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which our solutions were in equilibrium permitted the calculation

of the solubility of carbon dioxide.
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meq/l alkalinity gave a value of 0.070 for the solubility at 25° C.
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It is concluded that the solubility of carbon dioxide within the

alkalinity range found in many fresh waters, is greater than was

Redacted for Privacy



previously believed. The reason for this higher solubility is not
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THE SOLtJBILITY OF CARBON DIOXiDE IN
WATERS OF LOW ALKALINITY

INTRODUCTION

A knowledge of the solubility of carbon dioxide is necessary to

understand the carbon dioxide equilibria in natural waters. A method

is presented in this work for the determination of the solubility of

carbon dioxide and of the relationships between the partial pressure

of carbon dioxide (pCO2), the alkalinity, the pH, and the carbonate

species in such solutions.

The solubility of gases in liquids has been studied for many

years, and the results have been expressed in a variety of ways.

Comprehensive reviews of the experimental methods and results,

and of the ways to express the gas solubilities have been presented

by Markham and Kobe (1941a) and by Battino and Clever (1966).

In 1803 W. E. Henry worked with several gases dissolved in

solutions of varying composition, at several concentrations, and es-

tablished the equation liown as Henryts Law:

{iJ =KHpi (1)

{ 1] is the concentration of the gas dissolved in the liquid, pi is the

equilibrium partial pressure of the gas i, and KH is a constant.

Equation (1) has been found to apply to many dilute solutions. The
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ratio [ i] /pi is not necessarily a constant over large ranges of con-

centration or ionic strength. If the gas dissociates or undergoes

some other reaction, there is no longer a direct relation between

the partial pressure and the total amount in solution. The relation

is valid however for that portion of the gas which is uncombined

(Garrels and Christ, 1955).

In 1899 C. Bohr used a manometric technique to determine the

solubility of carbon dioxide. He shook carbon dioxide with a known

volume of water and measured the volume absorbed at constant pres-

sure. He worked with distilled water and with NaC1 solutions at sev-

eral temperatures. Markham and Kobe (l941b) used a similar method

to find the solubility of carbon dioxide in solutions of varying con-

centrations of NaC1 and several other salts at 0.2°C, 20° C, and

40° C.

The most extensive work on the solubility of carbon dioxide

was done by Harned and Davis (1943). They determined the solubil-

ity in distilled water and in NaCl solutions at concentrations up to

three molar. The measurements were made at five degree inter-

vals, from 0°C to 50° C. The solutions were equilibrated with

carbon dioxide by bubbling and shaking. The criterion for equilibri-

urn was a bubbling time of about 12 hours, which was twice the time

required for the solutions to reach a constant pH. An aliquot of

the equilibrated solution was treated with excess Ba(OH)2, and the
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unreacted Ba(OH)2 was determined by titration with HC1.

All of these workers used one atmosphere of carbon dioxide,

and the total carbon dioxide in solution was implicitly considered to

be equal to the dissolved carbon dioxide. Thus, they assumed no

hydration or dissociation.. The data of Harned and Davis agree with

those of Bohr, but are somewhat different from those of Markham and

Kobe. Seisjo (1962) suggested that some of the discrepancies between

reported values of the solubility might be caused by the failure to

recognize the importance of dissociation. His values in acidified

distilled water, in which dissociation would not occur to any appre-

ciable extent, were lower than those of Harned and Davis by about

two percent at 38°C. In unacidified water there was close agree-

m ent.

There has been little experimental work done on the solubility

of carbon dioxide in natural solutions which contain carbonate alka-

unity. In 1904 Krogh made four measurements on a sample of acidi-

fied sea water. Oceanographers have used values given by Buch et aL

(1932). These values are based on Bohr's solubility data for NaC1

solutions and on the assumption that the solubility in sea water is

the same as that in a NaC1 solution containing the same weight per-

cent of salt. Buch's values agree with those found by Krogh. Lyman

(1956) suggested corrections to Buch's tables, based on the difference

in solubility caused by salts other than NaCl which are present in sea



water. Li (1967) determined the solubility in artificial sea water,

by measuring the total carbon dioxide of samples which had been

equilibrated with various known values of pCO2 and applying a cor-

rection for bicarbonate. He also used data given by Berner (1964)

to calculate values for the solubility. His values agreed with those

of Buch. Most fresh waters are of very low ionic strength (Livingston,

1963) and distilled water values have generally been used for calcula-

tions in such solutions.-

A knowledge of the equilibrium constants is required for calcu-

lations of the solubility of a gas if the gas undergoes any reaction in

solution. Thermodynamic values of the two dissociation constants

of carbonic acid were determined by Harned and Scholes (1941) and

by Harned and Davis (1943).- The application of thermodynamic con-

stants to natural solutions requires some assumptions, because at

the present time the activities of all the species cannot be evaluated.

Buch et al. and Lyman used apparent dissociation constants to de-

scribe the carbon dioxide in sea water. These constants are defined

in terms of measureable concentrations and activities. Their work

was reviewed recently by Skirrow (1965). Work in other natural solu-

tions requires the determination of the apparent constants for each

solution composition.



THEORY

Carbon dioxide in aqueous solution undergoes the following

reactions:

CO2 CO2(
)

(2)

CO2 + H20H2CO3 (3)

H2CO3H++HCO3 (4)

HCO3H++ CO3 (5)

CO2(g) is the carbon dioxide in the gas phase at equilibrium with the

solution, and CO2() is the dissolved but uncombined carbon dioxide.

The thermodynamic equilibrium constants for these reactions are:

{CO2}()
(6)

S {co2} (g)

{H2CO3}

Khd {c02} {H2o}

{H} {HCO} (8)
K1

{H2co3}

{H} {Co}
(9)K2 {Hco}

K is the gas solubility constant, Khd is the hydration constant

and K1 and K2 are the first and second ionization constants of car-

bonic acid. The brackets indicate the activity of the enclosed spe-

cies. These constants are a function of temperature and pressure



alone.

A difficulty in the use of thermodynamic constants is that fre-

quently the concentrations rather than the activities of the participat-

ing species are measured. There are two possible approaches to

equilibrium constants when concentrations are used. An activity

coefficient, y., can be introduced such that {i} = yf iJ , where [i}

is the concentration of species i. If activity coefficients can be

determined for all the species in the solution being considered, they

can be used in conjunction with the known concentrations and thermo-

dynamic constants to describe the system. The activity of a species

approaches the concentration as the concentration approaches zero,

so that in the limit of infinite dilution the activity coefficient is one.

Activity coefficients can be predicted by the use of the extended form

of the Debye-Hiickel equation for solutions of ionic strength up to

about 0. 1 molar (Butler, 1964). In concentrated solutions the total

activity coefficients depend not only on the ionic strength but also

on ion pair formation. The extent of ion pair formation is not well

known in such solutions, and therefore activity coefficients cannot

be predicted at present.

An alternate approach, used in this work, is to use measure-

able activities and concentrations to define apparent (quasi-stoichio-

metric) equilibrium constants. These apparent constants are func-

tions of solution composition, ionic strength, temperature, and
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pressure. However, for a given major ion composition they are not

appreciably affected by changes in the concentrations of the minor

ions. Some approximations can be made in the formulation of appar-

ent constants, which allow the replacement of activities by other

quantities. The activity of an ideal gas, or of any gas as its pres-

sure approaches zero, is equal to its pressure. For a mixture of

ideal gases, or of any gases in the low pressure region where their

behavior approaches ideality, the total pressure is the sum of the

partial pressures of the component gases. Carbon dioxide in air at

one atmosphere total pressure behaves ideally; therefore its partial

pressure can be substituted for its activity (Garrels and Christ,

1965). The activity of water ranges from 1. 00 for pure water to

0. 98 for sea water. Thus, since changes in ionic strength have a very

small effect on the activity of water, this activity can be considered

a constant for solutions which vary only slightly in ionic strength

and can be incorporated into the hydration constant of carbonic acid.

With these modifications, apparent constants for the carbon

dioxide system may be written as follows:
[co}

(10)
pCO2

I [H2co3]
(11)Khyd=

[co2]()



K1 =

{H+} [HCo3

[H2co3}

(12)

H}[CO3J
K = (13)

2 [HcoJ

In this notation K is the Henry's Law constant.

Most treatments of carbonate equilibria (Lyman, 1956; Weber

and Stumm, 1963; Garrels and Christ, 1965) combine the equations

for hydration and for the first ionization constant, yielding:

CO2+ H2OH++HCO (14)

and represent the unionized carbon dioxide by:

EH2CO3 = {H2CO3] + [CO2J (i )
(15)

With this convention, the first apparent ionization constant becomes:

{H}[Hco]
K1 = (16)

H2CO3

An additional constant can be defined which relates the carbon diox-

ide in the gas phase to the unionized carbon dioxide in solution. This

constant iss

K
HCO3

CO2 pCO2
(17)

The relationship between this new constant and those previously de-

fined is obtained by substituting equations (10), (11), and (15) into



equation (16).

Kco = K (18)

Thus, Ko is a true constant subject only to the previously men-
2

tioned restrictions on all apparent constants.

The activity of the hydrogen ion appears in K1 and K2. It is

impossible to evaluate a single-ion activity. However, the pH sensi-

tive glass electrode gives a measurement which, in dilute solutions,

approximates the hydrogen ion activity (Bates, 1964). In any event,

the reproducibility rather than the accuracy of the pH measurement

is important in the application of apparent constants. If the constants

are both applied and determined in similar solutions with a glass

electrode, any absolute error will cancel within the reproducibility

of the measurements (Pytkowicz, Kester and Burgener., 1966).

There are three other quantities which are generally used in

treatments of the carbonate system and which are necessary for the

development of this method. The alkalinity, A, is defined by:

V.- V.+
A = v. [A. 'J Ev. [C.3 I

I 1 .3 3I 3

v is the charge on the ion. A represents the anions and C. the

(19)

cations whose concentrations depend on the pH. Carbonate alkalin-

ity is that portion of the alkalinity which involves only carbonate and

bicarbonate ions:

CA = [HcoJ + 2[ GO3] (2O)



10

Total carbonate carbon is the sum of all the carbonate species in

solution, and is given by the equation:

C = {Hco3] + [Hco] + {co] (21)

The following terms will be defined to simplify the calculations:

pH = -log {H+} (22)

pK1 -log K1 (23)

pK2 = -log K2 (24)

d = pK2 - pK1 (25)

F
EH2CO3 {H+}

= antilog (pK1 -pH) (26)
[HCO] K1

[co] K2
G = = antilog (pH-pK1-d) (27)

[HcoJ {H}

The following ratios can be obtained from the preceding equations:

EH2CO3 F (28)
C F+1+G

[Hco]
1 (29)--b-- F+1+G

[coJ
G (30)

C F+1+G



CA 1+ZG
F+l+G (31)

11

Next, a graphical procedure will be presented for the calcula-

tion of K1, K2, A, CA, and C from pH and titration data. Values of

the ratios in equations (28) through (31) are calculated by the use of

equations (26) and (27) and of selected values of d and of (pH-pK1)

for each value of d. Table 1 gives the values of the ratios for a

series of values of (pH-pK1), at four different values of d. Figure

1 shows the graph for a d value of 4. 0. The graphs are made on

semi-log paper, with (pH-pK1) on the linear scale, so that the two

scales are in comparable units. Coordinates are drawn in at CA = A

and at pH = pK1.

The experimental data for pH and CA are plotted on semi-log

paper of the same scale as that used for the theoretical graphs,

with the pH on the linear scale. The shape of the experimental CA

curve will be identical to that of the theoretical curve for CA/C

whose d value is equal to that of the sample. This follows from the

fact that the only difference between the two graphs is an additive

constant on each axis. An example of such an experimental curve

is shown in Figure 2.

The experimental curve is placed over the theoretical curve

and is translated (but not rotated) until the curves coincide. This

process normalizes the two curves. The two coordinates are
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Table 1. Ratio of the carbonate species of C for selected values of (pH - pK) and d.

pK-pK1=3.0 pK,-pK'1=3:5

A_ HCO3 CO3 j fl2Q3 HCO3 ,..Q3
pH - pK'

1 C C C C C C C C

-3. 0 . 0009 .9990 .0009 . 0000 .. 0009 .9990 . 0009 .0000

-2.5 . .0031 .9968 .0031 .0000 .0031 .9968 .0031 .0000

-2. 0 .0099 . 9900 . 0099 . 0000 . 0099 . 9900 . 0099 . 0000

-1.5 .0306 .9693 .0306 .0000 .0306 .9693 .0306 .0000

-1.0 .0909 .9090 .0909 .0000 .0909 .9090 .0909 .0000

- .5 .2403 . 7596 .2402 .0000 .2402 . 7597 .2402 . 0000

.0 .5007 .4997 .4997 .0004 .5002 .4999 .4999 .0001

.5 .7627 .2396 .7579 .0023 .7606 .2400 .7591 .0007

1.0 .9189 .0900 .9009 .0090 .9122 .0906 .9064 .0028

1. 5 1.0000 . 0297 .9405 .0297 . 9792 . 0303 .9600 .0096

2.0 1. 0810 .0090 .9009 .0900 1. 0207 .0096 .9600 .0303

2.5 1. 2372 .0023 .7579 .2396 1. 0877 .0028 .9064 .0906

3.0 1.4992 .0004 .4997 .4997 1. 2393 .0007 .7591 .2400
3. 5 1. 7596 . 0000 .2402 .7596 1.4997 . 0001 .4999 .4999

4. 0 1.9090 . 0000 .0909 .9090 1.7597 . 0000 .2402 . 7597

4.5 1.9693 .0000 .0306 .9693 1.9090 .0000 .0909 .9090

5.0 1.9900 .0000 .0099 .9900 1.9693 .0000 .0306 .9693

5.5 1.9968 .0000 .0031 .9968 1.9900 .0000 .0099 .9900
6.0 1.9990 .0000 .0009 .9990 1. 9968 .0000 .0031 .9968

6.5 1,9996 .0000 .0003 .9996 1.9990 .0000 .0009 .9990

pK - pK = 4.0 pK - = 4.5

UQ IIQ3 cQ3 .AL E2 HCO3 cQ3pH-pK

-3.0 .0009 .9990 . 0009 0000 . 0009 .9990 . 0009 .0000
-2.5 .0031 .9968 .0031 .0000 .0031 .9968 .0031 .0000
-2. 0 .0099 .9900 .0099 .0000 .0099 .9900 .0099 . 0000

-1. 5 . 0306 .9693 .0306 . 0000 . 0306 .9693 . 0306 .0000
-1.0 .0909 .9090 .0909 .0000 .0909 .9090 .0909 .0000
- .5 .2402 . 7S97 .2402 .0000 .2402 . 7597 .2402 . 0000

0 . 5000 .4999 .4999 . 0000 . 5000 .4999 .4999 . 0000

5 . 7600 .2401 . 7595 . 0002 . 7598 .2402 .7596 . 0000

1.0 .9100 .0908 .9082 .0009 .9094 .0908 .9088 .0002
1.5 .9724 .0305 .9663 .0030 .9703 .0306 .9684 .0009
2,0 1,0000 .0098 .9803 .0098 .9932 .0098 .9870 .0031
2.5 1. 0275 .0030 .9663 .0305 1. 0067 .0031 .9870 .0098
3.0 1. 0899 .0009 .9082 .0908 1. 0296 .0009 .9684 .0306
3,5 1. 2399 .0002 .7595 .2401 1. 0905 .0002 .9088 .0908
4. 0 1.4999 0000 .4999 .4999 1.2401 .0000 .7596 .2402
4. 5 1.7597 . 0000 .2402 . 7597 1.4999 . 0000 4999 .4999
5.0 1.9090 .0000 .0909 .9090 1.7597 .0000 .2402 .7597
5.5 1,9693 .0000 .0306 .9693 1.9090 .0000 .0909 .9090
6.0 1.9900 .0000 .0099 .9900 1. 9693 .0000 .0306 .9693
6.5 1.9968 .0000 .0031 .9968 1. 9900 .0000 .0099 .9900
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Figure 1. Theoretical graph of tte ratios CA/C, EH2CO3/C, and
CO/C versus (pH-pK1) at d = 4. 0.
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transcribed from the theoretical to the experimental curve. The

values for C and for pK1 can be read from the points where these

coordinates intersect the CA and pH axes, since at these points

pH = pK1 and CA C. The valu.e of can be calculated from the

values of pK1 and d from equation (25). The other curves can be

transcribed from the theoretical to the experimental graph, giving

the values of H2CO3, HCO3, and CO3 as a function of pH for the

solution.

The required experimental curve is that of CA as a function

of pH. Titration of a solution with acid gives A as a function of

pH. If all carbonate carbon is then removed from the solution, with

no other changes in composition, a back-titration will yield (A-CA)

as a function of pH. Therefore, a point-by-point subtraction of these

two titration curves yields CA as a function of pH.



EXPERIMENTAL

The experimental procedure consisted of the following steps:

a. A solution was equilibrated with atmospheric carbon

dioxide.

b. The pH of the equilibrated solution was measured.

c. The pH was adjusted t.o about 10 with concentrated NaOH..

d. The solution was titrated to about pH 3 with 0. 01 N HCL

e. The carbon dioxide was driven off by boiling.

f. The solution was back-titrated to about pH 10 with 0.01 N

NaOH.

Solutions were prepared volumetrically using reagent grade

chemicals which, when pos sible,- had been dried at 1100 C for two

hours. The concentrations of the solutions were accurate to within

0.2%. The NaOH solutions were standardized by titrating a standard

potassium bipthalate solution to the phenolpthalein end point (Diehi

and Smith, 1952). The HC1 solutions were standardized against

these NaOH solutions.

The solutions were equilibrated with atmosphe-ric carbon diox-

ide by bubbling air through them with a gas dispe'rsion tube. This

air was first saturated with water vapor by bubbling through two gas

washing bottles containing distilled water, to prevent changes due

to evaporation. The pH of the solutions was monitored during the
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equilibration period for some of the samples. The equilibration

period chosen for all samples was from 16 to 20 hours. This was

about three times as long as the time required to attain a pH which

was constant within the experimental error (0. 03 pH units). The

solutions were stirred magnetically during the equilibration. The

temperature was regulated to within ±0. 1 ° C with a water bath.

A Heath Model EUW 301 recording electrometer and a Beckman.

#39183 combination glass electrode were used for the pH measure-

ments. The pH meter was standardized with Beckman powder

buffers #14011 (pH = 4.01 at 25°C) and #14049 (pH = 9.18 at 25°C).

The titrations were performed in a 100 ml three-necked flask.-

The experimental apparatus is shown in Figure 3. The piston buret--

was a Manostat model 71-634. A magnetic stirrer was used. A 50

ml aliquot of solution, equilibrated with CO2, was pipetted into the

flask and the pH was measured.- Concentrated NaOH was added with

a syringe to raise the pH to about 10. The solution was then titrated

to about pH 3 with HC1. The delivery rate was 0. 5 ml/min, and the

titrations required about 15 minutes. The rate of stirring and the

electrode and meter responses were fast enough so that the recorded

pH corresponded to the amount of titrant added at any time. This was

verified by halting the titration temporarily and observing that the

recorded pH remained constant. The titrated aliquot was next

purged of carbon dioxide by boiling gently for ten minutes while



Figure 3. Experimental apparatus for titrations.
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stirring. A check on the efficiency of the purging was the fact that

the back titration curves showned no sign of the inflections that

would be caused by the presence of carbon dioxide. After purging

the sample was stoppered, cooled to the original temperature, and

back-titrated to about pH 10 with NaOH.

A Beckman model 215 infrared analyser was available during

part of the experimental period, and was used to monitor the pCO2

of the air. This was done for several 24 hour periods, covering

the entire equilibration period of some of the samples.

The original data is in the form of titration curves of pH versus

time. The titration rate was linear with respect to time, and the

normality of the titrant was known. Therefore, the titration curve

can be labeled in terms of pH versus alkalinity relative to some

arbitrary zero point. The arbitrary zero point for the acid titration

is chosen as that point where the titration ends (point M in Figure 4)_

This point is also used as the arbitrary zero of the base titration.

The acid titration curve (curve 1 in Figure 4), is the alkalinity

curve for the original solutiom.- The base titration curve (curve 2

in Figure 4) is the alkalinity curve for the original solution minus

any weak acids or bases which are volatile at pH 3 and 100°C. Since

carbonate carbon is the only volatile buffer component in the original

solution, the base titration curve represents (A-CA). The titration

curve for the carbonate species is, therefore, given by a point-by-
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point subtraction of the base titration curve from the acid titration

curve, and is represented by curve 3 in Figure 4.

In order to express CA in absolute units, rather than just in

units relative to an arbitrary zero, it is necessary to find the point

at which CA = 0. Equation (12) shows that this is never true; so an

arbitrary zero point where CA ' 0 must be chosen. As the pH of a

sample is decreased, the bicarbonate and carbonate ions are con-

verted to carbonic acid and dissolved carbon dioxide. When essen-

tially all of the carbonate carbon is in the unionized form, CA 0,

and the carbonate species will have no further effect on the pH (point

N in Figure 4). For pH values below this point, the two titration

curves will have the same shape and the subtraction curve will,

therefore, be a vertical straight line (line 1 in Figure 4). CA 0 at

the point where the subtraction curves becomes vertical. A base line

is drawn to coincide with this vertical section of the subtraction

curve. The true carbonate alkalinity versus pH curve can, there-

fore, be obtained from the subtraction curve and from line 1. The

alkalinity is in milliequivalents/50 ml sample. It must be multiplied

by 20 to correct it to meq/l. The concentrations of the carbonate spe-

cies, taken from the final graph, will then be in rnillimoles/l.

Values from the pH versus CA curve, adjusted to meq/l,

are plotted on semi-log paper with the pH on the linear scale. This

yields the final curve which is to be used in conjunction with one of
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the theoretical graphs to find the desired quantities.

The subtraction curve shows some scatter in the region where

CA = 0. This is because the system is unbuffered in this region, and.

because the line is the result of the subtraction of two numbers of

about the same magnitude. A confirmation of the choice of the base

line is provided by the fact that base lines to either side of the appar-

ent choice give graphs of CA vs. pH that do not match the theoretical

graph, as is shown in Figure 5.
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Figure 5. Effect of a change of 01 meq in the choice of a base
line on the experimental curve of CA versus pH.
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RESULTS

It is possible to read the amount of each carbonate species in

the given sample at any pH from the completed graph. The value of

particular interest is the concentration of H2CO3 at the equilibrium

pH of the sample. Kco can be calculated from this value and from
2

the equilibrium pCO2. The values of Ko tabulated in Table 2,
2

were calculated by using 330 ppm for the equilibrium pCO2 in each

case.

Table 2 lists the solution composition, the ionic strength, the

amount of alkalinity added and that found experimentally, the equi-

librium pH, plC1, d, H2CO3, and Ko.

The equilibrium pH, and therefore the values of EH2CO3 and

K , are considered unreliable for the solutions which have been
Co2

starred in Table 2. The reasons for the unreliability are discussed

on page 24. The solutions for which the pH was continuously moni-

tored during the equilibration period are denoted by a check.

The sample labelled ASW was artificial sea water of 35%o salin-

ity made according to the directions given by Kester etal. (1967).

The value of K for a NaC1 solution of the same ionic strength
Co2

as given by Harned and Davis is . 0286.



Table 2. Results.

Number
Solution

Composition J

A added

meg/i
A ex pH

meg/i pH equii. pK d
H2CO3
mmole/1 K'CO2

1 (*) MgCO3
.0020 1.00 .97 8.17 6.58 4.5 .0250 .076

2
MgCO3

.0020 1.00 .94 7.85 6.31 4.0 .026S .080

3
CaCO3

.0022 1.10 1.11 8.00 6.32 4.0 .0240 .073

4
CaCO3

.0022 1. 10 1. 10 8. 12 6. 35 4. 0 .0200 . 061

5
Na2CO3

.0005 1.00 1.00 7.92 6.22 4.0 .0200 .061

6 /
Na2CO3

.0005 1.00 1.02 7.88 6.19 4.0 .0205 .062

7 /'
Na2CO3

.0005 1. 10 1.05 8. 00 6.28 4.0 .0200 .061

8 V
Na2CO3

.0005 1.10 1.11 8.00 6.45 4.0 .0300 .091

9 (*)
Na2CO3

.0010 2.00 1.99 8.55 6.42 4.0 .01S6 .047

10 (*) Na2CQ
.0012 2.50 2.40 8.37 6.43 4.0 .0260 .079

11
Na2CO3

.0015 3.00 2.98 8.75 6.39 4.0 .0126 .038

12 ASW .72 2.28 2.35 8.31 6.15 3.0 .012 .036

Ui
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DISCUSSION

The value of K in waters of low alkalinity determined in
CO2

this work is higher than the values obtained by Harned and Davis

(1943). The possible sources of error and the confidence which can

be placed in our results will be discussed first. Then, the practical

significance of the results will be considered.

Errors

The accuracy and the precision of K depend on the followin.gC2
four factors:

a) The nearness of the sample to equilibrium with atmospheric

carbon dioxide,

b) The constancy of K1, K2r and C during the titration.

c) The uncertainty in pCO2.

d) The uncertainty in Th12CO3 introduced by uncertainties in

pH, composition of the titrating solutions, and errors in the graphical

m atching.

Equilibrium

The value of H2CO3 found for a solution at a given pH will be

correct whether the solution was in equilibrium with the atmospheric

carbon dioxide or not. However, the solution must be in equilibrium
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if the value of K obtained from EH CO3 is to be correct. The
CO2 2

criterion for equilibrium with carbon dioxide was a constant pH

within the experimental uncertainty. This was the criterion used

by Harned and Davis.

The pH was monitored during the entire equilibration period

for the first four samples. These samples reached a constant pH

after five to six hours. Measurements were continued for 12 more

hours, but the pH did not change... It was assumed that an equilibra-

tion period of about 12 hours would be adequate for the other sam-

ples, and the pH was not monitored during the remaining experi-

ments.
I I

pCO2 can be expressed as a function of CA, K1, K2, KCO2

and pH by means of equations (14), (15), (17), and(20). The ratio

of the pCO2 values for a given solution at two different pH values

is then given by:

PCO2(2) {H} {H} 1+2K2]

PCO2(1)
{H} [ {} 2+2K]

(32)

Setting K2 = K2, pH = 8.30, and PCO2(1) 330 ppm (parts per mil-

lion), it can be shown from equation (32) that the pCO2 would have

to be raised to about 354 ppm to lower the equilibrium pH to 8.27.

This relative insensitivity of pH to pCO2 shows that it is possible to

obtain almost constant pH values while equilibrating with air of



fluctuating p002. It also indicates that the equilibrium pH for solu-

tions of the same alkalinity should be the same within the experi-

mental error if they are of the same ionic strength and if it is as-
V V V

sumed that K1, K,, and K are functions of ionic strength only.
002

One of the final pH values is different from that of other solu-

tions with the same alkalinity. Two other samples gave final pH

values much higher than calculated values would lead one to expect.

It seems possible that these three samples might not have reached

equilibrium. None of the three samples for which the pH values are

dubious had been monitored during the equilibration period.

To test the possibility of nonequilibrium for these samples,

a 3. 00 meq/1 Na2CO3 solution was recently equilibrated on two occa-

sions with atmospheric p002 in the manner previously described. In

both cases the final pH was 8. 35. Thus, the earlier value of 8. 75

seems to be erroneous. No explanation can be given for the differ-

ence, since the equilibration period in the reruns was the same as

that used originally. The pH reported for the 2. 00 meq/l solution,

8. 55, also seems too high because an increase in alkalinity would

raise the equilibrium pH, and the pH for a 3. 00 meq/l solution was

8. 35.

When the solutions are made, they have a higher pH and a lower

C than when they are at equilibrium with atmospheric carbon dioxide.

Equilibrium is approached by absorption of atmospheric carbon
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dioxide, which causes a drop in pF. Thus, if equilibrium were not

achieved, the pH would be higher and Th12CO3 lower than the equi-

librium values. This would explain the discrepancy between the

dubious values and the remainder of the experimental results.

K1, K2, and C

The validity of the data treatment depends on K;, K2, and C

remaining constant during the titrations. The apparent constants

may be affected by changes in temperature, pressure, and composi-

tion of the solution. The temperature was controlled to ±0. 1 0 C,

and the pressure could only change as a result of fluctuations in at-

mospheric pressure during the titration period. The effects of these

two factors are negligible.

The effect of changes of composition on the apparent constants

can be calculated from the thermodynamic constants and from the

change in activity coefficients due to changes in ionic strength. The

change in the activity coefficients of the ionic species can be deter-

mined from the extended Debye-Hückel equation; that of the unasso-

ciated carbon dioxide from calculations by Garrels and Christ (1965)

based on data taken by Markham and Kobe (1941). The results of

these calculations show that the change in K; would be less than 4%,

and that the change in K2 would be less than 8%. This is less than

the uncertainty in the pK values and should, therefore, not affect the
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results significantly.

There must be no exchange of carbon dioxide with the atmos -

phere during the course of the titration for C to remain constant.

The maximum possible change in C was calculated from the volume

of the flask and from the equilibrium pCO2 at the highest and the

lowest pH values. The maximum variation would be a 6% loss at

pH 4. 00. The actual change would be less than this, because the

transfer of carbon dioxide from the solution to the air is relatively

slow (Kanwisher, 1960).

The change of volume during the titration would cause a change

in CA, C, and pH. The effect of this change on the results was

examined experimentally. This was done by comparing the back-

titration curve of a sample with the curve given by taking a 50 ml

aliquot of the same solution, acidifying with concentrated HC1 to

pH 3, boiling, cooling, and back-titrating with NaOH. Differences

between these curves must be due to the difference in dilution; the

second curve being much less dilute than the first. There was no

appreciable difference between the two curves, indicating that the

effect of dilution does not appreciably distort the shape of the titra-

tion curves.
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A major source of error in the calculation of K lies in theCo2

choice of p002. The air used for equilibration of the samples was

drawn from outside the laboratory, and did not have a constant value

of p002. It was not possible to monitor p002 for all the equilibra-

tions. In addition, there were observed fluctuations during the equi-

libration period of those samples for which the p002 was monitored,

so that a precise value for the equilibrium p002 cannot be given.

The range of measured values of pCO2 during the experimental per-

iod was from 306 ppm to 360 ppm; the value during most of the per-

iod was between 315 ppm and 345 ppm. An average value of 330 ppm

was used to calculate K for all of the samples. An uncertainty
002

of ±30 ppm in p002 introduces an uncertainty of about 9% in KCo2

The difference between the p002 of air saturated with water vapor

used in equilibration and the p002 of dry air as measured by the

infrared analyzer is much less than this uncertainty and was neg-

lected. Variations in atmospheric pressure will also affect the

p002, but again these variations are much smaller than the overall

uncertainty, and were neglected.
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H CO3

The uncertainty in the composition of the titrating solutions

produces an uncertainty in alkalinity of ± 0.5%atanypH. This uncer-

tainty in alkalinity, and the corresponding uncertainty in H2CO3

are small when compared with the uncertainty that occurs during

the matching process and can be disregarded.

There may be errors due to mismatching in the overlay pro-

cedure. The best test for these errors is the agreement between

matches made on several successive trials. The pK1 value was

found to be reproducible within ±0.O5 units. The value of pK2 is

determined by the choice of d. The effect of d on the CA versus

(PHPK;) curve and on ZH2CO3, for two neighboring values of d,

can be seen in Figure 6. Only the high pH region is affected by the

choice of d; therefore, the value chosen for EH2CO3 at the equilib-

rium pH is not affected. The value of I-I2CO3 is reproducible to

within ±4% in the graphical matching. The error introduced by an

uncertainty of ±0. 3 in pH increases the uncertainty in Th12CO3 to

about ±10%. A check on the precision of the method lies in the agree-

ment between the alkalinity determined experimentally and the added

alkalinity, which in all cases agree within 6%.

On the basis of these error estimates, the values for KCO2

are expected to be correct within ±20%. The average for the
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solutions of 1.00 and 1. 10 meq/1 A is 0.070 ±0. 014 while Harned

and Davis' value was .035. Because of this difference, the method

developed in this work was used to determine K under the condi-Co2

tions used by Harned and Davis. Distilled water was equilibrated

with carbon dioxide at one atmosphere pressure by first boiling it

to free it from all dissolved gases, and then adding chunks of dry

ice and stirring vigorously until the temperature reached about 4 ° C.

It was evident from the vapor coming out of the flask that there was

no influx of air to contaminate the sample. A one-way valve was

placed on the flask and the solution was warmed with stirring to

25°C. Since the solubility of carbon dioxide decreases as tempera-

ture increases, carbon dioxide was released from the solution until

the equilibrium value was reached. The solution was stirred over-

night at 25 ° C to allow time for complete equilibration. Then the

equilibrium pH was noted. An aliquot was then titrated according

to the procedure described previously. The resulting value for KCo2

was . 035, which agrees well with the value reported by Harned and

Davis. This indicates that the high values in Table 2 are not due to

a systematic error in our procedure.

Significance

The experimental method presented in this work is useful in

waters of unknown composition, particularly those which might



35

contain buffers other than carbon dioxide, such as seepage bogs or

marshes. It should be especially useful in waters of high ionic

strength which are outside the range of applicability of the Debye-

Hückel equation, such as some interstitial or ground waters.

Only a limited amount of work has been done on the equilibrium

between fresh waters and atmospheric pCO2. Hutchinson (1956) con-

cludes on the basis of work done by Saunders (1926) and by Juday

etal. (1935) that the surface waters of lakes in northeastern Wiscon-

sin, whose pH values are controlled by the carbonate system, are

somewhat supersaturated with carbon dioxide. These calculations

are based on Bohr's solubility data. The use of the data obtained

in this work would indicate that the lakes were actually nearly at

equilibrium.

The experiment on artificial sea water gave a value of
2

which, although higher than the expected value, was within the exper-

imental error from it. The results in waters of low alkalinity, how-

ever, clearly indicate that some type ci interaction is occurring which

is not found in waters of zero alkalinity. Although the effect seems

connected with alkalinity, the results do not cover a wide enough

alkalinity range and are not precise enough to demonstrate any defi-

nite relationship.

One explanation that was considered when the effect was first

observed was that some type of specific cation effect might cause the
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difference in carbon dioxide solubility in solutions of varying alka-

unity. The similarity in results for Na2CO3, MgCO3, and CaCO3

indicates, however, that this is not the case. Further work is

necessary before an explanation for this effect can be given.
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