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I'. INTRODUCTION 

A. FOREWORD 
1 

THE LIBKAKT 

UNIVERSITY OF CANTERIYIlY 
CHI\ISTCHURCH, N.Z. • 

Newton and Arcand have reported,that in aqueous solution 

a marked change in the ultra-violet absorbance of the cerous 

ion occurs on addition of sulphate ions. This they interpret 

as due to cOIr!Plex formation betwe~n cerous and sulphate ions,' 

enabling them to calculate a dissociation constant for the 

reaction 

Ce sot ~ Ce3* +. so 2-
4 

at several temperatures. Association of cerous and sulphate 

ions has also been characterised by several other methodsO' 

The agreement between the corresponding dissociation constants 

derived from various determinations is, however, not goodo 

Since the work of I'fewton and Arcand, several investigators, 

using spec·trophotometric teclmiques,2,3 have obtained 

quantitative evidence for the existence of a complex betw.een 

cerous and perchlorate ions in aqueous solution. As 

relatively high perchlorate concentrations were used by Newton 

and Arcand, their value for the dissociation constant of cerous 

sulphate might be in error' due to apprect-able Cecl.O~+ icon 

formation., 

Accordingly, it was decided to redetermine the dissociation 
o 

constant of the cerous sulphate ion in water at 25 C using the 

method of Newton and Arcand, but by using much lower ionic 

strengths and corresponding low perchlorate concentrations. In 

new of current interest relating to ionic association in mixed 

solvents, measurements were extended to methanol-water mixtures. 
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As complex formation in oer-ous perchlorate has been questioned,4 

"this system has also been- reinvestigated in water, and 

addi tional measurements made in aqueous methanol o 

For comparison with the similar cerous sulphate ion-pair, 

and in an attempt to resolve the difference in derived 

dissociation constants obtained from conflicting sets of 

spectrophotometric data,5,6 the cobal tic hexarrnnine sulphate 

ion-pair has also been investigated in aqueous solution at 

250 C by a similar methodo 

To minimise hydrolysis in solutions containing cerous ion, 

acid should be present. As the bisulphate ion is a weak acid, 

its dissociation constant must be available for use in the cerous 

sulphate investigation. Previous work on the acidity of the 

bisulphate ion covers only the relevant solvent range 0-20 per 

c:ent methanol. Consequently, the dissociation constant of the 

bisulphate ion has been determined at 250 a in water and over a 

. wider range of methanol-water Inixtures. A spectrophotometric 

method, employing a suitable nitrophenol as indicator, was used. 

Before proceeding with this work, the dissociation constants 

0~ several nitrophenols, which it appeared might be suitable 

for use as indicators, were spectrophotometrically determined 

at 250 C in water and in aqueous methanol o 

In reporting on the present investigation, consideration will 

be given in sequence to the work on nitrophenols, to that on 

sulphuric acid, and lastly to that on cerous sulphateo 



B. ELECTROLYTE SOLUTIONS 

• THE THEORY OF ELECTROLYTIC DISSOCIATION 

The foundation of modern electrolyte theory was laid by 

Svante Arrheniuso-. In 1887 he p'roposed7 that, even in the absence 

of an electric field, electrolytes in solution dissociate, not 

necessarily completely, into ions which behave as ideal solutes. 

If this we~e true, the conductance ratio ~o w.ould become a 

measure of the fraction ~ of the electrolyte dissociated into 

ionso 

While Arrhenius w.as developing his theory, the osmotic 

pressure s'ifrL'ldies of van't Hoff appeared, which provided striking 

confirmation of the new ideao For electrolytes it was found 

that the osmotic pressur~ relation, Lr:::.. cRT, had to be modified 

by inclusion of a constant, i, to give ~= icRTo It was found 

that this vantt Hof'f "i-factor" could be related to the degree 

of dissociation,' 4) rf' one molecule of solute capable of 

dissociating into n ions per molecule is dissolved, the total 

number of' partioiL.es present will be (1-0{ +- no<..); :=: i. 

i - JL 
n-l 

'. 

Values of 01..... :for weak electrolytes from conduetance and 

osmotic studi~s were found to be in good agreement. By applying 

the mass-ae,tion prinoiple to ionisation, Qistwald obtained his 

dilution law, which was obeyed f'or dilute solutions of' weak 

electrolyteso 

However on attempting to apply the same treatment to 

stronger electrolytes. such as the alkali halides, it was found 

that the value of ~ obtained from the conductance ratio 

dit:t:ered markedly from that deduced from the thermodynamic 

properties, and that the "dissociation' constantsn derived 
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were far from constant. Several other factors, too, 

contributed to the feeling that the theory did not give a 

corqplete picture of the real state of affairs. 

The observation that the heats of neutralisation of strong 

acids by strong bases were nearly equal had originally been a 

strong argument in' favour of the electrolytic dissociation theory 

but it was later realised that this equality was not compatible 

with, the varying degrees of dissociation of different strong 

acids and strong bases. Again, certain electrolyte solutions 

were found, independently by Bjerrum8 and Hantz8ch,9 to obey 

]Dieer" s L.aw of light absorption much more closely than expected 

from their apparent degrees of dissociation~ Furthermore, the 

Arrhenius theory failed to. account for the Variation of transport 

numbers with concentration, since, although the equivalent 

conductivity of the solution as a whole would be expected to 

vary with concentration, the fractions of the current would be 

e~ected to remain constant. 

To explain these. apparent anomalies, the idea gradually 

emerged that in dilute solutions of strong electrolytes 

ionisation is conplete, the factor leading to dep·arture from 

ideal behaviour being the. elec;trostatic interaction between 

the ions., This deviation from ideali ty may be expressed 

thermodynamically in terms of an activi ty c:oefficient, fo 

Lewis1~ had shown that the chemical potential of any 

consti tuent fA' ~ 
i ts Vlalue A 0 

I i 

/-1 

in an electrolyte solution could be related to 

in some arbi trary standard state by the relation 

:: ~o + RT In a
i i 



where ai is the activity of the constituent io 

The activity eoefficient of the species i is given by 

where 0i is the stoichiometric concentration of this sl'ecies 

in solution. Several workers, notably fvlilner,11 8I!.ttell1Pted to 

derive theoretioal e~ressions for the activity coefficient of 

an ion, but without complete success, for they did not know the 

ionic distribution in solution. The .:problem was finally solved 

in 1923 by Debye and Huckel. 12 

THE DEBYE-BIJCKEL THEORY. 

In an electrolyte solution two opposing forces are at work. 

On the one hand the long-range electrostatic forces are tending to 

produce ordered configurations so as to provide minimum 1'0tential 

energy, a:s in a crystal. On the other hand, the thermal motions 

in the solution are tending to create complete disorder. The 

final si tua tion is a cO:rr:qJromi se between these extremes o There is, I 

therefore, a greater probability of finding an oppositely charged 

ion in the -vicinity of a given ion than one similarly charged. 

As a result each ion can be regarded as being surrounded by an 

ttlonic atmosphere", the total net charge on which must be equal 

in magnitude and opposite in sign to that of the ion under 

consideration. This will cause the electrical potential, and 

thus the free energy~ of an ion to be smaller than that of an 

isolated iono The net effect as inte~reted by an observer will 

be a decrease in activity of the electrolyteo 

Debye and Huckel considered that the distribution of ions 

caused by the combined effects of Brownian motion and interionic 



forces could be described by the Boltzmann distribution law. 

lily combining this law wi th the electrostatic equation of' 

POisson, they were able to caiculate the electrical 

potential Y; j of' an ion j in aolutiono From this they 

derived an equation relating the f'ree energy of' electrostatic 

interaction between ions to the individual ionic activity 

coef'ficient; 

o I.:L 1,+']3-a 2: 

The mean activity coefficient of the electrolyte 

by the corresponding expression 

Atz ;z lIt 
. log l' = - 1 ~ 

+ l' 
- 1 -I!--B g I2: 

f is given 
± 

•••• (10'2) 

6. 

The quantities A and B are parameters depending only on 

solvent and temperature, zl' z2 are the valencies of the cation 

and anion respectively, and I _ f~;CjZ2, C,j being the 

concentration of species j in appropriate units. 

The limiting fo~ of' equation (1.2), applicable only to 

very dilute solutions, 
l' 

log f'* =-A IZl z2 l l.a 

is known as the Debye-Huckel Limiting Lawo 

•••• (1.3) 

'In their theory, Debye and Huckel used a model of' corqplete 

ionisation of rigid ~herically synwetr1cal ions in a continuous 

medium with the macroscopic dielectric constant of the solvent. 

They also make use of the approximation. 

e,xp ( - z. e 'fj/kT 1 =- 1 - ( zje If./kT ) 
'J. J 
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which can only be justified when z e ~ . « kT. 
j J . 

Due to the simplicity of the model and the mathematical 

approximations involved, the theory can only be expected to 

hold for dilute solutions~( I <: 0.1 for 1:1 electrolytes in 

water, and· less, for polyvalent electrolytes)o It is, therefore, 

not surprising that deviations from predicted behaviour are 

observed in more concentrated solutions. 

Several extensions of the Debye-Huckel theory have been 

proposed to account for the lack of agreement between observed 

activity coefficients and those calculated with the Debye-Huckel 

equation. Hu~kel,13 for instance, in 1925 put forward the 

equation 

or 

with a term linear in I en:g;>irically added. He considered the 

extra term as due to an electrostatic salting-out effect. It 

was his belief that the presence of the ions would decrease the 

number of orientable solvent molecules; hence the dielectric 

constant would decrease. Scatchard14 has also considered this 

treatment 0 Stokes and Robinson15 have attempted to inte~ret 

the C term for aqueous solutions in terms of ionic hydration, 

with the aid of a hydration number, n. Whilst agreement is 

obtained with e~eriment up to fairly high concentrations, the 

Vlalues for n which must be.used are not realistic, being much 

higher than any acceptable hydration number. Gluekauf16 has 

improved the treatment of Stokes and Robinson by taking into 

account the difference in size of water molecules and hydrated 
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ions, by using volume statistics fractions instead of the 

commonly used mole fractions. His treatment leads to more 

reasonable hydration numbers. Nevertheless, the apparent molar 

volume of the electrolyte must also be used. 

Several other empirical varients of the Debye-Huckel equation, 

~ith fewer adjustable pB:rameters than the Ruckel extena-i.on, are in 

common use: 

(a) Guntelberg t s17 adjustable parameters) 

l.og f+ = 

GUggenheimtl s18 e:qua tion (one 
1: 
'2 

adjustable parameter) 

Alzl z211 
't, - 0-

OI • • •• (105) 
'2: 

1 of. I 

{o} Davies19 (1938): equat~on (no adjustable para.meters) 

i 
]Log f_+ = ~ A lz .z I t. I-Of _ 0; 2±) 0> 0 •• (1 0 6) 

, 1 2· ~l +. I~ 

(d) Davies20 {1962} equation (~o .adjustable parameters) 

As more results have become a.vailable, and as corrections could 

be made for known ion association, Davies recently concluded that 

the coefficient 0.3 :fi'o,r the term linear in I would give a better 

agreement with known activity coefficient data. 

Whereas hydration effects cause positive deyiations from the 

Debye-Huckel Limiting Law at higher concentrations, in some 

instances, particularly for electrolytes containing polyvalent 



ions, negative deviations occur. Such a deviation corresponds 

to absurdly small or even negative values of the ion-size 

parameter g when the complete Debye-HUckel equation is used. 

Wi th polyvalent electrolytes the approximation 

assumed in the Debye-Huckel theory is less satisfactory than 

with 1:,1 electrolytes o By accep1)ing higher terms in this 

expansion, Gronwal121 and co-workers,and Muller,22 found the 

resul ting theory to be valid at higher concentrations than the 

original Debye-Huckel theory. However, this treatment is 

mathematically complex and also lacks self-consistency, 

conflicting with the principle of linear super~osition of ~ields~3 

ION ASSOCIATION 

An alternative treatment to the extensions of Gronwall and 

Muller is the ionic association theory of Bjerrum. 24 This has the 

advantages of 'simplici ty and self-consistencyo 

Bjerrum considered that if oppoai tely charged ions in solutiad 

approached 60 close that the energy of their mutual electrical 

attraction became considerably greater than their thermal energy, 

then a new enti ty might be formed •. The species formed would be 

of sufficient stability to persist through a number of collisions 

with'solvent'molecules. This ion-pair could be, lone; lived enough 

to behave as a recognisable kinetic entit.y in solution, and would 

cause thermodynamic degiations consistent with a decreased 

concentration of particili.esr; in solution. This theory w.as regarded 

by Bj,errum solely as a mathematical device· for explaining these 

deviations. 
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However, in recent years both spectrophotometry and 

relaxation methods have shown directly that specific interaction 

betw.een ions does exist tn solution. Sulphate solutions are 

notable examples of this. Other e~erimerital methods, chiefly 

conductometric and potentiometric, give indirect evidence of 

ion association. 

These equilibria may be represented by an equation or 

the type 
.... + 

MX ~ M -it- X 

and (charac:terised by a degree of dissociation of the MX species 

(ion-pair or molecule) at each concentration, along with a 

thermodynamic dissociation constant KO defined by 

~+:. aX: .... · 
= 

~ 

where ~VI+, a,:-, a.wc represent the acti vi ty of these species iri 

solution. 

The experimental determination of the degree oft dissociation 

in solution is, however, generally arribiguous. When at.. is large 

comparatively high 'ionic strengths are required to obtain 

sufficient undis80ciated species in solution. This in turn 

neoessitates that the activities of the various species present 

(~.can only be approximately estimated, using the Debye-Huckel 

equation. The resultant dissociation constant KO usually shows a 

marked variation ih accordance with the choice of parameter in 

this equation. This situation has been well illustrated by Prue 

and co-workers in spectrophoto~etric,25 freezing pO$nt 

depression26 and potentiometric studies. 27 



In an attempt to reduce this ambiguity, minimum ionic 

strengths consistent with reasonable experimental accuracy are 

used throughout the present investigation. 

c. THE SPE,C1DROPHOTo'METRIC METHOD 

Beer's Law 

11. 

Since the introduction in 1941 of the first commercial 

photoelectric spectrophotometer for the ul tra-Viiolet and visible 

regions of the ~ectrum many spectrophotometric investigations , 
of equilibria in electrolyte solutions have been published. 

All asswne that B\eert 8 Law:28 (or more correctl~- the Beer-Bouguer-
" 

Lambert Law) is obeyed for each absorbing sp.ee·ies in solution. 

This law can be stated in the form 

III = IO-ecl 
. 0 

where IIIo is the ratio of the intensities of transmitted and 

incio.ent light, 1 is the length of the optical path, c is the 

concentration of the absorbing solute in moles per litre, and 

S is its molar extinction or absorption coefficient. 

If' log IIIo be whri tten as D, theabeorbanceor optical 

density at the wavelength employed, then generally 

D = S c1. 

and C : ~ .c. 
J J • 

The quanti~ies cjand Eiare the concentration and mo~ar 

extinction coefficient of the j tth absorbing specieso 

Very precise measurements by von Halban29 and by Kortum30 

on solutions containing only single absorbing species indicated 

that Beer's Law was in all cases valid in dilute solution. 



Compounds investigated included the sodium salts of 

2:4~dinitrophenol and ~icric acid, especially relevant to the 

present investigation. 

When true deviations from Beer's Law occur, they may be 

120 

ascribed to molecular or ionic interactions such as those causing 

association, dissociation, complex formation or change in 

solvation. 

Instrumental Errors 

Excellent discussions on ~ectrophotometric errors are 

gi Vlan by Goldring et al,31 Davies and Prue, 32 Slavin33 Bind West~4 

Apparent deviat.ions from Beer's Law may arise from 

instrumental errors, chief of which are the following factors: 

(1) spectral iny;>urity o~ the radiation (stray light), 

(2) non-linear response of the photocell, 

(3) multiple reflection of radiation from the faces of the 

abso!j)tion cell, causing the effecti ve optical path to be 

aome multiple of 1, 

(4) non-parallelism of radiation, again causing the effective 

optical path to differ from 1 and the failure of some 

multipley reflected light to fall qn the photocell o 

Factors ~, 2 and 4 depend on the reliability of the 

spectrophotomet~r. O'f these, 1 is probably the most serious 

wi th sp"ectrophotometers enployi,ng a single monochromator, such 

as the Hilger Uvispek used in the present investigation., The 

'work of Fog35 shows ,the importance of this factor. He compared 

the absorbance of potassium chromate solutions at the 373 mu 

absorption peak with that of water, using different chromate 
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concentrations and different spectrophotometerso The measured 

absorbances ranged from 0 0 2-1.00 The calculated molar extinction 

coefficient S. varied wi th both concentration and instrument 

used, but was always lower than the accepted value, 

E. :=: 4.830. 36 The extinction coefficient always decreased 

with chromate concentration in a linear fashion. On 

e~lirapolation to zero concentration, the resul tant .~ 0 w.ae in 

much better agreement with the accepted value, although still 

lowo However, when a filter was inserted in the light beam to 

eliminate most of the stray radiation a'ti other wavelengths, the 

extinction coefficient was brought much closer to the accepted 

value and little trend with concentration was observed. 

Obviously consideration of stray light is of' inportartce hereo 

Some of the resul ts obtained by Fog are sllOwn in Fig 1. 

Davies and Monk37 have found a similar decreasirig deift in 

molar extinction coefficient with increasing concentration in 

measurements on the uranyl perchlorate ~ectrum, as have Bale 

and Monk38 w.ith the spectrum of sodium dinitrophenolate. The 

ranges of absorbance used in the measurements were 0.18-0.77 and 

0.2-100, respectively. However, these .authors assume that any 

stray light is completely absorbed by both sample and reference 

solutions. They instead inte:r:pret the variation in extinction 

c.oefficient as due to radiation totally absorbed by the solutions, 

assuming this, for a given set of conditions, to be represented 

by a constant factoro Thus they subtracted .0063 and .005 from 

the absorbances observed in the uranyl and dinitrophenol 

investigations respectivelyo The resulting extinction coefficient£ 
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will be considerably different from those which can be obtained 

on extrapolation to zero concentration. 

In view of the resul ts obtained by Fog, i t would appear 

that elimination of stray light is not complete as was assumed 

,and that it is this Which is mainly ~esponsible for the drift 

in extinction coefficient with concent'ration. Therefore the ' 

corrections applied by Monk et al are unjustified and, indeed, 

erroneous. 

The extinction coefficient of the 2:4-dinitrophenolate 

ion has been measured in the present investigation at different 

wave lengths and concentrations. Some 01' the results obtained 

at 390 ~ are shown in Fig. 2. It is apparent that stray light 

is much less important here than in the investigations 

mentioned previously. The extinction coefficient is practically 

constant for the absorbance range 0.2 - 0.8, but falls off' at 

higher values., When a con~aratively narrow band filter is used,: 

constancy is achieved throughout the absorbance range, proving 

that it is indeed stray light which caused the deviation. 

Extinction coefficients were also constant over thsoabsorb-

ance range 002-00-8 when potassi:um ni trate was used. Other 

investigators39 using similar spectrophotometersconfirm the 

lineari ty in this absorbance region. 

Throughout the present investigation, then, an endeavour 

will be m~de to keep all measured absorbances within this range, 

when solvent is used as the reference solution •. 

Errors 2, 3 and 11· <ean be largely eliminated if two solutions 

of very similar absorbance are cO!Yp1:l.red. Provided their 
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corresponding spectra are nearly identical throughout the 

region to which the spectrophotometer is sensitive, error 1 

may also be minimisedo In the most precise form of this 

differential method, the· absorbance of the two solutions is 

made identical; the instrument is, in effect, a null-point 

detectoro 

Photometric Precision I 

"I 

15. 

When the transmittance 10 of a 8al~le is measured (by the 

normal method of cornparing the absorbance of' the saI11Ple wi th 

that of a ref'erence cell containing the pure SOlvent) the error 

in the transmittance is determined by the minimum signal 

required to cause a perceptible motion of the meter needle~ 

This error is independent of the transmittance, and it can be 

shown 40 that in thi s case, f'or a system obeying B'eert sLaw, a 

given error in the transmittance causes least error in the 

eoncentration~ c J for a transmittance of 36G B per cent. This 

corresponds to an absorbance of' 004340 The relevant error 

function is 

= 
0.4343 A. (I/Io) 

IIIo log (rIIo ) 

where A c: is the uncertainty in concentration caused by the 

corresponding uncertainty, A (IlIa)' in reading the exact 

posi tion of the transmission scale of the spectrophotometer. 

This relation follows sirrply from Beerts Lawo The minimum . 

. in the analytical error plotted as a function of transmittance 

is flat in the range 20% to 65%" so that the corresponding 
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absorbance values from 00 2 to 0 0 7 are not far from the 

optimum value. 

Oahn 41 has analysed the resul t of a number of co-operative 

studies on the photometric accuracy of· two' makes of spectrophoto

meter. ,He ,concluded that the most modern instruments tested 

were accurate to within about 0 0 003 in absorbance. 

From' equa tio.n 108 it can be shown that near optimum 

ab:sorbance such an absolute precision in absorbance corresponds 

to a relative precision of 0.5 per cent in the concentration. 

It may therefore be expected that careful work under favourable 

condi tiona, would yield a relative precision of' about 0 0 5 per 

cent in concentration. 

The orthodox spectrophotometric method is thus less accurate 

than some other methods (ee go potentiome·try) of studying 

equilibria in electrolyte solutions. 

For differential methods of spectrophotometry a 

corresponding'error function, equation 109,. has been derived by 

HiSkeyo40. 

- 004343 A (I:i~1) 

0<. A x 10 -Ai (G(.~1) 
1 •••• (109) 
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Here c
l 

and c
2 

are the concentrations of the reference and 

the test solutions respectivelY; I2lIi is their transmittance 

ratio, Al is the absorbance of the reference solution, and cJ. 

This function, excluding the constant 

A{I 2/TJL) term is plotted in figo 3 for various values of AI. 

The uppermost curve, for Al=O, is that for the orthodox 

methodo 

Two conclusions may be drawn from these curves. 

1. As the absorbance of the reference solution increases, 

8:0 the probable error decreases. The maximum increase 

in accuracy which is actually obtainable will be 

limited by the sensitivity of the ~ectrophotometer 

employed. 

2. The accuracy increases as the absorbance of the sample 

solution approaches that of the reference solution, and 

the error is at its minimltm value when the two absorbances 

are equal. 

It must be emphasised that tljLis discussion does not consider 

the increase in absolute accuracy in the differential method 

caused by elimination of instrumental errors. 

Using the differential method under c.arefully controlled 

condi tions it should be possible to determine relative 

concentrations to within ± 0.05 per cent, when the absorbances 

are equalo Under such conditions spectrophotometry is capable 

of as high an accuracy as potentiometry~ 
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IT EXPERIMENTAL 

A. APP ARATUS 

Sp ectrophotometers. 

All quan~itative absorption measurements were made with 

a S'eries mOO.307 Hilger Uvispek ul tra-violet spectrophotometer. 

This instrument, of the single beam type, employs a 

monoohromator of the Littrow type, using a single quartz prism 

as a dispersing eTement. A hydrogen disoharge tube and a 

:filament 19.Il1P are used as light souroes for radiation less than 

and greater than 340 mp respeotively. The cell oompartment was 

thermostatted to' within ±.050C by foroed oiroulation through 

the hollow oell~holder of water from a thermostat. The 

instrument is well desoribed in standard Hilger manuals, and 

also by vogel. 42 

For other absorption measurements a Beokman Model DK 2-1\ 

double-beam reoording spectrophotometer was used. This 

instrument also possessed a thermosta'tted oell 'oompartment. 

Absorption Cells 

Amatohed pair of 4 .. 0 om fused quartz cells was used for 

all quantitative work with the ffilger Uvispek instrument. 

Matched pairs of 50 0 om and 0.1 om cells were used with the 

B;eokman instrument. 

Adjustment and Calibration of the UVispek. 

When work was started the perfqrmanoe of the U~ispek was 

found to be well outside the maximum limits of toleranoe 

speoified by the manufaoturer. However, by adjustment and 

replaoement of oomponents the performanoe of the instrument 

w.as greatly improved and was brought inside the toleranoe limits. 



The calibration of the wavelength drum was periodically 

checked using recommended lines in the mercury spectrum. 43 

The reproduction of wavelength settings could also be checked 

with these lines. Although backlash was encountered in the 

wavelength drum, it was found that, providing the required 

wavelength was always approached from the same direction, 

settings were reproducibleo 

The photometric Bcale was checked by measuring the 

absorbance of solutions of potassium nitrate, which obey 

Beer's Law in dilute solution. Over the range 0.2 - 0.8 

19. 

absorbance units, the scale was :round to be linear. Below 0.2 

readings were too, high. As many measurements were made in this 

region, a careful calibration w.as necessary. From this check 

it was .found that the maximum deviation o.f the scale from 

linearity was 0.001 units. 

Throughout the spectrum the potassium nitrate extinction 

eoe.fficient was co~sistently about 105 per cent higher than 

aqceptedvalues. At the 303 mp absorption maximum the 

experimental value,E=7.17 may be compared with the accepted 

6 39 value, e. =700 • A similar discrepancy was also :found when 

extinction coefficients for the anions of picric acid and 
, . 44,,45. 

2:4-dinitrophenol were compared with precise literature values. 

Thus, either the photometric scale is inaccurate or the 

effective cell length is greater than its actual length, due to 

multiple reflections, etco All extinction coefficients 

reported in this investigation are the experimentally observed 

values; they are probably up to 1.5 per cent too high. As 



the- error is consistent, however, no inaccuracy will occur 

in derived dissociation constants, if all extinction 

coefficients required are measured with the same instrument. 

To prevent erratic signal fluctuations, the silica gel 

dessicant of the Uvispek was frequently rejuvenated by 

heating in an oveno 

B. PREPARATION AND PURIFICATION OF MATERIALS 

HYdroChloric Acid 

Constant boiling acid was pr~ared from Hopkin and 

Williams. Analar material as recommended by Foulk and 

Hollingswortho 46 This acid was - then diluted by weight t,o 

provide an approximately 00,5 molal stock solution. Using 

methyl red as indicator the stock solution was standardised 

against Analar borax,42 which had been twice recrystallised 

from water. By using a methyl red colour standard and by 

performing titrations by weight, titrations were reproducible 

to within ± 0001 per cent. 
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The strength of the stock solution as calculated from the 

composition of the constant boiling acid 'agreed with that 

obtained from the titrations to within 0 0 05 per cento stokea,47 

in discussing the analysis of hydrochloric acidsolut1ons, 

believes that the corrq>osi tion of constant boiling acid is 

subject to error and concludes that titration with borax is 

more reliable. In consequence of this the acid strength 

obtained from the titration was taken to be the true value., 

'Perchloric Acid~ 

JB;o Do Ho Analar material was used without further 

purificationo A stock solution was analysed by standardisation 



against boraxo The procedure used and the precision obtained 

were simi1ar to those outlined for the standardisation of 

hydrochloric acid. 

Sulphuric_Aill 

Hopkin and Williams Analar material was once distilled. 

Constant boiling acid was then prepared by the method of 

Kunzlero 48 He reconwends this acid as a primary standard, 

due to the very slight change in corqposttion with pressure. 

A stock solution was prepared by weight dilution of the 

constant boiling acid. 
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As an independent check on the acidity the stock solut1.on 

was standardised against Analar sodium "carbonate which had 

been dried at 2700 0, using the procedure suggested by Balis 

et al,49 namely titrating with the acid to pH 3 using 

methyl orange, boiling the solvtion, then ba.ck tit.rating wltb 

dilute sodilUTI hydroxide solution to a sharp bromothymol blue 

end-pointo Individual ti trations were reprocluci1)le to within 

± 0 .. ~1 per cent. 

" The sulphate content of the· solution was determined 

gravimetrically42 as barium sulphate, a precision of 

± 0.03 per cent being obtained. These two methods of analysis 

gave results differing by 0.1 per cent, their mean giving a 

value for the acid strength 0.03 per cent lower than 

c:alculated from the cony;>osi tion of the constant boiling acid. 

Sodium Hydroxide 

A saturated solution was prepared from Hopkin and Williams 

Analar sodium hydroxide stickS o
42 After filtering through a 

sintered glass fulIDel to eliminate precipitated sodium 



carbonate the solution was diluted with boiled-out water, 

to make up a carbon dioxide ~ree solution approxirr~tely 

0.1 molal in strengtho This solution was then titrated 

against standardised hydrochloric and sulphuric acids 

using the mixed indicator bromocresol green-methyl red. 

This procedure served as an intel~al check on tbe strengths 

o~ .these two acids, which were standardised by di~ferent 

means o 

S'odium Perchlorate 

A stock solution was prepared by exactly neutralising 

a solution of standard perchloric acid with suf~icient sodium 

carbonate, and then boiling the solution to eliminate carbon 

dioxide o The solution was analysed by evaporating an aliquot 

to dryness, and drying in an oven at 160000 50 

Lithium Perchlorate 

Li thiwn perchlorate was prepared by neutral ising Analar 

65 per cent perchloric acid with Hopkin and Williams G.P. R~ 

grade lithium carbonate. The salt was recrystallised three 

tinles from watero A ~tock solution waS prepared and was 

analysed by evaporating an aliquot to dr~~es6 with sulphuric 

acid, heating to 7000 0, and weighing as anhydrous lithium 

sulphate. 42 

Barium Perchlorate 

A slight excess of Hopkin and Vvilliams Analar barium 

c~arbonate was added to standard perchloric acid. A~ter 

w.arming the solution, the excess carbonate was filtered o~~. 

The barium content of a stock solution was determined 
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gravimetrically as barium sUlphate. 

LanthanLlffi Perchlorate 

An initial stock solution was pr~ared by neutralising 

standard perchloric acid with lanthanum oxide. However, 

after several months a whi te precil1i tate appearedo This 

solution was discarded and another stock solution prepared 

with the pH approximately 30 In this case no trouble was 

experienc·ed wi th precipi tation. The concentration of the 

solution was found 51 by precipi tating lanthanum as the 

o.xalate, and determining the oxalate in the precipi tate wi th 

]potassium permanganate solution, which had been standardised 

against Analar sodium oxalate. 
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The Lanthanum oxide used was guaranteed by the suppliers, 

J'Qhnson and Matthey Ltd, t.o be not less than 99.9 per cent 

pure. No absorption due to" cerium could be found in the 

ultra-violet prect·rum of the lanthanum perchlorate solution. 

Cerous Perchlorate 

Cerous perchlorate was prepared· from carie' ammomwn 

nitrate by the method· of Keidt and Berestecki. 2 In the 

final step of their preparation, these authors dissolved 

ceric oxide in 1 molar perchloric acid in the presence of 

a Ii ttle hydrogen peroxide. When this. step 'Wise atterrpted, 

the oxide would only dissolve with great difficulty. 

Consequently the dilute acid was replaced with concentrated 

perchloric acid. After dissolving the' oxide, the resultant 

c:erOU8 perchlorate solution was evaporated to eliminate most 

of the excess acido On dilution with water, the solution w.as 



boiled to decolllPose any remaining hydrogen peroxide. 

The hydrogen peroxide used had previously been distilled 

under reduced pressure to eliminate preservative. 

Heidt and Berestecki claim that their method of 

preparation results in a product free of ni trate, clnilla:rride, 

and ammo;nium compounds. 

Tests for sulphate, using barium chloride; for chloride, 

using acidifed silver nitrate; and for nitrate, using the 

Gl-naphthyI-amine-sulphanilic acid spot-test gi ven by Feigl ;5·2 

were all. negative when applied to the present cerous 

perchlorate stock solutions. Two different stock solutions 

were made upo One was from cerous perchlorate 'prepared :from. 

ordinary laboratory-grade ceric ammonium nitrate which had been 

recrystallised twice from dilute nitric aCid;42 ,and the other 

from cerous perchlorate which. had been prepared from onGe 

recrystallised BoDo H. Analar eerie armnonium ni trateo :r3'oth 

solutions gave the same ultra-violet spectrum, and elimination 

of other rare.earths was indicated in each case by absence of 

peaks in the visible and near infra-red portions of the 
) 

spectrum. 53 

To analyse the stock solutions for cerium the cerous 

state wa's first oxidised' to the ceric state in the presence 

of 1 If sulphuric aeid, using .Analar arrnnonium persulphate as 

oxidant. The resultant solution was then titrated with fresh 

ferrous anunonium sulphate solution, using fer:roin as 

indicator. 54 ~he ferrous solution was standardised against 

a standard ceric sulphate so~ution, made up by weight from an 



ampo.ule o.f B. D. H. Co.ncentrated Vo.lumetric reagento 

To. determine the excess acid present in the cero.us 

perchlo.rate so.lutio.n an excess o.f a so.diumo.xalate saturated 

so.lutio.n was added to. precipitate the cerium. After 

filtering o.ff the cero.us o.xalate the acid was titrated with 

a standard so.dium hydro.xide so.lutio.n, using pheno.lphthalein 

as indicato.r. 55 Ano.ther sto.ck so.lutio.n was pr~ared frem 
I' 

G. Fo Smith Analttical Reagent Grade cereus perchlerate. 

Analysiis o.f the visible and near infra-red spectrum ef a 

steck sollltien ef this material indicated the presence ef 

0.2 per cent Praseedymium 'ana 002 per cent Neodymiumo 53 

Gravimetric analysis fer the tetal rare earth contamt by 

prec:ipitating the oxalate and igniting to. the o.xide56 

shewed that this sample centained 2.0 per cent o.f ether rare 

earths. Acco.rdingly preliminary measur'ements enly were made 

w~th this so.lution. 

Sedium SUlphate 

lB. D. H. Analar material was dried at 2800.0 and a steck 

selutien made up by weight. 

Lithium Sulphate 

Hepkin and W.l1liams Analar Ii thium sulphate mo.nehydrate 

Wias dehydrated at 2800.0 and heated to. co.nstant weight. A 

steck selutio.n was made up by weight. 

Dobaltic Hexammine Perchlerate 

Cebaltic hexammine.perchlo.rate was prepared by adding a 

slight excess o.f perchleric acid to. a so.lutio.n o.f the 

correspending chleride. After filtering the precipitate the 
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salt was recrystallised four times from water, finally 

washed with methanol, and dried at 80°C for half an hour. 

Stock solution was then made up by- weighto 

Formic Acid 

A dilliuted solutton of formic acid (Riedel de Haen A.R.}, 

which had been fractionated once was standardised by 

titrating against sodium hydroxide solution, using as 

indicator phenolphthalein. A formic acid- sodium formate 

buffer solution was prepared by a partial neutralisation of 

the acid with the same sodium hydroxide solution. 

2:4-Dinitrophenol 

Eastman Kodak Technic·al Grade 2:4-dini trophenol was 

purified by passing through a column of deactivated alumina 

and thrice recrystallising from water'. Another sample 

obtained later (Hopkin and Williams G.PoRo material) was 

recrystallised four times from aqueous methanol. 

2:6-Dini trophenol 

2:6-Dini trophenol (-Light and eo'. ) was thrice 

recrystallised from ~queous·methanol. 

Picric Acid 

Hopkin and Williams Analar picric acid was once 

recrystallised from water. 

Other Nitrophenols 

The ciorqpounds' 6-chloro-2:4-dinitrophenol, 4-chloro-2:6-

di.ni trophenol, 6-lB'romo-2:q.-dini tropheno~, 4-bromo-2: 6-:

dinitrophenol and 2:6-dibromo-4-nitrophenol were synthesised. 

The cruoro-coIly;>ounds were :prepared by ni trating the 
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corresponding chlorophenols with excess fuming nitric 

acid and the bromo-compounds by brominating th~ 

corresponding nitrophenol with a slight excess of bromine 

in glacial acetic acido In each case the temperature of 

the reaction mixture wasLkept as 10w as possible using an 

ice-salt mixture. On, diluting the solution with water, 

yellow crystals were precipitated. Each nitrophenol was 

recry~tallised several times from aqueous methanol and then 

from petrolemm ether. No further change was observed in 

its ul tra-violet spectltum on changing the sol vento 

Water. 

The laboratory distilled water supply was used through

out the investigation. Before use, the water was boiled and 

protected from atmospheric carbon dioxide by a soda-lime 

guard tube. 

Methanol 

Ordinary commercial methanol was f'irst distllled from 

dilute sulphuric acid (50 ml of 2N sulphuric acid per li'tre 

of methanol) to free from amine impuri ties. As the· 

resulting methanol contained at least 1 per cent of water, 

most of this was removed by, next refluxing w.ith magnesium 

methoxide, followed by distillationo Finally the methanol 

was fractionated, using a 5 ft. vacuum-jacketed column 

packed with Raschig rings, and collected at a re:rlux ratio 

of 20: 1. 

For later work I.-C. I. Analytical Reagent Grade methanol 

w.as available o As thi s material appeared to be practically 



free from amines it was thought only necessary to 

fractionate it before use. In each case only the middle 

half of the distillate was used for making up solutions. 

No test was obtained for aldehydes in this fraction when 

N-essler's .Reagent was usedo 57 For each "batch of methanol 

fractionat~d, Karl Fischer Reagent54 w.as used to determine 

the water contento This was usually near 00 01 per e,ent. 

The Karl Fise:her Reagent used was of composi tion: 

Solutions 

Pyridine 

Iodine 

Sulphur Dioxide 

Methanol 

75 rol" 

32 gm. 

17 ml. 

500 mI. 

All solutions were prepared by weight. With access to 

Mettler semi-micro balances, preparation by weight is only 

slightly less convenient than volurnetric preparation. 

Mettler balances of 100 gm and 200 gm c~acity and of 

a.ccuracy 10-5gm and 10-4gm respectively were used. For 

larger weighings a 'b,alance of greater capaci ty, sensi tive 

to 20 mgm at a fUll 10 adingof 5 kgm, was used. 

For preparing and diluting stock solutions the weight 

molar scale (moles of solute :per kllogram of solution) was 

found most convenient. Where molar extinction coefficients 

were explicitly needed in calculations, concentrations were 

c:onverted to the molar scale,using the approximate formula 

= d25 
o 

for the denSity of the solution at 2500, where d25 is the o 
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CLensity of the pure solvent at 25°C, w is the concentration 

on the weight molar scale, and D is a constant characteristic 

of the solute, obtained from density data in aqueous 

solution.. For mixtures it was assumed that the Dw term was 

additive. As solutions were generally dilute the relative 

error in the use of this approximate 'relation is usually less 

tha~ 0.1 per cento The total error involved in preparing 

solutions is probably small cOffil.:>ared to those of 

eonventional spectrophotometry. 

Wi th the differential spectrophotometric method used 

in the sulphuric acid investtgation, molar extinction 

coefficients are not used, and utmost precision in 

concentrati'ons is required. In this instance concentrations 

were converted to the molal scale. 

C.. PROCEDURE 

~efore making a set of measurements thespectrophoto

meter was switched on and allowed to stabilise for an hour. 

This period was sufficient to bring the thermostat ted cell 

holder to equilibrium with its surroundings. Prior to 

transferring to the absoI$)tion cells, the solutions were 

filtered through a No.5 slntered glass filter to eliminate 

moat dust, and then placed in a thermostat bath to bring them 

to approximately the right temperatureo Transfer of solutions 

was conveniently made with a 10 ml hypodermic syringe, a 

]ength of polythene tubing replacing the needle. It was found 

that the cell was adequately rinsed by filling and enptying 

three times. Once the cell had been filled with the test 
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solution a period of ten minutes was generally sufficient to 

enable it to reach thermal equilibrium. As a check on 

measurements each absorbance reading was repeated several 

times o 

Immediately bei'ore and after a series of measurements 

both cells were filled with the reference solution to 

determine the blank correction. Generally this correction 

was less than 0.002 absorbance uni ts o Cells were kept 

scrupulously clean by means of frequent immersion in warm, 

concentrated nitric acid fd~ several hours o 

All solutions used appeared stable, and no irreversible 

c:hange in ab sorbance with time was noteq.. 

All glassware used was thoroughly cleaned in chromic 

acid, and then soaked in water for at least twelve hours. 

Calculations 

Some of the computation involved was ~one with an 

IBM 1620 computer, using programmes written in Fortran. A 

desk calculator was used for the remainder. Use of the 

c011'!Puter proved advantageous where calculatfons involved 

numerous successive approximations, especially when, 

in addition, parameters were varied by trial and error, as 

in the cercus sulphate and buffered sulphuric acid 

ealculations. 

Constants of the methanol-water solvent system 

frequently used throughout the present investigation are 

presented in Table I. 
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TABLE I CONSTANTS FOR METHANaL-WATER MIXTURES AT 25°C 

Methano1 A 
Molar 

B 
Wt % Mole % d D Molar Molal Molal 

0 0 0.,9971 78.303 0.5115 0.5·107 0.3291 0.3286 

20 12032 0.9634 69~83 0.6074 006064 0.3485 0.3479 

40 27.26 0.9310 60.80 0.7469 0.7457 0.3734 0.3728 

60 45.75 0.8906 51055 009567 0.9552 0.4054 0.4048 

80 69022 008430 420:50 1.279 1 <> 277 0.4466 0.4460 

d, the solvent density was interpolated from the combined data of Clifford 

and Campbell,58 and Griffiths59 at 25°C. 

D, the solvent dielectric constant is that obtained by Albright and 

Gosting,60 recalculated using the D value of Malmberg and Maryott61 for watero 

A and B, the Debye-Huckel theoretical constants are given both for the 

molar and molal scales. 

\.N 
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YI]r THE DISSOCIATION CONSTANT OF SOME NITROPHENOLS IN 

WATER AND AQUEOUS 1mTa~OL AT 25°C 

Ao INTRODUCTION 

As preliminary work to the determination of the second 

dissociation constant of sulphuric acid, the dissociation 

eonstant of' several substituted nitrophenols were first 

measured in aqueous methanol e 

The dissociation of an uncharged monoprotic acid in a 

given sol vent may be formally represented by the equilibrium 

where A is the acid anion and S represents a solvent molecule. 

Assuming that this equilibrium obeys the Law of Mass Action, 
. 0 

it may be characterised by an equilibrium constant, K, given 

by the e~ression 

I( \\ 

• a HA 

where.a represents the activities of the species concerned. 

In the specific case of phenol and water, the 

equilibrium may be written 

+ 

w.ith 
a -A. 

~. aH20: 

where A- represents the phenolate ion, and assuming the proton 

formally associated with only one water molecule. However, in 
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dilute solution the activity of the water is effectively 

constant, and it is common practice to r~re8ent the 

equilibrium by an ionisation constant, 

KO = ~30+. aA-
a a HA 

The hydrogen ion activity of the solution is formally 

wri tten aH 0""' presupposing solvation of the proton by one 
3 

water moleculeo However, as this point is not clear, the 

hydrogen ion activity is in general written as aW' making 

no assumptions as to the state of solvation of the proton. 

This is especially relevant for solvent mixtures such as 

aqueous methanol. Here the proton may be solvated by both 

water and methanol molecules, the proportion being d~endent, 

among other things, on the relative basi~ity of water and 

methanol. 

EValuation of the Dissociation Constant. 

The dissociation constant may be J?e-written in the form 

or 

1:lsing the molar concentration scale. Here c~" 'c
A
-, cHA refe~ 

to concentrations in moles per ]_i tre of the species present 

and f rr'" ' f A*"): fRA to act i vi ty coefficients on the molar scal e. 

The ratio cA~/cHA may be determined speetrophotometrically 

provided the following two requirements are met: 

10 One of the species A- or ITA must ~bsorb electromagnet:I.c 
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radiation in either the ultra-violet or visible regions of 

the spect.rum, 

2. If both forms A- a.nd IiA. absol'lb radiation their spectr'8. 

must not be coincident at all wave lengths. 

Both these requirements are met by nj. trophenols, and the 
.,.,. 

determination of their pK~ values is admirably suited to the 

spectl'lophotometric method, using visible light. .In this 

region theni troph.enola te anion absoItbs . strongly, wh.ereas 

absor:p tion by the molecular forrp. is very small. 

In a mixture of the two forms the ratio cJ'a.-/CHA may be 

obtained from the expression 

s- eRA 
€A .... -"€ 

repr-esent the extinction coefficients 

of the nitrophenolate anion, the nitrophenol moleeule~ and 

that of a mixture of both forms. The former two quantities 

are found from measurement in excess alkali and excess acid, 

resp ecti vely. 

For greatest accuracy in the determination of the ratio 

cA- th epR of the solution and the pK of the acid should be 
clIA 
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of the same order, i. e. the acid should be approximately 50 per 

c-ent ionisedo This is conmonly achieved by using a buffer 

mixture of a weak acid and its salt possessing a suitable and 

a.ccurately knovm. pH value. 62 However, of the pK~ values 

determined in this investigation only that of 2::6-dibromo-4-

ni trophenol in water came wi thin the range of a sui table buffer. 

Others had P~ values greater than 3, and the optimum pH could 

be reached by addition of strong acid. 



o In aqueous methanol the pKa of each ni trophenol is 

enhanced by increasing the methanol content of the solvent. 

Here, in most cases~ a suitable buffer solution is desirable 

~or maximum accuracy. Data on such buffers is not available 

in the literature. Accordingly the-pH of all methanolic 

solutions used was adjus~ed witp strong mineral acid. 

As errors in pH, due to impurities in the solution and 

dissolution of glass, become increasingly large as the acid 

c:ontent of such a.n unbuffered solution is decreased, the 

strong acid concentration used shouCld never fall below 

00001- N, and preferably should.· be higher. This means that 

for a nitrophenol possessing a pK greater than 3, the degree 

of ionisation will always be small at such acid strengths. 

I"f the molecular form of the ni trophenol absorbs radiation 

appreciably at the wave length measured, the corresponding 
cA-

accuracy in the ratio will suffer. But by carefully cHA 
choosing wave lengths where € A- > 1000 E HA' satisfactory 

results should be obtainable using acidities of up to 0.01 N. 

This applies even when apK~ of 5 is to be measured. 

Finally, the various activity coefficients must be 

considered. In dilute solution the quantity 10g fEA should 

be negligible. 

f 
nK -.z:'a -

The mean ionic activity coefficient f, 
± 

+ 1;:. :La 
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The term c:s,+ includes a small contribution from the 

ionisation of the phenol. 

To determine the thermodynamic dissociation constant, 

o Ka' a series of measurements should be made at different ionie 

strengths. The right-hand side of equatiori 301 is calculated 

and then plotted against I, giving, on extrapolation to 
o infini te dilution, a value for pKa• 

lB'. RESULTS 

Experimental results are presented in Table II and some 

are illustrated in Fig. 4. A sunnnary of results is given in 

Table III. In the first column of this table are given pK~ 

values for the nitrophenols in aqueous solution as calculated 

:fhJm:: the pK~ data of Biggs and Robinson63 for phenol itself' 

and for the mono-substituted phenols, using the assumption of 

additivitYo64,65. The ex.:perimental pK~ Vialues are ].ower 

than the calculated values, as has been previously found for 

other substi tuted ni tr-ophenols. Table IV lists absoIj?tion 

maxima and corresponding extinction coefficients of some 

nitrophenolate ions in aqueous solutiono Those for 

2:6-dibromo-4-nitrophenol are also given for a range of 

methanOl-water mixtures where a considerable variation in 

both position and intensity of the absorption maximum is 

noted on the changing the solvent. This effect was less 

marked for other nitrophenols investigated, but a considerable 

variation has also been noted by KOrtum45 for 2:4-dinitrophenol 

and .p icric ac id in aqueous ethanol. 

The p~~ of 2:6-d{bromo-4-nitroPhenol in water was 

determined by using a sodium formate-formic acid buffer 



mixture. All other pK~ values were determined in the presence 

or a strong mineral acid, such as perchloric or hydrochloric. , 
In this case, a set of pKa values sui table ror extrapolation 

to zero ionic strength could be obtained by making measurements 

on a series or solutions prepared in either of two ways, as 

rollows: 

1. All solutions were of approximately equal concentration 

in nitrophenol and in strong mineral acid, but with addition 
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of di~rerent amounts of neutral salt to vary the ionic strength. 

2. All solutions were of .differing concentration in strong 

acid, eliminating ,the need to add neutral salts to vary the 

ionic strength. 

Henceforth these will be referred to as Method 1 and Method 2 

, respectively. 

Method 2, in practice, has different implications for 

relatively strong and weak nitrophenols - typiried by the 

determination in 80 per cent methanol of the pK~ of picric 

acid and 2:.::6-dini trophenol respectively. Pi-eric acid is of 

such a strength that it is always more than 50 per cent ionised 

at reasonably low ionic strengths. Conversely, with 

2::-6-dini trophenol and the oither relatively weak acids studied, 

most of the nl trophenol is present in the molecular form; 

consequently as the relative amount of this form is increased, 

the pK~ values become increasingly sensi ti ve to the value 

assigned to eRA at the relevant wave length. 

In instances where the nitrophenol pK~ values were 

determined by both Methods 1 and 2, it was round in every case, 

wi th the exception of 2;;6-dibromo-4-ni trophenol i111 60 per cent 



methanol, that the slope of the graph obtained by plotting 
I! 

pKa against I was always considerably steeper for Method 2. 

By fitting the experimental pOints to an equation of the form 

== pK c 
l' 

2AI2: /1 

1 T' B~Ia 

where A, B are the Debye-Huckel constants, and g the ion

size parameter, and pKc= - log Crt CA-
cHA 

it was found that Method 2 gave impossibly large values of 

over 12 R for g. Method 1, on the other hand, gave more 

reasonable 8. values of from 5.5 i to 7 XCI Each method gave 

straight lines extrapolating to slightly different pK~ values. 
II 

As· the pKa values of Method 2 are much more sensi ti ve to 

the value assigned to eHA' it w.as concluded that the 

experimental value for E HA was slightly high. It was 

reasonable to believe, in the absence of other association, 

that the slopes of the plots obtained from both methods, 

should be nearly identical in dilute solution. Consequently, 

where necessary, results were recalculated until a value for 

em was found that brought the two plots into coincidence. 

I't is these results which are given in the relevant tables. 

The estimated E tfA is gi ven ~irst, followed by the experimental 

value in parentheses. There is further discussion of this 

topic in the next section. The estimated error of each pK~ 

value shown in Table II is generally.Oo02 pK~ units. 
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TABLE II THE DISSOCIATION CONSTANT OFNITROPHENOLS AT 25° C. 

(1 ) 2:6-DIBROMO-4-NITROPfmNOL 

(1.1 ) Water 

Formic Acid ( x m ) - Sodium Formate (0.7989xM) Buffer. 

2 6 ° - 102I 10 cHeOOH, 10 0A- log .-£ - log Cw 
°HA 

10026 90847 0.253 3.591 0.8457 
10357 6.763 0.248 3.575 10111 
10719 60 817 0,& 245 3.561 10401 

II' 

2.079 60 770 0;'241 30549 1.690 
2.729 6.829 0.240 3.532' 2.210 
30393 6.762 0.236 30517 2.741 
4 .. 079 6.736 00234 3.504 3.290 
4.769 6.800 0.231 3.493 30 842 
5.439 6.705 0.230 3.LJ·82 4.379 
6.839 9.971 0.225 30464 5.498 

All measurements were made at 400 rop. 

Additional measurements made in 0.0011 molar HCl04 
indicated a pK~ of 30410 

t 

pKa 

3.424 
30425 
30425 
'3.426 
30424 
3.426 
30427 
3.429 
3.430 
3.434 
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TABLE II (cont·.) (1) 2:6-dibromo-4-nitro~henol 

(1.2) 20 Ber cent Methanol 

3 6 cA-
103r 10 cHCl 10 cA- -log-cHA 

1.452 5.985 00755 1 0 l.t·58 
201005 60 436 00889 20012 
2.528 6.798 0.983 20535 
30304 6.601 11ft 091 3.311 
4.132 60 746 1.184 4.139 

All TIleaSUrernents were made at 406 m}l. 

(103) 40 Ber cent Methanol 
3 6 . cA-

103I 10 cHCl 10 c,A- -l.og -
°HA 

20·120 5.810 1.079 20126 
20837 501 981 1.197 2.843 
30561 6.145 1.287 30567 
40749 6.389 1.402 4.756 
50968 60 555 1.491 50975 
7.132 4.497 1.561 7.137 

pK~ = 3.815 (±Oo02) 

ERA ::: 19 

All measurements were made at 408 mp. 

40. 

t 
pKa 

30 636 
3.637 
30 637 
3.637 
3.640 

t 
pKa 

30818 
30 819 
3.819 
30821 
3.822 
30824 



41. 

TAlB·LE II (cont.) (1) 2:6-dibromo-4-nitrophenol 

(104J 60 ~er cent Methanol 

3 3 105cA-
C - 3 t 

10 cHCIO 10 cLiCI04 -log ....!:.. 10.1 pKa 
4 cHA 

1.917 0.8355 10276 1.925 }..f..072 
20 654 00-9080 1.406 20 663 ~.o075 

3.512 00'9505 1.516 3.521 4.076 
4.038 10-056 < 1.570 40048 4.077 
4.717 1.078 1.631 4.728 4.079 
6 .. 030 1.110 1.725 6~:041 40082 
8.070 1.151 1.836 80 082 40086 
90705 10224 1.906 9.717 4.090 

11.16 1,.295 10958 11.17 4.093 
" 

13.41 1.307 2.027 13.42 4.098 
16.12 1.279 2.095 16.13 4.103 
16.74 1.541 2.110 16.75 4.105 

3.4-97 6.637 1.074 1.462 10.14 40092 
8.035 7.613 1.261 1.795 15.66 4.102 
300476 130 11 1.157 ;, 1 0429 16.59 40105 
8.020 1 J-!-. 07 1.330 1.773 22.11 4.116 
8.042 28.01 1 <a 4'30 1 .- 741 36.07 40140 
3.468 28.29 1.270 1.385 31.77 4.133 
3.504 32.07 1.277 1.382 35.58 4.139 
8 .. 035 38.65 1.489 10722 46.70 4.156 
30,502 58094 1.385 1.342 62.46 4.179 
80 051 60.23 10580 10698 68.29 4.187 

'0 
pKa = 4.07 (:tOo 02) 

e. A =: 15.910 cE IrA ~ 2.97 

All measuremen ts were mad.e at 420 mpo 



42. 

TABLE II (Cont9) (1 ) 2: 6-di bromo-4-ni tro12henol 

(105) 80 l2er cent Methanol 

3 3 5 c - 103r , 
, 

-]00' JL. 10 cHOIO 10 cLiCI04 10 cA- (;;) C pKa 
4 HA 

1.397 1.074 10-680 1.408 4.624 
10 654 0.8801 10744 10663 4.624 
2.107 00'9099 1.839 2.116 40626 
2.200 10,145 10858 20212 40 '628 

3.075 10256 10989 30087 4 0 634 
40005 0.8796 2.085 4.013 4 0 634 
}+o176 1.686 20,104 L~.193 4.637 
40736 10.201 20151 4.748 40639 
40.970 0.9735 20166 40980 4.637 
·70121 009055 2.299 7.130 4 0 645 
70268 10:151 2.307 7.,279 '+ •. 646 
70987 1.226 20342 70999 ' 4 0 649 

1.485 40,018 0.7399 1.630 5.510 4.633 
10516 6.986 0.7944 1 0 609 80 510 4.642 
1 0 1+97 12.21 0.8863 10569 130 71 4.659 
1.494 17.03 0.9261 1.542 180 5L~ 4.671 
10521 24079 0.9866 10512 26.32 4.684 

~ t8-"cHC1 
1 0607 009214 1 0 730 1 0 616 4.621 
1.619 0.6588 10:734 1.626 4.622 
10811 008819 10776 10 820 ' 4.620 
10904 10002 10799 1.914 4.624 
2.337 0.8827 1.878 2.346 40 626 
20,354 00 8834 1.881 20363 40 626 
205182 008183 10:903 20526 4 0 623 
3.740 o. 729'9 2.053 3.748 4 0 627 
4.186 0.9934 2.095 4.196 4.628 
4.682 0.9675 2.142 4.691 4.635 
50091 00 7868 20171 50 099 4.634 
6.910 1.032 2.284 60921 4.640 
90066 006895 20378 90072 40643 



TABLE II (cont,) (1 ) 2:6-dibromo-4-nitrol2henol 43. 

3 3 
105e -

'. cA- 103I 
, 10CHCl 10 CLiCI04 -~og c- pKa A HA 

11038 0.7687 2.461 11.389 4.651 
12.31 0.8003 2~486 12.31 4.651 
150 05 0.5734 2.558 15006 4.660 

3 ' 
10 cfIC1 

20329 40142 1.007 10818 60481 4.640 
20349 9.376 1.113 1.778 11. 74 40655 
20569 90 672 0.9711 1 •. 814 12025 4.657 
2.640 14.61 1.015 1 ~ 796 17026 40670 
2.330 18057 1.245 1.725 20.91 4.678 
2.589 23.77 1.251 1. 750, 26.37 40 692 
20615 33.63 1.202 1.723 36.26 4.713 
2.358 37.26 1.422 1.671 39063 4.720 
20582 46.72 1.293 10 689 49.31 40740 
2.627 67.74 10370 1.662 70038 40776 
20327 . 70. 5L!· 10626 10606 72.88 4.779 

3 
10 ~aCIO 

4 
20331 5.951 1.052 10800 8.292 4.643 
20356 13003 10181 1.753 15.40 4.661 
203307 25059 1.338 1.-693 27.93 4.689 
2.358 38036 10454 1.661 40073 40715 
2.345 51016 1.569 1.625 53.52 4.732 
2.335 72095 1.705 1.586 75.30 4.765 
20346 96.93 1.832 1.556 99.29 4.795 

3 10 cNaCl 

20330 40712· 1.026 1.810 7.052 4.639 
2.347 10.94 1 •. 158 10760 13.30 4 0 652 
20338 21.63 10310 1 b 704 23.98 4.675 
2. 3L~5 32.57 1.429 1.667 3Lh93 4.696 
20343 54.39 1.613 10 612 56.75 4.731 
2.350 62.20 1.670 1.598 64.57 4.l7-42 
2. 33}+ 82.31 1.784 10566 84.67 40770 



TABLE II (cont.) ( 1 ) 2;6-dibromo-4-nitrophenol 

3 3 105o 
cA-

103r pK' 10 0RCI 10 °Ba( CI0
4

) 2 -log-A- . oRA a 

2.591 8-.495 1.190 1. 725 28.09 4.677 
2.620 1 5.,51 1.364 1.668 49.17 4. 712 
2.611 28.08 10'9' 1.598 86.86 4.761 
2.624' 41.21 1. 772 1 .551 126.3 4.800 

2.595 54.58 1.952 1.508 166.4 4.832 
2.622) 80.90 2.180 1.459 . 254.4 4.884 

PK~ = L~.62 (±.0.02) 

All measurements were made at 420 m~. 



TABLE II (cont.) 

(2) ~-CHLORO-2:6-DINITROPHENOL 

(2.1 ) Water 

3 3 105cA- cA-
1031 10 cHCIO 10 cNaC10 - log-

_4 4 cHA 

1",346 1.827 0.053 1.364 
2.087 2.111 0.237 2.108 

2.899 1.869 0.373 2e-917 
3.649 2.240 0.467 3.671 
5.1.35 2.123 0.606 5.156 
7.165 2.184 0.740 70187 
7.830 2.164 0.776 7.852 

10.51 10948 0.893 10.52 
12.78 1.725 0.971 12. 79 
16.-13 10371 1.063 16.15 
. 2.0905 4.665 2.221 0.349 7.593 
2.881 9.203 20106 0.329 12.11 
2.881 13.66 2.037 0.317 16 0 56 
2.887 18013 1. 761 0.307 21.03 
2. 915 45.41 1.426 0.272 48.34 

0 2.959 (±0.02) pK = a . 

E A = 7,230 € HA = 20 (2906) 

All measurements were made at 448 m}l. 

(2.4) 80 per cent Methanol 

0.6739 1.081 0.686 0.6847 

SA ::. 7,340 

PK~:' 3. 96 ~0.05) 

£. HA ==" 18 

This measurement was made at 448 ~. 

44. 

t 

pKa 

2.955 
2.958 
2. 961 
2.961 
2.962 
2.964 
2.964 
2.966 
2.968 
2.970 
2.964 
2.968 
2.971 
20973 
2.989 

3.961 



TABLE II (cont.) (2) 4-chloro-2:6-dinitrophenol 

(2.2) 20 per cent Methanol 

3 10 cHCl 

1 I) 613 
20147 
3.674 
50596 
7.063 
90976 

10.31 
11.72 
12.67 

1.174 
10417 
1., 526 

10753 
20043 

. 20358 
1.872 

20754 
20704 

c -
- 10 0 ' .JL 

°CHA\ 

0.290 
0.407 
0.629 
0 0 791 
00887 
10023 
1.038 

10085 
1.116 

1.625 
2.162 
3.689 
5.614 
7.083 

10.00 
10 0 33 
11075 
12.69 

pK~ = 3013 (±0.02) 

E A = 7,280 e M = 29 

pK' 

3.126 
3.127 
30131 
3.127 
30131 
30134 
3.125 
3012j 
3.125 

The above measurements were made at 448 mp.o Additional 
measurements at 470 mp. gave identical resul ts. 

(2.3) 40 per cent Methanol 

3 
10 0RCI 

1 .. 885 
2.487 
3.524 
5.313 
8.295 

1.304 
1.668 
1.81+0 
2.001 
1.413 

c -
- log .JL c HA 

0.439 
0.550 
00689 
0.851 
1.026 

1.898 
2.504 
3.542 
5.333 
8.309 

pK~ = 3.22 (~Oo02) 

E A =7,410 EiiA=19 

pK' 

3.223 
3.223 
3.224 
3.226 
3.231 

The above measurements were made at 450 ropo Additional'· 
measurements at 470 ffip gave identical results. 
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TABLE II (cont.) 

(3) 4-BROMO-2 :6-DINITROPHENOL 

(3.1) Water 

3 10 c H010 

1.596 
30152 
5.780 
70036 
80 598 

10086 
10316 
1.323 
1 (1316 
10330 
1.322 
10322 

4 
3 

10 cNaCIO 
4 

1.644 
3.352 
60-090 
80984 

12.17 
18.59 

5 ,10 cA-

1.954 
2.567 
2.110 
2.498 
2.725 
3.132 
2.840 
2.879 
20922 
2.938 
30005 
3.002 

C -
103r -log -:A.. c RA 

0.071 1.616 
0.352 30178 
0.596 50800 
0.676 7.060 
0.756 8oG25 
00849 10 0 89 
00025 2.988 
0.036 4.703 
0.050 7.434 
0.057 10.3l.j· 
00072 . 13.52 
00087 19.94 

pKo :::: a 20'90 (± 0(02) 

e..A. = 7 ,060 € HA = 10 (35) 

The above measurements were made at J+48 m~o Additional 
measurements at 460 mp. and 1.t-70 m}1 gave identical resul ts. 

(302) 
3 10 cRCl 

1.821 
40308 
7.068 

~O Eer cent Methanol 

lo5cA-
' cA- lO3r 

t 

- log - pKa cRA 

1.357 00 369 10834 3.167 
10206 00700 40320 30157 
19346 00895 7.081 3.160 

E,A- = 7,330 

PK~ (mean) :::: 3.16 (+0(05) 

€ IrA:::: 22 

All measurements were made at 450 ~uo 

46. 

t 
pKa 

20902 
2.904 
20905 
2.906 
20907 
2.909 
2.899 
2.899 
2.902 
2.904 
2.904 
2.909 



TABLE II (conto) (3) 4-BROMO-2:6-DINITROp}mNOL 

(3.3) 80 per cent Methanol 

3 
10 cHCJl04 

0.8884 1 0 687 

S. A = 7,280 

103r 

00785 00< 905-3 

pK~ = 30 89 (~0.05) 

S a~ = 20 

This me~8urement was made at 448 mJlo 

, 
pKa 

30892 

47. 
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TABLE II (cont. ) 

(4) 6-CHLORO-2:4-DI}ITTROPHENOL 

(4.1) Water 

3 3 5 c - t t 
-log ....l!:-. 103r K' 10 cHCI04 10 cNaCIO 10 cA- pKa pKa 

418 n~ L~ cHA 390 mp. 370 mp 

8.830 1 ~403 -o.i)040 8 0 844 20101 20111 2.095 

8 0 859 6.188 10431 -0.056 15006 2.108 20117 2.101 
80.847 15.24 10455 -00073 240-10 20117 2.123 20109 
8 6 855 19.86 1.467 -0.080 28.72 20120 2.128 2.113 
8.845 24022 1.477 -0.088 33.08 20122 2.131 20116 
8.847 36.57 10491 -00097 45. L~3 20136 2.138 2.123 
80844 61072 10520 -0.116 70.58 20151 2.160 20 1 L1·3 

8.850 10509 10554 -0 0 138 114.8 2.173 2.179 20161 

€ A- = 13,080, 15,310, 10,120 

c£ Ii~ = 580, 1,740, 130 
o 

pKe :: 20093, 

pK~ (Mean) = 2.09 (±0.03) 

Data list :for cA- were obtained :Crom measurements at 390 m}l 

(402) 40 12e1" cent Methanol 

103c 5 cA-
103r 

t 
, ' HOI 10 cA- -log -. pKa 

calL 

46-778 009216 -00156 40.786 2.261 

70-148 1.102 00002 70159 20264 
10004 10:534 00135 10.06 2.268 

:pKo 
a (Mean) == 2026 (+0005) 

E A- = 12,420 ~rL4. = 200 

All measurements were made at 400 TIlp. 



T.t.\BLE II (cont o ) (4) 6-CHLORQ-2 :4-DINITROPHEl'10II 

Ot •. 3) 80 per cent Methanol 

3 lo5cA-
cA-

103r 10 cHCIO -loa -o C 4 HA 

10978 1.123 0~150 1.989 
2.008 1 I) 165 00155 2 .. 019 

2.809 009196 00287 2.820 

pK~ (Mean) = 2.96 (±Oo05) 

E,,,!lA = 200 

All measurements were made at 400 m}lo 

, 
pKa 

20960 

20960 

20966 
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50. 

TABLE II (conto) 

(5)\ 6-BROMO-2::4-DINITROPHENOL 

(5.1) Water 

3 3 c -
103I 

, , . , 
10 cHCIO 10 crfaCIO ' lo5cA- -log ....!:- pKa ~Kip pKa 

4 4 cHA 390 tftJl 37 410 m)l 

70598 1.613 0044 7~614 2:0,:156 2.163 2.148 
70600 2.793 1.,625 0051 10.41 20162 20167 2.158 
70590 6.159 10 641 0062 13.77 20165 20170 2.155 
7.603 12.18 1 0 672 0077 19.79 2.167 2.173 2.155 
7.576 24 .. 08 1.698 .095 31.68 2.179 2 .. 182 2.167 
7.,600 35081 1. 716 .103 43043 2.192 2.194. 20180 
7 .. 590 48.38 10734 0114 55.99 2.200 2.204 20191 
7.597 73054 10754 ~ et25 81015, 2.220 2.223 2.207 
7.606 90 0 63 10765 0130 98.25 20232 2.233 2.219 

e A ::: 13,470 15 1430 10,380 

ERA =- 750 1 ,990 183 

P~ == 20153 20159 20145 

0 
pKa (Me§.D.) = 20' 15 (±oo 05) 

Data listed for cA- were obtained from measurements at 390 r~. 

(50.2) 80 per cent Methanol 

lO3cHCIO lo5c,A-
. c -

103r 
, 

-]log ...A... pKa 
4 cHA 

2.836 907977 0.317 200844 2.993 
300802 007722 00427 3 .. 810 20993 

0 pKa (Mean) := 2.99 (±0.05) 

E: A- = 12,,900 E RA = 193 

Both measurements were made at 400 mpo 



51. 

TABLE II (conto) 

(6) 2:-6-DINITROPI1ENOL in 80 :Qer Cent Methanol 

lO3cHC10 
7. 103cA-

c,A-
103r 

, 
10'-'cLiC10 -LOg - pKa c 4 4 HA 

0.6955 1.432 10-758 0.7098 40974 
10 007 20471 10911 1 ~:O32 4.977 
10-189 1.458 1.971 1.204 4.976 
10533 2.293 20075 1.556 4.980 
20416 2030,0 2.249 2.439 40982 
2.975 1.611 2.325 20991 4.982 
50'282 10386 2.535 5.296 4.985 
6.750 10,289 2<J624 6.763 4.988 

lo3cHC1 

008356 1.992 100832 00-8553 4.973 
1.522 1 (1754 20 068 1.539 4.977 
2~, 124 20135 20197 20146 40979 
2.370 20235 1.297 2.383 4.977 
2.,50Li· 1.507 2.258 2.519 40979 
30602 1.589 2.394 30618 4(0981 
5.306 1.649 2.533 5.322 4.981 
6.716 1.289 2.615 60729 4.981 
2.467 6.715 1.416 2.161 9.196 4.990 
20 040 11.14 1.810 2.049 13.20 4.999 
20537 19.03 1.675 2.094 21.59 5.014 
2.783 27 0 63 10 641 2.097 30043 5.029 
2.418 36.53 1.970 20 009 38.97 5.043 
20878 45.72 1.799 20057 48.62 5.057 
30 033 55.26 10800 20059 58031 5.071 

p~ = 4.98 a (+00002) 

€,A- = 8,005 € HA = 5(709) 

All measurements were made at 432 mpo 



TABLE II (cont o ) 

(7) PICRIC ACID in 80 per cent Methanol 

l02CHCIO 
4 

101 909 
30020 

4.393 
7.813 

11.84 
15033 
18025 

61J867 
6.556 
6;179 
5.516 
40922 
L~o471 

4.168 

c -
-log ...A. 

cFfA 

-0.7938 
-006653 
-0.5394 
-0.3512 
-002058 
-0.1057 
-0.0373 

10915 
3.026 

4.399 
7.818 

11.85 
15.33 
18.25 

PK~ = 1020 (±O.05) 

e A- = 4,380 eRA = 0 

.All measurements were made at 436 m}lo 

(B) 2:4-DINITROPHENOL in 80 per cent Methanol 

3 
10 cHelO 

1.259 
1.522 

4 

7.214 
6.124 

2.232 
20298 

1.264 
1.530 

1. L~67 

1.428 
1.375 
1.315 
1.261 
1.233 
1.235 

, 
pKa 

5.217 
5.209 

PK~ (Mean)= 5021 (~~.05) 

S-HA =: 1 0 (1); 

Both measurements were made at 436 mpo 
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TABLE' III pK OF NITROPHENOLS AT 25°0 

%- MeOH 0 0 20 
(Calc) 

2:6-Dinitrophenol 4.42 
2:4-Dinitrophenol 4.36 

2 :-6-Di bromo-4-ni trophenol 4 .. 03 3042 3.63 

4-Ch~oro-2: 6-dini trophenol 3 .. 84 2096 3.13 

4-Bromo-2:,6-dini trophenol 3.78 2.90 

6-Cbloro-2:4-dinitrophenol 2.89 2009 

6-Bromo-2:4-dinitrophenol 2.80 2.15 

P-icric Acid 2 .. 73 

40 60 

3.82 4.07 

3.22 

3016 

2.26 

80 

4.98 

5021 

4062 

3.96 -

3.89 

2096 

2.99 

1020 

\J1 
\..N 
• 



54. 

TABLE IV ABSORPTION 1v1AXIFI1A AND EXTINCTION COEFFICIENTS 

OF NITROPHENOLA~ IONS 

Compound Wt % ~max €max 
MeOH ~ (+100) -

4-Bromo-2:6-dinitrQphenol 0 446 7,100 

4-Chloro-2:6-dinitrophenol 0 446 7J:200 

6-Bromo-2:4-dinitrophenol 0 370 15,400 

6-Chloro-2:4-dinitrophenol 0 370 15,300 

2:6-Dibromo-4-nitrophenol 

0 400 16 .. 100 

20 406 16,700 

40 408 17,700 

60 406 18,100 

80 400 17,800 

100 397 



B. DISCUSSION OF RESULTS. 

1 0 ACCURACY OF RESULTS 

a The accuracy of a pKa value determined spectrophotomet-

rically in the presence of a strong acid can best be . 

discussed by taking in turn each of the terms on the right 

of the following equation: 

c -
The Ratio ...!... 

eHA 
This ratio is· given by 

where E., E Ii4.' e:. A have already been defined. 

All tl~.e'ni tl~o'phenols examined were fairly strong acids, 

and completely· di ssociated in 0 0 001 M sodium hydroxide solution. 

Accordingly anionic extinction coefficients could be determin.ed 

accurately. On the other hand experimental values for E HA 

are not very reliable; where the cA-/cr~ is small this is 

probably the major source of error in cA-/cHAo 

To conver.t such strongly acidic nitrophenols entirely 

into the molecular form the solution must be strongly acidic. 

Even F.or a nitrophenol with PK~ = 4, a small but not entirely 

negligible proportion of the phenol could exist as the anion 

in 1 molar hydrochloric acid. -It is also probable that medium 

effects in concentrated acid will change the ectrum of the 
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molecular form to some extent from that observed in dilute 

solution. Such an effect has been noted for another 

relatively strongly acidic nitrophenol, dimethyl-picric 

acid, in concentrated hydrochloric acid. 66 As· previously , 
mentioned, plots of pK. against I were different in Methods 

1 and 2, and the variation was thought to be due mainly to an 

incorrect value of 8. riAo It was assumed that the experimental 

value for E HA was too large, and it was found that a smaller 

value for EHA markedly decreased the slope given by Method 20 

The effecti ve error in the value assigned to E HA on the 

thermodynarnic pK~ value must now be examined. This is best 

illustrated by taking as an example the pK determination of 

2:6-dinitrophenol in 80 per cent methanol., This was the 

weakest ionisation equilibrium studied, and as the concentrat

ion of the molecular form of the phenol usually greatly 

exceeded that of the anion in the measurements, the relative 
t 

absorbance by the molecule is fairly high, hence the pKa value 

is rather dependent on the value assigned to eHAo In Fig 5 
'1 series of pICa v1alues are plotted against I for different values , 

of ~ RA- It can be seen that Method 2 gives pKa values which 

increasingly vary wi th e.. HA as the ionic strengith is increased, 

but that each series converges to give very nearly the same 

pK~ ~alue. With Method 1, however, the slope does not vary 

greatly with change in E.. HA' but each series extrapolates to 

different values of pK~. Only when plots obtained from both 

methods have the same slope, do they extr~olate to the same 

pK~ values. 
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It thus appears that under the conditions where the 

molecular form of the phenol has relatively high and 

uncertain absorbance, Method 2 gives the most accurate 

thermodynamic dis,sociation constanto This is bec;ause in 

Method 2 the nl. trophenol concentration will approximately 

vary in the linear manner wit~ ionic strength; hence the 
t 

effect of error in E HA will disappear when the set of pKa 
values is extrapolated to infinite dilution. On the other 

hand, the nitrophenol concentration remains nearly constant , 
for the whole series of pKa values in Method 1, and the effect 

of error in £ HA will not be elimi~atedo 

Of the pKo determinations made at several wave ,lengths, a 

only two, those of 6-chloro-2:4-dinitrophenol and 6-bromo-2:4-

dinitrophenol, both in water, showed definite trands vrlth the 

analytieal wavelength. No doubt the discrepency is partly 

due to use of an incorrect value for £HA' and partly to 

measurement on the rather steep side of the anion absorption 

band. The effect of in:u;>uri ties in the phenol must not be 

overlooked; nevertheless as the two compounds show the srune 

drift in pK~ with wavelength, but were prepared in different 

w.ays, this does not seem a very likely cause of the 

di scre'p ancy. 

Measurements on picric acid were made at a wave \ length of 

436 mp, which is far from the absorption peak of the picric 
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acid molecule, 355 rop. The :'quanti ty E. HA should be negligibly 

small at 436 mp and following the example of von Halban and 

Seiler 67, may be equated to zero. As the relative 



concentration of the molecular form was small in all 

measurements, any such assumPtion will affect the derived 

pK~ very little. The major source of error will lie in 

determining the absorbance on a steep portion of the picrate 

abso~tion bando 

The Hl.drogen Ion Concentration, c~ 

By making the assul11Ption that the added strong mineral 

ac:id such as perchloric or hydrochloric is completely 

dissociated in all the solutions used, the hydrogen ion 

concentration is sirqply the stoichiometric strong acid 

concentration plus a small correction due to ionisation of 

the phenolo It is not immediately clear what acid dilution 

might be achi eved before errors in the hydrogen ion 

concentration, due to acidic or alkaline impurities, become 
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appreciableo All solutions used in this work were, therefore, 

very carefully prepared using water which had been well boiled 

to eliminate carbon dioxide and ammonia. As glass dissolves in 

water a slight alkaline reaction can be expected. 

Only (!lne spectrophotometric' investigation of acid-base 

equilibria in unbuffered solutions of pH range 3 to 5 could 

be found in the literature. This study of von Halban and 

Kortum68 involved the measurement of the ratio of the two forms 

of 2:'4-dini trophenol at various concentrations in water, wi th 

and without added salt, but without added mineral acid. The 

value for cH* in their experiments ranged from 5 xlO-5 to 

2 x 10-4 molar. The1~ measurements were very precise, and 

their resultant pK~ Talue, 4.09 compares very well with the 



probably most accurate value 69 obtained by orthodox buffer 

This emphasises that by taking meticulous 

care in making 'up solutions, accurate hydrogen ion concentrat

ions of the order of 10-4 molar can be achieved in unbuffered 

solutions. 

Experimentally it was found, in the determination of a 

pK~ in aqueous solution 'using Method 2, that when a series of 
I 

pKa v;alues was plotted against I, points corresponding to 

hydrogen ion concentrations above about 0 0 002 molar all lay on 

a straight line. Below 0 0 002 molar, however, pOints 

increasingly deviated from this line, corresponding to an 

alkaline reaction'in solution. It was also found that in 

salt solutions, and in methanolic solutions, slightly lower 

hydrogen' ion concentrations could be reached before 

significant deviations occurred. In the former case, the 

presence or other cations in solution will repress the 

exchange of protons wi th cations fraom the glass by a mass-

action effect. In the latter instance, the solubility of 

glass will be depressed by a<:ldi tion of methanol to the solvent. 

To minimise the error caused by dissolution of glass in the 

solution, hydrogen ion concentrations were generally maintained 

above 0.001 M in unbuffered solutions. 

Here, it is appropriate to mention that rather scanty 

data has recently been published 70 on a single ammonium 

oxalate-oxalic acid buffer solution in aqueous methanol o The 

pH of this buffer renders it sui table for the determination 

of pKa values of some of the more wefikly ac.idic ni trophenols 



studiedo The resultant pK values, all determined in 80 per a 
c·ent methanol, were approximately 0 0 04 units lower than the 

corresponding pK~ value deri ved in the presence of' strong 

acid., The agreement is as close as could be expected for 

two reasons o 

10 The pKa values from the buffer method do not refer to 

zero ionic strengtho 

2~ The pH value for 80 per cent methanol was interpolated 

f'rom the data given in a region where the pH is a rapidly 

varying ~nction of the methanol content of the solvent, 

and hence subject to a rather large erroro 

As; a check on the use of' dilute strong acids, the pK of 

2 :6-di brofao-1-J.-ni trophenol was determined in both a formate 

buffer and in 1.1 x 10-3 M perchloric acido The respective 
o pKa values, 3042 and 3041, emphasise that even such dilute 

perchloric aQid the actual acidity is not far below the 

stoichiometric ,valueo 

The Activity Coef'f'icient Term 

In the dilute solutions used in the present investigation 

the Guntelberg extension of' the Debye-Huckel expression was 

fou~d'quite adequate for calculating ionic act1v1ty 
t 

coefficients. A good linear extrapolation of pKa to g,ero 

ionic strength was always obtained. Other more 'complete 

equations can be used, and were in fact tried, but they 

unnecessarily complicate calculations without in~roving the 

extrapolation to inf'inite dilution. 



The Effeet of Tonic Association 

Ionic association involving the nitrophenolate ion with 

cations present and incomplete dissociation of hydrochloric 

acid might :p rove of il11Portanc e in solvents of higher methanol 

content. In all calculations involving hydrochloric acid, it 

has been assumed that the acid is conwletely dissociated. 

However, from conductance measur'ements in aqueous methanol, 

Shedlovsky and Kay found evidence for incorqplete dissociation ot 

hydrochloric acid and quoted dissociation constants. of 40-0 and 
71', 

102 for 60 and 80 per cent methanol respectively. A rather 

simple conductance equation was used in the calculations and 

Shedlovsky has since stated 72 that the i~roved Fuoss-Onsager 

theory of conductance 73 accounts for the observed conductance 

wi thout invoking the possibili ty of incol1\Plete·'dissociation. 

Caleu.lations have shown that when allowance is made for such 

effects in the present data, using the dissociation constants 

mentioned above·, negligible diff'eI'ence in l?I\~ is observed. 

Association constants have been derived for several alkali 

halides in methanol-water mixtures 74 using the Fuoss-Onsager 

theory of conductance; the calculated degree of association is 

10w and would be negligible in any such solutions used in the 

present investigationo Due to the larger size of the nitro-

phenolate anion, association would be expected to be even less 

extensi ve than wi th alkali halides. Davies 20 has found no 

evidence for association of picrate ion with sodium ions in 

methanol from analysis of conductance measurements o On the 

other hand, measurements on th~ spectrum of the picrate ion 75 

have indicated association in aqueous solutions containing large 
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C].uantities of sodium ion. Here, the effect was enhanced in 

methanol o 

In an attenrpt to obtain evidence for the possi bili ty of 

such association in the solutions used in t.he present vfol'k, a 

few meaDurernents were made of the pK~ of 2: 6-di 1)romo-4-

ni trophenol in 80 per cent methanol, in the presence of sevel'al 

different sal ts. As shown in 'ralJle II and Figo 4B for the sarne 

ionic strength, Ii thitU11 perchlorate, sodiUUl perchlorate and 

sodilun chloride gave small indi vj~dual differences, while the 

addi tion of barium perchlorate ic:-~ave ~oKo values stlll lower than 
- ..0;' a 

other salts. Association of picrate ions with bivalent cations 

is established in methanol,76 and probably largely explains t.he 

deviation observed wi tIl 1)21'1urno I-Towevel--' the small differences 

for the monovalent cat tons could be ex..olaineo. ei ther l\y slight 

differeJ1Ce in the degree of aSGociatton or need for a sli~htly 

different &i in the complete Debye-Huckel 'equation. 

(Incid.erltall~T" pK~ values ol)to.:Lned :tn the pI'esence of 8odi1Jln 

crJ.loride and sodium pel'chlorate can be made coincident 1JY using 

a dissociation constant of 1~2 for hydrochloric acido) 

It may be concluded that, although nitrophenolate ions 

probably do associate with monovalent cations to· some extent in 

the solutions investigated, such association should not have 

an~T D.}JDrecta"ble effect on the accuracy of the pK~ values CLerl vecl. 

2~ PRDVIOUS Y{ORK 

Of' the ni trophenols studied in the present work, only 

6-chloro-2:4-dini tro:;.)henol has ~l'eviousl~T been investtgatec1. 

In this stu~T" Bates and Schwarzen1Jach77 spectrophotomet11icalJ.~l 



CA- -3 
detennined the cHA ratio in 2 0 0 x 10 molar hydrochloric 

acid, wi th and wi thout the addi tion of soc1i1.UTi chloride, at a 

wave length of L~46 mpo FOI' these solutions the~T also 

detel111 the quantity:p (alt- ¥ C1-) potentiometricnll~l .. 

Thei r pK~ ve.lu e , 20968, is in good agreemen t wi th 

20-950 as f01.l:nd. in the present investigatioIlo B~T 'rlSine r' 
;.J 

stoieLdofiletric hydr·oe;en ion concentration instead of the 

peart' ({Cl-) value (a proceduJ:ae identic:.:"l with that used 1n the 

presexit cletel'rnination) J a pK~ value of 20961 eall be 

recalculated from their reSlJ.l te. .AI thol..1gh Bates and 

SChW8.1 .... Zenbach's opiginal value is certainly more accurate, 

this recalcu~.atecl pK~ is more directly comparable with the 

pr~esent valneo 

ionis ion of 

only one ni t1'01\ henol hD,cL "been s tuc1i 1.11. ag,ueons metl.\.Qll0l o 

This was a Gtud;y- on 2: 6-dini trophenol by Kor-GlUJl 
7P, 

Buek,i""" 

using a conduetom.et.ni:e metllod o These Huthors quote tvvo series 

of IJK~ values, one corr'ect and the other uncorrect 

solvent conduetanceq The cOI'rection is rather large 8.t 

methanol concentra.tions, and for 80 per cent methanol 

inter:polation gives pK~". values o:f 5.04 and 4 •. 77 respectively. 

The .pK~ value of 4097 deroi ved fr'ofll the p:pesent wOl'k lies 

mtdway between these, ana. is not in very gooo. agreement v'.d tb. 

Kortum and Bnck's corrected Val'lle. Possi 1)ly their correction 

:for solvent conductance is too large. Jllstif'icatioll for this 

view may l)e oota.in.eel lJY considering the variation of pK~ 'with. 
\.... 



methanol content of the solvent, using the above results 

along with recent results 79 on p-nitrophenol and some 

resul ts of the present work. When pK~ is plotted against 

the corresponding mole fraction of methanol, linear plots 

of nearly equal slope are obtained for the compounds 

2: 6-dini trophenol, p-ni t:pophenol, and 2: 6-di bromo-4-

nitrophenol (the last-mentioned from the present study) 

in -:solvents of up to 60 per cent methanol contento Above 

this concentration, however, such a plot increases more 

rapidly f~r 2:6-dinitrophenol than for the other two 

compounds. Such behaviour could indicate, perhaps, that 

Kortum and BucIt's solvent corrections for 2:'-dinitr~ophel101 

are too high, but this is not conclusive. 
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IV. THE SECOND DISSOCIATION CONSTANT OF SULPHURIC ACID IN 
WATER AND AQUEOUS ME'l'I-TANOL AT 25

0
0 

A. INTRODUCTION 

The ionisation of ·sulphuric acid in dilute aqueous 

solution can be pepresented simply as 

ICO 
J. 

H2SO4 
~ It + HS04 ~ 

- KO 

80 2-and HS04 
,l... :a+ + 4 

Except at high concentration sulphuric acid is a non

associated electrolyte in its first stage of dissociation, 

to which andissociation constant K~ of the order of 103 has 

been assigned. BO However, in its second stage of 

dissociation it is a moderately weak electrolyte with a 
o dissociation constant K2 of about 0 0 01. 

(a) PREVIOUS WORK IN AQUEOUS SOLUTION. 

For a polyprotic acid as strong as sulphuric, the 

determination of the thermodynamic value for the second 

dissociation constant, K~, is rather difficult. Precise 

results can only be obtained in solutions of comparatively 

high ionic strength in which the activities of the various 

species present are not accurately known 0 This contrasts 

with the determination of the dissociation constant of acetic 

and other weak acids ,where precise measurements can be made 

in solutions of lower ionic strength. Consequently many 

determinations have been made of K2 in the pasto Those from 

which a thermodynarnic dissociation constant K~ can be derived 



at 25°0 will be discussed here: other investigations 

pertaining to high ionic streng~hs only, and to tel11'eratures 
o 81 other than 25 0, may be found elsewhere. T4e variety of 

techniques used may be broadly divisible into four groups 

based on conductometric, solubility, potentiometric, and 

optical methods. 

Dissociation constants will be given usually by both 
o 0 pK2 and K2, §s each is used fr-equently in the literatureo 

Oond1ictance. 
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One of the first accurate determinations of K~ was that 

of Sherrill and Noyes,82 who combined previous measurements of 

conductance and transference numbers to obtain a -walue, 

pK~ == 1 ~ 94 (K~ ::. o. 011 5) • Their K~ value was the average of 

that obtained from several measurements at different 

concentrations, despi te the existei1ce of a defini te trend in 

K~ with concentration. Davies, Jones, and MOnk,83 and more 

recently, Kerker,84 have re-calculated Sherrill and Noyes' 

data, and when the resultant K~ values were extrapolated to 
o infini te dilution both calculattons yielded pK2 ~ 1.99 

(K~ = 0.0102). 

Solubility 

Kenttamaa85 has compared the solubility of silver 

sulphate in sodium perchlorate solution with that in mixed 

sodium perchlorate-perchloric acid solution. From six 

measurements in the latter solution, using ionic strength 

varying from 0012 to 1.2, he computed a value pK~ ::;. 100944 
(K~ == 0.0114) after extrapolation to zero ionic strength. 

86 
Lietzke, stoughton, and Young have calculated values for 



K2 from a study of the solubility o~ silver sulphate in 

sulphuric acid solutions, at three concentrations (001, 005 

and 100 m), over a terrperature range from 25°0 to 225°00 The 

experimentally deri ved :pK~ value at 25°C was 10891 

(K~ = 000129), whilst that calculated from the equation 

giving the Dest fit of :pK~ as a function of temperature gave 

a value 1. 987 (K~ == 00-0103). Young and Irish87 prefer the 

latter value, ror while the experimental error at 25°0 is 

large, it decreases as the temperature is raised. Hence 

extrapolation from higher tenu?eratures would pr'obably give a 

more realistic value. However, with only three measurements, 

each at a rathel' high ionic strength, this determination 

t b d d .. . KO 1 canno e regal'} e - as gl Vlng ver'y preclse 2 va ues. The 

solubility differences observed in Kentamaa's data are 

relatively small, and the possible error in pK~ also could 

be large. A source of el-ror neglected in both determinations 

is the possible association of silver and sulphate ions. 

Potentiometric 

Four potentiometric determinations of K~ have been made, 

one using a cell with liquid junction, and the remainder 

utilising cells without liqUid junctions. 

Kilpi, Nurmi and Rinne88 made use of the cell 

pct09 M KOll J /.: I / H2S04 (O}I.,..' ... 
1 0.1 M KG1 Hg2~12,Hg 0.1 M KOI .,., .. ' L,I~ 
0001 M HOI . K2S04(3v 

Mea~urements were made at ionic strengths ranging from 0.02 to 

0015, using five different values of the molar concentration Co 

Junction potentials were evaluated theoretically with the 

Henderson equation~9 This procedure is open to ol)j ection, and 
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their resulting pK~ value of 2.0~. (K~ = Oe0091) is unreliable. 

By using cells without transference liquid junctions are 

el~minated, 811d resnl ts of much htgher precision are obtainable. 

The first such investigation involving SUlphuric acid was.that 

of Hamer,90 who used the cell 

Pt,H I NaH304 (m), Na2 304 (m'), NaCl (m") IAgCl, Ag 

He measured the e.m.fo over the temperature range OOC to 

60°C, and at 25°C he found pK~ = 20921 (K~ = 0.0120) using 

the Debye-Huckel Limi ting Law to calculate ionic acttYi ty 

ooef'ficientsa Davies, Jones and Monk83 rec.alctilated K~ from 

:thedflt.a·.ob.tained~b~l.~Hame·r", us~ng the Davies (1938) equation 

to determine activity coef:ficients. They also made 
&.. 

allowanoe for forma tion of some, NaS'04 !q:q.~, -q~ing a value 

of 0019 f'or the di ssociation oonstant of this ion-pairo 91 . 

The value :pK~ = 1 0 991 (K~ = 000102) was found at 25°0. 

However, Hamer 92 has recently re-examined his data, 

using the cOmPlete Debye-Huckel equation for activity 

coefficients. Hamer found f'or different g values that plots , 
of pK2 against I did not converge to a common pK~ at infinite 

dilution, making the resul tan t:pK~ very dependent on the g 

value chosen. .Allowance for NaS04 ion-pairs had no effect 

on the extrapolation. As illustrations of the variations 

fOlUld he gives pK~ = 1092 and 2012 for g = 0 Rand 20 X 
respectively. The sensi tivi ty to the value of ~ chosen 

probably will explain, at least in part, why his results at 

ten1Peratures other than 25°C diff'ered so greatly from other 

determinations. It may be concluded that tlns cell cannot 

give satisfactory results f'or pK~. 



Davies, Jones and Monk83 have studied. a variant of the 

cell used by Hamer, viz 

Pt, H2 I HOI (m) '" H2S04 (m' ) I AgOl, Ais. 
Absence of sodium ions e1iminates possible errors caused 
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by NaSOL;. ion formationo Measurements ,were made at 

te:rqperatures ranging from_ SoC to SOoC" about ,five measurements 

being made at each term.Jerature on solutions rangtng in ionic 

strength frrnn 0.01 to 0.02. At 2SoC a value of 

pK~ = 1".987 (K~ =·0.0103) was obi)ained using the Davies (1938) 

equation. 

Hamer92 has also re-examined this data, using the same 

proceduT'e outlined for his own data. It was found that, , 
whatever the value assigned to R, the plot of pK2 against 

I a.lwa~)Ts extl"lapolated to approximately the same value at , 
inf'ini te dilution, despi ~e much greater val~iation in pK2, 

with change in R, than in the corresponding treatment of 

his own data. He believes that the series of curves obtained 

for different g values, indicate that a value of 

° ( 0) . pK2 = 20 003 K2 = 000099 would be probably a somewhat better 

° choice for pK20> 

Nair and Nancollas93 have repeated the work of Davies, 

dones and Monk, claiming more precise measurementso They 

extendecl nleasurements to lower ionic strengths, making 

eighteen separate determinations at 2S00 on sol-utions ranging 

in ionic strength from 0.0045 to 00026. By using the Davies 

( 1938) equation, with, A = 0 0 S085 fOl~ calculating ionIc activity 

coefficient they found an average pK~ value of 1.959 



(K~ :=: 000110)0 As the pK~ value of Davies, J"ones and Monk 

was calcu~ated using A :=: 0 0 5 originally, it was rl~calculated 

by Nair and Nancollas with A = 0.5085, to give PK~ :=: 1~963 

(K~ :=: 000109), in good agreement with their own value. 

However, M0l1.k94 has recently pointed out that a slight drift 

of K~ with ionic strength is apparent in the results of Nair 

and Nancollas. He found that raising the term linear in I 

from 0.2 to 0.3, (i. e. the Davies (1-962), equation) decl"leased 

the drift, giving a value K~ = 0.0105 on extrapolating to 

zero ionic strength. Monk94 now also gives the identical 

value for his ovm determination of pK~, presumably 

recalculated by the same procedureo 

Optical 

In fairly concentrated solutions of sulphuric acid the 

concentrations of sulphate, bisul1)hate, and undissociated 

sulphuric acid may be directly determined by measuring the 

intensity of their corresponding Raman lines. A v.alue of 

pK~ :: 1. 991 (K~ :=: 0.0102) can be calculated87 :f"rom such 

measurements,95 but as errors become larger on diI~tion the 

value obtained can be expected to have an error of up to 10 

per cent. 

, A spectrophotometric method employing an acid-base 

indicator has also been used o In this precise determination 

of Klotz,96 methyl orange is used as indicator. Solutions 

were prepared containing equal concentrations of indicator 

and of sufficient hydrochloric acid to give a SUbstantial 

proportion of each of the coloured forms of methyl orange in 

70. 



solut1ono Varying quantities of different salts were also 

present. The absorbance of each solution was then co~ared 

with that of an identical solution, but with salt absent. 

71. 

In this way the absorbance of a sulphate solution could be 

indirectly compar~d with a solution of the same ionic strength, 

containing a salt of a strong aGid, from which a p.K~ value 

could be determined. The method of oalculation is given by 

Robinson arid stokes. 97 

In praotice the salts exert different specific effects on 

the indicator, and different values for pK~ were obtained for 

each pair of sal ts compared. Klotz found for the sal t-pairs 

Na2S0L~-NaCl, Na2S04- BaC1 2, 'Na2S04 - KND3 and K2S04 - HOI, 

o values of pK2 of 10991, 10970, 2.010 and 1.998 respeotively 

(~ = 0.01020, 0001072, 0.00978 and 0.01006 respeotively). 

The differences are outside the limits of the estimated 

experimental error of 1 per cent. However, Robinson and 

Stokes 97 regard this spectrophotometric determination as 
J 

probably the most reli;ble. 
~ , 

(b) PREVIOUS WORK IN METHANOL AND WATER-METHANOL! SOLVENTS 

Only two investigations "of ,the dissociation constant of 

the bisulphate ion have been reported in aqueous methanol. 

Both involve measurement of the e.m.f. of a cell similar to 
'"::; 
::J 

that previously used by Davies, J::®nes and Monk in aqueous 

solution., The first is that~ of Evans and Monk,98 who 

determined pK~ in ]LO and 20 per cent methanol over the 

temperature range 20-35°0. They used the Davies (1938) 

equation, with the relevant solvent dielectric constant 



replacing that of water, to calculate ionic aetivity 

coefficients. Five or six separate measurements were made 

at each temperature, covering an ionic strength range of 

approximately 0 0 01 to 0.05. The corresponding pK~ values 

at 250 0 were 2.33 and 2.66 (molal scale) resDectively. These 
t 

were obtained by a rather steep extrapolation of K2 against 

ionic: strength to infini te dilution. 

Buist99 has made similar measurements in 50 mole per 

cent methanol over the teD1.Perature range 15-4500. Erratic 

behav-iour was experienced with the electrodes used, and the 

value obtained for pK~)3024, at 25°0, cam10t be regarded as 

a tall accurateo 

Studies with the same cell in anhydrous methanol indicate 

that in this solvent even the first stage of the dissociatton 

of' 8uJiphuric acid is not complete. .A value of pK~ = 1 0 69 was 

c,alculate!O~or the first dissociation constant of sulphuric 

acid at 25°C. Such a f'igure indicates that the concentration 

of molecular sulphuric acid will be negligible in solutions 

investigated in the present work, where the highest methanol 

concentration used is 80 per cent by weight. 

Oonclusions 

From this discussion of prevj.ous work it is evident that 

although a variety of methods give values of similar magnitude 

for the dissociation constant of' the bisulphate ion in water, 

this is still only knovm wi th an accuracy of a few per cent. 
• 0 04 In recent tabulat10ns of K2 values Monk~ pref'ers the value 

000105, while Young and Irish87 select 0.01020 The latter 
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authors consider the agreement between various methods to be 

remarkably satisfactory considering the lack of precision 

obtainable ,nth some of the procedures employed. 

Where very precise measurements are avatlable at low 

ionic strengths, and in the absence of salts, as in the data 

of Nair and Nancol~as, accuracy is still not high. This is 

due to the sens i ti vi ty of ICo to the values ass igned to ionic 
2 

activity coefficients. 

Accordingly it would be valuable to extend the 

measurements to lower ionic strengths, where ionic activity 

coefficients should be more insensitive to the expression 

used in their calculationo 

BOt PROCEDURE 

A ff..Qectrophotometric B1.ethoc1 was chosen to detel1:nine the 

second dissociation eonste.nt of slJl};)huric acid. As soluttons 

of sulphuric acid do not absorb ultra-violet or visible 

radiation, an indicator method must be usedo 

(a) Choice of Indicator 

The previous spe'ctrophotometric determination of K~ 
L-

utilised methyl orange as indicator. This compound belongs 

to the H azo" class of indicator in which one or the 

equilibriluu forms exist in solution as a zwi tter-ion. It is 

not irrunediately obvious how one WOUld. con~ute the activi ty 

coefficient of such a species, and as the indicator activit~~l 

coefficients must be accurately estimated for the method 

used in the present study, this indicator is not sui table o 

r 96 n contrast, the method of Klotz corqpares two methyl opane;e 

730 



74. 

solutions at identical ionic strengths; here the indicator 

activity quotient would be nearly the same in each solution 

and need not be kno"vn. 

Extensive data exists in the literatur-e on nitl~Ol?henols~ 

particularly 2:4-dini trophenol and picrtc acid. Spectral and 

some thermodynamic properties of "both these compounds have been 
45,75,10.1 

investigated in various sal t solutions and in differ"ent sol venljS, 

and generally the effect of environment was similar for each. 

Hence i tis reasonable to asswne tha t such prop erties will be 

characteristic of nttrophenols possessing intermediate strength. 

Consequently suitable nitrophenols were chosen as indicators. 

Two kinds of measurement were usedo The first, involving 

measurements on sUlphuric acid in the total absence of salts, 

was used in aqueous solution, and for 20 and 40 per cent 

methanol. The second, j.nvol vine; measur"lenlents on a buffer 

mixture of sulphul~ic actd and Ii thilUTI sul::phate, was used in 

60 and 80 per cent methanolo Exper-imental tecrmiques differed 

for the two methods, which henceforth will be referred to as 

the strong Acid Methoa_ and, the Buffer Method respectively. 

(b)' strong Acid Method. 

The very precise experimental technique introduced by 

von Halban and Bru,11102 for determining the ionisation constant 

of mediunl strength acids was utilised. It is a::pparent from 

resul ts obtained by them that this technique is as precise as 

the potentiometric method, and should be admirably suited to 

measuring K~ for sulphuric acid in aqueous solution. 

In this procedure the absorbances of Plairs of dilute 



solutions of nitl"lophenol indl~ator a1"'e matched, one containing 

sulphuric acid, the other a strong mineral acid. Each solution 

contains equal concentration of indicator. As it is not 

e~erimentally convenient to find a pair that match exactly, 

about eight strong acid solutions are prepared, with known 

hydrogen ion concentrations both above and below the estimated 

correct value. After comparing the ~bsorbances of each with that () 

of the sUlphuric acid solution the correct value could be 

linearly interpolatedo 

The Calculation of pI(2 

. The equilibrium constant of nitrophenol indicator 

dissociation may be written as: 

(at + c l
) cf f,2 (ae + cJ 1'2 

0 ± c 
KHA -=:...-- = 0 ± = 

(e' -c') f"HA (co -. c) fHA 0 

where: primed quantities refer to the reference strong acid 

solution and unprimedquantities to the sulphuric acid 

solution, f± is the mean ionic activity coefficient of the 

nl trophenol, c is the concentration of indicator anion, 

Co is the total concentration of indicator, a is the 

contribution of the mineral acids to the actual hydrogen 

ion concentration. 

For equal absorbances, C~II - c, and as c~ - c:o the 

above expression reduces to 

a + C: (a' + c) 

(a' -i+ c) 

o· 
.. 

o 

fEA 
f' 
.HA 

0 •• (I (4.1 ) 



if the assumption is made that fHA = f'HAo The total 

hydrogen ion concentration (a of- e:) includes a small 

contribution from the indicatoro Both the hydrogen ion 

concentration and the ionic strength differ in each of the 

matched pair of solutions, necessitating an exact knowledge 

of ionic activity coefficientso 

I',; and I, are 

It a lt + c 

I = 2a -It" c - b 

Re1evant ionic strengths, 

76. 

where b is the stoichiometric concentration of su~phuric acid. 

The' quantities a and I ape solved bysuccessi ve 

approximations, using equations 401 and 4 .. 2, together with the 

complete Debye-Huckel expression, equation 1.1 for evaluating 

ionic activity coefficients. 

The dissociation constant of the bisulphate ion K~ may be 

written 

(2b - a) 

f SO.2- also being evaluated from equation 1.1 
4 

The i~dicator anion concentration, c, enters the 

ealculation as a small correction factor, and may either be 

evaluated from the known indicator dissociation constant or 

:from absorbance measurements at a sui table wave length. 

Accuracy of the method 

It is obvious that the accuracy of K~ is proportional to 

the accuracy with which the hydrogen ion concentration, a, can 

be found. This, in turn depends on the accuracy with which 
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the indicator anion concentration can be found spec-trophoto

metricallyo By means of an error ::filne:tion, which wil]' now be 

derived, this relationship can be given quantitative expression. 

For a mixture of sulphuric acid and the nitrophenol 

indicator, ignoring activity coefficientso 

and 

~ cJ (a - b) 
(2b-a} 

(8 -I\- oJ e 
(Co - e) 

On eliminating a from equations 403 and J..~04, and rearranging 

(ec!(\}- - I) (co - 1 - c/KHA - b/KHA) • KHA 

2b/KHA - (cc!e - :1 - c/KHA) 

On differentiation of K2 with respect to c, 

dI{2 

= [~C+ 
be(coKHA + e2} 

Co J' de 

K2 c
2 

- Krlll (co c)1~bc+c2 KHA(co-cil (co-e) . c 

= - g • dele 

where g is a fUnction only of the known quantities, b, c, Co 

and KHAo When the indicator anion is the only absorbing species, 

dcle = dD/]) 

where D is the absorbance of the solutiono 

Hence g. dDjD 

In figures 6 and 7, the function g is plotted against pK2 and 

pKHA respectively, keeping all other variables constant as 

indicated. These figures show that, fOl~ maximum accu.racy in 

K2 , pKHA must be greater than pK2 and that the sulphuric acid 

concentration must be of the same magnitude as K20 

As practical considerations dictate that ~he pH be generally 

in the range 2-3, the pKHA should be less than 30 However the 
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weaker the indicator acid used, the more required in solution 

to maintain an adequate anion concentration, co For values of 

pKA greater than 4, the concentration of the nitrophenol 

molecule will be of the same magnitude as that of the sulphuric 

acid and might even exceed. ito Such a comparatively large 

concentration of nitrophenol might affect the bisulphate 

equilibrium and is obviously undesirableo .A sui table indicator 

may be chosen from consideration of the results of Part III. 

As the sulphuric acid. concentration must be maintained at 

a concentration of at least 0 0 001 M for accurate pH measurement, 

it is obvious from figure 6 that the error in 1\:2 if? large for 

:pK2> 4 when b = 00002, and much larger for higher values of b. 

(If activity coefficients were taken into account, the error 

would decrease somewhat for a given value of b < 0.,002) • 

. As pK2 will probably be not less than 4~; in 60 and 80 

per cent methanol, and a pK2 determina tion by this method will 

be consequently very sensitive to errors, resort will be made 

to the Buffer Method in these solvents. However, for solvents 

of lower methanol content, the Strong Acid method used in 

eonjunction with a differential s:pectrophotometric technique 

should prove highly satisfactory. For maximum accuracy in c, 

the anion absorbance of the solutions compared should be as 

large as possible,.consistent with adequate instrumental 

sensi tt vi tyo 

Possible sources of systematic error involve the incorqplete 

dissociation of the reference acid and the first stage of 

SUlphuric acid dissociation and the influence of "salt effects" 
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on the indicator equilibrium. These are discussed elsewhere. 

(e:)' Bu:ffer Method 

This method involves the spectl'ophotometric measurement 
c -

of the ratio ...Ji. ~Ol' the ni trophenol indicator in a buffer 
cHA 

mixture of' sulphuric acid and lithimn SUlphate. Umlike the 

strong Acid method, the indicator dissociation constant must 

be accurately known and hence is an additional source of' error. 

To ~ind K~ using this method, the equilibrium constant K~ is 

first determined :for the reaction 

where KO = r 

HS04 + At ~ so~- + HA 

csol-II cRA 

cHSO- • cA-
4 

From knowledge of K~ and from the speetrophotometrically 

determined cA-/cHA ratio, K~ can be found after a short series 

of approximations involving calculation of the actual ionic 

" strengtho The thermodynamic pK~ value is found by extrapolating 
t 

pKr as a function o:f I to infin1 te dilution. By combination 

with pK~J a value for pK~ may be obtained, using the relation 
000 pK2 = pKHA + pKr 

Since the accuracy obtainable with this method is not 

expectecl to be as high as that of the strong Acid Method., use 

of the precise but tedious tech;n1que en:g;>loyed in the latter case 

is not warranted, and orthodox spectrophotometric techniques 

will be used insteado 



C RESUL'fS .~ .. rID DISCUSSION OF RESULTS 

1 EXPERIMENTAL RESULTS 

q-eneral 

F01~ water, 20 and 40 per cent methanol fiB solvent, all 

concentrations are expresse<:l on the molal scale. Although, in 

spectrophotometry, concentrations should be expressed on a 

volume scale, extinction coefficients are not explicitly 

needed in the technique of von Halban and Brul1102 as used 

in the strong Acid Methoclo As the difference in densi ty for 

pairs of solutions is always negligible, use of the molal scale 

is justified. For 60 and 80 per cent methanol, extinction 

80. 

coefficients are ex-pliei tly used, and al though solutions were 

prep ared by weight, concentrations were always converted to the 

molar seal e. 

(a) strong Acid Method 

Results fOl") aqueous solution using hydrochloric or 

:perchloric acid as reference acid are presented in Table V. 

All absorbance measurements were made at two wavelengths,. 

both sets of data giving results in excellent agreement. 

ronic activity coefficients were calculated using the equation 

""A z2 r'~ 
...... 'i...1 log f =" -."~ • 

i 1 + Bi I"~ 
r 

For the results found with hydrochloric acid, this equation 

was found to give least drift of pK~ values with I when ~ = 40 6 A. 

For comparison, results are also given using the Davies (1962) 

equation for calculatlng activity coefficients o 

Similar results for 20 and 40 per cent methanol are given 



in Table VI. Here ~ values of 3.4 A and 50 8 A in the activity 

coefficient expression were found to eive the best f'it of' the 

data. 

In all cases, pK~ w.as f'ound by a linear least squares 

plot~ and the standard error in pK~ evaluated. 

81. 
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TABLE V DISSOCIATION CONST~TT OF TEE BS04 ION AT 25°0 
IN WATER, USING STRONG ACID METHOD 

a' is the molal concentration of hydrochloric or perchloric acid 
b is the molal concentratlon of sulphuric acid 
Co is·the total molal concentration of indicator 
C: is the molal indicator anion concentration 
a is the contribution of sulphuric 'acid to the observed total 

hydrogen ion concentration 

S'ection A Hydrochloric acid as reference 

Expt 
lo3a t ]03b 104c 106c lO3a JL031 pK2 pK2 (Davies) No 

0 

1 20 694 105055 6.12 4503 2.7565 40053 10980 14)979 
2 3.377 1.918 6 0 34 38.7 30462 50045 1.971 10970 
3 4.072 20 3495 3028 7.5 40181 6.021 10971 1.970 

4 40090 2.37°5 6.11 31 0 6 4.200 6.061 10<987 10:987 
5 50451 3.21-1-1 6.34 25oL~ 5.612 80 009 1.975 10974 
6 6 0 849 40.181 6.12 2000 7.065 90969 1.980 10980 

7 60 873 4.189 3028 4.7 70090 9099~ 10974 10975 
8 80 654 50417 6 0 35 16 0 9 80946 12.49 10972 10972 

9 10.434 60 702 60 35 11+ 0 3 10.800 1 ]+0 91 1 Q 980 10981 

0 pK2 :: 10.977 1.975 

standard error in pK~ ::: 0.005 0.005 
20 10 K2 ::: 1.054 

Indicator:. 2:6-dini trophenol was used in all experiments except 
3 and 7, when 2~4-dinitrophenol was used. Measurements with 
the former were made at 432 mp and 450 mp, and with the latter 
at 390 mp. and. 436 mJlo 

Activity ex:pression~ log fi = - 0.5107 zI It and g ::: 4 0 6 A 

Ji + 003286 R. I~ 
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TABLE V (conto)\ 

Seotion B Perchloric acid as reference 

Expt 
103a' l.03b ]04c 105c 103a 103r 

. , 
No 

0 pK2 

1 30361 10916 6.34 30 89 30445 50013 1" 992 
2 5.423 3.244 6.35 2056 50582 70945 2.001 
3 80 539 5.411 6.34 ' 1.71 80820 12025 2.017 
4 10.36 6.698 6.34 1.44 10.72 14075 20003 

Indicator: 2:6-dinitrophenol was used in all experiments. 
Measurements were made at 432 mll and 450 m}l. 

The same activity expression was used as tn Section A. 

TABLE VI. DISSOCIATION CONSTANT OF HS04 rON AT 25°0, USING THE 
STRONG ACID ~~~~OD WITH HYDROCHLORIC ACID AS REFERENCE 

Seo:tion A 20 per cent methanol. 

Expt 
103a' lO3b 104c 105c 103a 103I 

, 
No pK2 0 

1 10919 10202 10 63 5.09 10960 20769 2.585 
2 2.421 1.5605 10 63 4.39 20476 3.435 2.580 
3 20,885 10909 1066 3098 2.954 4.038 2.585 
4 30748 2.576 1 0 66 30.18 '3.841 5. ,138 2.588 
5 3.762 20581 10~18 3.64 3.857 5.169 2.581 
6 50578 4.043 3026 4073 50729 7.463 2.574 
7 6.843 5.135 10018 2.12 70029 8.945 2'.591 
8 6.870 50145 3032 4008 7.059 9.013 2.583 
9 90244 7.205 6.52 6.28 90506 11.87 2.582 

pK~ = ~~BlJ 

S't.andard error in pK~ = 0.004 

K2 :: 20 61 x 10-3 
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TABLE VI (cont.) 

See;tion B. 40 per cent methanol 

Expt 
lo3a tt 103b 104c 105c lO3a JL0 3r I 

No pK2 0 

1 10413 100555 1040 4.61 1.440 1 0 859 30 1999 
2 1.788 1.381 ·1 ~40 3099 1.815 20288 302004 

3 204045 1.935 2.80 6.52 2.440 3 .. 011 3 0 1989 
4 30416 2.8645 2.80 5.04 3.465 4.116 30 1982 
5: 40713 40090 5.57 7084 40778 5.544 301994 

6 60 324 5 0 631 5 0 60 6 0 28 6.407 7.245 302001 

Xo 
p 2 = 301995 

Standard error in pK~ - 000007 

KO 6 -4 
2 = 032 x 10 

. Indicator: Section A 4-Chloro-2:6-dinitrophenol was used in 
all experiments except 5 and 7, when 2: 6-dini trophenol 

was used. Measurements with the former were made at 448 TIlp and 
470 mp., and wi th the latter at 432 m}l and. ~·50 ,mp.. 

Section 12 4-Chloro-2:6-dinitrophenol was used in 
all experiments, and all measurements were made 

at 448 mp and 470 m~. 

Some additional measurements in aqueous solutions of sodiunl 

chloride gave rather low pK~ values. These were interpreted 

in terms of Nas04 ion formation. By using various K~ values 

and calculating activity coefficients with the Guggenheim 

equa tion (equation 1 .. ,5) for various C values, a dissociation 

constant was derived for the NaS04 iono Relevant results are 

given in Table VII for differing choices of K~ and C coefficients. 

As precision is low, the results are si~ly averaged. 



1J!,BLE VII DISSOCIATION CONSTANT OF THE NaSOl;. ION IN WATER 

AT-250Co 

at is the molal concentration o~ hydrochloric acid 
b is the molal concentration o~ sulphuric acid 
c is the total molal concentration o~ ind·icator 
Co is the molal indicator anion concentration 
d is the molal concentration o~ sodium chloride 
a is the contribution of sulphuric acid to the observed 

hydrogen ion concentration 

Expt 
103at lO3b 104e·o lO5e. lO2d lO3a No 

1 4.081 2.192 6 0,18 4.28 5.947 4~094 
2 60-846 3.828 6 0 18 2.63 50946 6.879 

3 L~o 083 2.180 60 22 4oL~7 80244 4.092 
4 70019 30887 60- 21 2.73 8.237 70042 

Resultant pKNaS04 for various values of K~ and c. 

KD 
2 0.0105 000105 0.0105 00 0100 000110 

C 0.2 003 Oo l-l- 0 0 3 003 

Expt 
No. 
1 00 50 0.60 0068 0.77 0.34 
2 0039 0 0 52 0.62 0072 0.18 
3 0033 0049 0.61 0.67 0.22 
4 Oo4L~ 0.58 0068 0.73 00 36 

Mean :: 0042 0.55 006~ Ooql: OoG28 

std. error == 
0 0 04 0004 0.07 0005 0.08 

total 

102r 

6.509 
60 884 
8.804 
9.175 

The indi cator used in all experiments was 2: 6-dini trophenolo 
Measurements were made at 432 IDP. and 450 mp.. 
The values for a and I given in the data were calculated 
using values of K~ = 000105 and C = 0.4. 



(b) Buffer Method 

Results f"or 60 per cent methanol,. using 2:.6-dibI'lomo-4-

Nt trophenol as indicator~, are r)resented in Table VIllo 

Tvlo sets of measurements were made in 80 11 er cent methanol, 

one usirJ.g 2:6-dlbI'0l11o-Ll--ni trophenol, and the other, 

2:6-dinitrophenol as indicator. A pK~ value can be obtained 
'-

o by combtning the derj.ved eqUilibrium constant, Kr , w,i th the 

indicator d.issocie.tion constant K~ determined in Part Tllo 

For all calculations, activity coefficients were 

calculated using an equation of the form 

1.5! ) 

Allowance :Lor LiS04 ion formation was rnade, uslng 

dissoctation constants of 00011 and 00005 for ion-pair 

in 60 and 80 :per cent methanol respecti vely. The choice of 

these values is discussed later-. :pK~ Vias found by extra

polation of a plot of pK; against ionic strength I to zero 

ionic strengthll This is sho\!vu in Figs 8-10 0 

A summary of the pK2 values found in the present 

investigation are shown in Table IX, together with their 

estimated limi ts of erx'or. 

86. 
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TABLE VIII pKr FOR THE REACTION 

HS04 + A- ~ SO~- + fl~ AT 25°C 

A 60 ~er cent Methanol IiA = 2:6-Dibromo-4-ni t11ol2heno1 

Series I H2S04 ( x M ) - Li2S04 (2& 987 x M) Buf'fer 

3 103~iOl04 ·6 c,A- lO3r pK~ 10 en SO JlO cA-
2 4 ~ 

001730 70.558 10165 1.487 -00035 
00305,1 8~OO3 009524 20500 -0.035 
0.4352 80748 008558 3.458 -0.027 
0 0 5734 8.634 007808 40452 -0.027 
007259 90204 0.7215 50519 -0.026 
008723 9.806 006817 6.522 -00022 
1.122 80 861 006304 8.191 -00018 
005701 40106 80 056 006931 80308 -00015 
1 o~.27 90 L~51 0.5832 10018 -0.013 
1.725 8.832 005504 12 ... 05 -0.007 
2.145 9.130 005101 14.64 -0.003 
005707 13002 80 344 0.5946 16093 0.008 
2.839 7.938 0.4648 18 0 77 00007 
1 0 L~33 11.00 80937 004718 200 3L~ 0.012 
30 607 70540 00 it·261 23.15 00014 
20168 10 0 62 80 337 0.4254 24.35 00018 
4.300 7 e 22L~ 0.4009 26~·98 00022 
1.LJ.32 2-'1048 8.317 OoL~167 30030 00032 
5.·038 15.05 7.646 0.3778 30093 0.029 
5.735 7. 48L}. 0.3605 34054 00036 
60453 7.156 003431 38.23 00 O'-~O 
3.587 21.68 6.908 0.3293 42039 0.048 
4 •. 342 31071 60274 0.2876 55050 0.069 
30 625 42054 6.081 0.2779 61099 0.081 
10437 75.37 6.437 0.2972 82.69 00141 
007288 85.60 70806 003647 89030 0.182 
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TABLE VIII (cont. ) 

Series II 19:CI04 ( xM ) - Li2S04 (aoo04 x X) Bufffero 

3 lo3~ 106c
J.-

cA-, 
103r 

t 

10 cr-rOI.O :pIer 
4 "i0104 c:HA 

00 5312 9.731 0.9833" 20721 -0.029 
0.,7050 9.226 00 8915 30538 -00027 
0.8922 8. 86L~ 0.8229 L~.400 -00025 
10044 9.856 007752 50090 -0.026 
10248 9.529 007374 50996 -0.018 
1.418 11 0 63 0.7030 60 742 -00017 
1.771 11027 006492 80273 -00015 
008928 4.391 80308 007336 80 603 -00009 
2.659 90927 005655 11.99 -0 0 005' 
20223 4.274 7.035 00 5580 14.16 0.007 
0 0 8800 10&70 80993 006650 14.69 0.008 
3~542 9.441 0.5111 15.58 0.004 
10762 9.664 90768 005388 171)39 00008 
40433 8.919 0.4694 19.08 0.009 
10770 12. 76 9.608 0.5150 20.38 0.014 
20 651 90409 90113 0.4782 20074 00013 
5.279 80 599 0.4398 22.32 0.016 
8.895 21.54 10034 0.59L!·5 25.36 00037 
6.,,296 8.134 O.L~ 100 26.15 00 022 
20670 15.47 8(1'586 0.4420 26.57 0.025 
70991 70 609 OQ3732 32.38 00033 
3.557 18009 70955 0.3961 32.50 0.035 
10775 29.95 80 558 0.4·385 37.12 00051 
50,308 31.14 7.605 0.3149 51.34 0.065 
2.661 32017 7.664 0.3808 55.50 0.069 
3.545 53080 6.668 003051 66.81 0.099 
20 661 64.77 6.696 0.3155 74.44 0.121 
10781 71032 10.06 0.3512 77.78 0.140 

For I:O pKo =. -0004 r 

E. A =: 1 8,1 00 EUA =·16 

All measurements were made at 406 ffip. Some additional 
measurements made at 420 m)l gave identical results. 

As pK~ = pK~ '+ pK~ 

pK~ = 4007 - 0004 

= 4003 (+' 0( 04) 
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TABLE VIII (conto)" 

:lB. 80 ~er eent Methanol HA - 2~6-Dibromo-~-nitro~henol 

Series !' H2S04 ( x M) - Lt 2S04 (2.949 x M) Bu:Cf'er 

3 
10

3
°1.101°4 Io6cA-

cA- lo3I 
1 

10 eR SO eRA 
pKr 2 4 

0.4257 90635 2.227 20994 00578 
006942 10040 1 0 ~30 40724 0.578 
00'9687 10.04 1.746 6.405 0.583 
1.394 90498 1.540 8.908 0.587 
1 .. 962 90133 10371 12.11 0.597 
2.495 80796 10250 15.02 00603 
3.468 80 222 1 .. 091 20.13 00611 
3.463 . 90019 7.471 0.8932 28005 00620 
5.;;27 7.549 0.09131 29.35 00629 
6.359 70.247 o. 8L~12 34.26 00636 
3.477 16.93 60932 007806 35.36 0.630 
30478 25074 6.567 0.6913 43057 0.642 
3.478 35002 6.097 006233 52.32 00 657 

Series II HOI (x M) -. Li2S04 (10)984x M} Bu:Cfer 
, .... 

3 3 6 cA- ]03r 
.!t~ ,; 

10 cH01 10 CL-iCl.0
4 

10 c'A- ' I\."'" Pr., 
cJfA 

006,240 1.212 20231 20 843 00576 
006533 90 629 2.236 20969 00579 
0.9894 1.166 1.957 4.382 0.576 
1.465 11.31 20969 6.316 00579 
1.475 90117 1.772 6.354 0.591 
1.469 3.351 9.~·98 1.483 9.450 0.593 
1.448 30442 '90559 10481 9.452 00593 
2.348 10.39 1.483 90769 0.593 
20949 90176 1.358 12.04 0.597 
1.474 60812 8.923 1.297 12.76 00599 
10485 6.838 9. 01 4 1.307 12.83 0.603 
3.256 90964 1.,301 13020 00598 
20.949 30L~38 80741 10211 15019 0.603 
40070 90 600 10190 16.19 00604 
10463 1 o. 9L~ 8.423 1.143 16.69 0.603 
20946 5.078 8.524 1.155 16.70 00605 
2.,943 8.505 80236 10058 19.92 0.610 
5.258 9.103 1.072 20045 0.613 
1.480 15.32 8.086 1.029 21.03 00610 
20945 11081 70816 0.9813 23.06 0.615 
60280 8. 56L~ , 009920 24005 0.620 



TABLE VIII Series II (Conto) 

3 3 6 cA-
103r 10 C:trC~ 1-0 ~iC104 ]0 CA- cHA 

2.122 17004 7.860 0.9356 25.07 
20950 15040 7.577 009176 26 0 50 
7.397 80 416 0.9228 27.90 
10485 221t51 7 0 L~90 0.8953 28007 
30049 17.04 70406 0.8860 28,,43 
20943 20.35 7.255 008420 31.25 
10475 29080 7.111 0.8128 35020 
20948 25086 70184 0.7737 36.60 
20954 34.82 60589 0,06918 45033 
1.490 44066 60416 00 6751 49092 
20949- 46 0 83 50979 00 6054. 57004 
1.493 61 086 5.876 00 5853" 66.94 

For :r :: 0 0 
pKr == 0057 

E. A- =17,860 £. riA ::.- 38 

All measurements were made at L~oo mp.o Some addi tional 
measurements at 420 mp gave identical results. 

As :pK~ = pK?14.. ;;. :pK~ 

pK~ == 4.62 + 0057 

:: 5.19 (±. 0004) 
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t 
pKr 

0.615 
0.622 
0.627 
0.620 
00625 
00628 
00636 
0.635 
00 6L~9 
00654 
0.664 
00689 



TABLE VIII (Cont.) 

.Q 80 per cent Methanol I!A = 2:6-Dini trophenol 

H2S04 ( x M) - L12504 (2~975 x M) Burf'er 

3 10 cR cO 
2° 4 

0.6976 
009697 
1.439 
1 I) 246 
2.,090 
2. 785 . 
1 I) 250 
10235 
3.481 
30483 
2.085 
40128 
2.706 
40786 
20081 
3.4·97 
5.662 
2~ 781 
6.365 
60 365 
1.244 
3.479 
20785 
20090 
1.263 

3 
10 cLiCIO . 4 

7.341 
11010 

10.36 
90291 

90007 

16.95 

18 0 55 

30020 
2.851 
2.697 
2.486 
2.477 
2.316 
2.316 
2.-193 
2.192 
2.195 
20108 
2.,.102 
20 002 
2.027 
1.887 
1.935 
1.965 
1. 796 
10873 
1.866 
10709 
1.505 
10425 
10374 
1.341 

CA
CHA 

0.B207 
0.7553 
0.6728 
0.5973 
005954 
0.5367 
0.5383 
0.4875 
0.4941 
0.4936 
004640 
004633 
0.4402 
0.4·384 
0 •. 4·010 
00 LJ·091 
004110 
0.3718 
003946 
0.3926 
0.3523 
0.2881 
0.2724 
0.2601 
0.2515 

4.778 
6.4·59 
9.238 

11.73 
12.93 
1L~. 84 
160 69 
18030 
·20.33 
20035 
21.26 
23.66 
24.30 
26 0 93 
28.39 
28.63 
31.19 
33.51 
34.28 
34.54 
37.23 
55.32 
61005 
66071 
73 0 62 

o For I = 0 ~Kr = 0021 

E. A- :=: B005 E. HA:; 5 

All measurements were made at 432 mpo Same additional 
measurements at 460 mp gave identical results. 

000 
As pK2 = pKHA + :pIer 

pK~ = 4098 -1+ O. 21 

= 5.,1 9 (±.. 00 04 ) 

0.215 
0.223 
0.234 
0.242 
00246 
0.249 
0.257 
00258 
00266 
0.265 
00266 
0.274 
0.274· 
0.283 
0.280 
00283 
0.294 
00291 
00309 
00303 
0 0 300 
00337 
0 0 3LJ·8 
00359 
0.376 

91. 
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TABLE IX 

THE SECOJ:ID DISSOCIATION CONSTANT OF SULPHURIC ACID 

IN ... 4.QUEOUS METHANOL < AT 25°0 

Methanol 
wt % 

o 

20 

Indicator 

2:4-dinitrophenol ~ 
2 :6-dini trophenol 

4-chloro-2:6-dinitrophenol ) 
2: 6-dini trophenol ) 

40 4-chloro-2: 6-dini trophenol 

60 2: 6-di l)rofnO-Lt-ni trophenol 

80 2:6-dibromo-4-nitro:phenol 
2:6-dinitrophenol 

o pK2 

Mol.aJl Mo]ar 

Estimated 
Err~· </.:<:L 

(11K . ts) 

20583 2.599 .:to. 01 

3.200 30231 jt9.01 

3.98 Lj.o03 ±O. OL~ 

5.12 5.19 +0. OL~ 
5012 5.19 +0004 



2 ACCURACY OF RESULTS 

Salt Effects on the Indicator 
o Of importance is the difference between pK2 results in 

water using hydrochloric and perchloric acids as reference 

acid respectively. The diaper! ty between the values obtained 

(1 0 977 and 2.003) is outside the I imi ts of eXI)erimental erroro 

93. 

The results with hydrochloric acid are identical, within the· 

experimental error,. for the different indicators 2:4-dinitrophenol 

and 2: 6-dini trophenolo 

For perchloric acid, 2:-6-dini trophenol was the only 

indicator used. However, addi tional meaSUl~e.Q1ents wi th 

o 2:4-dini traophenol as indicator pointed to an approximate pK2 

of 1094, when perchloric acid was used as referenceo This is 

0 0 06 l)K uni ts lower than the 2: 6-dini trophenol resul ts, and 

-suggests that, the perchlorate ion ma~T be exerting a highly 

specific effect on the indicator. Ad eli tional measurements 

performed involved a differential comparison or the absorbance 

of identical indicator solutions, in the presence of chloride 

ion or perchlorate ion~ For 2:6-dinitrophenol, only ver~ small 

differences were observed in the presence of excess acid and 

alkali, in agreement with similar results obtained· by Kortum45 

for 2:4-dinitrophenol. 

However, when a small identical amount of hyd_rochloric acid 

was added to each solution to obtain an equilibrium mixture of 

the limiting forms of 2:6-dinitrophenol, the measured absorbance 

at several wave lengths was/found to be 10 0 per cent higher 



:tror a 0003 molal sodi'lUll chloride solution than for a 

c'orresponcline; perchlorate solution6 Similar resul ts for 

2:J4--dinitrophenol indicated a' 1.4 perJ cent difference in the 

opposi te directiono These eX,.geriments indicate that perchlorate 

and chloride ions exert different specific effects on the 

activity coefficients of either the nitrqphenol anion or the 

molecule, or possibly both. The effect acts in opposing 

directions for~ 2 :4-dini trophenol and 2: 6-dini trophenol. 

By combining results from spectrophotometric and solubility 

measurements, von Halban, Kortum and Seiler101 have been able to 

calculate the activity coefficients for~'the 2:,4-dinitrophenol 

molecule in aqueous salt solutions. They found that this 

94. 

quantity was rather sensitive to the presence of different salts, 

and that chloride and perchlorate ions had a marked difference 

on its value. Stein and Treinin,1'03 in measuring s:P ecific anion 

effects on the spectrum of the iodide ion, another large 

polal'isable species, find the sequence Clot > so~'" > C1-

for decreasing specific effect per equivalent of ion. 

From consideration .of this previous work, and from the 

present observation that the pK~ determined appears to be 

ind~endent of the indicator used in hydrochloric acid reference 

solutions, the assumption is made that a mixture of bisulphate 

and sulphate ions will have very much the same effect on the 

activity coefficient of the nitrophenol molecule or other species 

as a corrparable chloride solution. The results in aqueous 

solution using hydrochloric acid are then considered reliable 

and are to be preferred to those obtained using perchloric acid. 



95. 

Hydrochloric acid was consequently used as reference acid for 

experiments in 20 and 40 per cent methanol. In 20 per cent 

methanol use of 2:6-dinitrol1henol and 4-chloro-2:6-dinitrophenol 

gave very similar values for pK~o 

The Buffer Method is insensitive to such salt effects and 

any resul ting error will be negligible. 

Ion Association 

In, the Buffer Method it was found for a given ionic strength 
t 

that the resul ting pKr value was markedly sensi ti ve to Ii thilli11 

ion concentration, suggesting considerable L1S04 ion formation; 
t 

a reliable extrapo£iation of pKr to infinite dilution was not 

possible. Consequently, two parameters were introduced into 

the calculations; one a dissociation constant for the LiS04 
ion, the other the C term or Guggenheim ionic activity 

coefficient expression. 

These parameters were varied until all experimental 
t 

points fell on a reasonably straight line, when pKr was extra-

polated as a function of Io. The resulting KiiSO-' when 
4 

compared with the sodium thiosulphate ion-pair dissociation 

constant in aqueous methanol,104 seems too low in 60 per cent 

methanol, and correspondingly too high in 80 per cent methanol. 

The C value of 1.5 found most suitable for both solvents 

appears rather high. These facts seem to indicate that the 

parameters introduced are compensating for some other effect, 

possibly lithium nitrophenolate ion-pair formation. As the 

lithium concentration varied and that of the nitrophenol 

remained constant throughout a series of experiments, any such 

effect on pK~ should ~isappear at infinite dilution. As a 



'checku measurements were made using two indicators in 80 per 

eent methanol. o As an identical pK2 value resulted, any 

systematic error caused by ni trophenolate ion-pairing is 

probably 10Vlo 

Analytical Accurac~ 

Concentrations of acids must be known extremely accurately 

when the strong Acid Method is used. Consequently acids used 

w.ere standardised precisely by several methods to check on the 

absolute accuracy. An accuracy of 0 0 1 per cent in acid , 
concentrations determined from absorba.nce measurements was 

desired, and in most cases was probably achievedo 

In aqueous solution, the buffer ratio, sulphate to 

bisulphate, was unfavourable for accurate measurements, and in 

the most dilute solution used any eI~ror in (acid concentration 
t 

was reflected fifteen-fold in the pK2 value determined. In 

20 and 40 per cent methanol this ratio is more favourable, and 

the corresponding error only eight-fold. 

When the Buffer Method was used, the buffer ratio was 

adjusted to be close to its optinmrn value, making concentration 

errors smallo An indicator was also selected in order that the 

CA-/CHA ratio would be least sensitive to speetrophotometric 

errors. 

Dependence on Ionic Activi ty Coefficients 

By using low ionic strengths in the strong Acid Method, 

d~endence of K~ on the ionic activity coefficient e~ression 

used is minimised. in 20 and 40 per cent methanol, plots of 
to 

pK2 as a function of I converged almost to the same value, no 

matter what e~ression was usedo For example, on varying the 

96. 



0 00 
a parameter of the Debye-Huckel equation from 0 A to 20 A, 

o the extrapolated pK2 value changes from 2058lto 2.595, and 

from 3. 199 to 30200, for 20 and 40 per cen i methanol, 

respectively. However, in wat.er, the corresponding change was 

from 1.958 to 2.0150 Here the data diverged slightly when the 

~ par&aeter was varied. This is caused by the ratio sulphate 

to bisulphate becoming increasingly large and more sensitive 

to the values assigned to ionic actlvity coefficients as 

dilution increases o The rate of such increase in error 

ou tweighs the decree.se in sensi ti vi ty of the acti vi ty 
o coefficients to change in 8.0 Slight divergence thus resultso 

All calculations assumed that the activity coefficient 

of the sulphate ion and that of the nitrophenol and hydrogen 

ions in both sulphuric and reference acids could be identified 

by the same value for R. If these could be represented by 

different ~ values (probably not thermodynemically permissible 

in the salne solution) resul ts might differ significantlyo A 

similap situation was encountered in the discussion on 

activity coefficients of the nitrophenol molecule in. a 

pregious sectiono 

3. ASSOCIATION OF SODIUM AND SULPPJ,j\TE IONS 

Sodium sulphate association has been pl"eviously 

characterized quantitatively in aqueous solution by 

conductometric methods only, a P~aso4 value of' O. 72 being 

calculated91 at 250 Co As conductance theory is still 

unsatisfactory for uns~lmetrical electrolytes, the very small 

97. 



deviations from that expected in the conductance of sodilul1 

sulphate solutions might well be due to defects in the theory. 

However' , from relaxation methods, Eigen concludes that 

s:pecific interactions do occur in sodium sulphate solutions o 105 

Such interactions must be weak as nuclear magnetic resonance 

measurements show no evidence of complexingo 106 

When the present. measurements in aqueous sodiunl chloride 

solutions were inter:preted in tenus of sodium sulphate assoc

iation, it was fO'und as expected that pKo is strongly de.£> enc1ent 

on the V8.1ue aS8igned to K~ and to the ex-.pression used for 

calculating ionic activity coefficients. From the results in 

Table 3, it is evident. that when I("~ was put equal to the vallie 

foun.a. in this work, 0 0 0105, the most constant derived pKNoac,o"': 
'U 4 

Takirl£; into account i.ts sensi ti vi ty to otl.ler paraweters, 

the pK~apO- value determined can l)est be expressed as 00 6±.Oo 20 
- . ..j l.~ 

This is in satis:Lactory 8.greelllen.t wi th t.b.e conductornetric 

value end is also of' the ol"ider expected when cOIrq)arison is 

made with a value 009' obtained in 20 per cent i!ethanol by an 

identical spectrophotometric procedureo 107 

bt. COJ/[PARISON WITH PREVIOUS WORK 

(All dissociation constants given in this section are expressed 

on the molal scale) 

While noting that agreement with .other methods is 

satisfactory for.the determination of pK~ in aqueous solution, 
~ 

discnssion will in the main be restricted to other detemd.nat.ions 

made in t absence of' salts; nrunely, the potentiometric 
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deter.minations or Davies, Jones and Monk,83 and of Nair and 

!,Tancollase 93 These investigations alone give precise 

-results entirely ind~endent of ion-association. 

It will l)e recalled that in HellIer I: s analysis 92 of Davies, 

Jones and Monk" s potentiometric measurements mentioned er, 

he fOlmd their -resul ts to converge apPl-'oximately to a connnon 

:pK~ value at infin1 te dilution when various g pa.wameters were 

used in the activity coefficient expressiono He could not" 

howeveI'?1 establish whether convergence was exact and commented 

that only by making measuI1ements to higher dilutions than that 

used by Davies, Jones and Monk could this be demonstrated. 

Since Helnerts observations, the paper of l'rair and Nancollas 

has been publ tshed giving such measuremen ts o 

.' Accordingly, l~esults have been recalculated from both sets 

of potentiometric data, using the complete Debye-Huc¥el 

equation to obtain activity coefficients. In Fig 11 results 

are shown from both these investigations and.. are com-pared with 

similar calculations from the data obtained in the present 

sp ectrophotometri c study. 

Here the pK~ values obtained from linear least squares 
t 

plots of pK2 against I are given graphically as a function of 

the Q. parameter used in their calculationo It is obvious~.;."

that the potentiometric data, like the spectrophotometric 

994r 

.. Nair and Nancollas t results have been recalculated using 
Absolute Volts, ang those of Davies, Jones and Monk and 
of Evans and Monk (for 20 per cent methanol): using International 
Volts. In the latter p~er, no units of concentration are 
specified, but were assUlne(1 to be molalo 

~ tllRAIlY 
\JMtVERSITY OF CANTEI\IUI\y' 

CHR.ISTCHURCH, N.Z. 



o values, do not exactly converge to the same pK2 value for 

differj.ng R values. The I>otentiometric I>K~ values of Nail'1 
t:.. 

and Nancollas are observed to be critically dependent on the 

a-ssigned g value, and are much more sensi tive to this value 

than those calculated from the spectrophotometric data. This 

would be due· in part to a higher and less favourable sulphate 

100. 

to- bisulphate ratio, at a given concentration of sulphuric acid, 

in the potentiometric measurements, owing to the necessary 

addi tton of hydrochloric acid. 

* When Nair and Nancollas's results are recalculated using 

the Davies (1962) equation, a pK~ value of 1 0 97
3 

(K; = 106) , 
was obtained from a linear least squares plot of pK2 as a 

function of I. When the coefficient linear in I in the 

acti vi ty coeffi cient eJt'pl~ession is raised to 0037, drift of the 

recalculated pK~ is practically eliminated, giving a slightly 
.:... 

higher value, 1. 977 (K~ = 10S). This value is in good accord 

wi th that obtained in the present investigation. If, instead of 

the Davies (1962) equation, the complete Debye-Huckel 

expression is used to calculate activity coefficients, the 

drift of PK; with I is minimised by uSing. the value 409 ~ for 

the ~ parameter, giving a still higher value, 1.990 (K; = 102). 

These calculations further illustrate the sensitIvity of the 

potentiometric pK~ values to the value assigned to activity 

co effi ci en tso 

* The ,eo fl1o f. of solution 1'!oo'18 at 2S00, in the data given by 
Nair and rrancollas, appears to be a misprint, and has been 
ignored in the recalculations. 



The work of NimsiGm orthophosphoric acid Illustrates 

another important pOint99 In his potentiometric investigation, 

he "found for two series of resul ts using different 

stoichiometric buffer ratios, that each series lay on a 
t 

different curve when pK13was plotted against I~ This 

illustrates that a slightly differing g parameter or a term 

(linear in I) must be characteristic of each series of 

solutions o H81l1er9~oints out that if extxlapolations were made 

to infinite dilution from a point in one series to another 

point in the other series at a lower ionic strength, any 

number of extrapolated values of pK~:3e·oUld be obtained. 

Thus, for measurements in sulphuric acid, the stoichiometric 

acid to sulphate ratio should l)e constant for a series of 

solutions if 8. reliable extIlapolation is to be made from 
\ 

101. 

measurements on these solutionsc> This condi tj.on is necessarily 

realised in the present investigation (neglecting the small 
t 

amount of acid from the indicator), andpK2 is always a 

smoothly varying function of I~ 

However, in the investigations of both Nair and Nancollas, 

and Davies ll Jones and Monk·this ratio varies slightly. A 

silitple ext~apolation to inrini te dilution, using a 11 data, 

is therefore invalid; but as the differences in ratio are 

slight, such an extrapolation would not involve considerable 

error. 

Oircumstances are entirely different for the potentiometric 

investigation in 20 per cent methanol of Evans and Monko 98 

In this instance, the acid to sulphate ratio varied considerably 



for the six solutions examined. Recalculation of the results 
t 

obtained showed that it was only possible to obtain pK2 

values as a smoothly varying fUnction of I ov'er a 1imi ted 

range of R values, used in calculating activity coefficients. 

(This range, perhaps fortutitiously, covered the grange 

corresponding to the Davies (1938) equation as used by 

Evans and Monk} 0 

t 
However pK2 varied considerably with r 

over this g range, and the accuracy of the value obtained 

on extrapolating to zero ionic strength is questionable. 

EVans and Monk reported a value, pK~ = 20 66, by extrapolating 
t! 

102. 

K2 8US: a function of ro Such an extrapolation is theoretically 
t 

unsound, and if instead, pK2 is plotted against I, a value 

2~59 can be obtainedo 

Despite the doubts expressed above, this value is in 

good agreement with that found in the present study, pK~ ::: 2.583, 

rf, reca1cu1ation.s are made, using values for the ,Debye-Huckel 

constants reported in Table I, agreement is not so close, 

giving a pK~ value of 2~6280 A va1ue,g = 4035 A' was needed , 
to obtain the best linear plot of pKn with I. A similar 

/ G 

analysis of 'Evans and Monk's data in 10 per cent methanol gave 

PK~ =: 2030 for g ::: 309 A. Endorsement of the conclusion that 
l~.,< 

o original pK2 value in 20 per cent methanol obtained by EVans 

and Monk is incorrect comes from a ~ectr~hotometric 
.J 

determination of pK~ in 20 per cent methanol!) 107 As the 

corresponding solvent dielectric constant is lower than that 

of the parallel methanol mixture, it 'lV-QuId be expected on 
o . 

electrostatic grounds that the pK2 value of 2061 obtained should, 

if anything, be slightly higher than that of the methanolic 



solutiono 

The pK2 obtalned by Buist99 in 61+ per cent methanol, 

3024 at 25°0, is in violent disagreement with that 

inte~olated from the present results, 4016, but can be 

explaLned by the lac1c of precision in the potentiometr'ic 

measurements. 

From thts discussion, it upp ears tha t potentiometric 

measurements at low ionic strengths in ~queous solutions of' 

sul:pl1J.11~ic acid alone do not increase the accuracy wi tIl 'which 

K~ can l)e foundo The spectrophotometric method, at 

o c-orresponding ionic strengths, fixes closer limits for K2, 

but, as in the determination of Klotz,96 salt effects on 

the indicator may have an unknovr£l systernatic error. 

103. 



v. ASSOCIATION I BETNbEN CEROUS AND i3ULPHATE IONS IN WATER 

AND IN AQUEOU3 METFLUIOL 

A. INTRODTJCTION 

Trivalent lanthanide ions, in marl-ced contrast to 

trivalent transition metal ions, do not readily- fopm inert 

cOfaplexes. This is, no doubt, due in part to the negligible 

crystal-field stab:Ll iea t1.on 1n lanthanide ions. However, 

104. 

many lanthanide complez:es- have been characterised in solution, 

but' all app ear to be very le.blle. Most can prol)ably be 

accounted =LOl' with a sin~le electrostatic model. In 

particulal'l association betVveen sUl:Qhate and trivalent 

lanthanide ions is ind.ica ted by so 111.1) il i ty, - sp edtpo:pho tOfnetrtc, 

ton exchange Ji potentinrnetrlc 8.nd conducti vi ty stttdies. Further 

con1Qounc1s vvi th the cOlllPosition Na3 [Ln(804) ~ 10 and 

... , [ I " 11'10 lfa Ln\604) 2J have 1:)een isolated. 

As it is the well shielclecl 41' shell which is incon1Pletely 

fillecl in the lanthanides, the racLti and chemical reactivity 

are very similar for all elements in the series. The cerous 
,,-

ion, wi th its one 4:f electron, may be taken a6 tYJ;> ical of the tri-' 

valent lanthanide 10ns. It is the association of this ion which 

will be primarily investigated her~y measuring the 
( 

I 

thermodynamic (li880cia tion constant K~ of the cesot 8p ecies 

in the equilibrium system 

cesot ~ Ce3+ + so~-
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PREVIOUS WORK 

Cerous Sulphate 

The five methods which have been used to characterise 

association between cerous and sulphate ions will be considered 

i:q. turn. 

Ion Exchange 

The first quantitative study of association between cerous 

and sulphate ions was that of Connick and Mayer,112 who used a 

cation exchange resin in solutions maintained at O~50 molar 

wi th respect to sodium perchlorate and containing sodium and 

cel~ous sullJhates. For the cerous sulphate ion-p air they 

found a value for pK1 of approximately 1078 at 25°0. Using 

a. dubious corr·ection a value of 1092 has been found for the 

thermodyn8111ic .pK~ 0:111 

Two other ion-exchange studies have since l)een publ lshedo 

In the first, Fronaeus113 was able to obtain quantitative 

evic1enc~ for hieher association and at 20°C 'quoted values of 

1.63, 0 0 71 and 00 74 for pK1 , pK2 and pK3 respectivelY· in a 

1 M sodium perchlorate solution maintained at a pH of l.~. 

Recently D~atz 114 made a more precise study and obtained pKI == 

1075 and,pK2 == 1016 at 25°0 in 0.50 m sodium perchlorate solution 

maintained at pH 30 No evidence for higher associatio~ was found. 

* In the literatu~e both association and dissociation constants 
are,used to characterise ion association equilibria. The 
sinRlltaneous use of two conventions leadR to confUsion. 
Following the recent practice of Davies,~O results in the present 
investigation will be quoted as pK values, de~ining the pK as 
the negative logarithnl of the dissociation constant o The 
association constant KA is related to the pK by the sin~le 
identity 



All three investigations have been made at high ionic 

strengths and cannot be corrected accurately to zero ionic 

stl~ength. 

Solubility 

Newton and Arcand1 hflve analysed the precise data or 

Chl.oupek, Daves and Danesova 115 for the solubility or cerous 

106. 

, 0 
iodate in potassium sulphate solutions and obtained a pK1 value 

or 3 .. 40 at 25°0 on extrapolati~ the results to inrinite dilution. 

By measuring the solubility of cerous oxalate in 0 0 1 and 

0005 M sulphuric aCid~ Korennlan 116 has determined the pK~ at 

20°0, obtaining the value 2 .. 920 This is the mean value obtained 

from four solubili ty measurements.' The data is not very precise 

and the error in pK~ probably largeo 

Conductance 

Frorn conductance measurements with 0.0001- 005 N cerous 

sulphate Spedding and Jaffe117 obtained a value for pK~ of 

3.59 at 250 C 

Potentiometry 

Shirlaw118 has measured the e.m.f. of the cell' 

Ag, Agel 

over the ten~erature range 200 to 40°0 using ionic strengths 

° of from 0 0 01 to 0 0 02. His results yielded a value ror pK1 of 

3075 at 25°0. 

]£ectraphotometry 

By measuring the influence of sulphate ions on the ultra

violet spectrum of the cerous ion, Newton and Arcand1 were able 

t~ calculate pK1 values of 1088,1.67,1053,1023 and 1 0 02 at 



ionic strengths of 0.2, 0035, 0050, 1000 and 2000 M 

respectively ~or a temperature o~ 250 0. Evidence for higher 

association gave an approximate pK2 of -00 7 at an ionic 

strength of one. The ionic strength was adjusted with 
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addition of sodium perchlorate. On extrapolation to infinite 

dilution, a value for pK~ of 3037 vvas obtained. It was found 

that the observed extinction coefficient of, the cerous ion 

and that calculated for the ion-pair cesot varied with both 

ionic strength and tempera tUl1 e. 

or the precise detexminations of the thermodynamic 

dissociation constant it should be noted that the spectrophoto

metric and soluhility pK~ Vialues are considerably lower than 

those ~rom' conductance and potentiometric measurements. The 

two ion-exchange determinations at an ionic strength of 0.05 

are in good agree~ent and are considerably higher than the 

corresponding spectI1ophotometric pK~ value at this ionic 

strength. A comparison between these three determination.s 

is valid -because in each case a large excess of the same 

electrolyte, sodium perchlorate, is present; activity 

coefficient quotients should therefore be similar for each. 

An analagous comparison is possible for the ion-exchange pK1 

Ol~ Fronaeus and the spectrophotometric value at unit ionic 

strength. Here, the spectrophotometric pK1 is relati vely 

even lower~ 

By repeating the spectrophotometric work of Newton and 

Arcand at lower ionic strengths in the present investigation, 

an attel11Pt will be made to resolve the difference between the 
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8peCtrOI)hotometric pK
1 

value and that obtained by other methods. 

In order to characterise satisfactorily the optical behaviour 

of the free cerous' ion, it is desirable that the cerous 

perchlorate system De first examined. 

Cercus Perchlorate o 

"It is conunon practice to regard the I) erc11lorate sal t of a 

given cation as providing the cations in aqueous solution in a 

non-associated state. Where evidence for perchlorate association 

has been reI)Orted, concentrated l1erchlopate solutions have, in 

the main, been usedo Most of the relevant literature has been 

reviewed by Jon.-es, eTohes, Harmon and Sennneso 119 Evidence for 

association between cerous and perchlorate ions is now reviewed 

because this may affect the dete}-mination of the extent of' 

dissociation of the aesot s~f-l ecies in E:olution. 

Heio.t and Berestecki 2 , and sutcliffe and vVebeI·3 have studied 

the ultra-violet specbrwn of cerous perchlorate. Both groups 

of workers found that change of both temperature and ionic 

streng'th affected the absoI1Jtlon of' the cerous ion, although 

no change in the posi tion of the absol""'Ption peaks was observeo .• 

The effect was most marked in the region of the 296 m)l absopption 

peak. As abso~tion did not vary with hydrogen ion concentration 

they concluded that a complex must exist and attributed the 

absorption change to the equilibrium: 

+ 

The isobestic point at 279 mp. f01.md by Heidt and Berestecki 

indicates an equilibrium 1Jetween two, SI)ecies only. To c8.lculate 

the dissociation constant Heidt and Berestecki assumed that the 
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maximtun extinction coefficient encountered, that of a solution 

containing 0.002 M perchlorate at temperatul'e 54°0, and the 

corresponding minimllill extinction coefficient, that of a I::.olution 

containing over 4 M perchlorate at 16°0, corresponded to the 

extinction coefficient of the cerous aquo-ion and tIle cera-us 

perchlorElte ion-I> r« £0 =: 25.6 andE 1 .= 10.5) respectively-_ 

The quantities Eo and £, were assumed in0.er>endent of , 
temperature and of' meclium. A :pK~ value of 1., 19 was thus found 

for CeCIO~+ dissociation. 

sutcliffe and Weber used a clifferent technique, c on~ar'ing 

absorbances of solutions containing va.rying perchlorate 

concentration at constant ionic strengtho They did not 

e}..J)l tei tly make as 8Un[) t ions Heidt and Berestecki 

concerni:nJ,' inction 

c~re inherent iIl. thetr~ lnetlloc1 0:[' cal culatioD., Similar 

extinction coefficlents,e1 = 12.5 and 8.
0 

= 23 0 6 (or 25~O, 

ctependin,e; on ioni.c stren:.::;:th) vvere found, yielding pI( 

of 0.08 and 0039 at 26 0 6°0 for ionic strengths o:f 1.14 and 

Poll respectively. 

Krmnholz4 has been critical of this inteIl>retation of the 

observed spectral changes. He points out that if the assugrptions 

and values assigned to Eo and £1 are correct, then plots of 

extinction coefficient should extrapolate to the saine value, 

~o' at ze::o perchlorate concentration. Similarly, extinction 

coefficients plotted at different perchlorate concentrations 

should converge toward the values assigned to e. 0 and S. 1 

respectively. Krumholz found that the experimental data did 
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not show the eXt.;>ected convergence. The dissociation constant 

derived from the data of Heidt and Berestecki also showed a 

marked dependence on the wavelength usedo 

Consequently, extinction coefficients may depenct on the 

terqperature, the medium and hi.:::;JJ,er complex fopmation. 'rhe 

presence of but one isobestic,point s the existence of a 

second complex improbable. Nuclear' magnetic resonance 120 

studies indtcate no association between cerous and perchlorate 

ions in aqueous solution. It would seem, therefore, that the 

dissociation constants derived are highly suspect, and that 

the actua1 existence of the GeClO~+ion is doubtful 0 Other 

evidence of interaction between perchloI'ate 81?-d lanthanide 

ions121 has been obtained only at high perchlore.te 

concentrations, usually in excess of 6 molar. 

Jorgensen 122 has observed a similar variation of 

cercus absoIl?tion wi th ten1Perature and ionic strength in 

cerous chlol~ide solutions. He ascri 1)es this to the existence 

of several differently hydrated forms of the cerous ion in 

aqueous solution. 



1[ RESULTS AIm DI3CUSSION Oli' RI~JULTi3 

10 CERCUS PJ~RCHLORATE 

S'everal aspects of the optical properties of cerous' 

perchlorate solutions will be considered in turn. 

The Svectrum of Cerous Perchlorate 

The absor:Ption SDectrlun of the ce~ous ion in. aqueous 

perchlorate solutions consists of five bands In the ultra-

violet, all arising from L~f --+- 5d transi tions o These bands 

are situated at 201, 211, 221, 239 and 253 mp, the latter 

being the most intense (£ ... 740) 0 There is also a smaller 

1110 

band at 296 0 5 mp, Yvhich, unlike those at shorter wavelengths, 

is very sensitive to environment. 

The i:lJ.tensity and }Josition of the 8.bsolj?tion maxima 

observed for cerous percl:Qol'lB. solutions in the present 

investigation were in accord wi th that of :;>revious worko 2, 122. 

Influence of Acidity 

A potentiometric investigation123 has indicated a pK 

value of about 5 for the reaction 

Ce3+- + 

The cerous ion would thus not be readily hydrolysed in weakly 

acid solution. This has been confirmed1 by examining the 

cerous ion absorption at constant ionic strength in solutions 

where the acid concentration varies from 0.001 to 004·2 mol.ar. 

To confirm that this is also true in methanolic solutions 

absorPtion measurements were made in 80 per cent methanol on a 

peri,e.m i )(!);f'tO.004 molar cerous perchlorate solutions containing 
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varying concentrations of perchlol'lic acid ranging fl'orn 00001 to 

0.2 molaro The ionic strength was maintained constant at 002 

molar by addition of sodium perchlorate. Wo variation in 

extinctlon coefficient was observed at a wavelength of 299 !T~1. 

Influence of Cerous Ion Concentration. 
. 1 

Newton and Arcand have measured the absorption at 

296.5 111)1 of aqueous solutions containing concentrations of 

cerous ion ranging from 0 0 002 to 0~010 Mo Solutions were 

maintained at constant hydrogen ion concentration and 

effectively constant per-chl,orate concentration. ' Beer's Law 

was fO~Uld to be obeyed, indicating that monomeric species 

involving cerous ion are- the only important ones in the 

solution studiedo 

To confirm that this is also true of aqueous methanol, 

similar experiments were carl-ied Ollt in 80 :per cent methanol, 

varying the cerium concentration from 0.001 to 00005 M. The 

hydrogen ion concentration was kept at 0.01 M and sodium 

perchlorate I-...;.dded to keep the ionic strength constant at 0.2 M. 

Beer's Law is also obeye~ here o A slight drift of molar 

extinction with cerous concentration was discernible, amounting 

to about one per cent between extreme concentrations, but this 

is wi thin the limtts of' eJq?erimental error. 

Inf'lgence of Perchlorate Concentration 

By using differential methods, the molar extinction 

'c~oef'ficient of the cerous ion at 296.5 mp. was compared in 

solutions of different perchlorate concentrations. The ionic 

streng~h was maintained constant at 0 0 1 mola~J and the 



perchlorate concentration could be varied twofold by using the 

perchlorates of sodium, baritun and lanthanumo A decrease in 

extinction coefficient of about 1 0 0 per cent occurs when the 

perchlorate concentration is doubledo A similar comparison 

in 80 per cent methanol at an ionic strength of 0013, maintained 

with sodium and lanthanum percl~orates, shoted a 102 per cent 

dee-rease at the 299 Ir¥ maximum on doubling the perchlorate 

concentration .. 

Thus perchlorate ions exert only a small specific effect 

on the spectrum of the cerous ion at perchlorate concentrations 

of about 0.1 M. As most of the solutionsused in the praesent 

investigation are of still lower perchlorate concentrations, 

the effect of any cOH!plexing l)y this ion will be negligible in 

all solvents used. 

Influence of Ionic strength 

In agreement wi th previous investigat'ions, the' extinction 

coefflcient was found to vary slightly with ionic strength, 

the effect being most marked in the region of the 296 mr 

absoIjltioh maximUln. A linear relations~ip between the 

extinction coefficient and the square root of the ionic 

strength wae established, by maktng measurements in dilute 

B:9.ueous solution at a wavelength of 296 0 5 mpo The ionic 

strength was varied~ wi th both sodi1.un percb.lorate and peI'chloric 

aeido The variation may be expressed as 

It is, of course, only valid over the concentration range eX~lined, 

namely 

for 0002 < I < 0 0 2 



11 Lt· • 

.,-
A linear relation lJetween log t ancl 12: might give a slightly 

better f it of the data, but owing to the small changes observed 

in £ and the relatively low abEorbances used (0.4), the 

resultant lack of precision of the data prevents a definite 

decision on this pointo 

A similar relationship 

was found for- 60 per cent methanol, valio. in the srune 

concentration region. No obvious correlation was found between 

the normalized gradient of these two equations and the 

corresponding Debye-Huckel A constants for the solvents concerned. 

Influence of Temperature o 

The intensi ty· of the 296 mr absor:ption band W£l.S found to 

be remarkably sensi ti ve to teIl1]) erature in aqueous solution, 

as previously noted. 2,. 3 On raising the temperature from 

25~C to 85°0, the extinction coefricient of the maximum 

increased linearly from 18 to 37 in aqueous solutiono The 

corree1?oncling wavelength, A -n<:l -r only shifted from 296 0 5 m}1 
I ~11. 

to 295 mp.o The isobestic point, previously r~eported2 at 

279 mp, was not observed. Such a point may lie at shorter 

wavelengths, however. 

Similar changes were observed in methanol - water mixtures. 

Influence of Solvent 

The posi tion and intensi ty of the absox~tion peak in the 

296 mp region for the differerJ.t sol vents used are given in 

Table Xo 



THE CEROUS PERCf~ORATE 296 fiB .~SORPTION· BPjID 

Solvent 
Wt.% MeOH 

o 
20 

40 

60 

80 

A max 

296.5 

296.5 

297 

297 

299 

£: max 

18 

2L~ 

29 

38 

56 

It is noted that C incpeases considepably as the methanol ~ max -

concentI'~ation of the solvent incl"eases. There is also a sli~ht 

shift in ft to lo-nger wavelepqths. max '-0 

Jorgensen122 has observed with cerous chloride in 99.5 

per cent ethanol that a large increase of 8. max from 18 to 
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700' occurs, accom:panied by a sht:rt in ~ max fl'""'om 296 0 5 to 309 HIlI. 

The extinction coefficient was round. to decrease raptc11y on 

stabili t~r_ of Cerous Perchlorate 8ol1J.tions 

Heidt and 8mi th 124 have found the cel""OUS ion to be 

photochemically oxidised to the eerie state by ultra-violet 

light of wavelength 253 mpo- However, all solutions used in 

the present investie;B.tton were found to be stable, and no trace 
I 

of' eerie ion could be detected; out as a precaution, all 

solutions were stored i11. the dark when not in use. 

The Origin of the ,296 INl Abso~tio~ Ba~ 
.. 

.As has already been mentioned, the peculiar variation of' 

the 296 mp band intensi t~T wi th both ionic strength and 

ten]!erature has in the past been ascribed to the for'mation of a 



cerous perchlorate cOf11plex. Kru.mholz4 he.s shovm that the 

ass1.unptions made are inconsistent \>vi th the experimental data. 

The ~resent investigation has directly proved some of the 

aSSlUtlp tiona wrong. The fact that the observed extinct ion 

coefficient still increases linearly above 5LJ.°0 effectively 

demolishes the argument of ITeidt and ~B'ere8tecki2 that the 

extinction coefficient at thts ten1)?eratul'e is a limiting value 

which can be assig11ed to the free ione A similar argument 

holds for their assis;nment fop the extinction co cient of 

the cOluplexo It is hie:hly pl'obable that this absorption lJand 

will entirely disaDpear on lowe11ine the tenlJerature sufficiently. 
/ 

As evidence for this, the 296 TIl}l band for solid Oe01
3

o 3H20" while 

present at room terqperature, vanishes on cooling to liquid 

nl trogen temI) e):a tur-es o 1 25 Aqueous cerous chloride 1 22 exhi bi 

behaviour similar to cercus perchlorate. 

3ince variation acidi ty has no ef'fect on the spectrtIDl 

and Beer's Law is olJeyecl, nei ther hyo~'olysis nor polymerisation 

can be responsible for the observed behaviour in solutton. 

Jorgensen122 has suggested that this band may be caused by a 

corrpaI'atively rare geometrical configuration in 'equilibrium 

with the other cerous conwlexeso The common form of the aquo

ion might have a co-ordination nwnber N = 9 (as found in 
126 

Nd{Br03) 30 9H20 ) and th,e ral'-e fOl'm might be octahedral wi th 

1'1 == 6 0 He believes that if the oscillator strength of the small 

band does not vanish for accidental 1'-easo11s, such as a 

selection rule fOl' transi tions in the crystal f'ie1d, t 

of terrp erature on the intensi ty is almost proof of' the 

effect 
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existence of' an equilibrium, where the complex :pr'odlJ_cing 

the band is formed by absoP.Qtion of heat, probably wi th a 

lowel'l coordination number than the common fonn. 

Spedding et· al117 , 127 assume that the liGhter lanthanides 

may have a higher coordination number in solution than the 

heavier lanthanides,. since the ionic conductances and 

thermodynamic functions are not monotonous functions of the 

atomic nW11ber, and since La in La2 (S04) 30 9H20 has partly 

N . 1:28 F . = 9, partly N = 120- rom recent measurements on 

lanthanide chelate comp es Thoni' son 129 has also obtainecl 

evidence that coordination nwnbers higher than TiT ; 6 are 

1>088ible. 

Evidence that the absorbing for'm is that with the lowest 

coorcIina tion number suggested. by the increase in extinction 

coefficient as the water content of' aqueous meths.nol is 

decpeased. AsslUl1.ing that in mixtures containine up to 80 per 

cent methanol solvation by methanol is negligible, the si tuation' 

could l)e represented by an equililJriuiji such as 

[oe (H20)N+t 

(non-absorbing) 

[ceo (H20Jrf" + x. H20 

(absorbing) 

where absorption by the form with higher coordination is 

negligible. The quanti ty x should be deteI'mined as the sloDe 

of the line obtained by plotting log (€ a~orb - 1) against 
~ 

'~[H20) should. strictiy be written as the acti vi ty, aH ° 
h 2 



118. 

where e. absorb and E are the extinction coefficient of the 

absorbing form and the stoichiometric extinction coefficient 

l'especti vel~T, and x is the numbex-' of water mol~cules involved 

in the eguilibri~mo 

However, vn1atever the value arbitrarily assigned to 

~ a curve resul ted, 'wi th an aver80'e 81011 e, x, of about absorb' '"'''0 .l;' 

l' "2 0 Clearly this simple model will not suffice. Maybe 

methanol solvation is of ir~ortance: or perhaps the model 

is entirely wrong. 'rhe observed variation in absorbance 

with the square root of the ionic strength paints to an 

equilibrium involving a nett transfer of electric charge. 

The model suggested above necessitates a linear variation 

wi th the ionic strength if it is to be observed at all. 

The inteIl?retation of this absorlJance band is therefox:'e 

still uncertain; at the present moment it is doul)t:ful if 

oI~thodox spectrophotometric measurements can shed much 

further light on the prolllem. A study "by relaxation 

spectrol,hotometry would be invaluable at this stage, to find 

if an equil:i.brium does in fact extst. 

Finally, it must be mentioned that indirect support for 

the equilibrium :postulate comes from u~ubliahed spectrophoto-· 

metric investigations by Sayre and Miller 130 with praseodyrniuin, 

a rare earth with a cationic radius only slightly smaller than 

that of ceriumo These workers found, in alcoholic solutions 

of PrC13, that two distinct solvate configurations were frozen 

out at liquid helium te~eratureso 
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2. CEROUS SULPHATE 

(a) General 

The observation of Newton and Arcand1 that addition 

of sulphate ions to a solution of cerOUE perchlorate markedly 

intensi~ied the 296 m~ band, while having little e~~ect on 

the remaining bands, has been confirmed in the preseht 

investigation. Measurements have been made at lower ionic 

strengths than mhese used by Newton and Arcand, and have been 

extended td methanol-water mixtures o 

By using low ionic strengths, within the range of 

approximate validi ty of the Debye-Huckel expression, only 

one set of data is required to obtain a thel"ll11odyneInic 

dissociation constanto The rather long extrapolation to 

zero ionic strength necessary in Newton end Arcand's 

determination is eliminated and the possible effect of specific 

perchlorate interaction vvi th the cerous ion is minimised. 

_ A differential spectT'ophotometric method was used. This 

involved direct corqp arison of the absorbances of a solution 

of cerous perchlorate with that of-a series of similar 

solutiOns, but with addition of varying amounts of lithium 

sulphate. I'n similar measurements, Newton and Arcand used 

the observed absorbance difference directly in their 

e:alculations o However, as the ceriunl concentration diffel'led 

slightly from solution to solution in the present insta.nce, 

absorbance measurements were immediately converted to 

extinction coefficientso 

}', Calculation of the Dissociation Constant o~ CeSo4o 
For a solution containing cehoua and sulphate ions, the 
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following equilibriurn is assQmed. 

+ ,"'" Ce3+ 80 2-CeS04 ... 
4 

x- (a-x) (b .... x)" 

where x is the concentre.tion of + 
Oe804' and a and b·:the 

stoichiometric concentration of cerous and sl~n.phate ions 

respectively. For this equilibrium, the dissociation constant, 

K~, is given by: 

KO = 
1 (a-x) (b-x) 

x 

(a-x) (b-x) 
x 

f 3+ f 2 Ce SO ,-
4 

F(r) •••• (5. 2) 

where Fer) is assumed so.me function of the ionic strength only. 

Also 

where E. is the stoichiometric extinction coefficientf'or total 

cel"lOUS ion in solution, Eo and €..1 are the molar extinction 

coefficients of the free cerous ion and the cerous 8ulpllate 

ion-pair l"lespecti vely. Equation 5.3 assumes that Ce3+ and 

Cesot are the only species absorbing radiation. In practice, 

a small correction often had to be made for perchlorate ion 

absorptiono On eliminating a from -equations 5~ 2 and 5.-3 and 

rearranging, equation 5.-4 is obtained. * 
_ (if-Eo ) K~ 
E. = E 1 -

(b-x) Fer) 

* When the e. values are replaced by the corresponding 
absorbances, equation 5.4 is converted to the form used 
by Newton and Arcando 



This expression peJlmi ts K~ and e:.1 to be evaluated fpom the 
.... 

slope and the intercept of the line obtained by plotting E 

against (£ - £0) 

(b-x) Fer). 
F (I) was calculated using the l'lelationship 

l' 

log F(r) = 1.2AI~ 

wheI~e A and B ape the appropriate Debye-Huckel constantso 

o 
An arbitrary but reasonable value of' 5 A was assigned to 

g in the valculationso 

The actual free sulphate concentration, (b-x),. and 

F(r) are not Imown and must be determined by successive 

approximationso In practice, calculations are perf'oJlmed f'or 

@. series of' assumed K~ valu.es unttl the slope from equation 

5.L~ is numerically identi with the K~ value usedo As 

hydl"logen and lithium ions are present in the solution, sme.ll 

corrections must be made for bisulphate ion and LiS04 ion 

formation" 

A different method of analysing similar data has often 

been used by Monk. The pelevant eCluation is of the form 

(b-x) F(r) 
= += 
(~-EJ (e1-Eo ) . 

The que.ntities 1/(e1-Eo ) and K~/(!.1-e.o) are determined from 

the op e and intercept of' the line obtained QY plottine 

(b-x) F(t)/([-Eo) against (b-x) F(r) 0 Equation 5& 5 is 

equivalent to 5ol.J. and is sin!ply obtained by rearranging 

equations 5. 2 503 in a d:i.ffepent manner. Several sets 

121. 



data were analysed l)y this second method. Resul ts 'were 

identical to those obt£.-:.ined by the fipst met.hod, the.t of 

Newton and Arcand, as would 1)e expected. The method 

employil1g equation 5Q·l.j. is preferred as K~ is obtained 

direetly from the slope of a graph. 

The question of what effect the presence of several 

geometricaJ: isomers of the cerous sp ecies will have on the 

observed dissociation constant will now be discussedo In 

view of previou.s discuEsion on cerous :perchlopate solutions 

this possibility is relevant here o 

If there are present in solution several different 

1 : 1 cerous sulphate ion-pairs" relations analogou.s to 

eCIuations 502 and 5.3 may be derived,131narnely 

K' == 
(a-x' 0) (b-x' (I) F(I) 

., 0 • c> 

-s.a o 1& • • 

Kj J) Xj and-s"lj represent the dissociation constant, 

concentration and molar extinction coefficient, of the j'th 

ion-pair respecti vely. Tt follows from equations 50 6 and 

507 that calculations will yield a single K and a single e l' 
just as if only a sil.1.g1e ion-pair was present having 

K == ~jKj 

E.. 1 =(j,K j Elj/iC 

Hence the apparent constants foun~ are a total 

dissociation constant and a weighed average extinction 

coefficient. This refutes the suggestion of Cohen 1:32 -tha t 



this sp ectrophotometric methoo~ m"ight perhaps measure a smaller 

degree o~ association than do other methoo~so 

If several geometrically different solvated cerous ione 

are also present" the cerous sl).lIlhate equilibrium will l)e 

unaffected, provictef!: the relative concentrations of' the 

di~ferel1t cerous ions are maintained constanto This condi tj.on 

is satisfied· in dilute solution and when all measurements are 

made at the same ionic strength. 

(b) Results 

EXperimental data and a Sl.unrnal"y of results are presented 

in Tables XI and XII respecti velyo. 

. For the investigation in aqueous solution, measurertlents 

were made at se'veral wavelengths. The resultant pK~ values 

were in ,satisfactory agreement., 1\lleasurements were made at 

several te:nrperatul-es rOJ' the investigation ill 20 per cent 

methanol, but scatter of eXl.Jerimental ::pK~ values was too great 

o ,to ena1)le AH , the standard enthalpy of dissociation of the 

cesot ion-pair, to be accurately evaluated. However a very 

approximate _AHa value of 5-7 keal/mole is indicated. For 
a . 0 

terqperatures other than 25 0, values for pKnso":' were 
g8 4 

inter.polated from the'data of Evans and MO~ 

a Values of PKLiS04 used in the calculations were those 

found in Part IV for 60 and 80 per cent methanol, and that 

given in the Iiterature133 for aqueous solutiono Values for 

20 and 40 per cent methanol were interpolated from these. 
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It wa.s found impossible to obtain a self-consistent dissoc

iation constant when data for solutions containing stoichiometric 
sulphate to cerium ratios greater' than one were included in the 
comp"Ll:tation for KO 

10 



T.ABLE XI THE DISSOCIATION CONSTANT OF TM cesot ION-PAIR 
. . ... AT 2Soc 

a is the molar concentration of cerous perchlorate 
b is the molar concentration of lithium sulphate 

c is the molar concentration of perchloric acid 

x is the calculated concentration of Cesot 
y is the calculated HS04 concentration 

(b-x-y-z) is the calculated free sulphate concentration. 

KO 
° P HSOL: = 1098 pKLiS04 =: 006 

lO3a lO3b - lO3x 103 (b-x-y-z) e:-E 0 

5c48Lj. 009081 2.16 0.7119 001708 
50464 10768 4006 10349 003634 
50428 30087 6076 20229 007423 
5.463 40 8~·3 9061 30161 1 .4-51 
5.4-57 60650 11.76 3.786 20471 
5.481 80822 13.80 4.225 30974 
50444 11004 15.24 404·36 50730 
504·52 13027 160 29 40579 7.558 
504LI·5 17 0 67 18.30 4.720 11.29 

Calculations from the first four datum listed give: 

E 1 =: 34 0 8 
o pK1 =:: 30 81 

Results at other wavelengths: 

(a) 1\ = 285 mp 

E: 1 = 24.6 

(b) ~ == 301 11l}l 

E I = 29.3 

£. 0 = 11051 
o 

pKI == 3 0 84 

E 0 = 16.24 

pK~ =. 3.84 

1021 

30430 
30286 
30 1-18 
30086 
30217 
3.575 
40039 
40575 
5.701 

124,. 
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TABLE XI (conto) 

:!! 20 12er cent Methanol 

J\:: 2960 5 n1P. Eo == 23081 103 e ;:: 20 36 
0 ;::: 20 60 0 1.0 pKHSO- pKLiS04 -

4 

103a 1036 - lO3x 105 (b-x-y-z) 102r £-£ 0 

4.105 0.7315 4.20 0.6692 4e230 20514 
4.101 1 ~.O19 5 .. 83 009274 6.196 2.440 
40106 2.097 11069 1., 857 16.11 20200 
4·.102 3.168 1.6.72 2.662 33.75 20017 
4.103 4·.156 2004·8 30207 63.84 10959 
40105 50651 24079 30 622 14009 2.098 
4.088 70206 27.89 30770 247.4 2.396 

Calculations from the first four datum listed give: 

£1 ;::: Lt9 0 b 
0 pK1 ;:: 4057 

Results of other ten-q:>eratures. 

TOe 2000 3000 35.0 440 6 
0 pKHS04 2054- 2.67 2.,73 2.89 

Eo 22.37 25.40 27.07 30041 

£1 4702 51.6 530 8 59.3 

0 pK1 405·2 4.69 4079 4.82 



TABLE n (cont o ) 

Q 40 12 er cent Methanol 

X:=: 297 mp. S'o::: 29020 103c ::: 3.,04 

0 :::: 3023 0 ::: 105 pK - pKLiS04 HS04 

l103a 1036 c!-Ea JL0 3x 105 (b-x-y-z) 

30162 0.6358 . 6.-85 006101 0 0 75L~0 

3.151 0.9133. 9.89 008734 1.163 

30143 1.364 14075 10295 1.999 

3011.J9 1 0810 19.11 1 0 699 3.164 

3.148 2.719 27050 20 L~29 8 0 239 

30143 50157 33.89 3.041 78 0 50 

3.151 5. ~·30 42.06 3.061 90079 
30161 70541 48068 30113 208.3 

Calculations fr~om the first five datum listed give: . 

E. 1::: 6~.o. 8 
o pK1 ::: 5.51 

.Q 60 per cent Methanol 

A::: 297 l1l;"1 £. :::. 38. 30 
0 

0 4003 
0 1 0 0 P KHS 04 =- PKLiS0

4 
= 

lo3a 1036 - 103x 107 (b-x-y-z) e:. -€ 
0 

20548 0.4061 7.27 004027 20286 

1.021 

2.024 

1.939 
1 I) 812 

10701 
10510 
1 0 646 

1 0 696 
2.128 

.1021 

1.736 

20546 0.5732 10.12 0:5680 ·4.792 . ',1 0684 

20542 0 0 7331 13.14 0.726·:t 6 0.516 

20548 0.9808 17.14 0.9703 9.738 
20549 1.227 21.58 10212 13.88 
2.548 1.634 28 0 82 1.607 24.65 
20 5L~6 2.196 38 0 23 2.124 66.31 

2.547 2.540 42078 20366 161 0 6 

Calculations from the first seven datum listed give: 

€1 ::: 8309 

pK? = 7011 

1.634 
1.566 

1.495 

10377-
10225 

1.165 

126. 
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TABLE XI (conto) 

! 80 ~er cent Methanol 
• 

A. = 299 fir E 0= 56 0 25 
0 = . 5.19 0 2.3 pK
HS04 PKiiS'O- = 

4 

lo3a 104b 103c E:-£ 
0 

lO4x 108 (b-x-y-z) 10,3r 

2.263 10850 2.007 4.65 1.849 0.4058 15003 
2 .. 257 3.731 2.003 9.67 3 .. 729 1.009 14043 
2.263 5. 6~·7 2.008 15004 5.644 10581 130 89 
2.266 7.447 2.010 20.21 70442 20286 13037 
2.268 9.435 2.013 26.32 9.429 3. ~·95 12080 
2.263 13.98 20 008 39.29 13097 7.020 11039 
10133 40729 1.005 25068 ~lo 727 2.265 60 383 
10124 8.397 0.997 46 0 36 80 387 8.669 5.223 
10701 ho715 1.510 16 0 90 l~. 712 10598 10.30 
1. 636 q 266 

..; .. 1 .24-96 31-1-. 95 9.259 4.701 A.838 

CalClllatlo:ns from the first six clatlUTI listed., and also from 
the complete data, give: . 
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T.ABLE XII 

Methanol 
wt % 

0 

" 
If 

20 
tt 

tt 

U 

If 

40 
60 
80 

THE TBJ~RMODYN.!.'l.MIC Dli3S0CIATION CONSTJ\.NT OF 

THE Cesot ION-PAIR IN AQUEOUS llETF-A"NOL 

'" Tarry/. 0 

mp. C pK1 

296 0 5 25 3.· 81 
285 If 30 84 
301 u 30 84 
296.5 20 4052 

" 25 4.57 
IJ 30 !I (.'9 , .• u 

tI 35 4079 
If 45 40 82 

297 25 5051 

" tI 7.11 
299 u 90 09 

128. 

Consequen .. tly, only data obtained for 8u1l1hate to cerium ratios 

less than one were used in tIle c alculationo JU1 exampl'e of the 

observed behaviour is shown in Fig. 12. It is seen that 
-

althoush the points at lower sulphate to ceriwn l"1atios lie on. 

a straight line of the requisite slope, the points for higher 

ratios lie increasingly above this line. 

Three possible reasons fOIl this behaviour are suggested: 

10 Higher association' between cerous and sulphate ions could 

occur resulting in a species possessing an even larger extinction 

coefficient than the cerous sulphate ion-pair cesot. The 

formation of the species oe(804) 2 is not unreasonable, as the 

cerous ion probably still p(bssesses most of its +3 formal 

charge in the Cesot ion-dipole o 
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2~ The ionic activity coefficient corrections may be inaccur'ate. 

30 The molar extinction coefficients of the cerous ion and tIle 

cerous sulphate ion-pair vary wi th ionic strength., 

In solutions of such low ionic strength as used in the 

:present \vor>k, a marked c1ifference will exist between actual and 

stoichtometric ionic strenethso The calculated~lue will depend 

on the value assigned to Kl • Because of this, and to minimise 

the ionic strength, no neutral sal t was added in e~n attempt to 

maintain equal ionic stroengthso As £ 0 is de:pr·essed and e:. I 

enhancec11 with increase in ionic strength, this factor will 

affect the abcorbanceo 

Of' these three suggestions, the hteher association 

h~:pothesls :probably accounts for most of' the observed deviation. 

This possibility will be discussed in a later section. 

-Wl ACCURACY":OF 'RESULTS 

Systematic sources of' err'or in the llK~ determin.8. tions, 

\1Ijhj.ch must be considered ~)'l~e: 

10 ~r1ation of the Debye-Huckel Q. parameter. 

As exarqples of this, pK~ v2.lues of 3.86, 3.-81 and 3. 72 

were found for cerous sulDhate in water, using g values of 

3~ 5 and 10 i respectively. Obviously even at the low ionic 

strengths used, the l.)K~ is still rather dependent 011. the form 

of ionic act:i. vi ty coefficient expression used. 

20 .Variation of extinction coefficients with ionic strength. 

This is relevant to cerium only. For all calcnle.tions, Eo 

in s1.l1Ilhate solution was aseumed identlca.l \lvi th €.O in a 



perchlorate solution o~ equal cerimn concentration. If, 

instead, the known relationship v'li th ionic strength 

(equation 5.1) was used to CalCl.llate eo' the resulting pK~ 

130. 

in water was not very ctifferent :from that c8.1culatec1 treating 

Eo as 8. constant (4 0 83 and 4.81 resp ectively for g = 5A) I) 

The ionic strength varied over Q 12 per cent range only in 

thi sins tanc e. As £1 also varies with ionic strength no 

greater VEl.lidi ty is achteved in treating S. 0 as a varie.ble o 

From the reS'lll ts quoted t t is apparent the t this SOUl'lce of 

error is comparatively small. 

30 Existence of higher a&sociated species~ 

By only inclu.dine; data for solutions possessinB a 

SUlphate/cerium ratio less th§:n unity, this source of errol"" 

has probao13T been largely eltm:Lnated. On decree.sing the 

solvent c1ielectl'1ic constant the stabili t.y- of the cesot ion 

incl'eases markedly. On electrostatic grounds such an 

increase will probably be greater than that for a Ce(804); ion. 

Hence error should decrease wi th incl'easing methanol content 

of the sol ven t. 

4. 1?Jsulphate and Ii thium sulphate dissociation constants. 

As hydrogen and lithium ion concentrations are relatively 

small, and their association wi th sulI)hate much less than that 

of the cerous ion, a slight error tn these dissociation constant£) 

will have a negligible effecte 

\ All such errors are probably small compared wi th that 

caused. by an incorrect absorbance reading. As all solutions 

used in the calculations had low sulphate concentrations, the 
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absorbances measured, and thus the related que.nti ty (E - e. 0) , 

were of necessity generally small (often below 0.2), and 

consequently not very precise. In view of the observed 

sensitivity of the derived dissociation constants to the values 

assigned to (~- e. 0)' the .pK~ values quoted are probably no 

more accurate than ± 0~2 units. 

(d) Comparison with Previous Work 
. 0 

The pK1 value for cerous sull)hate in water determined in 

the present investigation (3a81) is higher than that found in 

the spectrophotometric determination of Newton and Arcand1 (3.37), 

but agrees within experimental error with potentiometric118 (3~74~) 

and conductometric 117 (3.59) values. 

In their investigation, Newton and Arcand also found 

evidence for higher association and corrected for it in a 

similar fashion to that used in the present work. Exact 

experimental cletails are not [;iven in. the paper of Newton 

Arcand, and dlrect cOf11parison is not possible. It appears, 

however, that relatively fewer measurements were made with 

small sulphate to cerium ratios, giving· more weight to data 

at higher sulphate concentrations, wher'.e higher association 

is of in~ortance. Their pK~ value will thus be too low. The 

co~arison already made with results from ion-exchange studies 

at higher ionic strengths also SUbstantiates this conclusion. 

In an attempt to verify the conclusion that it is, indeed, 

the presence of higher associated species which is responsible 

for the disagreement between th~ present spectrophotometric 

determination, and that of' Newton and Arcand, it was thought 
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desirable to examine a similar system which possessed a 

somewhat sil1'[)ler behaviour in solution. The optical 

properties of cabal tic hexammine sulphate solutions are sui table 

for such 8 .. stucly, and as serious discrepancies exist among 

r>revious Sllectrophotometric detel"minations of thts ion-pair, 

it seemed appropriate to re-examine this system. 

The procedure used was identical to that of the cerous 

sulphate investigation. When sulphate ions were added to 

c'obal tic hexannnine perchlorate solution no change was observed 

in the visible spectrum, but a mal~ked al teration in intensi ty 

of the ultra-violet band was found. Measurements were made 

at a wavelength of 250 m?o 
Resul ts from the cobal tic hexanuiline sulphate ion-pair 

study are given in Table XIII. 

Optical behaviour at high sulphate to cobal tammine ' 

ratios was similar to that obsel'vecl for cerous sulphateo In 

this instance the effect may be ascribed to higher associated 

~ecies with more confidence. Absorbance differences were 

relatively higher, and ,thus more accurate, than those found 

in the cerous sulphate investigationo The assumption of 

extinction coefficients being independent of ionic strength 

is also more reasonable. 

The present result, pK~ = 3076, is in reasonable agreement 

with sOlubility134 and conductance135 studies which yield :pK~ 

values of 3052 and 3.56 respectively. But, as in the cerous 

sul:phate investigation, pK~ values from previOus s~ectrophoto

metric determinations are lower than tha.t obtained in the present 

work. 



TABLE XIII THE DISSOCIATION con3T.ANT OF THE CO(NH3)6sot 

ION-PAIR IN 'JVATER AT 25°C 

133. 

a 
b 

is 
is 

the molap concentrat1:on of cobal tic hexarmnine perchlora.te 
the molar concentration of lithium sulphate 

c is 
x is 
y is 

the molap concentration of IJerchlor~c acio+ 
the calculated concentration of CO{NH3)6S04 

the calculated concentration of HS04~ 

z is the calculated concentration of LiS0
4 

(b-x-y-z) is the calculated free sullJha te concentration 

A.:: 250 lnp. Eo = 12600 
,4 

10 c =- 1074 
~ 

KO 1.98 yO = 0 0 6 1> HS04 = P \L· '>10-
,1;:) 4 

103a 103b E-E 
0 

103x I04(b-X-Y-z) 

20 L~60 0.7065 11-l-~ 85 0.51.33 10857 

2.460 0.8809 17.94 0.6365 20408 

20465 1 I) 115 22.15 O.7rJ79 3.218 
2. Ll-62 1.314 25.53 0.9087 30981 

2.457 10762 32.78 1.153 50977 
2.452 2.194 38.50 1.348 80286 

20454 2.640 43 0 89 1 .511 10.03 

2.459 40421 57.50 1.871 24.76 

20464 7.483 6904B 2.067 52.07 
2.467 13.26 80.52 2.167 105.0 

. Calculations from the first six datum listed give: 

£1 =: 85.0 

pK~ = 3.68 

102I 

1.394 

1.375 

1.357 

10342 

1.326 

10334 

1.370 

1.682 

2.459 

4.056 



5 ° From one such study Posey and Taube found a pK1 value 

of' 3032 at 25°00 These authors recognised the existence of' 

higher sp ecieE, but pr·oba.bly made insufficient corpections. 

Another such value, pK~ == 2 .. 95, obtained by Bale, Davies an(1 

137 Monk, . disagrees with that of Posey and Taube, and even more 

1'34. 

so with the present value. Davies an~ Monk have re-investigated 

the system, and have obtained a similap value, pK~ = 20 890 As 

Monk et al always used large sulphate to eobaltamnine ratiOS, 

ranging froom 2 to 35, it is evident that these e~oerimental 

conditions would favour the considerable formation of higher 

associated s2ecieso Although no experimental details are ven 

in theip p8J) er , it appears t~at Posey· and Taube usecl a lowell 

ratio and a le.rger variation in sulphate concentration than 

did Monle et 8.1. Since, o however, their pK1 value is still lower 

than the Dresent value, it is arent that some hieher 

association l)roc1ucts might have been present in their- solutions 

too. 

To furthep illustrate the ef'f'ect ths.t high sulphate to 

cobal tammine ratios have on the pK~, calculations may be .carried 

out based on absorbance measupements fop the f'our solutions with 

the highest such ratio -(ranging from 1 to 5) used in the present 

worko 
o The resultant pK1 value of 3~15 is close to that obtained 

by Monk et , but very different fr·om. that found !;J;'l using more 

dilute sulphate solutions o Such a calculation points to 

necessity of' us a wide range of sulphate concentrations i~ the 

presence o~ higher association is to be detected. 

The most significant l?oint arising out of thts work,-then, 



is that hie;her association than ion-pairing is important 

between sulphate and cerous or cobaltic hexanmine ions. Owing 

to relati vely higher absorption from such SlJecies in solution, 

the phenomenon can l)e readily c1etected by the spectrophotometric 

method, and thus has a marked effect on the accuracy of ts 

for K~, the dissociation constant of the 1:1 ion-pair species. 

Other methods \iofhichmve been used to characterise cerous 

cobal tic hexrumnine sulphate ion-pairs are probably more 

insensitive to higher associ at 

accurate. 

, and correspondingly more 

rt may be concluded that, although the results obtained 

in the present investigation are imprec e, they do indicate 

that past ectrophotometric determinations gtve values for 

K~ :ror~ the dissociation of' cesot and CO(NH3)6sot which are 

too higho 



VIet GE 1TE RAIl DISCU;3SION 

l' 0< rON ASSOCIATION 

(a) Theories of Tonic Association 

1n thls section some existing theories of ion association 

will 1)8 reviewedo The theory of Bj errLun24 has already been 

ment ioned in the General Introcluction, but will now be mOr'e 

fully discus sedo 

As a stal'lting point, Bj errum assunH~d the distribution of 

ions 8~round any single ion, j, to obey the Boltzmann 

distrilJution law, as did Debye and Huckel in their theory. 

Thus the nuniber of i ions in a shell, of thiclu1ess dr, and 

radius r, surrounding a selected j-ion is given by 

n= 
-z.e. 'fJi 

n. eX]? ( 1 1 ) 4 'If r 2dr 
1 kT 

where zi e i ~ i is the electrical potential energy of the i ion 

and 11i is the number per cc o When r is small, Bjerl'UIIl neglects 

the effect of interionic forces on the reasonable grounds that 

the potential of the central ion will be dominant, giving 

tp j = z.e/Dr J . 

The nunfuer of i ions in the shell is then 

Tf' all i ion~ at distances intermediate from q to ~ from a 

given j ion be considered as paired with the j ion, then the 

fraction of associated ions, (1 - o(), is ~iven by 
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DkTr 

where the concentration of i ions, c1 = 1000l1i /N. 

For a binary elecDrolyte at extreme dilution, the mass action 

equation for the equilibrium between free ions and ion-pairs 
c. 

reduces to K = 1 =g(,. ~ for the dissociation constant K and hence 

_ 4trN ~q 
11K 

1000 g 
exp ( ..:-. 

When equation 60 1 is differentj.ated and equated to ze~o, it is 

found that a minimum occurs at 
2 

\zi z'jle 
q = rmin=< 2DkT 

where i and j' are ions of opposi te chargee When of like charge, 

on the other hand, the number in each successive shell steadily 

increases. At this o_istance the mutual ectrical potential 

energy of the two ions is 2kT. 

Bj errurl1 developed his theory in particular- for this distance 

of minimum probability, r~in' so thatal ions with mutual 

potential energy greater than 2kT were regarded as paired. The 

distance, r min , would increase with the charge of the iOll; 

also the number of ions which could be regarded as paired would 

decrease as ~, the distance of closest approach of the ions, 

increased. When g > r . , no association would occur. nan 

q = r min, the expression for K then recluces to 

11K - Q(b) ~1rl\f (Zl Z2
fe2.).3. 

1000 . DkT· 

When 



Values of Q(b) , a function of b, have 

been tabulated in the literature. 24 , 139 

138. 

Although most previous discussions have dealt with this 

case only" it has recently been ernphasizect1,40 that Bj errw11 did 
2 

not regard the distance q = lZl z2[e as the only :possi bili ty, 
aDkT 

and that the exac:t values of the integral limits, q and g, 
appropriate to a particular exper-imentally determined value of' 

K are not YJlovm. 132 

If, hov/ever, ion-pairs can be redefined as only those pairs 

of cations and anions which are in actual contact, with no 

solvent molecules intervening, the parameter q is eliminated, 

and the physical p lcture of an ion-pair becomes sirqpler. 

Configurations in which the ions are separated by only a 

fraction of the diameter of' a solvent molecule are highly 

improbable o When q and g are very close together, the Bjer~un 

integral :for the dissociation constant may be written 

11K = 

and when q~ g 

11K' ::: 

41rNa2 

],000 

41rIfa3 

1.000 

2 
(q - a), exp (tzl z2.e ) 

DkT'a 

Fuoss141 has also derived this expression by a different route. 

A sinwle equation of the same functional form has been 

deri ved by Denison and Ramsey 141. by a thermodynamic approach 

using the Born cycle. They calculated the electrical work 
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required to separate a pa.ir of ions from contact (r ==- a) to 

a very large distance (r» a), and by neglecting all. inter

a.ctions except that between pairs of opposi tely charged ions" 

they put the free energy change, A G, equal to Nwo ACcol'dingl~l 

2 
(lZlZ2~ ) I/K :: eX}? 

DkTa 

In a statistical nlechanical treatment, Gilkerson143 derived 

an expression containing a tenm ex~{ --. Es/kT), allowing for 

sol vent-solu,te interaction, where the parameter 

=- E + + E - -E~ ±. 

is the difference between the solvent-ion and solvent-ion pair 

interaction energies. To a first approximation, Es should -be 

proportional to the dipole momf&n t of the solvent, }ls. 

Thus a general expression for K may be written: 

-1 IZlz~e2 Es )' 
11K :: KeO eX}? { DkTa -

kT 

where Koo describes chance interionic collisj.ons for the 

limiting case of infinite dielectric constant and the two 

terms in the 'exponent account for ion-ion and ion-solvent 

interaction respectively.. For the sin~le spherical model, 

and 11K :: 

41f'Na3 I 3000 

41rN~3' 0 exp (lZl z2fe2 

3000 DkTa 

ES) 

kT 
According to this expression, pK, at constant temperature, 

should vary lnversely with the dielectric constant of the solvent 

provided that g and Es remain constant o 
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(b) Variation of pK with dielectric oonstant 

The possi1)iiii ty of correlating the experimental l:lesul ts 

obtained for the cerous sulphate ion-pair with the theories 

of the previous section will now be exrunined • 

.As predicted by equation 6.3, a lineal"} l:lelationship is 
<.» 

found when the experimentally derj.vec1 pKl vulues for this ion-

pair are plotted against the reciprocal of the dielectric 

constant. This is shown in Figo 13. As the eradient of such 

a plot is lZl z2Ie2/akT, the "contact distal1ce," g, can. oe 
I) 

evaluated, and is fonnd to be 3 0 0 Ao On extrapolation to 

inrini te dielectric con.stant, and putting BE ==. 0, a value 

-1 -20 L~5 is obtatned for Koo 0 By using equation 6 0 2 another 

valu e, R == 1.1 X, can l)e calculated. 'rhis is obviously 

ridiculously smalJ., a~().c1 the term in Er- must be considered., 
OJ 

Ther'efore, when g is :put eq,ual to 3.0 ~ equation 6(1.3, a 

value Eo/kT == 2.9 is obtained., 
1..1 

In Fie. 13 the dependence of pK~ on dielectric constant, 

" 0 as predicted by the equation of Bj errum, using a == 30 7 A, is 

also shoWTIo In this instance the Bjerrum equation clearly 

fails o 

Data on two other sulphates in aqueous methanol, those 

of uranyl and manganous ions, are available for comparison. 

For uranyl 8u11Jhate the dissociation constant has been determined 

sp ectpophotometrically in water37 and in 20 per cent methano11l.{.5 
o 

giving pK.values of 2096 and 3088. A value, ~:::: 1~64, can be 

derived, but as this is ol)ta::i.ned from only two measurements· 

the uncertainty in g is rather high. 

Perhaps of greater reliability is the more extensive data 
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of' Atkinson and Hallada f'ol"~ manganous sulphate. Fr~o!11 

Q 0 
conductance measurements the~y obtained :PKI valnes af' 25 C of 

2012:, 2037, 2.,64, 2095 and 3023 for 0, 10, 20, 30 and L~O per 

cent methanol respeotivelyo These eave a value a ~ 3.20X, 

which is mucl.l lower- than the corresponding ~J' == 5 .. 12 AI derived 

fr>om the F'uoss-Onsage11 eonductal1ce equationo These authors 

obtained :pIC valu.es for manganous sUl::7hate in d.ioxan-we.:ter 

mixtures, and for manganese benzene disulphonic acid (MTl.BDS) 

in both metl).o.nol-water' and dioxan-water mixtures o In dioxan-

watel'l mixtures the pIC of manganous sulphate VlcJ.S fOlU1.d t.o va.pi} 

less with change in dielectric constant than was the case in 

methanol-water. The g value derived, 4.93, was in excellent 

agreement wi tIl the conc1uctance value, 8.J :: l.1-0> 98) in contrast 

to the var'ie.t'1oil of values in methanol--watero 

B.}xprecial)ly les£.\ than RT == 6.02, and that in dioxan-water 
c,; 

g ::' Ll· 0- 86 we. scI 0 s e p tog J ::::: 6 0 1 6 0-

FroI11 electron 8,1)in resonance measurements, Atktnson and 

Hallada have calculated pK~ .values for MnS04 and MnBDS in 

dioxan-water mixtures whicb. [u-'e the sq.me as those cleri ved 

conductometrically" They :Co1.llld f'rom observations on the 

MnII line-width that the unassociated MnII species present 

over the whole solvent range investigated was the Mn (H20)6 2+ 

10no But on atten'TI;Jttns; to apply the same technique to the 

methe.nol-water systern they found that a usable spectrum could. 

only be obta:tne.d in mixtures of very h1gh 01' very low methanol 

contento The sl;ectrnrn in interrl1eo.iate Ilanges was so broad as 



to be unusable. Atkinson Rnd Hallada calculated that there 

is a definite replacement of wqter by methanol in the ftrst 

co-oI'dination sphere of the MnTT ion" 

As the dioxan molecule is much less polar than the watep 

molecule, sn ion will be prefe~ential1y solvat with the 
,,r 

latter in cl.ioxan-watel-' mixtures4 This will lower the 

effecti ve mi.cl")oScopic dielectric ,constant of the solvent 

from its macroscopic value. In addition, any dioxan in the 

solvation shell will be orientated in the more Dolar l)oat 

f0Dm under' the. influence of tlre coulornl)ic fi d' of' the ion, 

further enh~.ncing the microscOlJ ic <1i ectric constant. 
. 0 

The resul tant pK1 value will be lower than expecte(lo: 

Tn methanol-water mixtures, the preferential solvation 

by the water molecule would not be ected to be as laree , 

af3 t,h[~t dj.oxan-water No equivelent to the boat-

chail' equilibrium in dtoxan s ei 

dielect~ic cOllDtant of methanol-water mixtures in the vicinity 

of ,an' ion would probably be not much less than its bulk ,val1.Ie. 

o Hence t,he pK1 value for a sal t in a methanol-water mixture 

should be greater than that in a dioxan-water mixture of the 

same bulk dielectric constant, as experimentally obs.~rved for 

MnS04 and MnBDSo A similar si tuati on is encounter'ed wi th 

'.P:K~ values of tetra-n-butYlammoniwn perchlol"'ate 1'47 where a 

linear invers~ l"lele.tion between 'pI\: and dielectric constant 

is observed in water, metJianoland ethanol" The same 

relationship is found in aqueous dioxan, but with decreased slor-e. 

For the three sul:r)hates, cerous, manganous e.nd uranyl, 



the g values derived appear rather small. By using equation 

to find a value for' the ~ parameter, the assurn.ption is 

implicitly made that over t.he solvent ranee investigated, the 

~ and Es parameter-s remain constant. However, in such a 

complex mixtuT'e 8.S the methanol-water solvent system, contaihille;, 

as it does, two different ,Dol.ar hydrogen bonded species, it 

is doubtful if' such ass1.1.!r[)tions are realistic. If' ~ and E s 
o 

varied at compensating rates a linear :plot of 11K, against the 

reciprocal of the clielectric const8.nt miGht still· resnl,to 

This possibility will now be discuss 

By first considering the possibility of most cerous 

sulp:!.'Late ion ])airs in vvater being s arated by at least ·one 

o 'lJvater molecule, the effecti ve a value 'Nould. be somewhat larger 

than the 3 X calculated. The eorreslJo:oding E value vV'ould be - s 

er' the.n 2. 9kT '. as calcn.lated on the of the mod.el 

As the methanol content the 

solvent is increased, water molecules are replaced in p by 

methanol in the prilnary solvation sheath of the cerous ion 

(ass1.uuing Atkinson and Hallada's conclus~ons for the 

manganousion to apply to the cerous ion)o The cerous ion is 

less strongly solvated by the methanol molecule, which in turn 

is more readily replaced by a sulphate ion, giving a higher 

prqportion of ion-pairs with no intervening solvent molecules. 

~his will resul t in an effecti ve lowel:'ing of' the value for 

;/ the" contact distance", R.". As the Es parameter should. be 

a~proximately proportional to the solvent dielectric constant, 

this :factor will also decreas,eas the methanol content o:f·the 
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solvent is inerleased. This corresponds to lowering the 

solvation stabilization or the free ions with respect to the 

ion-pair. A decrease in either of both the quantities, g and 
o 

E s ' gives a higher pK t value, and if lJoth vary in such a manl1el~ 

that the experimentally ,observed linearplot is obtained, the 

slope could be consistent with an abnormally low hut constant 

g value and a corresponding constant high Es value, if 

represented by equation 60 3. It should be emphasised that 

this cliscussion is 111Jre conjecture, and much more eXllerimental 

work is called for berore any definite conclusions can be 

justiriedo 

It has been suggested above that increasing amounts of 

cercus sulphate ion-pairs with no water molecules intervening 

might form as the met118.nol content of the sol vent incl"'ec~sed. 

By comparison wi th'-:other systems, the evidence for such 

contact ion:-pairs in aqueous solution will be reviewed. 

(0) The Nature of the cesot Ion-pair 

In a solution containing sulphate ions and a trivalent 

cation, M3+, it is possible to imagine the rollowing pl~ocess 

taking place in a solvent 

M3t--SO~- is an un-ionised and un-dissociated moleeule with a 

covalent bond between the atoms, M.3-t: so~- is a pair of ions held 

in contact by coulomb attraction, with electrons located in 

orbitals belol1ging exclusively to one or other partner; 

'll1I'3+l\80
4
2- i th i .po t lH S e 1'a r oj. lons separa ed by one or at most a rew 



solvent molecules; M.3+ +so~- relate to the f'ree pail~ of ions 

in the sol vento 

1450 

There is no ex-perimental evidence that sulphate ions form 

eovalent bond.s and a species M3+ -SOft-Will be considel~ed no 

f'urthero However, in several instances experiment has been 

able to differentiate "between t~y:pes M3+ 0 soa- and M3+l(80~~ 

tn aqueous solution. Thesewi.l1 henceforth "be referred to as 

contact ion-pairs and solvynt separated ion-pairs respectively. 

For association between cerous and -sulphate ions in aqueous 

solution the folilowill...g equili brla may be postulated: 

. + Ko 3+ Cl02-
Ce.H2o.so4(aq) ~~ Ce(aq) +.0 4 (aq) 

ceso4(aq) ~ ce3+( ) + SO~(aq) aq . 

. + K + 
Ce. H20 •. S04(aq) ~ CeS04 (agJ 

wller1 e Ce. H20 0 sot is the solvent separated ion-pair, and 

cesot is the contact ion-:pairo K s ' Kc and Kr the e<J.uilibriL~ 

constants of the reactions postulated are related by the 

equation 
K s 

K c 

Tl1eexpertmentally detennined dissociation constant, 

K~, is given by 

1 
ac ClO+ aC H 0 + eiJ 4 + e 2 804 

--
a ·3+ a"'02--

Ce 0 Q~_ 

= 
1 
Xs +- 1 

Kc 



It is inwossi ble by orthodox sI) ectro}!hotometric methods 
III 

to sepal"late if into its components, X8 and Kc" But in several 

other- instances where the contact ion-l,air is rather inert such 

a s~aration is possible. For ex~le, Posey and Taube5 showed 

tha.t the absorption spectl~1.m of the Co (NH3) SH
2
03+ ion was 

alt in the ultra-violet region by the addition of sulDl1ate 

ions, and the.t a pK for the ion-pair Co (NH3) 5H20. sot CQuld- be 

derived; but that, in addition, a change could. be detected 

after- several minutes in the visible ectrum of the cobalt-

arnmineo This change of optical al)sol1?tion in the visible 

region was due to the entr~y of the sulphate ion into the 

inner co-oretins. tion 6:ohe1'8 of the cfttioit, to . give 

Co.(11I-I3) 5804' a proce::.;s which took several to reach 

equilibriurn poom tenlileratu.re.· These 8utJJ.ors 11~-8 measured 

the rate of conversion of the 801 vent ser)1:l.r·at contact 

ion-p l)y me8. suring the chEuJ.ge in a1Jsoroe.l1ce the Vil3i ble 

region o measured the rate of formation the eolvent 

separD.ted ion-pair by similar measurements in the ul tra-violet 

regiono The ratio of the velocity constants eq-qals the 

equilibrilun constant, Kr , gi ving a pKr value of 0 0 28'0 The 

corresponding pK~ value found was 3.28. 

Spec.trophotometric measurements 149 on chromic 8\llphate 

sol-utions £·.lso indicated the existence o:f such an equilibri1.lTI1, 

and at unit ionic strength gave 8. Kr of the magnitude or 1. 

In this case the . di sulphat <0, compound. lvas also isolated ion-

exchanc:e Inethod.s, giving two ecies thought to be cio 

trans isomerso-
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S11.1phe.te association C8.n also be investigated Whe1'8 no 

contact ion-}?8.irs a~re snspectecL, With cobalttc hexarlllnine 

sn1r)hate. the cobal tic ion j.s surrounded 11Y a stable o:f> 

stx ammonia groul")s" mal;::ing contact "between water' rnolcculeB 

tb.e m, 1,,"0 .L.O.e I' ~s vB.lue 

obtained. by Posey Hnd TaulJe is very clol2e to that f'or the 

pentanmine mentioned above. These authol"S believe , in 

view of the general similarity in association behaviour of 

the cobal tic a i £; ancl. other- tCPv2.1r.:;'nt. ions, the ratio 

concentraticns of contact an~ solvent s arated ion-2 rs 

er of unity for the f'erric, cerrnlS 

of exchense with water 

ecnlc:s in inner s])her·e of co-opclination Ylonld be too 

relaxation SDectrao Here a c~Jectru_m of relaxe.tion tiltlen 

oC'curs, each assoc:i.c~tec1 v'Ii t.h a s:pecial st or confi21~11"'ation 

in Golutiol1o Bj.vi1J.ent eetrolytes, hB.ve l)een most 

extensively investigated, give two distinct absopption nw .. xima 

which must be due to specific interactions between the, catlon 

and the anion. The ftrst maximum is very strol1..g1y influe:oceu 

by the radius of' the act jon, but is almost ~..<le,pen41int'bf:o:r the 

nature of· the anion, and must therefOl-e involve contact ion-

paiT's o The second maximlU11 is almost independent of the nature 

of the cation artd can be attributed to an interaction between 

pal'ltly hydrated ions, one or two molecules of water pOGsi bl~r 

intervenlne between cation and anion j.n the ion-pairo For 

bi vale:-ot sLJ_Jiphates, eX];) eriments suggest pKr values in the 
150 

range 0 0 5 - 10 Even here, then, al)preciable proportions 



of contact ion-pairs exist in aqueous solution, desp i te 
156 

conclusions to the contraryo Similar reactions have been 

151 1 ~I) observed for sulphate as:~)ociation wi th ferric and alUlllinil.lln .... '-

ions, virlg a pIer of a-pproJ<.imately 1 - 2 for the lattere 

From this evidence on other systems it would appeaI"~ that 

in aqueous solution a relatively high proportion of the cerous 

sulphate ion-pair "viII be of the contact varietyo Possibly it 

is this form only which is optically affectedo 

As 1\.c and Ie are o:f similal" maeni tude tn s 1 cases where 

these can l)e identified, it can be seen that comparison;] of' 

free energy changes on association are relatively insensitive 

to, anel thus not indicative of, the natuI"e of' the ion-pair. 

At this point it is usef'ul t.o consider entropy changes., In 

Table XI"V the entropy changes for the r~eactions indicated are 

showno As SOflle results were corl-'ected to inf'ini te dilution 

and others were obtained only at uni t ionic str-ength, data 

is talJulated for both ionic strengthso 



TABLE XIV 

I - 0 

I - 100 

ENTROPIES OF DI3S0CIATIOlT FOR .SULPIL4.TE ION-PAIRS 

AT 25°00-

+ 
MS04(aq) 

Ce 

II 

La 

Ce 
La. 

AS-kt 
~ + 

M3+ + 
(aq) 

+ 6.81 
xMSO ~ 

4(aq) 
M3+ 

(aq) 

-AS s - L\S 
C 

802- . 
4(aq) 

+ S02-
4(aq) 

26 

17~8 

15 

Ref •. 

1 

118 

153 

5 

154-

5 &: 148 

1 

155 

0o (NII3) SH20 - :..·5-;. 

Or 1L~9 

From the table it is observed that 6 Ss is negative, 

consistent with displacement or rearrangement of water molecules 

in the outep hydration sphel"~e of the cation on association wi th 

sulphate ions. The values seem relati vely indepen~dent of the 
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cationic radii, as would be expected for a solvent separated 

ion-pe.iro The A Sc values are numerically much larger, and 

indicate an extensive rearrangement in the inner co-ordination 

sphere on association, probably \I~i th ej ection of water molecules. 

The quantity ~Sl is a composite of 6Ss and ASc ' the 

c:ontribution of' the latter two depending on the relati ve 

amounts o:e contact and solvent separated ions presento At 

zero ionic strength the ~Sl values for both Ce and La are 

closer to the cobal tammine A. Sc than to the corr-'esponding 

pentrunmine ~SC!; even allowing for a relatively large 
o 

dependence of AS o OIl the cationj.c radii, it' is eviclent that 
o 

an appreciable proportion of rare earth sulphate contact ion-

pairs j.B pl-esent in aqueous solution. The same conclusions 

may be drawn frool the data unit ionic strength, hut wtth 

the ol)servation that ~sc for the chromic ion-pair is 

nwnerically 11.early twice the value of that for the cobal tic 

pentammine ion-pairo It has been suggested that in the former 

case the SUlphate ion acts as a bidentate ligand, whereas in 

other instances given it behaves as a monodentate group •. 

It may be speculated that the sulphate ion could behave 

gs a tridentate group where,minimum contact distance in a 

cerous sulphate ion-pair could be attained by squeezing a 

cerous ion between three of the tetrahedral oxygen atoms o 

Even so, the cerous ion would have to be in contact with the 

sulphur atom (Radii: 1'44 Ce3+, 1 0 11~; 8 2-, 1 .. 84X) to give an 
o 

8. value of 3o:0A)1 as calculated earlier from the variation of 

pK~ for ces'Ot with dielectric constant -- an inwossible 

situationo 



Finally it must be em;phasised that tbe tl1ermodynamic 

dissociation constant K~ calculated for the cesot ion-pair 

in aqueous methanol assumes only that the ion-pair has a 

certain chemlcal potential, and cannot unambiguously sive 

any clues to the nature and structure of the ion-paj.r· o For 

this, further thermodynaraic functions, specifically A SO and 

6.Ho, the ::' standard entropy and enthalpy of dissociation are 

required. Studies to determine these quantities for cesot 

in a.queous methanol would be. invalua11le at tlds stage to 

shed further light on the undoubted complex nature of' the 

solute species existing in methanol-water mixtures. 

151. 
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2:. ACIDS 

A somewhat similar) electrostatic treatment to that given 

for ion-pairs in the previous section can also be postulated. 

for proton acids. In mixtures of methanol and water t\IlJO kinds 

of hydrogen ion exist, and may be l'epresented Bir(~ly as H30+ 

and MeOr;. 

In water the ionisation o~ the bisulpllate ion can be 

represented sirf!Ply by the foll~wing scheme:: 

molecule ion-pair 

H 0+ 
3 + 

free ions 

First, the bisulphate ion and the polar water molecule are 

linked together in such a ~osition that a proton shift can 

then tal\:e place ~I'om the ion to a bound water' molecule. Thls 

rearI'ange.ment fonns an ion-pair which may finally dissociate 

into its ionic componentso These three steps may be 

r61) resented by equations 6.4, 6.5 and 60 60 

HS0i;. + H2O ~ -c;;;;- HS04 • H20 ~ 

RS04 oH2O -~ -fir 2-
Kq --.;-- "-. H30 ~S04 

H
3

O+oSO!-' ~ H30~' + c02- Kr ~ ~ 4 

To each equillbrium the principle of mass action can 

•••• (6.4) 

..... (6.5) 

.0 •• (6.6) 

be applieo., 

with corresponding eqUilibrium constants Ko' K and Kro The 
.. q 

overall dissociation constant KE in terms of ~, Kg and Kr 

is given by: 



KH=KKK P q r = ,aH30+ 0 aSOa

aHS04. ·~H20 

1530 

For methanol similar equat ions 60 7, 60 8 and 60 9 me.y be 

characterised by the corresponding equilibrium constants, 

KX ' Ky and Kz respectively, and I~/1 for the overall dissociation • 

HS04 + MeOH ~ HS04 • MeOH 
~ 

HS04 .MeOn ~ Me°rS 
2-

-..;-- .. S04 

:rr! 2-- ~ MearS + °02-MeO 2 0 s04 ~- ~ 4 

K K Kr. 
x y Z 

aHSO 4. • c;vr eO II 

K~ • 0 ••. (6.7) 

KJ ~ooo(608) 

K-z 000.(6.9) 

In 8.9.ueou8 methanol, the ol)served dissociation cOl1otant K~ 

is gtven by 

aH:~_O"'" 
--- 4 

KH[H20] + ~r (MeOH J 
if the activity of the solvent components may be replaced by 

concentl~at ions o 

If it is assumed that the last step in the ionic c1issoc-

iation" equations 60 6 and 60 9, is cont~olled by simple 

coulombic fopces, these steps can be written in the form 

-b KH := BHe 

and 



o 
pk~ 

/-2 

1='1 G '4-

HSO-4 
\N AQO~ Me:rHANOL 



riG 15 

~ : b - DIBQoMO-'r-- N'TRoPHeN.OC-
ME:.THANOC-

4-

J·b 100 2-0 --D 



o If it is :rl1rthel~ a sSluneu that g 

constant over the entire range of solvent composition 

KeD == BH [H201 + B:M (MeOH] 
If S =U120 1 + [Meo~: then 

KeD. (B' B·)X + "DD· s =H-·-M M 

wherie X 18 the mole fraction o:r water. 

It is reasonable to assume that the b isulphate ion is more 

'readily eolvated by vlateT than by methanol, and thus that 

I~>Kr As Kt for the reaction 

MeOH + II30+ ~ MeO~ +. H20 

been f'ollncl136 to be 0" 007 in methanol,,' 

CCll1 l)e 9.1 so as sumed 

to the following :rt e18.tion:sl)i.D 

or log BE -- 1 
D 

It follows that a plot of (pK~ + log [H20)) against the 

reciprocal of the solvent dielectric constant should be lineal"i 

and that the ion-size parameter g may be obtained f'rom the 

slop eo Fig 1 LI_ shows such a p lot or (pK~ + log [H20 1) and so 

o·:e pK~ for the biEUll"lu.lte ion against lIDo Similar plots 

are given for 2:6-dibromo-4-nitrophenol in Fig~ 150 

As can be seen, the linearity predicted is fairly good and 

the g values obta1ned are 202i for bisulphate and 60 6 X for 

2~6-di bromo-L~-ni trophenol. These are of' reasonable magni tude 



and it is reasonable to find a larger value for the 

ni trophenol than :['01' the bisulphat.e ion. A similal'l 

• 1· 38 f' t: . . d analyslB or aceulC aCl 
. 0 

given an a value of 2004 .Ao 

The .scatter of the e:x;perimental polnts from linecu-.i ty 

is snrely real and indicates that some of the 'assu:rjlptions 

made cannot be realistic. Chief' of these would be the 

neglect of activity coefficients for the solvent molecules, 

and the asslul1ptions of a constant R parameter and the 

validity of' simp Ie Bj erl'Ull1 onential relation. 

155. 
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Thermod,YIl81nic dissociation constants :COI' the follovvine 

species have been measuI'ed spectJ:ol)hotometI'tcally in 

wateI' and aqueous methanol at 2SoC: 

(a) Some n1 tro:phenols 

(b) The b isulphate ion 

(c) The CeI'OU8 sulphate ion-paiI', ces0t. 

2~ Association between cerous and peI'chlorate ions has 

been sho'wn to be negligi l)le for dilute solutions in 

wateJ: and aqueous methanol o 

30 The theI'rnod~rnamic dissociation constall.t of the 

cobel.l tic hexanJInine sulphate ion-pair, Co(lm3) 6804' 

has been measured in water at 25°00 

4. PI'evious vvork on the al)ove top;ics h8.S been reviewed. 

5. Evidence for the nature of the sulphate ion-paiI' with 

tervalent cations has been discussed. 
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