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ABSTRACT

Electrometric methods were utilized to measure plant
nutrient activities in water and clay-water systems on the
premlse that activity 1s better than concentration as a
measure of nutrient avallability. A tertiary amalgam elect-
rode, slilver-sllver chlorlide electrode and a glass electrode
were used with each other or in conjunction with a reference
calomel electrode to measure ion and ion palr activities.

The relationship between the activity and the cheml-
cal potentlal, as well as the significance of the electro-
chemlcal potential and the total activity in heterogeneous
systems, were discussed.

An experiment was devised to measure the relative
replacing power of several alkall and alkallne earth metals
for calclium in calcium saturated clay suspensions. The
order of replacing power was found to be RbS> Mg> K> Na > Li.

Measurements of calcium ion, hydrogen ion, calcium
chloride and hydrochloric aclid activities werecarried out
in clay suspensions contalning various ratios of bentonite
and kaolinlte. Slimllar measurements were made in suspen-
sions containing bentonite~vermiculite mixtures., The data
showed that: (1) bentonite formed a stronger aclid than
kaolinite, (2) caleium and calcium chlorlde activities

were hlgher in kaolinite and vermicullte suspensions than



Goro Uehara
in the corresponding bentonite suspensions, (3) when
bentonite was mixed with kaolinite or vermiculite the lon
actlivity values were not a purely addlitive function of the
two clays, but were greater than the sum of the activities
of the individual clays. Interactlon between exchange
sltes of the different clays was clted as the cause for

the last observatlon.
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CHAPTER I
INTRODUCTION
Generalizations Pertalning to Nutrient Uptake

The agronomist 1s constantly faced with two funda-
mental problems: (a) Aincreasing crop yiélds per unit
area of cultivated land and (b) predicting magnitudes of
yYlelds for a given set of field conditions. Before he can
begin to solve these problems he must understand the vari-
ables which control crop yleld. First of all the agrono-
mist must consider 2ll the factors that affect yleld; he
can do thls symbolically as a functional relationship thus:

y=Ff(a, Dy €y « o oy &'y D'y, c'y o . o)

(al |, bl l’ cl l’ . .) (l)
where y represents yield; a, b, ¢, « « « are such nutrients
as nitrogen, phosphorous, potassium, etc.; a', b', e¢', . . .
the soll physical factors such as temperature, moisture,
soil structure, etc.,; and a' ', b' ', e¢' ', . . . repre-
sent such factors as the genetic make-up of the plant,
plant population, method of cultivation and planting, etc.

Having listed the factors which control yleld, the
agronomist then attempts to show the exact functional re-

lationshlp between yleld and a given variable., Any change
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in yleld as a result of a change in this variable is ex-

pPressed as?

dy = (dy/da)da
b,C.oo’a',b"c'ooo,a"’b",c"ooo(z)

where a 18 the varlable under investigation. The evalua-
tion of similar equations is iIn fact the whole essence of
agronomic science. There 1s, however, one very important
difference in the above equation as compared to other ex-
pressions of this type. It 1s not enough in equation 2 to
meintain constancy of the other varlables; i1t 1s equally
important that these variables be kept at an optimum level.
This point cannot be overemphasized in agronomlc work.

Let us take a case 1n point to clarify this state-
ment. Conslder the case of an agronomist trylng to show
the essentlality of a minor element. He takes great pains
to keep all other yleld factors constant and demonstrates
to his satisfaction that application of lncreasing incre-
ments of thedlement 1n question has no effect on yleld.
Evaluation of this kind of data might lead one to belleve
that the element was not essential for plant growth, or
was at least present in sufficlent concentration in the
growing medium. The conclusions drawn from this seemingly
simple experiment may prove to be wrong.

liebig, long ago realized that crop ylelds were con-
trolled by the nutrlent that was most deflclent. He be-
lleved that lncreasing application of one nutrient could

not increase yileld 1f another essentlal element was deflclent
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to a greater degree. MNore recently Baule (31) and Bray
(6) have made modifications to Liebig's concept, but the
fundamental generalization proposed by Llebig 1s essenti-
ally correct. The limportance of maintaining the constant
variables at an optimum level now becomes apparent.

If the function y = f(a) is to attain a maximum,
none of the constant variables should be deflclent, and
finally, the true functional relationship between 'y’
and 'a' can be obtalned only when this condition is main-
tained. We can further extend Lleblg's argument to include
rhysical propertles of the growing medium as well.

In brlef, we should not be expected to demonstrate
true functional relationships between yield and the inde~-
peﬁdent variables 1T a single nutrlent or physical growth
factor deviates even slightly from thelr optimum levels.
As far as the plant is concerned, the expression (dy/da)
= 0, for all values of 'a', has no significance unless
'a' 18 the only limliting growth factor.

Having at last established the functional relatlon-
ship between yleld and growth factors, the agronomist 1ls
noﬁ in a position to predict crop ylelds - 1f he can
quantitatively measure the magnltudes of the growth factors;
this i1s a difficult task indeed. The degree with which he
measures and controls these growth factors represents in
part his success as an agronomist.

A soll physicist may spend a 1life time developing

nethods for measuring the molsture content 1n the soll.



4
He learns early in his training that the total molsture
content 1s not a very useful measurement. He turns his
attention to measuring the "avallable" water in the soil.
Similarly, the g0il chemist attempts to measure the nutri-
ent content iIn the soll; he too learns that total elemental
analysis 1s not the best measure of nutrlient avallability.

The agronomist who spends hls time correlating
Yleld data to soll chemliecal tests often finds hls results
dlsheartening. Examination of equation 2 reveals, 1n part,
reasons for this kind of results. Too many varlables must
be kept under rigid control. OCostly green houses and conm-
plex experlimental field designe can be used to overcome
some of these difficultles. Another source of error 1ln the
data is inherent in chemlcal tests themselves., A chemlcal
test showing acceptable correlation for a given nutrient,

a particular solill and requlring edisonian trial and error
method for 1£s development may ultimately fall when applied
to another soll. The weakness of s0ll tests may lie 1in
their use of concentration as a measure of nutrient avail-
abllity.

If we conslder the plant root and the mechanism of
nutrient uptake, we mlght obtain an insight to why use of
concentration might fall as a measure of nutrient avail-
abllity. Take for example a plant root penetrating the
s0il medium; each roct has many microscoplc root halrs
which actively absorb plant nutrients from the soll solu-

tion. There 18 reason to belleve that nutrient uptake
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involves two steps, first a reversible, physical movement
of nutrient from the soll solution into the "apparent free
space” (18) located somewhere in the plant body, and second,
an active irreversible absorption, luvolving blological
carriers (7) from the "free space" into the plant tissue.

We might look upon the surface of the root halr as
a2 membrane separating the soll solution from the "free
space', If we assume the movement of nutrients across the
membrane to be a purely physilcal process, then when the
system 1s in equllibrium, i.e. when the phases on elther
slde of the membrane are in equilibrium with eaech other,
the chemlcal potentlilal u, for a particular nutrient must
be the same on both sides of the membrane. Symbolically
thlis same idea can be expressed as

U = Uy
where the subscripis o and 1 represent the soll solution
and the "free space" respectively.

Of course this system never attains equllibrium;
the plant continuously depletes the solution in the "free
spgce“ of 1ts nutrients and the chemlcal potentials of the
components will he higher in the soll solutlon than in
the "free space". There will then be a tendency for the
nutrients to pass spontaneously from the soil solutlon
into the "free space".

The chemlcal potential is related to the activity a,
of the nutrient by the expression

u = u° 4+« RTln(a)
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where the constant u® is a function of the temperature T
alone and 1is the chemical potential of the nutrient in
1ts standard state of unlit activity. R is the universal
gas constant. If we look upon the chemical potential,
defined 1in terms of activitlies as a tendency of the nutri-
ents to pass Into the plant, then activitles should be a
somewhat better measure of nutrient availability than con-
centration.

Up to this point nothing has been sald about the
nature of the plant nutrient. Most plant nutrients are
absorbed into the plant tissue as lons so that the signifl-
cance of the chemlcal potential as descrlbed earlier 1is
true only 1f the electrical potential\¥fis the same in
both the so0ll solution and the plant tlssue. Slince the
inequality of the electrical potentlial between these phases
is probably the rule rather than the exceptlion, a special

chapter has been devoted to this subject.
Purpose of Study

It 1s not the purpose of this work to correlate
nutrient uptake with nutrlient actlvity in soil systems.
Soil systems are too complex and interpretation of activity
data would be at best difficult. Instead actlvity measure-
ments were conducted ln systems of known composition in
the hopes that generallzations from such measurements

could be extended to more complex soil systems.
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Actlvity measurements were made electrometrically,
utilizing reverslible electrodes. Measurement of approxi-

mate single ion activitles was also attempted.



CHAPTER II
THE ACTIVITY CONCEPT

In measuring the colligatlve property of an lonic
solution 1t 1s evident that the measured property, for
example the depression of freezlng point, does not in-
crease linearly with the number of dlssolved particles
contained in the system. According 1to early proponents
of the classical theory, thls behavior was considered to
be assoclated with the degree of dissociatlion of the
solute.

It is well accepted today that partial dissoclation
of strong electrolytes 1s not the cause for this anomalous
behavior of electrolytic solutions. If we apply the laws
of chemlcal equlilibrium to the dissociation of a unl-univa-
lent salt MA, which ionlzed into a cation M*, and an anion
A™, 1t necessarlly follows that the quantity

M+ A=
MA

calculated by means of the Arrhenius theory, must be a
constant., We know, as a matter of fact, that when con-
centration 18 used in equilibrlum studles the quantity is
found to vary markedly with concentration.
X-ray diffraction studles on the crystal structure
of salts lndlcate that many salts exist in the lonlzed
8
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form even in the s0lid state. Consequently, when such a
salt i1s dissolved 1n water, the partlcles golng into solu-
tlon do so as ions and not as molecules. With this newer
concept 1n mind the physical chemist was forced to look
for a new approach to the problem of accounting for the
departure of electrolytlic solutions from ideal behavior.

The early workers loglcally assumed that if electro-
lytes in solutions existed as charged lons then at least
part of the anomalous behavlior could be attributed to in-
terlonic atiréction and repulsion between charged particles.
This 1dea has helped to clarify many of the lnconsistenciles
observed 1n experlimental work resulting from the use of
the Arrhenlius theory. Although the newer concept has
wider theoretical significance and predlcts various proper-
ties of electrolytic solutions, 1t has by no means solved
all problems pertalning to solutions and particularly to
heterogeneous colloidal systems.

In the following paragraphs the theoretlcal aspects
of the lnterlonlc attraction theory will be discussed.
The materlial covered in this section are for the most part
summarized from several textbooks of physical chemistry
(8), (12), (21), (29). The activity concept is described
here in the hopes thet i1t will aid in the understanding of
this study.

The basls for the theory of interlonic atiraction
depends on the assumption that strong electrolytes are

completely lonized, and that the anomalous effects observed
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are due to the unequal distribution of ions resulting
from interionic attraction. Consider the case of a
strong uni-univalent electrolyte in solution. There
will be electrostatic forces of repulsion and of attrac-
tion between lons of opposite charge. We can therefore
expect the probability of locating lons of opposite charge
around a central lon to decrease as the distance from the
central lon is increased., Plctorlially we might think
of an lon swarm around a central ion of opposite charge.
If we can measure or assume some functional relation
describing the distributlon of the lons with respect to
one another and similarly, assume a relationship of the
forces acting on the ions due to the ions themselves 1in
the absence of external forces, we have a starting point
for the development of this theory.

Debye and Huckel who popularlized this concept

selected the Plosson equation

Sy * Y . _ %72
Sz~ T _Jé% 3= ) (3)

to describe the electrostatic potentiaJ.UU s due to an

ion and its atmosphere, wherels the net charge per em>
at any point (x,y,z) and D 18 the dlelectric constant of
the solvent. In the absence of external fields the ionic
swarm or atmosphere l1ls radially symmetrical with respect
to the central lion. Equation 3 expressed in polar coordl-

#C ) - T

nate 1is

(&)

where r 18 the radlal distance from the central lon.
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The second fundamental assumption considered in
the development of this concept is the selection of some
distribution furmule which wlll describe the average charge
density £ at the point where the potential is l/J . Assum-
ing the Boltzmann distribution formula which states that
1f njy is the average number of i-ions in the differential
volume 4V, the number of ni' whose potential energy 1s #¢€ lﬂ,
above the average 1s

’ - Z.€ _,wf

o= e kT (5)

where Z,¢ and kT are the charge and kinetic energy of the
i-lon and Y/is the potential ememsy of the i-ion in the
vicinity of the central J-ion. The charge density  in

this volume is then the sum of the product n'Z;€ and may

be expressed as el _zee e
. noz,e@ KT
oo Fnlae 2
=t e (6)
zce W,

p——

The exponentlal e- RT converges rapldly when expanded

for values of *’i’i'%_—}-/)‘f much less than one. This condi-
tion 1s true for wry dllute solutions where the Interionic
potential energy is much less than the kinetic energy. For

dlilute solutions then

_2e Yy , . Eie Wy

for a good approximation and .

S . Yy Zrz-z-’e”
£ o= L, e 2T ‘ (8)

t=1
Electrical neutrality for the system as a whole requires

that
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n
n,z2,¢€ = O
2. . (9)
80 that equation (8) reduces to
. ”
Sm— ncz‘.—ve"wa-
= - L ET (10)

L=t

Combining equations (4) and (10) we finally arrive at

~dY e .
» &) - oar Zﬂzl WKy )

(sl

vwhere for convenlence we define K as
n

v_ 4T n, z, e
K = DKT £ (12)
The qua.n‘bi‘byK called the Debye has the dimensions of
reciprocal length and varles with the number of lons,
ionlec charge, temperature and dielectric constant of the
solvent. It can be shown that the general solution of

equation (11) is
_K»r Kv

A Be
Y- £+ 5 (13)

From this equation 1t 1s obvious t.ha:t.lg- becomes very large
as r approaches Infinity; thls difficulty is solved by

setting B=0 and the solution reduces to

W, A e 7
or - ‘45 (/.,.}{1,)

(14)
for esmall values of kr.
If we make the assumption that lons can be treated as

point charges, the constant can be determined by choosing
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an infinlity dilute solution so thatl(fapproaches zero and
]#%simply becomes A/r. On the other hand if we consider
a polnt charge z;e in a2 medium of dilelectric constant D,
the potential '¢ at a distance r due to this charge alone
is zje/Dr. Since in the 1imit as becomes zero

Yo s &S (253

we arrlive at a polint where A l1ls evaluated to be

A = 2;; (16)

and equation (14) becomes

eI 2.¢
V),,‘ = = z:D *' " Da (17)

Equation (14) informs us that the potential’%?is the algebrailc
sum of two potentlals, the last term on the right being the
potentlal of the central ion in the absence of an lonic
atmosphere. The first term must then be the potential due

to the ionlc atmosphere; it is thls part that is of interest

in this discussion and shall be denoted by the experssion

¢ - - - N K
J D (18)

However, i1t 1s not quite correct to treat lons as point

charges. If we consider Gauss' theorem of electrostatics

@
////4‘7'?‘7°44; = - Z;c
« (19)

where the lower 1limit a, represents the effective dlameter

we can wrlte

of the central j-ion. The theorem 1ln words is that the
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total electric flux over any closed surface equals 4 pi
times the total charge inside the surface. The integral
can be evaluated 1f /@ 1ls expressed as some function of r.

The charge density £ was shown to be

.’—'-— ” .”e 'w'
P =2 5 (20)
=t
and'y?to be
” -]{7"
o Le
T ¥ (21)

Combining {20) and (21) we have

>
Kl ey AKD KT
A n, 2, € - e
P--5€ 2% v (22)

¢’

where X has the same meaning as before. Substituting

thls expression for P in equation (19) we have

AJ(O/ J? = Z;e (23)

(29

which when integrated between the expressed limits becomes

A0 (1 + Ka)

o JK

If equation (24) is solved for A and this value substituted

T f-Z-,,‘C (24)

in equation (21) we have an expresslon for 1}5'

Ka _Ka
2fb. L Zee e °_ (25)
L ) B/ +1<&) r

which does not make the assumption of treating lonsas polnt
charges. This potentlal yg.howeVer, includes the potential
that 18 due to the charge on the central ilon along with

that part due to the ionic atmosphere. If we subtract
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that part due to the central ion, namely zie/Dr from

equation (25) we have

gﬂ. E 4 - z"eK (26)
J D(’ +K¥a)

whlch 1s agaln that part of the potentlal of the ion of

charge zie which 1s due to the surrounding ions. For a
single ion the extra free energy £,/ s+ 1s equal to the
work that must be expended to charge the lon reversibly

to the required potential WY which is -zyeK/D(1+Ka).

AFef <= /Zcec/gb / D("f['{a‘) ‘PD
p wff (27)
) ;P('*Ka)

If the supposlition 1s made that the deviation of
ionic solution from ideal behavior 1s entirely due to the
exlstence of electric charges on the solute particles, 1t
follows that the expresslon for the total free energy of
thls system wlll differ from that of an ideal one by an
additional term due to the electrlical energy of the solu-
tion. Thus the free energy F of an lonlc solution may be

expressed by the equation

where Fj35 and Fgy are the free energles due to the ldeal
solution and electrical energy respectively. Furthermore,
for an ideal solutlon of concentration ¢, the chemlcal
potential Uid per molecule 1s deflned as

Uigd = constant + kTlnC (29)

If the solution 1s not ideal the chemlical potential u
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pPer molecule 1s
u = constant + kTlnay

= constant + kTIlnCy + lenf1

= Uyq + kTlnfy (30)
where a4 1s the activity and £y the actlvity coefficient
of the solute ..quation 30 expresses the actual chemical
potentlial u, in terms of the ideal chemlcal potential ujg
and the actlvity coefficlent fy. The lmportance of this
expression 1s that kTlnfy; 1s the extra electrlic free energy
per lon and 1s equal to the work expended to charge the lon
reversibly to the potentiali}’ﬁhich is -z3e K/D(1 + Ka) so
that

kThny - — 2h
/: JD(/(4+() (31)

It follows from the above expression that the activity co-
efficlent of the lon of valence z4 1s glven by the ejuation

M . EETHK
]{ QDkT(/%K“) (32)

It 1s frequently convenlent to speak of the mean activity
coefficient of the electrolyte because the 1lndlividual ion
activlity coefficient is experimentally not measurable., The
mean actlvity coefficlent f+ of the electrolyte 1s defined

by the edquation

YA
I

il

14/4/6 +# Ziﬁzj{
/]gz/q»[-z)—/);

(33a)

[}

(33b)
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for an electrolyte molecule which lonizes in solutlon to
Yleld v number of ions of which v+ are positive and v- are
negative, The 1indivlidual lonic activity coefficients are
represented by f+ and f- for the positlve and negative
lons respectively.

Before equation 32 1s substituted into equation
3%a to obtaln an expression which 1s experimentally measur-
able, it 1s convenient to introduce practical units such as
concentration C4

.
C. = ../_{/———- /000 (34)

and the lonic strength I
, n
- = 2
=z / €z (35)
N

ag well as to combine constants such as
3
A - < 5 2 7N %2,
- 2.303(1)#:7')/1 /600
B ) ( 81 /\/eL)é

looo DET
so that equation 32 becomes

g . A=
B /%;oc | +Ba VI

Finally substituting the expresslion for the activity

coefficient of the posltive and negative lons into equation

33a we have

— log f, . (TrEem2y AT
i?w * - 2, + - T
/T Ba, 7]

for the mean activity coefficlent. BSince 22,-72Z2Z the quantity

(36)

.
vez  r22 2 L o
R e
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and equation 36 reduces to
ngf - Azz VT (37)
- a
0 [+ Bar VT

whlch 1s the expression for the mean activity coefficient

of strong electrolytes as developed by Debye and Huckel.
The constants A and B vary with the temperature and the
dlelectric constant of the solvent so that for a glven
solvent and temperature the mean activity coefficlent
depends upon the lonic strength I of the solution and the
average effectlve ionlc diameter aj. The mean activity a+
of an electrolyte is related to the mean molarlity C+ and
the mean activity coefficlent f+ by the identity
at+ = I+ C+

The mean lonlc quantities are in turn related to the in-
dividual lonic quantities, indicated by the subscripts
plus and minus, in the followlng manner.

Ax = (af’*af") >

Cr . (¢0) >

o= CHE)7

Equation 37 falls for concentrated solutions because

in the expansion of the exponential in the Boltzmann equa-
tion only the first two terms were consldered. Other
factors such as the effect of the solute on the solvent
molecules were not considered. Extension of the Debye-~
Huckel theory to more concentrated solutions can be found
in advanced textbooks of physical chemistry and will not

be dlscussed here.



CHAPTER III
THE ACTIVITY AND THE ELECTROMOTIVE FORCE OF CELLS

The emf of a cell depends upon the activities of
the constituents of the solution. For any reaction such

as

ad +BL+ - =0+ §D+
(38)

1f the activitlies of A and B at the start are ap and ap,
while the activities of C eand D at the end of the reaction
are ag and ap respectively, then the free energles of each

of these substances per mole at a temperature T are glven

by the expressions

F, = Ff + RTAhna, (392)
Fo - /—:3 ’ + R T/Zn A i EBQb;
- o 39¢
/7: - FZE - /ef/én Z (39d)
Fo = 7, + RTAn p

where the FO's represent the free energles at unit activity
of the respective specles and R 1s the universal gas con-

stant. By definition the free energy change of the re-

AF:(J@”%J’@’ME"@%) (40)

action is

Substituting equation 39a, 39b, 39¢ and 394 into

19
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equation 40 we have

> 4
4E =[5+ 1) (afs v 05)] + RThn S22 ()

vhere [ﬁ’/{' B 5E,0) - (44 Pls 77 represents the free
energy change of the reactlon in the standard state.
Thls expression 1s usually written as & FO, and equation

A}

41 becomes
o QXQJ~_.
AF =AF 1 g7 .4 L% — (42)
QA 0.3
Any work performed by a cell can be accomplished
only at the expense of a decrease in free energy taking
place in the cell, When the cell operates reversibly, the
electrical work is a maximum and the decrease in free energy
must equal the electrical work done. The above statement

deacribes the fundamental relation between emf and AF

which is

AF - -2 FE (43)

/‘\)
where z represents the number of electrons 1nvolved,;f the
faraday unit and E the emf of the cell.

Dividing equation 42 by -2 F we have

o _ y £
E. AL KT 4, das (44)
e @fag

When the activlities of all the products and reactants

c  asF°
are unity, the value of the emf 1s £ o= r-%;?;. The E° is
called the standard emf of the cell. If we now substitute

aAF°
O for-gngj in equation 44, we have the ilmportant relation
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describing the dependence of cell emf to temperature and

actlvities of the reactants and products, whlch is

g_; e /?T/K'QCQ/)H.
alas

(45)



CHAPTER IV
ELECTRODE THEORY

In electrochemical work it 1s often possible to use
a2 pure metal in equilibrium with a solution of 1ts ions as
one of the electrodes in the cell. The general reaction

of these metal-metal lon electrode is

M™M"7 L ope- (46)

and for which the electrode potentlial 1s exXpressed by
- e RrT g
£Eon = Ep— pogrs QA pen (47)

The pure netal in contact with a solution 1s reversibdble

to 1ts own lons and the measured potential Ey is deter-
mined by the actlivity of 1ts own lon ap+n and the standard
electrode potential Efj of the pure metal.

In many instances, however, the metal reacts vio-
lently with aqueous solutions and provislons must be em-
ployed to reduce the activity of the metal. This can often
be accomplished by substituting an amalgam of the metal for
the pure metal.

Amalgams of metals more actlve than mercury behave
essentlally as do the pure metals, the only difference
being that the activity of the metal is lowered somewhat

22
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by dilution in the mercurr. Ilectrodes of these amalgams
are preferred frequently because equllibrium can be estab-
lished much more rapildly than wlith the pure metal, and
because they are more readlly reversible.

The successful use of amalgam electrodes in homo-
geneous systems 1s evident from the large number of pub-
lished data obtained from use of such electrodes, but
measurenents of lon activity in heterogeneous systems
present certaln difficulties. Extraneous lons may react
wlith the amalgam and render the electrode lneffective un-
less some protective measure is undertaken. Joseph (15)
using a cell involving a calcium amalgam and a silver-
silver chlorlide electrode obtailned actlvity coefflcients
of various calclum chloride solutions which compared
favorably with data obtalned by other workers, He was less
successful when similar measurements were made in hetero-
geneous biologlcal systems containing diffusible amines
and ammonium ilons. In a later paper (16), Joseph prepared
an amalgam electrode suitable for use 1n heterogeneous
systems. It is on the strength of Joseph's work that a
similar electrode 1s prepared for activity measurements in
colloidal silicate systems. The theory of this partlicular
electrode 1s described in the followlng paragraphs.

In a saturated solution containing lead and calcium
oxalate the activity of each cation depends on that of the
other. The solubility product of each electirolyte 1s ex-

pressed as
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[?a.“j [620;7 K.
[PCTC0L] - Kk,

where the bracketed quantities represent activities of

the ions. Since the oxalate lon is common to both catlons

it follows that

[Caw.-/ - ._,f..- = Ky
[P K,

and from the above equatlon we see that the activity of

(48)

each catlon is proportional to the other; the proportional-
ity constant being determined by the solubllity products
of both oxalates.

An electrode described by the chailn

Ph(Hy) ; PO, ; Cal.D, , L o

in which calcium ions made contact with lead amalgam through

lead oxalate reacts according to the equation

~

Pé +Ca[\10q. = Pé[zgtf*ga +Jde”  (50)

If a silver-sllver chloride electrode is lmmersed in a
calclium chloride solution along with the amalgam electrode
to form a cell, the amalgam electrode 1s negatlive and under-
goes an oxidatlion. For the oxidation the electrode reaction

is glven by the preceeding equatlon with an electrode poten-

(-] RT Q +7
EC'c\= E(‘a - 2?’ Z’ Co

tial given Dby

(51)
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The significance of thls equation lies in its similarity
to equation 47. Although the standard electrode potential
%;1 in equation 51 is characteristic of the amalgam elect~
rode and not that of the calcilum metal, the important fea-
ture of the amalgam electrode 1s the dependence of the

single electrode potential E on the activity of the cal-

Ca
clunm ion pgtte.

The sllver-silver chloride electrode will undergo

reduction for which the reaction is

J/)g;(‘/ + e = "?Af + 2 Cl (52)
and'the single electrode potential is

Ecz=5cza" ;;j"&&‘ (53)

On adding equation 50 and 52 we find the cell reaction to
be

Phb + (.G 0, 4-,,?,4;(‘/ ,74;-/— PLO +¢?C€+('a (54)

and similarly on adding equations 51 and 53 the cell enf

becomes

3R
£=£" -5 rﬁarcw (55)

where qicaclg i1s the mean actlivity of the electrolyte and
18 defined in terms of the indlvidual ilonic activities a+

/
and a- as 2y 32 —
Gy < (/;7+- Q. /) 2

for an electrolyte whose molecule lonlzes into v number

of ions of which v+ are posltlve and v- are negative,
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This amalgam electrode behaves as a reversible
calclium electrode only if other cations capable of forming
Insoluble oxalates and anlions which form insoluble lead

salts are absent or are present in sufficlently low con-

centratlon.



CHAPTER V
PREPARATION OF ELECTRODES

The cell employed 1n the experiment 1s l1lllustrated
in figure 1. A sllver-sllver chloride and an amalgam
electrode reverslble to calcium ions are suspended 1ln the
arms of an H-shaped tube.

In order to prevent oxlidatlion of the amalgam by
atmospheric oxygen the amalgam was sealed in a calcium
chloride drying tube as shown in figure 1. A platinum
wire was sealed in a capillary tube and welded to one end
of the calcium chloride drying tube. Contact with the
aralgam was made by placing an exposed sectlon of the
platinum wire approximately 0.5 cm from the mouth of the
tube.

Lead amalgam was prepared by using triple distllled
mercury as a cathode in a O0.5N solutlion of recrystalllzed
lead nitrate. The anode was a perforated platinum foil
in a solution of 1UW nitric acld; the two solutlons beilng
connected by means of an lnverted glass U=tube fllled with
1N nitric acid. Nitrogen gas was bubbled through the
cathode compartment throughout the electrolytlc process.
Figure 2 illustrates the arrangement employed for prepara-

tion of the amalgam. Thls arrangement was necessary

27
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Figure 1, Cell for measuring CaClo activity;
A - tertiary amalgam electrode, 3 - sil%er-sllvei’chloride

electrode.
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Figure 2. Cell arrangement for amalgam preparation;
A - platinum anode, B - 1N nitrlc aclid, C - platinum
contact, D = inlet for nitrogen gas, E - 0,5N lead nitrate,

F - Mercury.
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because amorphous lead peroxide formed on the anode during
electrolysis,

A rectifier provided with a powerstat was used as
a direct current power source., A milliameter connected
In series with the cell was employed to measure the current.
Approximately 0.2 amperes of current was passed until the
lead concentration in the mercury reached a value in the
nelghborhood of five percent. Fay and North (9) report
that all amalgams between the limlts two and fifty five
percent of lead form a two phase system at 259C, consist-
ing of a granular phase of constant composition represented
by PboHg, and a liquid phase which also has a definlte
composlition when equlllibrium is reached. Henderson and
Stegman (14) studying lead standard cells, found that
amalgams having a percentage of lead between 2.5% and 6.0%
possessgsed a constant and reproduclble electromotive force.

When the electrolysis was complete, the cathode
compartment was detached from the cell and used as the
container for washing the amalgam. Conductance water
freed of oxygen by heating and saturated wlth nltrogen
was used for washing the amalgam. The amalgam was subjected
to at least ten washings, with the water belng removed by
siphoning. In the final washlng the last traces of water
were removed by blotting with the tip of a clean filter
paper. Durlng the whole washlng process, a stream of
nitrogen gas was constantly passed into the mouth of the

flask contalining the amalgamn.
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The cathode compartment still holding the amalgam
and fllled with nitrogen gas was suspended into a tall
half liter beaker half filled with distilled water and
heated, A five percent lead amalgam has two phases at
259C as described earlier, but becomes completely liquid
when heated to 100°C. This hot melt was poured into the
calcium chloride tube which had Just been flushed with a
stream of nitrogen. A molst cellophane membrane was
blotted between fllter papers and lmmedlately stretched
over the mouth of the tube and held in place with a rubber
band. Lead oxalate freshly preclpitated from lead acetate
and exXcess oxalic acid was evenly spread over the cello-
phane membrane and covered with a second membrane. The
membranes were cemented in place wlith collodion. When the
collodion hardened, the tube was inverted and inserted into
the H-cell. In each case enough amalgam was prepared to
construct two electrodes. These two electrodes were placed
in a 0,05X CaCls solutlon, short circuited and allowed to
reach equllibrium. When no potential difference between
the two electrodes could be measured, the electrodes were
considered ready for use.

There are three general types of the silver-silver
chloride electrodes in common use today. ©Smlith and Taylor
(32), (33) have made a thorough study on the reproducibil-
ity of these three types. They classliled these electrodes
1nto the electrolytic, thermal electrotytic and thermal

type. The electrolytlc type (2), (23) 1s prepared by
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electroplating a platinum gauze, foil or wire with silver
and then converting part of thls silver to silver chloride
by using it as an anode in a chloride solution. Alterna-
tively, the thermal-electrolytic type is made by coating
a splral of platinum wire with freshly percipltated silver
oxide and heating this in an electric furnace to 400°C.
Thls heating reduces the oxlde of sllver to porous, finely
divided sllver which in turn 1s coated with silver chloride
by electrolysis in a chlorlde solution. Preparation of the
thermal type electrode involves the thermal decomposition
of a paste mixture of silver chlorate, sllver oxlde and
water. This last method avolds the step of electrolyti-
cally coating silver chloride on the electrode surface by
automatically forming a silver and silver chloride mixture
in the process of heating the paste.

Inltlal activity measurementis were made with the
thermal type electrode as described by Noyes and Ellils
(26) and modified by Harned (11). Harned omits the step
of electrolytically depositing a film of silver on the
platinum splral before placing the slilver oxlde paste on
the wire. Electrodes prepared in this mammer gave favor-
able results in aqueous systems but falled in clay-water
systems. This fallure was attributed to inflltratlion of
fine clay particles into the pores of the electrode,.
Preparation and use of the thermal type electrode was
not attempted since similar difflculties were anticipated.

There remained the last cholce of using the
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electrolytic type slilver-silver chloride electrode. The
method of preparation suggested by Brown (2) was used.
Electrodes were prepared by electroplating sllver on a
platinum wire and then partly converting the silver to
sllver chloride by electrolysis in a hydrochloric acid
solution. A serlous weakness was observed in the use of
this electrode. When the potential of the cell was measured,
the balance polnt was reached very slowly. This character-
lstic of the electrode was probably due to a polarization
effect resulting from a small electirode surface. Con-
gtrucetlion of an electrode wlith a larger surface to reduce
both the polarlzation effect and the electrical resistance
of the s0lid-1liquld interface was considered necessary.

The most consistent results were obtalned by using
an electrode prepared by a method described in a text,
Experimental Physical Chemistry, by W. G. Palmer (28).
Figure (3) shows the general features of this electrode.

A strip of pure, untarnished sllver, one cm by five cm,

was washed in acetone. This rectangular plece was rolled
into a spiral and suspended by means of two platlnum wires
from a silver wire sealed 1n a glass tube. The clean sil-
ver metal was coated wlth silver chloride by electrolysis

in normal hydrochloric acid solution with a current of

six milli-amperes for about an hour. Two or more electrodes
were prepared at any given tlme and they were short cir-

culted and allowed to stand overnight in tenth normal
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calcium chloride solution. Electrodes prepared in this

manner gave potentials which agreed within 0.1 millivolts.



CHAPTER VI
CLAYS AND CLAY PREPARATION

Clays selected for this study were bentonite from
Upton, Wyomlng and kaolinite from Bath, North Carolina.
These two clays were selected as representative members
of the two major clays types occuring in soils. The
montmorillonite group minerals, of which bentonlte is a
member, are characterized by thelr high cation exchange
capacity and their plastlc and swelllng propertles associl-
ated with theilr high capacity for adsorbing water. Kaoli-
nite, which 1is a member of the kaolln group minerals, 1s
contrasted from montmorillonite by its léow exchange capa-
city and non-swelling property. Chemical analysls, cation

exchange capacity, X-ray and differential thermal data of

both clays are given below.

Chemical Analysis

Montmorillonite Kaolinite

Upton, Wyoming Bath, South Carolina
S10p =memmm————-- 57 . 49% B10py —=m—mmmmeee '45,58%
A150z —m=mmmmmmm- 20.27 Alp0z ==m—-mmmeem 37.62
Feo0% ==mmmm=—=—- 2.92 Fep03 wmmmmm—aeen 1.00
FeO ~ ~mmmmmem——- 0.19 Fe0 ~ mmmmemmm—e— 0.13
Mg  memmmmm—mee .18 MgO  mmmmmme——a- 0.03
Ca0 mmmmmm———-— 0.23 Cal  mmmma—- ~——— 0,22
Nop0 =mmm—m————— 1.32 LW o [ ——— 0.42
KZO ----------- 0.28 KQO ----------- C. 49
HoO4 ~m—=mmm———- 6.85 HoO# =memeeceee- 13.42
HAOm =mmecccmooee 7 . 63 H20- ----------- O. 63
T€0p —mmmmmmmmm- 0.12 TE0p —mmmemmmme- 1,47

Tota 100.48% Total 100.06%
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The total chemlcal analysis data were extracted from
Reference Clay Minerals, American Petroleum Institute Pro-
Ject 49, The symbols Hp0~ and H,0* represents water loss
below 105 degree centligrade and above 105 degrees respec-

tively. The formula proposed for this beritonite is.

(All.SBFG.ISMg.BB) (Al,ossi3,92)QlPIOH)Q(Na'17Q§lOB). This
formula was calculated after allocating approprfate amounts
of the oxldes to lmpuritles in the sample. It 1s evident
from the proposed formula that the exchange sites, satis-
fled by sodlum and calcium ions, arise from substitution

of magnesium for aluminum in the octahedral positions.

In the case of kaollnite most mineraloglsts agree
to the formula Al4Si4Olo(OH)8. All oxides other than silica,
alumina and water were attributed to impurities in the sam-
ple. Catlon exchange capacities in kaolinite 1s believed
to arise from broken bonds around the edges of the silica-
alumina units.

It must be reallzed that chemlcal analyses of clays
will vary even among samples taken from the same deposit.
Different leachlng rates and compositlon of percolating
water, minor varlations in the mlneralogy of the parent
rock, degree of weathering and additions of impurlties all
contribute to variations 1ln chemical data. Optical studies
on the Upton deposit show lmpurities in the form of quartz,
feldspars and traces of llmonite. Impurities expressed on
a weight basis ranged from slx to twelve percent in the

Upton deposlit. Slimilar studles on the Bath, South Carollna
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kaolinite deposit show impurities of serici;e, quartz,
feldspar and limonite. The percent impurity was deter-
mined to be in the neighborhood of six percent.

Catlion exchange capacitlies of the clays were deter-
mined conductometrically as outlined by Mortland (25).
-The cation exchange capaclty of the clays were 72.5 and
3.00 milliequivalents per 100 grams of oven dried (100°C)
clay respectively for bentonite and kaolinite. Briefly,
the method involves saturating a clay with barium lons
and titrating the clay in an alcohol-water system with
standard magnesium sulfate.

X-ray data were obtalned by depositing a thin
layer of the calcium saturated, glycerol-solvated clay on
a porous ceramic plate and rotating the sample with respect
to a beam of monochromatlc X-ray with a scanning gonlometer.
The instrument used was a Norelco X-Ray Diffractometer
(Philips Electronic, Inc), equipped with a Gelger-Miller
counter and a scaler-rate meter with an automatic strip-
chart recorder, utillzing a copper tube and nickel filters.
Identification of bentonite and kaolinlte by X-ray dif-
fraction methods is relatively simple for- pure clays. When
the clays are deposlted on the ceramlic plate, each partlcle
preferentially orlents with 1ts ab plane parallel to the
surface of the ceramlc plate. This conditlon 1s favored
because the clay particles themselves are platy in struc-
ture. Mineralogists have been qulck to put thls property

to good use; clays orlented thus glve d-spacings of the
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unlit cell thickness 1n the c¢- crystallographic direction.
Fortunately, the common clay minerals have d-spacings along
thls axls which are characteristic for each group. For
example, the 17.7 angstrom spacing of the glycerol solvated
bentonite (see figure 4) represents an alumina layer sand-
wiched between two silica layers plus two layers of glycerol
molecules; thls arrangement being repeated many times along
the ¢ axis., In the case of kadlinlte the 7.2 angstrom peak
corresponds to the unit cell thickness in the direction of
the c~-crystallographic axis (see figure 5). The 17.7 and
T.2 angstrom lines of bentonite and kaolinite are used as
identifylng features for these iwo minerals.

Thermal analyses were run on a hand-made differen-
tial thermal apparatus constructed by Dr. R. L. Stone of
the Universlty of Texas. The analyses were obtained by
using platinum-rhodium thermocouples wlth anhydrous alumi-
num oxlde as a reference material. A temperature range
from room temperature to 1000°C at a rate of 15° per minute
was utilized. The high water adsorptive capacity of bento-
nite 1s reflected in the first endothermic peak at 1500C
(see figure 7). This endothermic reaction corresponds to
the release of adsorbed water from the interlayer spacings
of the bentonlite clay. The magnltude of this peak varles
conslderably with the amount of adsorbed water on the clay.
The second endothermic peak beginning at about 600° is
analytically more useful and corresponds to the destruction

of the crystal lattice wlth release of hydroxyl water. The
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Fizure 4, X-ray diffractlon patterns for the less than
two micron fractlon of bentonite from Upton, Wyoming.



41

Potassium Soturated, Heated to 550° C

Potassium Saturated, Heated to 105° C

Calcium Saturated, Glycerol Solvoted

~n L

30 25 20 15 10 5

DEGREES 2 ©

FPigure 5. X=-ray dlffraction patterns for the less than
five aicron fraction of kaolinite from 3ath, North Carolina,.
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Ficure 6. X-ray diffraction patterns of vermiculite
(Zonolite).
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Figure 7. Differential thermal analysis curves of
bentonite snd ¥aolinite.
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thlrd endothermlc peak 1s caused by further thermal de-
structlon of the lattice and is followed by an exothermic
reaction probably resulting from recrystallization of the
thermal decomposition products.

Keollinite glves & characteristic endothermic re-
action which starts at about 500° and reaches & maximum
at 610°C. This reaction is assoclated with the thermal
decomposlition of the lattice and the resultant release of
water. Recrystallization of amorphous alumina is believed
to be the cause of the charp exothermlc peak occuring at
980-1000°¢.,

Both X-ray and thermal data indicate high purity
of the samples. WNo thermally ldentifiable lmpurity is
dlscernable in the differential thermal curves (see figure
1) and only a small trace of quartz is evident in the X-ray
curves.

Vermicullte, another common so0ll mlneral was pre-
pared for use 1n this stddy. The chemlcal composition
and structure of vermlicullte 1s probably related to the
mineral biotite, K(Mg,Fe)BSijAlolo(OH)e. In vermiculite
much of the potassium has been weathered out so that the
interlayer spaces are accesslble to water and exchange-
able ions. Zonolite, a vermiculite commerically used as
an insulator was selected. The mineral was stlirred in
water and allowed to settle. The lighter fraction which
remained afloat was removed and saved for thls study.

Figure 6 shows the X-ray patterns of the 1light and heavy
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fractions. The heavy fraction 1s mainly interstratified
mica and vermicullte with some discrete mica and vermicu-
lite. Mica is indicated in the X-ray patterns by the ten
angstrom line, Interstratified mica-vermiculite by the
broad peak at 12.6 angstrom and vermiculite by the 14.9
angstrom line. The light fraction was mainly vermlcullte
wlth some mica. Cation exchange capacity was determined
to be 63.1 milliequivalents per 100 grams of the clay.
‘ Before lon actlivlity measurements can be made in
clay-water systems 1t 1s necessary to saturate the clay
with the lon whose activity 1s to be measured. Soll scien-
tists have 1in the past saturated clays with the desired
ions by neutralizing the hydrogen saturated clay with the
appropriate hydroxides., This method should best be dis-
couraged. It 1ls well accepted today that hydrogen satur-
ated clays remain so only for a short time; aclild clays are
unstable and become aluminum saturated as a result of
lattice decomposition and release of aluminum ions 1lnto
the clay solution.

Bentonite is for the most part sodlum saturated in
its natural state and kaolinite 1s probably saturated wlith
aluminum and hydrogen ions. Both clays were electrodialyzed
to a pH of about 5.0 and dspersed lmmedlately with addition
of 0.1N sodium hydroxlide to a pH of about 8.0. This dis-
perged clay suspenslon was stirred and allowed to settle.
Using Stokes law for the determinatlon of the sedlmentatlon

rate, the less than two and flve micron fractions of bentonlte
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and kaollnlte respectively were siphoned off for use in
this study. The larger size fraction which included un-
dispersed clay aggregates, quartz and feldspar was dis-
carded. ©Selectlion of the flve micron silze for kaolinite
was based on the observation that kaolinite generally
occurs in the larger size clay fractlon in solls. The
sodium saturated clay was flocculated wlith a large excess
of calcium chloride and filtered. Several washings of
the clay with lncrements of calcilum chloride solution
assured complete saturation with ca;cium ions. The clay
was washed wlth conductance water until test with sllver
nitrate solutlon showed no trace of chloride loms in the
filtrate. Lastly, the clays were air dried and stored in

bottles for use at a later time.



CHAPTER VII
ACTIVITY MEASUREMENTS IN WATER
Measurement of Mean Activities

Before activity measurements were initlated in
clay-water systems it was thought advisable to test the
electrodes 1in water systems. Calclium chloride solutions
ranging in concentrations from 0.001 to 0.1 molar were
prepared by dilution of a standard molar solution of the
electrolyte. Standardization of the molar calcium chloride
solution was carried out gravimetrically by preclpitation
of the chlorlde lon as the sllver salt.

About 75 ml, of the dllute calclum chlorlde solu-~
tion were poured into the H-shaped container and the amalgam
and silver-silver chloride electrodes suspended into the
solution as illustrated in figure 1. A slow stream of
nltrogen gas was bubbled through the solutlon via the stop-
cock located at the bottom of each arm of the container.
This step was necessary to create unilform condltlons
throughout the clay water system. Bubbling nitrogen gas
had the added advantage of reducing the oxygen content of
the solution thereby increasing the longevity of the amal-
gam electrode, and also elimlnated the question of the
effect of oxygen on the propertles of the sllver-sillver

47
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chloride electrode. Dilssolution of carbon dioxide gas
was also kept at a minimum and thus the effect of the car-
bonate lon on the activity of calcium chloride was reduced.

All activity measurements were carried out at 25°%
0.59C by employing a constant temperature bath. The elect-
rodes were allowed to equilibrate for an hour at which time
the amalgam electrode was removed and inverted to allow a
fresh amalgam surface to make contact with the lead oxalate.
The amalgam electrode was then placed in its former position.
Approximately ten to fifteen minutes were required after the
last step for the cell to reach & constant emf reading.

Cell emf's were measured on a Sargent Recorder, an
automatic self-balanclng, variable range, potentiometer
having an accuracy of 0.1% or 20 micro volts whichever is
greater. There are certain difficulties encouniered when
the emf of a single cell is measured. For example, the
accuracy of the cell emf reading of a 0.002 molar calcium
chloride solution 1s 517% 1.0 mv. An accuracy of at
least a tenth of a millivolt is requlred for good results.
This cannot be attained in the higher ranges of this in-
strument. Thlis problem can be readlly remedied by using
cells of the type

Ag;AgCl/ca012(m1)/can/PbOX/Pb(Hg)-(Hg)Pb/
Pb0x/Ca0x/CaCls(ms)/AgCl; Hy
For such an arrangement the emf of the cell 1s

" - O - O -
(E-E%) = (El E2) ZRT 1n fl
oF i
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Since the quantity (EY - E3) is equal to zero, the poten-
tial measured from such a combination of cells 1s propor-
tlonal only to the ratlios of the activities of each cell.
It now becomes possible to read the potential of the cell
on a lower range of the potentiometer, thus making possi-
ble readings of greater accuracy. E¥ 1s the emf of the cell
contalnlng the reference solution; the activity coefficlent
for this solution 1s extracted from the literature (30),
thereby giving a basis of reference for the activity co-
efficient of all the other calcium chloride solutions. 1In
Columm 6 and 7 of Teble I are listed the measured activity
coefficients obtalned experimentally as compared to values
calculated from an equation derived by Shedlovsky and

MacInnes (30). The equation

- logf = i;e 11 v cc - 0.147C

where f and C are the mean activity coefficient and the
molar concentration respectively, has been shown to glve
accurate values of actlvity coefflcients from C = 0.002
to 0.10.

The experimentally determlned actlvlity coefficlent
flops) W2E calculated from the relation -logf/f#* = 11.27
(E - E*) + logc/c¥, where f#*, E* and C* represent the mean
activity coefflcient, the measured emf and the concentra-
tion respectively of the reference 0.002 molar solution.
The constant 11.27 is equal to the reciprocal of the ratio
3x2.303RT/2F at 25°C.
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Approximation of Individual Ion Activity

There 1s presently no known method for measuring in
a strlctly thermodynemic sense the activity of a single ion
species. It is possible to predict the activity coefficient
of an lon specles from the Debye-Huckel formula, but this
formule holds only for very dilute solutions. Kielland
(17) has tabulated individual activity coefficlents for
various inorganic and organlc ions. His calculatlions were
based on the utilization of the dlameter of the hydrated
ion as the effective lon diameter,

Although a strictly thermodynamic method for deter-
mining the activity of a gilven 1on specles is still non-
exlstent, 1t 1s sometimes convenlent to speak of the activ-
1ty of lons. A classical example 1s the use of the pH con-
cept. Even though pH 1ls often defined as "the logarithm
of the reciprocal of the hydrogen lon activity', there is
no way of knowing whether such a quantlity is actually belng
measured. The ambigulty arises in part from an uncertaln
liquid junction potential developling from the use of the
reference calomel electrode. Thils has not discouraged the
use of the pH concept among research workers; 1ln fact pH
has been widely used in the blologlcal and agricultural
sciences wlth great beneflt to both.

When an electrode reversible to calcium lons and
another reversible to chlorlde lons are lnserted into a
solution containing both lons, the emf of this cell mea-

aures the mean ionic activity of the two lons. Unfortunately,
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the mean actlvity tells nothing about the activity of the
individual ions.

If one wishes to estimate the activity of each ion
he can do so by making certain assumptions. MacInness (22)
was one of the earllest lnvestigators to propose generali-
zatlons concernlng the possible determination of individual
lon activitles. He is credited with suggesting the equality
of the activity coefflcient of both ions in a potassium
chloride solution. Harned (13) employing the assumptions
suggested by Maclnnes proceeded to determine individual lon
activity coefflcients potentiometrically using cells having
liguid Junctlons. He assumed the liqulid Junction potential
to be negligible. Lewis and Randall (19) described a
method for calculating individual lon activities based on
non-thermodynamic methods. Two assumptions are lnherent in
thelr method, first that the mean actlvity coefficlient of
the potassium chloride . salt 1s the same as the indlvidual
ion activlity coefflclents of the potassium and chloride
ions, and secondly that for solutlons of equal ionlc
strengths the activity coefficlent of the chlorlde lon 1is
the same whether the solution be a calclum chloride or
potassium chlorlde solution, or for that matter any solu-
tion containing chloride lons. Thls method lmplles that
if some value of activity coefficient 1s asglgned to an
ion in a solution of lonic strength I, one can then pro-

ceed to determine the activity coefflcient of any other

jon.
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For example, a 0.01 molar calcium chloride solution
has the same ilonic strength as a 0.03 moiar potassium
chloride solutlon. If the activity coefficient of the
chloride ion is assumed in the manner just described and
the mean activity coefficient of the 0.0l molar calcium
chlorlde 1s known, the activity coefficient of the calcium

ion can be calculated from the relationship

fca = (feacin)?
(£43)?

where fn, and fgo1 represent the individual activity coeffi-

(56)

cients of the calcium and chlorlde lons and f03012, the mean
activity coefficient of calcium chloride.

The calclum lon activity coefficient for several con-
centrations of calcium chlorlide solutions as calculated by
the method suggested by Lewls and Randall 1ls listed in
Column 8 of Table II.

The method Just described is quite satisfactory for
solutions of known ionic strength., In clay water-systems
containing mixtures of electrolytes the lonic strength 1s
not always known or can be measured only wlth great 4iffl-
culty. Some other method must be developed for approxi-
mating individual lon activitles 1n solution of unknown
jonlc strength., In the followlng paragraphs such a method
will be described.

If the emf of the cell

Ag; AgC1/KC1(m)/KC1 (sat)/HgCl; Hg
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1ls measured, the cell emf will be

E = E) - RT 1n 2C1 (57)

F

where E& represents the algebralc sum of the standard
electrode potential of the silver-silver chloride elect-
rode, the potential of the reference calomel electrode and
the liquid Junction potential. The assumption 1s made here
that Eé is a true constant and does not vary with the com-
position of the solutlon. This same electrode combination
can be employed to measure the chloride ion activity in a
calclum chloride solution. If a solutlon of calecium chlo-
rlde of concentration A gives an identical emf reading
with a potassium chloride solutlon of concentration B,
then the previously made assumption leads to a useful con-
clusion, namely, that both solutlons have the same chlorilde
ion activity. If now the mean activity of the potassium
chloride solution 1s known, we can obtain the chlorlide ion

actlvity from the assumptlion made earlier that
2
(%rc1)® = (%c1)% = (®x)? (58)

and finally the calcilum ion actlivlity can be calculated

from the relationship

)3

(cac1,)” = (%ca) x (301)% (59)

The activity coefficlent of the calcium lon fg,
can be determined if the concentratlon of the calclum lon

Cpra 18 known from the relation
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fCa = &g, (60)
Cca

Briefly this method involves measuring the emf of
the cell for various standard calcium and potassium chloride
solutions. Concentrations of both chloride solutions are
plotted agalnst cell emf on seml-log paper so that for a
glven emf a calcium chloride solution of say concentratlon
A, one can easily pick off the potassium chloride concentra-
tlon having the same chloride activity. As an example, a
0.00500 molar caleclum chloride solution gives the same emf
readling as a 0.00955 molar potassium chloride solution.
The activity coefficlent of potassium chloridé solution of
thls concentration is 0.9046 and the activity of the chloride
lon 1s 0.08639 = 0.0955x0.9046. The activity coefficient
of the chloride’ion in the calcium chloride solutlion 1is
0.8639 = 0.08639/2x0.00500. Since the mean activity of
calcium chloride is 0.7905, the activity coefficient of the

calcium lon fg, 1s calculated to be

f4p = 0.7905°/0.86392 = 0.6620

The activity coefficient of calcium lon as calcu-
lated by this method 1s given in Column T of Table II.
It is evident from the data in Table II that the activity
coefficient of the calcium lon as determined potentio-
metrically is slightly larger than the values obtalned by
the method deseribed by Lewls and Randall. The values

deviate considerably at the higher concentrations. Thils
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deviatlon may e the result of the fallaecy of assuming con-
stancy of the 1liquid junction potential. There are two
posslble sources of error in the method of Lewls and Ran-
dall: <first, the assumption of equal activity coefficients
for potassium and chloride ions may not hold for high con-
centrations of potassium chloride solutions and second,
the equality of single ion actlvity coefficlents in solu-
tlon of constant lonic strength falls at higher concentra-
tlon unless the effective dliameters of the various ions
are considered.

If the error lies in the potentiometrlic method,
it night be said in defense of the data that the error 1ls
by a constant factor in the lower concentrations, a fortult-
ous situation because this is the range utilized in most of
the experimental work with clay-water systems. Further-
more, although the true calcium lon activity is of real
interest to us, the ablllity to demonstrate relative dif-

ference between systems 1s of greater signlificance.
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TABLE II
INDIVIDUAL ION ACTIVITY COEFFICIENTS

I R
Conc. 1n moles/1 of CaCl, and KC1 Activity Activities
having equivalent activities of Coefflclents of chloride

chloride lons for KC1 lons in CaCl,
CaClo KC1 solutlion and ECl soln.
0.100 0.171 0.7346 0.1256
0.0800 0.138 0.T490 0.1034
0.0600 0.105 0.7680 0.08064
0.0400 0.0710 0.7950 0.05645
0.0200 0.0366 0.8375 0.03065
0.0100 0.0188 0.8T740 0.01643
0.00900 0.0171 0.8788 0.01503
0.00800 0.0153 0.8840 0.01353
0.00700 0.0134 0.8900 0.01193
0.00600 0.0115 0.8964 0.01031
0.00500 0.00955 0.9046 0.008639
0.00400 0.00771 0.9132 0.007041
0.00300 0.00580 0.9228 0.005352
0.00200 0.00390 0.9343 0.003644
0.00100 0.00195 0.9523 0.001856

—
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Activity Coeff. Mean Actlivity Ca 1lon activity
iogg gglgzéiz Coggfégéigts coefficients Lewls &
solutions solutlions Experimental Randall
0.6280 0.5269 0.377 0.307
0.6463 0.5444 . 386 . 323
0.6720 0.5688 407 346
0.7056 0.6050 . 445 . 385
0.7663 0.6695 .511 461
0.8175 0.7326 .589 545
0.8350 0.7413 584 557
0.8456 0.7519 .595 574
0.8521 0.7628 .611 .589
0.8592 0.7752 .631 .607
0.8639 0.7905 .662 .631
0.8801 0.8052 674 .653
0.8920 0.8265 710 .686
0.9110 0.8525 .T46 .729

0.9280 0.888 .813 » 790




CHAPTER VIII
THE ELECTROCHEMICAL POTENTIAL AND THE TOTAL ACTIVITY

In speaking of equilibrium conditlions in a system
contalnlng two or more phases the equality 6f the chemical
potential u, of the soluble constituents in all phases was
cited. However, when electrically charged particles are
consldered, the chemical potential must be replaced by
the electrochemical potential u, a term first suggested by
Guggenheim (10), which contains the addltional energy term
ze w , Where z is the valency of the lon, e is the elect-
ronlc charge, and QD'the electrical potential. The quantlty
ze QL’is the potential energy of a body wlith an electric
charge ze at a polnt where the electric potential 1is y& .

If the particle under investigation is an lon, the poteptlal
energy per mole becomes zF'yD, where F 1s a farady of
electricity. For charged particles 1ln edquilibrium between
two phases of differfgt elesiric potential

U, = U,

u, + 2F Y - uz+%FLpL

If a suspension of a hydrogen-clay 1s allowed to

(61)

equllibrate in a beaker for several days, two dlstinct
phases will develop. The clay particles will settle to
the bottom leaving a clear supernatant portlon near the

59
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surface; the boundary between phages may be sharp. Measure-
ment of pH will disclose a difference of 2 - 3 pH units
between phases, the pH being higher in the supernatant por-
tlon. 1In making these measurements two assumptions are
made, first that the system 18 in equilibrium and second,
that the l1iquid junction potential arising from the use of
the calomel reference electrode is negligilble. If the
assumptions are correct, then it can be said that the hydro-
gen ion activity and therefore the chemical potentlial of
the lon 1is greater in the sediment than in the supernatant
liquid. If the positlon of the calomel electrode is held
constant and that of the reversible glass electrode 1s
varied, no change in pH value 1s dlscernable. This is
equivalent to observing a zero emf between two reversible
electrodes placed in each of the two phases. The zero enmf
between the two reversible electrodes slgnlfies that the
electrochenical potential U, is the same in both phases
and that the system is in a state of equilibrium. In other
words a system in equilibrium can do no work and a zero
potential is to be expected. If lnstead of two reVersible
electrodes, calomel reference electrodes are used, a poten-
tial difference will be observed. If we examine equation
61, we see the reason for this phenomenon. Equation 61

can be re-written in the form

w,-u, = z’:(’¥2' ag)

0 - - ot RTbna,-u.- RTlaa, pr 4 a
T = oF — (62)
ZF zF a,
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Presumably the calomel electrodes measures the quantity
(¥ -¥), but the problem of the 1iquid junction potential
agaln lends ambigulty to the measured quantity.

Adalr and Adair (1), however, used this quantity
to calculate the charge on protein particles, and also the
relationship between (4?-99) and the pH of protein solu-
tions. Low (20) using a method similar to Adalrs' showed
relationship between (2@- y«") and the lonlc strength, clay
concentration and zeta potential in heterogenous clay-water
systems., He strongly suggests the greater significance of
the electrochemlcal potential U, and the total activity
over the chemical potential and the corresponding individual
ion activity. His argument l1s based on the premlse that
the total activity a, defined in terms of the electrochemi-
cal potential U by the relatlonship

U = u° + RTlna (63)

is the true measure of the escaping tendency of an ion.

The signlificance of the total activity in solls
has yet to be determined. Overstreet (21) postulated
that owing to the higher chemical potentlal of catlons
in soll sediments than in the equilibrium soil solution,
1t would be expected that cations would be more readily
absorbed from the sediment than from the corresponding
supernatant liquid. No experimental data were glven to
support this theory. Overstreet probably 1s 1n error in
this respect. Thermodynamlcs predict that a plant sending

roots into a soll sediment as well as the equlllibrium soll
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solutlon will absorb ions equally well at both points.
This 1is assuming, of course, that the electrical potential
of the root 1s the same at both points. Since the soll
and soll sdlution are in equilibrium thé escaping tendency
of the catlon into the root must be the same at all polnts
in the systen.

- The agronomist making activity measurements in solls
must be aware of the difference between the chemlcal poten-
tial and the electrochemlical potentlial if he is to inter-

pret his data correctly.



CHAPTER IX

CALCIUM CHLORIDE ACTIVITY MEASUREMENTS IN
CLAY-WATER SYSTEMS

Cell emf measurements were carried out in clay-
water systems in very much the same manner as was descrlbed
earller for the water systems. In the double cell arrange~
ment one cell contained a standard 0.002000 molar calcium
chlorlde solution while the other held the variable clay-
water system of unknown calcium chloride activity. A zero
emf reading for such an arrangement indlicated equal calcium
chloride actlivity in both cells. A concentration of 0.002000
molar was selected for the reference solution because this
was the lowest concentratlon glving a steady emf reading
over a long period of time.

After each measurement involving a clay-water system,
the cells were washed and tested 1n aqueous calclum chloride
solution. The cells were consldered operative when equal
concentration of calcium chloride 1in both cells gave a
zero enfi readling.

Two sets of activity measurements were carrled out;
the first involving measurement of calclum lon and calclum
chloride activities in clay-water systems to which free
chloride salts had been added. Thilis particular experlment

63
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was made to measure the relative replacing power by varlous
catlons for calclum adsorbed on clays.

The second series of activity measurements were
made to show the variation of lon and salt activity as a
functlon of the clay type and the clay composition of the
systems,

In the followling paragraphs the results of these

measurenents will be discussed in detail.
Ion Competition in Clays

Dlfferent cations have different affinities for ion
exchange sltes in clay minerals. For example, 1f an equlva-
lent concentration of cation A and the same concentration
of cation B is added to a clay, both lons will not be
equally adsorbed. This is analougous to the differential
adsorption of ions observed in synthetle ion exchangers.

This experiment was set up to study the relative
affinities of varlous cations for clays. ©Since an electrode
reversible to calcium lon was the only one avallable, it
was necessary to devise some method for utilizing the
change in calcium or calclium chloride activlity as a measure
of relative cation affinlitlies. Thls problem was solved in
the following menner: four grams of calcium saturated
bentonlite were placed in each of five 250 cc Erlenmyer
flasks. One hundredrml of solutlon contalning thirty elght
m.e. of 1lithium chloride equivalent to a symmetry concentra-~

tion of the four grams of clay, were poured into one of the
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flasks. In the same manner equilvalent concentrations of
sodlum, potassium, rubidium and magnesium chloride were
added to the remalning flasks. The flasks were stoppered
and allowed to sit for two weeks with intermittent shak-
ing.

The principle underlying this experiment 1s that
the added catlon wlll replace a portion of calcium from
the clay into the solution phase, thereby making possible
measurement of calcium chloride activity. The cation hav-
ing the greatest affinity for the clay necessarily replaces
the largest fractlon of the calcilum and thus glves the
highest activity value.

This experiment was repeated wlth kaolinite clay.
Fourty five grams of clay having an exchange capaclty of
3,30 m.e., per 100 grams of clay was used. The larger
sample slze was necessary to maintaln a sufficlent con-
centration of calcium lons in the solution phase in order
for the amalgam electrode to function as an electrode re-
versible to calcium lons. One hundred ml of solution
containing 14.85 milliequivalents of the cation were added
to each of five flasks holdling the clay.

In each of the above systems only one symmetry con-
centration of salt was added. These systems were also
studied for calcium chloride and calcium lon activities
1in whiech two and three symmetries of the salts were added.
This partlcular phase of this experlment was carried out
to determine the effect of increasing salt concentration

on the activity values.
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Figures 38 and 9 show the devendence of calecium ion
and calcium chloride activities on the kind and amount of
chloride salt added to the claysuspensions. The data show
that the relative affinities of the cation for the exchange
site follow the sequence Li< Na< K< MgZ Rb.

Calclum Chloride Activity Measurements in Clay

Suspensions Containing Mixtures of Clay

The variability in physico~-chemical properties among
the various soll clays heas’ immense practical significance
in the field. As an example, 100 grams of calcium satu=
rated bentonite have approximately 100 milliequivalents of
adsorbed calcium; on the other hand an equal weight of
calcliumr saturated kaolinite has only three to ten milli-
équivalents of thlis ion. It is not surprising then that
for equal weights of the clays a bentonite suspenslon would
have a higher calcium activity.

Will a mass of calcium saturated bentonite having
ten milliequivalents of calclum release calcium lons more
readily than a larger welght of kaollnite also having ten
milliequivalents of adsorbed calcium? Furthermore, if
five milliequivalents of calcium bentonite were mixed with
five milliequivalents of calclum kaollnite, would the cal-
cium released into the solution phase simply be an addi=
tive property of the two clays? The followlng experiment
was designed to answer these two questlons,

One gram of calclum bentonite having 0.950
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millliequivalent of adsorbed calcium was placed in 2 250
ml Erlenmyer flask and similarly 28,787 grams of calcium
kaolinlte having an equal amount of adsorbed calcium ions
were placed in another flask. Systems containing bentonite-
kaolinite mixtures were also prepared. In each case the
sum of the concentratlion of the adsorbed calcium ions
from both clays was 0,950 milliequivalents. Calcium satu-
rated clays were used 1n all cases. To each of these flasks
100 ml of solution containing 0.950 milliequivalents of
hydrochloric acid was added. Hydrochloric acld was added
for two reasons; (1) to add chlorlde ione into the system
and (2) to release part of the calcium ions into the solu-
tion phase by exchange with hydrogen lons so that the activ-
1ty of calcium chloride in the suspension could bhe measured.

The flasks were allowed to equllibrate for two weeks
with intermittent shaking. The data in figure 10 1llustrate
the variatlion of caelclum chloride, hydrochloric acid, hydro-
gen and calcium ion activities wlth change in the composl-
tion of the system. There was some doubt as to the valldity
of the data, owing to the low pH values of the suspenslons.
There 1s reason to belleve that at low pH aluminum from the
crystal lattice 1s released into the solutlon rendering the
activity values more a function of the alumlnum content than
that of the clay compositlon. 1In order to avoid this pro-
blem activity measurements were made in systems to which

neutrel potassium chloride was added instead of hydrochlorie
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acld (see figure 11). Similarly, calclum chloride activity

was measured 1n a serles of systems containing bentonlte-
vermiculite mixtures. Figure 13 summarlzes the data ob-

tained for measurements in the bentonite-vermiculite mlx-

tures.
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CHAPTER X
DISCUSSION

Validity of the data obtalned in this work depends
on several factors. All data depend on the truly reversi-
ble character of the amalgam and silver-silver chloride
electrodes. For the single ion activity measurements, not
only 1s the reversibllity of the amalgam and the silver-
gllver chloride electirode essential, but the 1liquid junc-
tlon potentlal arising from the use of the reference calomel
electrode must be negligible. Finally, the data must be of
systems in equilibrium if they are to have any significance.

It 18 evident from the comparison of mean activity
coefflclents in Table I that the amalgam and the sllver-~
sllver chloride electrodes are reversible to calclum and
chloride ions., The tertlary amalgam electrode has certain
limitations. The amalgam electrode cannot be used to measure
caleium activity for calecium ion concentrations much less
than 0.001 moles per llter, and any catlon other than calclum
forming insoluble oxalates interferes wlth the proper func-
tioning of the electrode.

There are certaln barrlers to demonstrating the
slgnificance of the single lon actlvity data. In the first
place liquid junction potentials canmnot be measured and

T4
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secondly, the assumption of the equality of the potasslum
and chloride activities in potassium chloride solutions
may not hold for concentrated solutions. An excellent
discussion on the problem of the liquld junction potential
arising from use of the calomel reference electrode in soil
suspensions can be found in a paper by Coleman, et.al. (4),
wlith a lengthy comment by Marshall a2t the end of the arti-
cle. Coleman and hls coworkers hold the view that the
llquid Junction potentlal may be as large as 300 milli-
volts 1ln clay suspensions while Marshall favors the ldea
that for calomel electrodes, maklng contact with the suspen-
silon through a saturated potassium chloride salt bridge, the
rotential 1s negliglble. The argument continues for obvious
reasons; there is no proven method for measuring liquild
Junction potentials, and much of the argument 1s based on
conjecture rather than experimental data. Unless & sound
experimental method 1s devised for measuring the liquid
Junction potential thls questlon wlll have to be left un-
answered.

To assure activity measurements in equilibrated
systems the clay suspenslons were allowed to sit on the
shelf for two weeks or more with intermittent shakling.
Direct evidence for equilibrium ln these systems was ob-
tained by lnserting a sllver-silver chloride electrode in
the sediment and another in the supernatant portion of a
clay suspension that had been allowed to settle, and ob-

serving a zero emf between the two electrodes.
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The experiment for measuring the relative affinities
of the various cations for exchange sites needs 1little ex-
planation. The wide differences in the replacing power of
the various catlons for calcium ions are obvious from the
data. There ls some uncertainty in all measurements carried
out In systems contalning magnesium ions. If the concentra-
tion of magnesium lons is too high, precipitation of mag-
neslum oxalate is possible so that the activity values re-
flect not only calcium bQt also magnesium ions. Joseph (16)
has shown that additlon of as high as 0.024 moles of mag-
nesium chloride per liter of solvent has no effect on the
activity values of calcium chloride with the exceptlon of
course of the effect due to the ionlc strength.

Davis (5), in a study very similar to the one pre-
sented here, added to a monoionlic bentonite suspension in-
crements of the corresponding chlorides and measured ion
pair activities. By plottlng the mean activity against
the molality of the added chloride, he was able to show
the relative affinitles of several metals for the exchange
sites on bentonite clays.

In one variety of bentonite the order was Rb)> Cs>
K;>Na;>Li, while for another bentonite, no definite trend
could be obgerved. In the present study the relatlive
affinities of cations for exchange slte, measured by their
abllity to replace calclum, was found to be Rb> Mg >K >Na> Ii,
This was true for both clays. This order 1s in accord wilth
general observatlons on the relative adsorbablllty of the

varlous ions.
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The activity values measured in the suspensions
containing l1ithium lons may be in error. It was stated
earlier that the amalgam electrode was incapable of measur-
ing calcium lon activity in solutions of concentrations
much less than 0.001 moles per liter. The activity values
for the 1lithlum systems indicate that the calcilum ion con-
centration may have been below the critical level. If the
values are ln error then they are values which are probably
too high, for values much higher than those observed would
indicate that calcium ion concentrations were sufficlently
high to allow proper functioning of the electrode..

Another point which may warrant examinatlon 1s the
relative difference of the replacing powers for calcium
of the varlious catlons between the two clays. The general
trend is simllar in both clays but potassium appears to
have a replacing power for calcium more like rubidium and
magnesium in bentonite than in the corresponding kaolinlte
suspensions.

Two features of the activity measurements in mixed
clay systems are significant. First, the actlivity of
calcium ions and calcium chloride are higher in pureksoli-
nite than in bentonite, while an opposite effect 1s noted
for hydrogen and hydrochlorlec acld. Secondly, calclum and
calceium chloride activities are not additlve functions of
the two clays in systems contalning mixtures of clays.

The first phenomenon has been observed in the green

house. Chu and Turk (3) showed that plants absorbed more
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calclum from kaolinlite than bentonite when equivalent con-
centratlons of the calclum clays were added to sand cul-
tures. Here 1s an example of the fallure of concentra-
tions to give a true plcture of nutrient avallability.
The acldlic properties of hydrogen bentonite and kaolinite
have been known for some time. Marshall (24) explains
this difference on the basis of the nature of exchange
sltes on each of the two clay types. Exchange sites on
kaollnlte arise from broken honds having weak acldic propert-
ies, whereas, montmorillonite (bentonite) particles possess
negative charges arlising from substitution in the lattice
which when balanced by hydrogen lons dissoclate to a greater
degree. The salts of bentonlte are less dissoclated than
keolinite because the cations penetrate far lnto the lattice.
This explanation falls when appllied to the bentonite~vermi-
culite mixtures. Both bentonite and vermiculite are structur-
2lly allke and both derive thelr charges from lattlce sub-
stitutions. The orlgin of the charges are different in
these clays. For bentonlte the charge originates from sub-
gtitutlion in the octahedral layer while vermiculite has most
of 1ts charge from substitution 1ln the tetrahedral layers,
The orlgin of charge site may be an explanatlon for the wide
difference in the measured ' actlvltles between these two
clays.

Comparison of filgures 9 and 11 indlcates that the
exaltatlion of the calclum and calclum chloride actlvitiles

18 not due to aluminum, It is unlikely that free aluminum
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lons can be in the KCl system since the pH was near seven.
The fact that the exaltation effect remains even in neu-
tral suspensions suggests an interaction of the clay min-
erals. The difference in the hydrogen and calcium ion
activities as shown in figure 13 has practlcal significance
to the agronomist. It is the general recommendation to
farmers in the Michligan area to maintain inorganic soils
at approximately 70% calecium, 15% hydrogen, 10-15% magnesium
and 1-2% potassium saturation, accompanled by trace amounts
of the mlnor elements., On the baslis of figure 11 it is
evlident that the ratio of the activitlies of the hydrogen
to the square root of calclum lons veries with the kingd of
clay present in the soil. This is apparently one reason
wvhy nutrlient recommendations vary from soil to soll.

Several possible explanations for the exaltatlon of
the activities were consldered. Error 1ln the calculation
of the catlon exchange capaclty, fallure to use completely
saturated clays, and negative adsorptlon of anlons were
considered as possible causes of this phenomenon. These
factors may change the slope or the intercept of the 1ldeal
curve, but will not account for the deviatlon from 1t. It
appear inescapable that there is an interactlon between the
two kinds of clays. The most plauslble explanation seems
to be the supposition that the total catlon exchange capa-
city of the mixture is reduced when bentonlite 1s mixXed with
kaollnite. Clays not only have catlon exchange propertles,

but also possess some anion exchange capacitles as well,
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wlth the latter property being greater in kaolinite than
bentonite. When these two clays are mixed, the cation
exchange sites of bentonite may be partlally satisfied by
the posltive exchange sites of kaolinite resulting in a
net decrease in the cation exchange capacity of the mix-
ture. Thls same argument may be applied to the bentonlte-
vermlculite systems.

Activity studles in heterogeneous soll systems are
hindered by the lack of suitable activity measuring devices.
It 1s hoped that in the future durable instruments similar
to the glass electrode wlll be developed so that activity
measurements can be made on a routine basis, It is felt
that the successful measure of avallable nutrients lles
with the application of the activity concept to soll systems.
The understanding of the chemical potential, and for hetero-
geneous systems, the electrochemical potentlial and the
corresponding total activity 1s essentlal for lntellligent
interpretation of chemical data pertaining to nutrlient up-

take.
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TABLE III
DEFENDENCE OF MEAN ACTIVITY OF CALCIUM CHLORIDE ON emf

N

emf 1n eon lonis mean activity  mean
mllliivolts conc, conc. coefflclent activity
- 0.,00100 0.00159 0.888% 0.00141
0.00 0.00200 0.00318 0.8523 0.00271
24,00 0.00400 0.00635 0.795 0.00505
38.00 0.00600 0.00952 0.762 0.00726
55.8 0.0100 0.0159 0.725 0.0115
80.1 0.0200 0.0318 0.618 0.0216
102.1 0.0400 0.0635 0.617 0.0392
115.55 0.0600 0.0952 0.569 0.0542
132.5 0.1000 0.159 0.531 0.0845

et R et
————— —

#Mean activity coefficlent on the molallty scale ex-
tracted from Prutton and Maron, "Fundamental Principles of
Physical Chemistry," The MacMillan Company, New York, Re-
vised edition, 1951, p. 478.
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TABIE IV

DEPENDENCE OF CALCIUM AND CALCIUM CHLORIDE ACTIVITIES
IN BENTONITE SUSPENSIONS ON THE ADDITION OF
SYMMETRY CONCENTRATIONS OF CHLORIDE SALTS

, :

E - E A+ CaCl, A+7CaCly FACe™ — ACL™ A2c1- A+
1 45,8  .00889 7026 68.5 .0283 ,008004 .00087T
Na. 52,2  ,0105 1158 68.5 20283 .0008009 .00145
x 66.5 .0152 3512 68.5 .0283 .0008009 .00439
Rb 79.8 .0215 9938 68.7 .0281 .0007896 .0126
Mg 79.6  .0214 9800 68.9 .0279 ,0007784 .0126
Ly 65.9  .0149 3308 51.8 .0550 .003025 .00109
Na 79.2  .0211 9394  51.8 .0550 .,003025 .00311
K 87.2  .0261 1778 51.8 .0550 .003025 ,00588
Rb 98.2  .0345 4106 51.8 .0550 .003025 .0136
Mg 97.9  .0342 4000 52,0 L0547 .002992 .0134
— — e e e ———
Iy 79.3  .0212 9528 42,2 .0810 ,006561 ,00145
Na. 92.0  .0295 2567 42,2 .0810 .006561 .00391
K 98.7 .0350 4288 42,3 .0806 .006496 .00660
Rb 108.9 .0454 9358 42 .4 .0803 .006448 ,0145
Mg 108.7  .0452 9235 42,5 .0800 .006400 .0144

v am— ——

— ——

o — —
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TABLE V

DEPENDENCE OF CALCIUM AND CALCIUM CHLORIDE AGTIVITIES IN
KAOLINITE SUSPENSIONS ON THE ADDITION OF SYMMETRY
CONCENTRATIONS OF CHLORIDE SALTS

e——

—— —
_—

E - E A% CaClp A¥7CaCl, E 201~ 201" 201~2  3ga++

In 15.9 .00410 6892 93.0 .0107 .0001145 .000602
Na 21.5 .00475 1072 93.0 . 0107 1145 .000936
K 34.2 ,00659 2862 93.0 .0107 1145 .00250
Rb 40,2 ,007T70 4565 93.2 .0106 1124 00406
Mg 38.7 .00739 4036 93.8 .0103 1061 .00380
— e
Iy 34.2 .00660 2875 76.8 .0204 ,0004162 ,000691
Na 42,2 ,00810 5314 76.9 . 0203 4121 ,00129
X 54,8 .0112 1405 76.9 .0203 4121 .00341
Rb 60.0 .0128 2097 76.9 .0203 4121 ,00509
Mg 59.0 .0125 1953 T7.1 . 0200 4000 .00488
45,4 ,00880 6815 67.% .0297 ,0008821 .000773
Na 58.0 .0122 1816 €7.3 . 0297 8821 .00206
K 66.1 .0151 2443 67.2 . 0298 8880 .00388
RDb 70.9 .0170 49173 67 .4 .0296 8762 .00561

Mg, 70.1 .0167 4657 67.8 .0292 8526 ,00546
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