sat KCI) = +0.2444 V vs SHE
Liquid level E°(Ag*/Ag®, sat KCI) = +0.230 V vs SHE

of outer reference
solution

// Aqueous outer solution saturated
with AgCl and KC1

AgCl paste
with Ag wire

+— Porous plug to allow slow drainage
of electrolyte out of electrode

Glass Membrane
Inner solution
0.1 M HCI, saturated with KCI




" Conventional and operational definitions of pH

The use of a glass electrode and salt bridge adds to the problem.

electrode reversible
to hydrogen ion

E = E° + RT/F In (H*) (CI) +E,

Ag/AgCl | KCI sol'n || test solution

where E; is the liquid junction potential between the two half-cells.

F This potential is generated by the difference in composition
U (uv) between the solutions on both sides of the salt bridge.

s M E={E°+RT/FIn (Cl) +E} + RT/F In (H*) = E¥ + RT/F In (H*)
, = conventional definition where the value of E° and (H*)
- : depend on the value assigned to each other.

(1) In the operational definition, pH of a solution X is related to the
} / pH assigned to a standard (S):

f pH(X) = pH(S) + [Ex - Es/(RT In 10/F)]
glass electrode

reference electrode



NIST-traceable buf?eT solutions

(infinite dilution convention)

Table 2.2.3.-2. - pH of reference buffer solutions at various temperatures

Temperature  Potassium  Potassium  Potassium  Potassium  Potassium  Potassium  Disodium Sodium Calcium
(°C) tetraoxalate  hydrogen  dihydrogen  hydrogen  dihydrogen dihydrogen tetraborate carbonate  hydroxide,
0.05 M tartrate citrate phthalate  phosphate  phosphate 001 M 0.025 M saturated

saturated 0.05 M 0.05 M 0.025 M 0.0087 M . at 25°C

at25°C * + sodium

disodium disodium bicarbonate
hydrogen  hydrogen 0.025 M
phosphate  phosphate

0.025M  0.0303M

CHKO,2H0 CHEKO, CHKO, CHKO, KHPO+ KHPO#+ NaBO,  NaCO+  Ca(OH),
NaHPO,  NaHPO,  10H,0 NaHCO,

15 1.67 3.80 4.00 6.90 745 9.28 10.12 1281

20 1.68 3.79 400 6.88 743 9.23 10.06 12.63
25 1.68 3.56 3.78 4.01 6.87 741 9.18 10.01 1245
30 1.68 3.55 3.7 4.02 6.85 740 9.14 9.97 12.29
35 1.69 3.55 3.76 4.02 6.84 739 9.10 9.93 12.13

ApH®) +0.001 =0.0014 =0.0022 +0.0012 -0.0028 -0.0028 -0.0082 =0.0096 -0.034
At

(1) pH variation per degree Celsius.




ere are different ways to define these capacity factors, but all definitio
essentially relate to the proton condition at a given reference state.

Term i Definition

I Acid-Newrralizing Capacity (ANC)
Caustie alkaliniry [OH-Alk] = [OH"] — [HCO5] — 2[H,CO}] — [H*]
p-Alkalinity [p-Alk] = [OH™] + [CO}") — [H,CO¥] — [H*]
Alkaliniry _ [Alk] = [HCO;] + 2[CO3"] + [OH™] — [H*]

1I. Base-Neurralizing Capacity (BNC)
Mincra! a‘cidity [H-Acy] = [H*] = [HCO;] - 2[CO}"] - [OH"]
Ccfz-_amdﬁr [COs-Acy] = [H,COJ] + [H'] - [CO%"] - [OHT]
Acidity [Acy] = 2[H,COJ] + [HCO;] + [H*] — [OH")

III. Combinations

f=2-3 )] [Alk] + [CO;-Acy] = C (1)
[Alk] + [H-Acy] = 0 (8) [AK] + [Acy] = 2C,  (12)
[Acy] + [OH-AIK) =0 (9 [A) — [p-Alk] = Cj (13)
[p-Alk] + [COy-Acy] =0 (10) [COx-Acy]l — [H-Acyl = C; (14)

N ——_-—-—..-—_—-:--
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The concept o;‘alkalini/’ry

s

The concept of alkalinity is derived from the fundamental principle that solutions
are electrically neutral (no net charge). In other words, the number of positive
charges carried by cations is equal to the total number of charges carried by
anions:

where [i] is the concentration of i and Z is the charge of the it" ion.

For the simple CO,-H,O system, the charge balance equation is:

[H*] = [HCO, ] + 2 [CO,*] + [OH]
[Alk] = Cy = [HCO,] +2 [CO] + [OH] - [H*]

In most natural waters, the acid-base system is dominated by the carbonate
alkalinity. This alkalinity is mostly derived from the weathering of silicate and
carbonate minerals by carbonic acid.

2KAISi,Og + 2H,CO;" + 9H,0 € ALSi, O, (OH), + 2K* + 4Si(OH), + 2HCO,-

CaMg(CO,), +2H,CO;" € Ca* + Mg> + 4HCO;
CaCO, + H,CO, € Ca**+ 2HCO,
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Alkalinity/acidity/neutralizing capacity

In a more complex aqueous systems one may have to include other bases if they
are present in relatively significant concentrations:

[AlK] = [HCOB'] L 2[C032‘] + [NHB] + [HS] + 2[S>] + [HBSiO J1+2[H,Si0,>] +
[B(OH), ] + [Org’] + [HPO > + 2[PO 3] - [H,PO,] + [OH] - [H*]

The reference state remains H,CO,’, so that species such as H,PO," are not
titrated into H,PO, since it is a stronger acid than H,CO,".

[f a natural water contains more protons than that given by the zero proton
condition (or the H,CO,* equivalence point - contains acids stronger than
H,CO,¥), then this water contains H-acidity (H-Acy) or mineral acidity.

[H-Acy] = [H*] - ([OH] - [HCO,] - 2[CO,*]) = - [AIK]

[H-Acy] can be determined by an alkalimetric titration (i.e., with a strong base
such as NaOH) of the acid solution to the H,CO," end-point. This corresponds
to the acid content of the solution beyond that which is contributed by acids
stronger than H,CO,".
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Alkalinity/acidity/neutralizing capacity

There are a number of other conceptual definitions of the acid-neutralizing and
the base-neutralizing capacities of aquatic systems. The various definitions
algebraically express the proton excess or proton deficiency of the system with
respect to a given reference level (generally H,CO,’, HCO,, or CO,*).

For example, the acidity of a water sample is given by:

[Acy] = 2[H,CO,* | + [HCO, ] + [H*] - [OH] = C,

where [Acy] is given in equivalents per liter. In this case, the reference state is CO,*>
instead of H,CO,*.

For an acid-mine drainage system, the total acidity might be given by:
[Acy] = [H*] + [HSO, ] + 2[Fe>*] + 3[Fe3*] + 2[FeOH>*] + 3[AB*] + 2[H,CO,* |
+ [HCO,] - [OH]

The reference state remains the same, CO,>. In this case we have simply summed
up those species present in solution which can donate protons before HCO," is
converted to CO,>.
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10 Y M showing (a) the strong acid tiration curve for the smme solution from pll 12 10 3
sl strong hase vitration corve hetween pll 3 and 12 Dashed straight lines in {h) indicate
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and Y. Jenkins, Warer Cliemistry. Copyright @ 1980 by John Wiley & Sons, Inc. Used by
permission of John Wiley & Sons, Inc.

//AﬁaliniTy/acidiTy/neuTralizing capacity

The pH values at the respective
equivalence points for the acidity
and alkalinity titrations (~4.3
and 10.3) represent approximate
thresholds beyond which most
life processes in natural waters
are seriously impaired.

They represent convenient
measures for estimating the
maximum capacity of a natural
water to neutralize acidic or
caustic wastes without extreme
disturbance of biological activity.




End
Term Point Definition

I Acid-Newrralizing Capacity (ANC)
Caustic alkaliniy  f=12 [OH™-Alk] = [OHT] — [HCO5] — 2[H,CO{] — [H']
p-Alkalinity f=1 " [p-AK] = [OH"] + [CO}"] ~ [H,COf] - [H']
Alkaliniry _ f=0  [Alk] = [HCO;] + 2[COi"] + [OH™] — [H]

1I. Base-Neurralizing Capacity (BNC) p -alkalinity

f=0  [H-Acy] = [H'] = [HCO;] - 2[CO}"] - [OH] alkalinity

CO;-acidity S=1  [COrAcy] = [H,CO}] + [H'] - [CO}"] — [OH"]
f=2

Mineral acidity

[Acy] = 2[H,CO$) + [HCO;] + [H*] — [OH") - CO.

Acidity
- acidity

III. Combinations

f=2-¢g ) [AIk] + [COrAcy] = & (11
[AIK] + [H-Acy] = 0 (8) [Alk] + [Acy] = 2C; (12)
[Acy] + [OH-ALK] = 0 ® [Alk] — [p-Alk] = Cr (13)
[7-Alk] + [COx-Acy] =0 (10) [COs-Acy] — [H-Acy] = Cr (14)

Apunjeyje
ausney




End
Term Point Definition

I Acid-Newrralizing Capacity (ANC)
Caustic alkalinity  f=2  [OH™-AlK] = [OH"] — [HCO;] — 2[H,CO}] — [H]
p-Alkalinity f=1 " [p-AK] = [OH"] + [CO}"] ~ [H,COf] - [H']
Alkalinity f=0  [Alk] = [HCO;] + 2[COi"] + [OH™] — [H]

1I. Base-Neurralizing Capacity (BNC) p -alkalinity

f=0  [H-Acy] = [H'] = [HCO;] - 2[CO}"] - [OH] alkalinity

CO-acidity f=1 " [COrAcy] = [H,COf] + [H'] - [COI"] - [OH"]
f=2

Mineral acidity

[Acy] = 2[H,CO$) + [HCO;] + [H*] — [OH") - CO.

Acidity
- acidity

III. Combinations

f=2-g N [Alk] + [COy-Acy]l = G (11)
[Alk] + [H-Acy] =0 (8) [Alk] + [Acy] = 2C; (12)
[Acy] + [OH-AIK] = 0 (9) [Alk] — [p-Alk] = C7 (13)
[p-Alk] + [COy-Acy] = 0 (10) [COs-Acy] — [H-Acy] = C; (14)

Apunjeyje
ausney
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Alkalinity/acidity/neutralizing capacity

Unlike the individual concentrations of the pH-sensitive species (e.g., H,CO,’,
HCO,, B(OH), etc.) and pH, ANC and BNC are conservative properties of the
system that are pressure and temperature independent.

[Alk] = (V,[AIK], + V,[AlKk],)/(V, + V})
The same is true of C, if the system is closed to the atmosphere:
Cp=2C0, = (V, Cr, + V, Crp)/(V, +V})

Whereas the addition or removal of CO,, or more rigorously H,CO," will affect Cy,
it does not change the alkalinity of a solution.

[Alk] = Cy = [HCO,] +2 [CO,>] + [OH] - [H]




Alkalinity/acidity/neutralizing capacity

pK oK,
T T T1

<
=2
e
£
g
H
-
3
3
6
8
o
2

Alkalinity

(mineral acidity; eq liter ~ ')
(alkalinity; eq liter 1)

F?gure 4.9. Aqueous carbonate species in equilibrium with Pco; = 10777 aum (se=
F:gurg 4.5_). At le \{alucs different from that of a pure CO, solution, the solution
conuins either alkalinity (Alk) or mineral acidity (H-Acy)




\\

Acid-base titration

(strong acid titrated by a strong base)

0.05L of 0.1 HCI Titrated with 010 MaOH I

: *

HCl + NaOH €= Nat + Cl-+ H* + OH-

: /’- AtV =0, [H*] = [Cl-] + [OH"] and

»Cl = [CI] + [HCI®] = C,

4 Equivalence Paoint

AtV # o, [Nat*] + [H*] = [CI] + [OH]
- Cy = [Na*] = [ClF] + [OH] - [H*]

(pH=T.0}

T T T T
o.on 0oz oo

T T T T 1
Do6 n0.os oo

Yolume of Added Base (L)

[H*] = acid in solution = C, — Cg = (Vi ;. [CI]. . - Vi INa*]:) / (Vi + Vi)
At the equivalence point, C, = Cz = (V... [Cl']....) = (V; [Na*],;,)

or [OH]=[H*] 2> pH=7

Beyond the equivalence point, [OH"| = excess OH = C; - C,

= (Vige INa*] 5 + Vinie [Cl e )/ Vioe




Crystal violet
Thymol blue
2,4-Dinitrophenol

Bromphenol blue

Bromcresol green

Methyl red
Alizarin
Bromthymol blue
Phenol red
Phenolphthalein

Alizarin yellow R




Acid-base titration
(strong acid titrated by a strong base)

14
13
12

*d
) =i

Phenolphthalein color-
change interval
Equivalence point

Methyl red color- |
change interval

9
8
7
6
5
4
3
2
1
0

0 10 20 30 40 50 60 70O

Number of milliliters 0.100 A NaOH solution
added to 50.0 mL 0.100 M HCI solution




Val. [mL}




Acid-base titration

Titration Curves

Equivalence|point

Equivalenck point
Weak Acid i

Strong Acid

10 15 20 25
Volume of Base Added




AcCi d - b ase ﬁ'l'r'a'“o :

(weak acid titrated by a strong base)

Assuming that we are titrating 40 mL of a 0.1M HA with 0.1M NaOH
HA + NaOH €- Na*+ A + H* + OH-

Reactions Mass action Equilibrium constants
HA €< H* + A K, = [H*][A]/[HA] 107475
H,O €= H* + OH- Ky = [H*][OH] 1014

Charge balance: [H*] + [Na*] = [A"] + [OH]
Mass balance: 2[A] = [HA], = [HA] + [A]
Cp = [Na*] = [A] + [OH'] - [H?]

C, = Z[A] = [HA], = [HA] + [A]

At any point along the titration curve:

[H*] = [A] + [OH] - [Na*] =___[HA].__ + Ky - [Na‘]

1+ ([H*]/K,)  [H"]




Acid-base titration
(weak acid titrated by a strong base)

Atv=o, [H*] = (K, [HA],)°>

mid-way to the equivalence point, [HA| = [A"], pH = pK,

at the equivalence point, C, = Cg, [H*] = K/(K, [A7])°>

beyond the equivalence point, [OH-| = C; - C, = excess OH-/total volume

o

i 1009 A

Equivalence Point pH=pRa- 1; pH = pka;
Al acid converted to conjugete base o% Ha 50%6 HA
muiﬂ. 0% A-
Half-equivalence Paint /
475

pH = pkn =

Bupfer replon

100% HA

g i
Titrert Yolure (rL)




Acid-base titration

Titration of 40.00 mL of 0.1000 M HPr
with 0.1000 M NaOH

]

Fhenolphthalein color- n Phenolphfhalein

change interval
8 ¢
Equivalence point
Methyl red color-
change interval

pH = 8.80 at
equivalence point

= M W &= U D o~

[HPr] =[Pr] A Niethyl red

0 o= P LD B 5 =] o

O

3 Strong acid-strong base curve

0 10 20 30 40 50 60 70 &80 I : : : I : : I

Number of milliliters 0.100 M NaOH solution 10 20 30 40 50 60 70 80
added to 50.0 mL 0.100 M HCI solution Volume of NaOH added (mL)




Acid-base titration

(polyprotic acid titrated by a strong base)

14 -
. . . . pH=pkas :
12 ] 1 1 1 L : LT
101 pH=(pKoa +pKag)i2 | =~ =~
; e
= | |
—— 1 1
E________I_______I______I_______I______JI.______JI. ______
T B Lo R -
o3 I ol R DU S R S
0 . . . l l
0.0 0.5 1.0 1.5 2.0 25 3.0 a5
Titrant YVolume (eq)




Titration of Na,CO45 with HCI
o = Ku/(V(Kw/(K; [CO42]))

[cO5%7] = [HCO57] > pH = pK,

1st Half-Equivalence point

- [HCO;7]
1st Equivalence point =2 [HY] = \/KZ [HCOjT]

_——pH=6.34 > pHF pK;

[HCO;™] = [HoCOg4]
2nd Half-Equiv. point

— pH =~ 3.8 2{[H] = VK, [H,CO3]

™ [H*] = excess H*/V,

Moles of HCI| added

EMNCSSM 2003



Buffer capacity

pH is an intensity factor, not to be confused with the capacity of a
solution to give or accept a proton (acidity, alkalinity), also to be
distinguished from the buffer capacity of the solution.

The buffer capacity of a solution is a measure of its ability to resist
changes of pH upon the addition of a strong acid or base. In natural
waters, pH buffering is mostly due to the interaction of weak acids and
bases and their salts with water. The buffer capacity is defined as:

B =dCg/dpH = -dC,/dpH

where dC, (or dCy) is an infinitesimal addition of strong acid (or base)
and dpH is the corresponding change in pH.  is simply the inverse
slope of the alkalinity or acidity titration curve and is always reported
as a positive value.
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= Buffer systems

To withstand the addition of strong acid or strong base without changing its
pH, a buffer solution must contain an acidic component that can neutralize
added OH- ion and a basic component that can neutralize added [H30+]. They
cannot be just any acid and base, however, because they must be present in the
same solution without neutralizing each other.

In the presence of a conjugate acid-base pair, pH changes only slightly upon the
addition of a strong acid or base.

Reactions Mass Action Equations
CH,COOH? € H* + CH,COO" K,=185x1050r pK,=4.75
H,O €<-> H*+ OH" Ky =104 or pKy, =14
CH,COONa°® <= Na* + CH,COOH- pKg) = -0
NaOH° €= Na* + OH- pK,=-0.2

For our purposes we can ignore [NaAc®] and [NaOH?] since they are almost
completely dissociated.
Solving for [H,0*], we obtain: [H,0*] = K, x [CH,COOH]/ [CH,COO]

or pH = pK, + log [CH,COO-]/[CH,COOH]
The buffer is therefore most effective when the components of the conjugate
pair have similar concentrations.




Buffer systems

PH = pK, + log ([AT[HA])

i
pH=pKa- pH = pka;

.5 Equivalence Paint a0% HA S086 HA
Allacid converted to canjugete base S0%% A

1 ﬂ“lﬂ' /

Buiifer regton

Half-equivalence Point
pH=pke = 4.'.-'

100% HA

g P2
Tidrard Yolure (L)
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Buffer capacity of pure water

To calculate the buffer capacity of pure water we will assume that it is being
titrated with NaOH.

Charge balance equation: [Na*] + [H*] = [OH"]
Mass balance for the added base C; = [Na*] = [OH-] - [H*]

Substituting in terms of [H*]:

Cp = Ky/[H*] - [H7]
dCy, = {-Kyy/[H*]? - 1} d[H*]

Since pH = -log [H*] = -In [H*]/2.303,
d[H*] = dpH (-2.303[H"])

Substituting for d[H*], we obtain:

dCy/dpH = B(H,0O) = 2.303 {Ky,/[H*] + [H*]} = 2303 {{OH] + [H*]}




Buffer capacity of

0.05L of .18 HCI Titrated with 0.1 0 NaoH I

L

max. 21 0.58 Cr

B (meq/L. plh

Hd 1e xew

Equivalence Paint
(pH=T.0%

“yd

T T T
o.04 0.06
Yolume of Added Base (L) Figure 5.10 A linear plot of the buffer capacity of carbonic acid species as a function of

pH for Cr= 107 M showing that the maximum buffer capacity equals 0.58 Cr. and occurs
at pH = pK(H.CO3) = 6.35. The lower curve is the buffer capacity of water, By q.

s simply the inverse slope of the alkalinity or acidity titration curve and
always reported as a positive value.
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Buffer capacity of a weak acid

HA €2 H*+ A

K, = [H*][A]/[HA]
Charge balance: [Na*] + [H*] = [A] + [OH], or Cg = [Na*] = [A"] + [OH"] - [H*]
Mass balance: C, = X[A] = [HA] + [A]

Substituting [A-] = K, C,/(K, + [H*]) into Cs = K.CA/(K, + [H*]) + Ky/[H*] - [H*]

Differentiating, we find: -dCz/d[H*] = {K,C,/(K, + [H*])?> + Ky,/[H*]> + 1}

Substituting d[H*] = -2.303[H*] dpH, we obtain:
dCg/dpH = B = 2.303 {[H*] + K\,/[H*] + K,C,[H*]/(K, + [H*])?}

The first two terms in the bracket are the buffer capacity of water, and the third is
the buffer capacity due to the weak acid. For intermediate pH’s, the water terms
become negligible and 3 reduces to:

B =2.303 K,C, {[H*]/(K, + [H*])}

As you would expect from the slope of the titration curve, the maximum buffer
capacity for a weak acid occurs at a pH = pK,
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at pH = pK(H.CO3) = 6.35. The lower curve is the buffer capacity of water, By q.

s simply the inverse slope of the alkalinity or acidity titration curve and
always reported as a positive value.
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Buffer capacity of a polyprotic acid

For a polyprotic acid (e.g., H,B), the buffer capacity or index is the sum of the
contributions from each successive acid species, or in general terms:

B = B(H,O) + BHB)= B(H,B>) + B(HB3>) + B(B+)
= 2.303 + K CA[H*]/(K, + [H*])? + K,C,[H*]/(K, + [H*])>+ ...}

where C, is the total concentration of acid species and K, and K, are the first and
second stepwise dissociation constants of the acids.

B =dC;/dpH =-dC,/dpH = 2.303 Z A [X|]

Where A is the neutralizing capacity of species i and [X] is the concentration of
compounds capable of neutralizing a proton or OH".

The pH of most natural waters is buffered by the carbonate system:

H+ H+
CO» O<—_> HCO; O<—_> H,CO, = COZT+ H,O
H- H-
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Buffer capacity of natural waters

[f a parcel of water to which the acid was added is in contact with the atmosphere,
the excess CO, produced by the sequential protonation of CO,> and HCO," will be
able to escape to the atmosphere further reducing the increase in pH.

[f the parcel of water is 1solate 'om the a osphere and cannot rid itself of the

generated CO.,, its buffering mechanisms is diminished.

B = 2303 (IH,CO, [H¥] + [OH]

Consequently, at pH = 8, the buffer capacity of the carbonate system in
equilibrium with a gas phase is roughly 100 times greater than that of an isolated
aqueous phase.

On the other hand, the buffer capacity of the system would be greatly increased
by the presence of solid CaCQO,, since acid added to the system would readily react
with the solid:

CaCO, + H* €2 Ca>*+ HCO;

in which case, if the system is open to the atmosphere:
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acid system in agueous solutions
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Figure 5.10  Alinear plot of the buffer capacity of carbonic acid species as a function of Figure 5.11
pH for Cr= 107" M showing that the maximum buffer capacity equals 0.58 C;, and occurs
at pH = pK|(H,CO?) = 6.35. The lower curve is the buffer capacity of water. 8y 10

A log piot of the buffer capacity due to carbonic acid species for Cp=10"1"M
(see Fig. 5.10); at saturation with respect 1o caleite for Cp = 107** M: and for equilibrium
between the clays illite and kaolinite. The lower curve is Sy q.

From: Langmuir (1997) Aqueous Environmental Geochemistry
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-~ Buffer capacity of natural waters

On longer time scales, it has been proposed that the pH of natural waters should be
regulated by reactions with clay minerals, such as between kaolinite and illite or
muscovite. This reaction can be written as:

2KALSi,O,,(OH), + 2H* + 3H,0 € 3A1,5i,0,(OH), + 2K*

3 3 10
illite kaolinite

for which the mass action law gives: K, = [K*]/[H*] = 10°5

[f we were to titrate a clay suspension with HCI, the charge balance equation could be
written as:
[H*] + [K*] = [OH"] + [C]]
or C, = [Cl'] = [K*] + [H*] - [OH"| = 10%5[H*]| + [H*] — 1074/[H*]

Taking the derivative,
dC,/d[H*] = (1 +10%5 + 1074/[H*]?)

B =-dC,/dpH = 2.303 [H*] dC,/d[H*] = 2.303 (
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