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AJ3STRACT 

Dissociation constants of the l,lO-phenanthrolium ion in different aqueous 
ethanolic soIutions have been determined spectrophotometricaI1y and pH-metrically. 
Some aspects of the roIe of the soIvent have been discussed_ 

IXXRODUCnON 

The Iigand I,l@phenanthroline is widely known for its anaIytica1 applications. 
A large number of workers have determined the dissociation constant of the Iigand 
and its compIexes in aqueous solutions * _ The thermodynamics of 1, IO-phenanthroIine 
and its iron complex have been determined by the present authors2. However, 
little attempt has been made to determine the dissociation constants of the l-IO- 
phenanthrolium ion in solvents other than water. Such studies would be useful in 
elucidating the roIe of soIvents on the dissociation constants of the ‘isoelectric’ 
reactions of the type AH i +A+ H+ which is known to be little affected by the 
change in dieIectric constants3_ 

In order to expIore the roIe of the soivents and to have some idea regarding the 
soIute-solvent interactions, we determined the dissociation constants of the I,lO- 
phenanthrolium ion in different aqueous ethanoIic solutions spectrophotometrically 
and pH-metricaIIy. We aiso present the thermodynamics of the lizand in aqueous 
ethanoIic solutions based on the e;lthalpy data determined caIorimetricaIIy in this 
Iaboratory3. 

Absolute ethano1 was treated with an excess of calcium oxide, kept overnight 
and distiIIed. The middIe fraction was collected for use. The traces of water content, 
if any, in the organic soIvent were negIectecl. 
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Perchloric acid, caustic soda, acetic acid used were of reagent grade. The stock 

solution of the @and was prepared by dissolving the weighed amount of l,lO- 
phenanthroline hydrate (E. Merck) in the desired solvent. The solutions were 
prepared using double-distilled water from an all-glass apparatus. 

The weight-percentages of the organic solvent in mixed solvents were determined 
by mixing the calculated amounts of the two solvents by volume. The reliability of this 
method of preparing a solvent mixture of given composition was checked by deter- 
mining its density and comparin g it with the reported density values5. 

For the dissociation constants of the @and in different percentages of the 

mixed solvents, sodium acetate and acetic acid buffers as well as perchloric acid 
soiutions were used. 

Since the actual activity coefficients are difficuit to determine particuIarIy in 
mixed solvents, the measurements were taken in solutions of very Iow ionic strength 
(10-3-10-4 M) so that the dissociation constant values may be taken as thermo- 
dynamic values. 

The ligand is known to absorb strongly in the UV region. The position of the 
absorption maxima of the ligand changes with the pH of the solutions. The absorption 
maxima of the ionic and molecular forms were found to be 272 and 264 nm_ respec- 
tiveiy. The absorption maxima do not change even in 90% v/v alcohol. 

For the determinations of pK values of the Iigand in different mixed solvents, 
the optical density readings of the ligand in excess acid and in excess alkali and at 
intermediate pHs were taken at 255 and 260 nm, as at these wave lengths the dif- 
ference in optical densities of the two species is maximum. All care was taken to 
improve the accuracy in measurement, ahhough the authors are aware that the 

TABLE f 

DISSOCIATION CONSTANTS OF IJO-PHENANTHROLINE IN 
AQUEOUZMXHAXOL SOLUTIONS 

Temp. = 25 “C 

wr* ?L of D l/D x IO2 Mole PK PK 
organic fracfion of Cfrom spectro- (Jrom plfi--merry) 
soirent the organic pholomclry) 

solcenr 

0 78.56 I-27 
8.0 74.04 1.35 

16-4 70.59 I.42 
253 6552 1.53 
34.4 58.51 I.71 
44.0 52.73 I.90 
54-I 46.87 214 
64.7 40.95 2.45 
76.0 34.35 2.92 
87.6 29.31 3.41 

- 5.05 
0.033 4.90 ( f 0.03) 
O-071 4.75 ( f 0.03) 
0.117 4.50 (iO.04) 
0.170 4.34 (fO.05) 
0.235 4.05 (5 0.05) 
0315 3.82 (f0.06) 
0.418 3.68 (5~0.06) 
0.554 3.62 (f0.08) 
0.734 3.70 

- 
4.82 ( f 0.03) 
4.70 (50.04) 
4.41 (&O&4) 
427 (rtO.05) 
4.03 ( -L 0.05) 
3.89 (10.06) 
3.77 (f0.06) 
3.70 (fO.OS> 
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accuracy of the pK values determined ultimately depends on the accuracy of the 
determination of H+ ion concentrations in mixed solvents_ 

To assess the accuracy of the pK values of the l&and obtained by the spectro- 
photometric method, the pK values of the ligand were determined by pH titration 
also. For the determination a definite amount of the Iigand in different volumetric 
flasks was neutralised to different extents (30 to 76% neutralised) with known 
quantities of perchloric asid and the meter readings were taken. The experiment was 
repeated with different concentrations of the ligand. The average pK values are given 
in Table I_ 

Spectrophotometric readings were taken with a Beckman DU spectrophoto- 
meter. The pH meter readings were taken with a Cambridge bench type battery 
operated pH meter. All the readings were taken at 25°C. 

RESULTS 

The thermodynamic dissociation constant Kr for the equilibrium AHi GA+ H+ 
(A = 1, IO-phenanthroline) is 

K== 
a,xa,+ CA-C,+ = x L-f”+ 

ffAH + C AH+ f AH* 

In our measurements, the hydrogen ion concentrations are of the order 10-3-10-4 M 
and the ionic strengths of the solutions were of the order 10m3 M (even if acetate 
buffers were used); thereforef, x fu+lfAn+ can be taken to be unity. 

c 
Thus, pK, = pH*iIog x 

C.4 L_ 

= [B]+log U,+log ++ 
A 

= [B]+log U,,tlog~ 
1 

where [B] = meter reading in mixed solvents; iog U, = correction factor in mixed 
solvents; cZ_~, d, and dare optical densities of the ligand in the moiecular form, ionic 
form and at intermediate pHs. 

Knowing p], log Vu, dM, d, and Ii values at different percentages of the mixed 
solvents, pKr values were determined- 

For the determination of pK by pH-metry, iog C,,u+/C, was determined from 
the fraction of neutralisation. The diehzctric constant values of different ethanol- 
water mixtures were caIculated from the data of Akeriof and Short6. The gIass 
electrodes in different mixed solvents were calibrated in the same way as described 
earlier’-’ and log V, (correction factcr) values were determined before each set of 
measurement. 
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DISCI_!SSION 

The pK values of the l,lO-phecanthrolium ion in different ethanol-water 

mixtures arc given in Table I _ 

(a) The pK values of the &and are found to be a linear function of ethanol 

(up to 60% by weight) (Fig. I). 

Fig. I. pK against wt.% of ethanol. 

(b) We plotted pK a,oainst mole fractions of or_ganic solvents and obtained a 
linear curve (up to 60% by weight) similar to the observations of Van Uitert and 

Haas’ (Fig. 2). 

I I r 
0.1 02 03 04 0.5 Ob 

F-Se -fraton of e’amd 

Fig. 2. pK against moie-fraction of ethanol. 
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(c) As observed by Wynne-Jones’“, it has also been found in the present work 

that the dielectric constant in the region of 30 to 80 is a better correlating factor. 

The plot of pK vs. J/D gives a straight line up to 60 wt.% of ethanol, beyond 

which there is a deviation (Fig_ 3) Deviation at a higher percentage of organic solvents 

may be due to the fact that at these high percentages of organic solvents, the H’ ion 

values from pH meter readin g may be inaccurate due to: (i) high liquid junction 

potential and (ii) low sensitivity of the glass electrode- 

50. 

L 1 I I 

0.02 0.03 0.04 

110 

Fig. 3_ pK against l/D. 

The values at zero percent of organic solvent from these different type of 
extrapolations come out to be (a) 5.08, (b) A98 and (c) 5.00 in close agreement with 

our vaIue of 5.05 in water”. 

It is interesting to note the change in the dissociation constants of the ligands 

due to the addition of organic soIvents which decrease the dielectric constants. For 

the isoelectric reactions of the type PhH + +Ph + H’ the dissociation constant of the 
reaction should be practically insensitive to the change of dielectric constant of the 
medium. The observed values of p,(K)-p-(K) are large which indicate that solute- 

solvent interactions are much more pronounced than electrostatic effects3. 

The results show that the pK value decreases sIowIy with increasing organic 

solvents, reaches minimum near about 65-75 wt.% of organic solvents and then 

increases again similar to the observations by Paabo et al. I ’ and Ohtaki”_ 

pK values give a measure of the change in free energies (AG, = 2303RTApK) 

on transferring the ligand from water to the mixed solvent medium. We have shown 

earlier’ 3 that the determination of solvent basic@ from the free energy of transfer is 

difficult. This involves a number of complicated terms as foliows : 

AG,o = AG,o - AG; 
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It is possible to calculate AG&,+, and AG&,,n+, with the help of the well-known 

Born equation * a or improved equations due to Hepler l5 and Stokes16, provided 

accurate values of the radii of the ions are known. However, in view of the non- 

availability of accurate values of the ions and other data (e.g. AC&J, we did not 

attempt to separate the free energy change into electrostatic and non-electrostatic 
parts. For a clear understanding of the role of the solvents on the dissociation 

constants of electrolytes, proper emphasis should be given to the theoretical and 

experimental determination of ion-solvent interactions in different mixed solvents. 

Forthisitisn ecessary to have more data on the dissociation constants of electroIytes 

and also on the radii of the respective ions in different mixed solvents. 
Recentiy, enthaIpy data for the reaction, PhH+ePh+H*, in different 

EtOH-HZ0 solvents have been determined in this laboratory calorimetricaIly4. 
These values of AH and those of AG reported in the present work give the values of 

AS. All these thermodynamic quantities for the reaction, PhH’=Ph+H+, in 

different aqueous+thanolic solutions are presented in Table 2 

TABLE 2 

THERMODYNAMICS FOR THE REACTION PhH*--‘PhfH+ 

AG” (50.05) 
(inrerpoloted rahe) 
in kcai 

AN” (-FO.Z) AS” (f0.5) 
in kcal in em. 

0 6.89 4.07 -9.5 
10 6.62 4.30 -7.8 
20 6.31 4.57 -5.9 
30 5.98 4.32 -5.6 
45 5.51 3.75 -5.9 
60 5.04 3.45 -5.4 

The results in Table 2 show that although AG” decreases continuously, AW 

values increase on addition of ethanol reaching a maximum at about 20 wt.% of 

ethanol and then decrease again. The AS” values do not show any such trend. On 

addition of alcohol to water up to 20% a decrease is observed after which AH” 

remains practically constant_ 
The interpretation of thermodynamic data is extremely complex in view of our 

lack of knowledge of the structure of liquid mixtures and the extent of ion-solvent 

interactions_ For the mixture of alcohol and water the excess free energy of mixing 

which is positive and nearly symmetricaI at about x2 = 0.5 (x2 = mole fraction of 

ethanol), is comprised of a negative and unsymmetrical enthalpy (minimum at 

xZ = 0.2) and a positive entropy of mixing (maximum at x2 = 0.35)“. PhHi ion, 

because of its size, has little chance of solvation whiIe the H+ ion will be solvated to 

a large extent- As such the solvation of the proton in the different mixed solvent media 
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may play a major role leading to the changes in the values of the thermodynamic 
quantities. For any definitive explanation extensive data in mixed solvent would be 
needed. 
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