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Preface . ·' 

The Water R~search Program at-the Oak Ridge National Labo:r:atory, 

sponsored by<the Office of-: Saline Water·, U.S. DepartmE!nt .of the,.Interior,. . •' ... .. . ,) .-·- _::, 

was authorized in. March._,l962·. l,llfde~ a~~- ~nterageJ:lCY agre~me_nt. (14-.01-:000],-9:37) 

between the Department of thE:. I1:1terior and the }\tomic,.Ene_rgy Coi!Wlispion. 

Results of the.wo,r:k carriE!d· out_under this pr()gr'¥fl_have been re,P.9rted op 

a regular basis to the Office of Saline Water, and completed portions of 

the work were published in the open literature. A biennial report covering 

the activities under the program for the period March 15, 1962, to 

March 15, 1964, was issued in a single volume as Office of Saline Water 

Research and Development Progress Report No. 302 (ORNL-CF-67-8-55). For 

the second biennium, _March 15, 1964, to March 15, 1966, work was divided 

into three categories, "Properties of Solutions," "Reaction and Transport 

Phenomena at Surfaces and Corrosion Studies," and "Separations Processes." 

The report for "Properties of Solutions" was issued as u.s. Office of 

Saline Water Research and Development Progress Report No. 685 (ORNL-CF-

70-6-30). The present report on "Properties of Solutions" covers 

March 15, 1966, to March 15, 1968. 

In order to retain maximum coherence in subject matter, a sharp 

time distinction has not been drawn. That is, in some cases articles 

which appeared in the open literature after March 1968 but which cover 

work that was done mainly in the third biennium have been ino.luded in 

this volume, and, conversely, some work started during this period but 

developed mainly in the fourth biennium is only briefly mentioned in 

this report. 

In the interest of economy and completeness of presentation, work 

that was reported in the open literature is given as a direct reproduction 

of the corresponding journal articles. We are grateful to t.hA v.;~.rious; 

publishers (American Chemical Society, Tennessee Academy of Science, 

and John Wiley and Sons, Inc.) for permission to reprint the complete 

texts of these articles. A notation of the source appears at the head 

of each reprinted article. Part of the work reported here was cosponsored 
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by the u.s. Atomic Energy Commission; such support is acknowledged in 

the individual articles and in the index. 

The desalination· program at the Oak Ridge National Laboratory has 

two branches: the Water Research Program directed by K. A. Kraus during . . 

"the period of this report, and the Nuclear Desalination Program directed 

by R. P. Hammond •. This report is concerned with the Water· Research 

Program, Properties of Solutions, coordinated durin~ the period by 

Richard· J .· Raridon. 

. .. 



Introduction 

The investigations in the field "Properties of Solutions" were 

undertaken to provide information on·the thermodynamic and transport 

properties of aqueous and nonaqueous electrolyte systems. The specific 

studies were selected primarily because of their direct pertinence to 

desalination problems, and many are continuations of studies initiated 

earlier. Various standard physical-chemical techniques were employed, 

including solubility measurements, distribution coefficient measurements, 

dielectric constant measurements, emf measurements, isopiestic techniques, 

and diffusion coefficient measurements. 

Knowledge of the properties of aqueous electrolyte solutions under 

a variety of conditions is basic to the understanding of all desalination 

methods. Information on electrolyte solutions in mixed solvents (water

organic) has provided valuable insight into the salt-rejecting properties 

of membranes used in the hyperfiltration process. High-temperature phase 

studies have focused on precipitation or scaling problems which might 

occur on treatment of natural waters. 

This report is divided into three parts dealing with (1) properties 

of aqueous systems, (2) properties of water-organic systems, and (3) high

t~mp~rature phase studies. 

-5-
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· 1. · Thermodynamic ·and Transport Properties In 

Aqueous Solutions· 

Sununary 

The thermodynamic properties of aqueous solutions are fundamental 

to desalination. For example, they fix the minimum energy requirements, 

they determine the boiling point elevation in distillation, the freezing 

point depression in freezing, and how much of the applied pressure is 

effective as driving force in hyperfiltration. The Water Research 

Program has been active since its inception in developing fundamental 

information pertinent to desalination. 

During this biennium, computed boiling point elevations of seawater 

and its concentrates were revised in view of new data on osmotic coeffi-
1 

cients, presented in the previous biennial report. Osmotic coefficients 

of solutions containing sodium, magnesium, sulfate, and chloride over a 

wide range of compositions were measured. From these results and the 

computational methods developed to analyze them, free energies of most 

natural waters can be estimated adequately for practical purposes. A 

preliminary report is given. 

Cation-sensitive glass electrodes have been of considerable interest 

on this p:ru~nun, bot:h for obtaining thermodynamic information and for 

potentia], analyt.i r.r~l -=tpplicationo. Reported l!t:!re are measurements of 

KCl activities in aqueous solutions as a function of temperature, and the 

emf response of electrodes in seawater composition. 

Of the kinetic processes which affect desalination, perhaps the most 

fundamental is diffusion of ions. These rates are crucial in the polari

zaL.i.uu occurring in separations, such as the buildup of rejected solute 

at the interface between feed and hyperfiltration membranes. A quick way 

1. Water Research Program Biennial Progress Report for Period March 15, 1964 
to March 15, 1966, Properties of Solutions, R. J. Raridon and K. A. Kraus, 
U.S •. Office. of Saline Water Research and Development Report 685 
(July 1971); previously issued as ORNL-CF-70-6-30 (October 1970). 

-7-
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of measuring self-diffusion coefficients--from the rate at which tracer 

diffuses out of a calibrated porous frit into a circulating non-radio

active stream--was. developed in previous years. Sever~l r~cent appli

cations are ·reported here. 

) 
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[Reprinted from the Journal of the Tennessee Academy of Science~, 26 (1967)] 

Copyright 1967 by the Tennessee Academy of Science and reprinted by permis
sion of the copyright owner. 

1.1 THE ACTIVITY COEFFICIENT OF POTASSIUM CHLORIDE IN 
AQUEOUS SOLUTION AS MEASURED WITH1A 

CATION-SENSITIVE GLASS ELECTRODE 

M. H. Lietzke and R. W. Stoughton 

INTRODUCTION 

Glass electrodes which respond to monovalent ca
tions such as Na+ and K+ are now commercially avail
able. Such electrodes have been used to measure the 
activity coefficient of N aCl in various media ( 1, 2, 3). 
In the present work the activity coefficient of KCl in 
aqueous solution has been measured in the range 0.01 m 
to 2.5 m at temperatures from 15o to 55o using a cation
sensitive glass electrode. The study was undertaken to 
determine how well the activity coefficients so measured 
would agree with those measured by other methods. 

EXPERIMENTAL 

The glass electrodes used were Beckman cationic 
39137 electrodes, while· the reference electrodes were 
Ag,AgCl electrodes of the thermal type. The reference 
electrodes were shorted together and allowed to equili
brate in KCI solution prior to use. 

A vibrating reed electrometer, in conjunction with a 
Rubicon K-2 potentiometer and a Brown recorder, was 
used for measurement of the emf of the cell. The pre
cision of individual measurements was of the order of 
a few hundredths of a millivolt, but reproducibility 
between experiments was sometimes no better than a 
millivolt. Equilibrium was attained in a few hours with 
solutions of low concentration and in 6-8 hours with 
the solutions of high concentration. 

The solutions were prepared by weight from reagent 
grade KCI and triply distilled water. The emf cell was 
immersed in a constant temperature bath controlled to 
a few hundredths of a degree. The entire bath and 
electrode assembly were surrounded by an aluminum 
shield to minimize external effects on the emf readings. 

RESULTS AND DISCUSSION 

The fundamental equation relating the measured emf 
E of the cell, the "standard potential" Eo of the elec
trode couple, and the activity a of the KCI in solution is 

E =Eo-~Tin a. (1) 

Since aKcl may be expressed as mK+ YK+ m01- YCI- , 
where YK + and. y 01- are the activity coefficients of the 
K+ and the ci- ions and them's are molalities, eq. (1) 
may be written 

2RT 2RT · 
E = E• ··· F··ln m· -····Fin y±, (2). 

where y± = \/YK+ YCI- is the mean ionic activity CO

efficient of the KCI. It is assumed that the concen-

• Research sponsored by The Office of Saline Water, U.S. Department 
of the Interior under Union Carbide Corporation's contract with the 
U. S. Atomic Energy Commission. 

tration dependence of In y± is given by an extended 
Debye-Huckel equation of the type 

STym ? 

1n y±= 1 +Avm+B m+C m-, (3) 

then substitution of eq. (3) into eq. (2) gives eq. (4) 
2RT 2RT[ -STym · 

E=E
0

-Fln m -F 1 + Avm +B m+C m2] (4) 

in which the temperature dependence of the B and C 
coefficients may be expressed as 

B = b1 + ~ (5a) 
and 

C = c1 + i . ( 5b) 

The form of eqs. ( 5a) and ( 5b) is consistent with the 
assumption that ~C P = 0 for the KCI in solution over 
the temperature range studied. 

Since the Eo values of many cell combinations vary 
quadratically with temperature, we may further assume 
that 

(6) 

In treating the data the individual emf values (meas
ured with a given electrode combination) at each 
temperature and concentration were averaged. The 
averaged values for each electrode combination were 
then fitted by the method of least squares to eq. ( 4), 
with the temperature dependence of B, C, and Eo given 
by eqs. ( 5a), ( 5b), and ( 6) and with the appropriate 
Debye-Huckellimiting slope S T used at each tempera
ture. In carrying out the calculations all the data (at 
all temperatures and concentrations) were used simul
taneously in determining the values of al> a2 , a3, bl> b2 , 

c1, and c2 for each electrode combination separately. 

Three different glass electrode-reference electrode 
combinations were used in this study. It was found 
that, whereas each electrode pair had a different Eo 
value, all three pairs gave essentially the same activity 
coefficient values for the KCI solutions. The average 
maximu'm deviation between the Eo-E values for all 
concentrations and temperatures for all three electrodes 
was 1.6 mv, while the average deviation was 1.0 mv. 
Since the activity coefficient values obtained with the 
three different glass electrodes were not significantly 
different, only the values obtained with one electrode 
will be presented here. 

In carrying out the calculations it was found that 
when the value of A in eq. ( 4) was taken as 1.45 the 
best overall fit of the data was· obtained, i.e., that the 
average deviations between the observed and calculated 
values were the smallest. The activity coefficient values 



computed with A = 1.45 are shown· in column 4 of 
Table I. Also included in the table are values of. the 

t•c 
15 

40 

55 

TABLE ·I 

THE AcTiviTY CoEFFICmNT OF KCl 

ffiKCI 

0.01 

.1 

.5 

1.0 

2.5 

0.01 

.1 

.5 

1.0 

2.5 

0.01 

.1 

.5 

1.0 

2.5 

0.01 

.1 

.5 

1.0 

2.5. 

E 
-.0456 

+17 
-.1507 

+ 3 
-.2217 

+ 1 
-.2524 

+ 6 
·- .2946 

'.0370 
-13 

-.1471 
-13 

, __ .2208 
-12 

-.2524 
-11 

-.2969 
-11 

- .0305 
+ 9 

- .1447 
-4 

-.2231 
+9 

-.2564 
+H 

-.3046 
+21 

- .021B 
+14 

-.1399 
-13 

-.2230 
+4 

-.2557 
-5 

+ .3055 
-10 

'Y
1
KCI 

.904 

.776 

.653 

.601 

.571 

.903 

.772 

.619 

. 598 

.573 

.900 

.767 

.643 

.592 

.574 

. 897 

.761 

.639 

. 586 

.572 

1 Present work (glass electrode) 
• Harned and Cook (amalgam cell) 

'Y
2
KCI 

. 903 

.769 

.650 

.601 

.562 

.901 

.769 

.651 

.606 

.572 

.900 

.765 

.646 

.603 

.575 

3 Based on data of Robinso.n and Sind~ir 

.769 

.649 

.603 

567 
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activity coefficients obtained with amalgam cells ( 4) 
and with the isopiestic method ( 5). The values given 
in column 6 of Table I have been recomputed from 
the original isopiestic data using a newer technique ( 6) 
than that used in the original paper. As can be seen 
the activity coefficient values obtained with the cation
sensitive glass electrodes agree in most cases to within 
1% with the values obtained by the other methods . 

As a further check on the reproducibility of the glass 
electrode measurements the smoothest values of the 
activity coefficients and the E"values were substituted 
into eq. (2) at each concentration and temperature to 
back-calculate the emf values. The deviations between 
the observed values and the calculated values are 
shown in column 3 of Table I immediately below the 
observed emf values. A positive deviation indicates that 
tin:: uL~ta v~::J \1 alue is uumta k:ally higher than the cal
culated value. The greatest deviation is 2.1 mv al 40" 
in the 2.5 m solution. 

MeaSU!'e.nenls were also made at 5• in all the above 
solutions and in .001 m KCl solutions from 5" to 55" . 
However, the observed values were more erratic than 
those reported and the resulting activity coefficients 
were 15 to 40% different from those in the literature. 

Recently the activity coefficient of KCl was measured 
from o· to 50"C in the concentration range .05 to 4.0 m 
using an amalgam cell. 7 When these values are extrapo
lated to 55", then excellent agreement is observed with 
the values reported in this paper. The greatest deviation 
( 2.3%) is at 1.0 m where it appears that our value is 
more consistent. 

The authors wish to express their sincere appreciation 
to vValter .J. Stevens, Jr., an<l Rid1ard Shea for per
fo1ming the experimental measurements . 

LITERATURE CITED 
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(2) C. A. Bower, Proc. Soil Sci. Soc. Am. 2:l, 29 (I959). 
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(6) M. H. Lietzke and R. W. Stoughton, J. Phys. Chern. 66, 508 
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(7) R. Caramazza, Gazz. Chim. !tal. 90, 1721 (1960). 

.. 



...,, 

~' 

-11-

1.2 ACTIVITY COEFFICIENTS OF SALTS IN MIXED ELECTRO~Yi~s 2 

G. Scatchard, R. M. Rush, Y. C. Wu, arid J. s. Johnson 

·Pr~liminary measurements have been made of solute activities in 

aqueous solutions containing two electrolytes. Pairs of salts include 

all possible combinations of ~aCl, Na 2S0 4 , MgC1 2 , and .MgS04• A model sea

salt solution, satisfactory for determination of solvent activities in 

that it avoids complications from precipitation of low-solubility compo

nents, can be formulated by replaCing Ca(II) with additonal Mg(II). 

The composition can be further simplified for present purposes by like 
+ + substitution of Na for .K , Cl for Br , and HC03 ··'.etc. 

A good first approximation of the properties of any (electrically 

neutral) mixture of these ions may be obtained from measurements on 

solutions of the four si~gl~ salts by ~se of the exterided Br~nsted prin~ 

ciple. A second approximation may be obtained by including measurements 

on solutions of the four pairs of mixtures with a common: ion. · Each of 

these approximations was tried for these systems . 

Isopiestic techniques were used on all systems studied. In 

addition, measurements were made with cation-sensitive glass electrodes 

in the ~ystem NaCl-MgS04....:H20 .. Some emf measurements 'in this sy"stem were 

reported previously. 
3 

A comparison of the emf and isopiestic results at 

25° ~or the NaCl-MgS0 4-H20 system is shown in Fig. 1,2.-1, The activity 

coefficients obtained from emf measurements agree closely with those 

computed from isopiestic measurements at high NaCl ionic .. f.:ractions' but 

are somewhat higher than the isopiestic values at low NaCl ionic frac

tions, perhaps bec~use of a small sensitivity of· the glass el~ctrode to 

magnesium ions. 

Preliminary results on the four systems with common ions show 

approximately the linear relationship between log Y12 ·.and l2 expressed in 

2. Work cosponsored by the· U·. S. Atomic Energy Commission. 

3. See Ref. 1, Section 2.2. 
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_isopiestic. · · 



-13-

Harned's Rule: 4 

log Y12 = log Y10 - a12 l2 

where Y12 is the mean ionic activity coefficient of solute 1 in a three

component solution also containing solute 2; Y10 is the activity 

coefficient of component ~ at ·the total ionic strength, I, in the 

absence. of component 2; q. 12 is a constant at·a given ionic strength; and 

l2 is ·the contribution to the ionic strength of component 2. 

4. H. S. Harned and B. B. Owen, The Physical Chemistry of Electrolytic 
SolutinnR, ACS Monograph Series, 3rd Ed., Reinho.ld Publishing Corp., 
New York, 1958, Chapter 14. 
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[Reprinted from the Journal of the Tennessee Academy of Science~, 123 (1967)] 

Copyright 1967 by the Tennessee Academy of Science and reprinted by permis
sion of the copyright owner. 

1.3 CORRELATION OF SEA SALT CONCENTRATION WITH THE 
EMF RESPONSE OF A CATION-SENSITIVE GLASS ELECTRODE! 

M. H. Lietzke, Richard Shea, and R. W. Stoughton 

ABSTRACT 

A cationic glass electrode has been used to monitor the total concen
tration of sea salts in both natural and synthetic sea salt solutions from 
0.01 to 5.0 times natural and to 2.0 times "standard" synthetic sea 
water. The results have been interpreted in terms of sodium chloride 
activity coefficients which deviate less from unity than those in pure 
sodium chiUJh]., soluUuuo. 

INTtiODUCTION 

Some processes for. desalting sea water concentrate 
the sea salts without changing their relative concentra
tion (e.g., freezing or distillation) while removing 
essentially pure H 20. Other procedures (e.g., hyperfll
tration methods) effectively concentrate the salts to
gether in one stream while diluting them in the other. 
For such processes an analytic.al tool for measuring 
"on line" total salt concentration may be useful. 

Glass electrodes responding to the alkali ions Na + 

and K + and to the alkaline earth ion Ca + + have been 
commercially available for some time. The activity 
coefficient of KCl has recently been measured as a 
function of concentration (0.01 to 2.5 m) and tempera
ture (10" to 55" C) (1, 2) and that of NaCl has been 
measured as a function of concentration (to 6 m) and 
medium ( 3, 4, 5) by the use of such electrodes. Since 
sea water is a somewhat adulterated NaCl solution and 
since some cationic glass electrodes are highly sensitive 
to sodium ion concentration, a study of cationic glass 
electrode response to total sea salt concentration (using 
both natural and synthetic sea salt solutiOi'IS) was car
ried out at 25o C. 

ExPEHIMENTAL 

Natural sea water was obtained from the Atlantic 
Ocean at Daytona Beach, Florida. It was concentrated 
by evaporation up to a maximum of about five times 
natural concentration. Eight new concentrations 0.01, 

t Research sponsored by The Office of Saline Water, U.S. Department 
of the Interior under Union Carbide Corporation's contract with the 
U.S. Atomic Energy Oommi3sion, 

0.03, 0.1, 0.3, 2.0, 3.0, 4.0, and 5.0 times the concen
tration of natural sea water were prepared by dilution 
with water. The small amount of precipitate which 
came out of solution during the concentration step was 
removed and not taken into account. Each of- the new 
solutions as well as lhe nalural sea waler was aualy:t.ed 
for chloride gravimetrically by AgCl precipitation. It 
was assumed that the relative concentrations of ions 
were the same as those given by Spiegler (6) for 
"standard" sea water but that the total concentration 
of sea salts near shore may have been increased by 
evaporation. By means of this assumption and the 
chloride analyses, the ionic strength and the sodium 
and chloride molalities of the solutions were calculated. 

The synthetic sea water was a mixture of NaCl, KCl, 
MgC12 and Na2S04 • Three solutions were prepared on 
a weight basis: one containing 5.022 m NaCl and 
0.1208 m .KCl, a second containing 0.'/ i52 m Na2S04 
and a third c;:ontaining 1.606 m MgC12• These solutions 
were mixed with water on a weight basis to give a 
concentration five times that of our "standard" syn
thetic sea water, the latter containing 

0.4756 m Na+ 
0.0101 m K+ 
0.0645 m Mg+ + 
0.5577 m Cl-
0.02856 m so4 --

The solution containing five times "standard" concen
trlltion w~s dih1te.d to Rpprr.n:i.rnately 9.,0, 1.0, 0.:3, O.J., 
0.03, and 0.01 times "standard" on an accurate weight 
basis, so that concentrations were known relatively 
precisely. 

The glass electrodes used were Beckman cationic 
39137 electrodes, while the reference electrodes were 
Ag, AgCl electrodes of the thermal type. The reference 
electrodes were shorted together and allowed to equili
brate in sea salt solutions prior to use. The ·solutions 
used for the emf measurements were maintained at 

..... 
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saturation with respect to AgCl by adding additional 
solid AgCl. 

A· vibrating reed electrometer, in conjunction with a 
Rubicon K-2 potentiometer and a Brown recorder, was 
used for measurement of the emf of the cell. The emf 
cell was immersed in a constant temperature bath con
trolled· at 25• C to within a few hundredths of a degree. 
The entire bath and electrode assembly were sur
rounded by an aluminum shield to minimize external 
effects on the emf readings. The precision of individual 
measurements was of the order of a few hundredths of 
a . millivolt; but reproducibility between experiments 
was sometimes no better than a millivolt. Reproduci
bility was generally poorer for relative concentrations 
above 1.0 times natural or "standard" synthetic· sea 
water. Equilibrium was attained within a few hours; in 
some cases within 15 minutes. . · 

Since the "standard potential" of a. glass electrode 
has no readily interpretable meaning and changes with 
time, values of t:.E = E1 - E were recorded; where· E 1 
and E were measured on the same day. Here E 1 is the 
emf measured with the natural sea water or the approx
ima~ely 1.0 times "standard" artificial sea water, and E 
is the emf measured in any other concentration .. Usually 
two different values of t:.E (for the same concentra
tion). were within 0.5- mv, but sometimes deviations of 
more than a millivolt were observed. Two runs wen~ 
made .. at each concentration, each run involving three 
different glass electrodes measured separately against 
the Ag-AgCl electrode. 

RESULTS AND DISCUSSION 

Jn each run at each concentration the three different 
i.E value~ w~re averaged. The two different aver
age t:.E values at each concentration were then aver
aged with equal weights if both runs appeared to be 
equally precise; if not, a higher weight was given to 
the average yalue of the run of higher precision. The 
results are given in Table I, while Fig. 1 shows a plot 
of t:.E for natural sea salt solutions against the log
arithm of the iuuic sln:J'Jgtli .. The data fall nearly on n 
straight line (t:.E = 0.0155 + 0.1126 log I) and are 
reproducible; the data for synthetir. $P.:l salt S()JutionS 
also fall very near this same line. Hence we conclude 
that a cationic glas~ electrode can be used to monitor 
the total concentration of sea salts in a desalination 
process. In such a process, however, it would probably 
be necessary to keep the reference electrode in its own 
separate compartment and have it bridged into the salt 
solution containing the glass electrode by means of a 
fritted KCl bridge. 

An attempt has been maJe to interpret the devia
tions 6£ the t:.E vs log I plot from a straight line in 
tenns of changes in activity coefficients. The electrode 
used is not sensitive to divalent cations, but is sensitive 
to monovalent ions including H +. An equation of the 
Nernst type, which has been used for such glass elec
trodes (7, 8), is give11 ;:.s F.f111ation (1). 

E E E 
RT I [aNa+haK+h.aAg+kHaH)ac•] 1 () 

t:. - - -- n 1 
-

1 
- F [aNa+h aK+h• aA.+kH a")ac•h 

TJ\Bi..li I 

AVERAGE t:.E VALUES· IN VoLTS vs CoNCENTRATION OF 

BEA SALT SoLUTIONS . 

Approx. 
rei. cone. (E,-E) I fflNa+ :mcJ-

Natural Sea Salt-Solutions 

0.01 -0.2250 0.007253 0.004873 0.005680 
.03 .1716 .02188 .01470 .01713 
.1 .1130 .07303 .04906 .05719 
.3 .0607 .2195 .1475 :1719 

1.00 0 .7494 .5034 .. 5868 
2.0 + .0353 1.477 .9923 1.157 
3.0 + .0555 2.285 1.535 1.789 
5.0 + .0883 3.904 2.623 3.057 

0"Standard" sea water ( 6) shows mNa+ = 0.4756, 
me•-::::: 0.5544 and I= 0.7078. · · 

o:o1 
.03 
.1 
.3 

1.0 
2.0 

Synthetic Sea Salt Solutions 

-0.2190 0.007753 0.005172 
-0.1730 .02123 .01416 
-0.1118 .07190 .04796 
-0.0595 .2126 .1418 

0 .7091 .4730 
+0.0330 1.418 .9462 

0.006100 
.01670 
.05658 
~1673 
.. 5580 

1.1161 
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Figure I. Emf response of cationic ~:lass electrode to concentration 
of natural sea salt solutions. 

Here the a's represent the activities of the various 
ions, the k's are empirically determined constants, while 
R, T, and F have their usual significance. 

Since the pH of the solutions was near 7, the con
centration of H + was always some five orders of mag
nitude smaller than that of Na +, under which conditions 
the effect of H + is known to be small. A similar argu
ment should hold for the Ag+ concentration. The 
concentration of K+ is not negligible (mK being about 



2% of mNa) and h was found to be in the range of 
6 to 9 for three glass electrodes ( 7). However, to a 
first approximation the activity of K+ should vary pro
portionally to that of Na+ and thence the ratios of the 
two cationic expressions should be approximately equal 
to ON a/ (ON a) 1 . Thus Equation ( 1) becomes 

E 
RT I . mNa mc1 y 2 

6 =- n--,----~,----
F (mNa mc1 y 2 ) 1 

(2) 

As is customary in the· treatment of activity coeffi
cient (or osmotic coefficient) data (see e.g., refs. 9, 
10) the logarithm of the mean activity coefficient was 
assumed to be represented by a Debye-Huckel expres
sion plus a (quadratic) power series in ionic strength: 

In y· = S vi . + BI + CP l 3) 
1+Av'I. ' 

where S is the Debye~Huckel limiting slope and A, B, 
and C are adjustable parameters. · · 

. Equation _( 3) was inserted into equation ( 2) for 
both In y and ln y,, The parameters B and C were then 
evaluated by the method of least squares for a range 
of values of A ( 1.0, 1.25, 1.5, 1.75 and 2.0) by using 
the values of b.E, I, fflNa+ and mc1- shown in Table I. 
Although the activity coefficients calculated from ·the 
parameters of fit .obtained with .A= 1.5, 1.75 and 2.0 
were probably all within experimental error (i.e., they 
were within 1% of each other), the variance of fit was 
smallest for both the natural and synthetic sea salt 
solutions when A= 2.0. These values of the parame
ters are shown in Table II. The B and C parameters 

TABLE II 

PARAMETERS OF EQUATION (3) FOR 

SEA SALT SoLUTIONS 

Natural Synthetic 
A = 2.00 2.00 
B 0.13404 0.23072 
c = -O.Oll735 -0.066470 

are very strongly correlated, i.e., if one is changed by 
a substantial amount a new value of the other one can 
be obtained which will give an almost equally good 
fit. Thus although the curves for activity coefficients in 
natural and synthetic sea salt solutions (Fig .. 2) lie 
close together the values of the parameters (obtained 
hv the method of least squares) are appreciably 
different. · 
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Figure 2. Approximate logarithm of activity coefficient of NaCl vs 
square root of ionic strength in sea salt conditions. 

A plot of log y for natural sea salt solutions vs the 
square root of ionic strength is shown in Figure 2. The 
corresponding curve for pure NaCl and the Debye
Huckel limiting slope for a 1-1 electrolyte are also 
shown for comparison. Apparently YNacl in a sea salt 
mixture deviates from unity by a somewhat smaller 
amount than it does in pure NaCl solutions. 

Values of log YNacl in synthetic sea water are also 
shown in Fig. 2. These activity coefficients are larger 
than those in natural sea salt solutions, with a maximum 
difference of about 3.5%. The difference between the 
measurements in natural and synthetic sea salt solutions 
may be due to the difference in the two media or to 
the presence of a small amount of bromide in natural 
sea salt, as well ·as perhaps some experimental error. 
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1. 4 THERMODYNAMiC P.ROPERT I ES OF SEA SALT .SOLUTIONS· 

R. W. Stoughton and M, H. Lietzke 

Thermodynamic properties of sea salt solutions have been recalculated in view of 
re-evaluations of the properties of NaCI solutions as a function of temperature· and 
an experimfi!ntal comparison of the osmotic coefficients of NaCI a~d sea lalt solutions 
at 25° C; Boiling point elevations (BPE's) were evaluated in the ranges 2 to 28 
wt. % salts and 25° to 260° C.; theoretical minimum energies of recovery of water 
from sea water, in the ranges of 0 to 100% recov!!ry and 25" to ~00° C.; and 
osmotic pressures, in t.he, ranges 1 to 25 wt. o/o solids and 25° to 100° C. The 

· new values show greatest deviations from the previous calculations at high concentra· 
tions and low temperatures. The largest change is a 12o/o increase in BPE at 25° C. 
and 28 wt. o/o solids. In general, where there is a change; the ·new values are 
higher; the values of BPE at the highest concentrations ·and temperature are · 
exceptions-e.g., a 2o/o decrea·se at 28 wt. o/o solids at 260° C. 

IN PREVIOUS WORK (15, 16) vapor pressures of sea 
·.salt solutions were calculated. from 25~ to 175° c. and from 
1 to 28 wt. % solids by using the following extended Debye
Huckel equation and parameters obtained from measured 
osmotic coefficients of sodium chloride solutions. 

~ = 1- A~ I {[ 1 +A {1)'12
]- 2ln [ 1 +A {1)'12 

}-

1 } Bl' CI'' (1) 
1+A {1) 112 + + . 

In Equation 1, Sis the appropriate Debye-Huckellimiting 
slope for either a single electrolyte or an electrolyte mixture, 
A is the Debye-Hiickel parameter (here set equal to 1.5), 
I is the ionic strength, /' is a concentration term discussed 
below, while Band Care adjustable parameters. The latter 
parameters for NaCl solutions were evaluated to 270° C. 
(15, 16) from osmotic or activity coefficients from the liter
ature up to 4m to 100° (11) and._ up to 3m from 100" to 
270° c. (4). 

In applying Equation 1 to sea salt solutions, the values 
of B and C for N aCl solutions were used with three different 
concentration terms for/': 

(2a). 

(2b) 

(2c) 

where m; is the molality and z, the charge of any ionic 
constituent. (For a 1~to-1 electrolyte all three expressions 
are equal to the molality.) 

The calculated vapor pressures were. compared with the 
measured values of Arons and Kientzler (1) at 25° and 
35° C. and those of Higashi, Nakamura, and Hara (8) from 
25° to 175° C. and to 28 wt. % solids. The agreement 
was best when Equation 2c was used and poorest when 
2a was used. Vapor pressure measurements of Forrest and 
Worthley (2) from 25° to 100° C. gave better agreement 
with Equation 2a than with 2b or 2c:;, although the scatter 
of the various experimental values (1, 2, 8) was much 
greater than the difference between the values calculated 
using Equations 2a and 2c; even at 28 wt. % solids the 
scatter was greater by at least a factor of two. ~han the 
difference between the two sets of calculated values. Because 
the measurements of Arons and Kientzler (1) appeared 
to be the most precise ones available, the authors concluded 
(15, 16) that Equation 2c gave best results for the thermo
dynamic properties of sea salt solutions. 

Recently, Rush and Johnson (12) have measured osmotic 
coefficients of synthetic sea salt solutions in the ionic 
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strength range 0.6 to 7.0 at 25•C. by using NaCl as a 
standard and the osmotic coefficients of reference (11) for 
the standard. These were compared with· values of rJ; cal
culated by using Equations 2a. and 2c and Equation 1 .. 
with the addition of a cubic term D/'8 in which the B, 
C, and D parameters were evaluated from osmotic 
coefficients at 25" C. only. Throughout the whole concentra
tion range, Equation 2a gave best agreement, showing a 
maximum deviation of 0.003. By contrast, Equation 2c 
showed a deviation of 0.001 at the lowest and about 0.1 
at the highest concentration. 

The authors believe the measurements of Rush and John
son are the best available and, hence, now conclude that 
Equation 2a should be used to calculate the thermOdynamic 
properties of sea salt solutions, at least at and near room 
temperature. The authors, therefore, recommend that, 
unless and until good experimental measurements suggest 
otherwise, Equation 2a be used at all temperatures-i.e., 
it is best to set I' = I = Yz I: m; · z~ at all tem~ratures. 

The current change in recommendation for the concentra- · 
tion term to be used for I does not change the authors' 
previous conclusion (15) concemi.ilg the Use of NaCl solu
tions for a stand-in for sea·salt solutions-i.e., where NaCl 
solutions are used for a stand-in for sea salt solutions, · 
a solution of the same total concentration of ions is prefera
ble to orie of the same ionic strength. The reason is that 
in thermodynamic calculations .the most important concen
tration term is the coefficient of <P in the definition· of 
the osmotic coefficient: 

Table I. Parameters of Fit of cPN.cl vs. T 

B, = - 330.332 

1:1.= t>.iH440 

H. = - u:ooYaYo 

c . ., 32.Gs06 

C. !0 - O.M3e79 

c. = 0.0'700215 

(3) 

the values of <PNaCI at 25• C. (being not more than about 
0.003 of a unit different at ilny concentration). 
· Limier (9) has shown that different investigators have 

reported activity coefficients of NaCl at 25" C. which dift'er 
by 1.5% at 3m and 2% at 6m. The corresponding difference 
in osmotic coefficients is a little less than this. Hence there 
is aD uncertainty of at least 1% even at 25• c. at the 
higher concentrations. · 

The authors have re-evaluated the B and C parameters 
of Equation 1 by the method of least squares on the assump
tion that their variation with absolute temperature T was 
the same as that given in Equation 4 for B 

(4) 

Ai 15• and 35" C. the authors used osmotic coefficients 
at 0.5, i.O, 2.0, 3.0, and 4.0m which had been calculated 
(10) from activity coefficients presented by Hamed and 
Owen (7). At so·. 800, and 100• c. the authors U$1!d osmotic 
C()eftl.cients at the same concentraUoris, while at 25• C. the 
value at 5m was included also-all from reference (II). 

· Between 125• and 250" C. (inclusive) at every 25" mterval 
the results of reference (4) were used, plus some additional 
and some corrected experimental values (3). Unit weights 
were assigned to all values except those at 25• C.; at 25• 
statistical weights of 3.0 were assigned in the least squares 
fit since these were the result of a critical evaluation of 
measurements from different sources. The resulting values 

. of the B and C parameters are given in Table I. 
Fig\Jre 1 shows a typical plot of <PNaCJ us. temperature 

at 2:0 and 3.0m. Figure 2 shows the deviations of caiculated 
from experimental values at 0.5, 1.0, 2.0, 3.0, and (Om. 
At lower temperatures, the deviations are within those 
between different experimental measurements. 'f'he region 
of most consistency appears to be that of 60• to 100• C. 
where the observed values were those calC\llated by Smith . 
ami Hirtle (14) to give beSt reasonable agreement wltb 
the boiling point elevation menouroments of Smith and 
Hirtl~ (13, 14.) betw~n RO• Ami lOO•C:. Anrl the e.m.f. 

o.eL,------.I.-'-----:~----:~----;;!;;-----;,::!;25;------d;:;---~;----;;;!:;;--~;;---7. 
II'C)-

Figure 1. Osmotic coefficients of NaCI as a function of temperature from 25" to 250° C. 

where Ot and W are the activity and molecular weight 
of water. The authors' current change in recommendation 
does not affect this concentration term. 

ACCURACY OF EXISTING NaCI OSMOTIC COEFFICIENTS 

The test of the applicability of Equations 2a, 2b, and 
2c to calculations of osmotic coefficients of sea salt solutions 
4>ss is approximately independent of the accuracy of the 
osmotic coefficients of N aCl providing the same values of 
<flNaCI are used for the sta."ldard in i.liopiestic measurements 
and for the evaluation of the B and C (and D) parameters 
of Equation 1. However, the accuracy of the calculated 
values of <Pss is essentially the same as the accuracy of 

t5r--.-----,,---~----r-~---r-~---r-~--, 

1.0 

l 
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Figure 2. Deviations between observed and 

calculated osmotic coefficients of NaCI 
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measurements of Hamed, Cook, and Nims (5, 6) between 
o- and 40"C. 

Additional fits were . made by using different weights, 
by· fixing the values of the parameters at 25• C. to be 
consistent with the 25• data, and by using seven 
temperature-dependent parameters-i.e., by adding a terril 
B. T. 'None of these gave a fit to the measured values 
which was significantly better than that using the par-

The current calculations assume no precipitation of. 
CaSO.. Corrections for precipitation should be made as · 
indicated previously (15)-i.e., . the same percentage 
variation-if so desired. · · · 

The new values all show the ~rea test deviations· from 
the previous calculations (15) at low temperatures •and 
high concentrations (100% recovery in the case of the free 
energy of recovery). The largest change is a 12% increase 

Table II. Calculated Boiling Point Elevations for Sea Salt SolUtions!. ° C. 

T,•c. po, Atm. 2.0 3.45" 4.0 6.0 

. 25 .Q.031 0.177 0.312 0.366 0.570 
30 0.042 0.184 0.325 0.380 0.594 
40 0.073 0.198 0.350 0.410 0.642 
50 0.122 0.214 0.377 0.442 0.692 
60 0.197 0.229 0.405 0.474 0.744 
70 0.309 0.245 0.433. 0.508 0.797 
80 0.469 0.262 0.463 0.542 0.851 

·oo 0.694 ·0.279 0.493 0.578 0.907 
100 .1.003 0.296 . 0.524 0.615 0.964 
110 1.418 0.315 0.556 0.652 i.022 
120 1.965 0.334 0.590 0.691 1.082 
130 2.673 0.354 ' 0.624 0.731 l.H4 
140 3.577 0.375 0.660 0.773 1.208 
150 4.711 0.396 0.697 0.816 1.274 
160 6.119 0.418 0.735 0.861 1.341 
180 9.931 0.466 0.817 0.955 1.484 
200 15.407 0.519 0.906 1.058 1.637 
220 22.993 0.577 L003 1.170 . 1.802 
240 33.184 0.642 1.111 1.293 1.983 
260 46.520 0.716 1.232 1.431 2.181 

• Standard sea water . 

ameters of Table I. They all appeared to fit the data 
well within the apparent uncertainties. 

Thus at least at 25• C., the uncertainties in the calculated 
values of the thermodynamic properties of sea salt solutions 
result from the uncertainties in the measured values of 
NaCl solutions. 

RECALCULATED BPE's, MINIMUM ENERGIES OF RECOVERY, 
AND OSMOTIC PRESSURES 

The authors have recalculated the boilins point elevations 
(BPE's) of sea salt solutions, the minimum energies of 
recovery of water from standard sea water, and the osmotic 
pressures of sea salt solutions over wide ranges of tem
perature using the current recommendation (Equation 2a), 
and the new NaCI parameters (Table I). These are pre
sented, respectively, in Tables II, III, and IV. 

The minimum energies of recovery are expressed in the 
dimensionless form t:;.Grec/ RT in Table III. In this form 

·(rather than as t:;.G,.,J their variation with t~mperature 
over the. range 25• to 200• C. is reduced from some 45% 
to about 10%. · 

Wt.% Sea Salt 
8.0 12.0 16.0 20.0 25:0 ~8.0 

0.795 1.324 1.991 2.858 4.36 5.58 
0.829 1.381 2.077 2.977 4.52 5.77 
0.898 1.497 2.250. 3.216 4.86 6.16 
0.969 1.616 2.426 3.458 5.19 6.56 
1.041 1.737 2.604 3.704 5.53 6.96 
1.115 1.860 2.786 3.952 5.88 7.36 
1.191 1.986 2.969 4.202 6.22 7.77 
1.269 2.113 3.155 4.454 6.57· 8.18 
1.348 2.242 3.342 4.708 6.92 8.60-
1.429. 2.374 3.532 4.963 7.27 9.01 
1.512 2.508 3.723 5.22 .7.62 9.43 
1.597 2.643 3.917 5.48 7.98 9.86 
1.684 2.782 4.113 5.74 8.34 10.28 
1.774 2.923 4.311 6.00 8.70 10.71 
1.866 3.066 4.511 . 6.27 9.06 11.15. 
2.057 3.361 4.920 6.81 9.79 12.03''. 
2.261 3.670 5.342 7.36 10.54 12.94 
2.480 3.995 5.777 7.92 11.30 . 13.87 
2.715 4.338 6.231 8.49 12.08 14.84 
2.971 4.703 6.700 9.08 12.88 15.83 

Table Ill. 6Gm:/RT for Recovery from Standard Sea Water 

3.45 Wt. % Salts 

Recovery,% 

r.·c. 0 25 50 75 100 

25 0.0185 0.0214 0.0260 0.0356 0.081 
50 0.0186 0.0215 0.0261 0.0359 0.082 
75 0.0185 0.0214 0.0261 0.0358 0.081 

100 0.0183 0.0212 0.0258 0.0354 0.080 
125 • 0.0181 0.0209 0.0264 0.0348 0.070 
150 0.0178 0.0205 0.0250 0.0341 0.078 
175 0.0174 0.0201 0.0244 0.0331 0.076 
200 0.0170 0.0195 0.0236 0.0320 0.074 

RT = 0.12831 T kw.h. ·per 1000 kg. water 

= 1.9866 T cal. per mole water 

= 82.057 T cc.-atm. per mole water 

where T is in • K. 

Table IV. Osmotic Pressures of Sea Salt Solutions, Atm. 

Wt.% Salts 
T, ·c. 1.00 2.00 3.45" 5.00 7.50 10.00 15.00 20.00 25.00 

25 7.11 14.29 25.15 37.49 59.30 83.97 144.93 228.59 348 
40 7.42 14.93 26.34 39.35 6?..41 RR.fi:l 152.81 239.86 362 
60 7.80 15.70 27.74 41.51 65.98 93.69 161.53 252.06 376 
80 8.13 16.37 28.94 43.32 68.89 97.82 168.27 261.17 386 

100 8.42 16.94 29.92 44.79 71.17 100.97 173.16 267.47 393 

• 3.45 wt. % solids is taken as the value for standard sea water. 



-20-

in BPE at 25• C. at 28 wt. % solids. The largest change 
at 12 wt. %·solids and below is a 4% increase in BPE 
at 25•C. In general, where there is a change the .new 
values are higher. The BPE values at the highest concentra
tions and temperatures are exceptions to this general 
observation; a 2% decrease occurs at 28 wt. % solids at 
260•C. 

ANALYTICAL EXPRESSIONS for 
BOILING POINT ELEVATIONS 

Attempts were made to get an analytical expression for 
the BPE's vs. concentration and temperature given .in Table 
II so that intermediate values could be calculated directly 
without resorting either to graphical interpolation or to 
the elaborate iteration procedure used in the original ca1cula
tions (15). The authors' general approach to the problem 
was to express the BPE's as BPE;deah or some approximation 
thereof, times a function of temperature and concentration. 
The ideal BPE is given by Equation 5. · 

BPEirlenl = (RT'E m;)ltllfvap• (5) 

where R is the molal gas constant and t:.H va is the heat 
of vaporization of a kilogram. of water. In this equation, 
the mole fraction of solute in Raoult's law has been replaced 
by the mole ratio of solute to solvent. Equation 5 IIiay 
be expressed in terms of the absolute temperature T and 
the ionic strength r 8!1 follows. 

BPE ideal (• C.) = 0.24048 T' I I 

(93,467.7- 6,189,7901T- 96.5849 T), (6) 

where 

I = 0.19819 X wt. %1 (1 - 0.01 X wt. %) (7) 

Equation 6 may be used as a rough approximation. The 
BPE values obtained are good to within about 10% at 
concentrations . below about 16 wt. % and temperatures 
below about 125• C. At 260• C. the values obtained are 
about 30% low at all concentrations to about 20 wt. %. 
The ideal BPE's (Equation 6) showed in general a greater 
deviation from the more accurately calculated ones (15) 
than did those based on Raoult's law and the authors' 
previous equation (15) for the vapor pressure of water 
as a function of temperature, particularly at the higher 
temperatures. However, the latter calculations involved an 
iteration to .evaluate the BPE such that the vapor pressure 
of the solution at temperature T + BPE was equal to 
the vapor pressure of pure water at temperature T. 

Because of the peculiar way in which the calculated 
BPE's (15) deviated from the ideal values, it was difficult 
to get a suitable analytical expression by the method of 
least squares. When only a few parameters-e.g., five or 
six-were used, the agreement was not as good as desired. 
Equation 8 is the equation of best fit that was obtained 
with six parameters. 

BPE = BPE;deal x (0.205648 + 3.49091 X 10-3 T + 

0.150005 I - 2.86240 )( 10-· I T ~ 4.619G4 X 10-6 T' + 

2.78176 X 10-3 I') (8) 

In the range 0 to 20 wt. % solids the maximum deViation 
(4%) of Equation 8 from the accurate values is at .2 .wt.' 
% at both 25". and 260" C. I<' or weight per cents between 
3.45 (standard sea water) and 20 for.temperatures lietween 
30• and 240• C., the maximum deviations are about 2.5%. 

When seven to ten parameters were used to get better 
agreement, convergence difficulties were encountered .. 
Equation 9 was obtained by a combiriation of adjusting 
the temperature dependence of t:.H vap and of evaluating 
a few parameters, fixing these, and then evaluating addi
tional ones. 

BPE = [565.757 IT- 9.81559 + 1.54739 x In T

(337.1781T- 6.41981 + 0.922753 X In T) I+ 

(32.6811T- 0.55368 + 0.079022 X In T) I') X I I 

(266,919.61T'- 379.6691T + 0.334169) (9) 

Equation 9 shows deviations from the more accurate calcula
tion of 11bont l% or less in the ranges 3.45 to 20 wt. 
% and 30• to 250" C. At 2 wt. % and at 25" C., many of 
the deviations are about 2%. Thus, this equation reproduces 
the BPE's to well within the accuracy to which they are 
known, 9XC9pt at tht~low~~&t concentration and at tho-lowoot 
temperature. 
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SELF-DIFFUSION COEFFICIENTS OF SODIUM ION IN NaCl SOLUTIONS 
AS A FUNCTION OF TEMPERATURE AND CONCENTRATIONS 

. "6 . . 
H. 0. Ph~llips, S. B. Sachs, and K. A. Kraus 

the radiometric ~orous-fri~ metho~7 was ~~ed to measur~ the self-.· 
. + 

diffusion coefficient, VNa' of Na in aqueous solutions over the concen-

tration range from ~~Cl = 0.05 to 5~0. The results are given in 

.Table 1.5.1. This method involves calibration of·the frit with· a solution 

in which the diffusion coefficient is known. In this study, the litera-
. 8 . 

ture value of Mills at ~aCl = 1.0 was used. The values measured at 

the other con~entrations agree within 2% with the··values of Mills over 

the range he studied, ·showing further evidence of the reliability of the 

porous-frit method. Also given l.n· Table 1. 5.1 are the diffusion-viscosity 

. products which. show little variation with concentration e~cept for a· 

slight increase in the more concentrated ·solutions. 

TABLE 1. 5.1 

SELF-DIFFUSION COEFFICIENTS OF Na+ IN NaCl SOLUTIONS AT 25° 

~ac1 
V x 10 5 (cm2 /sec) 

Vnxl0 7 b This study Mills a 

0.05 . 1. 29 1.16 
0.10 1. 27 . 1. 30c 1.14 
0.5Q 1. 26 ·-cl· 

c 1.17 1. 28 d 
1.00 1. 234 1. 234 1. 20 
2.00 1.13 1.13c 1. 23 
3.00 1.04 1.03 1. 27 
4.00 0.95 0.93 1. 33 
5.00 0.78 1. 30 

a. See Ref. 8. 
b. n indicates viscosity (poise). 
c. Interpolated values. 
d. Data. normalized at this concentration. 

5. Work cosponsored by the· U.S. Atomic Energy Commission. 

6. Visiting scientist from the Weizmann Institute, Rehovot, Israel. 

7. F. Nelson, J. Polym. Sci. ~· 563 (1959); F. Nelson and.K. A. Kraus, 
Production and Use of Short-Lived Isotopes from Reactors, vol. 1, . 
pp. 191-213, IAEA, Vienna, 1962; A. E. Marcinkowsky, F. Nelson, and 
K. A. KrAuR, .T. Phys ~ C:hP.m. f~~· )03 (1965). 

8: R. Mills, J. Amer. Chern. Soc. ;u,, 6116 (1955). 
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A preliminary study has been made to investigate the feasibility of 

using the radiometric porous-frit method to measure diffusion coefficients 

at temperatures other than 25°C~ A difficulty arises from the lack of 

available diffusion coefficient data at other temperatures to use for 

calibration. The following study was carried out to see if it is 

possible to calibrate a frit at one temperature and then use the same 

calibration for diffusion studies at other temperatures. 
+ Measurements were made of half-times (~1/2) for Na ion removal 

from a gold frit in 0.05, 0.10, arid 1.0 !:'!. NaCl solutions at several 

temperatures in the range 15° to 85°C. The half-times changed by about a 

factor of 4 over this temperature range. Self-diffusion coefficients are 

inversely proportional to ~1f2 values, the proportionality constant being 

the frit calibration factor. To estimate constancy of this factor the 

~1 ; 2 values as a function of temperature were compared with limiting 

conductance data9 since these can also be related to diffusion coeffi

cients. The comparison is shown in Fig. 1.5.1. The ordinate gives the 

ratio of solution viscosity to ~1 ; 2 and also the viscosity-conductance 

product, both quantities normalized· at 2S·o. The variation of the two 

quantities with temperature is very similar, indicating that it is 

satisfactory to use a single frit constant to determine diffusion 

coefficients at temperatures other than the one at which the frit was 

calibrated. 

1.6 SELF-DIFFUSION COEFFICIENTS OF Na+ IN 
SODIUM PHOSPHATE SOLUTJONslO 

H. 0. Phillips and K. A. Kraus 

+ Self-diffusion coefficients of Na have been determined by the 

radiometric porous-frit method in sodium phosphate solutions at 25°. 

Measurements were made at several salt concentrations, up to 0.4 M for 

9. R. A. Robinson and R. H. Stokes, Electrolyte Solutions, 2nd Ed., 
Academic Press, New York, 1959. 

10. ·work cosponsored by the U.S. Atomic Energy Commission. 
.,.· 
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Na 3 P04 and up to 0.6 M for H2NaP04 and HNa2P04. Preliminary results are 

given in Table 1. 6 .1. Viscosity increases with increasing salt concen

tration while VNa decreases. The diffusion-viscosity products do not 

change appreciably with salt used or their concentration . 

. 1.7 TRACER DIFFUSION COEFFICIENTS OF Cu(II) AND La(III) IN 
HCl AND HCio 4 SOLUTIONS AT 25°cll 

A. E. Marcinkowsky and H. 0. Phillips 

The radiometric porous-frit method was used to measure tracer 

diffusion coefficients of Cu(II) and La(III) in HCl and HC10 4 solutions 

at 25°C up to concentrations of 10 M. Preliminary results are given in 

Table 1. 7 .1. In the HCl .system~ VLa decreases slowly as the acid ~oncen

tration increases whil~ V Cu is nearly con!'ltant up to 4 ~ HCl. r.n con

trast, VLa in HCl04 solu~i~ns remains n·early constant up to 3 ~ HC104• 

Beyond this concentration th~re is a rapid decrease with increasing 

concentratio~ ~or both.VLa and Vcu· A similar study on Zn(II) was 

reported in the previous biennial report.
1 

Also listed in Table. 1.. 7.1 are the diffusion-viscosity products for 

each system measured. There is little difference between the two acids 

except at the highest concentrations. 

11. Work cosponsored by the u~s. Atomic Energy Connnission. 
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TABLE 1..6.1 

SELF-DIFFUSION: COEFFICIENTS OF Na +. I.N · SO~ IuM PHOSPHATE SOLUTIONS .AT 25°C 

Salt Gone .. n x .102 V X 105 

Solution (~) (p)a (cm2/sec) Vn x 10 7 

H2NaPO'+ 0.05 o. goa; 1.23 1.12 
0.10 0.926 1.22 1.13 
0.30 0.975 1.16 . 1.13 
o;6o 1. 050. 1.06 1.12 

HNa2PO'+ 0.05 0.919 1.19 1.09 
0.15 0.976 1.13 1.10 
0.30 1.070 . 1.01 1.08 
0.60 1.301 0.89 1.16 

. Na3PO'+ 0.033 0.922 1.15 1.06 
0.10 0.981 1.07 1.05 
0.20 1.076 0.98 1.05 
0.40 1.287 0.85 1.09 

a. Viscosities measured in this laboratory by J. Csurny. 
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TABLE 1. 7.1 

TRACER DIFFUSION COEFFICIENTS AND DIFFUSION-VISCOSITY PRODUCTS OF 
Cu(II) AND La(III) IN HCl AND HCl04· SOLUTIONS AT 25°C 

Cone. 
(M) 

0.0 
0.25 
1.00 
1. 94 
3.01. 
4.16 
6.06 
8.01 

10.0 

0.245 
l.lU 
1. 86 
3.04 
3.96 
6.12 
7.76 
9.76 

V x 10 5 (cm2 /sec) (Vn/no)a x 10~ (~m 2 /sec) 
.·tu(II) La(III) 

o. 713b 
.71 
.71 
.71 
.70 
.70 
.67 
.62 
.57 

HCl Solution 
. 0.618b 

.59 

.58 

.57 

.53 

.49 

.43 

.39 

Cu (II) La (III) . 

o. 713 
.72 
.76 
.79 
.83 
·.as 
.94 
.99 

1.04 

. o. 618 

.62 

.65 

.68 

.67 

.69 

.69 

.72 

HC10 4 Solution 

.74 

.76 

.75 

. 73 

.69 

.57 

.28 

.62 

.62 

.61 

.57 

.45 
• 1.1 

. 20 

.74 

.76 

.78 

. 81 . 

.84 

.92 

.90 

.6J 

.G4 
.• 68 

.69 

.72 

.70 

.65 

a. n
0 

is the viscosity of water at 25°C. 

b. Calculated from limiting conductance values using 
the Nernst Equation. 

.. _____________ _ 



· 2. Thermodynamic and Transport Properties In 

Water-Organic Systems 

Summary 

In previous biennia, ·interesting correlations were found between· 

properties of membranes and of chemically similar organic-water solutions 

("model solutions"). Measurements of activity coefficients of salts 

have been particularly helpful in rationalizing equilibrium properties 

of membranes pert.inent to their hyperfiltratiqn behavior. For a neutral· 

membrane, activity coefficient ratios of a solute between membrane and 

solution determine the distribution coefficient of the salt. Measurements 

of the activity coefficients of salts in solvents containing water plus 

acetylated glycol's correlated well with properties of cellulose acetate 
. . 

membranes--salt activity coefficients in the water-organic sol~tions 

increased with increasing degree of acetylation and with decreasing water 
1' 

content. Quantitative correlation with distribution coefficients of 

membranes, measured at Gulf General Atomic, was about as close as one 
2 

could expect. Measurements with aliphatic and aromatic polyamide-
3 

water solvents suggested that membranes of these substances might have 

favorable desalination properties, a prediction confirmed by later 

developments. 

In general, the model solution studies indicated that low water 

contents should be conducive to high salt rejections. Results with 
··4 

poly(vinylpyrrolidone) film membranes, for example, follow this trend. 

Membranes dynamically formed from poly(vinylpyrrolidone) have shown low 

salt rejection. Since the high solubility of this polymer indicates strong 

1. K. A. Kraus,_ R. J. Raridon, and W. H. Baldwin •. J. Amer. Chern .. Soc. ~' 
2571 (1964). 

... 

2 . .J:.~.H~· ... :!9.l!!!.;>()_D.:.• .. J):·.!..•. L .. _D~esner, ar1~K. A. Kraus, Chapt. 8 i~ Principl:e§l_ 
9f Desalinati9~, K. S~. Spiegler, e~., Academic Press, New York (1966). 

3.~ C. ]?. Coleman,_J. Phys, Chern. f?Jt,.l377 (1965). 

4. R. _L .. Ril~y, C. R. Lyons, and U. Merte{1, Desalination ~ •. 177 (1970). 

-27-
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water-or9anic interactions, the dynamic membranes probably are of high 

water content, and thus are consistent with the observations with film 

membranes. The importance of casting procedures and subsequent mem

brane treatments thus appears to be primarily ip determining the thick

ness and integrity of the salt-rejecting layer and its water content. 

During this biennium, several additional water-organic systems 

were investigated. One of particular interest involved pyridine, 

Rinr.P. advantage could be taken of its we~k-electrolyte properties to 

study it both as a ne-utral material and as an electrolyte. Effect of 

molecular weight and branching on NaCl activity coefficients was 

investigated with a number of polyalcohol-ethers. Alkyl sulfoxides and 

quaternary amine salts also received attention. 

Self-diffusion of ions in water-organic solutions was studied by the 

porous-frit method discussed in Section 1. Correlations of kinetic 

properties between solutions and membranes are not as _straightforward as 

of equilibrium properties.. With low-molecular-weight glycols, the pro

duct of the diffusion coefficient of Na+ in water-organic s~lutions 
and the viscosity of the solution is to a rough approximation independent 

of water content. With polymeric organic components, the correlati.on 

disappears. With polymeric organic components, both in water-organic 

solutions and in membranes, diffusion ~oefficients, V, are a strong 

function of water content, f • Over a large composition range, log V 
-w 

decreases linearly with log f •5 
. . -w 

·' -
The slope (d log V/d log f ) is 

-w 
greater (more negative) for membranes than for most water-organ-ic 

solutions. With a series of cellulosic membranes whose permeabilities 

indicated a wide range of pore sizes, the pore sizes were shown to be 

unimportant in comparison with the water content in determining diffusion 

coefficients. 

In supporting work, dielectric constants of water solutions of 

amides were measured, and photopolymerization procedures utilizing uranyl 

ious were developed. 

5. K. A. Kraus, H. 0. Phillips, and ~~~~~~rcinkowsky, U.S. Office of 
!'lAl ine Water Rese~rch and Development Report 685. (~~.71), P.~. 77.-



... zg_ 
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2. 1 PROPERTIES OF ORGAN-IC-WATER MIXTURES.. V 1. ACTIVITY COEFF I
CIENTS OF SODIUM CHLORIDE IN SATURATED WATER-PYRIDINE MIXTURES.AT 

5- AND 2 5° 1 

Richard J. Raridon, Willis H. Baldwin, and Kurt. A. Kraus 

The solubility of NaCl in mixtures of pyridine and water was determined at 5 and 25° by 
packed-column· techniques. Miscibility limits of pyridine and water in saturated N aCl 
solutions ·were established. its. a function of temperature. The pyridine-water system, 
saturated with NaCl, was found to have a lower consolute temperature of 11 o with a 
broad minimum from 20 to 40 wt % pyridine. From the solubility data, activity coef
ficient ratios, I'*, of N aCl were computed. The values of I'* at 5°, where the system is 

, completely miscible, and at 25°, where a miscibility gap from 6 to 63 wt % pyridine is 
present, did not differ appreciably. Comparison is made of activity coefficient ratios with 
salt rejection by hyperfiltration membranes containing poly(4-vinylpyridine). 

As part of the study of water desalination by hyper
filtration (separation of salts from water by filtration 
through suitable membranes under pressure) thermo
dynamic and transport data for a variety of organic
water mixtures have been measured. Previouspapers2 •8 

dealt with the comparison of activity coefficients of 
several salts, including N aCl, in water-organic mixtures 
at saturation. Several of-these solvent systems showed 
miscibility gaps with salts present.· When using model 

solution systems for predicting properties of mem
branes, one wonders about the direct applicability of 

(1) (a) Research sponsored by The Office of Saline Water, U. S. 
Department of the Interior under e. Union. Carbide Corp. contract 
with the U. S. Atomic Energy Commission; (b) previous paper 
in series:· A. E. Me.rcinkowsky, H. 0. Phillips, and K. A. ·Kraus, 
J. Phys. Chem., 69, 3968 (1965). 
(2) K. A. Kraus, R. J. Re.ridon, and W. H. Baldwin, J. Am. Chem. 
Soc., 86, 2571 (1964). 
(3) C. F. Coleman, J. Phys. Chem., 69, 1377 (1965). 
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the values of the activity coefficients, 'Y:1: •, of salts 
obtained in homogeneous systems to these intrinsically 
two-phase systems. Estimation of 'Y:1: • for partially 
miscible systems and suitable interpolations seem 
satisfactory if one can assume that the presence of a 
miscibility gap has little influence on the activity coef
ficients of the salt, although, of course, activities of the 
water and organic components can be very different for 
miscible and immiscible systems. 

The present paper deals with a test of this assumption 
with the pyridine-water system. There is· a large 
miscibility gap in this system at 25° when saturated 
with NaCI. However, at low temperatures ( <11 °), 
the pyridine-water system saturated with N aCl is 
completely miscible and activity coefficients can be 
measured by the solubility method in the same solvent 
system but under conditions of both miscibility and 
immiscibility. 

Ex.,erimental Section. 

J. Method. The solubilities were measured using 
the packed-column techniques previously described. 2 •4 

These techniques are particularly well suited for 
measurements at other than ambient temperatures. 
Analyses were by titration with silver nitrate, using 
chromate as indicator, except for measurements at 
pyridine contents of 95% or greater where a Buchler
Cotlove chloridometer was used to obtain the desired 
accuracy. It was necessary to evaporate the pyridine 
from the collected samples because of interference with 
the titration. 

F'or the miscibility studies, weighed amounts of 
pyridine and water were added to a 5-ml flask. Suffi
cient N aCl was added to saturate the mixture. The 
flask was placed in a water bath and the mixture 
agitated. with a magnetic stirrer. The temperature 
was gradually changed and visual observation was used 
to determine the maximum temperature for miscibility 
in the presence of solid N aCI. 

2. Materials. Reagent grade NaCl was used, with 
a stated maximum impurity of 0.025%. It was dried 
for 24 hr at 400° to remove traces of moisture. The 
pyridine was purified by standard distillation tech
niques. It was analyzed by Karl .Fischer titration and 
wo.o founc.l Lu uunLuiu 0.07% wall:lr. 

Results and Discussion 

1. Miscibility Limits. Pyridine and water, which 
are miscible in all proportions, are salted out by NaC1.6 

In the present study, we found that the miscibility gap 
at 25 ° extends from ca. 6 wt % pyridine to ca. 63 wt % 
pyridine when saturated with NaCI. The gap is 
smaller at lower temperatures and disappears entirely 
below ca. 11 o. Measurements of maximum tempera
ture for miscibility at saturation with N aCl were made 
at selected pyridine-water co~positions in the presence 
of solid N aCI. Readings made as the temperature was 

Figure 1. Effect of temperature on the miscibility 
of pyridine-water mixtures saturated with NaCI. 

ilicreMed and then decreased, generally agreed to within 
0.5 o. The rcaulta o,rc ohown- in FigUro. 1. Tho mio 
cibility curve is asymmetrical, with a bruac.l minimum 
extending from 20 to 40 wt % pyridine, at which the 
maxi.mum miscibility temperature is 11 o. The curve 
rises rapidly at high water contents, with the max~um 
miscibility temperature being over 100° at 4.5 wt % 
pyridine. ' There is a gradual increase in maximum 
temperature with increasing pyridine content between 
40 and 65 wt % pyridine, beyond which there is a 
rapid rise in the maximum temperature. 

2. Solubility of NaCl. The solubility of NaCl was 
measured at 5° over the entire range of pyridine-water 
compositions and at 25" in the organic-rich end of the 
phase diagram (above 63 wt %pyridine). The results 
are given in Table I. The solubilities at 5° are some
what. lower (at the same solvent composition) than 
those at 25 o, except at 95 wt % pyridine, . where the 
solubility of NaCl at 5° seems slightly higher than at 
25°. 

Til~le I: BoluLiliLy of NaOI in Pyridine-Water 
Mixtures at 5 and 25° 

Solubility in mixed solvent, Activity coeftioient ratios, 
Wt% g/kg--------. ~r 

pyr!di~t:t ~;• ?,JiiO n• 21\0 

0.0 357 31>0 !.00 1 .. 00 
25.0 225 1.19 
50.0 113 1.58 
65.0 50.5 53.2 2.47 2.37 
75.0 18.3 20.6 4.88 4.37 
85.0 3.43 3.95 15.6 13.6 
90.0 1.13 1.14 31.6 31.6 
95.0 0.18 0.15 99 120 
99.9 <0.001 

(4) K. A. Kraus, H. 0. Phillips, and F. Nelson, "Radioisotopes in 
the Physical Sciences and Industry, Sept 1960," Vol, Ill, IAEA, 
Vienna, 1962. 
(5) P.M. Ginnings, B. Webb, and E. Hinohara, J. Am. Chem. Soc., 
55, 4898 (1933). 
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3. Activity Coefficients of N aCl. The results at 
different temperatures can be compared in terms of an 
activity coefficient ratio, r*. = 'Y± *!'Y± where the 
activity coefficient in the mixed solvent, 'Y± *, is com
puted on the same basis as that in water ('Y±), namely, 
by using the same standard state as in water and. ex
pressing concentrations in moles per kilogram of water. 
r* thus measures the relative selectivity of the medium 
for salt and water; it is a useful quantity for evaluation 
of model solutions for hyperfiltration membranes. 6 

. If Saq i:s the :solubility iu pure water aud 80 is the 
solubility in the water-organic mixture, both expressed 
in moles per kilogram of solvent, andfw is the fractional 
water content of the pyridine:-water mixture (kilogram 
of water per kilogram of solvent), r* is given by 

(1) 

r* is approximately the same as 'Y± *for NaCl since, by 
coincidence, at saturation 'Y±Naci "'" 1. 

Values of r* obtained in the present study are listed 
in Table I. The variation of r* with temperature is 
less than the variation of solubility, since NaCl is 
slightly less soluble at the lower temperature. The 
miscibility gap at 25° seems to have no substantial 
effect on the activity coefficient ratios in the miscible 
region of the solvent system at 25°. 

Although activity coefficients are evaluated here at 
saturation (activity aNac1 = 38.4) rather than infinite 
dilution, correlation with dielectric constants E seems 
of interest. Dielectric constants of pyridine-water 
mixtures were measured ·(see Table II) at 25° with a 
cell and bridge arrangement essentially identical with 
that used by Fuoss and coworkers.7 Values of E for 
the mixtures at .5o were calculated assuming a linear 
variation of log E with temperature, as is the case with 
water and pure pyridine over this .temperature range.8 

For pyridine, d log E/dT = -0.00182 and for water 
I 

d log E/ dT = -0:00204; for intermediate compositions 
the slopes were assumed to vary linearly with water 
content. 

Table II: Dielectric Constants of Pyridine-Water Mixtures 

Wt% Dielectric constant 
pyridine 25° sob 

0 78.5 86.2" 
25 04.0 70.1 
50 40.5 54.1 
65 40.4" 44.1 
75 33.9 37.0 
85 26.4" 28.8 
90 22.3 24.3 
95 18.0" 19.6 

100 13.2 14 . .4" 

· •. Jnterpolated values. b Values for mixtures calculated from 
·25° values by extrapolation using temperature. coefficients given 
in text. 

.9 . . .... 

( .,, • .,) -1 

Figure.2. Activity coefficients of NaCl at 
saturation in pyridine-water mixtures. 

In Figure 2, log r* -log X1 (X1 is the mole fraction of 
water in the mixture) is· plotted vs. (Ed Eu) - 1, where E1 

and E13 are the dielectric constants of water and of the 
water-pyridine mixture, respectively. The plot is 
linear, except for a slight curvature near the origin. 
Qualitatively a linear variation of (log r* - log ·X1) 

with ((EI/E13) - 1) is perhaps expected. Lanier9 used a 
similar plot, suggested by Scatchard, 10 to compare 
activity coefficients (at infinite dilution of salt) in 
different water-organic systems. Lanier employed an 
emf method to measure N aCl activities as a function of 
concentration and then extrapolated to get 'Y± * at 
infinite dilution. He found that the quantity (log 
'Y±., * - log X 1) vs. the same reciprocal function of the 
dielectric constant (p in ref 9 corresponds to E13/ E1) 

gives plots that are roughly linear, but with different 
slopes for different water-organic mixtures. Appar
ently similar linear variations hold at saturation. 
The curvature near the origin occurs at high water 
contents and high solubilities where, in addition to the 
Debye-Hiickel function, terms linear in concentration 
become increasingly important for representing activity 
coefficients. 

,4. Some Implications for Hyperfiltration. In hyper
filtration (removal of salts from solution by pressure 
filtration through suitable membranes) limiting salt 
rejection R., at sufficiently high fluxes of water is 
related to .a distribution coefficient D* at the entrance 
interface by6 

1 - R., = .{JD* (2) 

(6) J. S. Johnson, L. Dresner, and K. A. Kraus in "Principles of. 
Desalination," K. S. Spiegler, Ed., ·Academic Press Inc., New 
York, N.Y., 1966. . 

(7) i E. Lind, Jr., and R. M. Fuoss, J. Phys. Cliem., 6S, 999 (1961). 

(8) F. Buckley and A. A. Maryott, "Tables o£ Dielectric Dispersion 
Data for Pure Liquids and Dilute Solutions," National Bureau o£ Stan
dards Circular No. 589, U. 1:!. Uovernment Printing Utlice, Wash
ington, D. C., 1958. 
(9) R. D. Lanier, J. Phys. Chem., 69, 3992 (1965). 

(10) ·a. Bcatchard, ibi4., 68, 1056 (1964). 
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Here p is a coupling coefficient which is pr~sumed to be 
usually hetween 0 and 1. Thus, a low value of D* 
is equivalent to good limiting salt rejection and for 
{3 = 1, R., = 1 - D*. The distribution coefficient 
(for uncQarged. membranes) in turn is related to the 
activity coefficient ratio by D* = 1/I'*. Present 
observations support the view that the miscibility gap, 
which by necessity exists in a membrane-water system, 
does not seriously affect prediction of D* from the 
values of I'* obtained from a suitable model water
organic system. Hence one predicts that pyridine
containing membranes should have good salt-rejecting 
properties at sufficiently low water content and dielec
tric constant. Predicted asymptotic rejections R., 
for {3 = 1 for a "pyridine membrane" are given as a 
function of fw in Figv.re 3 and as a function of (EdE!~)-
1 in Figure 4. We presume that the dielectric constant 
variable is more directly applicable to membranes 
whir.h, in general, will also contain other groups. 
Since for neutral membranes {3 ~ 1, the values of· R., 
given should be lower limits. Also, at a given water 
content I'* and hence R., are usually less at ·saturation 
than at lower activities a. 

We have attempted to · prepare hyperfiltration 
membranes from various pyridine derivatives but with 
only limited success.. ·Membranes prepared by grafting 
poly(4-vinylpyridine) to cellulose membranes (Schlei
cher and Schuell 06, 07, and 08) yielded salt rejections 
of 2o-45% (0.5 M N aCl) and fluxes of 1-4 gal/ day 
ft2 at 1.50)-2000 psi pressure. 

In attempts to cast poly(4-v1nylpyridine) from 
various solvents, a membrane prepared from a meth
anol-glyceroi solvent mixture (0.5 g of polymer in 5 ml 
of methanol and 1 ml of glycerol) gave 70 % salt rejec
tion (0.5 M NaCl) i flux was only 1.5 g~ljday ft 2 at 2500 
psi pressure. . However, considering the thickness of this 
neutral membrane (43 ~o~, measured wet), its flux seems 
high. A cellulose acetate membrane of the same thick
ness should have a flux of 0.14 galjday ft2 if Reid and 
Breton's permeability data11 are 1.18P.n.t2 

The water content of this membrane was 48.8%, as 
determined by "wet" and dry weighings. Using the 
values of I'* for pyridine (Figure 3) at this composition, 
one predicts that (1 - ,R., ) ~ 0.62 or R., ~ 0.38. As 
already mentioned, there are severe! reasons why one 
expects Robsd to be larger than the computed limiti~g 
value of R.,. (Effects which might cause Robsd to be 
less than R., are concentration polarization and too 
low a pressure to reach R.,. We presume that these 
effects should be negligible here.) The observed rejec
tion was obtained at M = 0.5, rather than at saturation· 
D* should be less (or !'*larger) at M = 0.5 than at satu~ 
ration. 9 The calculations refer to pyridine; a substituted 
pyridin~ (e.g., methylpyridine) with a presumably lower 
dielectric constant and hence probably higher values of 
I'* should be a better model. Finally, the calculations 
assume {3 = .1; values of {3 < 1 for this system are not 

z 
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Figure 3. Computed salt rejection for pyridine 
»yst.em (s11turRted NR.OI, {J = 1). 

?. 
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Figure 4. Computed sal.t rejection for pyridine 
system (saturated NaCI, {j = 1). 

4 

unexpected. we thus consider the agreement between 
computed and observed· rejections satisfactory and 
conclude that this membrane probably was reasonably 
homogeneous and free of pinhol~.s. 

Use of the dynamic technique13 gave poly(4-vinyl
pyridine) membranes with somewhat better rejections 
and fluxes. Thus chloride rejection of 90% was ob
served with sea water at fluxes of 3 gal; day ft 2 at 1500 psi 
pressure. Presumably, this membrane had a somewhat 
lower water content and was much thinner than the 
cast membrane. Hopefully, still thinner membranes 
will eventually be prepared which permit fuller exploi
tation of the attractive intrinsic salt-rejecting proper
ties of these pyridine-based materials. 

Acknowledgment. We are greatly indebted to J. S. 

(11) C. E. Reid and E. J. Bre~n. J. Appl. Polymer Sci. 1 133 
(1959). ' ' • 

U:ill R, J, R11.ri\19n, L. Dresner, and K. A. Kraus, Desalination 1 
210 (1966). I I 

(13) K. A. Kraus, A. J. Shor, and J. S. Johnson, Proceedings of the 
Second European Symposium on Fresh Water from the Sea Athens 
1967; Desalination, 2, 243 (1967). ' ' 
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2.2 ACTIVITY COEFFICIENTS OF NaCl IN 
SATURATED ORGANIC-WATER MIXTURES 

R. J. Raridon .and K. A. Kraus 

The solubility of NaCl was measured at 25° in water mixtures of a 

number of dials and ethers containing 4 to 9 carbon atoms. Activity 

coefficient ratios were calculated for mixtures containing 5% and 15% 

water, as part of the continuing study. of the effects ot tunctional 

groups, molecular weights, and branching un the water miscibility of 

organic compounds and the activity coefficients of salts in water 

mixtures of these compounds. 

If s is the solubility in pure water and s the solubility in 
-aq -o 

the water-organic mixture, both expressed in moles per kilogram of 

solvent, and f is the fractional water content of the solvent (kg of 
~ 

H2 0 per kg of solvent), f*, the activity coefficient ratio is given by 

= s f /s , 
-aq-w -o 

where the activity coefficient in the mixed solvent, y±*, is computed 

on the same basis as that in water (y±), namely, by using the same 

standard state as in water and expressing concentrations in moles per 

kilogram of water·. 

Table 2.2.1 lists the compounds studied and the values of f*. As 

found previously, f* for NaCl generally increases with increasing 

moler.ular weight in a homologou$ series, and decreases with increased 

branching of isomers. However, if the branching involves the functional 

groups, such as -OH, f* may increase with increased branching, as 

evidenced by 1,6-hexanediol (1'* = 3.~) and 2,5-hexanediol (f*,. 7.1). 
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TABLE 2.2.1 

AC'l'IVITY COEFFICIENT RATIOS OF NaCl IN ORGANIC-WATER MIXTURES AT .2S o 

,COmJ?OUnd 

Propylene glycol monomethyl ether 
CH3CH(OH)CH20CH3 

1,5-Pentanediol 
HUCsH1 oOH 

1,6-Hexanediol 
HOC6Hi 20H 

2,5-Hexanediol 
CH3CH(OH)C2H4CH(OH)CH3 

2-Methyl-2-ethyl propanediol 
HOCH2C(CH3)(C2Hs)CH20H 

2-'Methyl-2,4-pentanediol 
CH3C(OH)(CH3)CH2CH(OH)CH3 

Tetrahydropyran-2-methanol 
OC4HeCHCH20H 
I I 

1.2,6-ffexanetriol 
HOCH2CH(OH)C4HeOH 

Dipropylene glycol monomethyl ether· · 
HOC3HsOC3HsOCH3 

Butoxyethoxypropanol 
C4HgOC2H40CH2CH(OH)CH3 

.. 

f*(S% H20) 

7.0 

6.7 

t'oo viscous 

26 

too viscous 

18 . 

2.4 

0.9 

4.7 

22 

f*(l5% H20) . . 
3.6 

4.5 

3.8 

7 .. 1 

.2 .o 

two-phase system 

1.9 

1.4 

3.2 . 

·two.:.:phase system 
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2.3 ACTIVITY COEFFICIENTS OF K2SO~ IN AQUEO~S SOLUTIONS OF 
PYRIDINE AND PYRIDINIUM SULFATE 

H. E. Hellwege, 7 R. J. Raridon, and K. A. Kraus 

In Section 2.1, activity coefficients of NaCl in pyridine-water solu

tions saturated in the salt were correlated with hyperfiltration of NaCl 

by poly(vinylpyridine) membranes. Pyridine is a weak electrolyte, and an 

interesti-ng aspect of membranes based on polymers of it is the option of 

varying their character from neutral to ion-exchange by changing the pH 

of the contacting solution. Analuguu8 model solutiono can be prepared 

by acid additions to pyridine-water systems, to convert part of the · 

pyridine to the pyridirtium iun. It seemed of interest to study ~ 2:1. 

electrolyte. With sodium sulfate there would be complications arising 

from the fact that the solid would be a hydrate. Consequently, potassium. 

sulfate was adopted as the solute for these studies. 

K2SO~ in pyridine-water solutions: Solubilities of K2S04 in 

pyridine-water, measured by packed-column techniques, 8 are listed in 

Table 2.3.1. To facilitate analyses, the salt was spiked with ~ 2K 

tracer. Values of the activity coefficient ratio, 

f* = 
s f 

= -aq-w 
8 --o 

2.3.1 

of K2SO~ in a saturated solution in the mixed solvent to that in water are 

presented in Fig. 2.3.1. As in Section 2.1, the asterisk on r indicates 

that the concentration scale is moles salt/kg water in both the rulx~u 

solvent and water; s indicates solubility in water; s solubility irt 
-aq --o 

moles/kg of mixed solvent; f weight fraction of water in th~ m1x~u -w 
solvent; y±, the mean ionic activity coefficient, the asterisk on y± 

signifying the water-organic 1;;ulution. The standard state is thP s~me 

for both media, selection being to make the salt activity coefficient 

unity at infinite dilution of the salt in water. 

6. Cosponsored by the U.S. Atomic Energy Commission. 

7. 1967 Summer Research Participant (Oak Ridge Associated Universities) 
from Rollins College, Winter Park, Florida. 

8. K. A. ~raus, R. J. Raridon, and W. H. Baldwin, J. Amer. ~hem. Soc. 
~, 2571 (1964). 



,-37-

~ ; I 

TABLE 2.3.1 

SOLUBILl;TY OF K2S04 IN. PYRIDINE (P)-H20 AT 25°. 

Solubility, K2SO~t . 
Wt. % H20 Wt. % p gm/kg of solventa 

100.0 0.0 120.4 

91.0 9.0 73.2 

86.3 13.7 58.1 

75.0 25.0 30.5 

50.0 50.0 2.9 

43.0 , 57.0 1.0 

35.0 65.0 0.21 

25.0 75 .. 0 0.018 

20.0 80.0 0.0070. 

15.0 85.0 0.0031 

io.o 90.0 0.0013 

a. Solvent is pyridine plus water. 
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FIG. 2.3.1 ACTIVITY COEFFICIENTS OF K2 S04 AND NaC1 IN PYRIDINE
WATER MIXTURES AT 25°C. Points indicated by X taken from 
J. J. Fox and A. J. H. Gauge, J. Chern. Soc. ~z, 377 (1910). 



-39-

The activity coefficient ratio f* rises very rapidly with increasing 

organic·content (decreasing dielectric constant), becoming larger than 104 

at >90% organic content. Comparison of solubilities, on the basis of 

activity coefficients computed from them, with literature values9 is 

satisfactory, at least below 50% organic. At higher organic contents, 

low solubilities make measurements '.by coiwentional analytical techniques· 

difficult, and we suspect our-measurements, by tracer ·techniques, are 

more accurate. As expected, values of f* are much higher for K2S04 at 

25° than for NaCl at 5°C (miscibility gaps in the NaCl system preclude 

a comparison at 25°C). 

K2S04 in pyridine-water..;.H2S04 solvent: Solubilities of K2S04 

in pyridine-water solutions, in which the pyridine is converted to varying 

exten.t to the salt form by H2S04 addition, are given in Table 2.3.2. 

Values are arranged in order of percent neutralization of the pyridine. 

By inspection, it can be seen that for a given '·fraction neutralized, 

solubility, as expected, increases with increasing water content; further, 

for a given water fraction, activity coefficients override the common 

ion effect and solubility increases with increasing neutralization •. 

These trends are illustrated in terms of f* in Fig. 2.3.2. The 

equation for computation of f*·in 

since 

s f 
-aq-w 

s 
--o 

this case. is 

I, m* f J_l/3 L + - (PH) ~04 w J 2.3.2 

where (PH) 2S04 represents pyridinium sulfate. Values of f* decrease with 

increasing percent neutralization and increasing water content. 

Note that as before the starred symbols refer to terms whose concen

tration is expressed in moles/kg of water and subscript "o" refers to 

moles ·per kg of solvent, here defined as the sum of water, pyridine and 

9~ J. J~ Fox and A. J. H. Gauge. J. Chern. Soc •. 't"{• 377 (1910). 
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TABLE 2.3.2 

~·.SOLUBILITY OF K2S04 PYRIDINE (P)-H2S04-H20 AT 25°. 

Solubility, K2S04 
Wt. % H20 Wt. % p Wt. % :EhSO~+ % P Neutralizerl gm/kg of H20 + P + H2S04 

22.64 76.83 0.53 1.12 0.036 

32.43 66.81 0.76 1.84 0.242 

22.64 76.15 1. 21 2.57 0.059 

50.00 48.83 1.17 3.87 . 3.67 

32.43 65.83 1. 74 4.26 0.367 

50.00 47.32 2.68 9.14 4.10 

32.43 63.85 3.62 9.16 0.641 

50.00 44.27 5.73 20.9 5.29 

43.09 43.44 13.47 50.0 3.33 

50.00 38.16 11.84 50.0 5.63 

60.41 30.22 9.37 50.0 14.3 

24.28 46.74 28.98 100.0 0.80 

29.98 43.22 26.80 100.0 1.29 

32.43 41.71 25.86 100.0 1.66 

37.00 38.89 24.11 100.0 2.57 

50.00 30.86 19.14 100.0 8.51 

75.01 15.43 9.56 100.0 46.8 
___ ,..__. 
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FIG. 2.3.2 ACTIVITY COEFFICIENT RATIO OF K 2 SO~ IN PYRIDINE
Hz0-H2SO~ SYSTEMS AT 25°C, 
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sulfuric acid; i.e., including water, pyridine, and pyridinium sulfate. 

The rapid decrease at low percentage neutralization is qualitatively 

consistent with what might be expected from Debye-HUckel effects, since 

the square .root of ionic strength changes most rapidly with pyridinium 

sulfate concentration at low concentration~. The ~teeper decline at 

lower water content is consistent with the lower dielectric constant and 

consequent· larger magnitude of the Debye-Huckel limiting .slope. 
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[Reprinted from J. Chern. Eng. Data ~' 267 (1968)] 

Copyright 1968 by the American Chemical Society and reprinted by permission 
of the copyright owner. 

2.4 SOLUBILITIES AND ACTIVITY COEFfiCIENTS OF SODIUM CHLORIDE 
AND .POTASSIUM CHLORIDE IN ORGANIC-WATER MIXTURES. METHYL(2-
ETHYLHEXYL)SULFOXIriE AND SEVERAL QUATERNARY AMMONIUM CHLORIDES 

AND ·cARBOXYLATE$ CONTAINING WATER 

C. F. Coleman 

Organic-phase activity coeHicients ")',. * or ratios r = ")',. * /'Y ,., which measure the 
selectivity of an organic liquid for extracting water in preference to salt, were deter
mined for inorganic salts in a series of quaternary ammonium salts and in methyl(2· 
ethylhexyl)sulfoxide (MEHSO). Results support the previous generalization (from esters 
and amides) th.at the . selectivity is controlled mainly by the water content of the 
organic,rich phase,- but the selectivities with the present compounds are relatively 
low. In the absence of inorganic salts, saturation mole ratios of water to quaternary 
salt at 25° C. ranged from 2 to ·1 5 (up to 28 wt. % of water). increasing with 
decreasing molecular weight and with decreasing symmetry. Saturated MEHSO con
tained 57 wt. % of water at 25° C., with only 1.7 wt. % of MEHSO in the 
water-rich phase; mutual solubility increased t~ a lower consolute point at 8° C. 
and 86 wt.% of water. 

As a part of a water research program directed toward 
a better understanding of selective hyperfiltration 
membrane behavior, the selectivity of a dialkylsulfoxide 
and of a series of quaternary ammonium salts for water 
over inorganic salts was examined by measuring the activity 
coefficients of sodium and potassium chlorides, via solu
bilities and liquid-liquid distributions. The principal 
objective was to test extension of the generalities previously 
observed for both esters (2) and amides (1) to still different 
types of organic compounds. The quaternary ammonium 
salts were varied in regard to both structure and equivalent 
concentration, in the hope of finding P.it.hP.r nm.lfi1.1!1!ly high 
selectivity for water over salt, or reversal to a useful selec
tivity for salt over water: The results do support the previ
Ow> gemn·ali:talion that the selectivity tor water over salt 
is controlled mainly by the water content of the organic
rich phase, and they show some consistent dependence of 

.water capacity on structure. However, the selectivities for 
water over salt were relatively low, and no instance of 
selectivity for salt over water was found. 

The sulfoxide was examined because in the course of 
a study of metal-ion extractions by a series of dialkylsulfox
ides (3), this one compound, the unsymmetrical methyl(2-
ethylhexyl)sulfoxide (CsH17-SO-CHa, MEHSO), was ob-
served to dissolve a considerable amount of water although 
not itself very soluble in water. · 

EXPERIMENTAl 

Solubility of water in the qua.temary ammonium AAlt.cl 
was measured in liquid-liquid equilibrations with inorganic 
salt absent, present at tracer concentration, or present at 
saturation. Solubility of the inorganic salt in the organi<; 
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phases was also measured (by means of radioactive tracer) 
in the latter liquid-liquid equilibrations. When the water 
content of the organic phases was limited to less than 
saturation, the inorganic salt solubility was measured by 
saturation in slow flow through a salt-packed column. 
Quaternary ammonium salt solubilities in the water-rich . 
phases were determined in separate equilibrations with con
secutive increments of the organic salt until a visible excess 
( <0.01 ml.) remained undissolved. Details of these methods 
were reported (1). MEHSO-in-water and water-in-MEHSO 
solubilities were determined by measuring cloud-point tern- · 
peTatures. 

Tracers 24Na and '"K were obtained first from the ORNL 
Radioisotopes Division and later were prepared by special 
irradiation. The quaternary ammonium cations and the 
carboxylate anions are identified in Tables I and II. Aliquat 
336 and Aliquat 204 were obtained from General Mills, 
Inc., the other quaternary ammonium chlorides and the 
pivalic and ethylbutyric acids from Eastman Organic Chtan· 
icals, the abietic acid from Arizona Chemical Co., and 
the neodecanoic acid from Enjay Chemical Co. The two 
ester-adds were prepared at ORNL by alcohuly~Si~:~ of the 
acid anhydrides. Aliquat 336 chloride in petroleum ether 
was scrubbed with about 50 volumes of 0.01M HCl solution 
and then with water to remove any significant water-soluble 
fraction, then was recovered in a rotary vacuum evaporator. 
Its equivalent weight and selectivity performance were not 
significantly changed. The other reagents were used as 
received. The quaternary ammonium carboxylates QA v.rere 
prepared by dissolving the calculated amounts of QCl and 
KA separately in petroleum ether (or benzene), mixing 
the solutions to precipitate KCl, and evaporating. 
Approximately 2% excess QCl was used to ensure that 
there would be no excess of A-. Preliminary tests showed 
that replacement of up to 5 wt. % of QA by QCl had 
little effeCt on the uptake of tracer-tagged sodium ion, 
while, as expected, a slight excess of A- increased it 
significantly. MEHSO was prepared both from reaction 
of methyl iodide with 2-ethylhexyl mercaptan and of methyl 
mercaptan with 2-ethylhexyl iodide to produce methyl(2-
ethylhe~yl)Rnlfide, followed by oxidation of the sulfide in 
glacial acetic acid with 30% hydrogen peroxide. The prod
ucts were recovered by vacuum distillation· with a small 
Vigreux column, b.p. 135• C. at 12 mm. Di-n-butylsulfoxide 
was prepared similarly. 

kESULTS AND DISCUSSION 

The mi!!cibility curve of MEHSO and water (Figure 1) 
confirms the highly one-sided solubility behaviOr previously 
suggested (3). · At 25• C. there is 57 wt. % or 0.93 mole 
fraction water in MEHSO (mol. wt. 175.3), but only 1.7 
wt. % or 0.002 mole fraction MEHSO in water. In compari
son, the symmetrical analog dl-n-uuLylsulfoxide, of slightly 
lower molecular weight (162.3) and considerable solubility 
in water (6 wt. %), dissolves only 5 wt. % water. Thus, 
the unsymmetrical structure of MEHSO is an important 
factor in the skewed miscibility gap. This is reminiscent 
of the pair of isomeric amides noted previously (1): Di
methyllauramide dissolved 17.4 wt.% water, .while its isomer 
dipropyloctanamide di8solved only 2.35 wt. %. 

Equilibrium Compositions. The mitial conditions and 
equilibrium phase compositions are shown in Tables I and 
Il. Tn each test. the organic phase was saturated with 
water, with salt (in the presence of limited amounts ot 
water), or with both simultaneously. The water contents 
of MEHSO at different water activities are compared in 
Figure 2. Pure water is taken as the reference state for 
both phases, so that a, is the same in both phases at 
equilibrium. Values of a, for the various (binary) salt solu
tions are from tabulations of Robinson and Stokes (4). 
The MEHSO contents of the aqueous phases are so small 

Table I. Quaternary Ammonium Salts (QA) and 
Dialkylsulfoxide (MEHSO) Saturated with Water; Distribution 

of NaCI and KCI at Tracer Concentrations; 25• C. 

Initial" 
MCpd. 

5.3 
0.5 
0.1 

Wt. %.Water 
Wt. % Cpd. in Org.-
in Aq. Phase Rich Phase r NaCI 

MEHSO: METHYL{2-ETHYLHEXYL)SULFOXIDE 

1.7 57 1.6 
<0.2 4.3 170 
<0.1 0.8 90 

1.4 
120 
60 

Q336-CL: METHYLTRIALKYLAMMONIUM° CHLORIDE 

• 1.9 
• 1.0 
.. 0.4 

0.04 
0.02 

<0.01 

22.1 
8.3 
2.9 

1.8 
3.1 

12.5 

1.5 
2.4 

Q336-HS: METHYLTRIALKYLAMMONIUM0 HEPTADECYL SUCCINATE' 

0 1.1 <0.01 16.9 2.2 2.0 n o.5 .,.4 1.0 

Q336-HM: METHYLTRIALKYLAMMONIUM0 HEPTADECYL MALEATE' 

f) 1.1 <. 0.01 14.3 3.5 
~ 0.4 4.9 27 

. () 1.1 

~ 0.5 

• 1.9 

Q336-AB: METHYLTRIALKYLAMMONIUM0 ABIETATEd 
<0.01 l4.7 3.0 

6.3 18 

HEPT,-CL: 'I'ETRA·n-HEPTYLAMMONIUM CHLORIDE 

0.05 10.8 4.4 

HEPT,-HS: 'I'ETRA-n-HEPTYLAMMONIUM HEPTADECYL SUCCINATE' 

0 1.0 <0.01 8.4 10.4 

Q204-CL: DIMETHYLDILAURYLAMMO!IIIUM CHLORIDE 

• 2.0 0.05 28.4 1.3 

Q204-HS: DIMETHYLDILAURYLAMMONIUM HEPTADECYL SuCCINATE' 

4 ·0.7 <0.01 14.0 2.8 

16 M!!:,..HS: n-HEXADECYLTRIMETIIYLAMMONIUM 
HEPTADF.CYL SucciNATE' 

~ 0.5 <0.01 12.0 2.5 

Clc'ra PR-HS: n-PROPYLTRI-n-OCTYLAMMONIUM HEPTADECYL SucCINATE' 

n o.5 <0.01 4.4 10 

'The mar~nl oymbnlo identify the pnintA plotted in Fi~rnre 3. 
X-marked symbols ~- etc.) indicate dilution with diethylbenzene 
Lu Lhc molarity ohown. • Aliquat 336 rnntAinR 8 random mt\!ro 
of n-alkyls, principally octyl and decyl plus some hexyl and Iaury!. 
'Mnnnp.qt.P.r of dicarbQx:vlic acid with 3,9-diethyltridecanol-5. 
• Mixture of abietic acid {90%) with some other closely sliilliar i'6sln 
acids. 

(maximum, 0.00?. mnlP. fraction m water) that with at least 
approximate conformity to Raoult's law the effects on a, 
are negligible. Of the esters (2) and amides (1) previously 
reported, only two extracted enough salt (MgCl2) for it to be 
a significant component in the organic-rich phase and to 
increase the extraction of water; in all of the other tests 
the values of a, vs. X, fell along a single smooth curve 
for each organic reagent, such as indicated by the dashed 
line in Figure 2. In contrast, MEHSO extracted a significant 
amount of every salt tested, and along with it, more water 
than would be proportional to a,, so that the points are 
not alignl:lu. Thib o::fft!Gt appcaro to bo greatelit with mllg
nesium chloride and least with potassium chloride. Analogy 
with the amides (1) suggest that the effect should decrease 
and disappear with sulfoxides of higher molecular weight. 
It did disappear for sodium chloride and potassium chloride 
when the MEHSO was diluted with diethylbenzene (Table 
II), which is analogous to increasing the molecular weight 
of the sulfoxide. 
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Table IL Quaternary Ammonium Salts (QA) and Dialkylsulfoxide (MEHSO) Saturated 
with Salt or with Both Salt and Wate~; 25• C. 

Initial" 
MCpd. 

5.3 

0.5 

0.1 

• 1.9 

.l.O 

Contacting' 
Phase 

Organic-Rich Phase 

Wt.% Wt.% 
water salt r salt 

MEHSO: METHYL(2-ETHYLHEXYLSULFOXIDE) 

Sat. NaCl 22 5.1 1.56 
Dry NaCl 11.3 0.9 4.2 

5.5 0.03 70 
3.9 0.010 145 
2.7 0.005 180 
1.8 0.004 155 

Sat. KCl 23 3.8 2.2 
Sat. LiCl 32 30 1.08 
Sat. BaCJ, 37 10 1.13 
Sat. SrCJ, 33 18 1.11" 
Sat: MgCJ, 41 26 1.06 
Sat. NaCl 1.6 0.003 180 
Dry NaCl 0.9 0.002 135 

0.6 0.002 100 
0.2 <0.001 75 

Sat. KCl 1.3 0.003 210 
Dry KCl 0.9 0.002 1:50 . 

0.5 0.001 100 
0.2 <0.001 80 

Sat. NaCl ·0.2 0.002 50 
DryNaCl 0.2 0.001 55 
Sat. KCl 0.3 0.001 65 
Dry KCl 0.2 0.001 40 

.Q336-CL: METHYLTRIALKYLAMMONIUM6 CHLORIDE 

Sat. NaCl 15.0 1.12 1.45 
Dry NaCl 8.5 0.21 2.1 

5.2 0.030 3.3 
4.0 0.004 6.5 
3.5 0.002 7.4 
2.6 <0.001 11.5 
2.4 13 
2.0 18 
0.6 105 

Sat. KCl 17.3 0.48 2.5 
Dry KCl 9.6 0.093 3.0 

6.4 0.025 3.9 
5.1 0.081 5.3 
4.1 0.024 7.& 
3.4 0.012 8.9 
3.0 <:o.oo1 10.3. 
2.8 13 
0.9. 55 

Sat. No.CI 7.2· 0.16-1 !2.6 
Dry NaCl 4.4. 0.013 5.5 

2.7 0.001 H.2 
2.0 <0.001 19 
1.7 25 
1.3 35 
1.2 40 
l.O 65 
0.4 . 110 

Sat. KCI 8.0 0.105 3.2 
Dry KCJ 4.8 0.010 6.2 

...,See Table I. '"Sat. NaCI": saturated NaCl solution plus excess 
crystalS; "Dry NaCl": NaCI crystals,. With limited water CO!ltent 
in the organic phase and no free aqueous phase. Wt. % organic 
cpd. in equilibrium aqueous phases: MEHSO: satd. BaC!,, <0.4; 
sat.d. LiCI, <0.3; satd. SrCJ,; MgCJ,, <0.2; satd. NaCI, KCl, <0.1. 
Quaternary ammonium salts": <0.01 in each. 1Pivalic acid = tri
methylacetlc acid; neodecanoic acid = dimethyl-n-hexylacetic acid; 
ethylbu~yric acid = diethylacetic acid. · · 

Initial" 
MCpd. 

•• 1.4 

Contacting' 
Phase 

Organic-Rich Phase 

Wt.% Wt.% 
water salt r salt 

Q336-CL: METHYLTRIALKYLAMMONIUM6 CHLORIDE 

.Sat .. NaCl 
Sat. KCl 

3.4 0.002 10.0 
2.9 0.001 11.8 
2.5 <0.001 14 
2.0 20 
lZ d 
2.8 0.005. 8.8 
2.8 0.003 10.9 

Q336-HS: METHYLTRIALKYLAMMONIUM6 HEPTADECYL SUCCINATE' 

0-Li Sal.. NaCl 15.7 2.33 2.4 
Dry NaCl 5.0 0.151 12 
Sat. KCl 16.3 1.62 3.6 

t:( 0.6 Snt. NnCl 6.7 0.35 6.5 
Dry NaCl 2.2 0.003 230 

Q336-HM:· METHYLTRIALKYLAMMONIUM6 liEPTADECYL MALEATE' 

C> 1.1 Sat. NaCl 12.6 1.38 3.3 
Dry NaCl 3.2 0.015 80 

Jr 0.4 Sat. NaCl 4.4 0.065 25 
Dry NaCl 1.7 · 0.001 500 

Q336-AB:. METHYLTRIALKYLAMMONIUM6 ABIETATEd 
()1.1 Sat. NaCl 12.5 1.49 3.0 

X.o.5 
Dry NaCl 3.9 0.049 30 
Sat. NaCI 5.4 0.115 17 
Dry NaCI 1.2 <0.001 600 

Q336-NEOD: METHYLTRIALKYLAMMONIUM6 NEODECANATE1 

e1.4 Sat. NaCl 23.0 5.4 1.53 
Dry NaCl 2.7 0.028 35 

Q336-ETBU: METHYLTRIALKYLAMMONIUM6 ETHYLBUTYRATE1 

91.5 Sat. NaCl 24.9 6.l 1.47 
Dry NaCl 3.7 0.066 · 21 

Q336-Plv: METHYLTRIALKYLAMMONIUM6 PIVALATE1 

~ 1.6 Sat. NaCl 26.9 7.6 1.28 

•Lo 

Dry NaCl 4.1 0.115 13 

HEPT,-CL: TETRA-n-HEPTYLAMMONIUM CHLORIDE 

Sat. NaCl 
Dry NaCI 

7.7 
5.0 
1.8 

0.027 
0.004 

<0.001 

6.1 
8.0 

150 

HEPT4-HS: TETRA-n-HEPTYLAMMONIUM HEPTADECYL SUCCINATE' 

01.0 Sat. NaCl. 
Dry NaCI 

7.1 
4.6 
1.5 

0.26. 
0.082. 
0.001" 

9.8 
20 

400 

Q204-CL: DIMETHYLDILAURYLAMMONiuM CHLORIDE 

A. 2.0 Sat. NaCl 23~6 4.0 1".15 
Dry NaCl 7.4 0.134 2.0 

0.9 . <0.0(11 26 

Q204-HS: DIMETHYLDILAURYLAMMONIUM HEPTADECYL SUCCINATE' 

~ 0.7 Sat. NaCl 12.0 1.56 2.8 
Dry NaCl 3.2 0.058 22. 

1.6 0.003 175 

OcT,-PR-HS: n-PRoPYLTRI-n-OCTYLAMMONI~M H.EPTADEC~L Succ~ATE' 
~ 0.5 Sat. NaCl 3.0 0.084 13 

Dry NaCl 1.0 0.002 200 
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Figure 2. Activity of water in the 
two-phase water-Mt:H:)O system, 2'" C. 

For the equilibria with saturated salts, the mole 
fraction of water is calculated as m H,o/(m 1-i,o + 
m MEHSO + 3m BoCI,), etc. If the salts ore assumed 
to exist Q$ ion cl~sters instead of dissociatin~;~, the 
corresponding mole fractions of water are higher, 
rospodively, 0.86, 0.69, 0.70, 0.83, 0.84, and 0.66 
for BaCh to liCI 

In the .the ·absence of inorganic salt, saturation mole 
ratios of water to quaternary ·salt ranged from around 2 
to nearly 15 over the range of compounds tested. They 
increased with decreasing molecular weight of the quater
nary ammonium salts and, at similar molecular weights, 
increased with increasing number of methyl groups around 
the quaternary nitrogen. 

Salt Activity Coefficients. As previously (1), concentrations 
in each phase are expressed as moles of component per 
kilogram of water (m), even when water is itself only a 
minor component, and the activities in all phases ate re
ferred to ·the same standard state as in pure aqueous salt 
solution, providing the useful relation between activity coef
ficients and selectivity for water over salt 

r = -y';,f'Y,. = mtm• = D(water)/ D(salt) (1) 

The activity coefficient ratio r is unity when water and 
inorganic salt are extracted equally well-i.e., when they 
are in the same ratio in both phases. Values of r greater 
than one represent preferential extraction of water; con
versely, fractional values would represent preferential 
extraction of salt. In Equation 1, D is the distribution 
coefficient of the component indicated: D(salt) = [tracer 

counts per milliliter of organic phase] per [tracer counts 
per milliliter of aqueous phase]. For quaternary ammonium 
salts QA where A ~ Cl (no common ion), at saturM.ion 
with-e.g., NaCl, the mean activity coefficient. 

'Y± • = h±mNaCI)/m'Nacl 

At tracer salt conc;entration 

r = D(water)/D(NaCI) 

(2) 

(3) 

and 'Y± * "" r since -y,. "" 1. For QCl (chloride common 
ion), at saturation with NaCl 

-y,.• = (-y,.mJ'laCI)/m'N.dl + m'Qc1/m'N.d'" (4) 

and at tracer NaCl concentration 

r""' [D(water) mNaCIID(Na) m'Qcd"' (5) 

Here m NaCI must be estimated from the specific activity 
of the tracer solution, typu':ally around 2 X 10 ofi for "NaCl, 
aud G X 10 -• for 42KCI. 

In the foregoing, t.h~ ~light. 11monnt. of the quaternary 
ammonium compound dissolved in the water-rich phase 
is assumed to have no significant effect on 'Y±· If the 
effects of the larger but still small amounts of dissolved 
MEHSO on 'Y ± in the water-rich phases are also negligible, 
then 'Y ± • "" U.bl$8 1' for saturated potassium chloride, ami 
-y ± * "" r for saturated sodium chloride and for both salts 
at tracer concentrations in MEHSO. Huwever, to avoid 
depending on that assumption, only the ratios r are reported 
for MEHSO. 

As with the amides (I), the activity coefficients and 
activity coefficient ratios of the inorganic salts depend 
mainly on the water content of the organic phase, whether 
01' not onturatod with water. Dilution of ,. given r1~ngent 
with a hydrocarbon has little effect on 'Y± * or r, other 
than indirectly by the resulting decrease of the maximum 
water content. At a given water content for each quaternary 
ammonium salt, -y ± * is higher with the carboxylates than 
with the chloride. Between individual quaternary 
ammonium. salts, -y,. * decreases slightly with increasing 
number of methyl groups. The shapes of the 'Y± * vs. water 
content curyes (Fig\Jre 3) are similar to those with 
dialkylamides {1), but they drop more. sharply, and 
approach m;tity at lower water contents (at <5% vs. > 10%.) 
than did the am ides. However, there is no suggestion of 
crossing the -y ± * = 1 axis into a region of selective extraction 
of salt. The selectivity for water over salt by MEHSO 
almost disappeared at water contents above 30%, r· being 
only slightly above unity. The maximum values of r, near 
2% water, are around 200, much lower than the maxima 
obtained with Several other compounds-e.g., 300 to 3000 
for NaCl in several amides {1). It may be more appropriate, 



however, to consider these as ra:ther high ·values. of r for 
a compound having such a high water capacity as MEHSO 
does, suggesting that some homologs might show better 
combinations of salt rejection and water capacity. 
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NOMENCLATURE 

a, activity coefficient of water (fuule fraction scale, reference 
state pure water) 

anion of quaternary ammonium salt 
distribution coefficients [s )0 ,

8
_/[s )8 q of the substances 

moles of the substance s per kilogram of water 
quaternary ammonium cation 
mole fraction of water 
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-y;., -mean activity coefficient of an inorganic salt (molality 
8cale, reference state infinite dilution 

r activitycoefficient~atio-y., ~h .. 
. refers to components in the organic-rich phase 
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2~5 PROPERTIES OF ORGANIC-WATER MIXTURES. VIII·. . 
DIELECTRIC CONSTANTS OF N,N-DIALKYLAMIDES CONTAINING WATER 1 

C.. F. Coleman 

· Dielectric constants of a ·series of amides at varying 
water contents were measured to test cprrelation with 
the previm.1sly reported activity coefficients ( 'Y,., •) 
of sodium and potassium chlorides in _these same 
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Jt'igu1·e 1. Dielectric constants of N,N-diA.lkylamide-waLer 
mixtures; o, dipropylacetamide; O, dipropylpropionamide; 
O, dibutylactamide; •, dibutylacetamide saturated with 
Na.Cl; ® 50.3 vol. % dibutylacetamide-49.7 vol. % diethyl
benzene; A, diisobutylpropionamide; 6, dibutylpropionamide; 
X, diethyldecau!Lfftide; cf>, t.ctrncthylpht.halamide; 
X, diethylbenzene. 

,_ 
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l?il!'lre :.1 niniAr.tric con~t-1\nt-~ !\l· ?.em wA.t.P.t' r.ont.ent vs . 
molarit.y of amidu uitmgen; RymboL~ as defined in Figure l. 

ami des. 2 Of these amides, dipropylacetamide is miscible 
in all proportions with water at 2.5 o, and its dielectric 
constant was measured over the entire range. The plot 
against volume per cent water (Figure 1) is smooth and 
ne!l.rly linP.ar. The curves for the 'other amides (up to 
saturation except for tetraethylphthalamide) parallel 
the dipropylacetamide curve. Dilution of dihut.yl
acetamide by 50% with diethylbenzene decreased the 
dielectric constant by about 50%. The dielectric 
const.11.nt. found for diethylbenzene (2.35) is close to the 
literature value fur Leuzeue (2.27) .1 

(I) Hesearch "ponsored by the Office of Saline Water, U.S. Depart
ment. of the Interior, under Union Carbide Corporation's contract 
with the U. S. Atomic Energy Commission. Preceding paper in 
series: A. E. Marcinkowsky, H. 0. Phillips, and K. A. Kraus, "VII. 
Self-Diffusion Coefficients o£ Na + in J<.:thylene Glycol-wnUlr nnd 
Glycerine-Water Mixtures," J. Phys. Chem., in press. 

(2) ·c. F. Coleman, .!. Phys. Chem., 69, 1377 (1965). 

(3) A. A. Mnryott and E. R. Smith, National Bureau of Standards 
Circulnr 514, U.S. Government Printing Office, Washington, D. C., 
1951. 
(4) ll. D. Lnnier, .!. Phys. Chem., 69, 2697 (1965). 
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If the amido groups provide the main contribution to . 
the inductive capa,city in the absence of water,· and if . 
the volume occupied per amido- grou.Ii"is about the same 
in each compound, the dielectric constants extrapolated 
to zero water content should be proportional to the 
moles of amido nitrogen per liter. Figure 2 show& that 
this isapproximately .true for the monoamide's, includ
ing the dibutylacetamide diluted with hydrocarbon. 
The much lower value for tetraethylphthalamide prob
ably reflects internal cancellation. of the dipoles of t.he, 
two amido groups. 

Lanier4 .reported a theoretically based correlation of 
salt activity coefficients 'Y ± * = with dielectri~ constants 
that approaches linearity and show~ different. slopes in 
mixt.nrr.s of different organic compounds with water, 
where 'Y ± * = is the value of 'Y ± * extrapolated to infinite 
dilution of the' salt at' each composition of the· organic-
aqueous mixture. · 

In the measurement of activity coefficients2 in the 
amides examined here, the water-amide ratio as well as 
the salt concentration was different in each test, .pre
cluding direct extrapolation ·of 'Y ± * to infinite dilution 
of the salt. Instead, values of 'Y ± * = were estimated by 
calculating the ratio. 'Y ±*=I 'Y ±*from the Debye--Jiiickel 
eqml.t.ion · · · 

-log 'Y± = Az+i-Vi/(1 + aBy]) 

A and B were adjusted for the dielectric constant of each 
mixture, and a was taken arbitrarily as. 2.5 X 10-8• 

The resulting curves for sodium chloride (Figure 3) iie 
in the.same general direction as does Lanier's curve for 
sodium chl~ride in :dimethylformamide (DMF, in
cluded in Figure 3), but they are concave upward, in
stead ·of downward as were most of Lanier's curves. 
The curvatures are compatible with smoqth extension 
to .t4e point (0,0) for pure water, which is th~ limiting 
member of eacP, series. The· results for potassium 
chloride are simHo.r. 

Experimental Section 
The. amides were described previously. 2 Capaci-· 

tances were measured with· the equipment (except the 
cell) described by McDowell and Allen, 5 a General 
Radio Type 716-CSl bridge plus Type 722-NQ preci
sion capacitor, permitting direct reading of up to 2300 
J.LJ.lf. All measurements were made at 1 Me/sec. The 
cell, following a design' used by Fuoss,6 was made of 
stainless steel and Teflon, plus a thin glass disk to pro- · 
vide a wettable surface under the Teflon. It w'as cali
brated with 1,2-dichloroethane, E 10.36 at 25° (ref 3), 
and gave satisfactory measurements on known com-· 
pounds (see Table I). The cyclohexane (spectral 
grade) was dried in a molecular sieve column; the 
dichloroethane and acetonitrile were dried with calcium 
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Figure 3. Correlation of NaCl activity coefficients with 
dielectric constant~ of amides containing water; symbols· as 
defined in Figure 1; Xt = mole fraction of water; <t and <t• = 
respective dielectric constant of water arid of aqueous-Qrganic 
mixture; DMF, dimethylformamide; the function · 
( <t/ <ta) - 1 is identical with the function (1 - p )/ p, p = <u/ <1 

used in ref 4. 

Table I 

4 

...----Uielectrlc constant at 25°__:_._, 

Compound 

Cyclohexane 
Methanol . 
Nitrobenzene 
Acetonitrile 
Wa~r 

Meaed Lit.• 
(10' cps) (static) 

2.02. 
. 32.66 

34.8 
35.9 
78.5 

'2.015 
32.63· 
34.8~. 

36.0 
78.~ 

sulfate and then distilled, the methanol was rectified in 
a 4-ft Podbielniak column, and the nitrobenzene was 
fractionally crystallized. 

Acknowledgment. It is a pleasure to thank J. P. 
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(5) W. J. McDowell and K. A. Allen, J. Phys. Chem.;6,3, 747 (1959). 
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2.6 PROPERTIES OF ORGAN~C-WATER MIXTURES. VII. 
SELF-DIFFUSION COEFFICIENTS OF Na+ IN ETHYLENE GLYCOL-WATER 

AND GLYCEROL-WATER MIXTURES AT 25° 1 · 

Arthur E. Marcinkowsky, Harold 0. Phillips, and Kurt A. Kraus 

Self-diffusion coefficients, :ON., of Na + were measured for water mixtures of ethylene glycol and of glycerol 
at 25° (mN .. ct = 0.1) by the radiometric porous-frit method. The diffusion coefficients decrease more rapidly 
in ~~;lycerol than. in glycol solutions, qualitatively, as expected from the vis(losities of the system~. The dif
fusion-viscosity product, '£)'1/1'/o, for the eLhylt:ut: glycol sy3tcm io essentially initepFmcient of solvent composi
tion. In the glycerol system, however, 'DI'//1'/o rises in the organic-rich region. In contrast, '.DI'//1'/o for water 
mixtures of methanol, ethanol, and !-propanol was earlier found to decrease in the same region. The self
diffusion~compnsit.ion mn:ves for the ethylene glycol and glycerol Rystem'> !l,re similar to the corresponding 
N aCllimiting equivalent conductance-composition curves. 

In a previous paper,2 it. was shown that the radio
metric frit method can be used for self-diffusion studies 
in water-organic-electrolyte systems. The self-dif
fusion coefficients, :DNa, of N a+ in water mixtures of 
methanol (MeOH), ethanol (EtOH), and 1-propanol 
(PrO H) at a constant salt concentration of mNaCt = 0.1 
(mol of NaCljkg of solvent) and at 25° were reported. 

The purpose of this paper is to report Oil the sodium 
ion self-diffusiou coefficient .. (:DNa) measurements at a 
constant salt concentration mNac1 = 0.1 for the water 
mixture.<;; of ethylene glycol (EG) and glycerol (G) at 
2.5°. The :DNa results expressed as a self-diffusion 
coefficient-viscosity product, :D * = ::077/1'/o, (77 is the 
viscosity of the solution, and 1'/o is the viscosity of 
water), for both the EG and G systems are compared 
with the corresponding limiting equivalent conduc
tance-composition data (Walden products) for NaCl 
l'l':)lOrkd by Accascina and r.oworkers. 3 • 4 

Experimental Section 

1. Method. Self-diffusion coefficients were mea
tJured by the radiometric porow;;-frit method described 
earlier.6 Briefly, porous frits are loaded with a solution 
containing radioactive tracer, and Lhe same solution 
not containing tracer is pumped past it. The resulting 
(diffusional) decay of tracer is measured as a function 
of flow· rate; diffusion coefficients .are calculated from 
the decay rates when these are independent of flow 
rate. All diffusion coefficient~ reported here were 
obtained from such a plateau. Porous gold frits 
with about 50% void volume and approximate dimen
llionR of 1.2 X 0.7 X 0.07 em, prepared and calibrated 
118 described earlier,6 were used .. The temperature for 
all c~brations and for the EG-H20 measurements was 
maintained at 25 ± 0.1 °, and at 25 ± 0.2° for the 

G-H20 measurements. Distribution coefficient mea
surements showed that the gold frits did not adsorb 
sodium ions significantly from the mixtures. 

2. Tracers. Two different radiotracers were used: 
24Na(T,1, = 15.05 hr) was obtained from the radio
isotopes division ofORNL, and 22Na(T.1, = 2.58 years) 
was obtained from the Nuclear Science and Engineering 
Corp. Examination of the -y-energy spectra showed no 
detectable impurities in either tracer and no purifica
tions were carried out. The 24Na tracer was alwa.ys of 
high specific activity and had stated radiochemical 
purity greater than 99%. To avoid impurity buildup, 
uRe of 24N a tracer was discontinued after approximately 
5 half-lives had elapsed. 

3. Materials. Reagent grade NaCl was used with
out further purification. The ethylene glycol and 
glycerol were purified by vacuum distillation.6 The 
EG- and G-H20 mixtures were prepared on a weight 
basis. In aJJi Lion, each oolution Wl.\.':i .~"'1-'fl.rA.t.flly 
analyzed for water content by Karl Fischer titration. 
The titrated water contents agreed within 0.5% of the 

(1) (a) Hesearch sponsored by The Office of Saline Water, 0. S. 
naf>ILI'tmcnt of the Interior tmdAr lTninn Carbide Corporation's con
tract with the. U. 8. Atomic .l!:nergy UorrtMission; (b) previuus 
paper in series: R. J. Raridon, W. H. Baldwin, and K. A. Kraus, 
J. Phys. Chem., in press; (c) presented before the Division of Physical 
Chemistry, 152nd National Meeting of the American Chemical 
Society, New York, N. Y., Sept 1966, Abstract 65-V. 
(2) A. E.. Mm·cinkowsky, H. 0. Phillips, and K. A. Kraus, J. Phys .. 
Chem., 69, 3968 (1965). 

(3) F. Accascina, A. D'Apra110, and M. Goffredi, Ric. Sci. Rend.,. 
Sez. A, 6(1), 151 (1964). 

(4) F. Accascina, A. D'Aprano, and M. Goffredi, ibid., 4(4), 443 
(1964). 

(S) A. E. Mar~h>l>v.,.ol<y, F. Nolo.or>, !1-no:\ K. A. Kraue. /. Phys. 
Ohern., 69, 303 ,{1965). · 

(6) W'e thank Dr. W. H. Baldwin and J. Osurny for the ethylene 
glycol and glycerol purifications. 
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calculated composi~ions. We report the solvent com
positions in terms of weight per cent and volume per 
cent. The latter were calculated from the weights, w1, 

of water and, w3, of organic component as: vol % 
organic .= 100/[(w,Pa/Wap~) + 1] where PI and P3 are 
the dens~ties of water and organic component, respec
tively. The densities at 25° used in the calcula.tions 
are 1.10997 and 1.24808 for ethylene glyqol and glycerol, 
respectively. The solution viscosities were measured 
with Can.non-Ubbelohde9 viscometers: 

Results and Discussion 
1. Results. The self-diffusion coefficients of the 

sodium ion in H20-EG and H20-G at 1nNacl = 0.1 
and the viscosities of the N·aCl solutions are given in 
Tables I and II. The self-diffusion coefficient of Na+ 
is highest in the aqueous solution (1.28 x· w-• cm2 

sec-·')2 and decreases with increasing organic content 
of the solvent.' At comparable salven; compositions, 
the !DNa curve decreases more rapidly in the G- system· 
than in the EG- system, ·qualitatively·, a.c; expected 
from the viscosities of the systems. 

Table 1: Self-Diffusion-Coefficients of Na+ in.NaCI-Et.hylene 
Glycol-Water Mixtures at 25° (7nNaCt = 0.1) 

\H% Vol% JO•:l.l. IO':l.l"/"'' 
EG EG "/"' cm1 sec- 1 em' sec-• 

0.0 0.0 1.01 12.8 1.29 
25.4 23.4 1.89 8.0!! 1.53 
;)0.0 47.3 3.65 4.38 1.60 
74.8 72.7 7.80 2".19 1. 71 
85.0 83.6 11.26 1.54 1.73 
95.0 94.5 16.57 1.07 1.77 

100.0 100.0 20.26 0.83 1.69 
100.0 100.0 20.26 0.82 1.66" 

"Measurement made with 22Na. 

Table II: Self-Diffusion Coefficients of Na + in 
NaCl-Glycerol-Water Mixt.urP.~ n.t. 25° (m.N.ct = 0.1) 

Wt% Vol% IO•:D, l<l'!D"/"'' 
G G .;., cmt sec-• em' sec-• 

14.7 12.1 1.49 9.71 1.45 
25.0 20.9 2.06 7.79 1.61 
a4.R 29.9 2.87 6.08 1. 75 
48.9 43.4 5.32 3.39 1.80 
50.0 44.2 5.74 3.14 1.80 
58.7 53.2 9.06 2.29 2.07 
72.7 68.0 25.3 1.03 2.61 
75.0 70.4 32.2 0.796 2.56 
77.4 73.2 39.6 0.751 2.97 
80.0 76.0 53.2 0.558" 2.97 
82.2 78.6 66.3 0.451 2.99 
85.0 81.8 94.6 0.339" 3.21 
90.0 87.7 194.6 0.168" 3.27 
95.0 93.8 424.0 0.088" 3.73 

• Measurements made with 22Na. 
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Figure 1. Comparison of self-<\iffusion c~efficient-viscnsity 
product<;: open symbols, diffusion dat.n. (7nNnCt = O.l); 
filled symbols, calcnlat.ed from limiting condnctances. 

The viscosities of ethylene glycol and glycerol are 
16.843 and 94:i, 4 respectively. A solution 95 wt% G 
(mNaCI = 0.1) with 11/11o = 424 is the most viscous system 
that we have studied. Our reproducibility at the 
higher viscosities is not ·as great as that at the lower 
viscosities and uncertainties in the self-diffusion coeffi
cients seem to be of the order of 5%. .A correction for 
tracer decay" was' applied whenever (:Duncor - :Dcor)/:Dcor. 
was above 0.5%. The maximum correction was 2.1 %. 
For the viscous glycerol-water· systems, 7!) wt % glyc
erol and above, the long-lived 22N a tracer wa.'l used to 
avoid this correction. 

The seif-diffusion coefficient-viscosity products, in
cluding the data2 for the MeOH system, plotted as a 
function of volume per cent organic, are shown in Fig
ure 1. ·Up to an organic content of about 40 vol %, the 
three curves remain similar but. not identical. At. 
40 vol %, the values of :o* are 1.40, 1.55, and 1:7!l X 
10-• cm 2 sec-1 for the methanol-, ethylene glycol-, and 
glycerol- systems, respectively. Above 40 vol· % 
organic, :0 * for ·the methanol system decreases, it 
remains constant for the ethylene glycol system, and 
increases for the glycerol system. At 95 vol % organic, 
the values of :o* are 0.76, 1.7.5, and 3.8 X I0-6 cm2 
sec- 1, while the corresponding :DNA values are 0.9~ X 
10-•, 1.03 X 10-6, and 0.73 X I0-7 cm2 sec-1 for the 
MeOH-, EG-, and G- systems, respectively. · Thus 
the values of :DNa for the MeOH and G systems differ by 
a factor slightly greater than 100, whereas the :o* 
values, when the solution viscosity is taken into account, 
differ by a factor of only 5. 

If the viscosity is raised to a fractional power k 
before multiplying by the self-diffusion coefficient 
(i.e., :0(1J/1Jo)t), the best correlation is found when k 
is 0.7, the preferred exponent of others. 10 A plot of 
:0(11/110) 0 •7 vs. volume per cent alcohol describes the 

(7) G. 0. Curme, Ed., "Glycols," Reinhold Publishing Corp., New 
York, N. Y., 1052. 

(8) C. S. Miner and N. N. Dalton, Ed., "Glycerol," Reinhold P\lb
lisbing Corp., New York, N.Y., 1953. 

(9) We thank Dr. R. J. Raridon and C. G. Westmoreland for the 
viscosity measurements and Karl Fischer water titrations. 
(10) R. A. Robinson and R. H. Stokes, "Electrolyte Solutions," 
Academic Press Inc., New York, N.Y., 1959. 



data for the MeOH-, EtOH-, PrOH-, 2 and the EG
and G- systems to within ::!:: 20%. 

2. Comparison of Self-Diffusion and Conductance. 
According to the Onsager limiting theory11 for 1: 1 
electrolytes at constant temperature, the· diffusion 
coefficient :OM of an ion M depends on the square root 
of the salt concentration (c) in mol/1., the ionic con
ductance, >.0 , of both cation and anion, and on the 
dielectric constant of the solvent medium, E. The 
relat.ion is given by the equation 

_:_ RT>..M0
[ _ 0.544 X 103 

_ r] (1) 
:OM - I~IF2 1 ~·;, rv c 

whor<: 

· r = 1 - v(3~o~ + .. A0M)/4(X0~+ A0M) 

X0.1r is the limiting ionic conductance of the ion M 
(cm2 ohm- 1 equiv- 1); X°K is the limiting ionic conduc
tance of the count.erion K; R is the gas constant 
(.l deg- 1 mol-:1); T is absoh1t.e. temperature; .F is the 
Faraday (international coulombs g-equiv-1). At 
infinite dilution, eq 1 reduces to the well-known Nernst 
equationli• 

R7'X11 M . A0M 
:O"M = -- = 2.663 X 10-7 - cm2 sec-1 (2) 

iziF2 izi 
where :0°M is the self-diffusion coefficient of the ion M at 
infinite dilution 1:1nd lzl is the absolute value of the 
charge of the ion. 

Using the Nernst. and Onsager theories, ionic or 
self-diffusion coefficients at infinite dilution and at 0.1 m 
for the water-methanol system were found to correlate 
well. 2 A similar comparison between diffusion and con-
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ductance data for the EG- and G- systems is not pos-. 
sible because the single ion mobilities as a function of 
solvent composition are lacking. It is, however, pos
sible to compare the values of :ON~ in a semiquantita-· 
tive manner with the corresponding limiting equivalent 
conductances, .A0NaCh which are known· for both ·the 
EG- and G- systems. 3 -4 · 

For comparison, we shall set the transport number, 
f}JNa, of the sodium ion at infinite dilution, in the various 
water-organic mixtures, equal to 0.3962, its value in 
water. This is equivalent to setting X0Na ;= 0.3962 
X .A0Naci at all solvent compositions. 

The filled !!ymbols in Figure 1 for the MeOH-, EG-, 
and G- systems represent the self-diffusion eoefllcient-
viscosit.y products, 'JJ0TJ/TJo, calculated in this ma.nner 
from the limiting conductances. .For the EG- a.nd 
G- systems, the . .A0NaCI values used are .those reported 
by Accascina and cowotkers3 •4 and for the MeOH
system, the data of Shedlovsky reported hy Harned 
and Owen12 are used. Agreement between the cal
culated self-diffusion coefficients and the experimental 
results is surprisingly good. Presumably the expected 
decrease of the self-diffusion coefficient with concen
tration is compensated by a simil11.r increase of the 
sodium ion transport number in the organic-water 
mixtures. 

Acknowledgment. It is a pleasure to thank G. 
Scatchard, R. M. Fuoss, R. A. Robinson, and F. Nelson 
for a number of helpful discusoions. 

(11) L. Onsager, Ann. N. Y. Acad. Sci., 40, 241 (1945). 
(12) H. S. Hamed and B. B. Owen, "The Physical Chemistry of 
Eleotrolyt-t'8olnt.inna," Reinhold Publi.$1li!lg Corp., New York, N.Y., 
1958. 
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2.7 .SELF-DIFFUS·ION COEFFICIENTS OF- ~a~ IN 
POLY(Ef~YLENE ~LYCOL)-WATER MIXTU~EslO 

.. · ll 
H. 0. Phillips, A. E. Marcinkowsky, S. B. Sachs, and K. A. Kraus 

Preliminary studies indicate that the radiometric porous-frit method 

for' measuring self.:..diffusion coeffici"Emts .of ions in organic-water ·ini:x;tures 

(see Section 2~n) can be extended to include high-molecular-weight polymers. 

Although care had to be taken to ~rtsure proper equilibration of the fritr: 

measurements of VNa were made in water. mixtures of poly(ethylene glycol).:: 

[PEG] of molecular weigh_t 20,000. As the organic fractio'n·'of the solution 

increased, VNa decreased rapidly, ·from 1. 28 x 10- 5 'cm2 sec - 1- ·in water to 

0.39 x 10.- 5 cm2 sec-1 in: 0·.31 volume fraction PEG~ The salt ·concentrat'ion 

was 0.1 M NaCl. 

There appears to be little correlation betw·een diffusion· coefficients 

and ·viscosities for 'the PEG solutions. While the diffusion-viscosity 

product changed only slightly with solution composition .for ethylene 

glycol, the product increases rapidly as PEG content increases. In 0.31 

volume fraction PEG, the product is over 200 times greater than that for 

water. There is a better correlation between VN and volume fraction (f ) 
a -v 

of water. A plot of the logarithm of V vs. the logarithm of f yields a 
-v 

straight line with a slope of -..3.2. This can be compared to a slope of 

2.1 for glycerol-water mixtures. 

10. Work cosponsored by the U.S. Atomic Energy Commission. 

11. Visiting scientist from the Weizmann Institute, Rehovot, Israel. 
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2.8 MEASUREMENT OF MEMBRANE PERMEABI(ITIES 

H. 0. Phillips and K. A. Kraus 

Water permeabilities have been m~asured for a number of the membranes 

used in the self-diffusion coefficient studies. In general, permeability 

decreased with increasing pressure, often a factor o~ two or more as the 

pressure was increased from 300 to 1500 psig. From the measured 

permeabilities P(cm hF- 1 atm- 1) at-300 psig, intrinsic permeabilities 

PI (cm 2 .·hr - 1 atm - 1
) were calculated (PI = P~ wh~re .t is the thickness of 

the membrane in em). The range of intrinsic permeabilities was greater 

than 104 •. However, there was much less variation in t:.h~ self-diffusion 

coefficients in the different membranes. The values of the coefficients, 

V, appear to be a function only of the volume fract.ion, f , of water in 
-v· 

the membrane. This is showli in Fig. 2.8.1 where V divided by f 5 
, h . -v 

plotted vs PI. The data are best represented by a horizontal line. 
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[Reprinted from J. Appl. Polym. Sci. ~, 1471 {1968)] 

Copyright 1968 by John Wiley and Sons, Inc., and reprinted by permission of 
the copyright oWner. 

2.9 PHOTOPOLYMERIZATION OF HYDROXYPROPYL ACRYLATE AND 
TE.TRAETHYLENE GLYCOL D I METHACRYLATE IN IT lA TED BY URANYL I ON 

Cecil E. Higgins and Willis H. Baldwin 

Synopsis 

Uranylnitmtc, lir:et11tl..', :>tt!fatc, A-nd dibttty! phr.•>;pha.t~ were r.t.;ed in liolution for the 
photoinitiation of homopolymerization and copolymerization of hydroxypropyl acrylate 
and tetraethylei1e glycol dimethacrylate. Solvents used included water, water-ethylene 

· · glycol mixtures, and dimethylformamide. Polymer yields in excess of 90% can readily 
be obtained by exposing solutions containing O.OI4M U022+ to light from a tunW>ten 
bulb for 1 hr. The rigidity of the polymers varied directly, the affinity for water in~ 
versely,. with the concentration of tetraethylene glycol dimethacrylate in the monomer 
mixture. · Poly(hydroxypropyl acrylate) contained 52% water and poly(tetraethylene 
glycol dimethacrylate) 34% water, at equilibrium. 

Hydrophilic homopolymers and copolymers from glycol and polyglycol 
esters of acrylic and methacrylic acids· have been prepared by Wichterle, I 
Wichterle and Lim, 2 Wichterle, Bartl, and Rosenberg, 3 and Refojo and 
Yasuda. 4 The polymerizations were usually initiated with persulfate or 
benzoyl peroxide. 

The uranyl ion i~; a frerp.u:mt.ly 1.1~erl init.ifl,t.or fnr rooro~t.emperat.ure phot.l).. 
induced polymerizations of vinyl compounds.6- 28 Economical photo
polymerization processes might well be developed with uranium that has 
been depleted of 2 ~0U. In our work reported here uranyl salts were tested 
as photoinitiators of the 'homopolymeriziition and copolymerization of 
hydroxypropyl acryla.te (H) and tetraethylene glycol dimethacrylate (T) 
monomers. The mouomers were obtained from Monomer-Polymer Labo
ratories, The Borden Chemical. Co., Philadelphia, Pennsylvania.- Uranyl 
nitratt~ hexahydrate (UNH) was used most often as the initiator, but the 
acetate, sulfate, and dibutyl phosphate compounds were ttlso used. The 
uranyl dibutyl phosphate was made in earlier work.24 

The polymerization was shown to be photo-induced with uranyl ion as 
initiator by tests in the presence and in the absence of light. Monomer H 
solution (1: 1 by volume with dimethylformamide), 0.01M in UO~H, did 
not react in 20 hr. in the dark but polymerized in a few minutes in light. 
Photopolymerization without uranyl ion initiation occurred only with 
monomer T and much more slowly than when U022+ was present. 

Solutions to be exposed to light from a. tungsten bulb were prepared by 
dissolving a monomer solution of known composition in an equal volume of 
solvent, usually dimethylformamide but sometimes water or water
ethylene glycol, containing a known concentration of uranyl ion as initiator. 
The initiator solutions were freshly prepared just before each polymeriza
tion experiment. Weighed monomer solutions (100% H, H containing 5 
ami 20 wt.-% T a!! t.:l'USsliukiug agt:uL, ami 100% T) wt:rt: dl:s:sulvt:d iu au 
equal volume of solvent containing various amounts of uranyl ion. The 
weights. were again recorded so that the fractional weight of monomers 
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TABLE I 
Water Content of Water-Soaked Polymers from Hydroxypropyl Acrylate and Tetra
ethylene Glycol Dimethacrylate Mixtures Photopolymerized with 0.014M Uranyl 

Ion as Initiator• 

Monomer Irrad. Polym. Water 
compn.,% time, hr. yield,% cont.,b% 

All H 1 89 50.8 
" 24 94 52.4. 

24° 53.0 
95 H-5 T 1 92 45.1 
80 II~20 T 1 94 35.9 

" 1 90 35.9 
All T 0.5 91 34.2 

" 1 100 33.5 
1<1 ·97 31.9 

" 1• 96 34.2 
" 24 98 34.2 
" 24d 99 33.0 
" 72• 96 34.5 

• All monomer solutions were .dissolved in an equal volume of dimethylformamide 
0.028M in uranyl nitrate except those indicated by footnotes c, d, and e . 

. b Polymer was soaked in water at 19-22°C. for 8-19 days, blotted, and dried in 
vacuo at 76-100°C.; water content, wt.-% based on weight of wet (blotted) polymer. 

• Monomer was dissolved in an equal volume of water containing 0.028 moles of uranyl 
sulfate per liter. 

d Monomer was dissolved in an equal volume of dimethylformamide solution con
Lainiug 0.028 moles of uranyl dibutyl phosphate per liter. 

• Monomer was dissolved in an equal volume of dimethylformamide solution con
taining 0.028 moles of uranyl acetate per liter. 

would be known for determination. of polymer yield: The solutions were 
then drawn up into tared 4 mm. Pyrex tubes to a height of 15-16 em., 
after which rubber tubes at the top were closed off with hemostats. 

Light was furnished by a 150 w. tungsten filament bulb 15 em. away from 
the mid-height of the liquid. Exposure time varied from as little as 0.5 hr., 
with 0.014M U022+, to as long as 8 days, with 0.00014M U022+, 

Reaction was rapid at 0.014M U022+. At this concentration the T 
polymerized fastest to form a clear hard gel in 15 min. 

Both polymer yield and amount of wat.P.r ~ont.!:l,in.erl in polymer tho.t had 
been soaked in water were obtained by weight measurements. After the 
light irradiation tmat.ment the tube was reweighed, and tho contents were 
removed. The cylinder of homopolymer from T in dimethylformamide 
and any other cylinders from monomer in water or water-ethylene glycol 
could be easily forced by pressurefrom a rubber bulb into the water wash 
container. The polymer~ from Hand H-T solutions in dimethylformamide 
could be removed only by breaking the glass tube. Some fractures formed 
in the more rigid, crosslinked polymer cylinders, but these had no effect on 
the determination of polymer yielrl anrl app!:l,rently none on the water con-
tent at equilibrium. · . 

Solvent was removed by soaking the polymer in distilled water, changed 
daily, for several days. From the weight of a segment of the cylinder, 
rolled on Whatman #50 filter paper, to blot the surface water, it appeared 
that the dimethylformamide was completely removed, and the polymer 
was at equilibrium with the water within 3 days. Assays were made after 
a minimum of 8 days' water soaking at 19-22°C. The polymers were 



T.\BLE II 
Photopolymer Yield at. Various Uranyl Ion Conc"'ntrations and Water Content of Water-Soaked Polymers 

UNH · Polym. yield, % . b In·ad. concn., 
moles/!. time, hr. H H, T• H,Td T 

0.014 0.5 91 
1 89.4 91.6 89.8, 93.6 100 

''· 24 93.8 98 
0.0014 3 31.5 50.9 59.0 89.5 

" 24 80.8 89.0 86.2 
0.00014 14 67 

" 20 0 0 52.0 
II . 192 36 

a Weight per. cent of blotted polymer. 
b In irradiated solution of equal volumes of dimethylf·Jrmarnide and monomer solution. 
• H/T ratio, 95:5. 
d H/T ratio, 80:20. 

Water cont.," % 

H H, T• H, Td 

50.S 4-5.1 35.9, 35.9 
52.4 

45.2 34.6 
52.4 4-5.8 36.1 

35.2 
51.4 

T 

34.2 
33.5 
34.2 'I 
30.9 V1 

00 
I 

31.0 
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blotted and weighed in stoppered weighing tubes. Drying to .. constant 
weight was done in an Abderhalden dryer at a pressure of 2 mm. Hg. The 
time. required w~s 4-6 hr. at 100°C. ·and up to.16 hr. at 76°0. Polymer 
yield was obtained from the ratio of dried· polymer weight to that of the 
starting monomer. Water co~tent was based on the weight of the water
saturated pol~mer. 

In Table I is shown the influence of crosslinking compound T in the 
polymer on the water content of the swollen materiaL 1'he water content 
decreased from 52% in H polymer saturated with water at 2·2°0. to 36% 
with 20% crosslinker in the starting monomer solution; T homopolymer 
coi1tained essentially the same amount of water (34%). Our:v~lues·agree. 
favorably with those of Refojo and Yasuda 4 in the crosslinking range 
common to both investigations. ·: · · 

Polymer yields were high in all cases in which. the photoinitiator ion 
(U022+) concentration in the irradiated solution was 0.014111 .. The lowest 
yield was 89% when H was exposed to light for 1 hr. The 'l' polymers from 
exposures of 1 hr. and longer averaged 98% in yield. Under the conditions 
shown in Table I no difference in yield or in behavior toward water was 
found when the anion was varied. 

· Phcitopolymerization characteristics as a function of uranyl ion concen
tration· are shown in Table. II. The major effect of decreasing the concen
tration by one-tenth and one one-hundredth was to increase the time for 
polymerization and to lower the yield. At 0.00014111 UNH 8 ·days were 
required for a 36% yield of H homopolymer, compared to 32% yield in 3 hr. 
with 0.0014111 UNHand 89.4% yield in 1 hr. with 0.014111 UNH. Regard
less of yield, however, the water content was essentially the same for 
polymers derived from the same starting monomer composition but at 
different initiator strengths. 

The appearance of the polymers depended on the solvent for the mono
mers. Polymers formed in dimethy lformamide were clear; those formed in 
water or water-ethylene glycol were an opaque white. T homopolymer 
turned white on immersion in water. The clear homopolymers and co
polymers stayed clear in water, except when the temperature rose; the poly
mers were expelling water, and they cleared again at equilibrium. All 
polymers were clear when dried. 

Aa the percen.ta.ge of T (;l'OSSlluk~l wa~ .im:r~a8~u. Lhe vulymen; became 
more rigid. H homopolymer saturated with water was very pliable and 
:sL.icky. H vulymerH croHHlinked with T were less pliable and were easily 
broken. T homopolymer was stiff and harder to break. Drying toughened 
the polymers. 

This research was jointly sponsored by The Office of Saline Water, U.S. Department 
of the Interior, and U.S. At.omic Energy CommiRRion nniler cont.ract with the Union 

· Carbide Corporation. 

References 

1. (a) 0. Wichterle, German Pat. 1,065,621 (Sept. 17, 1959); Chem. Abstr., 55,6920 
(1961). (b) Idem, Belg. Pat. 666,337 (Nov. 3, 1965); Chem. Abstr., 65, 17165 (1966). 

2. 0. Wichterle and D. Lfm, Brit. Pat. 814,009 (May 27, 1959); Chem. Abs.tr., 53, 
22616 (1959). (b) Idem, Nature, 185, 117 (1960). (c) Idem, U.S. Pat. 3,220,960 
(Nov. 30, 1965); Chem. Abstr., 64,8426 (1966). 

3. 0. Wichterle, P. Bartl, and M. Rosenberg, Nature, 186, 1!)4 (1060). 
4. M. F. Refojo and H. YaRuda, J. Appl. Polymer Sci., 9, 2425 (Hl6.'5). 
5. M. F. Refojo, J. Appl. Polymer Sci., 9, 3161 (1965). 



-60-

6. I. Plotnikov, Z. Wiss. Phot. Photophysik Photochem., 21, 117 (1922); Chem. 
A hstr., 16, 1337 (1922). 

7. G. Flumiani, Z. Elektrochem., 32, 221 (1926). 
8. R. B. Whyte and H. W. Melville, J. Soc. Dyers Colourists, 65,703 (1949). 
9. N. Uri, Chern. Rev., 50,375 (1952). · · 

10. J. K. Lawson, U.S. Pat. 2,631,975 (Mar. 17, 1953); Chern. Abstr., 47, 6702 
(1953). 

11. H. Watanabe, Y. Toyoda, andY. Amagi, Kogyo Kagaku Zasshi, 61, 893 (1958); 
Chern. Abstr., 55, 15992 (1961). 

12. S. Okamura and T. Motoyama, Mem. Fac. Eng. Kyoto, Univ., 21, 312 (1959); 
Chern. Abstr., 54, 14771 (1960). · · · 

13. W. Cooper and M. Fielden, German Pat. t;055,814 (Apr. 23, 1959); Chern. Abstr., 
55, 14978 (1961). . 

14. H. Watanabe andY. Toyoda, .Japan Pat. 3393 (Apr. 9, 1960); Chmn. Abstr., 55, 
503-5 (1961 ). 

15. W. Cooper and M. Knight~, Brit. Pat. 860,067 (Feb. 1, 1961); Chern. Abstr., 55, 
19329 (1901). 

i6. W. CvuiJer ami M. Kuig.ht:.;;, lll'it. P!bt. 8611138 (Fob. 22, 1061); Chom. Ab$!r., 
55, 17100 (1961). 

17. V. Mahadevan and M. Santappa, J. Polymer Sd., 50,361 (1961). 
18. S. Levi nos, U.S. Pat. a,UCH,4ill (Oct. 30, 1962); Ghent. Abstr., 58, 1608 (1963). 
19. M. Yoshida and M. Taniyama, Kobunshi Kagaku, 19, 627 (1962); Chern. Abstr., 

61' 4488 ( 1964). . . . . . . ' . 
20. C. Simionescu, D. Feldm:tn, and M. 'Hrihordv, Rev. Chim. A cad. Rep. Populairc· 

Roumaine, 7, 1293 (1962); Chern. Abstr., 61,5765 (1964). 
21. M. Sakamoto, K. I-Iaya.~hi, and S. Okamura, J. Polymer Sci. B, 3, 205 (1965). 
22. D. Pramanick and M. K. Saha, Indian J. Chern., 4, 253 (1966). 
23. K. Venkatarao and M. Santappa, J. Polymer Sci. A-1, 5, 637 (1!:167). 
24. W. H. Baldwin and C. E. Higgins, J. Inorg. Nucl. Chern., 17,334. (1961 ). 



3. · Solubility and Thermodynamic Re,ationships .at 

High Tymperatures. 

Summary 

An important limitation which must be met in design of desalination 

units is the possible formation of undesirable precipitates, on heat 

transfer surfaces or on membranes, for example. Solubilities of such 

saits as CaSO~ and CaC63 are therefore of great pertinence from a 

practical point of view, as well as of interest because of ·implications 

for. fundamental chemistry of aqueous solutions. The Water ·Research 

Program has from its inception included phase studies. Results for 

·several new systems, as well as extensions of previous work, are 

reported for this biennium. 

Values for the dissociation quotients of magnesium sulfate were 

obtained from the differences in the solubility of calcium sulfate and 

its hydrates in sodium chloride and in sea-salt solutions at temperatures 

from· 30° to 200° and at ionic strengths from very low to 6 ~· 

The solubilities of calcium sulfate dihydrate (gypsum) at 60° and 

95° and anhydrous calcium sulfate (anhydrite) from 100° to 200° have been 

determined in synthetic sea-salt solutions over a range of concentrations. 

Measurements have been made of the soiubility of calcium sulfate in 

'the system Na2SO~-NaN03-H20 at constant ionic strengths from ·0.25 to 6 and 

at temperatures from near .zero to 350°. 

· The solubility of calcium sulfate dihydrate was measured in a number · 

of 1-1 electrolytes in the temperature range 0 to 80° •. The salts 

.i.nGll.Jne.n '[.iCl, KCl, LiN03, NaN03, and KNOJ. 
• . • ' i 
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[Reprinted from J. Phys. Chern. Zt' 3584 (1967)] 

Copyright 1967 by the American Chemical Society and reprinted by permission 
of the copyright owner. 

3.1 AQUEOUS SYSTEMS AT HIGH TEMPERATURE. XX. THE ~ISSOCIATION 1 2 
CONSTANT AND THERMODYNAMIC FUNCTIONS FOR MAGNESIUM SULFATE TO 200° ' 

William L. Marshall 

Vo,luoo for tho diaeooio.tion quotientr~ of m1\gn,..)<i.U•l• ,.,_,]{~t.(·,l:l w.:-J'P. nht.A.inP.n fmm t.hP. rlif
ferences in the solubility of calcium sulfate and its hydrates in sodium chloride and in sea 
salt solutions at temperatures from 30 to 200° and at ionic strengths from very low to 6 m. 
These quotients were extrapolated to zero ionic strength by means of an extended .Debye
HUckel expression to obtain. the dissociation constants. ·The pKi values obtained varied 
from 2.5 at 30° to 4.0 at 200° and compared favorably (within 0.1 pKd0 unit) with the best 
literature values to 40°, the highest. t.P.mpP.rature of previous work. The constants show 
that magnesium and sulfate ions associate strongly wi.th rising temperature like the previ
ously observed but weaker association behavior of 1-1 electrolytes at very high tem
peratures (40Q-800 6

). By the use of the van't Hoff isochore, values of the thermody
namic quantities, tlG 0

, tlH 0
, tlS 0

, and tlCP o were obtained. These values varied from 2.66 
to 8.66 kcal mole-1 for tlG 0

, -4.08 to -11.0 kcal mole-1 for tlH 0
, and -24.7 to 

-41.5 cal mole-1 deg-1 for tlS 0 from 0 to 200°, respectively, with an average value for 
tlCP o of -25 cal mole-1 deg- 1. 

Introduction 
Experimental data on the dissociation behavior of 2-2 

electrolytes at temperatures above ,..._,50° are virtually 
nonexistent. This lack of information arises from the 
comparative difficulty of experimental measurements 
in aqueous solutions at high temperatures, especially 
above 100°, and the fact that in a virgin field the simpler 
(1-1 salts) systems usually are investigated first. 3 

Nevertheless, the dissociation behavior of 2-2 salts at 
high temperatures, and the attainment of activity co
efficients, is of much interest in understanding the basic 
behavior of a.qnP.ons P.IP.ctrolytes. 

At this laboratory, extensive measurements of the 
solubility of calcium sulfate (and its hydrates) have been 
made in solutions of mixed electrolytes containing molal 
ratios of salt components in sea water (herein called 
sea salt solutions) and in sodium chloride-water solu
tions4 ·6 at temperatures to 200° and at ionic strengths 
from "'0.05 to 6 m. 

In sea water, the predominantly dissolved constitu
ents are chloridP. (0.554 m), sodium (0.476 m), mall;
nesium (0.0542 · m), sulfate (0.0286 m), potassium 

(0.0127 m), and calcium (O.OHl3 m); all other compo
nents combined contribute Ieee than 0.004 m. There
fore, the effect of the remaining components on the 
solubility behavior of calcium sulfate should be very 
small. The chief differences in solubility behavior in 
sea salt solutions over those in ~:;odium chloride solutions 
can then be attributed to the presence of magnesium, 
to a molal ratio 804/Ca equal to 2.66 'instead of unity, 
and to the substitution of a small amount of potas~ium 

(1) Work sponsored jointly by the U.S. Atomic Energy Commission 
and the Office of Saline Water, U.S. Department of the Interior, and 
Derfomu~d a~ the. Oak Ridse National Laboratory, whi"h iA operated 
by the Union Carbide Corp. Presented before the U1vision of 
Water, Air and Waste Chemistry at the 151st National Meeting of 
the American Chemical Society, Miami Beach, Fla., April ~14, 
1967. 
(2) Previous paper in aeries: W. L. Marshall and R. Slusher, J. 
Chem. Eng. Data, in press. 
(3) E. U. Fmne.l<, 7.. PhyRik. Chem. (Frapkfurt), 8, 92, 107, 192 
(1956); Angew. Chem., 73, 309 (1961); J. K. Fogo, S. W. Benson, 
and C. S. Copeland, J. Chem. Phys., 22, 209, 212 (1954); A. S. Quist 
and W. L. Marshall, J. Phys. Chem., 70, 3714 (1966). 
(4) W. L. Marshall and R. Slusher, ibid., 70, 4015 (1966). 

(5) W. L. Marshall, R. Slusher, and E. V. Jonfl~ • . T. Chem. Eng. Data. 
9, 187 (1964). 
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for-sodium. An investigation at this laboratory on the 
solubility of Ca804 in Ni12SOcNaCl-H20 solutions6 has 
shown that solution molal ratios of 2.66 at constant ionic 
strengths have little effect (·-+2.5%) on the solubility 
product (mca)(m8o,). A substitution of KCl for NaCl 
to the extent of that in sea water, estimated from work 
performed also at this laboratory,6 showed little change 
(-+ 1.5% at an ionic strength of 3m) in the solubility 
product for Ca804 · 2H20 at 25 o. 

Therefore, with the assumption that the increase in 
solubility in a sea salt solution over that in a NaCl
H20 soluti~n of the same (formal) ionic strength is due 
predominantly to the formation of a neutral MgS04° 
species, an estimate of a dissociation quotient, Kd, for 
magnesium sulfate can be obtained. By means of . . 

. Kd . 

Mg804°(aq) ::::= MgH(aq) + 8042
-(nq) (1) 

Debye-Hiickel treatment, the dissoCiation quotients 
can be extrapolated to zero ionic:-strength to obtain· the 
dissociation constant, K do, at each temperature, from 
which the thermodynamic functions can be calculated. 

Mathematical Procedure 

An. expression for the dissociation quotient (Kd), 
assumed herein to be a constant at constant ionic 
strength, for magnesium sulfate according to the equilib
rium of eq 1 can be written as 

(2) 

Let 8 = solubility of calcium sulfate, m = sulfate in 
excess of stoichiometric CaS04, n = total magnesium, 
and x = [Mg804°) (all values in molalities). Then 
the solubility product for .the equilibrium at ionic 
strength I 

Kop 

Ca804(aolid) ~ Ca?.+(aq) I S04?.~(aq) (3) 

in the s?lution containing magnesium salts can be 
written 

K.P = (8)(8 + m - x) (4) 

The expression for K d becomes 

(n - x)(8 + m - x) 
Kd = (x) (5) 

and upon substitution for x from eq 4 

K d = [n - m - 8 + (K.P/ 8) ](K.p/8) (6) 
[m + 8_- (K.p/8)) 

The solubility product constant for calcium sul
fate (or one of its hydrates) is equal to 

(7) 

where ('Yca••'Yso,•-)'1• is the mean activity coefficient of 
CaS04. The equations are given elsewhere, 4 together 
with all needed constants, .to express the values of K.P 
for CaS04·2H20, CaS04· 1/~20, or CaS04 in NaCl
H20 solutions as a function of ionic strength and tem
perature 

log K.P = log K.Po + 

88 (1 + ~:pvi) + BI - CI2 
(8) 

where A.P, B, and Care constants at each temperature 
, and 88 is the Debye-Hiickel limiting slope for a 2-2 
electrolyte. The formal ionic strength, I' = 1/2~(mz2), 

is corrected for the presence of MgS04° to give the true 
ionic strength, I. 

I= I'- 4x (9) 

With an initial estimate of I equal to/', eq 8 was used 
to obtain an initial value of Ksp· This value was used 
with eq 4 and 6 to obtain initial values of x and Kd. 
The value of x was substituted into eq 9 to obtain a 
better value for I and the procedure repeated until 
successive values of Kd .differed by less than 0.1 %. 

The above procedure was repeated for all experi
mental solubilities given elsewhere,2 which include our 
own results in sea salt solutions and those of Hara, 
et al.,1 Langelier, et al.,8 Posnjak, 9 and Shaffer. 10 Since 
the iteration method would be successful only if solu
bilities were greater in sea salt than in the analogous 
sodium chloride solutions; the method sometimes failed 
or gave highly uncertain results at 3Q-60° at low ionic 
strengths where the solubility differences approached or' 
were within tl:i.e experimental precision of the measure
ments; these values were not included in Figure 1 dis
cussed in the next section. 

Results 
General. The dissociation constant for magnesium 

sulfate can be expressed by 

K 0 K 'YMg•+'Yso.•
d = d 

· 'YMgBO,o 
(10) 

Where 'YMgt-+1 -~BO,t-1 and 'YMgB04o are the activity COef
ficients of the respective species. If we· assume that 

(6) L. B. Yeatts and W.- L. Marshall, unpublished results. 

(7) R. Hara, Y. Tanaka, and K. Nakamura, Teeh. Rep!. Tohoku 
Imp. Univ., 11, i99 (1934). · 

(8) W. F. Langelier, D. H. Caldwell, W. B.· Lawrence, and C. H. 
Spaulding, Ind. Eng. Chern., 42, 126 (1950). 

(9) E. Poim.iak, Am. J. Sci., ·238, 559 (1940). 

(10) L. H. Shaffer, J. Chem. Eng. Data, 12, 183 (1967). 
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Figure 1. Variation of the dissociation quotient of magnesium 
sulfate wit.h ionic strength (I) and temperature. 

'YMsso,o is unity and independent of ionic strength, 
the other two activity coefficients can be expressed by 
an extended Debye-Hiickel expression for the mean 
activity coefficient, ( 'YMst+'Yso,•-) '1' = 'Y±<Msso,); thus 

vi 
log 'Y±<Msso,> = -481 + AVl. (11) 

where A contains the ion-size parameter and S and I 
ar~ already defined. 

By substituting eq 11 for log . .Y±<M~so,> into eq 10, 
the following relationship is obtained 

log Kd = log xdo + ssvi/(1 +A vi> (12) 

which is similar to that for the solubility product of 
CaS04 (eq 8) but without the Bland C/ 2 terms. This 
equation was used to describe the behavior of Kd at 
the several temperatures from 30 to 200° (with the 
exception of the few at 30 and 60° mentioned in the 
previous section). This description is shown in Figure 
1 where the slopes drawn are the limiting Debye-Hfickel 
slopes. In ccmtrast to the behavior of the mean ac
tivity coefficient of CaS04 (from the solubility product 
behavior), a value of A equal to unity instead of 1.5-
1.6 gave essentially the best fits. A least-square treat
ment was used but with elimination of some points, in
cluding those of Langelier at 100° and the divergent 
values at 175 and 200° at very high ionic strengths. 
The standard er.ror in Kdo (the intercept at zero ionic 

Rt.rengt.h) for t.hfl SflVflral t.emperat.meR varied from 
about ±0.05 to ±0.12 pKdo units (base 10). Although 
the scatter of calculated points appears great, each 
value of Kd was obt!l.ined from a relatively small dif
ference between the-solubility product in sea salt and 
that in sodium chloride solution shown in Figure 1 of 
ref 2: Agreement of the calculations from the several 
sets of data is good. A comment on the slight devia
tion of calculated values from those of Langelier, et al.,8 

is given elsewhere. 2 The deviations at high ionic 
strengths at 175 and 200° could be eliminated mathe
matically by the addition of Bland C/2 terms to eq 12, 
although this was not done. 

Comparison with Low-Temperature Results. The 
va.luee of log Kd0

, obtained from the intercepts (at 
l = 0) on Figure 1, are plotted against 1/T(°K) in 
Figure 2. Included in this figure are all published val
llP.R of log K do t.h11.t. conlri hP. fonnri ovflr t.hP. t.P.mpP.ra
ture range Q-200° ;n-22 the highest temperature of 
·previously published values was 40°. The presently 
calculated value of Kd 0 at 30°, although having a large 
uncertainty, agrees well with the relatively recent 
values of Nancollas13 and also with those of Jones and 
Monk, 16 the only previous studies made as a function 
of temperature (Q-40° and 20-35°, respectively). A 
very recent result of Atkinson and Petruccill at 25° falls 
slightly below the other values but appears to be in good 
agreement for the ultrasonics method used, which is 
applied chiefly to obtain rate constants. With the 
comparisons shown in Figure ~. 1t is felt that the diS

sociation constants presented herein are reasonably 
reliable to 200°. Th.~ir change with temperature shows 
that magnesium and sulfate ions associate ~trongly 

with rising temperature. The 1-1 electrolytes pre
viously studied associate similarly with rising tempera
ture but to a much less extent at comparable solution 
densities. 8 This difference in degree of association. 

.'•" ..... " " ... -· .. ···-··--· .. ··-~----·--------
(11) G. Atkinson and 8. Petrucci, J. Phys. Chem., 70, 3122 (1966). 

(12) M. Eigen and K. Tamm, Z. Elektrochem., 66, 93, 107 (1962). 

(13) G. H. Nancollas, Discussio1111 Faradau Soc .. 24, 108 (1957). 

(14) J. Kenttamaa, Suomen Kemistile/Ui, B29, 59 (1956). 

(15) P. G. M. Brown and J. E. Prue, Proc. Roy. Soc. (London), A232, 
320 (1955). 
(16) H. W. Jones and C. B. Monk, Tra1111. Faraday Soc., 48, 929 
(1952). 

(17) H. S. Dunsmore and J. C. James, J. Chem. Soc., 2925 (1951). 

(18) A. Deubner and R. Heise, Ann. Physik, 9, 213 (1951). 

(19) W. A. Mason and W. J. Shutt, Proc. Roy. Soc. (London), A175, 
234 (1940). 
(20) C. W. Davies, J. Chem. Soc., 2093 (1938). 

(21) R. W. Money and C. W. Davies, Tra1111. Faraday Soc., 28, 609 
(1932). . 

(22) C. W. Davies, ibid., 23, 351 (1927). 
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Figure 2. The dissociation constant of magnesium 
sulfate from 0 to 200•. 

can be related directly to the differences in charge of 
divalent and monovalent ions. 

Thermodynamic Functions 

By using the van't Hoff isochore and an assumed 
linear dependency of t:J.CP o on temperature over the 
G-200° range, the present values of log Kdo and those of 
Nancollas,l3 Jones and Monk, 16 Brown and Prue, 16 and 
Kenttamaa14 were fitted by a method of least squares 
as described previously' to yield the following equation 
for log Kdo as a function of temperature (°K). 

log Kd0 = -158.540 + 62.160 log T + 
(4180.6/T) - 0.046298T (13) 

From the treatment of eq 13 by the usual methods, 4 

thermodynamic functions for the standard changes in 
free energy (t:J.G 0

), enthalpy (6.H0
), entropy (6.8°), 

and heat capacity (t:J.CP 0 ) were obtained from 0 to 
200°. The values are given in Table I. At 25° the 
values of t:J.G0

, t:J/ 0
, and 6.8° in this table compare 

reasonably well with those of Nancollas 13 of 3.22, 
-4.55, and -26.1 and of Jones and Monk 16 of 3.2, 
-5.7, and -31, respectively. 

When a constant value for t:J.CP o was assumed, eq 14 
was obtained 

log Kd0 = 30.953 - 12.4547 lo11; T - (750.2/T) (14) 

which yielded an average value of t:J.C Po of - 25 cal 
mole-1 deg- 1 from 0 to 200°. Calculated values for 
4G0

, t:J/ 0
, and 48° from this equation were very little 

different from those given in Table I. Equation 13, 
however, gave a somewhat better fit to the data and 

Table I: Standard Thermodynamic Quantities for the 
Equilibrium MgSO:(aq) :;::= Mg2+(aq) + S0,2 -(aq) 
(atl = 0) 

4So,. 4Cp0
, 

T, -Log tJ.Go, 4H 0
, cal/ mole cal/ mole. 

•c xdo a kcal/mole kcal/mole deg deg 

0 2.129 2,661 -4.08 -24.7 +7.8 
25 2.399 3.273 -4.0i :__24.4 -2.8 
50 2.631 3.890 -4.22 -25.1 -13.4 
75 2.846 4.53 -4.68 -26.5 -24 

100 3.057 5.22 -5.41 -28.5 -35 
12-~ 3._274 .5. 96 -6.41 -31.1 -.45 
150 3.501 6.78 -7.67 -34.1 -56 
175 3.743 7.67 -9.20 -37.6 -66 
200 4.002 R.nfi -11.0 -41.5 -77 
250b . 4.58 10.9 -15.4 -50.3 -98 
300b 5.23 13.7 -20.8 -60.2 -119. 
350b 5.06 17.0 --27.3 . 71.0 -140 
370b 6.27 18.5 -30.2 -75.6 -149 

• Use of eq 13 for all values. b Use of eq 13 for extrapolation; 
no experimentally attained values· beyond 200•. 

.. 
provided estimates for t:J.CP o as a function of tempera-
ture. 

Another equation for log Kd 0 was obtained by as
suming that t:J.CP o varied as a quadratic function of 
temperature. This equation 

log Kd0 = 4091.991 - 1762.800 log T -

(875.14.4/T) + 2.191689T - 0.001038956T2 (15) 

indeed provided a maximum value of t:J.CP o at approxi
mately 80° in accordance with maxima for t:J.Cp o ob
served for other ionization reactions. 23 Nevertheless, 
both calculated thermodynamic quantities, 4H0 and 
6.8°, although close to the values given in Table I, 
showed both maxima and minima between 0 and 200°. 
When all thermodynamic quantities were calculated to 
350° by using eq 15, they approached unreasonably 
very low or very high values. Therefore, the four-con
stant eq 13 is believed to provide the best description 
to 200°, with estimates to 350°, of this equilibrium 
within the precision of the available values for Kd

0
• 

Assigned Entropy and Heat Capacities for MgS04° at 
0-200°. Criss and Cobble have assigned values for the 
entropy24 and average heat capacity26 of ions at tem
peratures from 25 to 200° by means of a correspondence 
principle and the use of experimentally derived assign
ments at low temperatures (based on a specific assigri-

(23) Th. Ackermann and F. Schreiner, Z. Elektrochem., 62, 1143 
(1958). 
(24) C. M. Criss and J. W. Cobble, J. Am. Chem. Soc., 86, 5385 
(1964). . 

(25) C. M. Criss and J. W. Cobble, ibid., 86, 5390 (1964). 
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ment of -5.0 eu at 25° for the hydrogen ion). 24 From 
Table I, average values for ACph1 and also values for 
AS,o can be obtained at 25, 60, 100, 150, and 200° for 
use with Criss and Cobble's estimates of ionic quantities 
at these temperatures. From eq 1 for the dissociation 
equilibrium, the (assigned) entropy of the neutral 
species, MgS04°, is' equal to [S,0 (Mg2+) + S,0 (S042

-)] 

(from Criss and Cobble) minus AS 1 o (from Table I) 
where t refers to the temperature. The average heat 
capacities for MgS04 o are obtained by a similar relation
ship. The calculated values for the two quantities 
are given in Table II. They show that the entropy of 
MgS04° is relatively small and, surprisingly, changes 
very little with temperature. The average heat ca
pacity, Cl' l2~'. of M~04° rises with increasing tempera
ture. 

Table II: The Entropy and Average Heat 
Capacity of [MgS040) 

8t0
r 

T, cal/ mole 
•c deg 

25 ~1.6 

60 -5.1 
100 -6.1 
150 -5.3 
200 -4.5b 

l'p]DI, 
cal/ mole 

deg 

-50 
-39" 
-25 
-10 
-2 

• From smoothed Criss and Cobble values2& at 60" for Cp)s•IIO 
for Mg~+ and S0,2-. b Calculated using smoothed value for 
S0,2- and extrapolated value for Mg2 - from Criss and Cobble .. 
to 150". 
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[Reprinted from J. Chern. Eng. Data~' 83 (1968)] 

Copyright 1968 by the American Chemical Society and reprinted by permission 
of the copyright owner. 

3.2 AQUEOUS SYSTEMS AT HIGH TEMPERATURE. SOLUBILITY TO 200°C 
OF CALCIUM SULFATE AND ITS HYDRATES IN SEA WATER AND SALINE WATER 

CON.CENTRATES, AND TEMPERATURE~CONCENTRATION LIMITS 

William L. Marshall and Ruth Slusher 

The solubilities of calcium sulfate dihydrate (gypsum) at 60° and 95° C. and anhydrous 
calcium sulfate (anhydrite) at 100° to 200° C. have been determined in synthetic 
sea salt solutions at concentrations from zero to about ten times that of sea water. 
The values extend previous studies to include approximately the entire range of 
sea salt concentrations from 30° to 200° C. The formal solubility products at low 
concentrations were essentially the same at temperatures up to 100° C. as those 
previously determined in sodium chloride-water solutions of the same ionic strength, 
but about 70% higher at 200° C. With dissociation quotients for magnesium sulfate 
obtained from the comparative solubilities in sea salt and sodium chloride solutions, 
representative calculations for several natural waters, including sea water, were 
made·()f concentration and temperature limits to avoid precipitation of calcium sulfate 
or its hydrates .. With the method used, limits of saturation can be estimated for 
saline waters in general. 

IN THE DESIGN of distillation plants for purifying 
water, knowledge of temperature and concentration limits 
for avoiding scale formation by calcium sulfate, a common 
constituent of natural waters, is essential. Many somewhat 
restrictive methods based on experimental data have been 
presented for obtaining limits of saturation to avoid precip
itation of this solid or its hydrates, particularly calcium 
sulfate dihydrate (gypsum) (2, 4, 5, 6, 11, 16, 20, 24, 
2$). In the present work, by using solubilities in NaCl
H20 solutions given and referenced elsewhere (15, 16) and 
in sea water concentrates (2, 7, 8, 11, 22, 25) and the 
new solubilities in synthetic sea salt solutions from 60° 
to 200° C. presented here, a procedure believed to be of 
more general applicability has been developed. This 
(computer) procedure allows the rapid estimation· of concen
tration and temperature limits for avoiding precipitation 
of CaSO, or its hydrates from saline waters in general, 
including those waters from which calcium (and/or 
magnesium) initially has been depleted. 

EXPERIMENTAL 

A concentrated stock (sea salt) solution ( ~5 molal total 
salt) was prepared that contained molal salt ratios of a 
synthetic sea water composition given by Spiegler (27) 
(Table Ill) but excluding stoichiometric CaSO,. (In this 
paper. the term "sea salt" refers to this composition but 
with any amount of concentration or dilution with respect 
to water. The term "sea water concentrate" sometimes 
is used interchangeably, and refers also to solutions more 
dilute or more concentrated than sea water.) The salts 
used for the preparation of the stock solution, all of reagent 
grade purity, were NaCl, KCl, Na2SO,, MgCb·6H20, 
MgSO,, and NaBr. Before weighing, the salts, except 
MgSO,, were dried at 100° to 110° C. for 4. to 24 hours. 
The formula, MgCI.-6H20, was verified by dehydrating 
·a weighed sample at 200° C. to determine the loss of 6H20 
within 1%. Magnesium sulfate hydrate was dehydrated 
to MgSO, by drying at 400° C. for 24 hours. 

The stock solution was quantitatively diluted with 
deionized water to give the many solutions of different 
concentrations in which the solubility of gypsum 

(CaSO, ·2H20) or anhydrite (CaSO,), formed from gypsum 
within the solubility vessel, was determined. The washing 
of the reagent grade gypsum used in the solubility deter
minations, the addition of 2 cc. of 30% H202 (which decom
poses to 02 at high temperature) to 40 cc. of solution to 
prevent corrosion of the titanium alloy vessel, and the 
methods of equilibrating and sampling from the high pres
sure vessels have been described in detail {14, 15, 16). 
As in previous studies, solubilities of anhydrite at 100° 
and 125° C. were obtained by making runs first at 150° C. 
or higher to convert gypsum or hemihydrate (CaSO,. 
!!:!H20) rapidly to anhydrite. 

The solubility values at 60° C. were obtained by rocking 
bottles containing the solid-liquid mixtures in a constant 
temperature bath (± 0.3° C.) and withdrawing solution sam
ples (through a porous glass tip sampling tube) for analysis 
after periods of time varying from 16 to 48 ·hours. 
Attainment of equilibrium was substantiated by agreement 
of analyses (to ± 1 %) of samples obtained after 5 to 
48 hours. 

Since both calcium and magnesium were present, it was 
difficult to use a potentiometric titration for calcium [the 
end point potentials for the titration of calcium and mag
nesium with (ethylenedinitrilo)tetraacetic acid (EDTA) as 
a complexing titrant are relatively close]: Therefore, a titra
tion with a standardized EDTA solution and Mallinckrodt 
analytical reagent hydroxynapththol blue as a colorimetric 
indicator was used as in the procedure of Patton and Reeder 
(21). The method was substantiated by analyses of known 
solutions in approximately the same ranges of calcium and 
additional salt concentrations. 

The total salt concentration was obtained and verified 
by evaporating a weighed sample to dryness at 100° C. 
and weighing the total solid, knowing the dilution factor 
of the solution, and removing all metallic ·cations with a 
Dowex 50 cation exchange resin and titrating the eluent 
for total acid. The total sulfate concentration was obtained 
from the analysis for dissolved calcium sulfate, the total 
salt concentration, and the exact molal ratios of the salts 
in the diluted stock solution. The formal solubility product, 
K~P = [mc.l [m80J, and the formal ionic strength, I' = 
Y:! ~ m,z?, where m, is the formal molality of ion i and 
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Table I. Negotive I ogorithm of Snluhility Product Constants for Anhydrite (A), 
Hemihydrate (B), and Gypsum (G), and Several Other Constants 

for Evaluating Solubility Products at 0-300° C. 

De bye-H uckel 
Slope• (for 

Molalities for 
-Log K~p(A) -Log K~p(H) -Log K~p(G) Asp Ba Cr: 1-1 Electrolyte) 

3.818 3.682 4.466 1.450 0.0880 0.0234 0.4875 
4.192 3.734 4.373 1.500 0.0194 0.0134 0.5080 
4.539 3.933 4.409 1.544 0.0000 0.0108 0.5337 
4.884 4.236 4.514 1.575 0.0000 0.0068 0.5645 
5.240 4.614 4.650 1.5!:14 0.0000 0.0020 0.6006 
5.617 5.044 4.792 1.600 0.0000 0.0000 0.6422 
6.020 5.512 . 4.920 1.600 0.0000 0.0000 0.6900 
6.453 6.007 5.025 1.600 0.0000 0.0000 0.7451 
6.017 6.630 6.008 1.600 0.0000 0.0000 0.8097 
7.941 7.576 5.130 1.600 0.0000 0.0000 0.9848 
9.093 8.648 4.996 1.600 0.0000 0.0000 1.2870 

. . 
-molar units multiplied by square root of density of water to convert for use with molal units. 

fable II. Expoumontol Valuu Obtained fro111 tho Solubility of Colclu• Sulfoto DlhrdoGto 

and Calcium Sulloto In Soawator Conuntrote• and Dlluer~te, :S0-200°C 
Z; equals the charge on that ion, could then be obtained. 
For these values, me" and mso, represent the total molality 
of calcium and sulfate. 

Source• I'' ... Lac K:Pc: -Loa; (co(m)]d Sol,r(' •• , .. 
-t.ngi(:Pc -t ... a[r.A(m)] 4 

All samples were analyzed on a volume basis and were 
converted to molalities by using the densities at 25• C. 
of sodium chloride solutions of comparable salt concentra
tion (10). Since sodium chloride is the predominant con
stituent of sea water, it was believed that this procedure 
was acceptable within the precision of the solubility deter
minations. 

SOLUBILITY RELATIONSHIPS IN NaCI-HzO SOLUTIONS 

Solubilities of CaSO, and its hydrates in dilute and con
centrated NaCl-H,O solutions at temperatures from o• to 
200° c .. determined at this laboratory, have been published 
with references to earlier work (15, 16). A recent paper 
by Ostroff and Metler (20) presents additional solubilities 
of CaSO, · 2H,O in N aCl-H,O solutions, 28• to 70• C., in 
very good agreement with both experimental and calculated 
(to ± 1.5% at all ionic strengths) values (15, 16). A study 
by Madgin and Swales, not compared previously but also 
in good agreement, contains solubilities of CaSO, ·2H,O 
and CaSO, in NaCl-H,O solutions at 25• and 35• C. (12). 
Previous work (15, 16) showed that the solubility of gyp
sum, hemihydrate, and anhydrite could be described at 
a particular temperature by the following equation(Debye
Hiickel type with added terms), 

log K sp =log K~P + 88(1) 112/[1 +A spUl 112
) + BI- CI' (1) 

where I is the (true) ionic strength of the solution defined 
in the experimental section in terms of the formal rather 
than the true ionic molalities, K sp is the ionic (practical) 
solubility product, [mea'·] (m 80: ], S is the theoretical 
limiting Debye-Hiickel slope for a 1-~ electrolyte multi
plied by the square root of the density of water to convert 
it for use with molal units, K~P is the solubility product 
constant at I = 0, and A sp• B, and C are adjustable parame
ters. Values of Asp• Be, and Cc (subscripts G, H, and 
A are used here to designate application to gypsum, hemihy
drate, and anhydrite, respectively) at several temperatures 
for gypsum are given elsewhere (15). Also given (15) is 
an equation for the variation with temperature (T, • Kelvin) 
of K~ for gypsum, included as follows: 

log K~p (gypsum) = 390.9619- 152.6246 log T 

-12545.62/ T + 0.0818493 T (2) 

In place of the equation for anhydrite given previously 
(15), an equation for K~P (anhydrite) that fitted the results 
somewhat better at temperatures from 100• to 200" C. (but 

T a 30°C, (C•SU 4 • lH 2U)9 
0.0314 4.151 2.400 

0.0599 3.631 1.862 0.0314 4.740 2.391 
0.443 2.992 1.55'1 0.0314 4.717 l:.l78 
0.791 2.783 1.487 o.oa28 4.462 2.294 
1.5015 2.373 1.440 0.0840 4.387 :1.250 
2.202 2.471 1.438 0.0901 4.434 2.285 
2.613 2.433 1.446 0.1817 4.187 2.207 
3.64 2.403 1.507 0.1817 4.161 2.191 
4.00 2.411 1.541 0.352 3.971 2.166 
0.598 2.883 I.SI9 O.lSl: J.!Hj 1.146 
1.866 2.489 1.418 0-675 3.699 2.104 
3.94 2.416 1.540 0.683 3.674 2.017 
6.68 2.559 1.849 0.68J 3.658 2.075 
0.708 2.810 1.491 1.998 3.284 2.076 
2.111 2.488 1.442 1.998 3.299 2.028 
4.20 2.432 1.573 3.37 3.131 2.124 

5.69 3.056 2.260 
T• 6ffC, (CeS0 4 • :zH 20) 6.10 3.114 2.345 

0.570 3.690 2.058 
0.0599 3.636 1.865 1.697 3.288 2.026 
0.0599 3.635 1.864 1.697 3.244 1.988 
0.0805 3.559 1.785 3.42 3.081 2.084 
0.0816 3.548 1.779 3.58 3.114 2.132 
0.1370 3.394 1.714 

T• 1500C. CC•S0 4) 0.1388 3.381 1.708 
0.762 2.770 1.474 0.0065 5.562 2.828 
0.771 2.767 1.474 0.0067 5.547 2.776 
0.432 2.983 1.550 0.0246 5.244 2.661 
2.111 2.4SI 1.411 0.02GI 5.131 2.600 
2.111 2.444 1.409 0.0717 4.900 2.550 
O.V~IJ 2.RM 1.509 0.170& 4.561 7.4S? 
1.866 2.480 1.412 0.1705 4.481 2.397 
3.94 2.387 1.516 0.332 4.294 2.396 
6.68 2.485 1.780 0.344 4.1G4 2.381 
0.708 2.804 1.488 06lS 3.Q,Iil 2.291 
2.111 2.450 1.413 0.651 3.921 2.273 
4.20 2.367 1.518 1.305 3.614 2.226 

T• 95°C, (CaS0 4 · 2H 20) 1."'4" j,4.J\) 1.11() 
1.970 3.427 2.201 

0.05ll 3.780 1.937 2.690 3.310 2.207 
0.05ll 3.772 1.933 3.32 3.244 2.225 
0.0627 3.658 1.830 3.32 3.225 2.208 
0.0696 3.706 1.859 5.89 3.125 2.342 
0.1300 3.475 1.757 0.556 3.943 2.248 
0.1300 3.475 1.757 1.697 3.514 2.227 
0.422 3.055 1.591 1.720 3.456 2.179 
0.427 3.046 1.587 1.720 3.426 2.152 
0.762 2.815 1.503 3.81 3.23.7 2.273 
2.111 2.417 1.390 6.68 3.131 2.400 
2.141 2.338 1.336 

T• 17s0C, (CaS04) 3.42 2.246 1.366 
5.89 2.378 1.636 0.0037 5.991 2.996 
5.89 2.301 1.568 0.0040 5.914 2.957 
0.598 2.907 1.534 0.214 5.611 2.866 
1.866 2.498 1.424 0.214 5.516 2.809 
J.\111 1.4U! 1.511 U.:,jlq 5.511 1.ec.r 
6.68 2.400 1.'1UI 0.706 5.164 2.722 

T • tooOc. cc.sa.l 
0.727 5.244 2.782 
0.1705 4.775 2.610 

I 0.0201 4.580 2.337 U.3:18 (' ... ~'ll 'J:.a11 
I 0.0401 4.413 2.222 0.332 4.509 2.568 
1 0.2008 3.917 2.047 0.651 4.174 2.489 

' 0.365 3.710 1.990 0.659 4.184 2.501 

' 0.379 3.61~ 1.978 0.675 4.190 2.515 

I 0.683 3.450 1.918 1.970 3.609 2.36? 
1.970 3.595 2.356 

I 0.717 3.432 1.915 
3.37 3.377 2.358 

1 1.998 3.070 1.889 
3.42 3.432 2.417 

I 2.265 3.057 1.917 
5.79 3.222 2.429 

1 2.811 2.987 1.928 
5.79 3.149 2.358 

I 3.32 2.959 1.960 
0.563 4.229 2.490 

I 3.53 2.963 1.985 
1.866 3.699 2.433 

1 5.89 2.991 2.212 
3.94 3.398 2.442 

5 0.841 3.201 1.778 
5 1.092 ·3.143 1.789 T·· 2ocf'C. (CaSO 4) 
5 1.411 3.036 1.767 
5 1.675 3.032 1.807 0.0018 6.489 3.287 
5 1.743 3.009 1.799 0.0022 6.462 3.232 
5 1.917 3.000 1.818 0.0206 5.842 3.002 
5 2.082 3.000 1.843 0.0706 5.276 2.799 
5 2.202 3.000 1.860 0.1621 5.068 2.827 
3 0.584 3.415 1.864 0.1621 5.046 2.809 
3 1.866 2.983 1.797 0.1621 4.987 2.7,62 
3 3.87 2.896 1.959 0.328 4.733 2.754 
3 3.87 2.879 1.943 0.643 4.398 2.685 
3 .6.68 2.848 2.124 0.643 4.347 2.639 

1.305 4.007 2.585 
T • t2S0C, (C•SO 4) 1.970 3.764 2.516 

0.0129 4.971 2.53~ 1.6ll 3.602 2.173 
J.37 3.437 2.415 

0 niJA •. Q.12 2.466 5.79 J,toa 2.318 
0.0138 4.917 2.461 

0.563 4.475 2.708 
O.OlJ4 4.770 2.407 

•1 a Yarahaii·Siuaher (Prnent·l967), 2 .. PoanJ•k (1940), 3 • Ha ... et •1. (1934), 4 • Sh•rrer (1967), 

5 • L•nl"ller et •1. (1950). 

&Formal lonJc •trength (mo1•1 units). 

cK~P • Fonu1 Solr. PTod. or S•ts. Solid (mo181 bula). 

,Ca(m)) • Mol•llly of c•lclum ( • mol•llly or Sllli• Solid), 

•s111untln; aolld ph•ae. 
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essentially the same at lower temperatures) ·was obtained 
and used in this work, 

log K",.p (anhydrite) = -215.509 + 85.685 log T + 

6075.2/ T- 0.070707 T (3) 

From the solubilities of hemihydrate (16, 23, 24, 26) (25• 
to 125•C.), most of them in H20, and those referenced 
by Smith (26) (90• to 125• C.), we have estimated the 
values of K~l! for hemihydrate as a function of temperature 
(• K.) from u• to 200• C., and have obtained the following 
equation similar to that for gypsum and anhydrite (15) 
to describe its behavior, 

log K"sp (hemihvdrate) = 154.527- 54.958 log T- 6640.01 T (4) 

The Asp parameter at each temperature was assumed 
the same for expressing the behavior of each of the three 
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salts, since it should not be a function of the hydration 
state of the saturating solid. From the previous relationships 
(15), it was shown that B. = Ba - 0.020 and· C. = Ca 
+ 0.0030. The difference, (Bal - CG/2) - (B.I - c.I~. is 
attributable to the hydration of CaSO, · 2H20 and corre
sponds to 2 log aH,O• where aH,O is the activity of H20 in 
the solution phase. By analogy, Equations 5 and 6 for BH 
and CH were derived: 

BH =B. + 0.25 (Be- B.) 

cH = c. + o.25 (Cc:- c.> 
(5) 

(6) 

The BI and C/2 terms of Equation 1 are important only 
at very high ionic strengths (above 2 molal) and at low 
temperatures; they become very small or drop out entirely 
at temperatures above about so• to 100• C. For convenience, 
some values for the several constants, calculated with Equa
tions 2 to 4, and parameters are given in Table I. 
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Figure 1. Solubility products, K:P' vs. [1'r12/(1 + A,P[1']112) ofCaS0,·2H20 and CoSO, in sea 
water concentrates compared with their· behavior in NaCI-H20 solutions from 30• to 200• C. 



With the use of the above equations and constants at 
the several temperatures the solubility of gypsum in NaCl
H20 from o• to 110• C. is believed to be described to within 
about ±3% (15), and for hemihydrate and anhydrite to 
200• C., within about ±6%. 

SOLUBILITY PRODUCTS IN SEA WATER CONCENTRATES 

The experimentally determined solubility products, K~P' 
of anhydrite at 100• to 200• C. in synthetic sea water concen
trates and diluents, expressed as -log K~P and obtained 
as described above, are given in Table II. Included also 
are the experimentally determined negative logarithms of 
the molal concentration of calcium (the solubility value). 
The logarithm of the total sulfate concentration is equal 
to the difference, log K~P - loglmc"]. The values for K~y 
are plotted in Figure 1 as log K~P us. (1') 1'~/[1 + A.P(l')'·cJ 
where the Asp values are the same as those used earlier 
for CaSO, in NaCI solutions (15) and are included in 
Table I. Values in H10 are given elsewhere (15, 16). The 
solid lines on Figure 1 correspond to the behavior of K •n 
derived from the previously determined solubilities in NaCI
H20 solutions. Although at 100• C. there are no solubiiity 
measurements of anhydrite in NaCI-H20 solutions, the solid 
line is consistent with extrapolated solubility products from 
both lower and higher temperatures [K~P (anhydrite) is 
calculated with Equation 3], and is believed to represent 
closely the equilibrium solubility behavior. Thus, our own 
values at 100• C. in sea salt solutions are believed to 
represent equilibrium values (they were obtained by 
approaching 100• C. from higher temperatures) while those 
values of Langelier et al. at 100• C., obtained by approaching 
100• C. from lower temperatures, appear to be somewhat 
high. 

Included also in Figure 1 and Table II are those values 
of K~P in sea water concentrates at 30" C. calculated from 
the solubilities of Posnjak (22), at 30• and 60• C. obtained 
from some very recent measurements of Shaffer (25), at 
100• C. given by Langelier et al. (11) in molal units, and 
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at the several temperatures calculated from the solubilities 
of Hara et al. (8). Values of K~P from the results of both 
Posnjak and Hara et al. were obtained by multiplying the 
analyzed saturation concentration of calcium [Tables I and 
II of Posnjak (22); solubilities of Posnjak's Table II, 
incorrectly listed as grams per 100 grams of H10, are 
in grams per 100 grams of solution; Tables II and III 
of Hara et al. (8) j, converted to molal units, by the mol
ality of total sulfate (mcaso, + mexces.• sulrate). Posnjak's 
series of synthetic concentrates before saturation with 
CaS0,.2H20 did not contain calcium. Therefore, total sul
fate was calculated from his values by adding the concentra
tion of sulfate in the stock concentrate to that obtained 
by analysis for saturation calcium (= CaSO,). To obtain 
total sulfate from the measurements of Hara et al. (which 
in the stock concentrates contained analyzed small amounts 
of calcium), the molal excess of sulfate over that of calcium 
in the stock concentrate [evaluated from Table II (7)] 
was added to the analyzed total calcium after saturation; 
this amount corresponded to total sulfate after saturation. 
The methods of conversion are stated in detail, sirice the 
data of Hara are misinterpreted elsewhere (2), but 
interpreted correctly later (25). The agreement of the pres
ent results with previously published solubilities is good 
(except at 100• C.) and is within the range of scatter of 
the individual solubility measurements. 

The solubility products of gypsum in synthetic sea water 
concentrates at 30• and 60• C. are essentially identical with 
those in NaCI-H20 solutions when compared at the same 
ionic strength, except at the highest ionic strengths. At 
100• to 200• C. the solubility products of anhydrite are 
greater in sea salt than in sodium chloride solutions, and 
at· a constant temperature the logarithmic difference, log 
(K~p/ K spl, is approximately constant over a very wide 
range ot ionic strength. This difference (Figure 2) is a 
function of both K~P and the dissociation constant(s) of 
any associated species present in the sea salt solutions. 
Thus, values in Figure 2 could be used for correcting. 
differences in solubility in the solution compositions (sea 

Table Ill. Molal Compositions of Several Representative Saline Waters 

Saline Water Code• 

Component. A B c D E F G 

Sodium 0.4758 0.1463 0.2190 0.0147 0.00401 0.02756 0.0459 
Calcium 0.01034 0.00915 0.01490 0.00513 0.00551 0.01150 0.01878 
Magnesium 0.0542 o.mog 0.00672 0.00222 0.00420 0.00813 0.01539 
Potassium 0.01007 0.0025 0.00065 0.00046 0.000229 0.06574 
Iron 0.000023 
Manganese 
Chloride 0.5544 0.1529 0.2303 0.00235 0.00054 0.03'71 0.1156 
Sulfate 0.02856 0.03238 0.01575 0.01262 0.00893 0.01107 0.03097 
Bicarbonate 0.00241 0.0028 0.00341 0.00286 0.00534 0.00605 0.00250 
Carbonate 0.0004 
Bromide 0.00084 0.01406 

Fluoride 0.00004 0.00013 
Nitrate 0.000035 0.00084 
Silicon dioxide 0.00022 0.00023 0.00053 0.00023 
Boron 0.000060 0.00017 0.00020 
I' (original)' 0.7080 0.2979 0.3018 0.0501 0.0422 0.0975 0.2452 
R (original)' 2.763 3.539 1.057 2.461 1.622 0.959 1.649 
I' (revised)• 0.7092 0.2993 0.3035 0.0515 0.0449 0.1003 0.2464 
R(revised)• 2.878 3.692 1.171 2.741 2.105 1.220 1.716 

• A. Standard sea water (27) based on chlorinity of 19.00 grams Survey analysis) (18). G. Pecos River below Grandfalls, Tex., sam-
per kg. of solution. B. Caspian Sea, analysis of water obtained pled April 1951; U.S. Geol. Survey Water Supply Paper 1199 (18). 
near Baku, U.S. Geol. Survey analysis (29). C. Deep well, Roswell, 'Bromide added arbitrarily to achieve electroneutrality; could be 
N. M., Jan. 14, 1965 (1). D. West well, Miller, S.D., depth 1245 any other monovalent ion. 'Ionic strength (I') and molal ratio 
feet, sampled Oct. 31, 1955 (U.S. Geol. Survey analysis) (18). E. so:- /Ca2+(R), of original saline water. •Ionic strength (I') and 
Deep well No. 5, Webster, S.D. (17). F. Irrigation well, Buckeye molal ratio so:- /Ca2+ (R) after removal of co~- and HCo,- by 
Irrigation Co., Buckeye, Ariz., sampled April 23, 19g5 (U.S. Geol. addition of HzSO,. 
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Figure 2. Correction for K,P(CaS04) to obtain apparent 
solubility product, K:P' in sea water concen.trates 

salt solutions) and for the solid phase from which they 
were obtained but not in other saline water compositions. 

As a sea salt solution approaches infinite dilution 
(solubility of CaSO, or its hydrates approa~hes that in 
water), the value of K~P must approach K sp; Figure 1 
shows this convergence occurring only at total·salt concen
trations below about 0.04 molal. Figure 3 shows schemat
ically how the curve must approach the same Debye 
Hi.ickel limiting slope and solubility product in water upon 
dilution of either sea salt or NaCl solutions. 

CALCULATION OF SOLUBILITY LIMITS 

Assumptions: Dissociation _Constant of Magnesium Sulfate. 
The increase in solubility in sea salt· solutions over that 
in sodium chloride solutions can be attributed essentially 
to the formation of a neutral species, MgSO~, which removes 
part of the concentration of sulfate ion and thereby allows 
the solubility of CaSO, (or its hydrates) to increase in 
order to satisfy its solubility product, K sp· The existence 
of neutral CaSO~ was not expected to interfere appreciably 
with this assumption (except in extreme cases mentioned 
below), since its concentration (in solutions saturated with 
CaSO,) should be nearly independent of ionic strength and 
is incorporated into the values of K 50 used in this study 
(13, 15). 

From the solubility results in sea salt solutions given 
in this paper and from those solubilities in sodium chloride 
solutions, values for the dissociation quotient, Kd, of the 
equilibrium, 

K, 
MgSO, <=' Mg'' + so:- (7) 

and constant, K~, at I= 0 were calculated and are presented 
' 'elsewhere (13), where log Kd was estimated by the following 

Debye-Hi.ickel equation, 

log K. =log K~ + 88(1)'"![1 + (/)'"] (8) 

and log .K3 varied with temperature according to the 
·equation, 

·loe: K~ = - 158.540 + 62.160 log T + 

4810.6/T- 0.046298T (9) 

[4810.6 given incorrectly as 4180.6 elsewhere (13) ]. 

Calculated vs. Observed Solubilities, 25° fo 200° C. By using 
the several equations for solubility products of calcium 
sulfate and its hydrates and the dissociation quotients of 
magnesium sulfate, with their respective constants (Table 
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Figure 3. Schematic behavior of apparent 
solubility product, K:P' of CaS04 in magnesium 

containing saline waters 

1), solubilities were calculated for direct comparisons with 
saturated solution compositions given in Table II and with 
other published, experimentally observed values ·in mixed 
electrolyte systems (4, 5, 12, 20). The formal ionic strengths 
were corrected slightly for the calculated amount of neutral 
species, MgSO~. The entire procedure was similar to that 
for obtaining concentration factors, described below, except 
that I' in Equation 11 was kept always equal to the initial, 
formal ionic strength. CF in Equation 12 then represented 
the molal solubility ratio, calculated to an observed, rather 
than a concentration factor, where formal ionic strength 
changes with concentration. When I' was corrected for 
this change the differences usually were less. than 0.1 to 
0.2% for ratios (calculated to observed) between 0.9 and 
1.1, and were never greater than 0.7% for those of 0.6 
to 0.9 and 1.1 to 1.4. 

Figure 4 compares the calculated with observed solu
bilities from 25° to 95° C. in sea water solutions for all 
the (observed) results presented in Table II. Included also 
are comparisons with observed solubilities in mixed electro
lytes obtained by several investigators (5, 12, 20). 
Comparisons with observed solubilities in NaCl-H20 other 
than·those in Figure .4 have been given (15). 

The use of a dissociation constant for CaSO~, roughly 
estimated from data up to 200° C. (15), may well account 
for the positive deviations from those values of Ostroff 
and Metler lf'1gure 4) where mMgc1)mNaCI equals 0.5 to 
infinity, and also for the negative deviations from those 
ofMadgin·and Swales containing similarly high values (0.5 
to infinity) 6f mNa,so.lmNaCI· The presence of some neutral 
CaSO~ ii:r solution would yield calculated deviations in the 
directions shown .for these two extreme types of solutions. 
From a solubility study in progress (30), we nope to obtain 
sufficiently accurate values for the dissociation constant 
and quotients of CaSO~ that can be applied as a refinement 
to· these calculations for the extreme deviations. 

In Figure 5 are shown the comparative calculations for 
sea salt solutions at temperatures from 100° to 200° C. 
The drop in the calculated values at 175° and 200°,C .. at 
ionic strengths above 1 molal can be attributed to the 
deviation from the relationship of Equation 8 in calculated 
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dissociatiof! quotients of magnesium sulfate at these high 
ionic strengths (13). Additional terms could be added to 
Equation 8 to account for this deviation but, with the 
lack of any other. solubility data to substantiate their inclu
sions, this was not done. 

Comparisons of calculated with observed solubilities of 
ClaiDpett and Fowler (4) for CaSO, · YtH20 at temperatures 
fTom 100• to !{iOo C. (not included in Figure 5) were not 
within reasonable agreement. Their values do not agree 
with those of Langelier et al. (11) at 10.0° C. for CaSQ,. 
.Y:!H~ nor with our own values (16) at 125• C. except in 
water and unconcentrated sea water. In view of the extrapo
lated, reasonable agreement between our own values (at 

125° C.) and those of Langelier et al. (at 100° C.), we suspect 
an error in the measurements of Clampett and Fowler 
for the concentrated solutions. · 

The method of calculation and the assumptions used 
thus appear satisfactory for calculating solubilities in saline 
waters in general at temperatures from 25• to 200• C.; but . 
for maximum reliability, it should· be applied to waters 
containing a predominance of a 1-1 electrolyte. 

Calculation of t.ontenmnion Pacrars. H cau Lc ~huwn th11t 
{13) 
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I=!'· 4[M~SO~] (11) 

from which 

CF= I (K8p + [ca•+].[MgSO~])/ FP,f'12 (12) 

In Equations 8 to 12·, Tis in degrees Kelvin, I and l' are the 
trueandformal (molal) ionic strengths, respectively, FP, is 
the formal.product [m(total calcium)· m(total sulfate)] in 
the initial (unconcentrated) saline water, ~[Mg], [Ca2+], 
and (MgSO~] are the. molal concentrations of total mag
nesium, calcium ion, and MgSO:, respectively, and CF 
is the concentration factor on a molal basis [= I' (concen
trate) I]' (original solution)]. 

By first using I' (initial), ~[Ca] (initial) for [Ca2+], and 
~[Mg] (initial), preliminary values of K. , Kd, [MgSO~ ], 
I, and CF were calculated. By iterative cafculations a final 
value of CF (and thus of I' for the concentrate) was ob
tained that differed less than 0.5% from the -previously 
calculated value. Equations 1 to 6 and 8 to 12 were used 
for the calculations. 

Use of Computer Program for Obtaining Concentration Fac
tors. A computer program was written to perform the above 
calculations. After values of the Debye-Hiickel slopes and 
the A sp• Ba, and Ca parameters from Table I are. inclu!fed 
in the 'Read In" data for each of a series of temperatures, 
only the original, formal ionic strength, I; the analytical 
molalities of calcium and of magnesium, and the molal 
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COMPUTER PROGRAM 

Computer Program for Calculating Concentration Factors 
(CF) to Avoid Precipitatipn of CaSO, and Its Hydrates 
from Saline Waters. [Program written in FORTRAN IV 

The READ Values: 

NST No. of separate temperatures for evaluation; maximum 

TEMP 
DHS 

A 
B 

c 

TITLE 
All 

CALl 
R 

TMGl 

value of subscript, /. 
temperature (• C.). 
limiting Debye-Hiickel slope [x (density of H,0)' 12

) for 
1-1 electrolyte. 

Asp parameter. 
Ba parameter (for gypsum only) for solubility product 

calculations for gypsum. 
Ca parameter (for gypsum only) for solubility product 

calculations for gypsum. (Above quantities are reac;I 
in once for I = 1 to NST for evaluation of all saline 
wntcr compooitiono.) 

title for the particular S&line water composition. 
molal ionic strength of the saline water. 
molal concentration of calcium in the saline water. 
molal ratio, SO,/Ca in the saline water. 
total molality of magnesium in Sa.line water. 

(Calculations are repeated tor each additional Tl"l'LE 
card and different values of All,· CALl, R, and 
'l"MG1.) .. 

(International Business Machines Co.). For interpretation 
and use, a basic knowledge of the FORTRAN languages 
is necessary.] 

The WRITE Values: 

A. TITLE, All, CALl, R, TMGl, the A parameter used for the 
variation of K.;(MgSO,). 

B. For each solid: TEMP, concentration factors (CF) on molal, 
molar, and weight fraction bases, ionic strengths at saturation, 
K~P·s and number of iterative calculations (NIT) to obtain 
values of CF. 

C. Some particular constants used to obtain values of CF'. DHS, 
K~(MgSO,), Asp parameterS for K sp variations with ionic 
strength, and A, B, and C parameters for anhydrite, hemi
hydrate, and gypsum: 

An Alternate Equation to Substitute into Program for Gpedfic 
Use with Sea water: 
WFl/ All = 0.04790- 0.002194 • All + 0.00006900 • All** 
2 (= wt. fraction/ionic strength) 

FORTRAN IV Computer PJagrarn for Calculutirv Tem'*utuur~Sulubilir, Llmlh of Calelum Sulfate and 
Its Hydrates In Soli no Waters and The it Concentrotet 

t tA~t~, !"(MP-SQ~ Y LIMITS(CAS04+HYDRATES IN SALINE WATERS), MARSHALL (1967) 

C W. l. MARSHALL (1967)-0AK RIDGE NATL. LAB., TENN., U.S.A. 

C PROGRAM IN FORTRAN IV LANGUAGE (READ IN TAPES, READ OUT TAPE 6), (1967) 

OOIMENSION TITLE (10), DHS(IOO), !"(MP(IOO), TA(IOO), A(IOO), 8(100,3), 

IC(I00,3), JJ(I00,3), XKDISO(IOO), SOLPO(I00,3), AIF(I00,3), 

2CFML(I00,3), CFMR(I00,3), CFWf(I00,3) 

READ (S,I)NST 

1 FORMAT (110) 

READ (5,2) (TEMP(I), UHS(I), A(l), 8(1,3), C:(l,~l. 1•1, NSTI 

FORMAT (SEIO.O) 

D021 1•1, NST 

B(l,ll-(1.3)'0,020 

C(l,l)oC(I,3)t0.0030 

80,2)"8(1, I )tO. :l!i"(B(I,J)-8(1,1)) 

C(l, 2-"C(l, 1 )t0.25"(C(I, J)-C(J,I )) 

TA(I)oTEMP(I)t273. 16 

OSOLPO(I, 1 )"10. "'(-21 5.509+85.685" ALOG IO(TA(I)) 

1+6075. VJA(I )-0. 070707"TA(I)) 

SOLPO(I, 2)"1 0. •• ( 154.527-54. 958" ALOG 1 O(T A (I ))-6640. 0/T A (I)) 

OSOLPO(I, 3)"1 0. "'(390. 9619-152. 6:i46• ALOO i O(f A(l )) 

.1-12545.6/TAO)tO. 08 18493" TA(I)) 

210XKD 150(1)"10. "'(-1S8.540+62.160"ALOG IO(TA(I)) 

1 +48 10. 4/T A(l)-0. 046298"TA(I)) 

22 READ (5,3) TITLE, All, CAll, R, IMGI 

FORMAT (10M, 4EIO.O) 

SOLP1ai!"CALI"'2 

Wf I-AII" (0. 05838..0. 003260" Ali+O. 000 12489• All" • 2) 

FMRI•Ail"(O. 9'170..0. 01883"AIII 

DO 25 K•1,3 

DO 25 lol, NST 

ASSMG-0.0 

CFML(I,K)ol. 

DO 23 J-1, 100 

CAL-cAL I"CFML(l,K) 

IMG-TMG I' CPML(l, K) 

A .. All'CFMLO, K)-4. •ASSMG 

050l ... SOLP0(1, K)"IO. "'(8. "DHS(l)'SQRT(IJV(l.+A(l)" SQRT(AI)) 

1+1(1, K)"Al..C(I, K)" Al"'2) 

XKD15-XKD150(1)' 10. "'(8. •DHS(l)"SQRT(A!V(l.+SQRT(AI))). 

ASSMGoTMG"SOLP/(XKDIS'CAl+SOLP) 

X•5QRT((SOLP+ASSMG"CAL)/SOLP 1) 

IF(AIS(X-cFML(I, K))/X-.001 )24, 24,23 

23 CfMI.(l, K)oX 

24 JJO,KI-J 

AIF(l,K)oCFML(l, K)"All 

OCFWF(I, K)-AIF(I, K)"(O.OSB38..0.003260"A1F(I, K)+O. 00012489' 

1A1F(I,K) .. 2VWfl 

25 CFMR(I, K)oAIF(I, K)'(0.9'170..0.01883•A1F(I, K))/FMRI 

WRITE(6,4)nTlE 

4 FORMAT(IHI,IOA4) 

WRITE(6,5)A11 

5 FORMAT(27HOIONIC STR OF SALINE WATER•EI2.4) 

WRITE(6,6)CALI 

G PQaMAI(2G .. INII'IAL ~ON\.:.N Or (.AL(.IUMRt 12.4) 

WRITE(6, 7)R 

7 FORMAT(20H MOLAL RATIO SO~/CA•E12.~) 

WR1TE(6, 8)TMG I 

8 FORIMT(201·11NITIAL CONO~ OF MAC~~ESIUM-EI2.4) 

WRITE(6,9j 

9 rOIIW.T(201·1 .. P .. R rOR KDISS(MCSCI-4)"1. 0) 

WR1TE(6, 10) 

IOOFORMAT(6SHOCONCN FACTORS FOR CAS04(ANHYDRITE),CF-cONCN(SATD)/CONCN 

!(INITIAL)) 

WRITE(6, II) 

IIOFORMAT(II2HO I~MP(C) CF(MOLAL) CF(MOLAR) Cf(Wl 

IFRACT) ION STR(MOLAL-SATO) SOL'!' PD(ZERO) NO ITER) 

<7NR1TE(6,12XTEMP(I),CFML(l,t),CFMR(I,l),CFWF(I,I),AIF(I, i), 

ISOLPO(I, I), JJ(I, l),l•I,NST) 

12 fORMAT(IH ,F6.0,5E18.3,112) 

WR1TE(6,13) 

130 FORMAT(60HOCONCN FACTORS FOR HEMIHYDRIITE,CF•CONCN(SATD)/CONCN(INIT 

IIAL)) 

WRITE(6, II) 

OW~ITE(6,12)(TEMP(I), CFML(I, 2), CFMR(I, 2), CFWF(l, 2),AIF(I, 2), 

ISOLPO(I,2),JJ(I, 2),1•1, NST) 

WRITE(6, 14) 

140FORMAT(6SHOCONCN FACTORS FOR CAS04 DIHYDRATE),CF-CONCN(SATD)/CONCN 

!(INITIAL)) 

WRITE(6,11) 

IJINP.ITI:(~. 12)(H.MP(!), (FM!..(I,:l), r:FMR(I, :l), ('FWF(I, :l),AIF(1,3),, 

I SOLPO(I,3), JJ(l, 3),1•1, NST) 

WR1TE(6,15) 

IS FORMAT(52HOPARTICULAR CONSTANTS USED IN THE ABOVE CALCULATIONS)· 

WR1TE(6, 16) 

166i'O~MAT(II~HO TEMP(C) U H SLOP~ R-UI~(OI(MU~41 A PARA 

1 B(ANHYO) B(~EMI) B(GYPS) C(ANHYD) C(HtMII 

<7NR1TE(6, 17XTEMP(I),OHS(I),X~DISO(I),A(I), 8(1, I), 8(1, 2), 8(1,3), 

IC(I,I),C(I,2),C(I,3),1•1,NST) 

17 FORMAT(IH ,F6.0,F13.4,E20.3,F13.3,6F11.4) 

GO TO 22 

END 

C(GYPSII 
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ratio (R), sulfate/calcium, are needed for calculating sep
arately the temperature-concentration limits for anhydrite, 
hemihydrate, and gypsum. ·The program contains the equa
tions for the temperature variation of the solubility product 
constants of anhydrite, hemihydrate, and gypsum, of the 
dissociation constants of magnesium sulfate, and the conver
sion expression for the B and C parameters for anhydrite 
and hemihydrate. The calculation is based on the assump
tion that natural waters will behave generally like sea water, 
and the neutral species, MgSO~, will be the predominant 
species contributing to the increase in solubility over that 
in sodium chloride solutions (of the same, formal ionic 
strength). 

Equations are included in lhe program for the variation 
of m.olarity /molality and weight fraction/molality ratios 
with molal ionic strength of sodium chloride solutions; 
molarities were obtained from densities given elsewhere (10). 
With these equations, the CF values were estimated also 
with molar (at 25• C.) and weight fraction unils based 
on the variations (with ionic strength) of density and weight 
fraction of NaCl, the predominanl salt constituent in most 
natural waters. All three values of CF approach unity 
for the original water but diverge by as much as 10% at 
CF values of 5 to 6. [As an option for substitution, ·an 
equation for the variation of weight fraction/molality 
us. molality specifically for sea water is included with the 
program. This equation gives CF(weight fraction) values 
only slightly different from those obtained with the equation 
for NaCl-H,O solutions.) 

Calculations for Representative Saline Waters. For represen
tative calculations, a "stal)dard composition" for sea waler 
(27) was selected together with those for several other 
natural waters. The reported analyses were converted to 
molal units, and are given in Table III together with each 
source and reference. The (molal) ionic strengths {!') of 
the original waters were obtained and are included in Table 
III. In distillation practices, a stoichiometric amount of 
H,SO.- is usually added to replace and allow removal of 
bicarbonate and carbonate ions. With this substitution, 
a revised set of values for I' and R is given in Table III. 
For addition of HCl to remove carbonate and bicarbonate,· 
R does not change from the original value. /' changes 
slightly if carbonate, in addition to bicarbonate, is present. 

Figure 6 shows tP.e calculations for sea water. The concen
tration factor, CF, represented by /'.o1n./ /~rig., which corre
sponds to the molal or molar (at 25• C.) ionic strength 
or the weight fraction of the salt solution saturated with. 
CaSO, (or one of its hydrates) divided by the corresponding · 
molality (or molarity or weight fraction, re~;pectively) of 
the unconcentrated saline water, is plotted against tem
perature. A calculated molar CF value of 3.3 for hemihy-. 
drate at 102• C. (the approximate boiling point of sea water 
of this CF at 1 atm.) compares well with 3.2 obtained 
with Marineland, Calif., sea water by Glater, Ssutu, and 
McCutchan (6) by a boiling concentration method (at sea 
level). The small difference could be due to slight differences 
between our standard composition (Table III) and their 
Marineland water. At temperatures below 95• C. and at 
moderately low ionic strengths, CaSO, · 2H,O (gypsum), 
altho~gh metastable above about 4o• to 60• C.,-is the usual 
precipitating. phase, and therefore the bounda~y curve for 
this solid (below· 95• C.) is the most important (5, 15, 23, 
u; 25). [Controversy still exists over the true transition 
teD;lperature of conversion . of Caso·, · 2H,O to CaSO,. 
Recently, two papers have appeared, one of which (Zen) 
estimates the tran:Jition temperature in water tu be 46• 
± 25°C. (31) and the other (Ostroff) decides that gypsum 
will not convert to anhydrite at temperatures below 97• C. 
(19). The curve for the solubility product constant (K~P) 
of anhydrite obtained with our Equation 3 intersects that 
for gypsum obtained with Equation 2 at about 41 • C. and 
is based on our own and other measurements for gypsum 

Figure 6. Calculated limits of solution stability to avoid 
precipitation of gypsum (CoSO,· 2H20), hemihydrate 

(CaS0,·1/2H20), and anhydrite (CoSO,) from sea water 
concentrates 

1(. Molal ionic strength of sea water 
Ca, Mg. Original molalities of Ca and Mg 
R. Molal ratio, 504/Ca 

and the solubility measurements of Hill (9) and later of 
Bock (3) and of Power et al. (24) for anhydrite. The 
difficulty in obtaining complete agreement on this transition 
temperature lies in the· sluggishness of the transition to 
anhydrite below about 90• C.) Above 95• C., the transient 
solubility of metastable CaSO, · Ji:!H,O (hemihydrate) (23, 
24) and the equilibrium solubility of CaSO, (anhydrite) 
{16) are the significant equilibria; these curves (above 
95• C.) therefore become the more useful. 

Some concentration factors were obtained by plotting 
experimental values of (K~P) 112 against I' and determining 
the intersection with a straight line representing the formal 
ion product in solution concentrates [like the method used 
by Langelier et al. (11) ]. These experimentally derived 
values are.compared to calculated values in Table IV. The 
agreement is good. · 

In Figure 7, concentration factors for anhydrite, hemihy
drate, and gypsum are given for the several representative 
natural waters listed in Table III, where carbonate and 
bicarbonate are not removed. It is · believed that they 
approach the solubility behavior reasonably closely in view 

Table IV. Comparison of Some· Calculated Concentration 
Factors (CF) on a Molal Basis ·with Smoothed, Experimentally 

Observed Values for Sea Salt Solutions 

CF Saturating 
t, ·c. Exptl. Calcd. Solid Phase 

30 3.53 3.46 CaS0,·2H,O 
60 3.56 3.51 CaSQ,.2H,O 

100 1.20 1.24 CaSO, 
125 0.74 0.78 CaSO, 
150 0.47 0.48 CaSQ, 
175 0.21: 0.27 CaSO, 
200 0.15 0.16 CaSO, 
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Figvre 7. Calculated limits of solution stability to avoid precipitation of gypsum (CaS04·2H20), 
hemihydrate (Ca504·1/2H20), and anhydrite (CoS04) from representative saline waters 
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·of the good agreement in sea salt and other mixed electrolyte 
iiolutionJ:: (FienrP.I'l 4 and 5). 

The composition for the Pecos River (Grandfaiis, Tex.) 
rP.presented in Figure 7 appears to be saturated or nearly 
saturated with gypsum at 25" C. For this water, the concen
tration factor for anhydrite falls below 1.0 at a temperature 
much below 100• C. Therefore, a rather large amount of 
calcium rriust be removed to prevent precipitation of 
anhydrite at a temperature somewhat above 100• C. or 
to increase the concentration factors for gypsum at lower 
temperatures. In contrast, sea waLer is cuf•i.iderably under· 
s.aturated with respect to gypsum (a metastable phase above 
30• to 60• C.) at temperatures at least above 160• C. 

REMOVAL OF CALCIUM AND MAGNESIUM 
FRQM SALINF WATERS 

Temperature and Concentratiort Limits. If calcium (and/ 
or magnesium) is removed from a saline water and replaced 
by an equivalent amount of sodium-for example, by an 
ion exchange process-then P.ither the temperature limits 
(at a concentration factor of 1.0) or concentration factors 
at a particular temperature can be calculated easily with 
the computer program. In Figure 8, the calculated satura
tion limits for gypsum at 90• C., expressed as concentration 

factors; are plotted against the percentage depletion of 
calcium (by substitution of sodium) only and of both 
calcium and magnesium for several uf Lhe representative 
saline waters. In Figure 9, the temperature limits for precip
itation of anhydrite from Lhe seve1·al waters are plot'tcd 
against the percentage removal of calcium (and also with 
simultaneous and equivalent removal of magnesium). When 
magnesium is depleted simultaneously, the rise is less than 
with calcium alone because of the removal of the complexing 
agent, magnesium. 

CONCLUSIONS 

The examples shown in Figures 6 to 9 are representative 
calculations. While we believe that the analyses for the · 
several natural waters were r.;>lil'lhlP. at. the time of sampling, 
the compositions may vary with time and particular location 
(excluding a near-constancy for sea water). For rapid evalu~ 
ations of other saline waters, the computer program can 
be used, together with constants given in Table I. This 
procedure should prove very valuable where the inpliL water 
composition of a desalination plant varies with time; rapid 
·evaluation could allow immediate adjustment in operating 
conditions. 

.• 
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3.3 APPARENT .INVARIANCE OF ACTIVITY COEFFICIENTS OF CALCIUM 
SULFATE AT CONSTANT IONIC STRENGTH AND TEMPERATURE IN THE SYSTEM 
CaS04-Na2S04-NaN03-H20 TO THE CRITICAL TEMPERATURE OF WATER. 

. ASSOCIATION EQUILIBRIA1,2 

LeRoy B. Yeatts and William L. Marshall 

To obtain at\d i.nt.erpret activity coefficient behavior over wide ranges of temperature and concei:i.tratiQil, 
measurements were made of the solubility of calcium sulfate in mixed aqueous solutions of sodium nitrate and 
sodium sulfate at ionic strengths (I) from 0.25 to 6 m and at temperatures from 0 to 350°. With the assump
tion of ion association, the activity coefficient.s of the neutral molecule (CaSO.•) and of the ions were found to 
rP.main constant, at all temperatures, as the molality of sodium sulfate was varied widely at constant I. When 
l was varied, the logarithms of the activity coefficients of CaSO.• appeared to be linear fuucLiuus of J'!t rather 
than of I as is usually _considered for neutral molecules. The logarithms of the mean ionic activity coefficients 
adhered well to an extended Debye-Hiickel expression over the range~:~ of temperature a.nd ionic strength. 
From the interpretation given, the equilibrium constants and thermuuyuarnic functions were obtained for the 
formation of the neutral molecule and for the dissociation equilibria. 

Introduction 

The question of the existence of ion association for 
particular electrolytes in aqueous solutions is still de
bated. 3 For example, association constants for several 
1-1 electrolytes, KNOa, AgNOa, and TICl, in water solu
tion at 25° are estimated from conductance measure
ments to be 0.58, 0.51, and 3.1, respectively, 3 indicating 
an appreciable fraction of ion pairs at finite concentra
tions. Yet 1-,1 salts in general are usually considered 
to be very strongly or completely ionized at 25° and 
Debye-Hiickel theory used to predict their thermody
namic behavior. Furthermore, in treating the behav
ior of activity coefficients in mixed-electrolyte solutions. 
usually the change in formal (stoichiometric) activity 
coefficients is related to a change in composition of 
mixed electrolytes at constant ionic strength. 4 With 
this approach the potential existence of ion pairs, a phys
ically significant entity, is concealed in the formal co
efficient. It was therefore the purpose of this study to 
make solubility measurements of a suitable salt, calcium 
sulfate, in a mixed-electrolyte system over a wide range 
of temperature to determine whether an assumption of 
ion association might account for the major change in 
fo.rmal activity coefficient with change in composition 
of mixed electrolytes. This finding would provide fur
ther support for ion association and also additional clues 
to the general behavior of electrolyte solutions over 
wide ranges of temperature and ionic strength. 

The extent of association of calcium sulfate in water 
at 25° was. calculated by Money and Davies6 from the 

conductivity data of both MacGregory6 and Harkins 
and Paine.7 They obtained a value for the dissociation 
constant of 10-2•28, assuming first that the conductivity 
of a completely ionized 2-2 electrolyte is given by an 
extended form of 9nsager's equation and, second, that 
all deviations from this extended equation are due to ion 
association. An electrode· for measuring calcium ion 
activity was used with saturated CaSO. solutions by 
N!tkayama and Rasnick8 to determine a dissociation 
constant of IQ-2•27 at 25°. The activity coefficient of 
the undissociated CaSO. was required for the calcula
tion of Kd and was assumed to be unity. Bell and 

(1) The research was sponsored jointly by the U. S. Atomic Energy 
Commission and the Office of Saline Water, U.S. Department of the 
Interior, and was performed at the Oak Ridge National Laboratory 
unrl11r r.nnt.mr.t with Union Carbide Corp. Presented before the 
Division of Physical Chemistry at the 153rd Naiional Meeting of 
the American Chemical Society, Miami Beach, Fla., April 1967. 
(2) Paper No. XXI in a series, "Aqueous Systems at High Temper
ature." Preceding papers: W. L. Marshall, J. Phys. Chem., 71, 
3584 (1967); W. L. Marshall and R. Slusher, J. Chem. Eng. Dala, 
13, 83 (1968). 
(3) R. A. Robinson and R. H. Stokes, "Electrolyte Solutions," 2nd 
ed, revised, Prentice-Hall, Inc., Englewood Cliffs, N. J., 1965, pp 
392-431. 
( 4) See ref 3, pp 432-455. 
(5) R. W. Money and C. W. Davies, Trans. Faraday Soc., 28, 609 
(1932). 
(6) A. C. MacGregory, "Landolt-Bornstein Physikalisch-Chemische 
Tabellen," Vol. II, J. Springer Pub!., Berlin, 1923, p 1081; Ann. 
Phys. Chem., 51, 126 (1894). 

(7) W. D. Harkins and H. M. Paine, J. Amer. Chem Soc., 41, 1155 
(1919). 

(8) F. S, Nakayama and B. A. Rasnick, Anal. Chem., 39, 1022 
(1967). 
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'George9 in 1953 ~stimated the dissociation constants at. 
0 25 and 40° to b.e 10-2·22 10-2·31 and 10-2·39 re-, ' ' ' ' 
spectively. These values were obtained indirectly 
from measurements of the solubility of calcium iodate 
in potassium sulfate solutions, with the assumption that 
all deviations from the Davies equation· could be 
attributed to incomplete ionization and again that the 
activity coefficients of uncharged ion pairs are equal to 
unity. Recently, estimates of the dissociation con
stants for CaS04 were extended to 200° by solubility 
measurements at this laboratory. 10 These approximate 
values ranged from 10-1.8±0·4 at 0° to 10-3.6±0.6 at 200° 
and could acco~,~nt for the small deviations from an 
extended Deby~Huckel expression~ The use of theo
retical equatious by Helgel:!u.ri11 for the dissociation re
action at 25° gives values for thermodynamic quantities 
which are in reasonable agreement with those of Bell 
and George. 9 

Some of the basic concepts that were applied in this 
present study are indicated in papers by Ramette12 

and Meites, Pode, and Thomas. 13 The present mea
surements were made generally in the four-com
ponent, mixed-electrolyte system CaSOcN~SO.-Na
N03-H20 at constant ionic strengths of 0.25, 0.5, 1, 2, 
and 6 at temperatures of 0.5, 25, 150, 250, and 350°. 
Sodium sulfate was used to vary the sulfate ion concen
tration and sodium nitrate ·was added to adjust the 
ionic strength of the solutions to the desired constant 
value. Several studies14 · between 25 and 100° have 
been made in the past of the solubilities of CaS04 · 2H20 
in the presence of soluble sulfates, but no effort was 
made to maintain constant ionic strength. 

Experimental Section 

Stock solutions of 6 M NaN03 and 1 M N~S04 
were prepared from weighed quantities of dried reagent 
grade chemicals and demineralized water. These so
lutions were diluted quantitatively to the desired 
concentration for each experiment. Reagent grade 
CaS04 · 2H20 was suspended in boiling demineralized 
water, was stirred constantly for about 1 hr to remove 
soluble impurities, and then was filtered. The re
covered material·was treated again in this manner and 
the final product was dried near 100°. An excess of 
this solid was equilibrated with aqueous solutions of 
N aN03, N ~S04, or mixtures of the two at constant ionic 
strength for a given experiment. Polyethylene bottles 
were the containing vessels for the 0.5 ± 0.1 and 25.0 ± 
0.1° experiments; these with their conLeuLs were rucked 
in a constant-temperature water bath for 18-22 hr 
before sampling. Pressure vessels made from a ti
tanium alloy contained the mixtures for the experi
ments at 150 · ± 1, 250 ± 1, and 350 ± 1 o. The equili
bration times before sampling were generally 65 hr at 
i.sou, followed by additional 20-hr periods at both 250 
and 350°. A longer equilibration time was used at 
150° to assure complete conversion of CaS04 · 2H20, the 

solid added, to CaS04, the stable solid at the high 
temperature. The volume of starting materials was 
sufficient to permit sampling at all three temperatures 

: before reloading of the vessels was required. Solutions 
at each temperature were filtered through porous 
Teflon disks,'5 during sample withdrawal, at the tem
perature of the experiment. The total ·calcium con
centration. of each solution sample was determined 
from a semimicro potentiometric titration with standard 
EDTA solution. The density and the total weight of 
solids per unit volume of each solution were deter
mined after equilibration. The former was used to 
convert molarity to molality and the latter served as a 
means of checking the prior dilution of standard solu
tions. 

More detailed descriptions of the experimental equip
ment and procedures have been presented previ
ously.IO,I6-17 

Results and Discussion 

General. Our results for the solubility of CaS04 · 
2H20 in water are 0.0132 ± 0.0002 m (average devia
tion) at 0.5° and 0.0154 ± 0.0001 m (average devia
tion) at 25°, in agreement with previously determined 
values. 10 The experimentally determined molal solu
bilities of CaS04 or its dihydrate in aqueous N~SOc 
NaN03 solutions from 0.5 to 350° are presented in 
Table I. A plot of the solubilities of CaS04 • 2H20 in 
aqueous NaN03 solutions at 25° against the molality of 
NaN03 provides a smooth curve with previous data. 18 

The recent solubility measurements in NaN03 at 300° 
by Templeton and Rodgers19 are in reasonable agree
.nent with our results at ionic strengths of 0.5 and 1, 
but at I = 2, ·their result is about 25% higher than 
would be anticipated from a plot of solubility vs. 
temperature using our data. Comparisons of the sol
ubilities of the dihydrate in the presence of NaNOs 
(Table I) show that the solubility at 0.5° is less than 
at 25° up to an ~onic strength near 1, at which point the 

(9) R. P. Bell and J. H. B. George, Trans. Faraday Soc., 49, 619 
(1953). 

(10) W. L. Marshall and R. Slusher, J. Phys. Chem., 70, 4015 
(1966). 

(11) H. C. Helgeson, ibid., 71, 3121 (1967). 

(12) R. W. Ramette, J. Chem. Educ., 43, 299 (1966). 

(13) L. Meites, J. S. F. Pode, and H. C. Thomas, ibid., 43, 667 
(1966). 

(14) J. M. Bell and W. C. Tabor, J. Phys. Chem., 11,637 (1907); 
A .. E. Hill, J. A, mer. Chem. Soc., 56, 1071 (1934); A. E. Hill and 
N. S. Yanick, ibid., 57,645 (1935); A. E. Hill and J. H. Wills, ibid., 
60, 1647 (1938); A. N. Campbell and N. S. Yanick, Trans. Faraday 
Soc., 21!, ti57 (1\la:&). 

(15) W. L. Marshall and E. V. Jones, J. Phys. Chem., 70, 4028 
(1966). 

(16) L. B. Yeatts and W. L: Marshall, ibid., 71, 2641 (1967). 

(17) J. S. Gill and W. L MarshaU., Rev. Sci. Instrum., 32, 1060 
(1(161). 

(18) A. Seidell and J. G. Smith, J. Phys. Chem., 8, 493 (1904). 

(19) C. C. Templeton and J. C. Rodgers, J. Chem. Eng. Data, 12, 
536 (1967). 
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Table 1: The Molal Solubilities of CaS0,·2H,O and CaSO, in Na,S04-NaNOa-H,O Solutions from 0.5 to 350° 

N• 2so4 
(m) 

T = 0.5°C 

1° = 0.229 ± 0.006 

0.0226 
0.0232 
0.0205 
0.0196 
0.0184 
0.0164 
0.0151 
0.0113 
0.00997 
0.00922 
0.00841 
0.00813 

0 
0 
0.00506 
0.00760 
0.0101 
0.0152 
0.0202 
0.0404 
0.0506 
0.0607 
0.0707 
0.0708 

I= 0.503 ± 0.006 

0.0326 
0.0278 
0.023~ 
0.0205 
U.Ul8~ 
0.0162 
OA136 
0.0115 
0.008S3 

0.0469 
0.0276 
0.0193 
0.0148 
0.0121 
0.0107 

U.Ub78 
0.0461 
0.0402 
0.0333 
0.0240 
0.0187 

0.0858 
0.0696 
0.0599 
0.0460 
0.0363 
0.0263 
0.0176 

0 
0.0103 
0 0?1)4 
o.n.~os 
U.U4U& 
0.0509 
0.0712 
0.0913 
0.161 

I= 1.02 ± 0.03 

0 
0.0517 
0.103 
0.154 
0.204 
0.255 

I= 2.14 ± 0.06 

0 
0.0534 
0.0747 
0.106 
0.174 
0.255 

I= 6.02 ± 0.08 

0 
0.0362 
0.0600 
0,108 
0.180 
0.297 
0.583 

T- 259C 

I= 0.232 ± 0.006 

0.0257 
0.0264 
0.0232 
0.0208 
0.0207 
0.0177 
0.0175 
0.0138 
0.0134 
0.0122 
0.0119 
0.0104 
O.UIU2 

0 
.o 

0.00506 
0.0101 
O.OIUI 
0.0202 
0.0202 
0.0404 
0.0404 
0.0506 
0.0506 
0.0707 
U.U/01 

. NaN03 
(m) 

0.151 
0.150 
0.140 
0.140 
0.131 
0.120 
0.121 
0.081 
0.051 
0.040 
0 
0 

0.386 
0.376 
.n '~~ 
n.~~5 
u . .,.lq 
0.294 
0.254 
0.192 
0 

o.8·8o 
0.773 
0.670 
0.512 
0.356 
0.203 

1.92 
1.86 
1.81 
I. 70 
1.48 
1.22 

5.78 
5.78 
5.62 
6.66 
5.38 
4.97 
4.07 

0.151 
0.161 
0.141 
0.131 
0.131 
0.121 
0.121 
0.081 
o.o8·1 
0.051 
0.051 
0 
0 

I= 0.504 10.005 

0.0350 
0.0344 
0.0302 
0.0261 
0.0233 
0.0210 
0.0186 
0.0157 
0.0135 
0;0105 
0.0104 

0.0474 
0.0283 
0.0203 
0.0159 
0.0136 
0.0123 
0.0114 

O.Oil8 
0.0431 
0.0375 
0.0312 
0.0226 
0.0177 
0.0137 

0.0805 
0.0651 
0.0568 
0.0441 
0.0329 
0.0240 
Q,QI71 

0 
0 
0.0103 
0.0204 
0.0305 
0.0408 
0.0509 
0.0712 
0.0913 
0.163 
0.163 

I= 1.01 ± 0.03 

0 
0.0515 
0.103 
0.154 
0.204 
0.255 
0.334 

1- ~.II ±O,Oli 

0 
0.0534 
0.0745 
0.106 
0.174 
0.265 
0.506 

I= 6.00 ± 0.07 

0 
0.0361 
0.0602 
0.108 
0.179 
0.297 
Q,SSO 

caso .. a Na 2so4 

T= 150°C 

0.00619 
0.00567 
0.00427 
0.00309 
O.U0188 
0.00144 

I= 0.250 ± 0.008 

0 
0.000995 
0.00494 
0.00963 
u.024e 
0.0485 

I~ 0. 503 ± 0.007 

0.00860 0 
0.00822 0.000986 
0.00650 0.00499 
0.00508 0.00992 
0.00292 0.0249 
0. 00199 0.0482 

0.0127 
0.0123 
0.0117 
0.0112 
0.00918 
0.00698 
0.00562 
0.00407 

I= 1.08 ± 0.03 

0 
0.000510 
0.00153 
0.00305 
0.00765 
0.0153 
0.0257 
0.0406 

0.386 
0.376 
0.376 
0.356 
0.335 
0.324 
0.294 
0.254 
0.192 
0 
0 

0.876 
0.771 
0.667 
0.512 
0.356 
0.203 
0 

I.Ol 
1.86 
1.81 
1.70 
1.48 
1.~2 
0.51 

5. 75 
5.76 
5.62 
5.56 
5.35 
4.97 
4.QS 

0.228 
0.229 
0.229 
0.202 
U.l/8 
0.097 

0.414 
0.473 
0.471 
0.455 
0.422 
0.336 

1.03 
1.03 
1.02 
1.02 
1.03 
1.00 
0.96 
0.9'i 

0.00365 
0.00250 
0.00242 

0.0185 
0.0174 
0.0154 
0.0130 
0.0106 
0.00716 
0.00449 
0.00355 

0.0275 
0.0246 
0.0222 
0.0182 
0.0130 
0.00816 
0.00803 
0.00623 
0.00580 
0.00405 

0.0512' 
0.102 
0.102 

I= 2.19 ± 0.03 

0 
0.00213 
0.00640 
0.0128 
0.0213 
0.0426 
0.0854 
0.143 

I= 5.80 ± 0.05 

0 
0.00595 
0.0118 
0.0238 
0.0475 
0.0947 
0.106 
0.142 
0.177 
0.191 

T= 250°C 

I= 0.246 ± 0.006 

0.00133 
0.00133 
0.000000 
0.000588 
0.000373 
0.000265 

0.00218 
0.00174 
n.n01.n 
0.00630 
0.000355 
0.000325 

0.00419 
0.00394 
0.00339 
0.00314 
0.00287 
0.90239 
U.UUI'l'/ 
0.00155 
0.00111 
0.000682 
0.000531 

·0.000450 

0.00732 
0.00668 
0.00572 
0.00409 
0.00224 
0.00147 

0.0196 
0.0170 
0.0146 
0.0111 

0 
0 
0.00100 
0,00254 
0.00501 
0.0109 

I= 0.50 ± 0.01 

0 
0.00101 
O.M?I\0 
0.00505 
0.0253 
0.0517 

I= 1.06 ±0.03 

0 
0.000531 
0.00154 
0.00258 
0.00310 
0.00514 
U.OU'/'19 
0.0103 
0.0156 
0.0258 
0.0514 
0.102 

1- l.IO ± O.Ol 

0.00107 
0.0026b 
0.00534 
0.0107 
0.0266 
0.0533 

I= 5.82 ± 0.06 

0 
0.00598 
0.0120 
O.U2JY 

0.92 
0.77 
0.77 

2.12 
2.11 
2.11 
2.11 
2.11 
2.05 
1.90 
1.76 

5.67 
5.66 
5.66 
5.67 
5.67 
5.53 
5.47 
5.42 
5.28 
•• 00 

0.240 
0.236 
0.2J3 

g:m 
0.228 

0.479 
0.478 
o.4a7 
0.479 
0.428 
0.361 

1.03 
1.07 
1.03 
1.03 
1.04 
1.02 
1.04 
1.03 
• .. 02 
0.97 
0.92 
0.77 

2.15 
2.14 
2.15 
2.16 
2.10 
2.04 

5.71 
5.71 
5.71 
S.6Y 

0.00753 
0.00637 
0.00466 
0.00434 
0.00370 
0.00326 

0.0479 
0.0595 
0.0955 
0.107 
0.140 
0.179 

T= 350°C 

I = 0.26 ± 0.03 

5.71 
5.58 
5.58 
5.52 

. 5.33 
5.33 

0.000403 0 0.263 
0.000345 0.000110 0.260 
0.000291 0.000218 0.258 
0.000140 0.000767 0.231 
0.000132 0.000850 0.256 

?.:..~~~~-?:.~.~-~---«:~~~ c 
0.0000671 
0.0000534 
o.nnnn~11 
0.0000477 
V.WOU.2ctS 
0.0000233 
0.0000138 

0.00157 
0.00175 
0.00?2~ 
0.00216 
V.O!hl 
0.00526 
0.0283 

1- 0.51 ± O.Ol 

0.261 
0.229 
0.2~~ 
0.249 
o.l4u 
0.244 
0.200 

0.000852 0 0.519 
U.UUU'/38 0.000323 0.551 

. ?.:.~.~~~-~~?--.-~?< 
0.000377 
0.000168 
0.000104 
0.0000784 

0.00110 
0.00338 
0.00580 
0.0108 

0.00120 
0.000885 
0.000847 
0.000574 
0.000505 
0.000460 
0.000282 
0.000238 
0.000232 
0.000191 

0.00447 
0.00380 
0.00291 
0.00201 
0.00101 

0.01?4 
0.0166 
0.0143 
0.0108 
0.00906 
0.00760 
0.00626 
0.00496 
0.00453 
0.00402 
0.00~09 

1- 1.11 ;1: O.Oi 

0.00166 
0.00272 
0.00333 
0.00542 
0.00865 
0.0105 
0.0175 
0.0475 
0.0278 
0.0558 

I= 2.30 .± 0.04 

0.00113 
0.00280 
0.00564 
0.0112 
0.0279 

1=6.1±0.2 

0 
0.00618 
0.0125 
O.Ol46 
0.0383 
0.0502 
0.0622 
0.101 
0.1!3 
0.151 
o.s~a 

0.5l0 
0.567 
0.549 
0.519 

1.11 
1.08 
1.11 
1.08 
1.16 
1.08 
1.14 
1.13 
1.00 
0.95 

2.28 
2.26 
2.27 
2.25 
2.26 

5.95 
5.93 
5.96 
5.88 
6.12 
5.99 
5.83 
5.90 
5.84 
5.77 
3.97 

• Saturating solid phase (molalities expressed as CaSO,). • I is the ionic strength (molal units). • Only data below the dashed 
line were U.sed to obtain values for Q. and Q;,p. 

reverse is true as the ionic strength increases to 6. The 
solubilities of CaSO, · 2Hz0 at 0.5 and 25° are approxi
mately 1.8 and 1.6 times greater, respectively, in 6 m 
NaNOa solutions than in NaCl solutions of the same 
molality ;10 the same trend is true of anhydrous CaS04 

at 150° 20 and at 250 and 300°. 19 This behavior was 
observed also for the solubilities of Ca(OHh in aqueous 
NaN08 and NaCl solutions at0.5 and 25°. 16 

Equilibria. When aqueous solutions are saturated 
with calcium sulfate, it was assumed that equilibrium 
is reached with neutral molecules or ion pairs 

Qu 
CaSO,(s) ~ CaSO.o(aq) (1) 

which can be expressed by21 

Qu = [CaS0,0 ] (molal units) (2) 

The neutral species IS considered to undergo partial 
dissociation 

(20) W. L. Marshall, R. Slusher, and E. V. Jones, J. Chem. Eng. 
Data, 9, 187 (1964). 

(21) In the instances where CaSQ,. 2Ho0 is the saturating solid, it 
is conventional to write the corresponding equilibrium expression as 
Qu' = [C..S0,0 ][Ht0]'. Since in this study molal units are used 
and we have nut consid~r~d t.he re,..•:.Li('" nf ~o)lVfmt. wit.h Rnlute 
8pP.o.iP.~, t.hP. mohtlit.y of water has a constant 55.51 value in all these 
solutions. Therefore, the constant term, [HoO ]', for convenience 
was not included in our Qu values at 0.5 and 25°. Similarly, our 
expression for K., when the solid is the dihydrate, does not include 
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Qd 

CaS04°(aq) ~ Ca2+(aq) + 8042-(aq) (3) 

for which the equilibrium quotient expression is 

Qd = [Ca2+)[S042-J![CaS04°) (molal units) (4) 

The ionic solubility product quotient is then defined·as 

Qisp = [Ca2+)[S042-) = QdQu (5) 

With these assumptions the molal solubility of calcium 
sulfate, 8, at constant temperature and ionic strength is 
given by 

(6) 

Since [CaS04°) = Qu and [Ca2+) = Qisp/[8042-), then 

8 = Q" + (Qiop/ fS04 2-]) (7) 

The total calcium sulfate and the sodium sulfate 
molalities are found experimentally. The molality of 
8042- ions is determined in the following manner 

[8042-] = (total sulfate) -

[CaS04°) 

where 

[S04)totat = 8 + [N~S04) 
A moreuseful form initially of eq 7 is 

8 = Qu + [Qisp/([S04)total- Qu)) 

(9) 

(10) 

indicating that successive approximations of the value 
for Qu are necessary to establish the molality of 8042-
ion. The ionic strength is defined throughout this 
pnper as 

I (molal units) 

mNaNOo + 3mN.,so, + 4(8 - mcaso,0) (ll) 

Implicit in these arguments are the complete ioniza
tion of N aNOa and N a2S04 at all ionic strengths and 
invariant or neatly invariant activity coefficients at 
constant ionic strength. If these assumptions are cor
rect, a plot of 8 V8. 1/ [8042-), at constant temperature 
and ionic strength, should produce a straight line, 
according to eq 7, with a slope equal to Qisp (or QdQu) 
and an intercept equal to Qu (or [CaS04°)). 

The data in Table I were treated by a method of 
nonlinear least squares22 to produce values of Q1.p, Qu, 
and Qd; these are expressed as logarithms and are 
presented in Table II. The results for 25, 250, anci 
350° are _·plotted according to eq 7 in Figures 1-3 and 
show th_e general linear behavior observed at all five 
temperatures. (The open and filled circles in the 
figures are used only to distinguish between data at 
different ionic strengths.) The data at 0.5 and 150° 
with the corresponding values of Qu from Table II also 
provide straight lines. All plots show a similar ionic 
strength effect .on solubility at constant temperature. 
In J<'igures 1-3 a dashed curve was drawn to indicate 
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Figure 2. The solubility of CaSO, in Na.SO,-NaNOa-H,O 
at 250° and several constant ionic strengths. 

fiO 

au,o', which in molal units would still equal (55.51)'. An allow
ance for a variation in the activity of water over the range of e1Ei<7 
trolyte compositions at constant I was unnecessary to describe the 
system within the precision of the measurements. The authors also 
consider it misleading to mix units in an equilibrium constant exp~s
sion, as is frequently done, by multiplying the activity of water on 
the mole fraction scale together with the molality of CaSOo0 and its 
activity coefficient. These remarks apply also to our considerations. 
of Ql,p and K1sp for CoSO,· 2H,O. 
(22) M. H. Lietzke, U. S. Atomic Energy Commission Report 
ORNL-3529, Oak Ridge National Laboratory, Oak Ridge, Tenn., 
April 1962. 



solubility in NaNO:rH20 as a function of I, again at 
constant temperature; there is no added NazS04 in 
these solutions so that it repr-esents the three-compo
nent system CaSOcNaNO:rH20. Similar experimen
tal conditions prevailed at the other temperatures (see 
Table 1). The data at 0.5 and 25° contain some results 
at zero molality of NaNOa or results for the system 
CaSOcNazSOcH20. 

Table II: Experimentally Obtained Equilibrium Quotients at 
Several Ionic Strengths from 0.5 to ~50" 

Temp,• 
•c 

O.b 

25 

150 

250 

350 

I 

0.229 
U.5U~ 

1.02 
2.14 
6.02 

0.236 
0.504 
1.01 
2.10 
6.00 

0.250 
0.506 
1.07 
2.19 
5.82 

0.244 
0.498 
1.06 
2.21 
5.82 

0.263 
0.542 
1.14 
2.30 
6.08 

-Log Q;sp 

3.416 
~.Ut!3 

2.726 
2.376 
2.210 

3.365 
3.055 
2.765 
2.478 
2.269 

4.540 
4.195 
3.891 
3.537 
3.196 

5.836 
5.417 
4.802 
4.248 
3.473 

7.086 
6.291 
5.567 
4.643 
3.521 

-Log Qu -Log Qd 

2.49 0.93 
2.52 U.54 
2.47 0.26 
2.56 (2.37)b 0.01 
2.17 0.04 

2.33 1.03 
2.30 0.76 
2.24 0.52 
2.22 0.26 
2.14 (2.04)b 0.23 

3.10 1.44 
3.19 1.00 
2.92 0.97 
2.88 0.66 
2.66 0.54 

3.95 1,.89 
3.68 (3.87)& 1.55 
3.71 1.09 
3.47 0.78 
2.89 0.58 

4.91 2.18 
4.62 1.67 
3.80 (4.24)b 1.33 
3.65 0.99 
2.69 0.83 

• The saturating solid is CaS0,·2R20 at 0.5 and 25° and 
CaSO, at 15Q-350". b The value obtained from the plot of 
log Qu vs. I'lt (Figure 1)). 

The only deviations from the linear relationship, 
within the precision of the measurements, are found at 
350° for the lower ionic strengths of 0.26 and 0.54 (see 
Figure 3). Without additional information, it is diffi
cult to account for these deviations, although they may 
be related to significant hydrolysis of Ca2+ at the high
est temperature. The fact that eq 7 applies to the ex
perimental data substantiates the assumption of con
stant activity coefficients at constant ionic strength with 
varying NazS04/NaNOa ratio. This is more readily 
apparent by writing eq 7 in the equivalent form 

8 = (Kuhcaso,•) + (K;sp/((8042-hcat+'YBO,s-)] (12) 

where Ku and Kisp are the equilibrium constants (or 
equilibrium quotients at I = 0 expressed by eq 2 and .5, 

-82-

20 
A 

18 - 1--- ---

16 

I 
T•3!'o•c 

SATURATING SOLID: CoS04 
No2S04a0 ALONG LINE AA 

It- IONIC STR£NGTH 

~-/ 
!---6.1 

\ 
\ . 
I ' ' j2.1 ' I ~.-~-- ~26 

IL...- . ·-r: ....... A 
0 

0 250 !!00 790 1000 1290 1900 ITSO 2000 2290 2!500. 

1/(so!'l lmoloHiy'11 

Figure 3. The solubility of CaS04 in Na.S04-NaNO.-H10 
at 350° and several const.ant ionic strengths. 

respectively) and 'Yc~so,o, 'Yco.tt, and 'Yso,•~ are the 
activity coefficients for the corresponding species in 
solution. The above description, however, does not ex
plain differences in solubility of CaS04 in other 1-1 
and mixed-electrolyte solutions at very high, constant 
ionic strengths, as our recent unpublished results show. 
Some additional intorpretation thoroforo is still noodod 
to account fully for the general solubility behavior 
under these conditions. 

The description uf the data by eq 7, within experi
mental error, constitutes a valid argument against the 
formation of significaut amounts of either CaN08+ or 
N aS04 -. If both of these ion pairs form, the solubility 
of calcium sulfate, 8, would no longer by given by 
eq 10 but would be given by the equation 

s = [CaS04°] + [Ca2+] + [CaN03+] = 

Qut[S04lt.otol - ~i~p- [NaSO~-] + [CaNOa+] (13) 

where [8042-] = [S04)t.otol - Qu - [NaS04-]. If it is 
assumed that no Na.S04- forms when the concentration 
·of added NazS04 is low, eq 13 indicates that an upward 
curvature of the lines (Figures 1-3) is expected, result
ing from the formation of increasingly higher concen
trations of CaNOa+ as the NOa- concentration in
creases. If CaNOa+ does not form at the lower con
centrations of NaN03, then an upward curvature of the 
lines should appear as the concentration of added 
NazS04 increases, opposite to the previous case, result
ing from the increased solubility of CaS04 due to the 
formation uf increa.siug;ly g;l ea.Lel ltillUUll~ of N aao. ·-. 
If both ion pairs, CaNOa+ and NaS04-, form in con
junction with CaS04°, then the last two terms in 
eq 13 must change with mixed-electrolyte composition 

•' 



such that a straight line with slope Q;.p is still obtained. 
This is necessary. to satisfy the results of the plots in 
Figures 1-3. While it is true that CaN03+ and NaS04-
may play a significant role only where the molalities of 
Ca2+, Na +, NOa-, and 8042- are highest, the stringent 
condition placed on eq 13 for linearity must be met at all 
five experimental temperatures. We suggest that lin
earity under these conditions is highly improbable 
and prefer to present the simpler model which satis
factorily describes the experimental results. (Within 
experimental uncertainty, lower limits of 1350 and 
14,000 for the dissociation quotients of CaN03+ and 
NaS04-, respectively, were calculated at I = 6 and at 
25°). 

Both the siope (Q;.p) and the intercept (Q., or [Ca-
8040]) of the lines are seen to increase with an in
crease in ionic strength at constant temperature (see 
Figure 1), following the same general relationship as 
does the solubility. The ratio slope/intercept, which is 
the dissociation quotient, Qd, and is independent of the 
extent of hydration of the solid phase, also increases 
with an increase in I at constant temperature. The 
fraction of CaS04 in the form of ion pairs, Qu/ s, in 
aqueous NaNOa (no added N~S04) at constant I in
creases slightly in going from 0.5 to 25° where the solid 
phase is CaS04 · 2H20. Where CaS04 is the saturating 
solid (100-350°), this fraction decreases gradually with 
increasing temperature. At constant temperature, the 
degree of association decreases as the ionic strength in
creases up to about I = 3, from which point it remains 
essentially constant.· The fraction associated decreases 
from approximately 0.14 to 0.07 at 0.5°, 0.18 to 0.10 at 
25°, 0.12 to 0.07 at 150°, and 0.09 to 0.05 at 250°, at 
I = 0.25 and 3-6, respectively. Only two data points 
are available at 350° ·with no added N~S04 ; therefore, 
no range is reported. Comparable results19 for CaS04 
dissociation at 250° have been found in the system Ca
S04-NaCl-H20. 

Thermodynn.m.1:r. Co'Y! .. s1:derai1'ons. (a) Solid N cutral 
Species Equilibrium. A relationship between the log
arithm of the R.r.t.ivit.y coefficient for the neutral 
species and the ionic strength, at constant temperature, 
was obtained by starting arbitrarily with an equation 
analogous to the Debye-Huckel expression 

log 'YCaso,o = -S>tJ'1'/(1 +.Au!';,) (14) 

where S* and Au are constants. In terms of the 
equilibrium invQlved (eq 1), th~ form is 

log Qu = log Ku + [S*I'/o/(1 + Aul'h)] (15) 

The. unsmoothed results for Qu a~d I were treated by 
the method ~f least squares to obtain simultaneously 
values for Ku, S*, ·and Au. The values for Au .varied 
randomly with temperature. Therefore, the average 
value, within the Rkt.ncht.rd .error, of 0 over all tom·· 
peratures was adopted. Equation 15·was then reduced 
to eq 16 
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Iog Qu = log Ku + S*r (16) 

the least-squares process was repeated, and the values 
for Ku, S*, and the exponent n were computed. The 
average value over all temperaures for n was 0~5. The 
results for S* are plotted in Figure 4 as a function of 
temperature to obtain smoothed values. Finally, log 
Ku was calculated with eq 16 by the method of least 
squares from the raw values for log Qu at each ionic 
strength, using n = 0.5 and smoothed S* values. (The 
values for Qu from the solubility measurements at 0.5° 
and I = 2.14, at 25° and I ;, 6.00, at 250° and I = 
0.498, and at 350° and I = 1.14 were not used in these 
calculations, since they were inconsistent randomly with 
the other results.) The results are shown in Figure 5, 
where log Qu is plotted as a function of J'h. The inter
cept and the slope of the line for each temperature cor
respond to the calculated values of log Ku and S*, re
spectively. ·The activity coefficients for the neutral 
species CaS04° are equal to Ku/Qu. This ratio de
creases sharply with increasing ionic strength at all 
temperatures and especially at the higher temperatures. 
Hence, the· experimell:tal results ·show a pronounced 
ionic strength effect upon the activity coefficient of the 
ion pair CaS04°. In many instances where measure
ments are lacking, activity coefficients of.neutral species 
are arbitrarily set equal to unity,8 - 10 or theirlogarithms 
are allowed to vary linearly with ionic strength, ~ith 
a calculation or estimate of the slope. 

Theoretical equations have been derived by Scatch
ard and Kirkwood, 23 Kirkwood, 24 and Bateman, 26 et al., 
which predict the logarithm of the activity coefficient 
for a neutral species or a dipolar ion, in the limit, 
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associated CaSO,. 

(2S) G. Scatchard and J. G. Kirkwood, Physik. Z., 33, 297 (19J2). 
(24) J. G. Kirkwood, Chem. Rev., 24, 233 (1939). 
(25) L. C. Bateman, et al., J. Chem. Soc., 979 (1940). 
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Figure 5. The relationship between the ionic strength and the 
molality of associated caso, from 0.5 to 350°. 

to have a dependence on the ionic strength to the first 
power. The.measurements of Cohn28 and his coworkers 
on amino acids,. proteins, and peptides, along with the 
considerations of. Randall and Failey27 on the solubility 
of H2, 02, N2, N20, C02, H2S, NHa, C2H2, and l2 in salt 
solutions, confirm the form of the limiting law, with the 
initial term linear in ·the ionic strength. Above an 
ionic strength of 0.05-0.1, a polynomial expr~ssion is 
required to relate this dependence. The treatment of 
our data, given above, establishes empirically, within 
experimental error, a square-root dependence over a 
wide range of ionic strength and temperature. A fit to 
a polynomial expression of equal accuracy was not made 
since it would require the use of more numerous coeffi
cients. Other investigators28 •29 find that their results 
for log (solubility) or log (activity) are best d~cribed 
by ]'/1 at still lower ionic strengths. 

The ion pair CaS04° can be pictured as an unsymmet
rical molecule with a dipole moment such that the 
limiting slopP. of log "Y0•"'0" changes with temperature, 
in a qualitative manner, as does the Debye-Hiickei 
limiting slope for a 1-1 electrolyte (see Figure 4). 
Figure 6 shows that the limiting slope for the neutral 
species CaS04° (molar units) varies with 1/(DT)2. 
The theoret.i0fl.l nonsiderations of neutral molecules by 
Kirkwood24 and Bateman, et al., 25 agree with this ob
servation. In contrast, the limiting slope for ions 
varies with 1/(DT)'/1 (Figure 6). 

In order to calculate the values for the various ther
modynamic functions describing the solubiliLy equilib
rium for anhydrous CaS04 (see eq 1), the assumption 
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was made that the change in standard molal heat 
capacity, ACp o, is a linear function of temperature. 

(26) E. J. Cohn, Chem. Rev., 19, 241 (1936); E. J. Cohn, et al., 
J. A mer. Chem. Soc., 58, 2365 (1936); E. J. Cohn and J. T. Edsall, 
"Proteins, Amino Acids, and Peptides," Reinhold Publishing Corp., 
New York, N.Y., 1943, pp 236-303. 

(27) M. Randall and C. F. Failey, Chem, Rev., 4, 271, 285 (1927). 
(28) N. R. Joseph, J. Diol. Chem., 116, 353 (1936). 

(29) A. H. Palmer, ibid., 104, 359 (1932). 

• 
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Table Ill: Thermodynamic Functions for the Equilibrium CaSO,(s)•!:::; CaSO."(aq) 

Temp, t;.G•, 
•c Ku,m kcal mol-• 

0 1.08 X IO-• 2.46 
25 5.85 X I0-3 3.05 
50 3.47 X I0-3 3.64 

100 1.37 X IO-• 4.89 
150 5.42 X IO-• 6.32 
200 1. 94 X IO-• 8.03 
250 6.10 X lQ--6 10.1 
300 Lti5 X 10-:-• 12.5 
350 3.84 X 10-e 15.4 

t;.S•, 
ll.Ho, cal mol-• 

kcal mol-• deg-1 

-4.05 -23.8 
-3.95 .:..23.5 
.:..4.07 -23.9 
-5.02 -26.5 
-6.89 -31.2 
-9.68 -37.4 

..:...13.4 -44.9 
-18.0 -53.3 
-23 .. 6 -62.7 

llCp•,b 

cal mol-l 
deg-1 

8.88 
-0.37 
-9.63 

-28.1 
-46.7 
-65.2 
-83.7 

-102 
-121 

• The solid phli.se is anhydrous CaSO,; when CaSQ,.2H.O is the solid phase; Ku = 2.49 X 10-• arid 3.83 X IO-• at 0 and 25•, 
respectively. b !lCP • as a linear f).lnction cif temperature. · 

WiLh the temperature in degrees Kelvin, this leads 
to 

log Ku = -142.051 + 55.3676log T + 
(4435.6/T) - 0.0404600T (17) 

which ·defines the curve in Figure 7, where log Ku is 
plotted against the reciprocal of the absolute tempera
ture. Estimates were made of Ku at 0.5 and 25° for 
anhydrous CaS04 from the experimentally determined 
values of Ku for the dihydrate by noting the relative 
difference in K.P0's which wereobtained ~reviously at 
this laboratory10·20 for the two solids. The curve was 
determined by the method of nonlinear least squares 
mentioned earlier and describes the results well from 
0.5 to 350°. Use of the van't Hoff expression with eq 17 
relates the standard enthalpy change to the temperature 
(°K) by 

!lH 0 (cal mol-1) 

-20290 + 110.01T - 0.185104T2 (18) 

The results for Ku and !lH0 were used to calculate 
!lG 0 and !lS 0 for the reaction from the usual thermo
dynamic equations. All calculated values are listed in . 
Table III. There is no apparent explanation for the 
shallow maxima through which the values for !lH 0 and 
!lS 0 pass near 25°. Considering the change in heat 
capacity to be independent of. temperat.mP. eliminated 
the maxima but create~ a great.P.r vari~tn.ce of fit between 
data and curve. 

(b) Solid-Iori Equilibri,;,m. Tlie net equilibrium 
for the ~issoluti.~n of CaS04 to form ionsis. 

which can be expressed by 

(20) 

where 'Y± ·is the mean -ionic activity coefficient. Upon 
using an extended form of the Debye-Hiickel expres-

sion for the mean ionic activity coefficient, this equation 
converts to 

log Qisp = log Kisp + [8SI'1'/(1 + AiaJ'1')] (21) 

where S is the limiting Debye-Hiickel slope in molal 
units for a 1-1 electrolyte (0.4875, 0.5080, 0.6899, 
0.9848, and 1.984 at 0.5, 25, 150, 250, and 350°, respec
tively), I is the ionic strength in molal units, and Aisp is 
a constant varying only with temperature. The experi
mental values for log Qisp and I reported in Table II, 
along with the theoretical slope (S), were used in eq 21 
to obtain preliminary values of log Kisp and Aisp at each 
temperature by the method of least squares. The cal
culated values for Aisp were smoothed with respect to 
temperature, and a revised value of log K is~ then was 
calculated. In Figure 8, log Qisp is plotted against 
I'1'j(1 + A 1.pl'1•) and straight lines result over the 
range of ionic strength from 0.25 to 6 at 0.5, 25, and 
150°. At 250 and 350° there are deviations from the 
straight-line relationship above ionic strengths 1.&-2. 
The smoothed values of A1.P are presented in the figure; 
the intercept of the line for each temperature is equal 
to log Kisp, the ionic solubility product constant for that 
temperature. The logarithm of the ionic activity coef
ficient at a given ionic strength and a particular tem
perature is given by 1/2(log Kisp - log Qisp). 

In Figure 7 the variation of log· Kisp for anhydrous 
CaS04 is plotted vs. 1/T(°K). Again, the experimen
tally derived values for Kisp at 0.5 and 25° were for the 
saturating solid CaS04 · 2H20. Therefore, estimates.of 
K1sp for CaS04 at these temperatures were made by 
the method described above for obtaining the corre-. 
sponding Ku's. In addition, the apparently low cal
culated result at 350°.was not included in the computa
tion of the curve representing the best least-squares fit. 
of the data. The analogous discrepancy occurred l!,t 
350° in the determination of Ksp 0 for Ca(OHh, so that 
now there is reason to suspect that the solubilities of 
these compounds are decreasing more sharply than ·ex
pected as the temperature rises from 300° to the critical 
temperature of water, 374°'. 
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Table IV: Thermodynamic Functions for the Net Equilibrium CaS04(st!:::; Co.~+(aq) + 80,2-(_o.q) 

t!.S•, 4Cpo,b 

Temp, /l(}o, 6.Ho, cal mol-t cal mol-• 
•c Kiap, m' kcal mol-• kcal mol-• deg-• deg-• 

0 1.24 x w-' 4.88 -5.05 -36.4 -23.8 
25 5.41 X 10-e 5.82 -5.80 ~39.0 -35.7 
50 2.38 X 10-e 6.83 -6.84 -42.3 -47.6 

100 4.35 X 10-il 9.15 -9.82 -50.8 -71.5 
150 6. 72 X 10_., 12.0 -14.0 -61.3 -95.3 
200 8.48 X 10-e 15.3 -19.3 -73.2 -119 
250 8.69 X 10--o 19.3 -25.9 -86.4 -143 
300 7.27 X w-•o 24.0 -33.6 -101 -167 
350 5.04 X w-u• 29.4 -42.6 -115 -191 

• The solid phase is anhydrous CaS04 ; when CaS0,·2H20 is the solid ph!1Bc1 K1 • ., = 2.87 X J0-6 and 3.03 X w-a at 0 and 25", 
respectively. b !l.CP • as a linear function of temperature. • Kiep = 1.88 X w-u from the experimental data at 350" (see the text). 
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Figure 8. The variation of the ionic solubility product for 
CaSO, with the_ ionic strength function from 0.5 to 350°. 

The values for the thermodynamic functions of this 
equilibrium when anhydrous CaS04 is the solid phase 
were determined, again assuming that !l.Cp o is a linear 
function of temperature. Hence 

log K;sp = -133.207 + 53.5472log T + 
(3569.6/T) - 0.0520925T (22) 

and the standard enthalpy change-temperature cor
rela.t.ion is given by 

!1H0 (cal mol-1) = 
-16,331 + 106.39T- 0.238323T2 (23) 

Calculated values for the thermodynamic fuuctl@s at 
several temperatures are given in 'l'able IV. Again, 
it was found that considering !l.CP o for the reaction as a 
constant independent of temperature was not satis-

factory. The mean heat capacities (!l.Cp 0 ) for the re
action at 25, 25-100, 25-1.50, A.nil 25-200° from this 
investigation are -36, -54, -66, and -88 cal deg-' 
mol-1, respectively. Corresponding value.c;~ for t:J.Cp o of 
-85, -74, -70, and -74 cal deg-1 mol-1 were cal
cu1ated from Criss and Cobble's80 average ionic heat 
capacities along with Kelley's31 expression for the heat 
capacity of solid anhydrous C~U4. The latter valut:$ 
remain essentially constant with rising temperature, 
and a relatively good agreement with ou~ results exists 
at the higher temperatures. 

(c) Dissociation Equilibrium. The equilibrium quo- . 
t.iflnt.s for the dissociation of the neutral molecule into 
ions (eq 3) were obtained from eq 5. 'l'he expenmental, 
unsmoothed results in Table II for log Q;8p and log Qu 
were used, with the exception of four values .for log Qu 
that were taken from the straight lines in Figure 5. 
To evaluate Kd at each temperature from the experi
mental information, the following identities were ap
plied 

log Qd = log Q;sp - log Qu = log Kiop + 
[8SJ'!oj(1 + A;.J'!o)J -log Ku - S*I'1• (24) 

leading to 

log Qd + S*I'1• = 
log Kd + [881'/t/(1 + AisJ'I•)] (25) 

The fuucLii::m log Qd 1 S*I'1' il! ploLted A,gfl.inAt, J'l•j (1 + 
A;.J'1•) in Figure 9. The linear relationship using 
the theoretical limiting slope (S) is seen to hold well 
except at 250°, where the dashed curve shows the devi
ation from linearity. This curvature may be due to 
experimental error, oinoe both the J fiO and 350° results 
lie reasonably close to the lines calculated by the method 
of least squares. However, the intercept value, log Kd, 

(30) C. M. Criss ami .J. W. Cobble, J. Amer. CM-m. Soc., 86. 5390 
(1964). 
(31) K. K. Kelley, U.S. Bureau of Mines Bulletin 584, U.S. Govern
ment Printing Office, Washington, D. C., 1960, p 46. 
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Table V: Thermodynamic Functions for the Dissociation Equilibrium CaS04°(aq) ::::;: Ca2+(aq) + so,•-(aq) · 

Temp, 
•c 

0 
25 
50 

100 
150 
200 
250 
300 
350 

1.17Xl0-• 
9.29 x w-• 
6.83 x w-• 
3.13xw-• 
1.23 x w-• 
4.35 x w-• · 
1.42 x w-• 
4.40 x w-6 

1.30 X .10-6 

• llCP • as a linear function of temperature. 
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Figure 9. The relationship between the'dissociation.quotient. 
for CaS04 and the ionic strength from 0.5 to 350°. 

at 250° does not appear to be especially erroneous, 
since on Figure 7 it falls close to the smooth curve with. 
the results at lower temperatures, and this curve has a 
logical symmetry with the other curves shown. Ex
trapolation above 250° is used in Figure 7 for the same· 
reason given earlier for the log Kiap curve, since the two 
are related. 

With llCP o as a linear function of temperature, the 
dependence of the equilibrium constant for eq 3 upon 
temperature is 

log Kd = 3.53483 + 0.180124 log 1' -

(674.13/1') - 0.01258321' (26) 

. indepe~derit both of tlie presence or fonD. of solid CaS04 

(hydrate or anhydrous) .. Calculated values for pKd at 
0, 25, and 40° are 1.93,· ·2.03, and 2.11, respectively, 
which are 0,28 pK unit less at each .temperature than 
those estimated by Bell and George. 9 The 25° value of 
Money and Davies5 is 2.28 and 'that of Nakayama and 
Rasnick8 is 2.27 for pKd. In all three of these cases 
where pKd = 2.29 ± .0.02 at 25°, it was assumed that 

· the. activity coefficient for the neutral CaS04° Elpecies 
was unity.· The relationship 

(27) 

with the fact that we find 'Ycaso,o decreasing sharply 
from unity with increasing I indicates one reason for the 
earlier values of Kd being smaller and the values for pKd 
being larger than is the actual case. The present de
termination of values for 'Ycaso.•l should have produced a 
more reliable value for· Kd. Within the limits of the 
stated precision, estimates of this constant made pre
viously at this laboratory10 at 0, 25, 100, and 200° agree 
with the present ones. The standard enthalpy change 
is given by 

llH 0 (m!.l mol-1) 

3084 + 0.360T - 0.0575681'2 (28) 

Calculated values for llH 0
, llG0

, and llS 0 at several 
temperatures are given in Table V. I}ell·and George 
reported values at 25° for llG0

, tlH 0
, and llS0 of 3.15 ± 

0.03kcalmol-1, -1.65 ± 0.20kcalmol-1,and -16.1 ± 
0.8 cal deg-1 . mol-1, respectively. At temperatures 
above 100°, there is reasonably good agreement between 
our results for log Kd and the extrapolated ones by Hel
geson.U 
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3.4 SOLUBILITY OF CALCIUM SULFATE DJHYDRATE IN 1-1 ELECTROLYTES 
AS A FUNCTION OF TEMPERATURE ANQ TONIC STRENGTH .. 

W. L. Marshall and R. Slusher 

Preliminary measurements have been made of the solubility of calcium 

sulfate dihydrate (gypsum) in a number of 1-1 electrolytes for the tempera

ture range 0 to 80°C. Data were obtained at ionic strengt.h 3 and 6 

(molal units) for LiCl, LiN03, and NaN03 and, because of limited solubil

ities, at ionic strength 3 only for KCl and KN03. Similar data for NaCl 

were published earlier.
1 

Table 3.4.1 gives the results tor these six salts at: an !unit; sltength 

of 3. They show moderate differences. 

At high ioni~ strengths,. solubilities in the various media are 

influenced by differences ·in the mean activity coefficients of calcium 

sulfate, by large differences in the activity of water, and by possible 

phase changes (e.g., double-salt formation). 

TABLE 3.4.1 

MOLAL SOLUBILITIES OF CaS04•2H2 0 IN 
1-1 ELECTROLYTES AT IONIC STRENGTH 3 

Support lug TemEeraturc ("C) 
Electrolyte 0 25 80 

LiCl 0.037 0.046 0.055 
NaCl .055 .058 .060 
KCl .090 .101 .107 
T.iN0 3 .063 .070 .073 
NaN03 .072 .074. .069 
KN03 .157 .078 

1. W. L. Marshall and R. Slusher, J. Phys. Che~. ~' 4015 (1966). 
• 




