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Acid-base titrations in anhydrous acetic acid are no longer an empirical subject: it is now possible to calculate quantita
tively the characteristics of such titrations carried out either potentiometrically or with indicators. The equations governing 
the shape of potentiometric titration lines of bases in anhydrous acetic acid have been derived and experimentally verified. 
These relationships have been used to explain the apparent paradoxes described in the classical studies of Conant, Hall and 
Werner, to predict the shape of the titration line of urea with perchloric acid, the e.m.f. or pure salt solutions, and the change 
in e.m.f. in the vicinity of the equivalence point in the titration of sodium acetate with perchloric acid. The relationships 
determining the ratio of the acid to basic color of an indicator base over the titration range in acetic acid have also been 
established and used to predict the color of ^-naphtholbenzein (PNB) in diethylaniline perchlorate and sodium perchlorate 
solutions. The change in color of PNB on the addition of sodium acetate to a sodium perchlorate solution was found to be in 
agreement with the calculated values. 

Introduction 
After the pioneer work of Conant and co-workers1 

on neutralization curves of supposedly strong and 
weak bases in glacial acetic acid a host of papers 
has been published on the titration of a large variety 
of bases and some acids. These papers, in which 
the end-point was found potentiometrically or visu
ally with an indicator, are all of an empirical nature. 
After determining the dissociation constants of 
acids, bases and salts2 and after the establishment 
of the acidity scale in glacial acetic acid it is now 
possible to explain the apparently abnormal 
shapes of neutralization curves of bases of different 
strength as observed by Hall,la'c.e to calculate 
potentiometric titration curves, the equivalence 
potential and the change of pH and potential near 
the equivalence point. It is also possible to cal
culate the ratio of acid to basic form of an indicator 
over the titration range and particularly in the 
vicinity of the equivalence point, and to present the 
fundamental equations underlying spectrophoto-
metric titrations. 

(1) (a) N. P. Hall and J. B. Conant, T H I S JOURNAL, 49, 3047 (1927); 
(b) J. B. Conant and N. F. Hall, ibid., 49, 3062 (1927); (c) N. F. 
Hall and T. H. Werner, ibid., 50, 2367 (1928); (d) J. B. Conant and 
T. H. Werner, ibid., 52, 4436 (1930); (e) N. F. Hall, ibid., 62, 5115 
(1930); (f) N. F. Hall, Chem. Revs., 8, 191 (1931). 

(2) (a) I. M. Kolthoff and S. Bruckenstein, THIS JOURNAL, 78, 
1 (1956); (b) S. Bruckenstein and I. M. Kolthoff, ibid., 78, 10 (1956); 
(c) 78, 2974 (1956). 

In the present paper neutralization curves of 
bases with perchloric acid have been calculated and 
it is shown that the theoretical values are in excel
lent agreement with the experimental data. 
Similar calculations and determinations can be 
made with other acids, but since perchloric acid is 
the strongest acid known in acetic acid, it is the 
only one of practical consequence. Also, the color 
equilibrium of a suitable indicator has been cal
culated at and near the equivalence point, and the 
results compared with experimentally determined 
data. 

Potentiometric Titrations: 
Change of Hydrogen Ion Concentration in Titra

tion of a Base with Perchloric Acid 
[H + ] of a Solution of a Base B.—In a pure solu

tion of a base B the over-all dissociation is given by 
eq. 1 

B + HAc ^ ± B H + + A c - (1) 

The over-all dissociation constant K-B is 
KB = [BH+] [Ac- ] /CB (2) 

in which CB is the total concentration of undis
sociated base ([B] + [BH+Ac]).2b For reasons 
given previously,24 concentrations of undissociated 
species and of ions are assumed to be equal to ac
tivities. It is easily derived that in a solution of 
the base 

[H+] = KB/V{KB{(CB\~- Ks] /[H+]J (3a) 
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in which Ks is the autoprotolysis constant of acetic 
acid while the analytical concentration of the base 
(CB)t = CB + [ B H + ] = C B + [Ac-] . Since all 
bases are weak electrolytes in acetic acid, the 
quadrat ic eq. 3a usually can be applied in the ap
proximate form 

[H+] = K,/v'K^[C^i ( 3 b ) 

The results predicted by eq. 3b accurately ac
count for pH da ta measured in solutions of pure 
bases in acetic acid. Hall and Werner1= found t ha t 
there is an increase of one pB. uni t for a hundred
fold increase in concentration of base. Similar re
sults also have been reported by Higuchi, Dan-
guilan and Cooper3 and by us.20 

[ H + ] in Mixtures of B and its Perchlorate 
BH + ClO 4

- .—For the calculation of hydrogen ion 
concentration in such mixtures it is necessary to 
consider not only the dissociation constant of the 
base B bu t also t ha t of the salt, eq. 4a, and of 
perchloric acid, eq. 4b. The over-all dissociation 
constants of the salt 

BHClO4 5 Z ± B H + + ClO4- (4a) 

HClO4 - ^ - H + + ClO4- (4b) 

and the acid are XBHCIO, = [BH + ] [C lO 4 - ] / 
CBHCIO* and ATHCIO, = [ H + ] [ C 1 0 4 - ] / C H C I O „ re

spectively. C refers to the total concentration of 
undissociated species indicated by the subscript. 
Equilibria in solutions of BHClO 4 are determined 
by the equilibrium constant KfHC ° ' of the reaction 
B + HClO4 ?r± BHClO4 . The equilibrium constant 
Kfucl0i = CBHCIO./ CBCHCIO. is a function of Ks, 
KB, -STHCIO4 and .KBHCIO1. 2 a '3 This relationship is 
stated in 

JTBHCo4 = A 'HCIO.AB/A.ABHC.O. (4c) 

From the rule of electroneutrality, eq. 4d and the 
expressions 

[H+] + [BH+] = [Ac"] + [ClO4-] (4d) 

[BH+] = AB C8 [H+ ] /A 8 , [Ac"] = A V [ H + ] and 
[ClO4-] = A'SA'BHCIO4CBHCIO1 /ABCB[H+] 

an explicit expression for hydrogen ion concentra
tion in mixtures of B and BHClO4 , eq. 4e 

Iv \ -, , A B H C I O 1 C B H C I O 1 ' 
IrL. -: 1 H v>--„ r /4„-i 

is obtained. Unless the base is too weak to give a 
detectable end-point in the ti tration KBCB/K* 
» 1, so t ha t the simpler expression, eq. 4f, can be 
written 

[ H + ] = A 3 V 7 A - B H C I O 1 C B H C I O 1 + A B C B / ^ B C B (4f) 

Ordinarily it is sufficiently accurate to neglect the 
dissociation of the base and of the salt and the sol-
volysis of the salt with respect to their to ta l con
centrations and to assume tha t C B and CBHCIO1 

represent the stoichiometric concentrations. When 
necessary more exact formulations will be used. 

Equat ion 4f has been verified for mixtures of 
several bases and their salts20 and accounts for the 

(3) T. Higuchi, M. L. Danguilan and A. D. Cooper, J. Phys. Chem., 
58, 1187 (1954). 

results obtained by Hall and Werner10 in the ti tra
tion of 0.05 M guanidine and 0.05 M diethylaniline, 
respectively, with 1 i f perchloric acid. These two 
compounds are among the stronger bases in acetic 
acid and their over-all dissociation constants are 
both of the order of 10~5 and are also of the same 
order of magnitude as the dissociation constants of 
their perchlorates. For example, we have found20 

tha t for diethylaniline PKB = 5,78 and ^ABHCJO 1 

= 5.79. Under such conditions we can write eq. 
4g instead of eq. 4f in mixtures of the base and its 
perchlorate in which the sum of the concentration 
of the base and salt is constant and equal to C. 

[H+] = ( A V C B I V C / A B (4g) 

The above conditions were approximately satis
fied by Hall and Werner10 in their t i tration of 0.05 
M guanidine and 0.05 M diethylaniline with 1 M 
perchloric acid. The sum of the concentrations of 
free base and perchlorate changed only 5 % up to 
the end-point and can be neglected for our purposes. 
The above authors plotted pH versus log (1 — A'), 
X being the fraction of the base which has been 
t i t ra ted and observed a straight line with a slope of 
one, similar to tha t found in aqueous medium for 
the t i tration of a strong base with a strong acid (cor
rected for volume change). This is quanti tat ively 
accounted for by eq. 4g where [H + ] is proportional 
to 1/(1 — X). We now have a quanti ta t ive inter
pretation for the apparent ly paradoxical fact tha t 
the t i tration lines of guanidine and diethylaniline 
with perchloric acid in acetic acid are similar in 
shape to the t i trat ion line of a completely dissoci
ated base with a strong acid in water whereas in 
solution of the pure bases in acetic acid the pll 
change with dilution corresponds quanti tat ively to 
the behvaior of a typically weak electrolyte. The 
pK of guanidine and its perchlorate are not known 
bu t apparent ly the same relationships hold as for 
diethylaniline. 

If J^BHCiO1 is not equal to ATB, the simple expres
sion (4g) does not hold and the plot of pH. versus 
log (1 — X) does not yield a straight line. For 
example, Hall and Werner10 found this plot did not 
yield a straight line in the ti tration of 0.05 M so
dium acetate with 1 Mperchloric acid. The reason 
is t ha t sodium acetate is a weaker electrolyte than 
sodium perchlorate20 (pK^aAc = 6.68, ̂ Axacio* = 
5.48). 

In aqueous solution the plot of pH against log 
(1 — X) /X yields a straight line with a slope of one 
in the t i trat ion of a weak base with a strong acid. 
In acetic acid Hall and Werner did not find an acid-
base system which satisfied this relation and they 
ascribed the deviation from a straight line to large 
activity coefficient effects. Actually it is clear 
from eq. 4f t ha t no relationship exists between KB 
and XBHCIO, which would yield the above relation
ship. 

We may consider here the effect of dilution on the 
pH of a mixture of a base and its salt. In aqueous 
solution, the hydrogen ion concentration in a buffer 
mixture of a weak base and its salt with a strong 
acid as a first approximation is independent of the 
buffer concentration, depending only on the ratio 
of the salt to the base. Hall and Werner20 found 
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that a ten-fold dilution of partially titrated bases 
causes a decrease in pH of 0.5 unit in acetic acid. 
If we let [H + Jv equal the hydrogen ion concentra
tion when the total volume is V and the equilib
rium concentrations of salt and base are CBHCIO, 
and CB, respectively, while when the volume of the 
buffer is 107 and these concentrations are CBHCIO,/ 
10 and CB/10 , and the hydrogen ion concentration 
[H+]ior, we find from eq. 4f that [H+]F/[H+]iov = 
1/VlO. Thus as long as eq. 4f can be written in 
stoichiometric concentrations rather than equilib
rium concentrations, there should be a decrease of 
0.5 pK unit for each ten-fold dilution. In very 
dilute solutions, appreciable dissociation of salt and 
base occurs, and the reaction B + HClO4 «=* BHCIO4 
may no longer be quantitative so that this re
lationship would be expected to fail. Such a result 
was also noted by Hall and Werner. Of course it 
is clear from the above that in an equimolar mix
ture of B and BHClO4, -KS/[H+] is never equal to 
Ks as is true in water. Several authors have as
sumed this to be true in acetic acid. From eq. 4f 
it can be shown that in a solution containing C 
molar B and BHClO4 

- — = / -^B2C 
[H+] ^KB + i W i o , 

In the neutralization of a-very weak base, for 
which -KBHCIO, > >-Kb, eq. 4f reduces to eq. 4h. I t 
is evident that a plot of e.m.f. versus log \/X/ 
(1 — X) should yield a straight line with a slope of 
0.0591 volt. We have verified this relationship 

Kt V A B H C 10« CBHCIO, [H+] (4h) 
.KBCB 

using urea as the weak base. 
In the above discussion the equations which 

govern the slope of the titration lines of bases have 
been derived in the absence of foreign electrolytes. 
They cannot be applied when other salts are pres
ent. In this connection we may discuss the titra
tion of a very weak base like urea carried out by 
Conant and Wernerld in the presence of 0.2 M tri-
methylammonium perchlorate or 0.2 M trimethyl-
ammonium ^-toluenesulfonate as neutral salts for 
the purpose of "keeping the ionic strength constant 
during the titration." The expression "neutral 
salt" needs further qualification {vide infra) and 
must be used with care in acetic acid. As has been 
stated in a previous publication,2 concentrations 
can be written with a good approximation instead 
of activities in acetic acid and activity effects can
not account for the results obtained by Conant and 
Werner. Quite generally, complications may be 
introduced at high electrolyte concentrations be
cause of ion triplet and quadripole formation. H ow-
ever, the results reported by Conant and Werner 
can be accounted for on the basis of simple equi
libria. These authors found that in titrations of 
various bases in the presence of the 0.2 M tri-
methylammonium salts a plot of pH versus log 
(1 — X)/X yielded a straight line of slope one. 
However, the lines obtained with trimethylam-
monium perchlorate did not coincide with those ob
tained with trimethylammonium ^-toluenesulfo-
nate, the difference amounting to 0.5 pH unit in the 
titration of urea. 

We will first consider the titration of a weak base 
(B) in the presence of a large excess of trimethyl
ammonium perchlorate (B'HClO4). Since trimeth
ylammonium acetate is undoubtedly one of the 
stronger bases in acetic acid, there is no tendency 
for the reaction B + B7HClO4 <=± BHClO4 + B ' 
to proceed appreciably, and we will neglect it. The 
perchlorate ion concentration throughout the titra
tion is virtually constant and is given by [ClO4

-] 
= V-KB-HOO4CB-HCIO, as there is a large excess 
of B'HC104 present. Since [H+] = Ks/[Ac~], 
[Ac-] = - K B C B / [ B H + ] and [BH+] = [CBHCIO, 
-^BHCIO,)/C104 _] , eq. 4i describes the variation of 
hydrogen ion during the titration. As a reason-

[H+] 
K,KB ,CBHCK 

^ B C B V i^B'Hoio, C] 10, O B ' H O I O , 

(4i) 

able approximation CBHCIO,/CB = X/(I — X). 
hence according to eq. 4i a plot of pH against log 
(1 — X)/X should yield a straight line of slope one, 
as was observed experimentally. 

In solutions containing trimethylammonium p-
toluenesulfonate (B'HTs) we must consider the 
metathesis reaction HClO4 + B 'HTs T± HTs + BH '-
ClO4 where HTs represents p-toluenesulfonic acid. 
The equilibrium constant for the reaction as written 
is -KBHCIO1-KB-HTSZ-KHTS-KB-HCIO, where -KHCIO, = 
1.35 X 10-6 and -KHTs = 3.8 X 10-9.2c.4 On the 
basis of unpublished data we estimate that -KB-HTS/ 
-KB-HCIO, is of the order of 0.1. Using this value the 
equilibrium constant for the above metathesis reac
tion is approximately 400. Even though we may 
allow for considerable error in the estimate of 
-KB'HTS/KB'HCIO, it is evident that little free per
chloric acid can be present during the titration with 
perchloric acid of 0.05 M urea in a 0.2 M solution of 
trimethylammonium ^-toluenesulfonate (B'HTs). 
The perchloric acid reacts almost quantitatively 
with B'HTs with formation of ^-toluenesulfonic 
acid and B 'HClO4. Thus, the titration corresponds 
to that of urea with £-toluenesulfonic acid in the 
presence of a large excess of a sulfonate. This titra
tion is strictly comparable to that of the base with 
perchloric acid in the presence of an excess of a 
perchlorate (eq. 4i) and we may write 

[H+] 
KBK] BHTs (--BHT. 

XBCBVXB 'HTs C B ' H T a 
(4k) 

From a comparison of eq. 4i and 4k it follows that 
the plots of pH. against log(l - X)/X in 0.2 M 
B7HClO4 and in 0.2 AT B'HTs will be identical only 
if V-KB'HTS/-KB'HCIO, = -KBHTS/-KBHCIO,- The dif
ference notes for urea, 0.5 unit, agrees well with the 
value of 0.5 unit calculated using eq. 4i and 4k with 
the assumption that urea perchlorate is ten times 
more dissociated than urea £-toluenesulfonate. 

[H+] in a Solution of Pure Salt.—The equiva
lence point in the titration of a base with an acid 

(4) T h e va lue of -KHTS used he re differs f rom t h e va lue r e p o r t e d 
p rev ious ly 8 0 by a b o u t 1 0 % . I n a p r i v a t e c o m m u n i c a t i o n Prof. L. P . 
H a m m e t t p o i n t e d o u t t h a t t h e m e t h o d of pur i f icat ion used b y us for 
£ - H T s would p r o b a b l y yield t h e m o n o h y d r a t e of t he acid. Ana lys i s 
by K a r l F i scher t i t r a t i o n of a s a m p l e of t h e £ - H T s used earl ier showed 
t h a t i t co r responded t o t h e m o n o h y d r a t e , a n d accord ing ly we h a v e 
reca lcu la ted . K H T S b y correc t ing t h e concen t r a t i on of £ - H T s for t h e 
presence of wa te r . £ - H T s is too weak a n acid t o r eac t s ignif icantly 
w i t h sma l l a m o u n t s of w a t e r in acet ic acid m e d i u m . 
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corresponds to a solution of the pure salt, and the 
hydrogen ion concentration of such a solution can 
be calculated from eq. 4f. For most salts A 'BCB is 
negligibly small as compared to A'BHCIO.CBHCIO, 
and we may write eq. 5a instead of 4f. If we neg
lect dissociation of all species in solution 

[H W - A 8
2 A ^ B H C I O 4 C B H C 

AVCB= 
(oa) 

CB = CHBIO4 in a P u r e salt solution. From the 
definition of the formation constant of the salt, 

C B 2 = C-B-Rc\oJKi ^ ' = CBHCIO4-^8-^BHCIO4/ 
K-nciOiK-B- On substi tuting this expression into 
eq. 5a, eq. 5b is obtained for the hydrogen ion con
centration in a solution of a pure perchlorate. 

= V KaKncid/K* (ob) 

This expression is of the same form as holds for the 
salt of a weak acid and weak base in water. I t al
lows the calculation of the hydrogen ion concen
trat ion of a pure salt solution in acetic acid and pre
dicts t ha t it is independent of the concentration of 
the salt. Experimental da ta presented later in this 
paper are quanti tat ively in agreement with this 
relationship. I t is of great practical significance 
since it shows tha t the equivalence pH or equiva
lence potential is independent of concentration of 
the t i t rat ion system and tha t t i t rat ion to the equiv
alence potential should be much more convenient 
than the conventional method of potentiometric 
end-point determination. As a mat te r of fact, 
t i tration to the equivalence potential should give 
more accurate results than the conventional method 
especially a t higher dilutions or when the base is 
very weak. 

[H+] in Mixtures of Salt with Excess Acid.— 
After the equivalence point an expression for 
hydrogen ion concentration involving CCHIOI and 
CBHCIO4 is t n e m o s t convenient for calculation pur
poses. Since CB = C B H C I 0 4 / C H C I O ^ F H C 1 ° 4 = 
AV?BHCIO 4 C B HCIO 4 / -KHCIO 4 ^BCHCIO 4 eq. 6a can be 
obtained from eq. 4e. 

[ H I = 

\ 

K, + K-HCIOICHCIO4 

1 + ' 
K* DlCl BHClO4C BHClO4 

- ^ H C I O 4 C H C I O J 

(6a) 

Equat ion 6a holds a t all points in the t i tration, bu t 
when enough excess of perchloric acid is present, 
-^HBIO4CHCIO1 is usually greater than Ks, and the 
simpler expression, eq. 6b, is satisfactory. A sim-

[H ] = X H C I O 4 C H C I O 4 / V A H C I O 4 C H K B H C I O 4 L - B H C I O 4 

(6b) 

ilar expression has been verified previously20 for 
hydrochloric acid and some of its salts. Of course, 
when -KBHCIO) is not much smaller than XHCIO4 , 
then eq. 6b simplifies to 

, T T . , - X H C I O 4 C H C I O 4 , „ N 

[ H ] =
 WK r = ( 6 c ) 

V A B H C I O 4 L B H C I O 4 

in the immediate vicinity of the equivalence point. 
Titrations with Indicators 

Indicator Color in Mixtures of a Weak Base and 
its Perchlorate.—We consider the color of an indi
cator base, I, during the t i t rat ion of a base with 

perchloric acid in acetic acid medium. For our 
purposes the dissociation of IHClO 4 into I H + and 
ClO 4 " need not be considered because the large ex 
cess of BHClO4 suppresses the dissociation of ITI-
ClO4 completely. The color of the indicator is then 
given by the ratio [IHClO 4] / [I] where [IHClO4] 
denotes the concentration of the acid and [I] tha t 
of the basic form. I t has been made clear in a pre
vious paper2a t ha t the color of an indicator in acetic 
acid is not determined by the pH of the solution 
bu t by the concentration of the free perchloric acid, 
CHCIO, = [HClO4] + [ H + C l O 4 - ] , the sum of molec
ular and ion pair concentrations (eq. Ta), and the 
formation (ionization) constant of the indicator 
perchlorate.5 

[IHClO4] = A'P 

During the course of the t i tration of B with per
chloric acid, CHCiO4 is given by eq. 7b 

C H C O 4 = C B H C 1 O 4 Z C B A T " 0 1 0 ' ( 7b ) 

and the color of the indicator by eq. 7c 

--BHClO4 
7 C B H C I O , C B - (7c) 

Equation 7c illustrates the dependence of the color 
of an indicator in a mixture of a base and its per
chlorate on the ratio of concentrations of the salt 
and base and not on the concentration of each species 
individually. Thus, as long as we use approximate 
equations (neglect solvolysis) it is found t ha t the 
color of an indicator base in a mixture of a base and 
its perchlorate is not affected by dilution. In a 
previous section we have seen tha t upon tenfold 
dilution of the kind of mixture under consideration 
the pH decreases by 0.5. This is another striking 
example of the previously noted fact tha t there is 
no direct relation between p H and the color of an 
indicator in acetic acid. On the other hand, in a 
mixture of a perchlorate and perchloric acid the 
ratio of acid to basic form of an indicator base de
creases to one-tenth upon ten-fold dilution while the 
p H increases by 0.5 unit. 

For those concerned with acid-base catalysis it 
is of interest to consider t h a t in a mixture of a base 
and its perchlorate the concentration of free per
chloric acid remains unchanged with dilution (as 

(0) Rigorous ly , eq. 7 a should be wr i t t en C I H C I O 4 / C I — Kt *• 
CHCIO 4 . b u t as long as t h e i nd i ca to r base is weak , a n d the ind ica to r 
s a l t comple te ly ionized, Ci = [I] a n d CiHClO4 ~ [ I H C l O 4 ] . T h e s e 
cond i t ions a re m e t b y ? - n a p h t h o l b e n z e i n , a c o m m o n l y used ind ica to r 
in acet ic acid m e d i u m , a n d the re is no e x p e r i m e n t a l evidence to indi
ca t e t h a t t h e a b o v e condi t ions do n o t hold equa l ly well for o the r 
i nd ica to r bases used in t i t r a t i ons in ace t ic acid. I n a p rev ious paper2 ; 1 

t h e c o n s t a n t K } H c l 0 ' = [ IHClO 4 ]Z[ I ] [HClO 4 ] was denned , where 
[HClO 4 ] r ep re sen t s t he concen t r a t i on of un- ionized perchlor ic acid in 
so lu t ion . T h e r a t i o K p c i o 4 / J £ i H C , o 4 = l + X H C . O 4 | w h e r e ^HCiO4 

= [ H + C l O 4
- ] / [ H C l O 4 ] , [ H + C l O 4

- ] r ep resen t ing the concen t r a t i on of 
t he ionized form of perchlor ic acid in solut ion, i.e., CHCIO 4 = [ H + C l O 4 ] 
+ [HClO 4 ] . T h e d is t inc t ion be tween x | H c l 0 < a n d Ks,Hcm< is of l i t t le 
consequence for a weak acid such as hydroch lor ic or jS-toluenesuIfonic 
acid for which Kfx is m u c h less t h a n one, b u t is s ignificant for a 
s t rong acid such as perchlor ic acid. Professor E r n e s t G r u n w a l d of t he 
U n i v e r s i t y of F lo r i da k i n d l y b r o u g h t to our a t t e n t i o n t h a t we did not 
d i s t ingu ish be tween [HClO 4 ] a n d CHcio4 when we appl ied eq. 9 of ref. 
2a t o perchlor ic a n d h y d r o b r o m i c acid so lu t ions . H i s cr i t icism is 
va l id a n d t h e conclus ions d r a w n from eq. 16d, 17, 17a and 17b of ref. 
2a a re incor rec t . I t is no t possible t o o b t a i n KfCi 4 from our d a t a 
since t h e correc t form of eq. 17 is K}HXXjHX/A'?0101 K H x 
1 + K?a0<). 

1 (not 
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long as the approximate equations hold), while in a 
mixture of perchloric acid and a base perchlorate 
the concentration of free base is unaffected by dilu
tion. 

Returning to the color change of an indicator 
during the titration of a base with perchloric acid 
we write eq. 7d instead of 7c 

[IHClO4 

[Il 

JqHClO4 X 

Kfsc,0i 1 - X 
(7d) 

An expression of the same form is found in aqueous 
medium for the titration of a weak base. This ex
pression is of great practical value, both in water 
and in glacial acetic acid, where the end-point is 
not found visually, but graphically in a spectro-
photometric titration using an indicator with a 
^-iHCio. Q£ ^ 6 s a m e o r c j e r 0f magnitude as 
K-BHClT4 6 

In connection with the above it is noted that the 
experimental value of the so-called acidity function 
Ho in a mixture of a weak base and its salt is pro
portional to the negative logarithm of the concen
tration of free acid but there is no simple relation 
between Ho and the hydrogen ion concentration. 
According to eq. 7d a plot of Ho versus a log (1 -X)/ 
X should give a straight line with a slope of unity. 
Hall and Meyer7 determined Ho in mixtures of sul
furic acid with urea and with antipyrine and found 
straight line plots with slopes of 1.05 and 0.83, re
spectively. No correction was made for the sol-
volysis of the salt. 

Indicator Color in a Solution of a Pure Salt.— 
In a pure solution of a salt, BHClO4, corresponding 
to the equivalence point in the titration of B with 
HCIO4, CB = CHCIO4 and CHCIO4 = V CBHCIO4/-
J£-BHCIO4> Combining this expression with eq. 7a, 
eq. 7e is obtained. 

[IHClO4 

[I] 
Kl3 

VKf Vc1 BHOIO4 
(7e) 

This predicts that the ratio of acid color to base 
color is proportional to the square root of the con
centration of salt present. For example, if for a 
given indicator [IHClO4]/[I] = 1 in a 0.1 M salt 
solution, the ratio decreases to 0.1 in 0.001 M salt 
solution. Thus the color of an indicator at the 
equivalence point varies with the concentration of 
the base titrated, while we have seen that the pK 
(potential of electrode) is independent of the salt 
concentration. 

Experimental 
The main purpose of the present experimental work was 

to study the order of agreement between calculated and 
experimental values of pH and of ratios of acid to base 
color of an indicator in a variety of solutions. In practical 
analytical work acetic acid with varying small amounts of 
water is used, which may greatly affect the pH and the 
color of an indicator. The acetic acid used in most of the 
present work had a water content of 0 .01% and in some 
experiments even this trace of water was removed. In a 
subsequent paper the effect of water upon potentiometric 
titrations and titrations with indicators will be calculated 
and compared with experimentally observed effects. 

(6) T. Higuchi, C. R. Rehm and C. H. Barnstein, Anal. Chem., 28, 
1506 (19S6). 

(7) N. F. Hall and F. Meyer, THIS JOURNAL, 62, 2493 (1940). 

Methods and Reagents.—Potentiometric measurements 
with the chloranil electrode as £H electrode and the modified 
calomel electrode as reference electrode were performed as 
previously described.20 In some solutions it required at 
least 24 hours before the chloranil electrode had attained its 
equilibrium potential. Measurements involving the glass-
calomel electrode system were performed using a Beckman 
Model H-2 pB. meter and the electrodes supplied with this 
instrument. The glass electrode measurements were carried 
out for orientation purposes and commercial C.P. glacial 
acetic acid was used without further purification. These 
experimental data were not used for any exact calculations. 
The spectrophotometric technique and all reagents used 
were described in previous papers. 2a'b,6° 

pH of Acetic Acid.—Considering the high resistance and 
the poor buffer capacity of the pure solvents the measure
ments were not as reproducible as those obtained in well-
buffered or more conducting solutions. Using three sepa
rate batches of solvent the following values of the e.m.f. 
were measured: 0.474, 0.464, and 0.480 volt. The pH 
may be calculated from eq. 8 in which 0.9095 represents the 
standard potential of the chloranil electrode with respect 
to the acetic acid 

pK = (0.9095 - E) /0.0591 (8) 

calomel electrode.20 The average value pB. = 7.4 ± 
0.1 is in gratifying agreement with the value of 7.2 cal
culated from the pK of acetic acid, 14.45.20 In fact, this 
close agreement is probably fortuitous. 

Neutralization Curve of Urea in Anhydrous Acetic Acid.— 
Fifteen ml. of 0.0547 M urea was titrated with 0.9643 M 
perchloric acid using a chloranil indicator electrode. The 
reference electrode was a platinum wire sealed into the 
buret which delivered the perchloric acid previously satu
rated with chloranil and tetrachlorohydroquinone. From 
the neutralization curve, KB, of urea and eq. 3b and 4f 
the dissociation constant of urea perchlorate is found to be 
approximately 1O-6. This is 105 times larger than KB 
of urea_and eq. 4h should hold. A plot of e.m.f. versus 
log VX/(I — X) is shown in Fig. 1 and the observed slope 
is 0.064 v. as compared to the predicted value of 0.0591 v. 
at 25°. 

2 5 0 

> - 2 0 0 

100 
- 0 . 5 0.5 

log "re-

Fig. 1.—Test of eq. 4h. The titration of 0.0547 M urea with 
0.964 M perchloric acid. 

pK of a Salt Solution.—Equation 5b states that the pH 
of a solution of a pure perchlorate should be independent of 
the concentration of the salt. I t can be extended to any 
salt since none of the assumptions involved in the derivation 
are restricted to perchloric acid. Preliminary experiments 
were performed in commercial glacial acetic acid containing 
0.2% water using the glass-calomel electrode system, and 
the results obtained with ten salts are shown in Table I. 
The data verify the independence of pH upon concentration, 
but cannot be interpreted quantitatively because of the 
uncertainties introduced by the use of the glass electrode 
and water in the commercial glacial acetic acid. For this 
reason e.m.f. but not />H values are reported in Table I . 
In Table II the results with the chloranil-calomel electrode 
cell are given for four salts in acetic acid containing 0 .01% 
water. The data in the column headed ^>HexP were cal
culated by averaging the e.m.f. data of the preceding column 
and using this average e.m.f. in eq. 8. The data in the 
column headed £Hcaicd were calculated from eq. 5b using 
values of the dissociation constant reported previously.20 

The pH values found are practically independent of dilution 
in the concentration range used and, realizing the poor 
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buffer capacity of the solutions, no serious discrepancies are 
apparent between observed and calculated pB. values. 

TABLE I 

E F F E C T OF DILUTION UPON THE APPARENT pH OF SOME 

SALT SOLUTIONS IN COMMERCIAL GLACIAL ACETIC ACID 

Salt 

NaClO4 

KCl 
NaCl 
LiCT 
KBr 
NaBr 
LiBr" 
KNO3 

NaNO3 

LiNO3 

Satd. soln. 

0.599 
.538 
.540 
.569 
.548 
.568 
. 590 
.472 
.487 
.510 

E.m.f. (v.) in 
1/10 satd. soln. 

0.599 
.536 
.541 
.560 
.560 
.570 
.600 
.478 
.488 
.509 

1/100 satd. soln. 

0.599 
.535 
.531 
.557 
.550 
.563 
.590 
.480 
.490 
.507 

" Initial molarity = 1.0. 

TABLE II 

pH OF PURE SALT SOLUTIONS IN ACETIC ACID AT 25° 

Salt 

Sodium perchlorate 

Diethylanilinium 
perchlorate 

2,5-Dichloroaniliuium 
perchlorate 

Sodium p-toluenesul-
fonate 

Molar 
concn. 

0.0582 
.0923 
.1300 
.213 

0.0201 
. 0409 
.0559 
.0918 

0.006S 
.0125 
.0253 
.0519 

0.00802 
.0192 
.0481 
.054 

E.m.f., 
v. 

0.5370 
.5405 
. 5390 
.5380 

0.5310 
. 5300 
.5290 
. 5325 

0.6050 
.6055 
.6075 
. 6055 

0.4210 
.4250 
.4240 
.4210 

i>H„ 

6.27 

6.41 

5.13 

.07 

£H„ 

6.32 

6.77 

4.94 

.10 

pH Near the Equivalence Point in the Titration of Sodium 
Acetate with Perchloric Acid.—The shapes of the neutraliza
tion curves with perchloric acid of sodium acetate and 
diethylaniline were obtained with the chloranil electrode. 
The data agreed with those of Hall and Werner10 and there
fore are not reported here. As stated in the theoretical 
section the shapes of these curves were found to be identical 
with those constructed from calculated data using eq. 4f. 

No data are found in the literature of the change of pH 
in anhydrous acetic acid just before and after the equiva
lence point. Such data are not only of theoretical but are 

TABLE I I I 

CHANGE OF E . M . F . BETWEEN 0.8% BEFORE AND 0.8% AFTER 

THE EQUIVALENCE POINT IN TITRATION OF SODIUM ACETATE 

WITH PERCHLORIC ACID 

Concentration of sodium perchlorate = 0.100 M 

HClO., M X 

8.00 
4.00 
2.00 
1.00 

NaAc, M X 

1.00 
2.00 
4.00 
8.00 

10' 

10' 

Obsd 

97.5, 
80.0 
59.5 
41.5, 

- 4 2 . 0 , -
- 6 2 . 0 
- 7 9 . 5 , -
- 9 1 . 5 

E.m.f. 

96.0 

44.0 

- 4 4 . 0 

- 7 8 . 5 

in mv. 
Calcd. 

94.1 
76.6 
59.1 
42.1 

- 4 1 . 6 
- 5 8 . 6 
- 7 6 . 2 
- 9 4 . 0 

also of practical importance as they provide quantitative 
information on the magnitude of the break in potential at 
the end-point. In Table III experimental values of the 
difference in e.m.f. between 0.1 M sodium perchlorate 
solution and the same solution with slight amounts of free 
perchloric acid or sodium acetate are compared with the 
calculated figures. Increments of 0.500 M sodium acetate or 
0.964 M perchloric acid were added to 20.00 ml. of 0.100 M 
sodium perchlorate. The complete absence of water was 
assured by adding 0.05 mole of acetic anhydride per liter 
of 0.1 M sodium perchlorate solution and heating for 12 
hours at 105° in a sealed flask. The concentration of acetic 
anhydride was in fourfold excess based on the water content 
of the untreated acid. In order to minimize liquid junction 
potentials and errors which might arise from contamination 
of the solution from the standard half-cell, an H type cell 
was used which consisted of two compartments joined by a 
ten-cm. fine sintered glass disc. Both compartments were 
filled with 0.1 M sodium perchlorate previously saturated 
with chloranil and tetrachlorohydroquinone and increments 
of either perchloric acid or sodium acetate solution were 
added from microburet to one of the compartments. The 
data obtained with the cell. 

P t 
C6Cl402(satd.) 

C6Cli(OH)2(satd.) 
NaClO4 (0.1 M) 

HClO4 (or NaAc) (C, M), C6Cl402(satd.) 

INaClO4(O.! M) C6Cl4(OH)2(satd.) 
P t 

" All data are rounded to the nearest 0.5 mv. , and repre
sent individual experiments. 

are given in Table I I I . The calculated e.m.f. values 
reported in the last column of this table were obtained by 
using either eq. 4e or 6a and the following constants: pKs^ka 
= 6.68, ^HCiO4 = 4.87, pK^ciOi = 5.48 and pK. = 
14.45.20 In these equations CN51AC, CHCIO4 and CNSCIO, 
represent the actual equilibrium concentrations of these 
species in solution. Calculations were made by successive 
approximations by initially neglecting dissociation of the 
various species, but taking into account solvolysis, getting an 
estimate of the various ionic concentrations and correcting 
the stoichiometric concentrations appropriately to get an 
estimate of these equilibrium concentrations. This process 
was repeated until the hydrogen ion concentration remained 
constant within 1%. The agreement between experi
mental and calculated values in Table III is excellent. 

It is evident from Table 111 that the titration of 0.1 M 
sodium acetate to the equivalence potential easily can be 
made with an accuracy of 0.02% if the end-point potential 
does not differ more than 10 mv. from the equivalence 
potential. 

Color of an Indicator Base in a Salt Solution at and near 
the Equivalence Point.—In order that as stringent a test 
as possible be applied to examine the equations giving the 
dependence of the color of an indicator base upon the com
position of the solution the ratio of acid to basic form of p-
naphtholbenzein (PNB) was determined spectrophoto-
metrically in the very poorly buffered solutions of diethyl
anilinium and sodium perchlorate and in the latter solution 
with traces of sodium acetate. Both these salt solutions 
are extremely slightly solvolyzed, the logarithm of the 
formation constant, KfUCI0>, as calculated using eq. 4c 
and the constants reported in a previous paper20 having the 
value of 8.38 and 9.58 for sodium and diethylanilinium 
perchlorate, respectively. These solutions are extremely 
sensitive to minute traces of acids or bases (especially 
water) since they are virtually completely unbuffered. 
The experimental problem is comparable to that of deter
mining the pH of a solution of sodium chloride or ammonium 
chloride with indicators in aqueous solution. For these 
reasons the over-all reproducibility of an experiment is 
considerably less than the spectrophotometric limit of 
approximately 2 % in determining ratio R = [IHClO4]/[I] 
for ^-naphtholbenzein. For example, in a 0.108 M solution 
of sodium perchlorate in acetic acid containing 0 .01% 
water, values obtained for R in three separate experiments 
were 1.77, 1.34 and 2.35 with an average value of R of 1.8 
± 0.3. However, this uncertainty of 20% in the mean 
value of R is not unreasonable in view of the extreme sensi
tivity of the system to traces of impurities (including water). 

In our discussion of the dependence of R upon salt and 
base concentration the simplifying assumption was made 
that the amount of perchloric acid reacting with the 
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indicator is negligibly small. In the poorly buffered 
solutions under consideration this is not precisely true and 
the amount of perchloric acid reacting with the indicator 
must be taken into account. Defining p according to eq. 
9a and b as the molarity of the base added to the pure salt 
solution, eq. 9b follows. 

P = CBHCIO( + CB = CB (CBHCIO4 /CB + 1) (9a) 

CB = b + CBCl0l + [IHClO4] (9b) 

Eliminating CB bv combining eq. 9a and 9b and substituting 
into the result CHCIO, = R/K\ua0i and CBHCIO./CB as 
obtained from eq. 7c yields eq. 9c. Since [IHClO4] = 
(C1)M(R + 1) 

I-P-BHC104 " I P 

L^mc!o;* + lJL6 + 
R 

JJ-IHOlO1 + [IHClO1]I (9c) 

the quadratic expression is R, eq. 9d results. In the immedi
ate vicinity of the equivalence point jffHco4/jjiHco4 
R is much larger than one, allowing eq. 9d to be simplified 
to eq. 9e which becomes eq. 9f in a pure salt solution 

_ rgp"* nr R (c,)tiq 
P ~~ I ^"IHClO* ^- "T J- I W "T j^iHClOl ' , R - U l J 

ITBHClOi r* L 1 / /"* \ - i 
JfBHClO, | -J _J_ J1 

P ~ •"• JfIHClO4 I J^ T" JJIHClO4 T JJ 

P * JfIHCO4 LJfIHCO4 T R + JJ 

ie last result is identical to eq. 7e 
.Y/rrt 4- i l 

d 
(9d) 

(9e) 

(9f) 

Then l/K}SCi0i » The last result is identical 
(CAf(R + l). 

The experimental results obtained using 3.78 X 10 6 

M PNB with sodium perchlorate (0.013 to 0.11 M) and 
diethylanilinium perchlorate (0.023 to 0.18 M) in the 
absence of free base are given in Table IV. The calculated 
values of R listed in this table were obtained using eq. 9f, 
log JfJEClO4 = 5 0 0 > 2 a I o g JfN-CO4 = ggg a n d l o g JJBBOlO4 = 

9.78 where B represents diethylamide. The value 9.78 
was used for the logarithm of the formation constant (Ki) 
of diethylanilinium perchlorate instead of 9.58 as calculated 
with eq. 4c because it gave better agreement with experi

ment. This procedure is justified since the uncertainty in 
the calculated value, 9.58, is sufficiently large to include 
the value 9.78. The experimental results agree satisfac
torily with the calculated values. 

TABLE IV 

RATIO OF ACID TO BASE FORMS OF ^-NAPHTHOLBENZEIN IN 

SOLUTIONS OF DIETHYLANILINIUM AND SODIUM PERCHLO-

Cation 

Sodium 

Diethylanilinium 

" Average of 3 

Perchlorate, 
M 

0.0132 
.0272 
.0537 
.108 
.108 
.108 
.108 
.108 
.108 

0.0226 
.0444 
.0902 
.173 

experiments. 

Acetate, 
M X 10' 

0.00 
.00 
.00 
.00 

2.20 
4.40 
8.80 

17.6 
34.9 

0.00 
.00 
.00 
.00 

[IHC104]/[I] 
Obsd. 

0.46 
.71 

1.1 
1.8° 
1.3 
0.94 

.60 

.35 

.19 

0.15 
.23 
.39 
.61 

Calcd. 

0.67 
.98 

1.4 
2.0 
1.2 
0.83 

.48 

.25 

.13 

0.17 
.24 
.34 
.48 

The effect of sodium acetate (2.2 to 34.9 X 10-» M) 
on 0.108 M sodium perchlorate solution is also shown in 
Table IV. The calculated values of R were obtained using 
eq. 9e and the agreement between experiment and predicted 
values is satisfactory. The data in Table IV indicate that 
in the titration of 0.1 M sodium acetate with perchloric 
acid (no volume change) the ratio of the acid to basic form 
of PNB changes from 0.5 a t 0 . 1 % before to 1.8 at the 
equivalence point. This is a reasonably sharp color change, 
but of several orders of magnitude smaller than is observed 
in the titration of a strong 0.1 M base with a strong acid in 
water. 
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Polarography of Metallic Monolayers 
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The current due to electrolytic dissolution of a thin film in a linear voltage scanning process depends on the changing activ
ity of the solid phase. Starting with Fick's second law of diffusion and an unabridged form of the Nernst equation, a system 
is derived for calculating the polarographic dissolution curve of a fractional metallic monolayer. Comparison is made with 
the behavior of a bulk metal deposit. Agreement with experimental data is good for silver, fair for lead and poor for copper, 
on a platinum electrode. The principles developed here should be useful in analytical applications of film polarography and 
in the study of electrodeposition phenomena. 

The electrochemistry of fractional monolayers 
has been a subject of interest for many years but is 
not very well developed. Herzfeld1 first pointed 
out that the Nernst equation in its classical form 
cannot be applied in such cases because it fails to 
consider variations in the activity of the solid 
phase. The complexity of surface phenomena 
which influence electrochemical behavior in the 
monolayer region is evident in discussions by 
Haissinsky2'3 and in a recent review by Rogers.4 

(1) K. F. Herzfeld, Physik. Z., 13, 29 (1913). 
(2) M. Haissinsky, "Electrochimie des Substances Radioactives et 

des Solutions Extremement Dilutes," Hermann, Paris, 1946. 
(3) M. Haissinsky, Experientia, 8, 125 (1952). 
(4) L. B. Rogers, Record Chem. Progr., 16, 197 (1955). 

Both of these authors have studied the problem by 
electrodeposition of radioactive elements from ex
tremely dilute solutions. Although the role of 
active spots sometimes appears to predominate,6 

it is possible in other instances to interpret results 
in terms of a relatively uniform deposit, using modi
fications of the Nernst equation.6 

The anodic dissolution of a metal film is exam
ined here on the hypothesis of a statistically uni
form surface layer, in which the activity is pro
portional to the fraction of the electrode covered. 
Experimentally, the dissolution current of an elec-

(6) M. Haissinsky and A. Coche, J. Chem. Soc, S397 (1949). 
(6) L. B. Rogers and A. F. Stehney, / . Electrochem. Soc, 96, 25 

(1949). 


