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ABSTRACT: Ethylenediaminetetraacetate anions, EDTA4-, were titrated in a hydrogen-electrode 
concentration cell with an acidic titrant &om 0 to 150°C at 25°C intervals. These titrations were carried 
out in the presence of 0.1,0.2, and 1 .O mol-kg-' with the supporting electrolytes, sodium chloride, NaCl, 
and 1 .O mol-kg-' tetramethylammonium trifluoromethylsulfonate, (CH3),N(F3CS03) { TMATFMS} in 
order to assess the effect of both cation complexation by EDTA& and anion activity coefficient 
variations. The resulting hydrolysis quotients are discussed with reference to applications in boiler and 
heat exchanger chemical cleaning, as well as chemical and nuclear waste containment. Some recent 
diverse uses ofthis emftechnique that also pertain to these applications will be mentioned briefly, e.g., 
surface absorption - zero-point-of-charge - measurements to high temperatures and in situ pH 
measurements in solubility and kinetic experiments. 

INTRODUCTION 

The amount of metal waste buried as EDTA complexes in the United States alone is in the millions 
of pounds. It is now known that complexation enhances the mobility of these metals in groundwater 
by shielding them from interaction with mineral surfaces. Indeed Means et al. indicated that EDTA 
complexation of 6oCo has facilitated its migration from disposal trenches at Oak Ridge National 
Laboratory.[l] Thus knowledge of the formation quotients for these complexes and the modifjring 
effects of variable brine compositions and temperature, is of prime importance in predicting the 
behavior of these environmentally hazardous systems. Before such studies can be undertaken it is 
necessary to quantify the hydrolysis quotients of the ligand itself under similar conditions, as the 
extent of hydrolysis will affect the degree of complexation. 

EDTA is used commonly in the chemical cleaning of boilers and heat exchangers in power plants so 
that hydrolysis of EDTA as a finction temperature is of particular importance in estimating the 
efficiency of this process.[2] The kinetics of decomposition of EDTA are also significant when the 
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ammoniated-EDTA treatment is used at temperatures ranging from 135 to 163"C, e.g., at 175"C, t, = 
4.5h at pH = 9.40.[3] Motekaitis et al. have shown that the rate of thermal decomposition of EDTA 
is retarded considerably by complexation with metal ions with the relative order of stabilizing effect being 
proportional to the projected strength of the metal complex.[4] However, internal REDOX processes 
occur with such metals as Fe(III) and Cum), thereby catalyzing the decomposition process, e.g., at 
125OC, t, = 3h at pH = 9.34 for Fe(III).[5] 

The present study was initiated to measure the stepwise-hydrolysis quotients ofEDTA4 with the high 
degree of accuracy achievable with the hydrogen-electrode concentration cell at the range of 
temperatures over which EDTA is t h d y  stable. Note that the abbreviation EDTA (un-superscripted) 
in this text refers to the generic root molecule irrespective of protonation or charge. The effect of 
sodium binding is investigated by also studying these equilibria in the presence of TMA which is known 
to interact weakly with EDTA[6] TFMS was chosen as a supporting anionic species because it is also 
known to be a poor ligand for most metal ions and therefore allows subsequent studies of metal 
complexation to be carried out in the presence of this ion rather than chloride ion which does form stable 
metal complexes, particularly at elevated temperatures.[7] The upper temperature limit for carrying out 
these titrations was imposed by the thermal stability of the ligand, although as discussed briefly below, 
this potentiometric method may be readily utilized to measure the rates of thermal decomposition of 
EDTA with direct pH monitoring; pH being an important variable in determining the rates of 
decomposition of organic acids. [8] 

A large compilation of experimental data for the hydrolysis and complexation constants of EDTA was 
published in 1977, but these results are confined to near ambient conditions and shown large variations 
in the tabulated constants.[9,10] More recently, Hovey et al. have used a combination flow calorimetric 
and density apparatus to measure apparent molar heat capacities and volumes for a wide range of metal 
complexes for which stability constants were estimated to 250°C by extrapolation. [ 1 1-13] 

EXPERIMENTAL METHOD 

The design of the hydrogen-electrode concentration cell was originally reported by Mesmer et al. and 
experimental procedures for its use in a number of different applications have been outlined in 
numerous publications, examples of which are cited here.[14,6,7] The titrations of EDTAC were 
initiated in cu. equimolal excess OH- to inhibit protonation before addition of titrant, Le., ii E 0, 
where ii = (C,,l~n[EDTAHCP"])/(CIEDTA])~ the denominator refers to the total EDTA 
concentration.. 

The cell configuration was as follows (for NaCl as the supporting electrolyte): 

H,,R I HCl(m,,)NaCl(I-m,) INaCI(I-~-8m3),NaOH(mJ,Na4EDTA(m,) I Pt,H, 
(reference solution) {test solution) 

where m, m, I m, (< I, so that activity coefficients may be considered equivalent in both cell 
compartments. The pH (- log w]) is readily computed from the corresponding known stoichiometric 
quantity in the reference compartment, log [W],, and the measured cell potential using the Nernst 
expression: 

pH = 2.303FRT {E + &) - log@+], 

where E, is the liquid-junction potential as computed fiom the Henderson equation.[lS] Titrations 
were continued until either the free acid concentration became appreciable, thereby negating the 
efficiency of the cell, or drifting potentials were observed indicative of decomposition. Again the ii value 



corresponds to the extent of the protonation reaction: 

EDTA& + a? c EDTAH,,~ 0 

Titrations were terminated when the acidity became too high relative to the EDTA concentration so 
that the resolution between the total stoichiometric and measured free hydrogen ion concentrations 
became uncertain. The equilibrium quotient for the stepwise protonation reaction: 

EDT&,*5 + W c E D T m d  ( l r n s 6 )  

is defined as the molal concentration ratio, which in turn is equal to the equilibrium constant at 
infinite dilution corrected for the corresponding activity coefficient ratio, i.e., 

log Qm E log{ P D T A H , , ~ l / @ D T ~ i " s l  WI 1 

Thus a simultaneous treatment of the experimentally-determined log Q, values involves fitting them 
to fbnctions of temperature, which describe the dependence of log K,,, and ionic strengthhemperature 
(including an extended Debye-Huckel limiting law term), which simulate the dependence of the activity 
coefficient ratio. A p r e h h y  treatment of the data gathered thus far in NaCl media at ionic strengths 
of 0.100, 0.201, and 0.982 is given below. 

RESULTS AND DISCUSSION 

Note that a general review of the use of the hydrogen-electrode concentration cell is presented by 
Mesmer et al. in this edition.[l6] In the present article, a more detailed description is given for one 
specific solute, viz. EDTA, in order to acquaint the reader with specific aspects of this potentiometric 
method while hopellly providing information on the thermodynamics of EDTA that have significant 
practical important as indicated in the Introduction. 

In Fig. 1 is shown the temperature dependence of log Q,, in 0.1 mokkg-' NaCl solutions for the first 
four protonation steps (i.e., the protonation of the carboxylate groups). In cases where the error 
bars are not shown, this indicates that the estimated uncertainty is less than the size of the symbol. 
Duplicate titrations were carried out at 25 and 50°C with the observable good reproducibility. It is 
interesting to note that although all electrolytes become weaker (i.e., in this case protonation should 
be favored and log Qn should increase with temperature) as the critical point of the solvent, water, is 
approached, the first hydrolysis constant clearly decreases.[l7,18] This trend is also evident at 
infinite dilution and indicates that the heat capacity change must reverse sign at temperatures > 
150°C as substantiated by the extrapolation of low temperature heat capacity and volume data by 
Hovey et al.[lO] As an example, the values of log Q, and log K, have been fitted as described in Eq. 
(2) and the resulting fbnction, which incorporates five independent temperature and ionic strength 
variables, is depicted by the smooth curves in Fig. 2. This fit gives only fair agreement with the 
infinite dilution log K, values reported by Hovey et al., although their calorimetric results were based 
on the log K, value at 25OC of Daniele et al.[ 191 In addition, it must be remembered that our log Q1 
values refer to ionic strengths made up with NaCl and it is well known that Na' is complexed by 
EDTA (see subsequent discussion) leading to smaller values of log Q1.[9,10] Nevertheless, this 
preliminary treatment of results yields the following thermodynamic quantities for I = 0.1 (NaCI) and 
25°C: log Q, = 9.4W0.03, AH, = -18*2 Urnor', AS, = 118*7 JK'.rnol", ACp, = 98*30 J*K'.mol''; 
compared with log Q1 = 9.50 and ACpl = 982~50 J.K'*mor' reported by Daniele et al. in 0.1 mol*L', 
NaNO,.[19] In view of the widely differing values reported for these constants from past studies and 
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Figure 1. The logarithm of the stepwise hydrolysis quotients of EDTA as a hnction of the reciprocal 
temperature in Kelvin (note that the curves shown are not the result of a comprehensivefit of all the 
data at drfferent ionic strengths). 
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Figure 2. The dependence of the first hydrolysis quotient of EDTA on ionic strength (NaCl) from 0 to 
150°C at 25' intervals, where the cwves result from a comprehensive fit of these data which include 
values from the present study (open symbols) and those of Hovey et al. (closed symbols).[ 101 



the uncertainties in obtaining reliable AC, value fiom the second differentiation of Gibbs energy data, 
this agreement is most satisfactory. 

Rather than pursue the details of the thermodynamics of the remaining three hydrolysis equilibria (noting 
that our titrations were terminated, because of the relatively high acidity of these final solutions, before 
any information on the fifth and sixth equilibria could be obtained, viz., the protonation of the amine 
groups), the above discussion paves the way for a comparison of the hydrolysis quotients of EDTA in 
different media, i.e., ca. 1 mol-kg-' NaCl and TMATFMS. As described previously, the values of log 
Q1 depend significantly on the nature of the cation present in solution, e.g., at 25"C, log Q1 
= 8.684iO.004 (NaCl) and 9.73*0.02 (TMATFMS).[9,10,19] Interestingly, decreasing the charge on 
the EDTA moiety through protonation reduces this difference substantially (viz., log Q, = 5.98M.01 
(NaCl) and 6.07M.02 (TMATFMS)), but the difference increases systematically at all temperatures for 
log Q, (viz. 2.38M.03 and 2.97M.05, respectively). The reason for this non-monotonic behavior is not 
immediately clear, but the general trend is indicative of the stronger binding of Na' compared to Th4A' 
by EDTA 

RECENT INNOVATIVE APPLICATIONS 

There are three new uses of this emf technique that should have an impact on problems of corrosion 
and "hide-out" which face the industrial power generation community. As these innovations involve 
high temperatures (s 300°C) and are related to the present subject, they are presented here as 
follows: (1) hydrogen ion adsorption isotherms of metal oxide surfaces; (2) the solubility of minerals in 
aqueous solutions utilizing the advantage of in situ pH measurement; and (3), the kinetics of thermal 
decomposition of some carboxylic acids (noting that saturated aliphatic acids decompose too slowly 
to be studied by this method). 
(1) As an initial research project, the zero-point-of-charge (zpc) of the surface of rutile, TiO,, was 
determined by potentiometric titrations of this solid phase in NaCl solutions from 25 to 250°C at 
0.03,0.1,0.3, and 1.0 mobkg-' ionic strengths.[20] These experiments involved titrating a suspension 
of TiO, with NaOH (at matching ionic strength) followed by back-titration with HCVNaCl to determine 
the degree of hysteresis in the adsorption process. The pH at the intersection point of the isothermal 
titration curves (moles of hydrogen ions adsorbed versus pH) for each ionic strength corresponds to the 
zpc of the rutile surface at that temperature, where the zpc is defined as the pH at which the net surface 
charge is zero. The zpc for rutile was found to decrease with increasing temperature, reaching a 
minimum near 200°C. This is the first such study above 100°C and opens the door for fbture 
experiments of other surfaces of industrial significance, magnetite for example, and for adsorption studies 
with competing aqueous species. 
(2) The most important variable in the study of the solubility of metal oxides and hydroxides is 
usually pH, which has to be calculated in the region the solubility minimum either from mass balance 
considerations or by fixing it with buffering agents that often interact strongly with the metal ion in 
solution, giving rise to enhanced solubility.[21] Therefore, as in case (I), the unique aspect of the 
hydrogen-electrode concentration cell is the ability to measure pH directly, in situ, without perturbing 
the system. The solid phase chosen for study was boehmite, AlO(OH), which is the stable hydrated 
phase of aluminum above 100°C. This phase also l l f i l l s  two important criteria that allow this method 
to be effective, namely, it is not reduced by hydrogen in the cell and the rate of attainment of equilibrium 
eom either under- or super-saturation is relatively fast (within 24 hours at 150°C). These experiments 
are still in their preluninary stage, but reproducible results have already been obtained with improvements 
in precision over conventional batch-type experiments and a large saving in time of virtually an order of 
magnitude. 
(3) The kinetics of thermal decompostion of formic and di-, tri- (etc.) carboxylic acids can be 
conveniently monitored as a fbnction of pH (in either a variable pH or pH "stat" mode), temperature 



ionic strength using the emf cell. Again, the precise knowledge of pH is particularly important as the 
protonated forms of these acids tend to be more labile. This phenomenon was particularly noticeable 
in the present study, where beyond 150°C drifting cell potentials were observed indicative of 
decomposition and the rate of drift increased markedly as the pH of the solution was lowered. At the 
present time, no attempt was made to monitor this reaction, but similar data are available for the 
decomposition of oxalic and formic acids. 

SUMMARY 

The hydrolysis quotients of EDTA in NaCl media to 150°C allow modelling of industrial and natural 
hydrothermal solutions where EDTA is and has been used to clean boilers, etc. and isolate toxic 
metals. Because these complexed metals are not readily adsorbed on soils or backfill, they present a 
real hazard to the environment. Therefore, the quantitative thermodynamic study outline above is 
aimed at a systematic approach to understanding the chemistry involved. (a) The first step is to 
determine experimentally the hydrolysis quotients of EDTA in the presence of the weakly-interacting 
electrolyte TMATFMS. @) Then, on the basis of these hydrolysis quotients hrther potentiometric 
studies will be performed to measure the complex formation quotients of EDTA with a variety of 
metal ions to 150OC. (c) Moreover, use can be made of the concentration cell to measure the 
kinetics of EDTA decomposition as a knction of temperature, pH and ionic strength. (d) A parallel 
effort to measure the thermodynamics of adsorption on hydrated metal surfaces will contribute to our 
understanding the competitive adsorption processes from aqueous solutions. (e) Finally, knowledge 
of the ultimate solubility of stable metal-containing phases is fundamental to modelling the behavior 
of materials in the presence of aqueous fluids. The general goal of this publication is to create an 
awareness of the applicability of the concentration cell to both basic scientific interests and industrial 
and environmental concerns. 
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