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SYMPOSIUM ON INTERFACIAL PHENOMENA where the N center of pyridine is presumably oriented more toward Ihe mercury and is thus less H bonded. The disadvantage with respect to H bonding which the molecule would experience when in this orientation may be compensated by electron overlap (specific adsorption) with the positive Hg surface under these conditions (cf. the stability of thiourea a t Hg,23the existence of ammonia, amine, and amide complexes with Hg(I1) and the n-orbikal interaction of pyridine with positive surfaces’). 011 the other hand, a t appreciable q values (4 and 6 p C ~ r n - ~ AHo ) ) changes relatively little with I’; this may indicate that pyridine is oriented in a “flat” manner a t the electrode and carries with it locally a t least one HzO molecule which at the same time is able to interact with the charged metal surface. This is consistent with the argument made above regarding AS” and “dehydration” effects. Electrostatic calculations (cf. ref 1) of the energy of polarization of pyridine (dipole-field and electronic
 
 3619 polarization energy) a t various fields in comparison with that of 2 or 3 water molecules which it would replace indicate that water would tend to remain prefAgain, a erentially adsorbed even up to high * q . purely electrostatic treatment of the problem seems qualitatively inadequate so that structural effects involving hydrogen bonding may be as important in the enthalpies of adsorption as in the entropies. The close compensation between the entropy and enthalpy terms lends confirmation to the supposition that the adsorption characteristics of pyridine a t mercury are closely and specifically connected with the behavior of water adsorbed in the interphase. Acknowledgments. We are indebted to the National Research Council, Canada, for support of this work. L. G. 1%.G. acknowledges the award of a fellowship from the Sprague Electric Company, which also provided some financial assistance with the research project.
 
 Electrocapillary Studies in Aqueous Lithium Chloride Solutions’ by R. G. Barradas and E. W. Hermann Department of Chemistry, Carleton Uniaersity, Ottawa 1, Ontario, Canada
 
 (Received February $2, 1969)
 
 A modified Lippmann electrocapillarometerfor the direct determination of interfacial tension as a function of variation in applied electrode potential, aqueous lithium chloride solution activity, and temperature is described. Measurements of electrocapillary curves for Licl from to 3.19 m were investigated over a temperature range of 1-45”, Derived results comprised of total charge on the electrode, ionic components of charge in the inner and diffuse double layer, Esin and Markov coefficientsat constant charge are presented and discussed. All calculations were carried out by digital computer methods. The significance of certain peculiar charge effects is explained in terms of ion-water interactions, and the importance of the role of adsorbed water in the double layer is emphasized. Some preliminary data on entropies of adsorption are presented,
 
 Introduction Adsorption on mercury from lithium chloride solutions has been determined by the electrocapillary method2 and by capacity measurements3 a t 25”. In general there is a relative scarcity of temperature dependent double-layer studies, but a few noteworthy papers have been reported in the l i t e r a t ~ r e . ~ -There ~ are two apparent shortcomings in most of the work cited, namely the small number of temperature intervals studied and/or the lack of simultaneous variation of solution activities in the bulk phase. Experimental Section Lippmann Capillary Electrometer. Improvement in electrometer design has been stated as one of several
 
 possible ways of overcoming some of the experimental problems associated with double-layer studies’o and (1) Presented as an invited paper at the Symposium on Interfacial Phenomena at Electrodes, 156th National Meeting of the American Chemical Society, Atlantic City, N. J., Sept 1968. (2) H. Wroblowa, 2. Kovac, and J. O’M. Bookris, Trans, Faraday SOC.,61,1523 (1965). (3) D. C. Grahame, E. M. Coffin, J. I. Cummings, and M.A. Poth, J . Amer. Chem. Soc., 74,1207 (1952); D. C. Grahame, J.Electrochem. SOC.,98, 343 (1951). (4) J. E. B. Randles and K. S. Whiteley, Tr&ns. Faraday SOC.,52, 1509 (1956). (5) W. Anderson and R. Parsons, Proceedings of the 2nd International Congress of Surface Activity, Butterworth and Co., Ltd., London, p 45. (6) G. J. Hills and R. Payne, Trans. Faraday SOC.,61,326 (1965). (7) J . M. Parry and R. Parsons, J . Electrochem. SOC.,113, 992 (1966). (8) J. N . Butler, J.Phys. Chem., 70,2312, (1966).
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 n
 
 Figure 1. Schematic diagram of electrocapillary assembly.
 
 during the course of this work a novel technique in this direction has been published.ll The apparatus used in the present work is shown schematically in Figure 1 and it does not differ too substantially from those previously described (see, e.g., ref 12). Basically, it is comprised of a one-compartment cell which houses a thermometer and working, counter, and reference electrodes of conventional design. However, appropriate changes were made to the cell and ancillary equipment to allow for more dependable electrocapillary measurements over a wider temperature range. The temperatures examined were 1” (*0.05”)and from 10 to 45” at 5” intervals (within the limits of A0.02” for each step). The cell and mercury reservoir were both thermostated by surrounding condenser jackets attached together in series. I n addition, the thermostating solution was allowed to circulate through a glass coil within the base of the cell (see Figure 2). The thermostating solution consisted of a dilute solution of about 10-8 M sodium chromate which helped to prevent the buildup of impurities on the glass walls and yet served to avoid undesirable electrical phenomena The Journal of Physical CherniStrv
 
 resulting from external ac circuity, for example, from the wires of the Neslab heating and cooling unit.18 Twin optical flats of 7.5 cm diameter separated by a distance of about 4 cm were built in the mercury meniscus viewing area of the electrometer. The volume between the two parallel optical flats was evacuated and glass sealed in the construction of the cell. It is to be noted that the thermostating solution was not passed between the optical flats. The advantage of this design is to prevent “fogging” at low temperatures and to minimize heat conduction. Interfacial tension (y) measurements were made from 0 to - 1200 mV with respect to an internal calomel reference electrode (rce) l2 at 50-mV intervals, except for a range (9) W.Paik, T.N. Andersen, and H. Eyring, J. Phys. Chem., 71, 1891 (1967). (10) R.Parsons, Reo. Pure Appl. Chem., 18,91 (1968). (11) B. E. Conway and L. G. M. Gordon, J . Electroanal. Chem. Interfac. Chem., 15,7 (1967). (12) R. G. Barradas and P. G. Hamilton, Can. J . Chem., 43, 2468 (1965). (13) L. Meites, “Polarographic Techniques,” 2nd ed, Interscience Publishers, New York, N. Y., 1965,p 65.
 
 SYMPOSIUM ON INTERFACIAL PHEKOWIENA
 
 3621
 
 420-
 
 400-
 
 I dynsci/cm
 
 r
 
 380-
 
 : -
 
 360
 
 IO0
 
 5oo E ( m V )
 
 900
 
 Figure 3. Electrocapillary curves determined in LiCl solutions rtt 45.0': (a) 0.001 m; (b) 0.002 m; (e) 0.02 m; (d) 0.10 m; (e) 0.51 m; (f) 1.55 m; ( 9 ) 3.19 m.
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 Figure 2. Thermostatted glass electrocapillarometer cell: \ \ \ \, mercury; ////, calomel in situ reference electrode.
 
 of =k 60 mV around the electrocapillary maximum (ecm) where readings were taken at 20-mV intervals instead. The usual metJhod12of returning the mercury in the capillary to a reference mark using Nz gas, followed by pressure readings as registered in a 1-in. bore manometer, was employed. Replicate points were determined a t each potential to ensure maximum experimental accuracy. All measurements were taken a t atmospheric pressure conditions. Reagents. Mercury and conductivity water were purified as described before. l 2 Commercially available lithium chloride of the highest analytical purity was used directly from sealed bottles. Recrystallization procedures did not seem to improve its quality in any significant manner. The concentration of all aqueous to 3.19 m) was regularly solutions examined checked by standard Volhard titrimetry due to the highly hydroscopic nature of the LiCl solutions.
 
 Results and Discussion (a) Electrocupillary Curves. A total of 117 electrocapillary curves were obtained, being a representation of investigating 13 concentrations of LiCl a t nine different temperatures. The full numerical data are recorded elsewhere,14 but exemplary primary results
 
 and other relevant derived information will be presented here. A typical family of electrocapillary curves is depicted in Figure 3. Although this group represents those measured a t 45" there are several general features common in all those studied at lower temperatures. Complete curves over the whole potential range could not in general be obtained for concentrations below 0.1 m. However, for the same concentration a proportionately wider range of results of y vs. potential ( E ) could be obtained as the temperature was increased from 1 to 45". Up to a concentration of 0.2 m the trend of the ecm shifts progressively to more anodic potentials relative to the rce but a t concentrations greater than 0.2 m the trend of the ecm shift is reversed. The inability to obtain complete electrocapillary curves in dilute solutions may very likely be due to the extremely slow approach to equilibrium of adsorbable species, resulting in a slow response of the mercury in the capillary electrode to changes in applied pressure. No sticking of the meniscus was observed when viewed by means of a 1OX microscope, even at concentrations as low as m in LiCI. ( b ) Calculation of Derived Quantities. Derived results were calculated using an IBM 7094 and/or G.E. 410 digital computer with FORTRAN I V and programs based on those published earlier.l4-l8 Because of the (14) E. W. Hermann, M.So. thesis, University of Toronto, 1967. (15) R. 0. Barradas and F. M. Kimmerle, Can. J. Chem., 45, 109 (1967). Volume 78, Number 11
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 Table I : Mean Molal Activity Coefficients for Aqueous LiCl
 
 --
 
 I
 
 Molality, m
 
 1.0 x 2.0 x 5.0 x 1.0 x 2.0 x 5.0 x 1.0 x 2.0 x 5.2 X 1.02 1.55 2.08 3.19
 
 1.0
 
 10-3 10-3 10-8 10-2 10-2
 
 0.9641 0.9503 0.9234 0.8982 0.8694 0.8253 0.7900 0.7684 0.755 0.799 0.872 0.975 1.30
 
 lo-$ 10-1 10-1 lo-'
 
 10
 
 0.9637 0.9495 0.9226 0.8971 0.8678 0.8231 0.7873 0.7649 0.750 0.792 0.863 0.961 1.27
 
 25
 
 30
 
 35
 
 40
 
 0.9635 0.9490 0.9221 0.8964 0.8669 0.8218 0.7856 0.7627 0.747 0.787 0.857 0.952 1.25
 
 0.9633 0.9485 0.9215 0.8957 0.8660 0.8204 0.7838 0.7604 0.744 0.782 0.851 0.943 1.23
 
 0.9630 0.9480 0.9210 0.8950 0.8650 0.8189 0.7820 0.7579 0.740 0.777 0.844 0.933 1.21
 
 0.9627 0.9475 0.9204 0.8942 0.8639 0.8175 0.7800 0.7554 0.736 0.771 0.837 0.922 1.19
 
 0.9624 0.9470 0.9198 0.8934 0.8628 0.8159 0.7780 0.7527 0.732 0,765 0.829 0.912 1.17
 
 0.9621 0.9464 0.9192 0.8926 0.8617 0.8142 0.7758 0.7499 0.728 0.759 0.822 0.901 1.15
 
 - JzRTR + 12' 2.303RT 9 log T - I' YR
 
 -(~Y/~E-)T,P,,~,~CI
 
 + alE- + azEd2 + . . .
 
 4
 
 5
 
 \
 
 % -4
 
 (1)
 
 =
 
 0 ZTI
 
 (2,
 
 (3)
 
 The kest fit of the experimental points [i.e., the smallest - ~ ~ ~ was~ consistently ~ 1 ) ~ standard deviation of obtained, if the coordinate axis was shifted to correspond to the potential where the maximum surface tension was measured (a first approximation to the ecm). I n this way the coefficients of the even powers of Ewere found to predominate over the odd ones (al, a3 etc.) and as such is a better approximation to the correct The Journal of Physical Chemistry
 
 0.9618 0.9459 0.9186 0.8917 0.8606 0.8126 0.7737 0.7470 0.724 0.753 0.814 0.890 1.13
 
 0
 
 The first designated as Method A14chose the coefficients of a least-squares fifth-order ( 520 experimental points) or seventh-order (>20 points) polynomial of the form =
 
 45
 
 8
 
 '
 
 = prn =
 
 --
 
 N
 
 with the realization that this equation assumes that the relative partial molal heat capacity is approximately constant over a limited range of temperatures, T , around T R (25'). The calculations were facilitated by means of a simple computer program, and the values obtained are listed in Table I. Three polynomial fitting t e ~ h n i q u e s ' ~ ~ mere ' ' ~ ' ~ used on the experimental data to facilitate the calculation of the charge densities, qm and qs, on the metal and solution side of the interface, respectively, where -48
 
 OC
 
 20
 
 implicit nature of the work, solution concentrations must be expressed in terms of molalities and mean molal activities (a*). Values of ai for LiCl are . ~ ~ pressure ~ ~ ~ and emf available for 25' ~ n l y Vapor measurements were not carried out because of the additional difficulty and tedium involved. Accordingly, the procedure recommended by Robinson and Harned21mas used to estimate the necessary a, values through the equation log a& = log a*R
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 Figure 4. The charge dependence of the ionic components of charge (q+, q - ) and the charge distribution in the diffuse (qd) and inner ( a i ) double layer for 0.1 m LiCl a t 25'; A represents values obtained using Method A, 0 values using Method B.
 
 shape of an electrocapillary curve. qm was then obtained by analytic differentiation of the polynomial. (16) R. G. Barradas, F. M. Kimmerle, and E. M. L. Valeriote, J . Polarog. Soc., 13,30 (1967). ] (17) D. AM.Mohilner and P. R. Mohilner, J . Electrochem. SOC.,115, 261 (1968). (18) W. R. Fawcett, private communication, University of Guelph. (19) B. E. Conway, "Electrochemical Data," Elsevier Publishing Co., Amsterdam, 1952. (20) R. Parsons, "Handbook of Electrochemical Constants," Butterworth and Co., Ltd., London, 1959. (21) R. A. Robinson and H. S. Harned, Chem. Rev.,28,419 (1941).
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 Table 11: Comparison of Surface Tension, y, and Electrode Charge, pm, for 0.1 m Licl a t 25""
 
 - E-,mV
 
 Graharneza
 
 (us. roe)
 
 Pm
 
 100 200 250 300 350 400 450 500 550 600 650 700 800 900 1000 1100 a
 
 18.28 13.61 11.60 9.70 7.77 5.79 3.81 1.92 0.26 -1.15 -2.36 -3.46 -5.44 -7.24 -8.92 -10.51
 
 roblow^-- low^-------724
 
 385.7 402.5 409.0 414.3 418.6 421.8 424.1 425.6 426.2 426.1 425.3 424.0 419.5 413.1 405.0 395.4
 
 All qm values have the units of pC/cm2.
 
 qmz2
 
 19.6 14.1 11.7 9.5 7.4 5.5 3.7 2.1 0.5 -0.8 -2.1 -3.3 -5.4 -7.3 -8.9 -10.4
 
 -Method Y
 
 387.3 402.9 409.0 414.2 418.5 421.9 424.4 425.9 426.5 426.3 425.4 423.8 419.2 413.1 405.2 395.2
 
 A--7 Pm
 
 18.8 13.1 11.2 9.5 7.7 5.9 4.0 2.1 0.4 -1.2 -2.5 -3.7 -5.4 -6.9 -8.9 -10.9
 
 ----Method Y
 
 386.8 402.8 409.1 414.4 418.7 422.0 424.4 425.9
 
 B----7 Prn
 
 20.1 13.8 11.7 9.6 7.7 5.8 4.0 2.1
 
 ...
 
 ...
 
 426.3
 
 -1.2
 
 423.8 419.4 413.1 405.0 395.3
 
 -3.4 -5.3 -7.2 -8.9 -10.6
 
 ...
 
 ...
 
 All y values have the units of dyn/cm.
 
 For calculations of relative positive surface excess The second approach, Method B,18 employed a moving second-order polynomial which fit the data five r+ = (4) points a t a time. The charge on the metal was then and the Esin and Markov coefficient calculated by analytic differentiation a t the central point only. A value for qm at each experimental poten- (bE-/bP.).,P,Pm (5) tial was obtained by systematically dropping the first point in the set of five and adding a new point a t the either Method A, when using a third-order polynomial, end of the previous potential interval. The third or Method B was equally well suited. approach, Method C117 is identical with Method B (c) The Chemical Nature of Li+ in the Double Layer except that only three points are used to determine the and its Eflect on the Ionic Components of Charge in three quadratic coefficients. Upon double differentiaSolution. Figure 4 gives detailed information on the tion, this last method gave the most erratic differential total charge in the solution (as) as a function of qm for capacity curves, and for this reason it was eliminated one concentration of LiCl at 25". The figure includes from further consideration. Qd, the total negative charge in the diffuse double layer, Methods A and B provided smoothed surface tension qi, the total negative charge in the inner double layer, values whose deviations from the experimental values and q+ and q-, which are, respectively, the total were well within the accuracy of the electrocapillaromcationic and anionic components of qs. All the charge , ~ ~on the basis of comparison eter [ 5 0 . 2 d y n / ~ m ] and terms illustrated in Figure 4 have been calculated with results previously ~ b t a i n e d as , ~ shown ~ ~ ~ ~in~ ~ according to the conventional theoretical equations26eZ6 Table 11, both methods of calculation appear to be of used for specifically adsorbed electrolytes. The morcomparable merit. I t is worthwhile noting that phology of the curves obtained a t other temperatures is Method A exhibits slightly less random deviation from essentially similar. Below 25", the absolute values experimental values and has a tendency to overfit the increase linearly with temperature, and above 25" the most cathodic three or four points on the electrocapilvalues decrease in the same manner. These observalary curve. This overfitting is presumably due to the tions are expected from thermal agitation changes of the large value of E- used in eq 3 a t these very negative ionic species in solution. Figure 5 shows a plot of q+ vs. potentials. It also may slightly alter the shape of the qm for various concentrations of LiCl a t 25". The curve, if there is a large difference (five or six points) in the number of experimental points recorded on either (22) J. O'M. Bockris, K. Mueller, H,Wroblowa, and Z. Kovac, J. side of the ecm. Method B, on the other hand, faithElectroanal. Chem., 15, 101 (1967). fully reproduces the experimental values, except for the (23) D.C.Grahame, J . Electrochem. Soc., 98,343 (1951). first and last two points, where this five-point method (24) H. Wroblowa, private communication, University of Pennsylvania. must be slightly altered.18 Further derived data, how(25) P. Delahay, "Double Layer and Electrode Kinetics," Interever, exhibit a proportionately larger scatter than the science Publishers, New York, N. Y., 1965. same data obtained using smoothed values of y ob(26) D. M.Mohilner, "Electroanalytical Chemistry," Vol. I , A. J. tained via Method A. Bard, Ed., iMarcel Dekker Inc., New York, N. Y., 1966,p 241 ff. Volume 73, Number 11 November 1969
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 Figure 5. Charge dependence of the cationic component of the double layer charge, q+ , for LiCl solutions a t 25”: 0, 1.02 m; A, 0.50 m; 0 , 0.20 m; 0, 0.10 m; A, 0.05 m; and *, 0.002 m.
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 object in presenting this figure is to demonstrate that for concentrations below 0.1 m, values of q+ obtained -6 -5 -4 -3 -2 -1 0 I are less than those expected by the limit of the GouyIn at Chapman theory.ze Figure 6. Concentration dependence (In a,) of the applied The excellent agreement between the primary results potential a t constant electrode charge (Esin and Markov plot) obtained in this laboratory and those cited e l ~ e w h e r e ~ , for ~ ~LiCl at 25”; x represents potentials obtained by support the validity of Figures 4 and 5 . From experiinterpolating between qm values obtained via Method A ; 0, ence obtained with other alkali metal chlorides, where those values obtained from Method B. q+ remains positive for all values of qm due to superequivalent adsorption of chloride, one might tend to be alkali halides is that in dilute solutions, the amount of somewhat surprised at negative values of q+ in LiCl C1- in the double layer does not reach superequivalent solutions more dilute than 0.1 m. At first sight these proportions; i.e., q+ may be less than zero. The term results seem to imply that a fundamental change in the superequivalent used here describes ionic concentrations conventional model of the double-layer structure is which are greater than those attainable solely by necessary and that the general applicability of the electrostatic considerations. Gouy-Chapman theory is questionable. However, it is Whether this unusual behavior can be attributed to our contention that the results do not contravene pubthe specific adsorption of Li+ ions or not depends on lished notions of the double-layer structure but they do the choice of one’s definition of specific adsorption. offer further evidence of some ambiguities in the Gouy(All definitions discussed hereunder have been taken Chapman t h e ~ r y . * ~ - ~ ’ from ref 26, p 331 ff.) One definition is possible in The commonly accepted structure of the double terms of the structural model of Grahame: specific layerz6consists of a compact region and a diffuse region, adsorption occurs when (i) ions can interact so strongly whose detailed natures depend on the chemical properwith the metal that they lose their solvation, at least in ties of the ions in solution, the potential on the metal, the-direction toward the metal; (ii) penetrate into the +m, and the potentials a t the inner (IHP) and outer inner layer; and (iii) become fixed to the metal with (OHP) Helmholtz planes, 41 and $2, respectively. their electrical centers at the IHP. I n this sense Figure Certain ions (notably the halides) are thought to 4 indicates that C1- is specifically adsorbed, but cerapproach and make contact with the metal surface and 0 for all am). Another definition tainly not Li+ (qi thus reside in the inner double layer, while others termed “phenomenological” is best given in three parts: (notably the alkali metal ions, with the possible (a) if, for qm = 0, the relative surface excess of any ionic exception of Cs+) do not enter the inner layer. Figure species is positive; (b) if, for qm > 0, the relative surface 4 does indicate that C1- alone (cf. qi) enters the inner excess of any cation is positive; or (c) if, for qm < 0, the layer and is present there even for values of q m < 0. At the potentials studied Li+ does not appear to populate (27) R. Parsons in “Modern Aspects of Electrochemistry,” Vol. I , the inner layer, i e . , q i is never greater than zero. The J. O’M. Bockris, Ed., Butterworth and Co. Ltd., London, 1954, p 103 only difference in the LiCl behavior from the other ff.
 
 
 qm > -2, Figure 4 indicates that either C1- or Li+ or both are specifically adsorbed. Finally, a (‘quasi-phenomenological” definition has been given. According to this, it is said there is specific adsorption, if the experimental data cannot be explained by the theory of the d.iffuse layer. Figure 5 shows that in this sense Li+ is definitely specifically adsorbed, since q+ is more negative than is theoretically possible according to the Gouy-Chapman theory, where q+ = A [ e x p ( s )
 
 - I]
 
 and26 lim q+ = - A 92++
 
 (7)
 
 less favorable for the ion to remain in bulk solution configurations, relative to any possible double-layer configuration. This latter effect may manifest itself more obviously in dilute solutions, where relatively fewer ions are available to satisfy hydration equilibria. Possibly the structure making nature of Li+ limits the number of positive ions entering the double layer and, consequently, the number of C1- tts well. While this phenomenon would occur a t all concentrations, it becomes pronounced only in solutions where the C1- concentration is less than superequivalent as is the case in dilute solutions. This behavior does not eliminate the entrance of C1- into the inner layer, but rather it limits the total number oi C1- ions that are admitted. Hence a competitive equilibrium exists between the structural enhancement of the Li+ ion with respect to water molecules and the specific interaction of Cl- with the charged mercury surface. This explanation implicitly assumes that the electrocapillary equation
 
 m
 
 Although the last definition may appear less satisfying in view of the defects in double-layer theory,26 it is in fact the most important. The pure model definition according to Chahame is nonoperational and therefore cannot provide an experimental criterion for specific adsorption in terms of a molecular model. The quasi-phenomenological definition does lead to interpretation based on models and is referred to by Mohilner26 as the one most widely used in practice. Parsons27has pointed out that a major weakness in the Gouy-Chapman theory is its dependence on a solution for the Poisson equation (eq 64, p 145, ref 27) based solely on the valency and not on the nature of the particular ions forming the double layer. I n our opinion, it is the distinct chemical nature of the Li+ ion which results in the apparently anomalous q+ values reported here. Our most plausible suggestion is that Li+, a well-known structure maker,28--31influences the role of water in the double layer by preferential orientation of the water dipoles and bulk structural enhancement (cf. especially ref 31). Both considerations are important, because equilibrium measurements done in electrocapillary work require electrical neutrality in the double layer as well as thermodynamic equilibrium with respect to temperature, pressure, and electrochemical potential over the total system. A given charge, qm, (e.g., greater than zero) may be balanced on the solution side of the interface by a local increase of negative ions, by a local shortage of positive ions and/or by a net effective charge due to the dipole of the solvent. Ions undoubtedly play an important role, but the solvent dipoles may be forced into an average attractive or repulsive configuration by an ion and as such contribute a significant part in determining the concentration of species in the double layer. I n addition, the structure making or breaking characteristics of a particular ion may make it energetically more or
 
 -dr
 
 =
 
 qdE-
 
 + r,dT + r + d p
 
 (8)
 
 holds for Grahame’s model of the double layer and neglects any complications arising from the calculated cationic surface excesses (eq 4) which only have meaning relative to a plane where r H I O = O J 2 6i.e. T I
 
 r+(measured) = r+(real) - KLi+ -r H z 0 XH20
 
 (9)
 
 The position of the plane where r H I O = 0 is not independent of solution concentration. By this argument the values of q+ as depicted in Figure 5 cannot be interpreted in terms of a strict molecular model of the double layer. Hills and Payneeinferred that the r H 2 0 = 0 plane may change its position relative to the metal surface by their suggestion that water plays a more important role in the structure of the double layer than had hitherto been credited. I n essence their contention regarding water is not in conflict with our emphasis on the special chemical role of lithium ions in influencing the double layer. There is some evidence 2 , 3 2 that cations of different identity correspondingly affect the components of charge in the double layer. This is exemplified by the fact that positive surface excess (r+)at constant charge decreases in the following order: CsCl > RbCl > KC1 > NaCl > LiC1.2 A clearer resolution and understanding of the special role of each of the alkali metal ions would be possible if experimental (28) H. S. Frank in “Chemical Physics of Ionic Solutions,” B. E. Conway and R. G. Barradas, Ed., John Wiley & Sons, New York, N. Y . , 1966. (29) 0. Ya. Samoilov, Discussions Faraday Soc., 24, 141 (1957). (30) 0. Ya. Samoilov, “Structure of Aqueous Electrolyte Solutions,” Consultants Bureau, Plenum Press, New York, N. Y., 1965. (31) J. E. Desnoyers and C. Jolicoeur, in “Modern Aspects in Electrochemistry,” Vol. 5 , J. O’M. Bockris, Ed., Butterworth and Co. Ltd., London, 1968, p 1. (32) M. A. V. Devanathatl and B. V. K. S. R. A. Tilak, Chem. Rev. 65, 635 (1965).
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 Figure 7. The temperature dependence of the applied electrode potential a t constant electrode charge for (a) 3.19 m LiCl and (b) 1.02 m LiCl solutions.
 
 results were available for the bromide, iodide, and fluoride salts of these cations. ( d ) E s i n and Markov Efect. Figure 6 demonstrates a generalized Esin and Markov plot25of E- us. In art at constant charge for measurements made at 26". Other Esin and WIarkov plots at different temperatures shouthe same characteristics. The importance of Figure 6 is that, while the curves are not exactly linear (as might be expected from similar plots for the potassium halide salts, e.g., see Figure 4-2 in ref 25), their shapes are theoretically predictable. One of the relationships (ref 25 p 28, and ref 26) obtained from the differential electrocapillary equation (eq 8) is
 
 where the left-hand side is the Esin and Markov coefficient (eq 5) and the right-hand side is the slope of curves like those presented in Figures 4 and 5. For our purposes, the mathematical implications of eq 10 are twofold. (a) If the q+ vs. qm curves have a minimum or maximum for a certain solution concentration, the Esin and Markov curve obtained for the value of qm at which it occurs must exhibit a corresponding maximum or minimum. (b) If the extremum point in the q+ us. qm curve occurs a t different values of qm depending on solution concentration, the Esin and Markov curves will exhibit an extremum a t different values of In a+ depending on what constant value of qm is chosen. Figures 5 and 6 display this stated behavior for LiCl solutions. There is ample evidence in the literature2ta2that there The Journal of Phvsical Chemistry
 
 is a minimum in the q+ us. qm curves for most other halide solutions and that the value of qm a t which this minimum occurs is a function of solution concentration, moving to more cathodic charges with increased concentration. Consequently, we should expect an Esin and Markov plot similar to that shown in Figure 6 for most halides, although it should be realized that measurements (although experimentally difficult to obtain) m may be necessary for in concentrations below this to be apparent. For example, Figure 4-2 in ref 25 exhibits almost strict linearity for KI, but not for KC1 especially near q m = 0. Unfortunately, plots for all values of qm are not included in Figure 4-2 (ref 25). One interpretation of the Esin and Markov behavior attributes a shift in the ecm potential toward increasingly negative potentials for predominant anion specific adsorption, and toward positive potentials for predominant cation adsorption. Further, when both anions and cations are strongly adsorbed, the sign of the shift of potential may be reversed as the concentration changes. This interpretation may be extended to all values of qm; however, its implication must be limited because the Esin and Markov coefficient reflects only what species determine the double-layer structure. Inspection of Figure 6 shows that the positions of the minima are also dependent on electrode charge and chemical potential. This complex behavior points again to the uniqueness of Li+ in affecting the configuration of the double layer. (e) Entropies of Adsorption. Although our discussion thus far has concentrated on the constant temperature behavior of LiC1, a large range of temperatures, as stated in the Experimental Section, has been systematically studied as well. Figures 7 and 8 illustrate the
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 Figure 9. The charge dependence of the temperature coefficient of the applied electrode potential (dE/bT),, for LiCl solutions: 0,3.19 mn; X, 2.08 m; 0, 1.02 m; and A, 0.20 m.
 
 4001
 
 Figure 8. Temperature dependence of the interfacial tension at constant charge in LiCl solutions: (a) 2.08 m; (b) 0.20 m.
 
 temperature dependence a t constant prn of the electrode potential and the surface tension, respectively. Of particular interest is the linearity of each curve at all values of qm between 10 and 20 pC/cm2. While only two concentrations are shown, linear plots were observed in all other solutions studied. The slopes of these straight lines may be used to define entropies of adsorption. (bE-/dT),,,,, has been interpreted by Grahamea3 and Randles and Whitely4 as am entropy of adsorption term (AS)for the reaction
 
 -
 
 HgCl
 
 + T+(LiC)l), = Hg+, + C1-a
 
 + T+(LiCl)*,
 
 (11)
 
 where the symbol T+ is the transference number of the cation in the double layer and the subscript “a” represents the species in the “adsorbed” state. Figure 9 shows that this entropy is a function of both electrode charge and solution composition, The electrocapillary equation (eq 8 ) )on the other hand, allows the evaluation of a surface excess entropy of adsorption,26Fa,from the
 
 2t
 
 1 1 20
 
 I
 
 I
 
 I
 
 I6
 
 IO
 
 8
 
 4
 
 q,pc ou+
 
 I
 
 I
 
 1
 
 0
 
 -4
 
 -6
 
 m?
 
 Figure 10. Surface excess entropy as a function of charge for L E 1 solutions: 0, 0.10 m; X, 0.51 m; A, 1.55 m; and 0, 3.19 m.
 
 coefficient ( h ~ / d T ) ~ , ~which , , , may be contrasted with AS through the usage of Parsons’ auxiliary function
 
 t+
 
 = Y
 
 + QmE-
 
 (12)
 
 to define the equivalent (eq 52b in ref 26) excess entropy at constant charge
 
 --(~E+lW,,F,,
 
 =
 
 r 8
 
 (13)
 
 Figure 10 illustrates that this too is a function of surface charge and solution concentration. Unfortunately, the interpretation of these entropy terms, as well as other thermodynamic properties of adsorption not presented here, e.g., free energies and (33) D. C . Grrthame, J. Chem. Phys., 16, 1117 (1948).
 
 Volume 73, Number 11 November 1969
 
 3628
 
 PETERC. OWZARSKI AND W. E. RANZ
 
 heats of adsorption, are very complex. 34 Consequently, we will only point out that Figures 9 and 10 have the same shape as comparable plots for 0.1 m NaCl presented by Hills and Payne (Figures 6 and 10 in ref 6), but that the Grahame entropy values (bE/bT) are smaller for LiCl than for NaC1, while the rSvalues are much larger. AS33 is not surprisingly smaller for LiCl than for NaCl aqueous solutions because Li+ is a stronger structure maker than Na+.31 This is inherent in the way through which AS has been defined. By eq 11 we may infer that Li+ ions are transported from a more strongly hydrated and restricted state than N a + to another restricted adsorbed state at the mercurysolution interface. We are inclined to prefer Fa as a better parameter for representing the entropy of adsorption not only because it can be calculated directly from interfacial data as shown in eq 13, but also because rsincludes in an intrinsic way the charging of the double layer.0 The reverse trend in rSfor LiCl and NaCl indicates that the overall double-layer environment
 
 (particularly the effect of charging the double layers) is more restrictive in lithium chloride solution. These observations are perhaps not inconsistent with the complex Esin and Markov effect and the apparently unusual q+ results for dilute solutions presented earlier in this paper. Further investigations with other lithium halide salts are in progress35which may eventually help to further clarify the unique chemical nature of Li+ ions in the electrical double layer.
 
 Acknowledgments. E. W. H. is indebted to Carleton University for the award of an Open Fellowship. Financial support by the National Research Council of Canada is gratefully acknowledged. We are also indebted to Professor M. C. Giordano for helpful experimmtal assistance and valuable discussions. (34) R. Parsons, Can. J . Chem., 37,308 (1959). (35) E. W. Hermann, M. C. Giordano, and R. G. Barradas, unpub-
 
 lished results.
 
 Structured Liquids near Platinum Electrodes’ by Peter C. OwzarskP and W. E. Ranz Department of Chemical Engineering, University of Minnesota, Minneapolia, Minnesota 66466 (Received February 21, 1969)
 
 A voltage-step method was used to measure the diffusion coefficient of 1 9 near platinum microelectrodes in primary normal aliphatic alcohols containing 0.5 N LiCl. Diffusivities observed were lower than bulk-phase liquid diffusivities. This indicates the presence of liquid structures different from bulk phase liquid. Irregular transients obtained in the solvents 1-hexanol, 1-heptanol, and 1-octanol could be described by an analytical solution of the diffusion equation using first-order electrode kinetics and a spacial step change in diffusivity a t a distance 6 from the electrode. Diffusivity ratios, D(bulk)/D(6 region), were 80 in 1-heptanol, 15 in 1-hexanol, and 2 in 1-octanol. Corresponding step-function thicknesses were 200, 400, and 4000 A, respectively, a t 25”. Regular transients observed in solvents methanol through 1-pentanol gave apparent diffusivities close to predicted bulk liquid values. However, first-order rate constants for the latter were attenuated as solvent molecular weight increased. This may be attributed to a rigid region whose penetration time is less than the doublelayer charging times, Estimates of such a 6 for solvents methanol through 1-pentanol agree with the trend established from anomalous transients in 1-hexanol, 1-heptanol, and 1-octanol. These results indicate that multilayer solvent orientation increases as the aliphatic chain length increases, but the diffusivities near the surface are less different from the bulk-phase diffusivities for larger chain lengths.
 
 Introduction The significance of the third dimension in liquids near phase interfaces is being r e a l i ~ e d . ~ -That ~ liquids may have structures and hence properties different from bulk phase in the interfacial region has significance in many chemical and biological processes. In this work an experimental technique is described for detecting the extent and diffusivity of the “structured” region in polar The Journal of Physical Chemistry
 
 liquid electrolyte solutions. A transient diffusional electrolytic process, the voltage step, is analyzed with an (1) This research was supported by N.D.E.A., N.A.S.A., and Fridley Foundation fellowships. (2) Battelle Memorial Institute, Pacific Northwest Laboratory, Richland, Wash. 99362. (3) J. C. Henniker, Rev. Mod. Phys., 21, 322 (1949). (4) B. V. Deryagin, Ed,, “Research in Surface Foroes,” Vol. 1, Consultants Bureau, New York, N. y., 1963.
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