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ABSTRACT

A new method, relating the electrode potential to the radius of the solvated ion on whose
activity the potential depends, has been developed for the determination of absolute electrode
potentials and the thermodynamics of single ions in solution. It is successfully applied to the
cells: Pt{H,(g, 1 atm)[HX, solvent |AgX|Ag, and M|MX, solvent]AgX|Ag, in aqueous, par-
tially aqueous, and non-aqueous solvents. The absolute electrode potentials have been
computed in aqueous and methanol+ water solvents. The single ion activities, activity
coefficients, the radii of solvated cations, and their solvation extent have been calculated. The
temperature variation of the standard absolute potential has been utilized to evaluate the
standard thermodynamic functions for the electrode reactions, and the standard transfer
thermodynamic quantities of single ions from water to methanolic solvents. The results are
interpreted in terms of ion-solvent interactions as well as the structural features and the
acid—base properties of these solvents.

INTRODUCTION

The absolute scale of single electrode potentials has long been sought by
both experimental and theoretical means. The selection of the hydrogen
electrode as the zero point for the measurement of electrode potentials in
different solvents and at all temperatures is purely conventional, and there
may be better choices [1,2]. The subject of absolute and relative electrode
potentials has been reviewed by Milazzo and Bombara [3]. In spite of the
work that has been made, the validity and accuracy of a basis for an absolute
scale of potential have not been established.

Also, it is well-known that the thermodynamic values of single ions cannot
be measured exactly [4]. All thermodynamic assumptions made for measure-
ments, and also for calculations, furnish controversial results [4]. Although a
lot of working groups all over the world have been investigating on this
theme for 40 years, no generally acknowledged assertion on the thermody-
namic quantities for single ions has been made so far [4]. Methods, assump-
tions and conceptions on this theme have recently been summarized in a
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survey article and discussed in detail by Schwabe and Queck [4]. The
assumptions do not only lead to bad conformity but also contradict experi-
mentally assured results. How divergently these results are, in fact, can be
recognized with the help of the much discussed free transference enthalpy
from water to methanol (from +19.3 to —12.3 kJ mol ') for the H* ion [4].
In the same manner of Izmailov [5] for the separation of solvation free
energy into values for the individual ionic solvation energies of individual
ions, Feakins and co-workers [6—12] made careful measurements of the
transfer free energies for the halogen acids in methanol +, dioxane + and
acetic acid + water solvents by EMF methods. They found that the transfer
free energies (AG?) for the halogen acids from water to a solvent medium of
fixed composition, vary in an approximately linear fashion with the recipro-
cal of the anionic radius (7,), although the slopes of the lines were quite
different from those predicted by the Born equation [6-12]. Accordingly,
they [6] fitted their data to
AG)=AG)(H*) +ar,! (1)
and, by the method of least-squares, arrived at transfer free energies for the
H™ ion. Similarly, a plot of the transfer free energy for LiCl, NaCl and KCl

as a function of the reciprocal of the cationic radius (r,) was used to obtain
the standard free energy of the chloride ion, according to
AG? = AGX(C1™) —br! (2)
When the individual transfer free energies for H* and Cl~ ions obtained in
this way are added together, the calculated and observed free energies of
transfer of hydrochloric acid from water to methanol + water solvents [10]
differ by 3350 J on average. The results indicate that cations are more stable
in methanol + water solvents than in pure water, whereas the opposite is true
for anions. Feakins and co-workers [10—12] explained the curvature of the
plots of AG? against r, !, observed for the transfer from water to the
dioxane + water solvents, in terms of the “non-electrolytic” contribution to
AG?, and their main conclusions [6] reached so far are summarized as
follows.

(1) The Born approach fails every quantitative or even semi-quantitative
test, and is useless as a guide to the thermodynamic properties of the ions.

(2) The free energy of transfer of all the anions studied is greater
numerically than that of any of the cations, despite the smaller radii of the
latter. . ’

DeLigny and Alfenaar [13] proposed a refinement of Feakins’ procedure
[6]. They regarded the free energy of transfer from one solvent to another to
be composed of a neutral part, AG’(neut), and an electrostatic part, AG?(el),
which approaches zero as the radius of the ion becomes very large, in
accordance with the predictions of the Born equation. In their treatment [13],
AG?(neut) was evaluated from solubility data for the noble gases and for
methane in water and methanol. After subtracting this neutral part from the
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observed transfer free energy, using the same data as Feakins et al. [6], the
residuals were extrapolated to 1/r, =0, on the assumption that the Born
slope will be valid when r, exceeds 1 nm. For each solvent, two lines, which
should meet in the limit of 1/r=0 at the value of AG’(H™"), were con-
structed. The first was a plot of AGX(H") + AG?(el)(X ™) against 1/7,, where
X~ is a halide ion. The second was a plot of AGX(H*)— AG (el)(M™)
against 1/r,, where M* is an alkali-metal ion.

The transfer free energy for the proton is easily converted to a medium
effect [2]. Bates [2] collected the results for the medium effect of the
hydrogen ion in methanol + water solvents, calculated by the previously
mentioned methods [5,10,13], for comparison. Although the agreement is
poor, the data of Feakins and co-workers [10] and deLigny and Alfenaar [13]
indicate that the proton has a lower free energy in methanol + water solvents
than in water, whereas Izmailov’s values [5] (differences in the solvation
energy of the proton in two different solvents are equivalent to the transfer
energy of the proton) lead to the opposite conclusion [2].

Thermodynamic functions gained by different extrathermodynamic as-
sumptions differ strongly, sometimes even in the sign. One cannot prove
which value is really correct. Thus, other independent methods for the
estimation of single ionic thermodynamic quantities of transfer must be
sought.

In the present investigation, attempts have been made not only to provide
a new method for the determination of absolute electrode potentials and
thermodynamics of single ions, but also to decide its applicability in both
aqueous and partially aqueous, as well as in non-aqueous media.

THEORY

Consider, for example, the cell
Pt[H,(g, 1 atm)|HX(m), solvent|AgX(s)|Ag (i)
consisting of a hydrogen electrode at the left (L), and a silver, silver halide
electrode at the right (R), both in contact with the same solution of halogen
acid. This type of cell has received much attention, and their EMF data are
well-known and available in aqueous, partially aqueous, and non-aqueous
solvents. Hydrogen gas is oxidized to hydrogen ions
sHy(g)=H" +e (3)
at the left-hand electrode of oxidation (Ox) potential °} E_

RT

OiEm=OEE£‘——F-1n ag+ (4)
and silver halide is reduced to silver

AgX(s)+e=Ag(s) + X~ | (5)
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at the right-hand electrode of reduction (Red) potential R4 E_

RT
ReG E,, =RREL — —F Inay- (6)
The oxidation potential (or reduction potential) corresponding to the reduc-
tion potential (or oxidation potential) in eqns. (4) and (6) can be obtained by
reversing the sign in each case.

The complete cell reaction for the passage of one faraday is
7H,(g) + AgX(s) = Ag(s) + H” + X~ (7)

The EMF (E_) of the complete cell is equal to the algebraic sum of the
oxidation potential of the left electrode (°f E,,) and the reduction potential
of the right electrode (RQE_).

RT

(O Ep +*4Ep) = (L ES +*4ES) ~ = In(ay-ax) (8)
or

2RT
E, = ES— 2= In(my.) (9)

and is thus seen to be dependent upon the activities of the hydrogen and
halide ions in the solution of halogen acid. The parameters of eqgns. (8) or (9)
have their usual significance [14], and ali the EMFs are on the molal scale. It
follows, therefore, that the EMF of the cell (E,, or E?) is equivalent to the
difference of two oxidation potentials or two reduction potentials.

E_, =°E,—°E, (10-]) orE =R{E_—R{E,_, (10-11)

E® =OrE® —O%E® (11-1)  or E =Re4 0 —Red £O (11-11)

Absolute electrode potentials

At any temperature, eqns. (4) or (6) show that the electrode potential is
dependent only on the activity of the ion. In a series of identical half-cell
reactions, for example

AgCl(s) + e = Ag(s) + C1™
AgBr(s) + e = Ag(s) + Br~
Agl(s) +e=Ag(s)+1~

it is seen practically that: (I) the oxidation potential varies directly with the
radius of the solvated ion (r); ‘or (II) the reduction potential varies inversely
with r [6-21]. Thus, these facts may be expressed as

OE =aqar (12-1) orR9E_=a,/r (12-11)

where a; and a, are proportionality constants. Therefore, there are generally
two possibilities (I and II) for the variation of the electrode potential with
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the radius of the solvated ion on whose activity the potential depends. Of
course, for each possibility, the oxidation potential of any electrode is equal
to the reduction potential of the same electrode, but with the sign reversed.
Substitution of 9*E_ and R<E_ values in eqns. (10) and (11) leads to
E. =ayr,—ar_ (13-1) orE =a,/r_—ay/r, (13-11)
El=alr,—alr_ (14-1) ot El=al/r_—aS/r, (14-11)
where r, and r_ are the radii of solvated hydrogen and halide ions,
respectively. The EMF of a cell and even its sign depend on the activities,
and thus on the radii, of the solvated ions of the reaction taking place in the
cell. It is seen, from eqns. (13) and (14), that the cell EMF (E,, or E?) is
positive when r,_>r_, negative when r_>r, and zero when r =r_
Therefore, the cell EMF (E_ or EJ) is proportional to the radius of the
solvated ion which is being varied in a series of electrolytes having a
common ion. Thus, at any temperature, the plot of E2 (for example) of cells
(i) where X = Cl, Br and I, against r_ (method I) or 1 /r_ (method II), would
yield a straight line of (I) negative slope (—a}) and positive intercept (alr, ),
or (II) positive slope (a9) and negative intercept (—a3/r,), according to
eqns (14-1) and (14-11I), respectively, in any solvent. The absolute hydrogen
electrode potential, and also the radius of the solvated proton, in the
standard state, can thus be obtained by both possibilities, methods I and 1I.
One would expect that different values based on different, oxidation or
reduction, potential scales will be obtained. Thus, the question arising is:
which method (I or II) applies to the EMF data? In the following, we arrive
at the answer, taking into consideration both possibilities.

In each solvent, the absolute potential of any electrode (; E?2) obtained at
different temperatures can be fitted by the method of least-squares to a
quadratic equation of the form

LES =a— b(T—~298.15) — c(T — 298.15)° (15)

where T is the thermodynamic temperature and a, b and ¢ are constants.

The values of the standard single electrode potential on the molar con-
centration (g EC) and mole fraction (g E) scales can be obtained with the
help of the following relations

01 E© Ot EO — k log d =%LES + k log (10°/M) (16)
OXES =% E? + k log d =°% EY, — k log (10° /M) (17)

where k = (RT In 10)/F, d is the density, and M is the mean molar mass of
the solvent.

Standard thermodynamic functions for the half-cell reactions

The standard free energy change AG® associated with the cell reaction is
AG®= —nFE? (18)
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Substitution of E? values, from eqns. (11-I) and (11-II), into eqn. (18) yields
AG®= —nF(%LE2 —°%EQ2) (19-1) or AG® = —nF(Re§EQ —Red E0)(19-11)

i.e.
AG® = AGY — AGS (20-1) or AG® = AG$, —~ AG? (20-11)

where AGY and AGY are the standard free energy changes of the half-cell
reactions occurring at the left and the right, respectively. Thus

AG‘{ = —nFOL"E,?, (21-I) or AG‘{ = —nF"‘?_iE,‘,’1 (21-11)
and
AG% = — nF?;i‘E,?1 (22-I) or AG% = — nF"“",%fE,?1 (22-11)

The standard absolute electrode potentials and their temperature coeffi-
cients are essentially related to the standard free energy, enthalpy and
entropy changes involved in the half-cell reaction. Hence, the standard
changes of free energy could be calculated from the relation

AGY= —nFyE'=a — T+ T> (23)

The standard thermodynamic functions of the half-cell can be obtained by
applying the usual thermodynamic relations [14] to eqn. (23), where all refer
to the molal scale

ASY=~d(AGY)/dT=b"—-2c'T (24)
AHY=AGS+ TAS=a’ — ¢'T? (25)

Equations (20) show that AG?, and similarly AH® and AS?, values are given
as the difference between those for half-cell reactions.

Standard transfer thermodynamic quantities of single ions

To understand more clearly the proton transfer equilibria as well as ionic
processes in general in any solvent, the evaluation of the energetics involved
should be of prime importance. For the transfer of 1 mole of HX from the
standard state in water (indicated by superscript w) to the standard states of
the respective solvents (superscript s)

HX (in water) = HX (in respective solvents) (26)
the standard Gibbs free energy of transfer (AG?) is given [14] by

AG? = F(YES —°EQ) (27)
Substitution of E2 values, from eqns. (11-I) and (11-II), into eqn. (27), yields
AG? = F[*(%t EQ —OxEQ) —* (%t ES - °xES)] ‘ (28-1)

0
m
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or

AG? = F[*(R4ES — R4 ES) —* (RRES "L ED)] | (28-11)
which, on rearrangement, gives

AGY = F[*(CLES) = (%L EQ)] - F[*(%kEn) —* (%R Eq)] (29-1)
or

AGY = F[*(RED) = (RREQ)]| - F[*(*LED) —* (R ES)] (29-11)
1.€.

AG? = AG?(+)m — AGP(—),, (30-1) or AG? = AG?(—),, — AG?(+ ), (30-11)

where AGY(+),, and AGY(—),, are the standard transfer thermodynamic
quantities, on the molal scale, of positive and negative ions, respectively, and
given by '

AG(+)m=F[*(LER) —*(%LEQ) = F["(alr.) —*(afr.)] (31-1)
or,

AGY(+)m=F[*(RLE) —*(*LEY)] = F[*(a}/r.) —*(a3/r.)]  (31-1D
and,

AGH(=)m=F[*(ORES) —* (°kEQ)] = F[*(apr_) —*(afr_)] (32-1)
or,

AG(=)m=F[*("REY) —* (“REY)) = F[*(aS/r_) —*(aS/r_)]  (32-1)

Equations (15), (31) and (32) show that the standard transfer Gibbs free
energy of a single ion, AG (i), can be expressed as a function of tempera-
ture by

F(YE? —3E2)=AG(i),=A4 — BT+ CT? (33)

The standard transfer thermodynamic quantities of single ions can then be
obtained by applying the usual thermodynamic relations [14] to eqn. (33),
where all refer to the molal scale.

AH (i), =4 - CT? (34)
AS°(i),, = B—2CT (35)

Equation (30) shows that AG?, and similarly AH? and AS”, values are given
by the differences between the values for the ion constituents, both based on
the same type of potential (oxidation or reduction).

Hydrogen ion activity and pa, scale

Various attempts [1,22] have been made to circumvent the difficulties by
defining pH in terms of quantities that have thermodynamic significance. An
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example of such a definition is the thermodynamic scale, ptH, defined as
ptH = —log(cy 0-f-) (36)

where ¢y o- is the molarity of the hydrated hydrogen ions and f, is the
mean molar activity coefficient [1]. However, relation (36) is limited in its
applicability, and gives reasonable results for single uni-univalent electro-
lytes only [1,22]. Therefore, it is more accurate to define pH in terms of
activity as

pa, = —log ay,- = —log(my-vy-) (37)

where m ;- and y,- are the molality and the (single ion) activity coefficient
of the solvated hydrogen ions, respectively. This thermodynamically correct
equation [22] can be applied since the hydrogen ion activity is now a
determinable quantity. The ion activities (and thus activity coefficients) are
obtained (at 25°C, for example), from eqns. (4) and (6), by

OYE_—C9LE2 = —0.05916 log a,;- = 0.05916 pay, (38)
ORE. —°RE2 =0.05916 log ay- (39)

For calculations using reduction potentials (method II), ®*E is substituted by
—RedE As a result, the definition of a pa,; scale (eqn. 37) that has an exact
thermodynamic meaning [22] can now be used from the practical standpoint.
The definition contains nothing that would restrict it to aqueous solutions
only. Thus, it can be used in aqueous, partially aqueous, and non-aqueous
solutions.

RESULTS AND DISCUSSION

Now, it is of considerable interest to examine the results of applying the
proposed relations to reported consistent EMF data of cell (i), where X = Cl,
Br and 1, in aqueous, partially aqueous, and non-aqueous solvents.

There is some evidence that the chloride ion is not strongly solvated by
water [23], and that the hydration number of the larger bromide or iodide
ion is negligible [24]. Recently, based on three sets of crystal ionic radii,
Marcus calculated [25] the aqueous ionic radii of C17, Br™ and. 1™ ions as
1.83, 1.94 and 2.22 X 107!° m, respectively. This set differs little from the
Pauling [26] set of crystal ionic radii of 1.81, 1.95 and 2.16 X 10710 m,
respectively. However, Marcus’ results [25] showed that the Pauling set [26]
of crystal ionic radii is superior for the purpose of the description of the sizes
of the nonsolvated aqueous ions [25]. Thus, in the present work, and for the
sake of comparison with previously reported results (all based on the Pauling
set [26] of radii), it is more convenient to use the Pauling set of halide radii
throughout the following applications.
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Standard absolute electrode potentials

Five different sets of standard EMF values [6,15-21] in aqueous medium,
at 25°C, have been used to test eqns. (14). Plots of E? values (Table 1) of
cells (i), where X = Cl, Br and I, against. r_ (method I) or 1 /r_ {(method II)
values gave practically perfect straight lines. The least-squares results are
summarized in Table 1. Although only three points are available, the
correlation coefficients (corr) obtained indicate that the variables are very
closely related in the wider range (1.81-2.16) of case I than in the narrower
range (0.463-0.552) of case II, where the extrapolation to 1/r_ = 0 involves
considerable uncertainty. The negative corr values (method I) show that the

TABLE 1

Standard molal absolute potentials and radius of a solvated proton in an aqueous medium at
25°C, obtained from five different sets of EMF data

Kunduet Robinson  Feakins Bates and co- Elsemongy
al. [16] and et al. [6] workers [18-21] et al. [15]
Stokes [17]
E2(V) values of
cell(i): X=Cl  0.2223 0.22234 0.2224 0.22234 0.22236
Br 0.0713 0.07131 0.0712 0.07106 0.07105
I -01523 —0.15225  —0.15225  —0.15244 —0.15235
Method |
Corr —0.999994 —0.999993 —0.999992 —0.999991 —0.999991
AES(mV): X=Cl -0.46 -047 —0.53 —-0.54 —0.56
Br +0.76 +0.79 +0.88 +0.90 +0.94
I -03 -0.31 ~0.35 ~-0.36 -0.38
107 %%V m™ 1.06985 1.06981 1.06992 1.07029 1.07006
107, (m) 2.017 2.017 2.017 2.017 2.017
OrEX(V) 2.15827 2.15822 2.15843 2.15902 2.15861
OREL(VYX =Cl 1.93643 1.93635 1.93656 1.93722 1.93682
Br 2.08621 2.08613 2.08635 2.08706 2.08662
I 2.31088 2.31079 2.31104 231182 231134
Method 11
Corr 0.998951 0.998956  0.998976  0.998980 0.998988
AE2(mV): X=Cl +5.54 +5.52 +5.47 +5.46 +5.44
Br -994 -9.92 -9.82 -9.81 -9.77
I +4.40 +4.39 +4.35 +4.35 +4.33
10"%2(V m) 4.19703 4.19689 4.19744 4.19887 4.19804
10™°r, (m) 2.007 2.007 2.007 2.007 2.007
Red £O (V) 2.09097 2.09086 209116 2.09202 2.09156
RAE2(V): X =l 2.31880 2.31872 2.31903 2.31982 2.31936
Br 2.15232 2.15225 2.15253 2.15327 2.15284
I 1.94307 1.94300 1.94326 1.94392 1.94354

10°(a? /aym?) 3.92301 3.92302 3.92313 3.92311 3.92318
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increase in E? is related to the decrease in the r_ value. The differences
(AE?) between the E2 values calculated by eqns. (11) and those obtained
experimentally reflect the extent of correlation. Examination of Table 1
reveals the following.

(1) In all cases, eqn. (14-1) fits better than eqn. (14-II), and the correla-
tions are perhaps surprising,.

(2) The radius (10~ '° m) of the solvated H* ion r! = (rI' + 0.010) = 2.017.

(3) As would be expected, the standard absolute oxidation potentials
calculated by eqn. (14-I), increase in the order: *ES(Ag, AgCl) <
*E0(Ag, AgBr) <*ES(H,, H*) <®*E°%(Ag, Agl), whereas the standard ab-
solute reduction potentials calculated by eqn. (14-1I) decrease in the same
order.

(4) The ratio a3/a? was found to be constant (3.923 + 0.001 at 25°C)
and, as will be seen later, is the same for all solvent compositions and for all
solvent systems. The values of a and a9 appear to be constant for all
electrodes, and dependent only on the medium and the temperature.

(5) The assumption that the solvation of Cl~, Br™ and I~ ions is
negligible [23-25] seems to be reasonable in an aqueous medium, and thus
will be more reasonable as the temperature of the medium increases, the acid
concentration increases, or the water content of a solvent decreases in
partially aqueous media, since the extent of solvation reaches a minimum in
non-aqueous media [2,6]. This will be clearly seen in the following sections.

Temperature effect on standard electrode potential

The E? values required to study the temperature effect are available from
recent studies [15] in aqueous medium over a wide range of temperatures
(0-55°C), and these are also consistent with several reported [17-21]
well-known, accurate E? values. The results of applying eqns. (14) to the
data at each temperature are given in Table 2.

At any temperature, the same general features, as seen in Table 1, are
again observed. As the temperature increases, the r, values, calculated by
both equations, decrease, reflecting the expected decrease in the extent of
solvation by raising the temperature [2,6]. The correlation coefficients calcu-
lated by method I increase as expected, whereas those calculated by method
II decrease (which is not recommended), with increasing temperature.

Both the oxidation and reduction electrode potentials calculated by eqns.
(14) decrease with increasing temperature. For the electrode reactions, either
the oxidation potential or reduction potential would decrease, with increas-
ing temperature. This shows that only one of these methods (I or II) can be
accepted for the calculation of a single electrode potential.

The potential values (V) of each electrode obtained in an aqueous medium
were fitted by the method of least-squares to eqn. (15). The values of the
parameters a, b and c¢ are recorded in Table 3, for each electrode. Values of



249

v8TT6°€ S67T6'€ 90£26°€ 81€T6°€ 0EET6'E 8VET6'E 09€T6°€ (u)(52/ §0) 01
SPT68'L 15606'L 099261 PSEPE'l 60096'L 0zLLE' 7E586°1 I
$7960°C SISI1IT 80PEL'T v8TSL'T LILLLT €£1061°C £1661°C 1q
6£857'C 9L8LTT S1667°C 9€61£T 116£€T £565€°C T269¢'C 1D =X (A5 T Yoy
9vTS0'T 86¥90°C ¥08LO'T 95160°C 61501'C 600Z1°C 8zLTLT (Ao by
266'1 L66'1 £00'C LOO'T . 110'C v10T 910'C (w) *4,,01
89L80'F SSYTLY WLy v0861'Y 6LEETY SLOLTY 0£88T'% (w A)§7,,01
LEY+ LEY+ SEv+ €EV + 6TV + STY+ ITy+ T X
98'6 — 98'6 18'6 — LL6— 89'6— 856 — 06— i
6'S+ 6v'S + 'S+ VS + 6£°S+ vES+ 675+ 1D =X (AW){TV
£16866°0 7£6866°0 1968660 8868660 7206660 6506660 2806660 1oy
11 poya W
9L0ST'T 101LTT 9T167°C PELLE'T £60€£€°C 8IISET 8L09E'T I
v61£0°T TT050°T 0§890°C 79980°C LEYOL'T 097T1T 9TIELT q
$0988'1 70€06'1 666161 789¢6°L vZese’t [20L6'L $T8L6'L 10 =X AT
$1980°C 160117 SISEL'T 198517 01181C 76€07T voviTT (W
00T 800°C €10T L10T 120°C vz0'T 920'T (w) *44,01
0o’ 6€150'1 LL090L 900L0'L v16L0°L 1$880°L $6T60'L (;-W A)g? 01
£20— 90— 20— 8€'0— Sro- 50~ L§'0— I
LSO+ 990+ 080+ v6'0+ i+ g+ e+ 19
vE0— 00— 80— 950 — LY0— L0~ 980~ 0 =X AW 7V
9666660 — $66666'0 — £66666°0 — 1666660 — L86666°0 — 866660 — 6L66660— e
1Poy12p
§§ 34 5¢ 4 St 3 0 =D, ) aumerduwa ],

D 056—0 & ‘winipaul snoanbe oY) ul UOI | H P3IBA|OS B JO SNIpRI1 3) U pue ‘[enusjod 9po11dod]s 2Injosqe [B[OW PIEpPURIS UO 10933 simeiddwa ],

¢dT1dvL



250

8791 0°9tC S'L8T 6C0v8°'1 peEve’l 1T0¥F 809°0 1,891 6PE'v61 I
£081 S 19T LLot 6S61v0'CT TLTSTT yTo+ £99°0 88981 6LTSIT iq
Ty6l L18¢ 8'¢TT 1191T°C €T61ET 9T 0+ Lo 1€1°0C 1E6°1€T 1D = X :2ponddpe X3y 3y
§eel €It 8'10¢ 89P61°C 95160°C STO+ 09TCT— LeL'el 8P 1°60T aponda[e usdoIpAy
11 poyia
8°T61 $°08¢ 0ece 144044 9E11ET STOo+ £6L°0 ¥8661 14 B 4 I
ovLl TesT £'10T LL68T'T $9980°C €0+ £0L°0 6£0781 LS9'80T 149
9191 0°SET 6°981 L66£0°T $89¢6°L 1IZ0+ 899°0 8PL'91 LLIE6l 1D = X :9ponxpe X3y ‘v
8'CCT LyLT £°80¢ 6£650°C 168S1°C TTO0F 9'c 060'€T 668°61C apoxoa[e uadoIpAH
1 poyiay
(,_towt (,_tow (;_low
M0 ) o G G
Sop _ 3 _ 3 _ Ngd >3 (A -
oSV oHV FAY A>v od (Ao A ,_0D) A ,_OD (A, 0D
DoST (Aw)y 2 9 4 Apo1d9lq

D ST 18 SUONIEAL [[90-3eY oY)

Jo suonduUNy SIWEUAPOWISY) [B]OW PIEPUEIS S} SE [[9am Se ‘sa[eas (7 T) uonoeyj sjow pue (7 3) uoneruaouos sejour ay} uo sjenusiod apondaps
2INJosqe pIEpuels 9yl PUE ‘), ¢S 0) ( WOI) WNIpsW snosnbe ue ur {7 I jo woneneas ayy 10§ (1) ‘ubs jJo 2 pue g ‘v s1wered oy Jo senep

£ 1dVL



251

gE2 calculated by eqn. (15) and the experimental values (Table 2) agree
within +£0.2 mV at 0-55°C, and the maximum difference between these
values (A(mV)) is given in Table 3, for each electrode.

The standard electrode potentials on the molar concentration (. E?) and
on the mole fraction (Ey) scales, in the aqueous medium, were computed
at 25°C with the help of egns. (16) and (17), and are included in Table 3.

The standard free energy, AGY, enthalpy, AH?, and entropy, AS? changes
associated with the half-cell reactions were calculated on the molal scale
using eqns. (21)—(25). The results at 25°C are also included in Table 3. The
values of AG} are accurate to +45 J mol~'. Although the values obtained by
method I are based on the oxidation potential scale, whereas those by
method II are on the different reduction scale, the thermodynamic functions
for the half-cell reactions are all negative. However, since the oxidation
reactions of the half-cells are known to be exothermic [2,6], the A H? values
must be negative, and the oxidation potentials of the single electrodes should
decrease with increasing temperature. This is in agreement with the results
obtained from method I calculations.

Concentration effect on electrode potential

The EMF data of Robinson and Stokes [17] of cells (i), in aqueous media
of different molalities in the wide range from 0.001 to 2.5 mol kg~ !, which
are consistent and in good agreement with the recent EMF data [15] and
those of Bates and co-workers [18-21] in aqueous solution of acid molality
0.001-0.1 mol kg~ !, have been used to study the concentration effect on the
electrode potential. The E,_, values of cells (i) containing solutions of HX
having the same molality (m), were plotted against »_ or 1/r_. Practically
perfect straight lines were obtained for each molality, in accordance with
eqns. (13), and the least-squares results are recorded in Tables 4 and 5,
respectively. However, it should be pointed out that eqns. (13) must be tested
for solutions of the same molalities (not activities), because if the same
activities were used, E_, = E2 — const, where the constant would be the same
for X = Cl, Br and 1. Thus, the relationship between E_ and r_ or 1/r_ will
be the same as that between EJ and r_ or 1/r_; the same corr and slope,
which means the same R E,_ (a,r_ or a,/r_) values in solutions of different
activities. This is, of course, impossible.

Now, using the electrode potentials and their standard values, the ion
activities, activity coefficients and pa,; values have been calculated by eqns.
(38) and (39), for each molality, assuming complete dissociation of halogen
acid HX. The results are also included in Tables 4 and 5.

For all molalities, eqn. (13-I) fits better than eqn. (13-1I) as indicated by
the corr and AE values. The radius of the solvated proton, calculated by
both methods, decreases with increasing acid concentration. This shows that
as the H* ion concentration increases, the extent of solvation decreases. For
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any solution of m > 0.5, the r! value is slightly greater than the r!! value.

If we consider the left half-cell reaction, eqn. (3). one would expect a
decrease in the oxidation potential (or an increase in the reduction potential)
with increasing H™ ion concentration. according to eqn. (4). This is actually
obtained in Tables 4 and 5. On the other hand. for the right half-cell
reaction. eqn. (5). the oxidation potential must increase (which is seen in
Table 4). whereas the reduction potential must decrease (against that ob-
tained in Table 5). with increasing X~ ion concentration, according to eqn.
(6). Again, this may give additional strong evidence against the applicability
of method II for such calculations.

As would be expected. the a,;- and a, values should increase with
increasing acid concentration. Results of calculations made by method I
(Table 4) support this fact. The values of 4. increase slowly. whereas the
values of ay increase first slowly up to 0.1 m and then rapidly, with
increasing acid concentration. The activity coefficients show different trends.
The vy, values increase to a maximum at around 1 » and thereafter decrease,
whereas the y_ values decrease to minima at around 0.7, 0.5 and 0.5 m for
Cl7. Br™ and I~ ions. respectively, and thereafter increase. with increasing
acid concentration. On the other hand. results of calculations made by

TABLE 4

Absolute electrode potential. radius of solvated proton. ion activity and activity coefficients,
from 0.001 to 2.5 mol kg~ '. at 25°C, using the data reported by Robinson and Stokes [17]

m = 0.001 0.005 0.01 0.05

Corr ~-0.999993 —0.999993 —0.999993 —0.999992
AE, (mVy: X=Cl -047 -0.47 -0.47 —-0.52

Br  +0.78 +0.79 +0.78 +0.87

I -0.31 -0.32 -0.31 —0.35
ro (107" m) 2.351 2.275 2.243 2.169
NE (V) 2.51512 2.43481 2.40087 2.32635
ONE (V) X =Cl 1.93651 1.93692 1.93724 1.94102

Br 2.08629 2.08673 2.08708 2.09116

I 2.31097 2.31146 2.31184 2.31636
ay- 9.272x107’7 2.112x10°° 7.914x107° 1.439x10°°
v, 9.272x10°* 4224x10°° 7.914x10°° 2.878x1072
ay X =Cl 1.006 1.022 1.035 1.199

Br 1.006 1.024 1.038 1.216

I 1.007 1.026 1.042 1.242
Y X =Cl 1006 204.5 103.5 23.99

Br 1006 204.7 103.8 24.33

I 1007 205.3 104.2 24.84
pay, 6.033 4.675 4.102 2.842
v, (HC) this work 0.966 0.929 0.905 0.831

ref. 17 0.966 0.929 0.905 0.830
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method II show that the ay+ and y, values increase to unusually large
values, whereas the a,- and y_ values decrease with increasing acid con-
centration (Table 5). Thus, this may lend further support to the inapplica-
bility of method II.

The ay+ values calculated by both methods I and II, are nearly the same
in the dilute solutions up to 0.02 m. This is reflected by the pa, values,
which are accurate to +0.008 pay units. The pay values calculated by
method I are all positive and decrease, whereas those calculated by method
II decrease to negative values, with increasing acid concentration.

It should be mentioned that the standard state for any concentration scale
is chosen so that the mean ionic activity coefficient on that scale approaches
unity when the concentration is reduced to zero. Thus, at infinite dilution,
Y. =1, and thus, by definition, vy, =1/y_ory_=1/y,, ie, y,=0 and
y_=o00, and/or, a, =0 and a_= 1. This can be concluded from Tables 4
and 5. However, recent results [27], implying an extrathermodynamic as-
sumption, show that y, differs from y_ and both deviate from the values
calculated on the basis of the hydration theory or the Debye—Hiuckel
equation [27].

The y, values of HCI, for example, obtained by combining the values of
v, with those of Y—(Yi =y,Y_) could then be compared with the reported

pay and vy (HCI) values, calculated by method I, in aqueous solutions of different molalities

0.1 0.5 1.0 1.6 2.5
—0.999993 —0.999993 -0.999991 —0.999982 —0.999943
—-0.48 —0.48 —0.55 —0.81 —1.45
+0.80 +0.80 +0.92 +1.35 +2.42
-0.32 -0.32 -0.37 -0.54 —0.97
2.138 2.061 2.022 1.993 1.959
2.29548 2.23543 2.21517 2.20385 2.19658
1.94358 1.96365 1.98249 2.00196 2.02982
2.09391 2.11553 2.13584 2.15681 2.18682
2.31941 2.34336 2.36585 2.38908 2.42233
4.784x1073 4.953x1072 1.090%x 107! 1.693%10~" 2247 %10}
4.784% 1072 9.906 102 1.090x 107! 1.058 x107! 8.988x 1072
1.325 2.894 6.025 12.85 38.02
1.354 3.140 6.923 15.66 50.35
1.399 3.553 8.525 21.06 76.81
13.25 5.788 6.025 8.034 15.21
13.54 6.280 6.923 9.786 20.14
13.99 7.105 8.525 . 13.160 30.72
2.320 1.305 0.963 0.771 0.648
0.796 0.757 0.810 0.922 1.169

0.796 0.757 0.809 0.916 1.147
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values [17] to check the reliability of the calculations. Full agreement
between the values is seen (Tables 4 and 5), up to 1 m. In more concentrated
solutions, the deviations show that the EMF data are not completely reliable.
This may be due to the incomplete dissociation of HX, or the functioning of
the electrodes in such media.

Solvent effect on electrode potential

The EMF data [14] of cells (i), in partially aqueous and non-aqueous
methanol (MeOH) solvents have been used not only to test the validity and
applicability of the method proposed to determine the single electrode
potential and the thermodynamic properties of single ions, but also to study
the solvent effects on these properties. Application of eqns. (13) and (14) to
the EMF data [14] in the standard state and in 0.01 m HX solutions, for
example, gives rise to the least-squares results shown in Tables 6 and 7,
respectively.

In the standard state, the same general features, seen before, are again
observed for each methanolic solvent. The ratio (a2/a’) is again constant
and independent of the solvent composition. Its value is 3.923 + 0.001 at
25°C.

Table 6 shows that, as the MeOH content of the solvent increases, the
oxidation potentials of both left and right electrodes decrease, the solvation
extent of H" ions also decreases, and thus the transfer free energies of single
ions increase. However, Table 7 shows that although the extent of solvation
of H* ions decreases in one direction, a minimum and the corresponding
maximum have been observed at around 70% MeOH for R*{ E2 and AG?(+)
values, respectively. For transfer free energies of ions, see Table 8.

In 0.01 m HX solution, almost the same corr and AE_, values found in the
standard state, have been obtained, and especially in solvents of low MeOH
content. This may be so because the vy, values for HCI, HBr and HI in this
dilute solution of methanolic solvents are very close to each other. However,
method I calculations (Table 6) show that the values of %L E_, ° E,, and a;+
decrease, whereas the r_, ay- and thus y_ values increase to maxima at
around 60% MeOH and thereafter decrease, with increasing MeOH content
in the solvent. The pay values increase from 4.104 in the aqueous, to 4.370
in the non-aqueous solvents. On the other hand, method 11 results show that
while the values of R} E_ decrease, the R{E_, ay- and thus y_ and pay
values decrease to minima at around 70, 60 and 50% MeOH, respectively,
and thereafter increase, whereas the r, and a4+ values increase to maxima at
around 60 and 50% MeOH, respectively, and thereafter decrease, with
increasing MeOH concentration in the solvent. Thus, although a maximum
extent of solvation of the H* ion has been observed at around 60% MeOH
in both cases (I and II), different trends have been noticed for the left
electrode potential, a,;+, ax- and pay; values in MeOH + water solvents.
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Standard transfer thermodynamic quantities of single ions

Ion—solvent interactions are important in accounting for acid—base equi-
libria in partially aqueous and non-aqueous solvents [1,6]. The variation of
single electrode potential with temperature provides a useful insight into the
phenomena of ion-solvent interactions. The standard transfer thermody-
namic quantities of single ions from water to MeOH + water solvents were
calculated using eqns. (33)—(35), and the results at 25°C are given in Table
8. The AGY(i) values are accurate to within +90 J mol .

TABLE 8

Standard thermodynamic quantities (molal scale) for the transfer of individual ions from
water to methanolic solvents at 25°C, calculated from the previous data [14]

MeOH (wt%) =10 30 50 70 90 100
Method I
AGP(i)(kJ mol ")
i=H* 3.824 10.578 17.385 28.390 36.553 55.949
Cl- 3.180 8.764 14.359 23.166 26.000 33.506
Br- 3.425 9.442 15.468 24.957 28.010 36.098
I~ 3.795 10.459 17.135 27.645 31.028 39.985
AHP (i) kI mol™1)
i=H" 21.616 50.381 60.412 74.938 63.062 28.907
oly 20.486 52234 65.522 86.787 79.998 13.142
Br~ 22.063 55.434 74.800  93.500 86.154 23.158
I~ 24.427 60.237 ~ 82.639  103.595 95.431 34.350
AS’(HI K 'mol™Y)
i=H* 59.7 133.5 144.3 156.1 88.9 -90.7
Cl- 58.0 145.8 171.6 213.4 181.1 —68.3
Br~ 62.5 154.3 199.0 229.9 195.0 —43.4
- 69.2 167.0 219.7 254.7 216.0 —18.9
Method I1
AGP(i)kJ mol 1)
i=H?* 3.171 8.689 14154  22.401 20.457 17.559
Ccl- 3.828 10.534 17.228 27.693 31.086 40.106
Br~ 3.553 9.777 15.990 25.704 28.855 37.226
I- 3.207 8.826 14.436 23.206 26.049 33,607
AH?()KI mol™")
i=H" 23.869 52.328 91.626 118.928 113.762 73.432
Cl- 25.121 50.655 86.645  107.679 97.207 89.350
Br~ 23.324 47.070 76.941 99.917 90.235 78.846
I~ 21.068 42.463 69.355 90.201 81.468 68.133
ASP(HIJT K™ 'mol™!)
i=H"* 69.4 146.4 259.8 323.8 312.9 187.4
Cl- 71.4 134.6 232.8 268.3 221.8 165.3
Br- 66.3 125.1 204.4 248.9 205.9 139.6

I~ 59.9 112.8 184.2 224.7 185.9 115.8
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Table 8 shows that the transfer free energies are all positive. For the
transfer of the H™ ions from water to methanolic solvents, the values
obtained by method 1 increase, whereas those obtained by method II
increase to a. maximum at around 70% MeOH and thereafter decrease, with
increasing MeOH content in the solvent. The free energies of transfer of
halide ions calculated by both methods increase in the same direction. The
positive values of AG?(i) support the view that the transfer of ions from
water to methanolic solvents is not favoured, i.e., water is more basic than
the methanolic solvents. The increase in AG?(H*) with increasing MeOH
content in the solvent suggests that the proton is strongly stabilized by
solvation with water molecules. This is also supported by the r,_ values
obtained (Tables 6 and 7) and lends further support to the view that the
hydrogen ion interacts strongly with water molecules in preference to
methanol molecules in methanolic solvents.

The structural features of the ion-solvent interactions in MeOH + water
solvents are reflected by AH?2(i) and AS(i) values. Although the transfer
thermodynamic quantities calculated by method I are based on the oxidation
potential scale, whereas those calculated by method II on the reduction
potential scale, the transfer entropies and enthalpies from water to methanolic
solvents show the same trend, with increasing methanol concentration in the
solvent. Their values increase to maxima at around 70% MeOH and there-
after decrease with increasing MeOH content in the solvent. The transfer
entropies obtained by method I in non-aqueous methanol are negative.

The positive entropy and enthalpy of transfer of ions from water to
MeOH + water solvents can be attributed to a greater structure breaking by
the ion in these solvents than in water. The methanolic solvent is therefore a
more structured (with a maximum at 70% MeOH) solvent than water. The
negative AS?(i) values for the non-aqueous MeOH solvent assume that ions
are more effective at breaking the structure in water than in this solvent.
This is further supported with the view [6,24] that the structure-forming
processes, including solvation of ions, are exothermic and accompanied by
an entropy decrease and the structure-breaking processes are endothermic,
leading to an entropy increase.

Thermodynamics of single ions in solution and Feakins’ procedure

If Feakins’ [6] eqns. (1) and (2) are added together, one obtains
AG® = ar ' — br " + const ' (40)

Comparing with eqn. (30-II), the constant (solvent dependent) appearing in
eqn. (40) is the difference [10] between the observed free energy of HX and
that calculated from the individual transfer free energies for ions (3350 J on
average [10]). It is partly due to the term 2R7 In(d, /d;) as a difference
between AG? values on the molar [10] and molal scales, on one hand, and
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partly to the misuse of radii of nonsolvated cations which, as will be seen in
Tables 9 and 10, are strongly solvated, on the other hand.

Feakins and co-workers [6-12] reported that AG? values should be addi-
tive in, i.e., the sum of, the values for the ion constituents which are positive
for anions and negative for cations. This means that while the first is based
on the reduction potential scale, the second is based on the oxidation scale
(see eqgns. 29-1I and 30-II), i.e., on two different scales, which is impractical.
This is equivalent to the difference between single ion values both based on
the same type of potential scale (eqn. 30-II). Therefore, their [6-12] AG(i)
values are actually positive for both anions and cations, and not as reported
[6-12], based on the reduction potential scale. This may explain why positive
and negative values were obtained by different investigators [4] for the same
thermodynamic property of a single ion. In all cases, the difference between
AG) values for two electrolytes having a common ion would be the same.

The assumption that the ionic radii of nonsolvated aqueous Cl~, Br™ and
1~ ions remain the same in MeOH + water solvents is seen to be reasonable
(Tables 6 and 7). However, this assumption cannot be made for cationic
radii because the cations are strongly solvated (Tables 9 and 10). Thus, eqns.
(28)—(30) may be reduced to

AG? = AG2(+) — AGY (=) = F[*(alr,) —*(afr,)] = F[*(a}) —*(af)] r_
(41-1)
or .
AG! = AG (=) — AG(+) = F[*(a3) —*(a3)] /r_
—F[*(a3/r,) —*(a3/r.)] (41-11)

These equations show that the transfer free energies for the halogen acids

from water to any solvent vary linearly with »_ or 1/r_, respectively.
Equation (41-IT) may be compared with Feakins’ [6] eqns. (1) and (2).

Equation (1) is a simple form of eqn. (41-1I), and must be rewritten as

AGY=ar]' - AG)(H") (42)

a

on the molal scale, whereas eqn. (2) cannot be applied to cations using the
Pauling set [26] of nonsolvated ionic radii since both ¥~ and °r_ (i.e., two
variables) vary from one cation to another, and *r, values vary strongly with
solvent composition (Tables 9 and 10). This may be responsible for the
deviation from linearity, observed in such cases [12]. Thus, plots of AG?
against r; !, reported by Feakins and co-workers [6-12] cannot be accepted.

Standard absolute potential of M|M* electrodes and AG2(M ™) values in
methanol + water solvents

The studies have been extended to the cell
M|MX, solvent|AgX|Ag (i)
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where M = Li, Na, K, Rb and Cs, and X = Cl, Br and 1. The standard EMFs
of cell (ii) were reported in aqueous [16] as well as in MeOH + water [12]
solvents. Thus, the results of calculations by methods I and II are recorded
in Tables 9 and 10, respectively.

Table 9 shows that both ¢ E2 and 9% E2 values decrease with increasing
MeOH content in the solvent. This is reflected by the increasing values of
AG®(+) and AG®(—) in the same direction. The solvation extent (S,) has
been calculated as the difference between the r, values obtained and the
Pauling [26] ionic radii (rp) of nonsolvated ions in the aqueous medium [25].

S.=r,—rp (43)

The variation of r, (and thus, S,) with solvent composition shows a slight
maximum at around 90% MeOH. A very interesting feature seen in Table 9
is that the extent of solvation, in any solvent, increases in the expected
well-known order: Cs* < Rb* <K* <Na* < Li", and that the Li* ion is
always highly solvated.

Method II treatment of the data shows that the plots of E?, against 1/r_
gave practically perfect straight lines with positive slopes and positive
intercepts, which means that the R{ EJ values are negative. The reduction
potential, of course, may be positive or negative. Thus, eqn. (14-1I) may be
written as

ES=(aS/r_)—(—a3/r,) (44)

where the reduction potential of the left electrode is (—a3/r, ), and so, eqn.
(14-II) may be written in the more general form

ES=(xad/r_)—(xad/r,) (45)

It is evident from Table 10 that the reduction potentials of the right
electrode decrease, whereas those of the left electrode decrease negatively to
minima at around 90% MeOH and thereafter increase, with increasing
MeOH content in the solvent. This is reflected in the values of AG?(—) and
AG?(+). For any M* ion, the variation of the radius of solvated cation, and
thus the extent of solvation, with solvent composition shows a slight mini-
mum at around 90% MeOH. In any solvent, the expected order of increasing
solvation is inverted for Li* and Na™ ions. It is well-known that this is not
the case [2,6]. Thus, this interesting feature, again sheds more light on the
inapplicability of method II for such calculations and gives further evidence
that all thermodynamic calculations based on 1/r relationships may be
inadequate, and need a major revision. There is now every reason that
method II cannot be accepted for the calculation of thermodynamic proper-
ties of single ions.
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CONCLUSION

It is now evident that the standard hydrogen electrode potential is not
zero either at all temperatures or in all solvents. Keeping in mind all features
covered in the text, the author feels that method I must be preferable to
method II and has to apply to EMF data for the determination of absolute
electrode potentials and the thermodynamics of single ions in aqueous,
partially aqueous, and non-aqueous media. However, if method I, or if both
methods I and II, cannot be acceptable for this aim, it should be pointed out
that all thermodynamic quantities of individual ions calculated by Izmailov
[5], Feakins and co-workers [6-12] and deLigny and Alfenaar [13] as well as
all workers in the field following the same procedure, cannot be considered
as acceptable values.

The purpose of this paper has been to present the above theoretical
derivation, demonstrate the agreement of its predictions with experimental
data, and to illustrate how it can provide useful insights into the thermody-
namics of single ions. Thus, the author has considered the EMF data for the
halogen acids and alkali-metal halides, and restricted the discussion to the
aqueous and methanol + water systems. Results for other systems, including
both protic and aprotic partially aqueous and non-aqueous solvents, are in
general agreement with those obtained in this work, show the same general
trends, and reflect the same interesting features. Discussion of these solvent
systems will be deferred to later papers.
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