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The Carbonate System
and pH Control

CARBONIC ACID SYSTEM

The pH of most natural waters is controlled by reactions involving the carbonate sys-
tem. The carbonate system is also used here as an example of acid-base systems in
general; the relationships developed for carbonate equilibria can be used with little
modification for equilibria involving such species as phosphate, sulfide, and silicic
acid.

When CO; gas is brought into contact with water, the CO; will dissolve until
equilibrium is reached. At equilibrium, the cancentration (or, more strictly, activity)
of dissolved carbon dioxide will be proportional to the pressure (or, mere strictly,
fugacity) of CO in the gas phase. At earth—surface conditions, the difference be-
tween partial pressure and fugacity can be ignored. The normal convention is to
refer to all dissalved carbon dioxide as H:CO; (carbonic acid), and thus the dissolu-
tion of carbon dioxide in water can be represented by the equation

COyy + H,0 = H.CO,

for which an equilibrium constant can be written

Koo, = —250 (4-1)

Peoano

For dilute solutions, a0, the activity of water, is very close to 1 (in seawater, it is
0.98, for example); deviations from 1 will be ignored here, In fact, most of the dis-
solved carbon dioxide is in the form of solvated CO: rather than HzCO;, but pro-
vided that equilibrium is established, the exact chemical form of dissolved carbon
dioxide does not affect the equilibrium relationships presented here. It is convenient
to adopt the convention that dissolved carbon dioxide is all HyCOs, and to use equi-
librium constants consistent with this convention. Equation (4-1) thus simplifies to
anycoy = KeoyFeo, (4-2)
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Thus for every Pco, there is a corresponding anco,, and for every awu,co, there is a
corresponding Peo,. In the literature, it is quite common to report amco,, as the cor-
responding Pco,, even when no gas phase is present.

) Since H,CO, is an acid, it will tend to dissociate into hydrogen and bicarbon-
ate ions:

H:CO, = H' + HCO7

An equilibrium constant can be written for this reaction:

K = @A AHCOT (4_3)
(HO,
Bicarbonate ion itself dissociates also:
HCO; = H* + COi~
K: = Qa-cof” (4-4)

QHCOF

Numerical values for Keo,, K1, and K; are listed in Table 4-1.

From Eqgs. (4-3) and (4—-4), the ratios au,co,/axco; and aucos /acoj- depend on
the pH of the solution. When we talk about pH as an independent variable, we are
no longer talking about the system CO:~H.O. To obtain a pH above 7, for example,
it is necessary to introduce some cation other than H', If we consider a solution con-
taining a total activity of dissolved carbonate species of 107%, we can calculate the
activity of each individual species as a function of pH:

107 = auyco, + ancos + acol

TABLE 4-1 EQUILIBRIUM CONSTANTS® FOR THE CARBONATE SYSTEM
(pK = —logio K) (after Plummer and Busenberg, 1982)

T(°C) pKeo, pK: PK: pKeu P PKeacos® PKescof’

0 111 6.58 10.63 8.38 8.22 —0.82 =

5 1.19 6.52 10.55 8.39 8.24 —0150 —g{g
10 1.27 6.46 10.49 8.41 8.26 -0.97 -3.13
15 1.34 6.42 10.43 8.43 8.28 -1.02 -3.15
20 1.41 6.38 10.38 8.45 8.31 -1.07 -3.18
25 1.47 6.35 10.33 8.48 8.34 =111 =i
30 1.52 6.33 10.29 8.51 8.37 -1.14 =327
45 1.67 6.29 10.20 8.62 8.49 =1.19 —3.45
60 1.78 6.29 10.14 8.76 8.64 —1.23 —3.65
80 1.90 6.34 10.13 8.99 8.88 -1.28 -39
90 1.94 6.38 10.14 9.12 9.02 w13l —4.05

*based on the infinite dilution standard state
" Keancoy = Geancoi/(@cas ueoy)
*Kewop = acucof/ (Geaacoj-)
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From Eq. (4-3),

oy _ B _ qgeedtg.. at 25°C
aycoy K:

Ignoring CO1~ for the moment and rounding the value of K to 107, at a pH of 6.4
the activity of H;CO; will equal that of HCO5:

o, _ 104

—64
ancos 10

aiyco, + ancoy = 1072

arco, = aucoy = 0.5 X 1072 = 107%*
Similarly, at pH 5.4, o, _ 1075 o, s B
anco;  107%¢ Y e

awco, + ancoy = 107
-2 -2.08
anco, = 0.9 % 1077 = 1072

aycor = 0.1 X 1077 = 107 2 e

The same procedure at pH 4.4 gives

i ~2.004
anco, = 10

aycoy = 107*

AtpH 7.4, aco, = 107

ancoy = 10747
and at pH 8.4, angcoy = 107

ancoy = 107

i i ent at com-
Thus it is only at pH values close to 6.4 that both species are pres :
parable activities (and hence concentrations). Below pH 6, essentially all (_he. dlsli
solved carbonate species are in the form of H;CO;, and above pH 7 essentially a
are in the form of HCOs3. )
For the HCO3/CO3~ pair, Eq. (4-4) gives

ayeoy _ _ an*
- -10.33
acoi” 10

is equation is exactly analogous to the one for HoCO:/HCO3, except that the
3:::5;3(:1- point is at pH 10.33 rather than 6.4. Above p!-I' 10.33, llu_‘. nc1_:;:lybof
HCO5 rapidly becomes small, and below pH 10.33 the activity of CO3~ rapi yh e-
comes small. These relationships are displayed in Fig. 4-1. This type of graph is
sometimes called a Bjerrum plot. Since the crossover points are far_ apart, u:le ‘were
quite justified in ignoring CO3~ when discussing the H;CO,/HCOj5 pair and in ig-
noring H;CO, when discussing the HCO3/CO3" pair.

e it

Alkelinity and Titration Curves
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Flgure 4-1  Activities of different species in the carbonate system as a function of
pH, assuming £CO, = 10%, temperature = 25°C. Activities of H* and OH" are
defined by pH. This diagram is an cxample of a Bjerrum plot,

An important conclusion from Fig. 4-1 is that in most natural waters the CO3~
concentration is small compared to the HCO5 concentration. It is only in unusual,
generally saline, waters that pH values above 9 are encountered.

ALKALINITY AND TITRATION CURVES

We mentioned in the preceding section that solutions with pH values greater than 7
must contain cations other than H*. This can be seen from considerations of charge
balance. Tt is a fundamental princile of solution chemistry that solutions are electri-
cally neutral, that is, that the total number of positive charges carried by cations
must equal the total number of negative charges carried by anions:

2 mz; =0
where m is the concentration and z the charge of the ith ion.
For the system H;0-CO;, the charge balance equation is

My = mycoy + 2Mcoj- + mon-

At pH 7, my+ = moy- (the dissociation constant of water, K., is 107" at 25°C).
Thus, if mucos or mcoj- has any finite value, my+ must be correspondingly greater
than rmoy-, and the solution will have a pH lower than 7. If we introduce sodium into
the system, the charge balance equation becomes

mys + My = mpco; + 2mcoj- + Moy-

and there are no immediate constraints on the value of my+ and hence pH. For solu-
tions that are approximately neutral, my-+, moy-, and Mcoj- are generally negligible
compared to my,+ and mycoy. In this case the charge balance equation simplifies to

et = Migcos
Equations (4-2) and (4-3) can be combined to give

ay*aupcoy = K.Kcu,?m,
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Thus, at constant Peos, hydrogen ion activity is inversely related to bicarbonate con-

centration. In the absence of other anions such as C1~ and SO3", the total cation
concentration (weighted according to charge) will approximately equal the bicarbon-
ate concentration, and hence pH and salinity in bicarbonate-rich waters are inversely
related.

The charge balance equation can

My + mxs + s + 2myge + 07

be extended to cover all dissalved species:

= mo- + 2msoi + Mos + mucoy + 2meo}” ¥ Mo (4-5)

+ muems + misiog + Miks + Morganic wioas + *

fons such as Na*, K*, Ca**, Mg*", Cl7, S03-, and NO3 can be regarded as
unaffected by changes in

“conservative” in the sense that their concentrations are
pH, pressure, or temperature {within the ranges normally encountered near the
earth’s surface and assuming no precipitation or dissolution of solid phases, or bio-
logical transformations). Complex formation (Chapter 2) will not affect the charge
balance equation provided that total analytical concentrations of each species are
used.

Equation (4-5) can be written
3, conservative anions (in equivalents)

2 conservative cations (in equivalents) —
(4-6)

= mycoy T Mcoj~ T+ Mewows + mysior T Mis”

+ Morganic anions. + mou- — Mp*
The expression on the right side of Eq. (4-6) is the total alkalinity, which is
formally defined as the equivalent sum of the bases that are titratable with strong
acid (Stumm and Morgan, 1981). If the pH of the solution is progressively lowered
by addition of a strong acid (HC], for example), all the anions on the right will be
converted to uncharged species [H2COs, B(OH)s, H.SiO4, H:S, organic acids, Ha0J.
The amount of acid required to complete the conversion can easily be measured (see
below), so that total alkalinity can easily be measured. Also, since the terms on the
left side of Eq. (4—6) are not affected by changes in P or T, total alkalinity must
also be unaffected by changes in P and 7. Total alkalinity is thus a conservative
t the individual terms on the right side of Eq. (4-6) are not

quantity. Note tha
conservative. A change in T, for example, will cause a change in Ka, which will

cause a change in the ratio mycos /Mcoi-.
In most natural waters, borate, ionized silicic acid, bisulfide, organic anions,

hydrogen ion, and hydroxyl fon are present in concentrations that are very small
compared to bicarbonate and carbonate. Under these circumstances
Alkalinity = mycos + 2Mcol

The expression (mucos + mcey-) is the carbonate alkalinity. In most natural waters

Carbonate alkalinity = total alkalinity

and hence carbonate alkalinity is generally conservative. Alkalinity is independent
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luhf Pcoy, bet,causc Pco, is not involved directly in the charge balance equation. Al-
ough an increase in Pco, will cause an increase in mucos, the reaction is either

CO; + H;0 + COi~ = 2HCO5
or
CO; + H;0 = H* + HCOy

Izla klh]: tjrsl case, the alkal'ini:y gained by increasing Mucoy is exactly balanced by the
alkalinity lost by decreasing smcoj-. In the second case, the increased HCO5 is bal-
anced.;y :ln;rcased H*, so the net effect on alkalinity is zero
otal dissolved carbonate species, ZCQ;, is also a conservati i
' ¢ v 5 ativi -
vided that the solution cannot exchange with a gas phase. e uanty. pro

3CO: = mico, + Mucoy + Meoj

E}‘CO; 5|mply‘ represents the sum of all dissolved oxidized carbon species. It can

il ﬂng;] only if oxtd_iz:c_l carbon is added to or removed from the solution. It could

n::;[i ange I?y nx;:}:lmnﬂaduclmn reactions involving organic carbon, but such
actions are in a different class from those consi i i i

g sidered in defining conservative spe-

Alkalinity Titration

Th: n}llshalin'hy _litmliun is an important analytical procedure in natural-water chem-
istry. The titration curve also provides insights into pH stability and buffering, so we

shall consider it in some detail. G 7
- I
Problem. Suppose that we have 1 € 7 G
1 ppos ofa5 x 107" m solution of Na,CO, i

fhclos;:[d container with no gas phase present, and add v ml of Am HCL H(:w dla:::
: e pH vary with v, assuming that activity coefficients are all unity, no gas phasé
orms, andl_ the total volume remains effectively 1 €7 ’

Starting conditions (before addition of any acid):

My = 1077, 3C0;,=5%x 107 m
The charge balance equation is
My = Muco; + 2Meoi- + Mon- — My-
Until HCI is added, my- will be negligible compared to‘thc other terms; thercefore,
Myar = Mycos + 2mcol- + mon- (4-7)
ZCO; = myyo, + Mucos + Meaj- (4-8)

51]]1;:5 a solution of Na,CO, will be alkaline, we can provisionally assume that mco
will be small compared (o muco; and mcoj-. Equation (4-8) then becomes o

ZCO; = mucoy + Meol- (4-9)
Multiplying Eq. (4-9) by 2 and subtracting from Eq. (4-7) gives

i
’
;
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In terms of proton balance, 1 unit of CO3™ plus 1 unit of HyCO; is equivalent to 2
units of HCO7, so that, at the equivalence point, all the dissolved carbonate species
are effectively HCO3 . Note that on Fig. 4-2 the inflection point on the titration
curve corresponds to the point en the Bjerrum plot where mcoj- = Mo By simi-

Jar reasoning, the second end point corresponds Lo the condition my+ = Mucos, 0

all the dissolved carbonate specics arc effectively HaCOx.
For purposes of chiemical analysis, the carbonate concentration and alkalinity
can be determined by titration to the two end points. At the end points, the pH
changes rapidly with small additions of acid, so that determination of the exact
equivalence pH is not critical unless a high degree of accuracy is required. Tradition-
ally, the carbonate concentration has been measured by titration to the point where 3
the indicator pht:uolphthalein changes color (pH approximately 9), and alkalinity by i
i titration to the methyl orange end point (pH approximately 4). More accurate analy-
L ses use a pH electrode rather than indicators, and either the titration curve is drawn
out in full, or the titration is performed to 2 particular pH that is known to be close
to the correct end point. For the highest accuracy, 8 special graphical technique, the
Gran plot, is used to determine the end points (Stumm and Morgan, 1981; Edmond,
1970). The principle of & Gran plot is illustrated by the following example: well be-
low point £ on the titration curve (Fig. 4-2), the shape of the clrve is determined
simply by the buildup of H* in solution from the added acid, The curvature results
from the logarithmic relationship between pH and hydrogen ion activity/concentra-
tion. If 1077 is plotted against v for the region zround the end point (Fig. 4.3), 2
straight line results in the pH region below the end point. Extrapolation of the
straight line to mw* = 0 locates the end point with great precision. Conceptually,
added hydrogen ion during the titration is used first to convert HCOs to H,COs, and
when that is “complete,” it builds up in solution. The Gran plot identifies the point at
& which stoichiometrically all the alkalinity has been titrated and the buildup of free
S hydrogen ions begins.
i The Gran plot can also be used to locate an end point when the titration curve
') is incomplete. It would be very difficult (Fig. 4-3) to identify visually the end point
1 \ for a sample whose initial pH was below about 5. With the Gran plot this is no prob-
lem, and it can even be used to locate the “‘end point” of a sample with a slightly
negative alkalinity. In Fig. 4-2 we ignored the change in volume of the system re-
sulting from the added acid. To allow for this, we would plot v+ v)107P" instead

of 10-™ against v (V is the initial volume of sample, ¥ the volume of acid added).

Analogous Gran functions can be formulated for the first end point in the alkalinity

¥

X
A
#
=

titration.
In determining Eq. (4—18) and Fig. 4-2, a necessary input was the value of
he titration curve can be used to measure 2CO; as

$CO; (here 5 X 10°). Thus t
well as alkalinity. The procedure is explained in detail by Edmond (1970). When al-

kalinity and 2CO; are known, in situ values for Pco;, pH, bicarbonate, and carbon-
ate concentrations can be calculated. The titration can be used o measure FCO; only
if CO; does not exchange with a gas phase (the system is closed 10 CO; exchange). 3
In the particular example given, Pco, would increase from about 107" atm in the

pure Na:COy solution to about 0.15 atm at the end point. If the titration was done in
contact with the atmosphere (Peo, = 107%), COa would have entered the solution

8 -]
-8
=7
& -16
Titration curve
3 s b7
-Q
3
2
sk
S A
= o 10 05 T

Figure 4- itrati

4-§?I Nul:alh::I;dl‘u,l curve and G{m function for the alkalinity titration of Fij

2. ke 3 sxrm;mt-llne': portion of the Gran function extrzpolates to 10 g()
i orresponds 1o the inflection peint on the titration curve. '

from th inni
[;crrzomiii;n}c;slgh;:;: :; r:l}:!e bhegmnmghof the titration and would have diffused out of
: mosphere at the end of the titration. Alkalini 1 :
:urcg whether the solution is dpen or closed to CO; exchange bu:;}.“g e e “
ure ;niy if the system is closed. l e be e
tapH 3!
S aﬁ J::d _e{n“l:z;]st fe:“(]tl;lgm :-520)1'\1:}'1: pH of the solution changes very slowly as
o : ion is strongly buffered with
na?:dg? Elfgca:ng o}cicursiwhcn a protonated species (here H:CO,) an:icsasx)lefx;‘?ofg
" addezc i p:;::ns Sc(,) [;'g'[?‘l::u'.:i(::]h }géegem in significant concentrations. Whe‘:t acid
i » the | ; 5 to form H,CO,, and thi i
is smz}][:.dil?::lar buffering by the HCO3/COj™ pair ocm:rs arouncr.in]\:;-[c?gni*ge il
s wcmrcq:;gl Ej}.ﬁg—i]sﬂgbn‘z: lilg :-;2[, we xg:sumed that activities and c'ox:zccntra-
L, ot true. Equation (4-18) i in this re:
e q ) is correct in this re:
gﬂw t‘i]:‘::‘:;ir :: Dt:.e K values represent apparent equilibrium constants (Cha:)lll:rr;][
i st ynamic constants. The titration curve can thus be used to deter-'
slighuypchan Edcly}nstlai.]ms in natural waters, although the apparent constants may be
Sigty e Eci Y chaddltlpn of_HCI. The change is likely to be significant only if
ity p:h es are the major anions in solution. This information is important i
s e f w;(i:-a':,vﬂj]::s of various complexes and in determining the state of Nalun
r ) respect to carbonate minerals. i an be
mcdxfg.d m.mdun?c the change in total volume as acid is agg:émo“ Craghem %
deﬁnim:ﬁa:;'ca] :nll_or?s present both conceptual and practical problems for the
gtk ﬁ[‘i inity. If the corresponding organic acid had the same pK. value as
i cml-ho;::“x:;];lli:?icl ;’ll; [fgt::lem. and the measured alkalinity wm.lld be the
1of e concentration of the organic ani
ganic acids, however, have pK, values around 4 or 5 (Fig. 3-1)?1\: 1l?:?]:.c;’1?hstt: ‘t):;

—_—
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carbonate end point (about 4.5), some fraction of the organic anions will be con-
verted to undissociated acid, and some will remain as anions. If the concentration of
organic anions is much less than that of bicarbonate, the titration curve will show an
inflection at the bicarbonate end point, and the measured alkalinity (defined by the
bicarbonate end pnim) will equal the sum of carbonate alkalinity and that fraction of
the organic anions that has been titrated by the pH of the carbonate end point. As
the concentration of organic anions increases relative to carbonate species, the
inflection at the bicarbonate end point gradually disappears and cannot be used to
define the pH corresponding to zero alkalinity. One approach is to define a certain
pH (say 5.0) arbitrarily as the zero point of alkalinity; the alkalinity would then be
the amount of acid required to bring the sample to that pH. This definition is conve-
nient, but the alkalinity so defined is not conservative. Another approach is to in-
clude all organic anions in the definition of alkalinity. The problem with this ap-
proach is that some organic acids are quite strong (e.g., oxalic acid has & pKaoof 1.2,
which makes it a stronger acid than HSO4). It is impossible to measure anions of
such strong “weak” acids by acid—base titrations; thus, although alkalinity so defined
is conservative, it is not directly measurable. 5
Acidity (equivalent to the terms mineral acidity or strong acidity of other
authors) can be defined as the negative of alkalinity, that is, as the amount of base
required to raise the pH of the sample to the bicarbonate end point. If acidity is pos-
itive,
s > mipcos + 2Mcoy T non-
which means, from charge balance considerations, that an anion of an acid stronger
(han carbonic acid must be present. In nature, the anion is commonly sulfate.
Hydrolyzable cations such as aluminum also contribute to acidity, because they
are titratable by base. If a solution containing AI’* is titrated with strong base, the

following reactions will occur:
Al + 30H™ = Al(OH)s

AOH)* + 20H" = Al(OH);s
Al(OH); + OH™ = AlOH),

I

The acidity (the negative alkalinity) thus becomes (ignoring CO%™ and OH)

+ 2magont* T Maomi — MalOmT

The contribution of Al species to the titration acidity is called the aluminum acidiry.
The solubility of Al(OH); at around pH 5 is small, so the presence of dissolved Al

species does not in practice complicate the definition of the pH corresponding to
i

zero acidity/alkalinity. The behavior of Fe** is analogous to that of A

Acidity = mu+ — mucos + Imap

CALCIUM CARBONATE SOLUBILITY

The solubility of calcium carbonate can be understood by adding one more equation
to the equations for the carbonate system discussed in the preceding section. The sol-
ubility products of calcite and aragonite are defined by the equations

Calcium Carbonate Solubility
59

Kea = acavacoj- = 107%* at 25°C
Kuag = acaracoj- = 107 at 25°C

Values for the solubility i
aluc product at other temperatures are listed in Table 4-1. A
nite is the less stable polymorph of calcium carbonate at 1 atm pressure and b sy
is more soluble than calcite. o enee
i Gar;c]s and Christ (1965) dif;cuss at length calculations involving calcite solu-
¢ ity, and only 2 few examples will be given here. Most problems reduce to setting
Kp a ;c[ I(;f equations consisting of equilibrium conditions (the expressions for Kco,
0:]; 2, .‘_,,'ant! Ke), 2 c!:arge. balance equation, and some other condition Thzc;
o er (E:londmof;: 1sdusulally either a fixed value of Pco, if an open system is being. con
ered, or a fixed value of ZCO; if a closed system is bein i i f
: ¢ g considered. This set of
cquations ‘usually describes the system completely, and all that remains is algebrai
manipulation to get the desired answer. : s

Example 1

ress the solubility preduct of calcite in terms of bicarbonate activity al c -
Ex th 1§ d f in f bicarbs
p 1 nd Peo, in

a0,
Keo, = —=
co: = o 4-19)
K = @y EHCoy
! Aryc0, (4-20)
aH+Acoi™
K, = He2oor
N e (4-21)
. T — 4-22)
Rearranging Eq. (4-20) gives
K 12 H,C0,
Ry = )
" T (4-23)
Rearranging (4—21) gives
Kaa
g (4-24)

Substituting (4-23) in (4-24) gives

o Ktheos
o =
} Kianeo,
Substituting this in (4-22) gives
K = e Spthoos
K 1dHc0,

or

acrabicoy _ Kenks

Ayxco, K
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or, from (4-19),

Gc."aﬁms = K K|Km, (4_25]
Feo, K;

i _25) is useful in understanding natural waters, since the controlling vari-
Ef;]e:“iun“n(;nzjlzaﬁlml systems arc CO; angd HCOj7. Carbonate concentration and pH
can often be thought of as consequences of Peo, and Mycos . For example, p'h(_)lnfynlhc-
sis deereases dissolved CO:, which will increase the state of saturation. Respiration _nnd
aerobic decay, on the other hand, increase dissolved CO; and decrease sa_lurallpn.
Angerobic decay with sulfate reduction (see Chapter 14) may be represented in a sim-
plificd way by the equation

503" + 2Cq + 2H;0 = Hi§ + 2HCO3

Where Ceq represents carbon in organic matter. Thus anacrobic decay will increase sat-

uration with respeet to carbonate minerals, the opposite of aerobic decay.

Example 2

How do the pH and calcium concentration of pure water in equilibrium with calcite
vary as a function of Peo,?

awca, = KeoyFeo, (4-26)

_ @u-2Hcoy (a-27)
Aunzomy

K

Rearranging Eq. (4-27) and substituting (4-26) gives
K\ Keo, Feo, (4-28)

ancoy = a
e

au- acoi” (4-29)
@AHCO§

k]z

Rearranging (4-29) and substituting {4-28) gives

i
KyKKog, Foo )
acoj- = + (4-30)

Ken = acé-deoi- (4-31)

Substituting {4-30) in (4-31) gives

(L "‘;Kco:f‘coa (4-32)
ap+

The charge balance equation is

mys 4 2neas = mMycor T 2Meoj- T Mow- (4-33)

1f we restrict our attention to the pH region below 9, mys, mou-, and 2mcoi- wnl] be
small compared to 2mc,:+ and Mucoy in the charge balance equation (Sljl‘lfl“ quantities
can be neglected when they are added to or subtracted from large quantities; l?ley may
not be neglected when they multiply large quantities). Equation (4-33) then simplifies
to

3
i
A
a
4

Calcium Carbenate Salubility 61

nca- = m"“’”—z\ﬁru ol (4-34)
or \ £

2ac- oy 27
FYours coy A(oj.

or - 'ﬂ;‘.l,

‘.

— “Pricoy 2

Substituting (4-28) in (4-35) and then substituting the result in (4-32) gi;’cs /3"" N X,

Kow = 1K1 Koo, Peoy K K Koy Poo, you
Ay afe Yicas

AN,

i
which rearrunges to ‘;'?!;” f:’ju >
3
K1 K: Ko, vea-

aly = Pio,
' ) 2Keu Yucos

(4-36)
which is the desired relationship.

The relationship is shown graphically in Fig. 4-4, assuming 25°C and a total
pressure of 1 atm. The calculation of the activity coefficients can be done by an itera-
tion p}'ochur: similar to that used in Example 5 of Chapter 2. For each value of Pco,
S prc]m_nnnry calculation is made assuming that Yeu+ = ucoy; the concentrations u:t"
all species are caleulated on this assumption, and these concentrations are used to cal-
culate ye,+ and yucos by the Debye—Hiickel equation. These y values are then used in
Eq. _(4—36) 1o give better values for pH and hence the concentrations of other dissalved
species, and the cycle is repeated until consistent results are achieved.

In most surface waters, the Peo, lies between 1077 atm and the atmospheric

value of 107 atm. Waters with Pco, values in this range in equilibrium with calcite
would have pH values between 7.3 and 8.4. The majority of surface waters do have

pH

I E T T T 1
85 1 e q

BO+ = 80
X
z
16 4 75}
10+ 70

6.5 -—_ld—a_‘_;-_l___;_ 65 - : ! .
= -2 ) 0 002 004 006 008 010
fog fieq, e

l"lgl_:rr 4-4 . Relationship between pH and Peo, for pure water in cquilibrium with
cakite at 25°C and | atm total pressurc. Note the difference of form whea Peo, is
plotted as a logarithm.

. e ) >, #
dga = baygoy L L 4 Moo, loey (4G5 B
7 i - 3
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The Carbonate System and pH Contraol

H values in this range; lower pH values occur in waters that are undersaturated with
p ]

Icite. . ;
I'CSPCE‘:_;%;:::I a relationship between mic,+ and P_m,. we can manipulate the sam|
set of equations. Dividing Eq. (4-27) by (4-29) gives

K e aficos

K: col~dH;em )

Substituting (4-26) and (4—31) in this yields
& tlepran (4-37)

K: K Kco; Peco,
From (4-34)

Mucos = 2Mcat

ayco; = 2Mca* Yo

Substituting this in (4-37) and substituting aca+ = Mcat* Year BIVES

2
Yeul* Yicos

Kz KeuKco, Peo,

or
g K, Keu Kco, (4-38)
M = Peo 44-—'&?&1_?}“0?

This relationship is plotted in Fig. 4-5. It is inL:re_st'mg to note lhatlg!rt:u;e;h\x:?gsgﬁ
. and Pco, is not linear. For example, if 2 water in equilibrium 1 1
b_c!WEen mc‘!- E(l)noi al:n (A in Fig. 4-5) is mixed with a water m‘equ_lhbnum‘
e iy oy 0.005 atm (B in Fig. 4-5), the resulting water (C in Fig. 4_-5) is not
T:]:::E:n;il;:;?:; ;zm; calcite. In fact, it is undersaturated and could cause dissolution

T
T 4 T T

Supersaturated

Ca® (mmolf)
~
T

Undersaturated

2 1 1
b= 3 ; 1 uo 0.02 004 008 008 0.0
ry , = =
P
10g Peg, iy

i in ilibri i i function of

F i f calcium in equilibrium with calcite 25 al
13'-“:! ‘4-5 (Enm:nlriu:}u of c:[‘ : B e e
Peo, in e system CaC0,~CO,-H:0 al 25°C and | atm total pressure, For explana

tion of points A, B, and C, see text.

T N P TR I T

oty
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of calcite. In general, mixing of two waters of different compositions, both of which
are in equilibrium with calcite, is likely to result in a water that is not in equilibrium
with calcite. It may be supersaturated or undersaturated, depending on the particular
compositions or the waters involved (Runnells, 1969; Wigley and Plummer, 1976).
Supersaturation would occur if, for example, a water with high calcium concentra-
tion and low alkalinity mixed with a water of high alkalinity and low calcium con-
centration.

Example 3

How does the presence of dissalved sodium bicarbonate affect the concentration of dis-
solved calcium in equilibrium with calcite at different CO, pressures?

The equations for solving this problem are identical with those for Example 2 ex-
cept that the charge balance cquation becomes (for pH values below 9)

Myas + 2eas = mycoy

Substituting this equation for Eq. (4-34) in Example 2 and follawing the same deriva-
tion, Eq. {4-38) becomes

K Keu Ko,
(2 Yo+ Yhcor
This relationship is shown graphically in Fig. 4-6. The presence of excess NaHCO,
decreases the concentration of Ca* in equilibrium with calcite. This is the familiar
common-ion effect in solution chemistry. In alkaline brines where the Na* concentra-
tion is very high, the dissolved Ca?* concentration is often vanishingly small (see
Chapter 11). v

mearlmg + 2mea) = o, (4-39)

Example 4

How does the presence of dissolved calcium chloride affect the concentration of dis-
solved calcium in equilibrium with calcite at different CO; pressures?

£
E
§
=
E
8
g
8
3

Figure 4-6 Concentration ofiGalcium jn

o equilibrium with calcite as a function of

Peo, and Na* concentration in the sys-
tem CaCOy-Na,CO,-C0,-H,0 at 25°C
and | atm total pressure,

0 002 o00: o008 o008 010

Peo, latm)
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The Carbonate System and pH Central Chap. 4
In nature, dolomite is generally formed by alteration of calcite or aragonite:
CaMg(CQ,); + Ca** = 2CaCO; + Mg*'
dolomite calcite
g™

Ka =

acyt*

n— - sthiis
In solutions in which the ratio amg-/aca- is h:f%her than Ko, dqlomuc is more stab!
than calcite, and vice versa. Ke is related 10 Kso by the equation
Kua

K =
Kluce

i g & — il
There is 2 large uncertainty associated with this numberl;_b;l (;a'lcl[: 1s/pro’b.i:§n :
i ite 1 face waters in which the amg:/aca ;
stzble with respect to dolomite in surf: s in e
reater than I.Puccause dolomite is so inert, cah_:nc is @rcly con\fcx;ltcd :1 dollu e
ﬁx Jow temperatures unless the aug+/aca+ ratio is consxdera;\l[)é _h_ls ‘bf 19;!;;) .
conversion is more rapid in the absence of sulfate (Baker and Kastner, :

HIGH-MAGNESIUM CALCITE

fum 1 i i rmed in
Magnesium can substitute for calcium in the calcite structure. 1The T;lc::;liﬂ it
modern shallow-marine environments commong }cgnlamsmlini :; i o
i i i Icite. Calcite con |
0, and is called high-magnesium calcite ¢ : 7C -
:{iggOi is referred to as low-magnesium calcite. In discussing the s;.::lll?llxty;{{ E:gh i
mfgnesium calcites, it is important to define what is meanl‘by stabi 1[);4@[5 o
magnesium calcites are unstable with respect to low—x_ndgnemum saiaal e
dolomite. This is of little importance in surface-water chemistry because s
50 kinetically inert. ] i .
* Equili‘ti'ium between high-magnesium calcite and a solul;ug_lc:alm b:;;g:ig:ed[::;
ati i tion and in terms of a solubility r on.
terms of a cation displacement reac y 0 ! o
cation displacement equilibrium between a high-magnesium calcite and s X

+ Ca**
CaCO05otid voin in carciisy + Mg?* = MECO 35004 sots i entese) + €

apmg*
(R—M’m’) = Xm-c.( ‘l_)
acacoy/ calcite agatt f ug

g n 1 - * 'm le
In general, the Ca-Mg carbonate solid solution will be highly ll?]ll]dc?lci ;i;?hi‘ Cé’n_
i tionshin wi i the concentration ratio in the soli (
linear relationship will exist between 1 It "
centration ratio in solution. However, for any particular ratio in Sm]u:]'?)nlvarics o
corresponding unique ratio in the solid, and when the ratio in solution .

should the ratio in the solid.

Ground end Surface Waters in Carbonate Terrains 67

Solubility equilibrium or, more strictly, stoichiometric saturation can be
defined by the equations

Mg, Cay-oCO; = xMg™ + (1 — x)Ca®* + coi-

Ko = atipealis "acos- (4-41)
(uulzc)‘
= \——/ aca acoj-
Ay
Measurement of X, is complicated by the fact that, when high-magnesium calcites
are placed in water, they initially dissolve congruently,* but as the concentration of
ions in solution increases, dissolution becomes incongruent. During incongruent dis-
solution, a low-magnesium calcite precipitates as the high-magnesium calcite dis-
solves. Plummer and Mackenzie (1974) and Bischoff et al. (1987) estimated the sol-
ubility of high-magnesium calcites by measuring the rate of dissolution when
dissolution was constant and extrapolating the results to infinite time. This approach
has been criticized by Lafon (1978) and by Garrels and Wollast (1978). Mucci and
Morse (1984) measured the solubility of magnesian calcites in seawater by precipi-
tating them as overgrowths on calcite. The detailed results of these various studies
differ somewhat, but there is a consensus that calcites containing some magnesium,
probably up to at least 5 mole percent MgCO;, are more stable than pure calcite in
seawater. Biugcnic‘ma'gesiu? calcites tend o be less stable/more soluble than syn-
thetic materials of the same g/Ca ratio (Bischoff et al., 1987).
For true equilibrium, the equations describing cation displacement and stoi-

chiometric saturation must both be satisfied. Stoichiometric saturation is commoenly
attained much more rapidly than,cation displacement equilibrium.

GROUND AND SURFACE WATERS IN CARBONATE TERRAINS

The equations derived in this chapter provide a good framework for understanding

.. the chemistry of waters in limestone aquifers. Rainwater is in equilibrium with at-
mospheric carbon dioxide, which has a partial pressure of 10-** atm. The gases in
soils commonly contain much more CO, than the atmosphere as a consequence of
respiration and decay of organic matter. As rain percolates through soil, its CO; con-
tent increases, typically to an equivalent Peo, of 1072 or so. The additional CO; from
the soil greatly increases the amount of CaCO; the water can dissolve. The amount
of CaCO, dissolved per liter of percolating water (and hence the Ca?* concentration
in the water) depends on the initial CO, concentration and on the extent to which the
CO; in the water can be replenished by exchanging with a gas phase. If CO, is not
replenished (the system is closed to exchange of CO, gas), the amount of calcite that
a water can dissolve is essentially limited by the amount of CO; present initially,
since dissolution follows the equation

CaCO, + H;0 + CO; = Ca®* + 2HCO7

* Congruent solution means that the catire solid dissolves; incongruent solution occurs when part
of the solid dissolves, leaving behind a solid phase different in composition from the original.

A ony
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The Carbonate System and pH Control Chap. 4
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Figure 49 Changes in composition of carbonated water as it equilibrates with
calcite when the system is either open or closed to exchange of CO; gas. Initial Peo,
values of 16-? and 10~ atm. (After Holland et al., 1964. Reprinted from Journal
of Geology by permission of the University of Chicago Press.)

Ca®* concentration (and TDS) depends on the Peo, of the water, which is generally
controlled by the soil atmosphere in the recharge area. The main exceptions to these
generalizations are waters in deeper aquifers which have received solutes by mixing
with waters from ather sources or which have received solutes by dissolution of gyp-
sum or halite.

Two examples of groundwaters from limestone aquifers are shown in Table
4-2. The first, from central Florida, shows the typical dominance of calcium and
bicarbonate. Some magnesium is also present, derived from either magnesian calcite
ar dolomite, but other species are generally minor. The silica was probably derived
from siliceous microfossils in the rock. The water is close to equilibrium with calcite
at a Pe, of about 107! atm. The second analysis shows several differences. The
caleium and bicarbonate concentrations are higher and the pH is lower because the
water is in equilibrium with calcite at a higher Pco, value (1079 atm). The strikingly
higher nitrate concentration is an indication of contamination by sewage, agricultural
wastes, or fertilizers, Indeed, Langmuir (1971) concluded that the nitrate, sulfate,
chloride, potassium, and sodium were all largely derived from human activities—
sewage, fertilizer, and salting of roads in winter. Near-surface carbonate aquifers
are particularly vulnerable to contamination because water commonly moves rapidly
both vertically and horizontally in relatively large openings and because the aguifer
material has little sorptive capacity.

Ground s in Dol

The weathering of dolomite is closely analogous to that of calcite, except that rates
arc slower, and half the HCO5 in the water is balanced by Mg?* rather than Ca’*.
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TABLE 4.2 CHEMICAL AN,

(mg/l) OF GHDUNDWATERS‘::;IYSES
CARBONATE AQUIFERS FROM
CENTRAL FLORIDA (from Back and
Hanshaw, 1870) AND CENTRAL
PENNSYLVANIA (from Langmuir,

18971)
Florida Pennsylvania

CatY 34
Mg"' 5.6 !l]%
gq 3.2 8.5

~ 0.5 6
HCO; 124 7"
SO}" 2.4 27
SI(J’ 4.5 17

3

Si0; 2 e
pH 8.00 7.36

Dolomi i
dmiﬁﬁif lr;.:::rlmlty ?lssolvcs_congrucntly. In a rock containing both calcite and
i ater should ultimately come to equilibrium with calcite and dolomite

in which case
aygi
—— = 0.6
2eat
acaracol” = 10782

]n I: . . M e £y -

cmﬁna;n::é:stcaﬂli:ﬂi;ﬁ:t of equx]lb_rtum with dolomite is slow. Such waters usually

o o1 a3 {'nag_nes:um near the recharge area because calcite dis-

oA magnesiﬁ ; nl o ummj.. Over time periods of thousands of years, how-

e B 1975;5 c.li‘cmrf;_ga_no '(‘)f_ ll_n: water rises lo the “equilibrium” value

- g 2 Equn rium” is in qu_ulation marks because, as mentioned
» the equilibrium solubility of dolomite is calculated from analyses of ground-

waters from dolomite aquifers, which are presumed to hawv sufficie; (]
ifers hil
» P have had ient time

CARBONATE CHEMISTRY IN THE OCEANS

The carb i

- pwdcs::acl; sy;ﬂc.m in seawater has been studied in great detail by many workers
it i culations on the state of saturation of seawater with respect to calcilev
e 191_":\.;—ccmccnln;llu'_m corrections must be made with great accuracy ( ;
Gjukesl 1970; «}:{apparcnl constants must be measured empirically (Edmgndcéﬁi.d'
o sui;ed ul séwﬂl)ts:r(}l;:cecaar:fgr::ghcrs use the apparent-constant approach, which is

el sulied d se the major element compositi ic! l
mines activity coefficients) is almost constant. BoRlion heLlek Bgsty doter-
& und]’;fir(s);:usuﬂ:iice ;‘eawater is supersaturated with respect to calcite, and deep water
rated. The reasons for the undersaturation are :'ncreaséd pressulch de
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creased lemperature, and increased CO, concentrations in the deeper water (see
) Chapter 12). There is a dramatic change in the abundance of calcite in marine sedi-
o ments at a depth of about 3.5 km (Pacific) or 5 km (Atlantic). Below these depths,
: calcite is essentially absent because planktonic shells that fall to greater depths are
; dissolved before they can be buried. The depth at which the dramatic decrease in the
calcite content of sediments occurs is called the calcite compensation depth (CCD),
because the rate of dissolution of calcite compensates for the supply. Al some depth
above the CCD, there is a marked change in the dissolution behavior of calcite,
called the lysocline. Above the lysocline, calcite shells (or, more properly, tests)
show almost no evidence of dissolution. Below the lysocline, the thinner tests and
the more delicate structures have disappeared, and the only calcite tests found in the
sediment are the more massive types, which resist dissolution longer. (Massive is a
relative term; the tests are essentially all under 1 mm in diameter.)
There have been long-standing arguments in the literature as to whether the

Depth (km)

'
‘Flgurc 4-10  Dissolution rate of calcite ‘i {
in seawater &5 a function of depth. Curve
3 is calcite spheres suspended in the i

CCD (and, more recently, the lysocline) represents a transition from supersaturated
to undersaturated conditions or whether it is controlled by kinetic factors. Chemical
measurements (see, e.g., Edmond and Gieskes, 1970; Edmond, 1974; Takahashi,
1975) suggest that the transition from supersaturation occurs al much shallower
depths (perhaps 500 m), and the compensation depth represents the depth at which
undersaturation is sufficient for dissolution to be more rapid than burial. This conclu-
sion is supported by laboratory experiments on calcite dissolution (Morse and
Berner, 1972), and by experiments in which samples of calcite were exposed to sea-

a2

ocean (Peterson, 1966); curve 4 is
feraminifera suspended in the ocean
(Berger, 1967); curves 1 and 2 were cal-
culated from experimental data of Morse
and Berner (1972); the rate plotted is
that which corresponds to the degree of
undersaturation in the water at each
dcplh. Position of lysocline is from ex-

ion of sedi cores (Bramlette

water at various depths and monitored for dissolution or precipitation (Peterson, i i 1961), The hori 0
1966; Berger, 1967; Honjo and Erez, 1978). Both laboratory and in situ experiments k- of t‘XP.crim:nls 1:::;112:!:;&%?&: set
show that dissolution of calcite is very slow in slightly undersaturated scawater, but i = bring out the similar form cf::::;hzceur:z
dissolution is rapid once a critical degree of undersaturation is reached (Fig. 4-10). \' Normmalized dissolation rag (after Morsc and Berner, 1972).
b 4

Because aragonite is more soluble than calcite, it has a shallower compensation
depth. The aragonite compensation depth is a few hundred meters in the tropical
north Pacific and has a maximum depth of 2 to 3 km in the north Atlantic (Berger,
1976). The only significant carbonate mineral in deep-sea sediments is thus low-
magnesium calcite.

ACID WATERS

Waters that contain zero carbonate alkalinity and contain free strong acids
(mu+ > mucoy; pH generally less than 4.5) are referred to as acid. Acid waters cause
environmental problems because most organisms (other than certain algae and bac-
teria) are adapted to waters buffered by the carbonate system and cannot tolerate
strong acidity, and because many toxic trace elements are mobilized under strongly

acidic conditions. Acid deposition from the atmosphere is discussed in Chapter 10.

Acid Mine Drainage

The waters draining from many coal mines in the eastern United States are strongly
acidic as a consequence of oxidation of pyrite in the coal. The stoichiometry of the

oxidation can be represented by the equations

N

Rt

FeS; + 3.50; + H:0 = Fe!* + 2803 + 2H*
Fel* + 0.250; + 2.5H,0 = Fe(OH); + 2H"

When streams become contaminated by acid mine drainage, adjacent vegetation dies
a.nd precipitation of ferric hydroxide occurs over long distances. Although the oxida-
tion reactions are bacterially mediated and complex (Singer and Stumm li;?g'
S:_u'm_rn_-Zollmger. l?'."l; U.S. Environmental Protection Agency, 1971), the Lalanc:;
oR acidity and alkalinity can be visualized in terms of a simple model .(Fig 4-11)
fam penetrates m:rerburdcn_and acquires a certain alkalinity, usually by dis.solution;
ol _l:alcne (Caruccio and Geidel, 1978). The amount of alkalinity acquired is deter-
::;ncd by the Pco, of the ‘water and the solubility of calcite. As the water moves
through llhe coal seam, mfu._i:uion of pyrite occurs, generating acidity, which at first
:incutml!?{d_ by the fll!(ﬂilnlly in the groundwater. If the acidity generated is greater
an the mll_lal alkalinity of the water, all the alkalinity will be consumed and an
~m:n:l water will result. If sufficient oxygen is present, the amount of acidit enerated
is d.ele_rmmedlby the amount of reactive pyrite in the coal. Only very f?nE- rained
pyrite is reactive, so the total sulfur content of a coal may be a poor prcdictm’gof
tential acidity problems (Caruccio, 1975). Usually, the underclay below the c}::;

seam is impermeable, so water exits to the efore i i i
by 2 surface before interacting with any other
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Rain
Soll T l l
g e
~ . Nage~
Overburden
slkalinity A, from
dissolution ;l CaCO,4 ~
—_——— WA, > Ag.
Oxication of drainage is acid
Coal FeS, generates
scidity A,
ion of

Figure 4-11 Schematic balance between acidity and alkalinity in general
acid mine drainage, as discussed by Careecio and Geidel (1978).

acid waters are uncommon because dissolved oxygen
duce acidity greater than the alkalinity of the
is required to generate 1 mol of acidity,

In the absence of mining,
in the groundwater is insufficient to pro

groundwater. Approximately 1 mol of O, :
and soil waters generally contain less than 0.6 mmol O, per liter. When mining oc-
curs, additional O; is introduced, and water movement through the system is accel-
erated. Oxidation is no longer limited by groundwater transport of oxygen, and acid-
talyze the acidity-producing reactions thrive only

ity may result. The bacteria that cal 2
under acid conditions, so once acidity is initiated, acid production becomes more

rapid and the acidity problem increases rapidly.

REVIEW QUESTIONS

In the following problems assume activities equal concentrations and ignore complexing un-

less instructed otherwise.

with atmospheric Pco, (1072 atm) at 25°C?

N, Whatis the pH of pure water in cquilibrium
f pure water in equilibrium with calcite and

~_2, What is the pH and calcium concentration o
atmospheric Peo; at 25°C?

\3, What is the calcium concentration in a water in equi
107 atm at 5°C?

4. The water in guestion 3 is warm
tate, assuming chemical equilibr
gas? In case (b), what will be the final pH and Pco,?

"\_§. A 0.01-m NaHCO; solution is allowed to equilibrate with caleite at a Peo, of 107!
25°C, How much Ca** (in ppm) will the solution contain, and what will be its pH?

6. A 0.01-m CaCl, solution is allowe
25°C. What will be the resulting pH and HCO5 concentration?

“~~7. ‘What should be the pH of a puddle of rain on an outcrop of dolomite
chemical equil]brium.)

librium with calcite at a Peo, of

ed from 5° to 25°C. How much calcite should precipi-
um and (a) constant Peo,; (b) no loss or gain of CO:

atm at

d to equilibrate with calcite at a Peo, of 107** atm and

2t 25°C? (Assume
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\
“8. An “ideal" rain consists of pure water in equilibri i i
i ur equilibrium with CO; at a partial pressur
:)2 p atm. By how many millimeters per century should limestone exposed To this cm‘i,x{
issolved if equilibrium is attained? Assume a rainfall of I m/year, 25°C, a syst
open to COy, and a density for calcite of 2.7 giem’. ’ -
9. If the rain in question 8 were “acid,” containi
h ' ing 0.1 meq/k; idi
" millimeters per century would be dissolved? : SRy e ey
.10, A river water has the following chemical analysis:

s

E
?

NE:' 11.4 ppm S0i~ 58 ppm

K 1.56 ppm Alkalinity 1.30 meq/kg
Ca’  24.0 ppm pH 8.10

Mg™  10.0 ppm Temp. 10°C

Cl- 1.9 ppm

With what Peo, would the water be in equilibri is i
s W quilibrium? By how much is it supersaturated
undersaturated with respect to calcite? (Calculate activity coefficients bi'czhc D<:byt:fJj

Hiickel cquation, Chapter 2.)
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