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The results of two independent calorimetric investigations of the pyridine- 

iodine complex are reported_ “Best” values are reported as Ks4, = 128 l/mol and 
AH” = -8.3 kc-al mol-’ for the formation of the complex in cyclohexane at 25°C 
and KAW = 104 and AW = -72 kcal mol-’ in carbon tetrachloride. Evidence is 

presented to support the contention that association constants for weak complexes 

determined by calorimetric methods can be as reliable as those determined by spectro- 

metric methods, and that vaIues of AH” determined by the caiorimetric method are 

much more reliable than those derived from the temperature dependence of equili- 

brium constants. 

Most recent investigations of equilibrium constants for formation of charge 

transfer and other weak complexes have been based on various spectrometric measure- 

ments14. Advantages of these methods have been adequately summarized and are 
not discussed further here. Equilibrium constants determined at several temperatures 

then permit calculation of AH” and AS” vaIues. These latter calculations do merit 

some further discussion, as given in the next section of this paper. Throughout this 

paper, we have taken the infinitely dilute solution as the standard state for the enthalpy 

of the solute. 

Calorimetry offers an appealing alternative to the difficulties and uncertainties 

associated with evaluation of AH” and AS” values from equihbrium constants 

determined at several temperatures. In addition to obtaining AH” va!ues from the 
results of calorimetric measurements, it is also possible to obtain equilibrium constants_ 

Along with the genera1 references 1--a already cited, we call special attention to pioneer- 

ing calorimetric investigations’-’ by Lamberts, Drago and Amett. ‘#hiIe these 
investigators have stressed the greater reliability of calorimetrically determined vaIues 

of AH”, they have been somewhat apologetic for equilibrium constant; based only 

on calorimetric data. Several reasons for this may be advanced. Obviously, the 
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simuhaneous solution of KCg and AW requires two esperimcntal parameters- The 

use of an independently determined vaiue of the equilibrium constant appears to 

permit geater accuracy in calcuisting the _a best” value of 4H’. This increased accuracy 

is Iargely illusory, however, since the equilibrium constant is normally but one of 

two parameters required in treatin, CT spectrometric data (the c.xtinction coefficient 

or absorbanc:; index is an experimenta parameter in many cases). By working rit 

different waveIen_ghs. a better estimate of the uncertainty of lCCg can be obtained 
with spectrometric data as opposed to calorimetric data. These uncertainties must be 

taken into consideration in estimating the uncertainty in the caIcuIated value of 4H’. 

In many investigations of weak ccmplexes, one or both of the components is 

capabIe of seIf-association_ In many casts. the assumption of an idea1 dilute soIution 

is not valid 3f some of the concentrations studied- However, these effects compromise 
the reliability of spectrometric resuIts as we11 as the resuits of calorimetric inver;tiga- 

tions. Without thorough theoretical and experimental investigation, it is impossibie 

to state which results wouId be gene&y more reliable. 
In order to show that the calorimetric method can be as reliabie as the spectro- 

metric method for the determination of equilibrium constants for weak compIexes. 
we have chosen an esample that is relatively free of interfering effects: the pyridins- 

iodine complex in cyclohesane and in carbon tetrachioride- The resuIts of completely 

independent calorimetric investigations are compared with the results that have been 

reported for spectrometric investigations. 
The inherentI> r geater reIiabiIit_v of calorimetricaliy determined vnIues of AH’ 

for complex formation over those derived from the temperature dependence of 

equilibrium constants is easiIy recognized_ However, we feel that it is worthwhile at 
Ehis point to consider the source of some of the inxcuracics associated with this 

rat:tzr rxthod. 

CALCULATIOX OF 4H= FROM EQUILIBRIUM COSSTAXI’S 

Uncertainties in values of 4H’ and AS’ derived from application of the van’t 

Hoff equation to equilibrium constants determined at severa temperatures are 

commonly underestimated. King * has described a thorough and rigorous analysis 
of the relationship between random errms in equilibrium constants and the thermo- 

dynamic q-xmtities derived by differentiation. Because his statistical ana!ysis specifi- 

czIIy excludes systematic (possibly temperature dependent) errors, King’s --statistical 

uncertainties” are Io\ver Iimits for the “total uncertainties’- that are of greater interest. 

To demonstrate in simple fashion how smaI1 errors in ii or pK vaIues can 
Iead to Iarse errors in AW (and thence in AS’), we write the van-t Hoff equation 

in terms of the change in pK (ApK) associated with a 

at some mean temperature Tas 

AH= 23 RT’ ApKjAT (I) 

We now use 6(Apl() and 3(AW) to indicate changes or errors in ApK and AH”, 

charge in temperature (473 
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assuming that errors in 4T are relatively small, and then have 

ci(AH=)z 2.3 RT’ 6(ApK)!AT (2) 

Uncertainties of 510% are commonly reported for equilibrium constants derived 
from careful spectrometric studies 9-l’ Therefore each pK value wih have an uncer- _ 

tainty of about kO.03, which represents a lower limit for 3(4pK). Only rarely in 
these studies does the temperature range (477 exceed 3O’C, and the results of stu- 
dies over this and wider ranses of temperrrture might be compromised by temperature 
dependence of 4H’. With these values of 6(4pK) and 4r, and TZ 300 K, eqn (2) 
gives 6(4H’) = 5450 cal!mol. 

There is another matter of fundamental thermodynamics to be considered in 
connection with calculation of enthalpies of reactions by way of the van? Hoff 
equation 

d In RidT= AH”jRT’ (3) 

Direct application of eqn (3) to KvaIues based on different standard states or expressed 
in terms of different concentration units can lead to apparentI!! different values cir 
AH”. each of which supposedly refers to the enthalpy change of the same reaction at 
infinite dilution The essential thermodynamic requirement for direct application of 
eqn (3) is that the standard states for the solutes must be independent of temperature”, 
which is a formal way of sayins that equilibrium constants to be used direcfl~ in 
eqn (3) must beexpressed in terms of molalities or moIe fractions rather than molarities 
or volume fractions. 

One way to apply the van’t Hoff equation correctly is to convert all equilibrium 
constants expressed in terms of molarities to new constants expressed in terms of 
moIaiities, using the density (p,) of the solvent. For the formation of a 1: I complex, 

I\:, = M.,f (4) 

It is often more convenient to apply the van? Hoff equation directly to equi- 
librium constants expressed in terms of molarities and to separately allow for thermal 
expansion of the solvent, z = (l/V)(Z P~ZT),. Combination of eqns (3) and (4) leads 
to 

AW = R7’(d In K,,‘d7) = RT2(d In K.%,/dT)iRT’(d In pS,/dT) 

and 

AH= = RT’(d hi n/,,/dT)--RRT2 r, (Xl 

Because of the low thermal expansivity of water at normal roon-_ temperature 
(~~22 10-Jdeg-’ ), the term RT’ ‘;r, contributes very Iittle to value, of AH” deter- 
mined in this solvent. For a ‘-typical” organic solvent, however, ZE 1.2 x 10m3 deg-’ 

at room temperature, and RT’a = 220 cal mol-‘_ 
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EXPERIMEX7AL 

The ampoule calorimeter used in Rolla has been described”_ Measurements in 

Lethbridge were made with an LKB Precision CaIorimem System used as a titration 

caIorimeter with titrant delivered to the caiorimeter by a Metfohm automatic titrator. 

AI1 caJorimetic measurements in RolIa and Lethbridge refer to 25.0 to.1 “C and 
are reported in terms of the defined calorie ( 1 cal = 4. I84 J). 

Chemicals 

Lerhbridge. Pyridine (BDH reagent grade) was distilled over BaO. Cyclohexane 

(BDH reagent gmde) showed ultraviolet absorption corresponding to benzene 

(about 1%). so it was treated with fuming suIfuric acid, washed with aqueous 

NaHCO,, dried over MgSO,, and finaIIy distilled and stored over sodium- This 

material showed no UV absorption corresponding to benzene. Iodine (BDH Analar) 

was used without further purification. 

Rolla. Iodine was Fisher Certified ACS, cyclohexane and carbon tetrachloride 

were Fisher CertiE:d ACS Spectranalyzed Reagent and pyridine was MCB spectrana- 

Iqzed reagent. Solvents and pyridine were stored over moIecuIar sieves. 
ConsiderabIe care was taken in preparin g and subsequent handling of al1 

solutions to minimize contact with the atmosphere. 

RESULTS 

The caIorimetric results were interpreted in terms of the reaction 

Py -t 12 = Py-I, (6) 

through the reIationships 

ti = &I,_IVAEi= (7) 

K SW = ,rf,_,l(,n~-af,_3(~f~-~M,_3 (8) 

The ent.haIpy change observed for a particuiar experiment (corrected for diIution 

effects) is represeated by Ah, V is the volume of tLe solution in the calorimeter at the 

end of the experimen?, lUi and lWF are the formal concentrations of pyridine and 

icdine in this soIution, and fiZ,_, is the concentration of comp1e.u in this solution. 

Dati were taken in the form of Ah as a function of ill;: ;%fF, and 6’. A computer has 

been used to find the values of K_%, and 4H” uhich give a minimum in the sum of the 

squares of the differences between observed a;ld caIculated values of A/z. 

Pyridine-iodine in cyclohexane 

Calorimetric measurements at Lethbridge involved the titration of concen- 
trated pyridine soIutions into dilute iodine solutions and the titration of iodine solu- 

tions into diIu;; pytidine soIutions. Heats of diIution of the concentrated soIutions 
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into cyclohexane were measured separately. Both were small, with the heat of diiu- 

tion of the iodine soiution so small as to have no effect on the results. Fourteen 

measurements were made on solutions havin,a a formal concentration of iodine of 

approximately 0.04 M and formal concentrations of pyridine ranging from 0.005 M 

to 0.5 M. “Best” values calculated for the parameters were Ktf = 130 and AH” = 

-8.5 kcai mol-‘. 
By ampouie calorimetry (Rolia), heats of solution of pyridine were measured 

in cyclohexane and in solutions of iodine in cyciohexane. In each case, the formal 

concentration of iodine was about 0.007 M and the formal concentration of pyridine 

ranzed from 0.03 to 0.14 M. In this case, Nz represents the difference between the 
heat of solution of pyridine in a solution of iodine in the solvent and the heat of solu- 

tion of an equal amount of pyridine in an equal voiume of pure soivent. “Best” 

values for the parameters were K,, = 124 and AH’ = -8-3 kcal moi-‘. 

Equilibrium constants determined by spectrometric methods have been 

reported: (A)K5, = 135 +8 (ultraviolet measurements by Huong, Platzer and Josien)g 

and K.,, = 107 S,26 (infrared measurements by Maki and Piyler, reported by Bist and 

Person13), both in excelient agreement with our calorimetric results By consideration 

of ail of the reported vaiues, we have chosen KM = 128 as the overall best value. 

Using this value with all of our calorimetric data, we calculate AH” = - 8.4 kca! mol-’ 

with a standard deviation of about 0.1 kcal mol-‘. 

Pyridine-iodine in carbon tetruchloride 
Heats of solution (Roiia) of pyridine in carbon tetrachloride and in solutions 

of iodine in carbon tetrachloride were measured and interpreted in terms of eqns 

(6)-(g). Formal concentrations were between 0.009 and 0.08 M for pyridine and 

between 0.005 and 0.012 M for iodine. Simultaneous solution for the equilibrium 

constant and standard enthalpy of reaction gave KM = 103 and AH’ = -7-9, kcal 

moi-‘. 
Beezer, Orban and Tyr-rell ‘* have used a titration calorimetric method similar 

to that used in LethbridSe to obtain KM = 108 and AH” = -77.85 kcal mol-r. 

TABLE 1 

THERMODYNAMIC PAR4METERS FOR FORMATlO?< OF 
THE PYRlDlNE-IODINE COMPLEX AT 25.0-T 

Solvent 

Composition units X’ 

K (composition units)-’ 128 99 1180 104 165 1070 
-AG’ (kcal mol-*) 2.8, 2.72 4.19 2.75 3.02 4-13 
-AW (kca1 mol-I) 8.4 8.4 8.4 7.9 7.9 7.9 
-W (Cal deg-’ moI_‘) 18.r 19.1 14.1 17.3 16.4 12.6 

l M = moles/liter solution. b rn = moIes/kg solvent. c X = moIe ii-action. 
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Spectrometric equilibrium constants of K_%, = 102 26 by Huong, PIatzer 

and Josien’ and Kti = IO1 by Popov and Rig as quoted by Bist and Person’3 are 

again in excellent agreement with calorimetric results. Taking & = 104 as an overall 

best value, we eaIcuIate AH” = -7.9 kcal mol-’ from our calorimetric data, with a 
standard deviation of less than 0-I kcal mol- ‘. 

From our values of K,, and AH”, we have caIculated AG; and AS’ for forma- 

tion of the pyridine-iodine complex. With the densities of the solvents, and the 

moIecuIar weights, we have calcuIated the values of the equilibrium constants and 

thermodynamic properties in terms of other composition units. such as molality (rz) 

and moIe fraction (X). These parameters are Iisted in Table I _ 

As noted above, equilibrium constants derived from our calorimetric measure- 

ments are in excehent agreement with those determined by spcetrometric methods. 

The uncertainties in the values determined by the two methods appear to be compara- 

ble_ AIthough there are no (d In K:‘dT) results for the pyridine-iodine complex to 

compare directly with our caIorimetric values for AH’, it is clear that uncertainties 

in the caIorimetric vaIues (0.1-O-2 keal moi-r) are smaher than those that are likely 

to be derived by way of the van? Hoff equation. 

The caiorimetric method appears to be we11 suited for determinations of equi- 

librium constants of the order of 100-20 I mol-r. Further investigation is needed to 

establish the zenera range of apphcability of the method_ In the case of very large 

equiIibrium constants, it xvi11 be necessary to work at very low concentrations of 

donor and acceptor to obtain reliable resutts, thus requiring very great caIorimetric 

precision. As Drazo has pointed out6=, one can determine AH’ quite accurateIy 

under these conditions, even though K vaIues may be reIativeIy imprecise_ In the case 

of very smaI1 equiiibrium constants, reIativeIy hi& concentrations of donor and 

acceptor may be required to produce a useabIe enthaIpy effect. This problem is 

compounded by the fact that small values of AH’ are usuahy associated with small 

values of K. Hovvever, Beezer ii has obtained reasonabie results with K= 40 and 
AH’ = -68 kcal mol-‘, and Drago” has reported a study with K = 5 and AH” = 

-4.0 kca1 mol-’ _ As higher concentrations of donor and acceptor are used, however, 

there is increasin_g danger that the assumption of an idea1 dilute solution will become 

iinvahd, and that other equilibria might interfere. Further investigation is required 

to assess the influence of these interfering effects on calorimetrically determined 

parameters, and to provide means for the detection of these effects. 
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