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Binary mutual diffision coefficients of aqueous solutions of LiF. NaF and KF have 

been measured by the Taylor dispersion (peak-broadening) technique at 25 O C .  The measured 

diffusion coefficients are used to evduate resistance coefficients for the mutual difision of 

aqueous fluoride salts. The results help to complete the database for aqueous alkali halides, 

the simplen of al1 aqueous electrolytes. 

Binary difision coefficients have also been measured for aqueous solutions of 

ethylamine, diethyiamine and triethylamine at concentrations fiom 0.2 to 100 rnrnol dm ". and 

for aqueous solutions of the isomers of aminobenzoic acid at concentrations from 0.05 to 1 0.0 

mm01 dm". In dilute solutions the diffision coe6cient of these weak bases and acids changes 

very rapidly with concentration because of ionic dissociation or hydrolysis reactions. In this 

region the measured dinusion coefficients are interpolated or extrapolated to zero initial 

concentration difference to determine the true digerentiai difision coefficient at each carrier- 

Stream composition. These results show that Taylor dispersion c m  be used to measure 

difision in d£Eicult cases where the diffusion coefficient changes rapidly with concentration 

dong the diffusion path. Analysis of the results provides the mobilities of the ionic and 

molecular forms of the solutes. The results illustrate that the diffision coefficient of a weak 

electrolyte is not the simple concentration-weighted average of the diffusion coefficients of 

the molecular and ionized forms of the total electrolyte. 

A new dispersion experiment is developed by comecting the outlet of a shon 

dispersion tube to the pwnp inlet to form a closed-circuit flow path. At the stari of each run, 



one haif'ofthe circuit is filled initially with solution at concentration C' + ( A U ? )  and the other 

half is filled with solution at concentration (' - (A(72) .  Pumping the solutions around the 

circuit generates exponentiailydamped concentration oscillations in a refiactometer detector. 

Fourier analysis of the detector signal gives the diffusion coefficients. The modified 

dispersion expenment allows difision rneasurements to be made on a few milliliters of 

solution instead of hundreds of milliliten required for conventional dispersion measurements. 

The closed-circuit is used to measure the binary diffusion coefficient of aqueous LaCl, at 

concentrations fiom 0 .O 1 5 to 1.784 mol dm" at 25 OC. Resistance coefficients of LaCI, are 

then evduated. 
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Difision is a fundamental rnixing process in which concentration differences are 

smoothed out by the random thermal motions of molecuIes. Because diffision is slow, it 

limits the rates of important chernical. biological, geological and industrial mass transfer 

processes In addition, difision measurements can provide valuable information about 

intermolecular forces. the stmcture of solutions, and the sizes and shapes of ions and 

molecuies. 

The work reporied in this thesis is a study of diffision in a number of b i n q  aqueous 

electrolyte solutions. Difision in these systems is described by Fick' s diffusion equation 

where CC is the gradient in the electrolyte concentration. J is the electrolyte flux and D is the 

binary coefficient. The physical interpretation of electrolyte diffusion coefficients (and the 

closely related rnobility and resistance coefficients) is summarized briefly in Chapter 2. 

Electrolyte difision coefficients can be rneasured by a variety of opticaL1'l 

conductimetric," and diaphragm-ceu  technique^.^'^ These methods are well-established and 

reliable. but the experimental procedures are laborious and tirne-consuming. Recently. a 

much more convenient diffusion experiment based on Taylor dispersion has been 

de~eloped."-'~ In a Taylor experiment, a narrow band of solution is injected into a larninar 

carrier solution which is pumped through a long (-3000 cm) capillary tube. The injeded 

solute spreads out into a nearly Gaussian profie as it flows dong the tube. Diffision 
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coefficients are evaluated from the shape of the eluted solute peak which is monitored by a 

suitable detector, such as a fl ow-through refractometer. This technique is rapid, accurate 

(4%). and fiee of errors from convection. 4 1  of the difision coefficients reported in this 

thesis were measured by the Taylor dispersion. The theory and procedure of this technique 

are briefly describeci in Chapter 3 

Over the years a large body of diffusion data has been reported for aqueous solutions 

of alkali halides (LiCi, NaCl. KCI. NaBr, etc.), the simplest of al1 aqueous electrolytes. Yet, 

surprisin& reliable difksion coefficients are nill not available for aqueous fluorides, perhaps 

because these solutions can etch conventional glass diffision cells. especially under acidic 

conditions. In Chapter 4. binaq diffusion coefficients are reported for aqueous solutions of 

LiF, NaF and K F  These results together with preiiously reponed activity and density data 

are used to evaluate resistance coefficients for the aqueous Buonde salts. The results bill help 

to complete the database for aqueous alkdi halides. Moreover, fluonde salts are especially 

interesting because the aqueous F' ion the fist rnember of the halide series. has unusual 

properties, such as strong hydration, which are not suggested by extrapolation of the 

properties of Cl; Br' and 1- ions. 

Chapters 5 and 6 of this thesis deal with the diffusion behavior of weak electrolytes. 

Since weak elecuolytes diffuse in solution as molecular species together with ions produced 

by dissociation (e.g., AB + A- + 8), their difisional properties are more complex than 

those for either strong electrolytes or non-ele~trolytes.'*~~~'~ Dissociation influences the rate 

of the difision of a weak efectrolyte in two ways. First, by increasing the number of free 

solute particles, dissociation increases the fiee-energy (chernical-potential) gradient that drives 

the solute through the s o h t .  Secondly, dissociation tends to reduce the overall mobiiity of 
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the weak electrol'e because the movement of two separate ions experiences more frictional 

resistance than transport of a single molecular species. This means that diffusion 

measurements can provide information about the mobilities and themodynamic activities of 

species in solution. 

Binary diffusion coefficients are reported in Chapters 5 and 6 for aqueous soiutions 

of the foUowuig weak electrolytes: ethylamine, diethylamine, triethylarnine. and the isorners 

of arninobenzoic acid. The difision coefficient of a solution of a weak base or a weak acid 

changes very rapidly at low concentrations where dissociation becomes extensive. This 

causes the measured diffusion coefficients to vary with the initial concentration difference. 

yielding an ill-defined apparent diffusion coefficient corresponding to some concentration 

intermediate between that of the injected solution and the carrier solution. The work reponed 

here shows that this difficulty can be overcome by interpolating or elrtrapolating measured 

diflùsion coefficients to zero initial concentration difference in order to determine an accurate 

value for the difiüsion coefficient at each carier-solution composition. It tums out, 

counterintuitively, that the diffusion coefficient of a weak electroiyte is not the concentration- 

weighted average of the diffusion coefficients of the molecular and ionized forms of the total 

electrolyte. 

Chapter 7 of this thesis deals with a modification of the conventional Taylor 

experiment: dispersion in a ring. Closed-circuit flow is achieved by comecting the outlet of 

a short dispersion tube to the pump inlet. At the start of each run, one half of the circuit is 

filled with solution at concentration C + (AC/2), the other half is filied with solution at 

concentration C - (ACl2). Because the average concentration of the diffùsing solute (C) 

around the circuit is constant, larger concentration merences and less sensitive detectors cm 
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be used in the meanirements -Moreover. rgirculation drastically reduces the required volume 

of solution relative to that used in traditional once-through Taylor dispersion measurements, 

from liters to milliliters To illustrate these advantages, closed-circuit Taylor dispersion is 

used to measure binary diffbsion coefficients for concentrated aqueous solutions of LaCI,. 

This work was undenaken to investigate the diaision behavior of a hisher-valent salt. 

Puritied LaCI, is relatively eupensive, so it is important in practice to be able to make reliable 

diffusion meaairements on srnail volumes of solution of this salt. The problem of dispersion 

in a closed-circuit is shown to bear a striking resemblance to the problem of heat flow in a 

ring-shaped thermal conducror - the first application of Fourier analysis. 
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DIFFUSION EQUATIONS FOR BLNARY SOLUTIONS 

2.1. Fick's Laws 

Graham ' ( 1850) appears to be the first to understand that the rate of diffusion of a 

substance is proportional to its concentration gradient. Later, in the 1880's. Fick established 

the empirical equations for difhsion.' For a two-component system. he obtained the expression 

where J is the solute flux in moles per unit area per unit tirne. D is the bina? difision 

coefficient and VC is the gradient in the solute concentration. Eqn. (S. 1.1) is often called Fick's 

first law of difision. 

During unsteady difision processes, concentrations change with time along the 

difision path. Eqn. (2.1.1 ) and the continuity equation 

lead to the expression 

for the rate of change of concentration. Eqn. (2.1.3) is called Fick's second law of diffusion. 



2.2. Onsager Equation and Mobility 

Fick's equations provide a convenient ernpincal description of difision in terms of 

measurable concentration gradients. On a more fundamentai level. Onsager ' reco-mùzed that 

the correct driving force for the diffusion of a solute is the gradient in its chemical potential 

L is called the Onsager transport coefficient and Vp is the gradient in the solute chemical 

potential. Onsager coefficients and difision coefficients are related as follows 

Another usefbl quantity. the solute mobility i[ is defined as the ratio of the diffusion 

veiocity to the driving force.' 

Qualitatively, the mobility of a solute is inversely proportional to the effective diameter of the 

solute molecules and the viscosity of the solvent. 

It is tempting to think of the difision coefficient as a purely kinetic quantity. 

Combining eqns. (2.2.2) and (2.2.3) shows, however, that the diffusion coefficient is the 

product of both a mobility and an equilibrium thermodynamic factor. 

The thermodynamic factor is ofien overlooked in difision studies. 



2.3. Electrolyte Diffusion 

In a solution containing a single electrolpe (such as HCl dissolved in uater). the 

dasion of two ionic species (r -g.  H - and Cl -) is strongly coupled by rhe electric field which 

is generated to slow down the more mobile ion and speed up the slower one so that charge 

separation is prevented. Because the two ions difise at the same rate. only one solute flux is 

independent and hence the bina- difision equations apply. 

In dilute electrolyte solutions. the difision velocity of ion r can be expressed 

approximately as the producr of its rnobility (il:) and the driving force (-Q;) acting on the ion. 

\Pz = -@,Ù: (3.3.1) 

Here ,fi,, is the electrochemical potential of ion i. the sum of its chernical potential p and its 

electric potential energy z.Fq5. 

,cl = pl - z.F# ( 2 . 2 2 )  

z : is the valence of ion i. F the Faraday constant. and q5 the electric potential. The chernical 

potential is given by 

R is the gas constant, T the temperature, p o  the standard c hemical potential of ion i. and y, the 

ionic activity coefficient (a measure of the depamire From ideal-solution behavior). The driving 

force acting on each ion is therefore 

- 2 ,  = -(R AQn yic, + $V@) (2.3.4) 

Defining the eiearic field. E = -V& gives 

-Vp, = -R7Vhy,cI + :,FE (2.3.5) 

In very dilute solutions, y, is unity, and eqn. (2.3 - 5 )  simplifies to 



-V,t?: = -RAZnc, - =.FE 

The flux of ion i is the product of its concentration and difision speed 

and hence 

Identi-ng R TI/: as the diffusion coefficient of ion i gives 

j, = -DIVc*l - (F/RT)c,z,DE 

This important result is the Nernst-Planck equation.' The first term on the right side of 

eqn (2.3 9 )  is the flux of ion i contributed by pure difision of the ion d o m  its concentration 

gradient. The second term is the ionic flux driven by the electric field. 
c. 

2.4. Strong Electrolyte Diffusion 

Consider salt ?v$X,, one mole of which dissociates into p moles of cations of valence 

z. and q moles of anions of valence z-. The cations Mz- and anions .Yz' must difise at the same 

velocity to keep the solution electrically neutral. 

Solving for the electric-field tenn FE gives 
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Csing the electroneutrality condition 

and the fact that the chernical potential of the electrolyte is the sum of the electrochernical 

potentials of its constituent ions 

11 -14 _ 
1' = - 

II -24 - 

pK + q11- 
@V,K + qVpJ  = - 

Pt(. - qrr - 
Cu 

Then flux of the electrolyte is therefore 

Comparing eqns. (2.4.6) and ( 2 1 . 1  ) shows that the binary difision coefficient of the electrolyte 

is given by 

In addition, eqns. (2.4.7) and (2.2.4) show that the mobility of the electrolyte is 



The quantity RTL/(' is ofien called the -'rnobility factoi' of an electrolyte 

To evaluate the thermodynamic contribution to the difision coefficient. we start by 

ex pressing the chernical potential of the electrolyte Y X q  as the sum of the electrochemical 

potentids of the constituent ions 

,u = p,& - qfi. = ~ ( ~ i 7 - O  + RAny-c. + :l#) - qw - R Z n  y-c- + 2-F#) 

(2.4.10) 

Note that c . =pC. c- = qC' and pz .  F# - q: - Fcp = O. By defining the mean ionic activity 

coefficient y= 

eqn. (2.410) simplifies to 

Differentiation gives 

for the thermodynamic factor (CIR 7)dp/dC of the electrolyte. 

Substituting eqn. (2.4.13) and the expression for the limiting eguivaient conductivity 



into eqn. (2.4.7) yields 

D = 
RT(p - ~)AOR ( - din y- ) - 

For an uifinitely dilute solution the activity-coefficient term d;n y= dCn( ' is zero and the 

limiting expressions 

RTP - RTZAU Iim - - 

C dp lim - - = p  - C I  
('-0 RT dC' 

are obtained for the rnobility. thermodynamic factor. and dias ion coefficient of electrolyte 

YS - 
The limiting diffusion coefficients of the ions are related to their rnobilities and 

equivalent conductivities by 

and 



Substituting eqn. (2.420) into eqn. (14.18) gives the expression 

for the limiting diffusion coefficient of the electrolyte in terms of the limiting difision 

coefficients of its constituent ions. 

Eqns. (2.4.18) and (2.4.21) proiide an accurate estimate ofD only in the limit of infinite 

dilution. At higher concentrations. D values c m  be estimated by applying correction factors 

to D' to ailow for nonideal thennodynamic behaiior and the increase in the solution viscosity. 

$ and 7 are the Mscosities of the pure solvent and the solution respectively 

2.5. Weak Electrolyte Diffusion 

-4 weak electrolyte, such as aqueous acetic acid, is not cornpletely dissociated into its 

constituent ions. Diffusion of these electrolytes is cornplicated because the molecular form of 

the electrolyte diffuses in local equilibrium with its ionic forms. 

In an aqueous solution of weak acid for example, the following equilibnum exist s: 

HA H -  + A *  
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In this case there are fluxes of three solute species. which may be numbered: O rnolecular HA: 

1 H ; 2. tY . However, there are also two constraints on the fluxes of the species: 

electroneutrality and local equilibriurn of the dissociation reaction. Hence there is still only one 

independent solute flux, and eqns. (2.1.1 ) and (2.2.1) for binary difision still apply. 

The flux of the "totalf' electrolyte is the m m  of fluxes of the molecular KA and 

dissociated A- species. 

Thus 

-LVj& = -[,,V,Z,, - p"fï2 (2 .52)  

where L is the ûnsager transpon coefficient of the total weak electrolyte component and /, the 

Onsager transport coefficient of species i. The diffusion coefficient. Onsager coefficient. and 

mobility of species i are related as follows 

Because of the electroneutrdity requirement 

v = -pi2 

and the equilibrium condition 

v = v + vp2 

it follows that 



Substituting eqn. ( 2 5 . 6  j into eqn. (7.52)  gives the expression 

for the Onsager coefficient of the total weak electrolyte component in tems of the Onsager 

coefficients of the constituent species (HA. H', A-). 

Since I, = cp, l RT. one obtains 

Here a is the degree of hydrolysis which is calculated from the ionization constant of the 

rnolecular acid: 

y, is the activity coefficient of the molecular solute and a, is the actiiity of species i D= is the 

lirniting diffusion coefficient of fully ionized HA: 

Differentiation of eqn. (2.5.9) and 



yji y,) den ym 

[ l  + d!nC ) ?dinl] 
For a very diiute solution y, and y, are unity. Combining eqns (2. S. 8) and (2.51 2) and 

omitting the activity-coefficient terms yields 

This result is interesting and perhaps unexpected. It shows that the difision coefficient of 

a weak electroiyte is not a simple concentration-weighted average of the diffusion coefficients 

of the species. Ar.. 

For a weak electroiyre. the rhermodynamic factor is 

It ranges fiom 1 for a completely associated electrolyte (H4 a = O), to 2 for a completely 

dissociated electrolyte (H- + A', a= 1). The mobility factor is 
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CHAPTER 3 

TAYLOR DISPERSION MEASUREMEXTS 

The diffusion coefficients reported in this thesis were measured by the Taylor 

dispersion (peak-broadening) method. In this chapter the equipment and procedure used in 

Taylor dispersion measurements are briefly described. Other techniques could be used to 

measure diffusion. h o n g  these methods, diaphragm-ce11 and conductimetric techniques are 

reliable and well established.'" but they are also very tirne-consuming (several dqs are 

required for a single difision measurernent) and rarely used anyrnore. Though highly 

accurate (0.2% error in D), Gouy and Rayleigh optical interferometric techniques &' are 

elaborate and prone to gravitational instabilities and convection. Moreover. they are 

laborious. At moa. only one or two diffusion measurements can be made per day. 

Sir Geofiey Taylor published the first dispersion paper in 1953.~ Since then the 

technique has been used to measure difision coefficients for hundreds of different 

~ysterns."'~ At the start of a dispersion run, a small volume of solution is injected into a 

larninar carrier Stream at the entrance to a long capillary tube. The injected sample spreads 

out into a nearly Gaussian distribution as it flows along the tube. Diffusion coefficients are 

calculated from the shape of the eluted peak which is meanired by a suitable detector. such 

as a flow-through spectrophotometer or retiactometer. 

The Taylor dispersion technique has a number of important advantages. Rapid 

diffusion rneasuements are possible because a solute dispersion can be achieved in 1-2 hours. 

Erron from unwanted convection are completely avoided because the solutions are codned 
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within fine-bore tubing. Standard liquid chromatography pumps. valves. detectors available 

in many laboratories cm be employed. Equally imponant. the erpenmental procedure is 

readil y au tomated. 

3.1. Theory of Taylor Dispersion for Binary System 

Suppose a small volume AZqof solution containing solute at concentration C;, - A(' 

is injected at time r = O into a Iaminar carrier solution of slightly differenr concentration Ci 

flouhg at mean velocity r i  in a capillary tube of imer radius r. At the tube outlet. a distance 

I downstrearn fiom the injection point. the radially-averaged concentration of the dispersed 

solute is given by the expression '.'' 

where t ,  is the retention time 

Eqn. ( 3 . 1 )  is valid if the flow is laminar and if longitudinal difision is negligible l 8  (an 

accurate assurnption for liquids, but not gases) 

A liquid-chrornatography detector at the tube outlet monitors the eluted peak. The 

detector signal ?'(r). relative to the baseline signal Co + &r. is proportional to the changes in 

the concentration of the solute 



where s is the detector sensitivity The tem l ;f  is included to allou for small linear drifts in 

the baseline signal. usually a voltage. 

Combining eqns. (3.1 ) and ( 3 . 4 )  yields 

Since 1 IB(r - t ,) 'ir 3 = 1 ZD(r - r ,  ) 'lr '1, . eqn. (3.5) shows that the eluted sarnple peak 

resembles a Gaussian distribution of variance i ~ ~ l 2 . 1 ~ .  Here IL is the peak height relative 

to the baseline C i  - i ; r .  The parameters l o. I; . I A. i, and D can be detennined by using 

least squares to fit eqn. ( 3 5 )  to the measured detector signal. 

3.2. Experimental 

Teflon dispersion tubes were used in this work. The imer radius of each tube was 

determined by weighmg the tube when empty and when filled with water of know-n density. 

Each tube was coiled in the form of a 75-cm diameter he1i.u and held at 25.0 O C  in a 

thermostat. A metering pump (Gilson model hfiniPlus 2) was used to pump a carier 

solution though each tube at a typicd flow rate of about 0.2 cm3 min''. Solution sarnples 

were injectecl into the carrier solution by using an injection valve fitted with a 20 pL sample 

loop. The disperd  sample was monitored at the tube outlet by a liquid-chrornatography 

differential refiactometer detector (Waters model 410 or Gilson model 13 1). The 

refiactometer output voltages were displayed on a chart recorder (ABB Goerz model SE 



Fig. 3.1 Dispersion profile for a carrier Stream containing 100 mm01 L-' aqueous W 

solution; A(' = -25 mm01 L". 





Fig. 3.2 Schematic diagram of the Taylor dispersion apparatus. 
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120) and measured by a digital voltmeter (Hewiett-Packard mode1 3440 1 A)  at accurately- 

timed intervals (Fig. 3.1 ). The voltage readings were stored in a microcornputer for later 

analysis. Fig. 3.2 shows a schematic diagram of the Taylor dispersion equipment 

Al1 the chemicds used in this work were reagent-grade (>990/0 purity). Solutions 

were prepared with distilled. deionized water in calibrated ~olumettic flasks. Before each 

set of measurements, each dispersion tube and detector were flushed with 100-100 mL of 

carrier solution to establish a stable refractorneter baseline signal. Samples of solution were 

injected into the camer Stream at intervals of 60-90 minutes to avoid overlapping the 

dispersion peaks 
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CHAPTER 4 

MUTUAL DWFVSION Lx SOLUTIONS OF ALKALI METAL WLIDES. 

AQC'EOUS LiF, NaF AND KF AT 25 OC 

4.1. Introduction 

Studies of difision in eiectrol~te solutions '" provide basic information about mass 

transpon and its relation to the structure of solutions and the mobility, activity and solvation 

of ions. Diffusion coefficients for these systerns are also used in midies of electrochernical 

reactions, ion exchange, membrane separations, the growth and dissolution of crystals. the 

transmission of nerve impulses and many other important processes.' .Uthou& accurate 

diffusion data are relatively abundant for aqueous solutions of alkali halides,'14 no reiiable 

diffusion coefficients appear to be available for the fluorides except for the results of a 

conductimetric study" of diffusion in dilute HF and KF solutions (< 0.1 mol dm '3 1 -4 

possible explanation for the scarcity of diffusion data for aqueous fluonde solutions is their 

ability to attack glass, especially under acidic conditions. Etchuig would introduce solution 

impurities and damage the glas  ceils commonly employed in capillary-tube, h m  porous- 

diaphragm and optical interferometric difision experirnents.'*' 

In this study mutuai diffiision coefficients (interditfusion coefficients) are reported for 

b h a q  aqueous solutions of LiF and NaF. In addition, diffusion measurements for aqueous 

KF solutions are extended fiom 0.1 to 8.0 mol dm J. The results will help to complete the 

database for aqueous alkali halides, the siunplest of ail aqueous electrolytes. It many cases the 

first member in a chemicai series has properties which differ in interesting ways from the 
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properties suggested by extrapolation fiom higher in the series Indeed. the mobility of the 

aqueous F - ion is a surprising 40% smaller than the mobilities of CI '. Br ' and 1 * ions. ' It is 

therefore of interest to compare the diffusion of aqueous fluoride sdts with the difision of 

the correspondhg chlondes, bromides and iodides. Moreover. diffusion data for aqueous 

fluoride solutions can be used in studies of fluoride recovery from phosphate rock,16 silicate 

dissolution, " and the fluoridation of teeth. I 8  

4.2. Experirnental 

The mutual ditfusion coefficients reponed in this chapter were measured by the Taylor 

dispersion ( peak-broadening) met hod. "920 .4t the start of each run a 6-port Teflon injection 

valve was used to introduce 20 mm3 of solution into a laminar canier Stream of slightly 

different composition at the entrance to a Teflon dispersion tube (length 3448 cm imer radius 

r = 0.W3, cm). Row rates were controlled by a metering pump (Gilson model MiniPuls 4, 

size 13 Viton tubing) to give retention times of about 8 ks. 

Dispersion of the injected samples was monitored by a conductivity detector (Waters 

mode1 430, 7 mm3 Teflon flow ce11 with stainless-steel eiectrodes) or a differential 

refractometer (Waters model 401. twin 10 mm3 quartz flow cells) at the outlet of the 

dispersion tube. Detector voltages 111) were measured at accurately-timed 5-s intervals wit h 

a digital voltmeter (Hewiett-Packard model 3440 1 A). A 0.2 MPa backpressure regulator in 

the outlet line of each detector was used to prevent bubble formation and to maintain a steady 

flow of carrier solution. 

Bhary mutual difision coefficients (D) were evaluated by fitting the dispersion 

equation 



) = + ? ;r  + 1 (rdt)' 'exp[- 12D(t - r,)'/&] (4.1) 

to the detector voltages. The additional fitting parameters were the mean sarnpie retention 

t h e  t, , peak height IL, baseline voltage ri. and baseiine slope 1; (to allow for small linear 

drifts in the detector signal). 

The concentrations of the injected solutions and the canier solutions differed by 

-+0.002 mol dm " for the most dilute cmier solutions up to =O. 100 mol dm-' for the most 

concentrated solutions. -4 least two solutions of dEerent composition were injected into each 

carrier solution to confirm that the measured diffusion coefficients were independent of the 

initial concentration difference and therefore represented the differentiai value of the D at the 

camer-stream composition. 

Solutions were prqared in calibrated polypropylene volumetric flasks using distilled, 

deionized water and reagent-grade LiF, NaF and KF (Caledon Laboratones) The purity of 

each salt (> 9996) was determined by conversion to HF in colurnn of cation exchange beads 

foilowed by titration against standardized NaOH solutions ". The accuracy of the reponed 

salt concentrations is *O. 5%. 

4.3. ResuIts and Discussion 

Table 4.1 gives the average diffusion coefficient determined from six to eight 

injections into each carrier solution. Values of D from replicate injections were usudy  

reproducible to within *OS%. The diffusion measurements for the LiF and NaF solutions 

were restricted to relatively low concentrations by the limited solubilities of these salts (0.05 1 

and 0.98 mol dm-', respectively, at 25 OC)." 

Table 4.1 includes accurate limiting Do values for infinitely dilute solutions of LiF, 
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Table 4.1 Binary mutual difision coeficients. thermodynamic factors and resistance 

coefficients of aqueous LE. NaF and KF solutions at 75 O C  

LiF 

1 -2  13' - 

1.18; 



Table 4.1 (cont. ) 



Table 4.1 (cont. ) 

0.300 

0.300 

0.3 10 

O. 500 

O. 500 

O. 800 

1 .O0 

1 .rO 

2.00 

3.50 

3 .O0 

4.00 

5.00 

6.00 

6.50 

4-75 

7.00 

8 .O0 

'Calculated ffom limiting ionic conductivities. 

b Conductivity detector. 

Tlifferential refiactometer detector. 
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NaF and KF obtained independently from Nernst ' s equation D "(MF) = 2D *(M - )D '( F ' ) /[Do 

(31 -) + D '(F ')] and the limiting ionic difision coefficients Do(F ') = 1 482  x 10 '. D ' ( ~ i  -) 

= 1 .030~  ~ o ' ~ , D O ( N ~ - )  = 1 . 3 3 4 ~  10"andDO(K-)= 1 . 9 5 7 ~  10'~rn's*'. Thelatterwere 

calculated from the respective limiting ionic conductivities '*" ( A 0 )  0.005567, 0.003868. 

0.005010 and O 007350 S m' mol -' by using the relation D = R n  O I F '. R is the gas 

constant. T the temperature. and F the Faraday constant. 

The conductivity detector was weU suited to fluoride diffusion measurements because 

of its corrosion resistance. Unfortunately, this detector could not be used at sdt 

concentration above about O. 5 mol dm owing to the high background conductivity of the 

carrier solutions In this region dispersion was followed by the refractorneter detector. 

Despite concern that its quartz flow cells would be attacked. repeated check diffusion 

meanirements with 0.300 mol dm " aqueous TaCl solutions (D = 1 4 7 3  x 1 0 -9 rn ' s *'. from 

Rayleigh interferometry)' gave no indication of loss of sensitivity or increased noise in the 

rehactometer signal. The pH of the fluoride solutions used in this study (7.0 to 7.5) was 

evidently high enough to prevent significant etching. The NaCl mns served the additional 

purpose of indicating an accuracy of 11% for the reponed D values of the fluonde solutions. 

Fig. 4.1 shows that the diffusion coefficients of the LiF and NaF solutions decrease 

smoothly with increasing salt concentration. For the W solutions there is a shdlow minimum 

in D near 0.4 mol dm " foilowed by a weak maximum near 6 mol dm " . The diffusion 

coefficients of dilute E S  solutions determineci previously by a modified Harned 

conductimetric technique are also plotted in Fig. 4.1. Agreement with the present resuits is 

within the combined accuracies of the conductimetric (IO.5) and dispersion (*1%) 

measurement S. 



Fig. 4.1 Binary mutual difision coefficients of aqueous solutions of alkali metal halides at 

25 O C .  m. Limiting diffusion coefficients of LiF, NaF and KF calculated fiom ionic 

conductivities. o. D values for LiF. NaF and KF measured by Taylor dispersion 

with the conductivity detector a. D values for NaF and KF measured by Taylor 

dispersion with the refiactorneter detector. 0, D values for KF measured by 

Harned's restricted-diffision method. l 5  
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Over the years conductirnetric. optical. and diaphragm-ce11 techniques have been used 

to measure accurate binary mutuai diffhsion coefficients for 10 other aqueous aikali halides: 

~ i C l , ~ '  LiBr," NaC1,L8 NaBr," ~ a 1 , '  K C ~ , ~ . ' ~  KBr." KI," RbCl and CSCI." There are far 

too many overlapping data points to crowd ont0 a single plot. Instead. the polynomials in 

C" s h o w  in Fig. 4.1 were fiaed to the reported D values for cornpanson with the present 

fluoride results. In cases where two or more data sets were available for the same salt over 

the same concentration range, only the most accurate difision coefficients fiom optical 

interferometry 'O.'' were used in the fitting procedure. 

The collection of data in Fig. 4.1 reveais a curious result: aqueous alkali haiides can 

be classifieci into three main groups depending on their diffusion coefficients in dilute 

solutions (< 0.1 mol dmJ). In this region differences in the D values are governed primarily 

by differences in the ionic difision coefficients for each salt. At 25 O C  the limiting difision 

coefficients ' of K -, Rb -, Cs *, Cl ', Br -. and 1 ' ions are neariy identicai: 1.95 7, 2.072. 2.057, 

2.033. 2.08 1, and 2.056, respectively (in units of 10" m' s"), so it is not surpnsing that D 

values for dilute KCl, KBr. Ki, RbCl and CsCl solutions are grouped together. By 

coincidence, however, the d-ffision coefficients of Na ' and F - ions are similar: ' 1.334 x 

10 -9 and 1.475 x 1 O-' m' s-' , respectively. Hence KF, NaCI, NaBr and Na1 form a second 

group of saits with similar diffusion coefficients in dilute solution. By further coincidence, 

LiBr, LiCl and NaF forma third group of salts with simi1arD values below 0.1 mol dm*3. Li- 

and F - ions have the smaliest diûùsion coefficient s of ail the ions in the aikali halide series. ' s D  

Consequently, LiF stands alone as the slowest alkali halide. 

The simple pattern of diffiision cwfficients o b m e d  for dilute solutions cleariy breaks 

down at hi& salt concentrations. For example, the diffusion coefficients of LiBr, Nai, KCI. 
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KBr, KI, RbCl and CsCl increase relatively rapidly with concentratioa producing a number 

of crossovers. The complicated concentration dependence of D can be attributed in part to 

the fact diffision coefficients relate solute fiuxes to solute concentration gradients, whereas 

chernical potential gradients are the fùndamental driving forces for diffusion." Concentrated 

salt solutions tend to be strongly nonideal. Changes in activity coefficients can therefore 

produce large changes in the chemicd-potential driving force per unit concentration gradient. 

In order to understand the concentration dependence of D it is helpful to use the resistance 

coefficient ' 

to factor out the thermodynamic contribution to D. A meanire of the fnctional drag per mole 

of difising salt. q, gives the driving force per mole of salt (-Vaul) required to maintain unit 

relative velocity (v, - vo) beween the diffising sait( 1 ) and solvent(0) cornponents. p,  and m, 

denote the salt chernical potential and molality. 

For the solutions considered here dp ,/dlnm, = 2RT( 1 dln yldlnm, ), where 

mean ionic activity coefficient, and hence 

y is the 

(4.3) 

p is inversely related to the "thermodynamic diffusion coefficient" M used by some 

authors: 7.8,lo.ll (oI2RT= 1/M. 

No activity data appear to be adab le  for aqueous LiF solutions, but accurate activity 



coefficients have been reponed for aqueous NaF and KF. Table 4.1 gives values of 1 + 

dln yldlnm, for these solutions calculated from the y values recommended by Hamer and 

Wu. Published densitie? were used to conven salt molalities (m, ) to molarities ((3. 

Values of @=T calculated from the measured diffusion coefficients by using eqn. (4.3 ) are 

also presented in Table 4.1. Over the concentration range from 0.0 to 8,O mol dm " the 

resistance coefficient of aqueous KF increases by a factor of about 1.5. a substantiai variation. 

Over a more limited concentration range, 0.0 to 0.9 mol dm", the resistance coefficient of 

aqueous NaF varies by ody 4Oh. 

Activity data taken from the literature were used to evaluate the themodynarnic 

tànors show in Fig. 4.3 for the other aikali halide solutions. Values of 1 - (dln yldlnm,) for 

concentrated LiCl and LBr solutions are especially large because the amount of "fiee" water 

is reduced by strong hydration of the Li' ions. These solutions are effectively more 

concentrated than niggested by simple stoichiometric concent rations. which in tum raises the 

salt activity coefficient and the thermodynamic driving force for diffusion. Hydration of 

aqueous F- ions is aiso relatively strong. This is why themodynamic factors for aqueous KF 

solutions rise more steeply than for KC1 or KBr solutions. 

DBÙsion coefficients and thermodynamic factors for the aqueous alkali halides were 

used to calculate the @2RT values shown in Fig. 4.3. It has been noted in previous 

midies7."."11' that the concentration dependence of thermodynamic diffusion coefficients (and 

hence p) is more regular than the concentration dependence of D. Figures 4.1 and 4.3 arnply 

illustrate this point. However, the concentration dependence of q can be much stronger than 

that of D. As shown in Fig. 4.1, the values of D for each salt solution usually Vary by 

considerabty less than 50%. Yet the corresponding values of @RI plotted in Fig. 4.3 more 



Fig. 4.2 Thermodynamic at 25 O C  for aqueous alkali halides plotted against the 

square root of the concentration of each salt. Published densities7-8-L0-L1-1J-75-18 were 

used to convert salt moldities (ml) to molarities (0. 





Fig. 4.3 Values of (d?RT for aqueous alkali halide solutions ploned against the square root 

of the concentration of each salt. 
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than double for LiBr, N d  and KF solutions, and there is a three-fold increase in the resistance 

coefficient for the LiCl solutions. Factoring out the thermodpamic contribution to D c m  

therefore magnify the concentration dependence of the resulting resistance coefficient or 

thermodqnamic difision coefficient. 

The importance of the thermodynamic contribution to D has been emphasised in 

recent studies of d a s i o n  in concentrated sait  solution^.^-^-'^^^^ It is known. however, that 

changes in the solution viscosity '-' are important too. In fact. the iiscosity dominates the 

concentration dependence of D for some systems.'." 

To explore the relationship between the resistance coefficients and the viscosities of 

alkali halide solutions, published data 1327'32 were used to calculate the relative viscosities 

plotted in Fig. 4.4. A direct relation between p and I )  is not expected. In dilute solutions. 

for example, the çixosity u 4 y  increases more rapidly than the resistance coefficient.'-' But 

the plot of the relative Mscosities of the alkali halide solutions (Fig. 1.4) does bear a 

qualitative resemblance to the plot of @2RT values (Fig. 4 3 ) .  In particular. the relatively 

large resistance coefficients of concentrated solutions of LiCI, LiBr. NaCl. Nd and KF are 

consistent with the relatively large viscosities of these solutions. 

To emphasise that the Mscosity accounts for the bulk of the concentration dependence 

of the resistance coefficients, "viscosity-correct&" values of (@2R T)( f l  q) are ploned in Fig. 

4.5 employing the same scaie used for the plot of uncorrected gJ2R T values (Fig. 4.3). As 

anticipated, the correlation between the resistance coefficient and the viscosity is not entirely 

satidkctory. For emple, the resistance coefficients of LiBr and NaF solutions increase more 

rapidly and less rapidly. respectively, than the solution viscosity. Nevenheless, the results 

illustrate that both thermodynamic and viscosity factors should be used to interpret mutuai 



Fig. 4.4 Relative Ms~osities'~-'"~' at 25 "C for aqueous alkali halide solutions. 





Fig. 4.5 Values of qJ2RT multiplied by the empirical viscosity correction factor $ 1 ~ .  The 

scale of this plot is deliberately chosen to match the scale of uncorrected @lRr 

values plotted in Fig. 4.3. 





difksion in concentrated salt sohtions. 
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CHAPTER 5 

CROSSOVER ErROM MOLECUUR TO IONIC DIFFUSION Tu DLLUTE 

AQUEOUS SOLUTIONS OF HYDROLYSED ETHYLA!kImE, DIETEWLA5IINE 

AND TRIETEiYLAMINE 

S. 1. Introduction 

Electrolyte difision has been the subject of numerous experimental and theoretical 

studie~.'"~ Moa of the work has focused on "strong" electrolytes. such as aqueous YaC1.1° 

It is weU known, however, rhat the difhsion of incompletely dissociated ("weak" ) electrolytes 

plays an essential role in many industrial, environmental, and biochernical processes. 

-Voreover, ion association has important implications for electrolyte transport because it 

changes both the mobility and the thermodynarnic driving force for difision."'-" 

Mutual diffusion coefficients (D)  have been reponed previously for aqueous acetic 

acid 13.14 and for severai other weak acids. 1"'5-'7 Although the dissociation K-2 .c H - - -4 - 

produces two additional solute species. H - A' , there are two additional constraints: 

electroneuvality and local equilibrium of the dissociation reaction. As a result, there is still 

only one independent solute flux. Difision of a weak acid can therefore be described by a 

single binary mutuai cliffision coefficient, Dl which relates the flux of total acid (molecular 

plus ionized foms) to the gradient in total acid concentration: J = -DVC. 

One of the remarkable properties of aqueous weak acids is the sharp drop in the 

mutual difision coefficient caused by ion association. Over the narrow concentration interval 

£tom 0.000 to 0.01 mol dm-3, for example, the muhial diffusion coefficient of aqueous acetic 
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acid14 drops frorn 1.95 x 1 O-' to 1 .?6 x 1 O-' cm2 j1 at 25" C hother  interesting feature 

concerns the relative contniutions to the mutual difision coefficient From the molecular and 

ionic fotms of a weak electrolyte. For a univalent weak acid at total concentration C' and 

ment of dissociation a it seems reax>rüible. at ûrst glance, to weight the rnolecular and ionic 

diffusion coefficients (D,, and DI respectively) in proponion to the molecular and ionic 

Fractions of the total acid. 

However, eqn. ( 5 .1  ) is not supponed by theory or expenment. Because mutual difE3sion 

fluxes are proportional to chemical concentration gradients, the molecular and ionic 

contniutions to D are weighted in proportion to the concentration derivatives d[( 1 -a )q /dC 

and d(aC)/dC, not according to the molecular and ionic concentrations ( 1 -a )C and aC. The 

' 14-1- correct weighting scheme leads to the approximate expression- 

for the concentration dependence of the mutual diffusion cuefficient of a dilute univalent weak 

acid. Corrections for electrophoresis, viscosity changes, and non-ideal solution be haviour cm 

be added to eqn. (5.2) for a more accurate description""' of the difision behaviour. In 

addition, eqn. (5.2) can be extended to polyvalent or rnixed weak acids." 

The theory developed for the dfision of weak acids should apply equally well to 

weak bases, such as aqueous triethylamine: (Et) ,N + HzO * et), NH - + OH'. In this 

chapter binary muniai diffusion coefficients are reported for dilute aqueous solutions of 
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ethylamine. diethylamine. and triethylamine. The results are analysed to determine the 

diffusion coefficients of the rnolecular (Et),NH, species and the corresponding (Et),NH -, 
ions. 

5.2. Experimental 

The diffusion meanirements reported here were made by the Taylor dispersion (peak- 

broadening) method. '-" .4t the start of each run a narrow band of solution at concentration 

C + AC is injecteci into a laminar carrier meam at concentration C. Difision coefficients are 

caiculated from absorbance or refiactive-index profiles measured across the eluted sample 

peak. in practice, small initiai concentration differences are employed so that the measured 

difision coefficients are independent of AC and therefore represent differential difision 

coefficients at the carrier-stream concentration. For dilute solutions of the aqueous amines. 

however. the strong concentration dependence of D causes the measured difision 

coefficients to drop with increasing values of AC, even for the smallest practicable initial 

concentration differences. The approach taken here is to measure apparent diffusion 

coefficients for several difEerent initial concentration differences and then interpolated or 

extrapolated to AC = O to give the true differential diffusion coefficient for each camer 

Stream. 

A metering pump rnaintained a steady laminar flow of carnier solution through a 

Teflon dispersion tube (length 3334 cm internai diameter 0.0947, cm). Slugs of solution of 

slightly higher or lower concentration (-15 mm01 dm " i AC s +IS mm01 dm" ) were 

introduced at the tube inlet through a six-port injection valve fitted with a 20 mm3 sarnple 

lwp. A flow-through dserential refractometer at the tube outlet rnonitored the broadened 
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distribution of the dispersed samples. Mutuai diffusion coefficients IA ere evaluated by fitting 

eqn. (3.5) to the refractometer voltages 1 Tt). Details of the equipment and procedure have 

been described previously. '"" 
Stock solutions of diethylamine and triethylarnine (ca. 0.2 mol dm") were prepared 

by dissolving the appropriate solute (Aldrich, 99.5 % purity) in distilled. deionized water. 

Ethylamine stock solutions were prepared by diluting a concentrated aqueous solution 

(Aldrich). Each stock solution was analysed by titrating weighed solution samples against 

standardized hydrochloric acid. Weighed arnounts of each stock were diluted with freshly 

distilled. deionized water in calibrated volumetnc flasks to prepare the solutions for the 

dfision measurements. -4 few viscosities and densities were rneasured with an Ubbelohde 

viscorneter and a single-stem pycnometer. 

Binary mutual diffusion coefficients of aqueous ethylarnine' diethylamine, and 

triethylamine were meanired at concentrations fiom 0.2 to 100 mrnol dm" at 25 O C .  .4t least 

six injections were made into each carrier Stream. Values of D from replicate injections were 

usuaiiy consistent within 196 or better for carrier-stream concentrations C' 1 .O mm01 dm'). 

In this region peaks generated by different initial concentration differences gave identical 

diffusion coefficients within the precision of the measurements. These D values were 

averaged to determine the differentid mutual diffusion coefficient for each carrier-strearn 

composition. 

Below 1 .O mm01 dm> however, the strong concentration dependence of D caused the 

measured difision coefficients to decrease as the injected solutions became more 

concentrated. In this region three or four solutions of difl'erent composition were injected 

into each carrier stream. Relatively smail initial concentration Werences were used (AC r 



Fig. 5.1 Apparent dfision coefficients measured for a 0.50 mmol dm" tnethylarnine carrier 

solution. The injected solution contained 0.00, 1.50, or 2.50 mmoi dmJ 

triethylamine (AC = -0.50. 1.00. and 2.00 mm01 dm", respectively). Linear 

interpolation to zero initial concentration difTerence gives 1 -04, x 1 0 -' cm ' s -' for 

the differentiai munial difis ion coefficient of 0.50 mm01 dm" aqueous 

triethylamine. 





3 mm01 dm") to ensure that the changes in the apparent diffision coefficients (Da,) were 

linear in AC. The D, values were interpolated or extrapolated to -1(' = O to give the 

differential diaision coefficient for each camer solution. This procedure is illustrated in Fig. 

5 . 1  for a 0.50 m o l  dm-' triethylamine carrier Stream. The diffusion measurements for the 

ethylamine solutions below 1.00 m o l  dm" were not reproducible because the relatively srnall 

refractive-index increment for this system resulted in smaller dispersion peaks and hence 

poorer signal-to-noise ratios. 

5.3. Results 

The results of the difision measurements are surnrnarized in Table 5 . 1 .  To help 

interpret the concentration dependence of D. Table 5 . 1  includes edents of hydrolysis (P) 

caiculated for each amine: M = ethylamine. diethylarnine. or triethylamine. 

The respective equilibnum constants 4.291 x 10 1, 8.604 x 1 04. and 7.39 1 x 1 O" were 

evaluated from reported molal-scale hydrolysis constants'" (K,J and the density of pure 

water @, = 0.99705 kg dmJ) according to the relationZ K = p, Km . Mean ionic activity 

coefficients for the hydrolysed portion of each amine were caidated from the semi-empincai 

relation3 
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Table 5.1' Binary mutual diffusion coefficients. mobilities, and therrnodynarnic factors for 

aqueous ethylamine, diethylarnine, and triethylamine at 25 O C  

--- 

Ethy lamine 

0.00 (1.94)~ 1.000 2.000 0.97 0.000 1 .O00 

1 .O0 1.37, 0.483 1.313 1 .O5 O. 006 1 . O00 

2.00 1.31, 0.377 1 -328 1 .O7 0.008 1.000 

5 00 1.26, O. 262 1.147 1.10 0.01 1 1 .O01 

10.0 1 .202 O. 195 1.105 1 .O9 0.014 1 .O02 

25 O 1.18, O. 130 1.067 1. 1  1 0.01 8 1 .O04 

50 O 1.15, 0.095 1 .O48 1-10 0.022 1 .O08 

100. O 1.14, 0.069 1 .O31 1 . 1  1 0.027 1.016 

Diethylamine 

1 .O00 2.000 0.80 0.000 

0.840 1.716 O. 82 0.005 

0.715 1.547 O. 82 0.008 

0.602 1.422 0.8 1 0.0 1 O 

0.487 1.3 14 O. 84 0.013 

0.350 1.206 O. 88 0.017 

0.266 1.148 0.86 0.02 1 



Tabte 5.1 (cont.) 

25.0 O. 93, 0.181 1 .O95 O 87 0.027 

Triethylamine 

2.000 0.66 

1.690 0.66 

1.519 0.69 

1.396 0.67 

1.294 0.68 

1.192 0.67 

1.138 O. 68 

1 .O88 0.68 

2 .O63 0.67 

1 .O45 0.67 

'Units: Cin mm01 dm"; D, Rn/and  A, in 10" m's".  

~xtrapolated value. 



where I = /?(' is the ionic strength in units of mol dm-' Because ail the solutions were dilute 

the activity of water and the activity coeffitient of the molecular amine species were set equal 

to unity. 

Hydrolysis increases the nurnber of free solute particles. a hich in tum increases the 

free-energy gradient, the drïving force for diffusion. The dimensionless thermodynamic 

factor" (CX?T)d,uIdC' provides a convenient measure of the changing driMng force. R is the 

gas constant. T the temperature, and ,n the solute chernical potential. 

DSerentiation of eqns. (5.3) and (5.5) shows that the thermodynamic factor equals Y(2 - P) 

for an ideal solution ( y =  = 1 )  In the limiting case of zero hyciroiysis. Y(2 - Pf equals 1 ; it 

increases to 2 for complete hydrolysis. The thermodynamic factors listed in Table 5.1 were 

calculated from the more accurare expression 

which includes the mean ionic activity coefficient to allow for non-ideal behaviour. 

Hydroiysis also changes the solute mobility, the diaision speed per unit driving force. 

Molar rnobility (LI) cm be calculated from thermodynamic factors and the measured mutual 

difiksion coefficients by using the identity D = LTC dp I dC. The hydroxide ion one of the 

hydrolysis products, has a relatively large mobility in water. Nevertheless, as shown in Table 
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5.1. hydrolysis demeases the mobility of each amine. Evidently the motion of separate !kW 

and OH' ions suffers more fictional resistance than the motion of a single M molecule. 

5.4. Discussion 

Hydroiysis becomes more complete as the concentration of each amine drops to zero. 

Extrapolation of D against C to zero concentration to determine the limiting diffusion 

coefficients of the completely hydrolysed amines is clearly unreliable in view of the non-linear 

concentration dependence. As shown in Fig 5.2, extrapolation against CI ' is also unsuitable. 

A better extrapolation of the data can be guided by the modified version of eqn. (5.2) 

in which the degree of dissociation of a weak acid has been replaced by the degree of 

hydrolysis of a weak base. Here D,, is the lirniting rnolecular amine diffision coefficient and 

D= is the Limiting Nernst diffusion coefficient1-' for the completely hydrolysed amine. 

The limiting difision coefficient of the aqueous hydroxide ion (Du, = 5.28 x 1ûS cm' s-') ' 

is known accurately fiom its limiting conductivity. It follows, fiom eqn. (5.7), that the 

mobility of a partially hydrolysed arnine is given approxirnately by (R7)-'[(1 - P)D,, + 

(PJ2)l-  

For a more accurate analysis of the concentration dependence of D. we will use the 



Fig. 5.2 Binary mutual diffusion coefficients of aqueous solutions of ethylamine. 

diethylamine, and triethylarnine ploned against the square root of the 

concentration: . measured values; - . fitted values, eqn. (5.9); --------, 

fiîted values. eqn. (5 .9)  with the viscosity factor #!q omined. The results are 

plotted against CL ' instead of C to avoid crowding the data points at the lower 

concentrations. 





enended version3'-" of eqn. (5.7) 

in which the mobility is corrected for electrophoresis and viscosity changes of the solution 

( 5 .  IO) 

and the thermodyamic factor is corrected for non-ideal behabiour [see eqn. (5 .6 ) ] .  Here q" 

and r]  are the Mscosities of the pure solvent and the solution, and A, is the fira-order 

electrophoretic correction. Because the ionic strengths of the solutions are very low. the 

simplified relation' 

was used to calculate A, with sufficient accuracy. The second-order electrophoretic 

correction was negligible. 

Rearrangement of eqn. (5 .9)  gives the transformed diffusion coefficient 

By design D'(C) is Iinear in /? and therefore weil niited for extrapolation to the lirniting values 

4, and DJ2 at p = O and p = 1, respectively. 



The fist step in the anaiysis was to estimate values ofD'((3 fîom the measured values 

of D(O. ignoring the srnall electrophoretic corrections. Linear least-squares extrapolation 

of these D'(C) values to p = 1 gave an approximate value of 0 1 2  for each amine. This 

ùiformation was used to estimate the limiting difision coefficients of the N(Et),H;, ions by 

using eqn. (5.8) together with the known difision coefficient of the hydroxide ion. 

Electrophoretic corrections and hence values of D1(C) could then be calculated. 

Fig. 5.3 shows values of D'(C) plotted against P for each amine. The molecular and 

ionic diffision coefficients derived by extrapolation to zero hydrolysis and complete 

hydrolysis are given in Table 5.2 . In Fig. 5.2, mutual diffision coefficients calculated from 

eqn. (5.9) (solid curves) are cornpared with the rneasured D values. The fit appears to be 

adequately good for each amine. 

The empirical factor $1 7 in eqn. (5.9) is based on the assurnption that an increase 

in the relative viscosity produces a corresponding decrease in the relative mobility of each 

amine. In general, however, the relative rnobility changes more slowly1-' than the relative 

viscosity. Thus $ / q probably "overcorrects" for the viscosity changes. Fortunately, the 

Mscosity corrections used in the present shidy are relatively d ( f l 7 c 1 -06) and t herefore 

not an important source of error. To illustrate this point, the difision data were reanalysed 

with the factor f l  q omitted fiom eqn. (5.9). The diffusion coefficients of the (Et),NH,, and 

(Et)&- species estimated by this procedure are compared, in Table 5.2, with the values 

obtained with the viscosity factor included in eqn. (5.9). The two sets of diffusion coefficients 

differ by only 0.0 1 x 10 4 to 0.02 x 10" cm' s-' . Fig. 5.2 shows that the omission of the 

viscosity factor does not decrease the ability of eqn. (5.9) to account for the concentration 

dependence of D for each amine. 



Fig. 5.3 Transformed diffusion coefficients D'(a [eqn. (5 .  l î ) ]  against the ex3ent of 

hydrolysis. Linear extrapolation of Dt(C) to P=I gives 0.97 x IO", 0.80 u IO" 

and 0.66 s 10 " cmL s-' for the values of D,/2 for ethylamine, diethylamine. and 

tnethyiamine. respectiveiy The values of D1(C) extrapolated to ,O = O give 1.13 

x 10 -', 0.89 x 10 *' and 0.70 x 1 O" cm' s" for the difision coefficients of the 

corresponding rnolecular amines. 





Table 5.2 Limiting difision coefficients of aqueous ions and molecules at 25 "C 

ion, MH- D,,-/ 1 0'' cm2 s" molecule D, J l  O" cm' s-' 

' Ref 2. Ref. 24. ' Viscosity factor omitted fiom eqn. (5.9). 
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Table 5 .? includes. for cornparison with the present resultj. the previously reponed 

limiting diffusion of molecular ammonia'' as well as the limiting difision coefficients of the 

ammonium and tetraethylarnmonium ions calculated From their limiting conductitities.' A s  

might be anticipated. the dasion coefficients of the (Et),W , molecules decrease smoothly 

as the number of ethyl substituents. and hence the molecular sire. increases. For the 

corresponding ions. there is a smooth decrease in the difision coefficients on moking fiom 

.IH,* to (Et),NH- in the series. It is interestins however, that the diffusion coefficient of the 

symmetncal (Et),N- ion is about 15% larger than the difision coefficient of the (Et),-iH- 

ion, despite the extra ethyl group carried by the former. (Et) ,T ' ions may experience less 

frictional resistance because of their nonpolar nature and hence ueaker interaction with the 

surrounding water molecules. In any event this result illustrates accurate diffusion for 

aqueous species are not easily predicted. 

In conclusion, equations developed previously for weak-acid difision adequately 

describe the concentration dependence of mutual difision coefficients for aqueous amine 

weak bases. The equations can be used to extrapolate with confidence. in order to evaluate 

dinusion coefficients for very dilute solutions beyond the capability of current rneasurement 

techniques. Analysis of the results provides the diffusion coefficients of the molecular amines 

and the corresponding protonated species. In addition, the present work shows that Taylor 

dispersion cm be used to measure difision coefficients in difficult cases where D changes 

rapidly with the concentration of the diffusing substance. 
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CHAPTER 6 

DIFFUSION IN AQUEOUS SOLUTIONS OF 

AMIlriOBENZOIC ACIDS AT 25 "C 

6.1. Introduction 

Mutuai diffusion coefficients for a number of aqueous weak electrolyte systems have 

been reported in previous studies.'" However, relatively few studies have dealt with the 

diffusion of amino acids, despite their practical imponance (in protein synthesis and drug 

manufacture,' for example). In addition, amino acids are used to inhibit metal corrosion.' 

ïhe interpretation of amino acid reaction and dissolution rates requires solubitity and 

difision data. The work reported in this chapter was undenaken to measure the mutuai 

diffusion coefficients of aqueous solutions of 2-aminobenzoic acid (7-ABAH), 3- 

aminobenzoic acid (3-ABAH), and 4-aminobenzoic acid (4--4BAH) at concentrations fiom 

0.05 to 10.0 m o l  dm-' at 25°C. Aithough accurate solubilities have been reponed for 

aqueous aminobenzoic acids (an important class of amino acids); no diffusion data appear 

to be avaiiable for these solutions. Another purpose of the work reported in this chapter is 

to predict the a s i o n  coefficients of these organic acids as a funaion of concentration and 

to verify the lVniting law for diffusion in these syaems. 

Diffusion in an aqueous solution of an amùiobenzoic acid is a binary process. In 4- 

AB AH solutions, for example, there are five solute species: H2N - C6H4 - COOH molecules, 

the zwiaerion H3N-Ca,  -Cûû*, and the -H3N - C6H4 - COOH, H2N - C6H4 - COO-, H* ions. 

But ody one solute flux is independent in view of the conmaints imposed by electroneutrality 
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and by the local equilibrium of the isomenzation and dissociation reactions: H,'; - C,H, - 

C W H  *'H3'I-CJ-&-COOi 'HIN-C,H,-COOH * H- + H,N-C.H,-COOH and H 2 N -  

C 3, - COOH + H H 3 - C $4, -CO0 '. Diffusion of an arninobenzoic acid can t herefore 

be described by a single mutual diffusion coefficient, D. 

Since highlp mobile hydrogen ions are produced by dissociation of the acids . there 

should be a correspondhg increase in the apparent difision coefficients of the aqueous 

aminobenzoic acid solutions. especially in dilute solutions where dissociation is extensive. 

Sharp increases in D might cause the experirnentd D values to va- with the initial 

concentration difference employd innead of representing the tme differential D value at the 

carrier-strearn composition. This consideration prornpted us to use the Taylor technique to 

determine the difision coefficients of the acids. In chapter 5. Taylor dispersion was 

wccessfüliy used to determine the diffusion of dilute amine solutions for which the measured 

D values v a s  with even the smallest praaicable initial concentration differences. Taylor 

dispersion should also be suitable for measuring diffusion in arninobenzoic acid solutions. 

6.2. Experimental 

Dinusion coefficients reported in diis chapter were measured by the Taylor dispersion 

(peak-broadening) method.'-' Details of the equipment have been described in previous 

chapters. A steady laminar flow of carrier solution at concentration C was confined within 

a Teflon dispersion tube (length 3334 cm, inner diarneter 0.0947, cm). At the start of each 

run, a sample of solution at concentration C + AC (-20 mm01 dm" s AC 5 +20 mm01 dm") 

was injected in the camier Stream. A differential refkactometer detector monitored the 

broadened sarnple solutions at the tube outlet. Binary diffusion coefficients were detennined 



by fining eqn (3 .2 )  to the detector voltages 1 I r ) .  

Binary difision coefficients of aqueous ?-..\BAH, L48M-I. and 1-.%BAH were 

rneasured at concentrations fiom 0. OS to 10.0 mm01 dm". From six ro eight injections were 

made into each flow solution. D values obtained From different initial concentration 

dinerences were usually reproducible within * 0. SO/O for flow-solution concentrations in the 

range C' 1 .O m o l  dm-' Yutual diffusion coefficients for these solutions were evaluated 

by simply averaging the measured D values. 

For camer-stream concentrations C' r 1 .O m o l  dm". however. the stronç 

concentration dependence of D caused the measured D values to decrease as the A' values 

increased, even for the srnailest initiai concentration Merences that were used. In this region 

srnaii initial concentration differences were used to ensure that the rneasured D values were 

hear in AC. These measured D values were then interpolated or emapolated to AC = O to 

determine the mutual difision coefficient at each flow-solution composition. 

Reagent-grade 2-ABN-I, 3--AH and 4-AB AH (Adrich >99.59& purity) were 

recrystallized from distilled. deionized water in a vacuum oven at 80°C Solutions of acids 

were prepared by dissolving weighted amounts of acids in distilled, deionized water in 

calibrated volumetric flasks. 

6.3. Results and Discussion 

There are two important reaction equilibria in aqueous solutions of an arninobenzoic 

acid : 
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Values of the thennodynamic equilibnurn constants K, and K1 are çiven in Table 6.1. 'A" 

Thus there are effectively four diffising solute species to be considered: 0. rZB.4H: I. 

AB AH,-; 2 .  ABA; 3. K .  In tems of the degree of dissociation of the acid. a = [ABX - ] 

/C, and the extent of formation of ABAH,-. which rnay be espressed as P = [.M3.Ui2-] : C: 

the concentrations of various solute species are given by [.M3-VI] = (1  - a - P ) C :  

[ABAH,-] = PC, [.U3.4-) = aC,  and [H- ] = (a- P)C Thermodynamics cannot 

distinguish the two neutral aminobenzoic acid species H$ - C,H, - COOH and 'H,N - C,H, - 

COO-. Therefore, following the usual convention, we use [.U3.4 ro represent the sum of 

the concentrations of the H,N - C,H, - COOH 

Values of a and ,O are caiculated from 

and -H,N - C,H, - COO- species. 

the equilibriurn relations 

where C = [ABAH] + [.4E3AHJ - [ABA'] is the total concentration of difhsing solute, and 

y, is the aaivity coefficient of species i. .4t the low concentrations used in the present study 

the activity coefficients of the molecular acid species y, can be set equal to unity without 

significant error The mean ionic activity coefficients y= were estirnated from the convenient 

relation " 



Table 6.1' Equilibrium constants of aqueous aminobenzoic acid at 25 O C  

Acid KI Kz 



076 
where I = crC' denotes the ionic strengrh in units of mol dm". Note that activity coefficients 

are omitted in eqn. (6.1 ). This approximation is based on the fact that y, in the numerator 

nearly cancels y,,:- in the denominator. The calculated values of a and P are recorded in 

Table 6.2. In very dilute solutions the concentrations of H' and AB.4- are approximately 

equal in view of the relatively minor concentration of ABAHl-. 

For a binary solution, the diffusion coefficient is the product of a rnobility and a 

therrnodynamic factor " 

where 

This result is obtained by differentiation of the expression 

for the chernical potential p of the aqueous acid. 

The rneasured diffision coefficients are listed in the second column of Table 6.2. 

Thermodynarnic values calculated from eqn. (6.5) are listed in the sixth column. At low 

concentrations, the strong concentration dependence of the thermodynamic factor is evident. 

This behaviour is reasonable since the extensive dissociation of each acid in dilute solutions 

arongly increases the number of solute species per formula weight of the electrolyte, thereby 

increasing the free-energy force which drives the solute through the solvent. 

Mobility factors derived for the solutes from the measured diffusion coefficients are 
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Table 6.2' Binary mutual difision coefficients. mobilities, and thermodynamic factors of 

aqueous 2-aminobenzoic acid, 3-aminobenzoic acid and 4-arninobenzoic acid solutions 25 "C 

2-Aminobenzoic Acid 

1.469~ 1.000 O. O00 

1 .O05 0.377 0.002 

0.959 0.287 0.003 

O. 924 0.2 14 0.004 

O. 892 O. 144 0.007 

0.875 O. 107 0.01 1 

0.862 0.08 1 0.01 5 

0.85 1 0.059 0.022 

0.846 0.049 0.027 

3-Aminobenzoic Acid 



Table 6.2 (cont . ) 

4-Amino benzoic Acid 

0.00 - 1 .C88b 1.000 0.000 2.000 O. 794 

0.05 O. 992 1.049 0.409 O. 003 1.252 0.793 

O. 10 0.961 0.995 0.3 14 0.005 1.178 0.8 16 

0.20 0.949 0.955 0.236 O. 009 1.124 0.845 

0.50 0.91 1 0.917 O. 161 0.016 1.069 0.852 

1 .O0 0.900 O. 897 0.123 0.032 1 .O32 O. 864 

2.00 O. 892 0.883 O. 096 0.030 1 .O2 1 0.874 

5.00 0.882 0.872 0.075 0.040 1 .O07 0.876 

10.00 0.868 0.868 0.066 0.046 1 .O0 1 O. 867 

' C'nits: C in mm01 dm "; Do,, D, and R TU in 1 0 ' 9  m ' s " . 

Lirniting df is ion value for fùliy dissociated arninobenzoic acid calculated from eqn. (6.17). 
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gven in the seventh column of Table 6.3. Despite the highly mobile hydrogen ions produced 

by dissociation of the acids, the overail mobility of each aminobenzoic acid actually decrmses 

as the degree of dissociation increases. This counterintuitive behavior is a result of the fact 

that the motion of hvo separate ABX and H ' ions through the solvent experiences more 

frictional resistance than the motion of a single ABAH molecule. 

Mer  determination of the thermodpmic and mobility factors for the difising acids, 

we now tum to the problem of predicting the difision coefficients of each acid as a function 

of concentration. The flux of aminobenzoic acid is the sum of fluxes of molecular ABAH 

and dissociated .UMH2- and AB A- species. 

It follows that 

LV,& = IoV*Üo - IIV,ù, - p ,cz  ( 6 . 8 )  

where L is the Onsager transport coefficient of the total acid component and i is the Onsager 

transport coefficient of solute species i .  

The flow of electnc charge is zero in pure difision. and hence 

I,Vp, - 4vp3 = 4vp2 

From equilibrium conditions, we have 

vpo = V,& + vp3 

op, = Va& + vp, 

Combining eqns. (6.9) to (6.1 1) gives 



Substituting eqn. (6.12) into eqn. (6.8) leads to the equation 

Since 1, = c,D: 1 RT, and U= L ! C 

Substituting eqns. (6.14) and (6.5) into eqn. (6.4) finally yields 

This result is used to predict the diffusion coefficients of aqueous aminobenzoic acid. 

-4lthough the electrophoretic and viscosity corrections for the solute mobilities are not 

included in the equatioq the estimated D values should be reliable since the acid 

concentrations used here are low (i 10 mm01 dm") and the ion-ion interactions and vkcosity 

changes of the solution are therefore very s d .  Notice that D is not a simple concentration- 

weighted average of the diffusion coefficients of the solute species [je, D + (1 - cr - P)D,, 



For very dilute solutions where the concentration of .4B..W,- is negligible (P 0). 

eqn. (6.1 5) simplifies to 

where 

is the Lirniting dffision coefficient 7.9 of hlly ionized .4BAm - H - Eqns (6.16) and (6.17) are 

identical to the expressions for the concentration dependence of the diaision coefficient of 

a simple univalent weak acid. such as acetic acid.' 

The limiting ditfusion coefficient of the H- ion is accurately known corn conductivity 

4 = 9.33 x rn2 s-' . No difision data seem to have been reported for 

aminobenzoic atid species. We use here the values Do = 0.844 x I O-9. 0.797 x 1 0.' and 0.868 

x 10 -9 m ' s-' for molecular --AB AH, 3-PLBAH. and 4-ABAH, respectiuely. These values 

were obtained by fitthg eqn (6.15) to the measured D values by using least squares (see Fig. 

6.1). Based on the fact that limiting diaision coefficient of a molecular acid species is always 

very close to that of the corresponding ionic species (which are nearly identical in size and 

shape), we asnime here the diffusion coefficients D,, and D for AB AH 2 -  and .4BA ' species 

are identical to that of the corresponding molecular species, ABAH. 

Based on the above values. the limiting diffusion coefficients for fully dissociated 2- 



Fig. 6.1 Cornparison of mea~u~ed and predicted difision coefficients of aminobenzoic acids 

at 25°C: 2-aminobenzoic acid: e, measured vaiues; - , predicted values: 3- 

aminobenroic acid: A, measured values; - - - . predicted values; 4-aminobenzoic 

acid: V, measured values; -------- , predicted values. 



1 /2 -3 1/2  C (mol  d m  ) 



084 
.%BAH. 3--4B.W. 4-AB.# are 1.518 x 10". 1.469 x W9.  and Li88 x 10" rn2 s" 

respectively (cakuiated by using eqn. (6.17)). Upon the substitution of the limiting difision 

coeficient of each difising solute species into eqn. (6.15). we obtained the predicted 

difision coefficients of the total acid component listed in the third column of Table 6.2  

Observed and prediaed mutual difision results are compared in Fig. 6.1. [t is evident from 

the figure that the Taylor dispersion data bring theory and experimenr into good agreement 

d o m  to concentrations as fow as 0.05 m o l  dm'3. At this concentration about 40°/b of acid 

molecules are dissociated. It would of course be interesting to measure D at lower 

concentrations in order to provide a more extensive test of eqn. (6.15). However. D values 

measured below 0.05 m o l  dm" were not reproducible because the very srnall dispersion 

peaks had poor signal-to-noise ratios. 

In summq. the worlc reported in this chapter has show that the Taylor dispersion 

method can be used to determine accurate diffiision coefficients in difficult cases where the 

diaision coefficients change rapidly with composition. Equations developed for diffusion of 

simple weak electrolytes, nich as aqueous acetic acid,' can be adequately eaended to predict 

reliable difision coefficients of more complicated systerns, such as aqueous aminobenzoic 

acid sotutions. 
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DIFFUSION COEFFICIENTS MEASURED BY T-4YLOR DISPERSION IN 

A FOURIER RING. AQUEOUS LANTFUNUM C H L O W E  AT 25 OC 

7.1. introduction 

Difision in iiquids can be measured reIiabIy and conveniently by the Taylor 

dispersion (peak-broadening) method!1° -4 relative newcomer to difision studies, the full 

potential of this technique may not have been exploited. The usuaf procedure is to inject 

a slug of solution at concentration C + AC into a laminar flow of carrier solution at a 

slightly Werent concentration, C. Convection and diffision shape the initial concentration 

pulse into a nearly Gaussian distribution as the injected sample is pumped through a long 

capillary tube. Diffusion coefficients are calculated îrom optical absorbance or refiactive 

index profiles measured across the broadened sample peaks at the tube outlet. 

Dispersion tubes have been used to measure binary mutual diffision  coefficient^“^^ 

for a number of elearolyte and nonelemolyte systems. In addition, tracer" and 

multicomponent diaision coefficients1"" (including cross-coefficients for coupled difision) 

have b e n  measured for three- and four-component systems. A few self-difision 

measurementslS" have been made by injecting labelled samples into unlabeUed carrier 

streams of identical chemicd composition. 

Though not as accurate as Gouy or Rayleigh interferometry, dispersion 

measurernents have important advantages. For example, dispersion measurernents are Free 

of mors fiom convection because the solutions are confined within fine-bore tubing. This 
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feature is especiaily important for multicornponent solutions because coupled diffusion in 

these systems can spoil fiee-difision columns by generating unwanted density inversions 

or dpamic instabilitiesfl-" In practice. dispersion experiments are relatively inexpensive 

and easily automated. Voreover, the apparatus is readily assembled from commercial 

tubing, detectors. pumps. and injection valves rnanufaaured for liquid chromatography. 

Dilution with the carrier stream causes the concentration of difiùsing solute to drop 

h m  the initial value C - AC to the background concentration (' during a dispersion run. 

in order to measure a clearly defined difision coefficient (the diflerential coefficient at C3, 

it is common practice to use small initial concentration differences which in turn dernands 

sensitive detectors. Drifting detector baseline sipals cm therefore be a source of error, 

especially for slowly difising materials which generate relatively broad peaks. To help 

ac hieve stable baselines. dispersion tubes and det ectors are usually flushed wit h copious 

amounts of camer solution. Allowing for replicate injections. from 0.3 to 0.5 dm3 of 

solution is usualiy required to measure diffusion at a given composition. This amount can 

be prohibitive for concentrateci solutions of certain biochemicals and for other matenals that 

are costly, difficult to puri@ or highiy toxic. 

With these considerations in mind, the work reported here was undertaken to 

develop a new dispersion experiment that can be used to measure diffusion with less- 

sensitive detectors and or@ a few millilitres of solution. Instead of "once through" flow in 

a long capillary tube, the idea is to recirculate solution continuously in a "racetrack" flow 

path. Closed-circuit flow is achieved by comecting the outlet of a short dispersion tube to 

the pump inlet. At the start of each run, one halfof the circuit is fdied with solution at 

concentration C + (AC/2), the other half is filled with solution at concentration C - (ACO) 



and the pump is staned. Because the average concentration of rhe difisine material ((3 

is constant, larger concentration differences and less sensitive detecton may be used while 

st il1 measunne the differential diffusion coefficient. Moreover. recirculat ion wi11 greatl y 

reduce the required volume of solution. 

Closed-circuit dispersion measurements are reported here for binary aqueous 

solutions of sucrose, glycine. urea NaCl and KCl at 25 O C .  In addition. the binary mutual 

dfision coefficient of aqueous lanthanum chloride is measured at concentrations up to 2.8 

mol dm" to provide quantitative information on the transport of a high-valent salt in 

concentrated solutions. Diffusion in aqueous lanthanum chloride solutions has been studied 

previously by Hamed's conductivity methodY4 but data for conceotrated solutions of the 

salt do not appear to be available. 

In the following section, equations are developed to predict rates of dispersion in 

closed circuits. This problem bears a stnking resemblance to the fmous problem of the 

temperature distribution produced by heat conduction in a ring5 the first application of 

Fourier's mathematical theory. Ring problems are particularly suggestive illustrations of 

Fourier analysis because the ring circurnference must be an integral multiple of the 

wavelengths of the sine and cosine tems in the series. 

7.2. Taylor Dispersion in a Ring 

Before dispersion in a ring is considered, the relevant equations for straight tubes 

will be sumrnarized bnefly. Steady laminar flow of a binary liquid solution in a tube of 

circular cross-section is assumed. The radidy averaged concentration of the solution at 

time r and position z dong the tube wiii be designated by C(z,t). 
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Solution near the centeriine of the tube rnoves ahead of the siower sohtion near the 

tube wall. This convective mi'ring gradually smooths out any concentration differences 

dong the low path. The rate of dispersion is most easily descnbed by transfomine to the 

frame of reference 

moving at the mean speed ((3 of the flowing solution. For sufficiently large values of r. 

dispersion is accurately represented by an equation of the for~n'~'' 

The dispersion coefficient K is given by 

K = riOr' 1480 ( 1  > 3.5  ri/^) 

where D the mutual difision coefficient and r, is the inner radius of the tube. 

Dispersion in a Ring Suppose a straight tube of length L is bent into a circle. ASO. the 

tube outlet is comected to the inlet to provide continuous recirculation in a closed circuit. 

The concentrations around the circuit are penodic, with period L in y. 

Subject to these constraints and the assumption that the dispersion coefficient is constant, 

the general solution of the dispersion equation is the exponentially damped Fourier senes'* 



Constants a and 6 ,  are detemined by the initial concentration distribution around the 

circuit. & r - a. the concentration ai each point decays to the mean value. (' (Fourier's 

expression for the temperature distribution in a ring? is obtained by replacing the dispersion 

coefficient with the thermal conductivïty the concentration with the temperature. and j. with 

2. ) 

The rate of dispersion can be foilowed by placing a detector at a convenient position 

dong the tube. At 2 = 0. for enample, J equais -Ut and the concentration detected at time 

('(z = O, r )  = C - [ancos ( 2 m  l W.) - b,sin ( 2 m  llrll)] exp ( -411 'Z 'E;~IL ') (7.6) 
n 2 1 

Symmetrical Initial Conditions Symmetncal step-function initial conditions. such as 

C(0 <: < L/2, t = 0) = C + (AC/?) (7.7) 

have the desirable features mentioned in the introduction. Subjen to initial conditions (7.7) 

and (7.8) the solution of eqn. (7.2) is the well known expression for the exponentially 

damped square wave 2g 



('(z = O. r )  = C' - (2dC'l~) 1 ( 1 / r ~ )  sin (bnr wr ) exp( -n ' 2  l r )  
n = 1 3.5 .... 

where o is  the fiequency of the concentration oscillations (the inverse of the average time 

required for the solution to pass once around the circuit) 

and ris an abbreviation for the decay time 

The curvature of the tubing will be negiigible for a large ring In this case the 

dispersion coefficient is r, 'U2/48D and hence 

Eqn(7.12) shows that the concentration oscillations decay more rapidly for solutions with 

small diffusion coefficients. This point is illustrated in Fig. 7.1 where calculated dispersion 

profiles are ploned for different D values. Increasing the flow rate or the tube radius wiU 

also increase the rate of decay of the oscillations. Increasing the tube length has the 

opposite effect. 

7.3. Experimental 

Practical Considerations The preceding equations apply to steady laminar flow in a closed 



Fig. 7.1 Calculated dispersion profiles [eqns. (7.9) and (7. l?)] for solutions with difision 

coefficients of 0.5 x 1 o'~.  1.0 x 1 O", and 2. O x 1 0'' cm' s" . In eac h case the mean 

flow speed ( I  7. ring circuderence (L). frequency (a). and tube radius (r,) are 0.5 

cm s*'. 500 cm, 1 mHz, and 0.05 cm. respectively. The top and bottom profiles 

have been offset venically for clarity. 





circuit of uniform tubing. In practice. however, a pump and detector ce11 will be included 

in the flow path together with valves for flushing and filling the circuit. Significant 

dispersion could be generated by the purnp action and by the flow of solution through the 

detector and curved sections of tubing. Nevertheless, the "effective" length and radius of 

the 80w path will be constant for a given flow rate, and hence according to eqn. (7 12) 

The approach taken here is to calibrate a dispersion ring by measuring effective decay times 

( rd for solutions that have accurately known diffusion coefficients. Difision coefficients 

for other solutions are evaluated by interpolation of calibration plots. 

Equiprnent The flow circuit was constructed from matched sample loops connected to 

two 6-port liquid-chrornatograp hy injection valves (Rheodyne model 50) as shown in Fig. 

7.2. This design minimized dead volume and facilitated flushing and filling the circuit. .411 

connections were made with 1.59 mm o.d., 1.02 mm i-d. liquid-chromatography tubing 

( 1/16 in o.d., 0.040 in i-d.) and flanged union fittings of equd bore. The pump and detector 

cell were connected in senes in one of the loops (see Fig. 7.2). The length of the tubing in 

the other loop (1 36 cm) was adjusted so that its intemal volume (1.10 + 0.02 mL) matched 

that of the pump. detector, and connecting ~ b i n g  in the first loop. 

To avoid additional dispersion, a penstaltic pump (Gilson MiniPuls 3) was used 

instead of a piston model. In the pump head 10 stainless-steel rollers rotated at an 

adjustable rate against a 15.0 cm length of size 13 Viton penstaltic tubing. The rate of 

dispersion was foilowed by a deflection-type differential refiactometer (Gilson model 13 1, 



Fig. 7.2 Flow path for the closed-circuit dispersion expenments. .Mer filling the sarnple 

loops with solution, the valves are switched to the "RUN" position and the pump 

is started at time t = 0. 
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10 mm' fiow cells). A cornputer-controlled digital 

3 440 1 A) measured the refractometer output voltage, 

voltmeter (Hewlett Packard model 

rfr). at accurately timed intervals. 

The pump, refractorneter cells. injection valves and the connecting tubing were 

placed inside an insulated polyethylene box fined with a foam lid. The temperature inside 

the box was held at 25.00 k 0.05 OC by a proportional controller (YS1 model 50) and a 100 

W heater. .4 fan maintained efficient air circulation in the thermostat. 

Procedure Pnor to each run a needle and syringe were used to fil1 the refractometer 

reference ce11 with solution at concentration C One of the sarnple loops was then rinsed 

and filled with solution at concentration C - (ACE), and the other Ioop was rinsed and 

filled with solution at concentration C - ( A U 2 ) .  M e r  waiting a few minutes for thermal 

equilibration the valves were snitched to the "run" position and the pump was started. 

Flow rates from 0.03 to 0.25 cm3 min'' were used, corresponding to mean flow speeds of 

0.07 to 0.50 cm s". Each run required about 10 cm%f solution. 

Initial concentration difFerences (AC) from 0.01 to 0.05 mol dm-' were used. 

Because the average concentration of difising solute was constant throughout each run, 

dserentiai dfision coefficients could be determined by using concentration differences 10 

to 50 times larger than those measured in once-through dispersion experiments. M e r  

checking that changes in the refiactometer output voltage ( v )  were proportional to changes 

in the concentration 

N t )  = v= + k[C(t) - Cl (7.14) 

the refractometer was operated at its lowest sensitivity (k) which corresponded to a full- 



scale deflection for a refractive index difference of 0.003 Pulsation from the pump and 

baseline drift were negligïble at this setting. 

Binary aqueous solutions of sucrose. glycine. urea. NaCl. and KCl were prepared 

by dissoliing weighed amounts of reagent-grade solutes in distilled. deionized water in 

caiibrated volumetric flasks. Lanthanum chlot-ide was supplied as a hydrate (.halaR 

LaClf7H2O). .A concentrated stock solution of the sdt (ca. 2.8 mol dm*') was filtered 

through a fine-porosity (5 pm) Pyrex f i t  and then titrated against silver nitrate to detemine 

the mass percentage of LaCl,. Solutions for the dispersion mns were prepared by mass 

dilution of the stock with water. Published densi t ie~ '~.~ were used to calculate the 

voiurnetric concentrations of LaCl, at 25 'C The viscosities of a few LaCl, solutions were 

measured with an L'bbelohde viscorneter 

7.4. Results and Discussion 

Calibration of the Dispersion Circuit Binary aqueous solutions of sucrose. slycine, urea. 

and KCI were used to calibrate the dispersion circuit. These systems were chosen because 

their diffusion coefficients are accurately k n ~ w m ~ ~ ' ' ~  and they span a usefùl range of D 

values, f?om about 0.5 x 1Q5 to 1.8 x IO-' cm' s". Table 7.1 lists the mean concentration, 

initial concentration difference and accepted value of D for each calibration solution. 

Dispersion profiles measured for sucrose and glycine are shown in Fig. 7.3. At 25 

O C  the diffusion coefficient of aqueous glycine is about twice that of aqueous sucrose. As 

predicted by eqn. (7.12) the glycine protile (fiequency w = 1 .O90 mHz) decays more slowly 

than the sucrose profile obtained at a simiiar flow rate (1.162 mHz). In addition, Fig. 7.3 

shows that sucrose profiles decay more rapidly as the flow rate is increased, from 0.6 18 to 



Table 7.1 Decay times measured for binary aqueous solutions of sucrose. glycine. urea. 

NaCI, and KC1 at different flow rates 

- 

Sucrose. D = 0.5094 x IO-' cm' s" 

(C = 0.050; 3 C  = 0.010 mol dm'3) 

d m  r.ds 

1 .521 1604 

1 442 1768 

1.162 2519 

1.158 2483 

1.143 255 1 

1 . 1  15 2655 

1 .O68 2903 

O. 883 3989 

0.618 7697 

0.407 16710 

0.258 40280 

- - - - - - - -- 

Glycine. D = 1 .O4 1 x 1 O" cm' s" 

(Cl  = 0.100; A<' = 0.050 mol dm") 

dmHz t,ds 

1.862 3055 

1.823 2108 

1.578 2736 

1.287 3788 

1.258 4054 

1.228 4108 

1 .O94 SI27 

1 .O90 5233 

0.807 8768 

O. 763 9777 



Table 7.1 (cont.) 

Urea, D = 1.3  78 x 1 o'~ cm' s'' 

(C = 0.050; AC = 0.050 mol dm-') 

d m H z  r:#s 

1 .O66 3030 

1.554 3458 

1.306 4636 

1.223 5244 

0.719 14005 

O. 654 16830 

KCI. D = 1.838 x 1 O-' cm%*' 

(C' = 0.200; A(' = O M O  mol dm") 

dmHz rcds 

1.444 5 173 

1.278 63 54 

1.120 8016 

1 . 1  19 8026 

0.6 15 251 10 

O. 593 36590 



Fig. 7.3 Measured refiactorneter voltages v(t)  ploned against the time for aqueous sucrose 

(D = 0.5094 x 10" cm' il) and aqueous glycine (D = 1 .O4 1 x 1 O-' cm' s*' ). The 

glycine and upper sucrose profiles have been offset for clarity. 
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1.162 mHz in this case These results agree qualitatively uith the behaviour predicted for 

dispersion in a ciosed circuit. Though not unexpected. the oscillations in the detector signal 

are notewonhy In most difision experiments the rneasured concentration differences 

decay smoot hly to zero. 

Fourier-transfomi methods could be used to evaluate decay times and hence 

d&sion coefficients from measu red dispersion profdes In t his study. hou ever. the profiles 

were analysed more directly by fitting the Fourier senes 

= 1'- 1 [@os ( 3 1 ~  a) - B,sin ( 2 1 1 ; s ~ )  esp ( -11 -'fi <,) 
n.1  1 

to the detecror signal. The following parameters were adjusted for each fit: the effective 

decay time r,,. frequenq o. baseline voltage v., Fourier coefficients -4, and B, (11 = 1. 2,  

3 ) .  To ensure that higher-order tems (11 > 3) were negligible. the fitting procedure was 

applied to data points in the range t > O. 5 r,, . According to eqn. (79).  only odd-rt tems 

are needed to describe the dispersion of a symmetncal step-function concentration 

distribution in an ideal closed circuit. As a precaution, however. p a r d  terms with 11 = 2 

were included in the fitting equation to allow for imperfections in the actual flow path, such 

as non-uniform dispersion around the circuit caused by the flow of solution through the 

pump and detector. Ln practice, the even fitting parameters A? and BL were smaU, usually 

< 1% of the mapitudes ofA, or B,. Contriiutions made by the third-order tems in A, and 

B, were even smaller because of the exp(-9t/r,) weighting factor. 

Measured and fitted dispersion profdes for aqueous urea are compared in Fig. 7.4. 

Fitthg the data points in the range t > 2500 s gave r ,  = 5244 S. The decay tirnes appeared 



Fig. 7.4 Dispersion profiles for aqueous urea: o. measured; , fitted [eqn. 

(7.1 s)]. 





to be constant within experimental precision (1  -2%) for each profile. For example. refitring 

the data in Fig 7.4 in the range t > 5000 s gave r,, = 5239 S. 

The calibration resuits are surnmarized in Table 7.1. For a sufficiently large ring of 

tubing. the prediaed value of w'r,, is 12Dh 'ru ', a constant for each solution. Figure 7.5 

shows, however, that the measured values of d, increase slightly aith the flow rate. 

Moreover, the increase is linear in o within the precision of the measurements. For 

interpolation purposes. it will be convenient to use a linear equation of the fom 

to represent the calibration results. Table 7.2 lists the least-square values of the intercept 

( FVJ and slope ( IV,) for each calibration solution. 

The pump used in this work traps short segments of solution in penstaltic tubing, 

temporarily "pinching off' the paraboiic velocity profile and reducing the rate of dispersion. 

Extrapolation to o = 0, however. gives the value of o' r, at zero flou. rate [intercept W, 

in eqn. (7.16)). In this limit the flow disturbances generated by the pump are negligibie. 

As shown in Table 7.1, the value of W, for each solution is approximately equal to 

1 2Dlx 'r, '. 
The calibration data ploned in Fig. 7.6 confirrn that o'r, is proportional to D at 

fixed flow rates. Given values of rd and o for a solution with an unknonn difision 

coefficient, the value of D c m  be evaluated by straightfoward linear interpolation. To 

illustrate this procedure, dispersion profiles were measured for aqueous NaCI (C = 0.250 

mol dm", AC = 0.050 no1 dW3), yielding decay times of 7212, 6280, and 6620 s for the 

respective frequencies 1.073, 1 . 1  54. and 1.122 mHz. Linear interpolation by eqn. (7.16), 



Fig. 7.5 Measured values of td r, plotted against o for aqueous solutions of sucrose (D = 

0.5094 x 10" rrn' s"), glycine (D  = 1.04 1 n 10" cm' s" ), urea (D = 1 . 3  78 x 1 o ' ~  cmL 

S.'). NaCl (D = 1.475 x 10" cm's"), and KCI (D = 1.838 x 10" cm' s-l). 
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Table 7.2 Calibration parameters for eqn. (7 16) for aqueous sucrose. &cine. urea and 

KCI solutions 

sucrose 

glycine 

urea 

KCI 



Fig. 7.6 Calibration plots of D against a', for different fl ow rates calculated fiom eqn. 

(7.16). To determine the value of D for 0.250 mol dm" aqueous NaCl fiom the 

1.154 rnHz nui ( r, = 6280 s), values of D for sucrose. glycine. urea and KCI (O) 

are plotted against the values of o 'r,, calculated at this fiequency for each 

calibration solute by using eqn. (7.16). Linear interpolation gives D = 1.178 x 

I O -5 cm ' s *' for NaCl (m) at = ( 1154mHz) ' (6280 s). 





as show in Fig. 7.6 for oneofthe SaCI mns. gave 1.488 x 10-'. 1 4 7 8  x 10-'. and 1 181 

x IO-' cm' s" for the diffision coefficient. Each of these results differs by < 190 fiom the 

valueY 1.475 x 1 O-' cm' 5-' obtained by optical interferometry for O 3 0  mol dme3 aqueous 

XaC1 at 25 O C .  

Aqueous LaCI, Solutions The caiibrated dispersion circuit uas used to measure the binary 

mutual diffusion coefficient of aqueous lanthanum chloride at concentrations from 0.0 15 

to 2 784 mol dm" at 25" C. The results are summarized in Table 7.3 .  In Fig. 7.7 the 

measured D values are plotted against the square root of the salt concentration together 

~ i t h  Hamed and Blake's conductimetric results3 for dilute solutions of the salt. There is 

a shallow minimum in D near 0 . 2  mol dm", followed by a 5 0 9 ~  drop in D as the 

concentration is increased from about 1 .O to 2.8 mol dm" The precision of the reported 

D values is 1-206. lirnited primanly by the precision of the fitted r, values. 

The mutual diffusion coefficient of aqueous LaCl, relates the flux of the sait to the 

gradient in its concentration. It is well knom, however, that chemicd potential gradients 

are the fundamental driving forces for mutual diffusion. Mutual diffusion coefficients can 

therefore be interpreted' as a product of a fictional factor as well as an equiiibrium 

thermod ynamic factor reflecting changes in the chernical-potential driving force with 

concentration. 
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Table 7.3' Measured decay times and mutual difision coefficients of aqueous LaCl, at 

25 OC 



Table 7.3 (cont . ) 

'Cnits: C and AC in mol dm"; o in mHz: r in s; D in IO-' cm' s"; g3RT in 10' s cm-' 

b Limiting value calculated fiom ionic conductivities. 



Fig. 7.7 B h y  mutual difision coefficients of aqueous LaCl, and NiCl, ploned against the 

square mot of the concentration. LaCI,: 0 ,  this work; il, conductimetric data of 

Harned and ~ l a k e ; ~  -', limiting value? NiCl,: - - - - - - - - , interferometric data of 

Rard et al.U' 



A a=-- ____---.--- ------ 
.--.-*--*-a a.. a$*--+-*. 

-. 

a 

t h i s  work 

A Harned and Blake 

A limiting value 
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The resistance coefficient' p defined by eqn. (7.17) gives the driving force per mole of 

LaCl, (-Vp , ) required to maintain unit diffusion speed of the sait( 1 ) relative to the 

solvent(0) 

where p,. m. and y are the chemicd potential. molality, and mean ionic activity coefficient 

of LaCI,. R is the gas constant and T is the temperature. 

Published a h i t y   coefficient^^'^ were used to evaluate the thermodynamic factors 

lined in Table 7.3. The resistance coefficients were calculated fiom the measured dfis ion 

coefficients by using eqn. (7.17). The diffusion coefficient. resistance coefficient and 

thermodynamic factor for aqueous LaCI,, al1 normalized to unity at infinite dilution, are 

plotted in Fig. 7.8.  

Strong hydration of the ion leaves relatively little "free" solvent in concentrated 

LaCl, solutions. This leads to a sharp increase in the mean ionic activity coefficient with 

increasing concentration of the sait. For example. y is about 2.5 for the most concentrated 

solution studied here ( 2.784 mol dm3). The non-ideal behaviour increases the driving force 

per unit concentration gradient, producing the four-fold increase in the thermodynamic 

factor shown in Fig. 7.8. Over the sarne concentration range, however, there is a ten-fold 

increase in the resistance coefficient. The net result is a 60% drop in the diffusion 

coefficient. 

The relative Mscosity curve ploned in Fig. 7.8 closely resembles the curve for the 



Fig. 7.8 Normalized diffusion coefficient ( 0 .  this work). resistance coefficient (A. this 

work). thermodynamic factor (refs. 36 and 37), and Mscosity (m. this work: 0. ref 

39) of aqueous LaCI, plotted against the square root of the concentration. 
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relative resistance coefficient. It is tempting, therefore. to attribute the increase in the 

resistance coefficient to the higher viscosity'g of concentrated LaCl, solutions. For most 

systems. however. relative resistance coefficients for mutuai increase more 

rapidly than relative viscosities. 

In a review of the diaision behaiiour of aqueous divalent-metal saits. Rard et (II' 

concluded that XCI, is a typical strong electrolyte of this class. It is therefore of interest 

to compare the mutual diffusion coefficients of aqueous NiCl and LaCl,. The limiting 

d i s i on  coefficient of the aqueous ~ i ' -  ion (0.705 x 10 '' cm ' s ") ' is larger than that of 

the more strongiy hydrated and therefore effectively larger ~ a ' -  ion (0.6 19 x 10" cm' s'')'~ 

Each ~ a ~ -  ion, however, is conmained by electroneutrality to diffuse with an extra mole of 

relativeiy mobile Cl- ions (limiting difision coefficient 2.03 3 x 1 0 -' cm ' s -'). 38 As a result, 

the limRing diffusion coefficient of LaCI, (1 .%E x IO-' an' s") is actually slightly larger than 

that of NiCl? ( 1  .W? x 10" cm' s"). In Fig. 7.7 the diffusion coefficients of aqueous NiCl, 

and LaCI, are plotted against the square root of the concentration. Up to about 1 mol dm" 

the difision coefficients of the two salts differ by no more than a few percent. and both 

systems show a shdow minimum in D near 0.2 mol dm". Above 1 .O mol dm" the diffusion 

coefficient of the lanthanum salt falls significantly below that of the nickel salt. 

7.5. Condusions 

The work reporteci here shows that Taylor dispersion experiments cm be modified 

to measure diffusion in closed circuits. instead of injecting s m d  solution samples into a 

large excess of Camer solution, two solutions of qua1 volume are interdispersed in a closed 
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loop The average solute concentration remains constant during each run. Consequently. 

differentid dasion coefficients c m  be rneasured by using larger concentration differences. 

and baseline drift is negligible because of the stronger detector signaials. This feature may 

be useful in midies of slos-iy df i s ing  substances. such as polymers. u hich generate broad 

dispersion profiles. The closed-circuit modification may also be of value in cases where 

limiteci amounts of solution are available. Each of the diffusion measurements for aqueous 

Lac!, for example. was made uith about 10 cm3 of solution, 30 to 50 times less than that 

required for conventional dispersion expenments. The main disadvancage of closed-circuit 

dispersion measurement s is that eac h circuit must be calibrated. 
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The work reponed in this thesis shows that Taylor dispersion is a reliable and 

convenient technique for meaniring diniisinn cwfkients in difficult cases where the difision 

coefficients change very rapidly vrit h the concentration of the diffusing substance. 

The technique has been used to midy binary difision of a number of aqueous strong 

and weak electrolytes at 25 O C .  Equations developed previously for weak-acid diffusion are 

used to d e m i  the concentration dependence of the dfision coefficients of aqueous amines 

which undergo partial hydrolysis. The results illustrate the complexity of the difision of 

weak electrolytes relative to that of strong electrolytes. Also. the measured difision 

coefficients are analyzed to detemine the mobilities of molecular amines and the 

corresponding subshted ammonium ions. These equations are enended to predict diasion 

behavior of more complicated systems. such as aqueous aminobenzoic acids which undergo 

both proton dissociation and association reactions. 

Finally. the present work shows that the conventional Taylor dispersion experiment 

c m  be modi£ied to meanire ditIiision in closed circuits. Recirculation drastically reduces the 

volume of solution required relative to that used in traditional once-through Taylor dispersion 

measurements. from liters to milliliters. This advantage d l  be important for m e a s u ~ g  the 

diffusion coefficients of substances that are not available in large amounts, such as certain 

biochemicals or chernicals that are highly toxic or expensive to p u e .  Since the average 

solute concentration remains constant, diffusion coefficients can be measured by using larger 

concentration dserences and less-sensitive detectors. 
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