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ON EQUILIBRIUM IN THE SYSTEM: FERROUS CARBONATE,
CARBON DIOXIDE AND WATER.

It has long been known that ferrous carbonate is more soluble in water
containing carbon dioxide than in pure water.! The increase in solubility
is due to the formation of the more soluble ferrous bicarbonate, which
has, however, never been obtained in the solid state. It is shown in
this paper that the solid salt, at a temperature of 25°, would have a de-
composition tension of. carbon dioxide greater than 25 atmospheres.

If we study the system: ferrous carbonate, carbon dioxide and water

! Wagner, Z. anal. Chem., 6, 171 (1867); Hauer, J. prakt. Chem., 81, 381 (1860).
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from the standpoint of the ionic theory and the law of mass action, we
find that a certain quantitative relation must exist between the concen-
tration of the dissolved ferrous salt and concentration of the carbon di-
oxide in solution.

The following 5 equations govern the equilibrium:

[H*] X [HCO;~] = K1 X [HCO4] (1)

[H+] X [CO;= 7] = K2 X [HCO;7] (2)

[Fet+] X [CO3~~] = ks (The solubility product constant) (3)
[HCO;~] = 2[Fett] (4)

a X [Fe(HCOs)] = [Fet+] (s)

where a is the degree of ionization of the ferrous bicarbonates.
Dividing Equations 1 by 2 we get
[HCOg—lz K

=K
o "k X [HsCOs). (6)
Multiplying (6) by (3) we have
[HCO;~]? X [Fet+] = K;(K’ [H,COs). )
2
But since from (4) 2[Fe**] = [HCO;"] we have

WH,COs] K and since [Fet+] = a X [Fe(HCO;):], (8)

we have finally

a X [FG(HCO'g)z] _ 3 —I—(I—K; - K
WiLcod - Vg )
where K is the equilibrium constant for the system.

No quantitative data can be found in the literature for testing the
applicability of Equation 9. However, Stieglitz! and McCoy and Smith?
have applied a similar expression to measurements on the solubility of
calcium carbonate in carbonated waters, and have shown that a good
equilibrium constant is thereby obtained.

In Table I are given the results of some experiments which I have
carried out on equilibrium in the system: ferrous carbonate, carbon di-
oxide and water.

The ferrous carbonate used was prepared according to the following
method: Equimolecular quantities of solid ferrous sulfate and sodium
bicarbonate were placed in a steel bottle. The air was displaced from
the bottle by a stream of carbon dioxide. Water previously saturated
with carbon dioxide was added. The bottle was then closed by a plug
carrying a needle valve and carbon dioxide was added from a cylinder
of compressed gas until a pressure of 400 pounds had been attained in

! Carnegie Inst. Publication, 107, 233 (1909).
2 J. Am. Chem. Soc., 33, 468 (1911).
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the bottle. The valve was then closed, and the bottle kept at a tem-
perature of 100° for several days. The ferrous carbonate obtained in
this way is pure white.

The precipitate was filtered in an atmosphere of carbon dioxide and
washed with water previously saturated with the gas. The precipitate
is much more easily filtered and washed than one obtained by precipita-
tion in open vessels. According to Senarmont! the crystals obtained by
the above procedure are isomorphous with calcite and similar to the
mineral siderite.

From 50 to 100 g. of the ferrous carbonate were placed in the steel
bottle described by McCoy and Smith.?2 One liter of water was added,
and carbon dioxide admitted through the needle valve from a cylinder
of the liquefied gas. A pressure gauge afforded a means for determining
the approximate pressure of the gas within the bottle. The bottle was
rotated in a thermostat at 30° for several days until a state of equilibrium
had been reached. Preliminary experiments showed that one week’s
rotation was sufficient for this.

When equilibrium had been finally attained within the bottle, the con-
centrations of the dissolved ferrous salt and of the carbon dioxide in solu-
tion were determined. The portion of the solution used for the analysis
was withdrawn from the bottle through a brass tube packed with cot-
ton. ‘This tube was attached to the valve on the inside of the bottle.
For the carbon dioxide determination the filtered portion was received
in a tared and evacuated flask containing a few cc. of conc. sulfuric acid.
The gas was removed from the flask by a stream of carbon dioxide-free
air, and dried by passing through conc. sulfuric acid and over phosphorus
pentoxide. It was finally absorbed in weighed Fleming towers filled
with soda-lime and phosphorus pentoxide. It will be noted that in this
way all of the carbon dioxide, both free and combined, is evolved. Since
the iron exists in solution as the bicarbonate, the free carbon dioxide is
easily obtained by subtracting from the total twice the concentration of
the iron. All concentrations must be expressed, of course, in gram mole-
cules per liter. The portion used for the iron analysis was boiled with
nitric acid to oxidize the iron. The iron was next precipitated as ferric
hydroxide, the precipitate washed with boiling water and redissolved in
dil. sulfuric acid. ‘I'he iron was then reduced to the ferrous state, using
amalgamated zinc. Finally, the iron was determined by titration with
seventieth normal potassium permanganate.

In the first column of Table I are given the concentrations of free
carbonic acid in gram molecules per liter. The second column gives
the corresponding concentrations of the ferrous bicarbonate in gram

1 Compt. rend., 38, 693 (1849).
2 J. Am. Chem. Soc., 33, 468 (1911).
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molecules per liter. The third column gives the assumed degrees of
ionizations of the ferrous bicarbonate. These ionizations I have assumed
to be the same as for barium nitrate solutions of equivalent concentra-
tions. The ionization values for barium nitrate are those given by Noyes
and Melcher.! In the fourth column are given values for K, the equi-
librium constant for the system. These values are obtained from Equa-
tion 9, using the data in Cols. 1, 2 and 3 of the table.

TABLE 1.—SOLUBILITY OF FERROUS BICARBONATE IN CARBONATED WATER AT 30°.

1. 2. 3. 4.
(H:COa). Fe(HCOs):. a. K x 10
0.1868 0.00245 0.912 3.91
0.1985 0.00256 0.909 3.99
0.2168 0.00262 0.908 3.96
0.2327 0.00274 0.907 4.04
0.2960 0.00303 0.902 4.10
0.3116 0.00304 0.902 4 .04
0.3153 0.00318 0.8908 4.19
0.3294 0.00311 0.900 4.05
0.3745 0.00315 0.898 3.93
0.4046 0.00332 0.896 4.02
0.4750 0.00348 0.893 3.98
0.6600 0.00402 0.884 4.08
0.7154 0.00418 0.880" 4.11
0.7600 0.00434 0.878 4.18

Av., 4.04
Rearrangement of Equation 9 gives
[Fet+] X [CO -] = Ky = £ (10)

1

We see that, given the values of K; and K», we can calculate the value
of Kj, since K is now known.

The value of K, the first ionization constant of carbonic acid, was first
accurately determined by Walker and Carmack.? They found K, to
equal 3.04 X 1077 at 18°. A more recent, and perhaps a slightly more
accurate, value has been obtained by Kendall.® He found K, to equal
3.12 X 1077 at 18°. Kendall also determined values for K, at 0° and at
25°. Assuming that the value increases at the same rate between 25
and 30° as it does between o and 25°, we get a value for K, of 3.75 X 1077
at 30°.

The best value for Ka, the second ionization constant for carbonic acid,
has been obtained by Seyler and Lloyd.* The calculation of K from their
experimental data involves a knowledge of K -and of K, (ion product

1 Carnegie Inst. Publication, 63, 108 (1907).
2 J, Chem. Soc., 77, 8 (1900).

3 7. Am. Chem. Soc., 38, 1480 (1916).

4 J. Chem. Soc., 111, 138 (1917).
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constant for water). Using Kendall’'s value for K, at 25° and taking
Ky equal to 0.82 X 10714, they obtained 4.91 X 107!! as the value of
K2 at 25°. No experimental data are known from which the variation
of K. with temperature can be determined.

If, in Equation 10 we substitute 3.75 X 1077 for K;; 4.91 X 107!
for K,; and 4.04 X 10~ for K, we get K; equal to 34.53 X 10712, Then
if ferrous carbonate were not hydrolytically dissociated, its solubility in
pure water free from carbon dioxide would be 5.8 X 107% gram mole-
cules per liter.



ON EQUILIBRIUM IN THE SYSTEM: ZINC CARBONATE, CAR-
BON DIOXIDE AND WATER.!

When zinc salts in solution are precipitated by alkaline carbonates,
the compounds produced are apparently unstable and of varia-
ble composition. A large number of basic zinc carbonates have
been described in the literature. It has been shown, however, by
Mikusch? that there exist only 2 carbonates of zinc. One is the normal
zinc carbonate, ZnCOj;; the other is a basic zinc carbonate whose composi-
tion is expressed by the formula 5Z2n0.2C0..4H,0O. All other basic
zinc carbonates described in the literature are shown to be solid solutions
of zinc hydroxide and neutral zinc carbonate.

It has been shown by Free?® that the solubility of basic copper carbonate
increases with the concentration of free carbon dioxide. Seyler* points
out that Free's results exhibit regularities similar to those found for
other carbonates. Seyler deduces these regularities from the principles
of chemical equilibrium and shows experimentally that they apply to the
solubility of basic zinc and lead carbonates. No previous experimenters
have examined the equilibrium between normal zinc carbonate, carbon
dioxide, and water for pressures of carbon dioxide greater than one atmos-
phere. In view of this fact, I have undertaken a study of this system
under high pressures.

The theory of this equilibrium from the standpoint of the law of mass
action and the ijonic theory is similar to that deduced for the system:
ferrous carbonate, carbon dioxide and water. This is given in the pre-
ceding paper. Since the valence of zinc ion is the same as that of the fer-

! From a dissertation submitted to the Faculty of the Ogden Graduate School
of Science of the University of Chicago in candidacy for the Degree of Doctor of
Philosophy.

t Z. Phys. Chem., 56, 367 (1906).

3 J. Am. Chem. Soc., 30, 1366 (1908).

¢ Analyst, 33, 756 (1908).
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rous ion, an equation similar to (9) of that paper should hold for the
zinc equilibrium.

The zinc carbonate used in these experiments was prepared from the
purest commercially obtainable zinc carbonate by washing repeatedly
with large quantities of boiling water. The basic zinc carbonate thus ob-
tained was placed with water in a steel bottle and carbon dioxide was
added until a pressure of 30 atmospheres was reached. The steel bottle
was rotated in a thermostat at 25° for several days.

About 50 g. of the zinc carbonate thus prepared was placed in a steel
bottle. The bottle was then nearly filled with water and closed with a
plug carrying a needle valve, through which it was charged with carbon
dioxide from a cylinder of the liquefied gas. The inside of the bottle was
protected from the action of the carbonic acid by a coating of beeswax
applied hot. 'The cylinder and bottle were then rotated in a thermostat
for several days until equilibrium had been reached. Preliminary experi-
ments showed that about one week’s rotation was necessary for this.

The solution was then analyzed for dissolved zinc salt and carbon di-
oxide. In thiscase the zinc was determined by adding to a weighed por-
tion of the solution an excess of o.05 N hydrochloric acid, boiling to re-
move all carbon dioxide, cooling, adding one drop of methyl orange, and
titrating the excess of acid with o.05 N barium hydroxide. This method
of analysis is described by Kantor and Benedikt.! Preliminary experi-
ments carried out with known weights of zinc showed it to be accurate.
The carbon dioxide was determined as described in the accompanying
paper on ferrous carbonate.

In Table I are given the results of experiments carried out at 25°.
I'able II gives results at a temperature of 30°. Col. 1 gives concen-
tration of free carbonic acid in gram molecules per liter. Col. 2 the
concentrations of zinc bicarbonate in gram molecules per liter. Col.
3 gives the degrees of ionization of the zinc bicarbonate. It is assumed
that the bicarbonate is ionized to the same extent as zinc chloride solu-
tions of equivalent concentrations. The ionization of the zinc chloride
solutions are calculated from the data given in Kohlrausch’s Leiterver-
mogen der Elektrolyte, 1st Edition, p. 160 (1898). Col. 4 gives the values of
the equilibrium constant calculated from the equation

a X [Zn(HCOgy), ]2 _ 8\/1\'_11(, _K

3V [H,CO] h sk:
In the fifth column are given the pressures of the carbon dioxide. These
pressures were not actually measured, but were calculated on the assump-
tion that Henry's law holds for high pressures of the gas. The solubility
of the gas in pure water at 25° under one atmosphere is given by Geffcken?

' Z. angew. Chem., 1888, p. 236.
? Geffcken, Z. phys. Chem., 49, 273 (1904).
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as 0.03374 gram molecules per liter. However, these calculated pressures
are lower than the actual pressures, as it is well known that Henry’s law
does not apply under these high pressures.

TaBLE I.—SoLUBILITY OF ZINC CARBONATE IN CARBONATED WATER AT 25°.

1. 2. 3. 4. 5.
[HsCOs). [Zn(HCOs)4). a. K X 10%. Atmospheres pressure.
0.1390 0.00194 0.909 3.40 4.12
0.1797 0.00211 0.905 3.39 5.33
0.2579 0.00242 0.899 3.41 7.64
0.3580 0.00270 0.894 3.40 10.61
0.4103 0.00278 0.894 3.35 12.16
0.4480 0.00291 0.892 3.39 13.29
0.6657 0.00317 0.888 3.22 19.73
0.6969 0.00319 0.888 3.20 20.65
0.7610 0.00343 0.885 3.33 22.56
1.3701 0.00445 0.871 3.48 40.61

Av,, 3.36
TABLE II.—SoLUBILITY OF ZINC CARBONATE IN CARBONATED WATER AT 30°.
1. 2. 3. 4.

[H:COa). [{Zn(HCOs)]. a. K x 108

0.1838 0.00215 0.904 3.42

0.3838 0.00277 0.894 3.41

0.4038 0.00286 0.892 3.41

0.4601 0.00308 0.889 3.55

0.6064 0.00324 0.888 3.40

0.6257 0.00337 0.886 3.49

0.7470 0.00352 0.884 3.43

0.8351 0.00376 0.880 3.51

1.0840 0.00339 0.878 3.41

1.1275 0.00429 0.874 3.60

Av, 3.47
3 3 g
Since = KK, or K; = }—('—K"—’
4K2 K,

it is possible to calculate K3, the solubility product constant of zinc car-
bonate.  Substituting K = 3.36 X 1073, K; = 3.50 X 1077 and
K2 = 4.91 X 107!, we find K3 = 21 X 1072 at 25°.

If zinc carbonate were not hydrolytically dissociated, its solubility in
pure water at 25° would be 4.58 X 10~¢ gram molecules per liter.



EQUILIBRIUM BETWEEN ALKALI-EARTH CARBONATES, CARBON
DIOXIDE AND WATER.

In view of the importance of an accurate knowledge of the state of
equilibrium between calcium carbonate, carbon dioxide and water and
the fact that previous experimenters! had not used modern physico-
chemical methods, nor carried the measurements to higher pressures
than 6 atmospheres, we undertook a study of the system in question.

As is well known, the concentration of dissolved lime increases with
increasing concentration of carbonic acid. The theory of the equilib-
rium has been treated by van’t Hoff,2 Bodlinder® and Stieglitz.*

The following fundamental equations govern the equilibrium:

(1) X HCO; = &y X HaCOs.

(2) H X COy = ke X 1COs.

(3) Ca X CO3; = k;, the solubility product.
(4) HCO; = 2Ca.

(5) Ca = a X Ca(CHOs),.

If k is the equilibrium constant for reaction,
a X Ca(HCO;), ke ik
©) = Nk
Hy(COs 4k,
Bodlinder showed that Schloessing’s experiments gave a good equilibrium
constant and calculated ks, the solubility product of calcium carbonate,
from the results. “I'he value found is erroneous® owing to the use of an
incorrect value for the secondary ionization constant of carbonic acid.
Stieglitz has made a critical recalculation of the solubility product from
Schloessing’s experiments and other available data giving k, and k..
Seyler and Lloyd® have also studied the problem under conditions ap-
plicable to geological problems.
In our experiments, for partial pressures of carbon dioxide, less than
1 Schloessing, Compt. rend., 74, 1552; 75, 70 (1872); Kngler, Ann. chim. phvs., [6]
13, 348 (1888); Scyler and Lloyd, J. Chem. Soc., 95, 1347 (1909).
2 7. physik. Chem., 1, 505 (1887).
3 Jbid., 38, 23 (1900).
4 Carnegie Inst. Publication, 107, 233 (1908).
b Stieglitz, Loc. cit. McCoy, Am. Chem. J., 29, 437 (1903).

6 Loc. cit.
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one atmosphere, 500 cc. glass bottles were used. Ifor higher pressures we
used a 2 liter seamless, pressed steel bottle with a needle valve, capable
of withstanding the pressure of liquid carbon dioxide. The inside of the
bottle was effectively protected from the action of the carbonic acid by
a thin coating of a mixture of beeswax and Venice turpentine, applied
hot. The calcium carbonate used was made by precipitating pure cal-
cium nitrate with ammonium carbonate at 15° and washing the precipi-
tate frec from ammonium nitrate. By working in the cold the calcite
variety was obtained.

T'he glass bottles were charged with about 50 g. of calcium carbonate
and 250 cc. of water; the steel hottle with about double these quantities.
Carbon dioxide was then introduced in the desired amount. For experi-
ments at greater than atmospheric pressure the gas was drawn from a
steel cylinder of liquid carbon dioxide. ‘T'he charged bottles were rotated
in a thermostat at 25° + o0.02 for from 2 to 3 days, in which time equilib-
rium was reached. At low pressures the bottles were allowed to stand
in the thermostat until the solution became clear. Portions of the latter
were then removed by a pipet and analyzed. For high pressures, a
brass tube, 1 X 5 cm., filled with cotton and attached to the inside of the
needle valve of the steel bottle, served to filter the solution. Suitable
portions of the filtered solution were drawn off into tared, evacuated,
round-bottomed flasks. For the carbon dioxide analysis, the flask contained
a solution of barium chloride and a known volume of standard potassium
hydroxide, so that, although the carbonate solution gave off gaseous
carbon dioxide as soon as the pressure was released, none of the gas was
lost. ‘I'he amount of solution taken for analysis was determined by
weight and the excess of alkali titrated with o.05 N hydrochloric acid,
using phenolphthalein as indicator.! In the analysis for calcium the
solution was run into a dry flask and although it became supersaturated
with CaCQy3, owing to loss of C(),, it remained clear for a sufficient time
to prevent deposition of CaCO; in the valve or connecting tube. ‘The
solution was weighed and then titrated with N /20 HCI, using methyl
orange as indicator.

The results of the experiments are shown in the accompanying graph,
where the ordinates are molecular concentrations of Ca(HC();), and the
abscissas cube roots of molecular concentrations of free H.COjs, all free
carbon dioxide in the solution being calculated as H.COj;. A few nearly
coinciding points have been omitted. Fifteen experiments were made
in glass bottles at pressures of carbon dioxide between 0.06 and 1 atmos-
phere. T'wenty-one experiments were made in the steel bottle at pres-
sures between 2 and 25 atmospheres. These values are not actual mea-
sured pressures but are those calculated from the solubility at atmospheric

1 Winkler’s method, sce Kiister, 7. anorg. Chem., 13, 127 (1897).
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pressure' by Henry’s law, which, however, does not apply closely for car-
bon dioxide as shown by Wroblewski.?

As shown by the graph, a maximum solubility of calcium salt is reached
at a certain concentration of carbonic acid. This is 0.485 normal molec-
ular and corresponds to a calculated carbon dioxide pressure of about
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15 atmospheres. The obvious interpretation is that the solution becomes
saturated with Ca(HCO;), at this point. This saturated solution is 0.026
molecular, cqual to o.42 g. of Ca(HCOy): per 100 cc. Theoretically it
should be possible to convert all of the solid CaCO; present (about 100 g.)
into solid bicarbonate by introducing carbon dioxide in sufficient amount
at a pressurc greater than 13 atmospheres.  As long as any solid CaCO,
remained the pressure of carbon dioxide should finally fall to 15 atmos-
pheres. It was found, however, that pressures between 16 and 25 atmos-
pheres remained at the end of 2 or 3 days’ rotation of the steel bottle
and that the solid residue was still largely, if not wholly, CaCO;. This
would seem to show that our interpretation is incorrect. But when we
consider that about 2 days are required to dissolve the 2 g. of CaCOy
necessary to saturate the solution at its maximum concentration, we
could not expect to accomplish the complete conversion of the CO, and
CaCoOjy into bicarbonate in less than 3 months. We are inclined to think,
therefore, that when we can give the reaction sufficient time we shall
find the facts in harmony with the hypothesis.* This hypothesis is also

v Just, Z. physik. Chen., 37, 342 (1901); Geficken, Ibid., 49, 273 (1904).

2 Compt. rend., 94, 955, 1355 (1882).

3 This investigation had to be discontinued in Aug., 1910. We hope to resume it
in the near future.
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supported by the experiments of Keiser! who found that an unstable
precipitate was formed by the action of NHsHCO; on a cold solution of
CaCl,. The precipitate had the approximate composition CaCO;1.75H,CO;
and was evidently impure calcium bicarbonate. It is now easy to explain
why the precipitate decomposed so readily: its decomposition pressure
was much greater than 1 atmosphere.

The numerical results of 6 typical experiments of the 36 completed are

given in the following table:
Approx. pres.

COzin atmos. 1000 H:COs. 1000 Ca(HCOs)a. 100 a. 1000 k.
0.1 3.522 4.116 86.6 23 .4
I.I 37.28 9.734 81.0 23.6
9.9 332.9 22.36 72.8 23.5
13.2 444 .0 24.95 71.3 23.3
16.3 550.0 26 .00 .. ..
25.4 858.0 26.03

The calculated approximate pressures are not to be considered as
accurate. The concentrations of HyCO; and Ca(HCO;), were found by
analysis as described. In the fourth column, « is the assumed degree of
ionization of Ca(HCOj3),, which is taken to be the same as that of calcium
acetate at the same concentration, the values given having been calcu-
lated from the figures given by Kohlrausch and Holborn,? p. 161. The
equilibrium constant & was calculated by Equation 6.

a X ((I.(l{(;()x)-z.
SWH,(CO;

The mean value of k for the 29 experiments at pressures less than
15 atmospheres, where the solutions were unsaturated with Ca(HCOs).,
was 0.0234; the maximum was 2.5 per cent. higher; the minimum was 2.5
per cent. lower; the average deviation from the mean was 1.0 per cent.
The 7 experiments at pressures greater than 15 atmospheres all gave
essentially identical concentrations of Ca(HCOQ;)s. This fact is illus-
trated by the last two results given in the table and is clearly shown by
the graph. Naturally, these 7 experiments may not be used to calculate
the equilibrium constant. Seyler and Lloyd’s experiments on the solu-
bility of CaCO; in aqueous carbonic acid were made at ‘“‘room tempera-
ture.” ‘Their equilibrium constant, F, bears to ours the relation

k = 0.023VF.

Their average value of F = 113 substituted in the above equation
gives £ = 0.0242; our own experiments gave 0.0234.

In Equation 6 k;, the solubility product of CaCO;, is expressed in terms
of k, the equilibrium constant determined by this investigation and k&,

v J. Am. Chem. Soc., 30, 1711 (1908).
? Leitvermogen, Leipzig, 1898.

k=
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and k,, the primary and secondary ionization constants of carbonic acid.
Rearrangement of (6) gives

(7) Ca X Oy = ky = ghak® k.

The constant &, was determined by Walker and Carmack' by conduc-
tivity measurements to be 3.04 X 107, The secondary constant, ks,
is not known with the same degree of accuracy as k. Experiments by
one of us? on the cquilibrium between Na.CO,;, NaHCO;, CO, and 10
give the only available data for the calculation of k.. Irom the results
with 0.1 NV solutions, the original calculation gavethe value ks = 6.04X 107",
The subsequent work of Geffcken® on the effect of salts on the sol-
ubility of carbon dioxide gave data from which Stieglitz corrected the
calculation and found ky = 6.20 X 107". For some unknown reason,
more concentrated sodium carbonate solutions gave considerably higher
values: for 0.3 N solutions k, = 7.8 X 107", Normal solutions gave
still higher values. Extrapolation gives ky = 5.4 X 107!t for an infi-
nitely dilute solution and 5.5 X 107" for a solution 0.02 N. As the solu-
tions of Ca(HC()), were from o0.003 to,0.026 N we shall use in the follow-
ing calculations &, = 5.5 X 107", Substitution of this value in Equation
7 gives k; = 9.3 X 107%  Stieglitz used k» = 7 X 107" and obtained
from Schloessing’s experiments k3 = 12.6 X 107 If we use the same
value of ks, our experiments give k3 = 11.9 X 107"  We think that the
lower value of &y, and therefore also of Ay, is preferable.  Sevler and Llovd
point out that k., the secondary constant for carbonic acid, decreases
with decreasing concentration of the sodium carbonate solutions used in
its determination by McCoy's method. For this reason thev did not
try to calculate the solubility product of CaCO;.  They have undertaken
a new determination of k» but the results are apparently not vet pub-
lished.

If CaCO; were not hydrolytically dissociated, the concentration of Ca
equal also to C();) in pure water, frec from CO,, would be by = 9.6 X 107?
or 9.6 mg. per liter. It is now possible to calculate the concentrations of
the components of such a solution, when hydrolytic dissociation is taken
into account. In addition to KEquations 1, 2 and 3 the following
relations also exist:

(8) H X OH =k,

(9) H + 20a = Ol1 + HCO3 4 2070,
since the solution is electrically neutral. This reduces to

(10) 20a = OH + HCO3 + 2004

by reason of the negligibly small value of }/ compared with 2Ca.

v J. Chem. Soc., 77, 5 (1900).
2 McCoy, Loc. cil.
3 Loc. cil.



10

Finally,

(ll) Ca = IIC(); + C()x + II;C();
if there is no excess or deficiency of CO,. The six equations give

Hi(2H + ky)? kikok,,

H? + kiH + kiky  ky .

‘I'he solution of (12) gives H = 1.09 X 107!% from which we then find
Ca=1.66 X107%,CO3 =0.56X10° %, HCOy = 1.10X10°*;OH = 1.10
X 1074 HoCO3 = 4.0 X 107%  An inspection of the figures shows that a
solution formed from pure water and CaCO); would contain only 34 per cent.
as much free CO; as the Ca present would represent. ‘T'he remaining
66 per cent. of the COj; would have united with water to give HCO; and
an equal concentration of OH. T'o form such a solution 16.6 mg. of CaCQ;
per liter of water would be required if practically complete ionization be
assumed. We have calculated from the measurements of Kohlrausch!
of the conductivity of pure water saturated with CaCO; that 12 mg. of
the substance are dissolved by 1 1. of water. In so doing we have consid-
ered the hydrolysis to be 66 per cent. The agreement is only fair; the
cause of the difference is not apparent.

Strontium and barium carbonates have been studied in the same way
as calcium carbonate. In the case of strontium carbonate, nine experi-
ments have been made at pressures between o.o5 and 1.1 atmospheres.
The equilibrium constant £ = 1.29 X 1072 with an average deviation
from the mean of 1.2 per cent. 'This value leads by Equation 7 to the
solubility product Sr X CO; = k3 = 1.567 X 107%  With barium car-
honate, eleven experiments were made at pressures between o.2 and 30
atmospheres. ‘T'he graph for BaCQ; is very similar to that for CaCOj;
a maximum solubility, Ba(H('();)s = 0.028, is reached at a concentra-
tion of //,CO3 = 0.727, corresponding to a calculated CO, pressure of
about 22 atmospheres. ‘I'he solubility of Ba(HCO;), is 7.3 g. per liter or
0.73 g.in 100 cc. of water. For BaCOQ)j the equilibrium constant was found
to be k = 2.24 X 10 ?; average deviation from mean = 0.8 per cent.
‘I'he solubility product Ba X CO; = ky = 8.1 X 107%
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