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ABSTRACT

An important characteristic of ionic surfactants is their tendency to precipitate 

from aqueous solution. Both the thermodynamics and kinetics of surfactant 

precipitation are important when determining formulation compositions for a 

surfactant application. In this study, Krafrt temperatures of surfrictant mixtures, 

hardness tolerances of synthetic anionic sur6ctant solutions in the presence of soap, 

and the kinetics of precipitation of anionic sur&ctants and anionic surfactant mixtures 

are studied. A eutectic-type behavior is seen when sur&ctants are mixed. A Krafrt 

temperature depression occurs when surfactants are mixed due to mixed micelle 

formation, even if the surjetants form ideal mixed micelles. The addition of a 

nonionic surjetant to an anionic surjetant can cause an even further Krafrt 

temperature depression. A pseudo-phase separation model can successfully predict 

mixture Krafrt temperatures based on pure surfactant behavior and the interactions in 

the mixed micelles, using an adjustable parameter to fit the pure component Krafrt 

temperatures. The effect of soap on the hardness tolerance of a synthetic anionic 

surjetant is to raise the hardness tolerance above the CMC due to enhanced micelle 

formation. Adjusting the pH changes the ratio of fatty acid to octanoate ion in 

solution. The molar ratio in the micelles is driven by a lower pH level in the region of 

the surjetant head groups which synergizes micelle formation. Isoperibol calorimetry 

is used to investigate the kinetics of precipitation of anionic surjetants and anionic 

surjetant mixtures. When two anionic surfactants are mixed, the time required for 

precipitation of a supersaturated solution dramatically increases. Part of the increase 

in time can be attributed to micelle formation which lowers the initial supersaturation

XIX



of each anionic sur&ctant. However, there are also physical interactions during 

crystallization which greatly affect the kinetics of precipitation.
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CHAPTER 1

Modification of Krafft Temperature or Solubility of Surfactants

Using Surfactant Mixtures

Krafift temperatures of anionic/anionic, anionic/nonionic, and 

anionic/anionic/ncnionic surfactant mixtures were studied at various surfactant 

compositions and salt concentrations. The Krafit temperature of a binary mixture of 

anionic sur&ctants can be less than that of either single surfactant. The addition of a 

nonionic sur&ctant to an anionic surfactant can cause an even further KraSt 

temperature depression. The addition of a monovalent counterion to each system 

decreases the CMC, but increases the Krafil temperature of anionic surfactants or their 

mixtures. A pseudo-phase separation model can successfully predict the mixture 

Krafil temperatures based on pure surfactant behavior and the interactions in the 

mixed micelles. Predictions from the model are very sensitive to the solubility 

products and CMC parameters.

Key words: Krafil temperature, precipitation, surfactant, surfactant mixture, 

surfactant solubility, synergism



1.1 Introduction

An important characteristic of ionic surjetants is their tendency to precipitate 

from aqueous solutions. Precipitation of anionic surfactants can inhibit their use in 

many applications and can affect formulation compositions substantially. Some 

applications where precipitation can be detrimental are detergency (1,2), where builder 

is commonly added to prevent precipitation, surjetant based separations (3), and 

enhanced oil recovery (4). Surjetant precipitation is desirable in some applications 

such as surjetant recovery by crystallization (5,6). In processes where preciphation is 

detrimental, the use of surjetant mixtures generally can have synergistic advantages 

over the use of a single surfactant (4,7).

The highest temperature at which precipitate forms above the CMC is called 

the Krafit temperature of the system (4). Studies have found that in binary systems 

where the two surfactants have like charge, very similar structures, and contain the 

same counterion, the mixture Krafit temperature is between the pure surjetant Krafit 

temperatures (or results in only a very shallow depression) (8). In these systems the 

precipitate contains both surfactants (8). A greater depression in the mixture Krafit 

temperature results for mixtures where the surjetants are of like charge but their 

structures are more dissimilar or they contain different counterions (8-13). In these 

systems, only one surfactant precipitates in any substantial amount at the Krafil 

temperature (on a phase boundary) (8-11). The addition of a nonionic surfactant to an 

anionic surfactant can decrease the Krafil temperature of the anionic surfactant by an 

even larger extent (7). Previous investigations of surfactant mixture precipitation 

behavior which include mixtures at the Krafil temperature have been thoroughly 

discussed in a recent review (4). In this paper, the Krafil temperature is measured and



modeled for anionic/anionic, anionic/nonionic, and anionic/anionic/nonionic surfactant 

mixtures with and without added NaCl.

1.2 Experimental

1.2.1 Materials

The two anionic surjetants studied were sodium dodecyi suI6te (SDS) and 

sodium octyl benzene sulfonate (SOBS). The nonionic surfactant used was 

nonylphenol polyethoxylate with an average degree of polymerization of ten 

(NP(EO)io)- Electrophoresis/HPLC grade SDS was at least 99 % pure and was 

obtained from Fisher Scientific. It was further purified by recrystallization from water 

and then from methanol, followed by drying under a vacuum at 30 °C. The SOBS was 

obtained from Aldrich with a purity of 97 %. The SOBS was recrystallized first from 

methanol, and then from water. It was then rinsed with cold methanol and dried under 

a vacuum at 30 °C. The polydisperse nonionic surfactant, NP(EO)%o (trade name 

Igepal CO-660 from Rhone-Poulenc) was used as received. The NaCl was ACS 

reagent grade from Fisher Scientific. The water was double deionized and the 

methanol was HPLC grade from either Baker or Fisher Scientific.

1.2.2 Methods

1.2.2.1 Krafft Temperatures. A series of 25 mL solutions at varying mole 

fi-actions of each surjetant was made for every system. Krafit temperatures were 

obtained for surfactant total concentrations of 0.02 and 0.04 M, at NaCl 

concentrations varying from 0 to 0.2 M. Surjetant solutions can stay supersaturated 

for long periods of time (14,15) resulting in non-equilibrium apparent Krafrt



temperatures. Therefore, the solutions were first cooled to approximately 0 °C for at 

least 24 hours to force precipitation to occur (16-19). The temperature was then 

raised by 3 °C/hour. The solutions were gently shaken every 10 minutes and the 

presence or absence of precipitate noted. The Krafit temperature was recorded as the 

temperature of the solution where the last crystal became invisible in a high intensity 

beam of light.

1.2.2.2 CMC Determination. The critical micelle concentrations (CMC) for 

each individual sur&ctant at 0, 0.1, and 0.15 M NaCl were found over a range of 

temperatures above the mixture Krafit temperatures. The CMC was recorded as the 

sur&ctant concentration where a sharp change in slope occurred in a plot of the 

surface tension versus the log of surfactant concentration. A Sensadyne 6000 

maximum bubble pressure tensiometer was used to determine the surface tension of 

each anionic surfactant solution. The bubble rate that was used was determined by 

setting a rate of 20 seconds/bubble for water and keeping the valve setting the same 

for all surfactant solutions studied. It is difficult to achieve an equilibrium surface 

tension using the maximum bubble pressure method for NP(EO)|o due to its low 

CMC and heterogeneity. Therefore the CMC for NP(EO)iq was measured using a 

Central Scientific Du Nouy Ring tensiometer with a platinumÆidium ring. The Du 

Nouy ring tensiometer was also used for some of the anionic surActant solutions with 

added salt.

1.2.2.3 Determination o f Solubility Product. The solubility products of 

dodecyi sulfate and octylbenzene sulfonate anions with sodium cations were found at 

6, 10, 12.5, and 15 °C for SDS and 3, 6, 10, 15, 20, 25, and 30 °C for SOBS. A 

series of 25 mL solutions was made for both SDS and SOBS at surActant 

concentrations of 1, 2, 3, 4, and 5 mM. The NaCl was added at concentrations just



above that required for precipitation at the temperature of interest. The solutions were 

first placed in a water bath at a temperature just above fi^eezing for at least 24 hours to 

force precipitate to form (16-19). The desired temperature was then held constant for 

four days while gently shaking the samples daily to insure equilibrium ( 17). The 

supernatant was filtered with a B-D Multifit SO CC syringe filter apparatus with a 

Whatman 3.0 micrometer pore size cellulose nitrate membrane filter. The filtering was 

done quickly so that the solution remained isothermal. The absence of solids in the 

filtered supernatant was immediately confirmed with a high intensity beam of light.

The sodium concentration in the supernatant was measured using a Varian SpectrAA 

atomic absorption spectrometer and the SDS concentration was determined using a 

Wescan conductivity detector via HPLC with a reverse phase silica column. A 

multiple wavelength Hewlett Packard diode array spectrophotometer at a wavelength 

of 224 nm was used to determine the SOBS concentration. Since these supernatant 

solutions were always below the CMC, these measured concentrations could be 

combined with activity coefiScients to calculate the activity-based solubility product.

1.2.2.4 Crystal Composition. The precipitated surfactant crystal composition 

in equilibrium with solutions containing various mixtures of SDS and SOBS was 

analyzed for sur&ctant composition. The precipitate was formed at 0.5, 1.0, and 1.5 

°C below the Kraffi temperature. The solutions were filtered through a Whatman 3.0 

micrometer pore size cellulose membrane filter via a B-D Multifit 50 CC syringe filter. 

The SDS and SOBS levels in the dissolved, washed crystals were measured by either a 

Wescan or Alltech 320 conductivity detector using HPLC with a reverse phase silica 

colunm.



1.3 Results and Discussion

1.3.1 Prediction o f Mixture Kraffi Temperatures

By definition, the Kraffi temperature applies at or above the CMC. Therefore, 

at the Kraffi temperature, a simultaneous equilibrium exists between the precipitating 

surfactant in the micelles, as monomers, and in the precipitate. Figure 1.1 shows this 

equilibrium for a ternary sur&ctant system containing two anionic surActants and one 

nonionic surfactant. For such a multicomponent system, exactly at the Kraffi 

temperature, an infinitesimal amount of surfactant is present as precipitate at 

equilibrium. This precipitate normally consists of only one anionic surfactant and is 

formed when the monomeric concentration of the least soluble surfactant satisfies the 

surfactant's solubility product (4,8,9). The activity based solubility product, K§p 

for a monovalent anionic surfactant being precipitated by sodium cations is defined by 

(9):

KsP,i = [surffJmon [Na+]u Yi YNa (I-1 )

where [surffjjnon the surfactant monomer concentration of the precipitating 

surfactant, [Na"^u is the unbound sodium concentration (the sodium not bound to 

micelles), and and die activity coefficients of the precipitating surfactant

anion and the unbound sodium cation, respectively. The other surfactants are present 

as monomer and in the micelles, as shown in Figure 1.1. There is also an equilibrium 

between the unbound counterion, counterion bound to the micelles, and counterion in 

the precipitate.



The Kraffî temperature of an anionic surfactant can be decreased as the 

heterogeneity of the system is increased by adding other surfactants, even if those 

surfactants ail have similar properties. This is due to a decrease in the monomer 

concentration of the precipitating surfactant caused by the formation of mixed micelles 

(4,7). The result is that the solution temperature must be lowered for precipitation to 

occur at equilibrium. As two anionic surfactants are mixed above the CMC, dilution 

of the least soluble sur&ctant in the micelles occurs. This dilution effect results in a 

shift of the equilibrium toward the micelles. As a nonionic sur&ctant is added to this 

system, the absolute electrical potential on the micelle surface is reduced due to 

insertion of the nonionic sur&ctant between the charged head groups of the anionic 

surfactants. The more &vorable formation of micelles shifts the equilibrium even 

further toward the micelles.

A model has been developed to predict the effect of mixed micelles on Krafit 

temperatures using information obtained fi'om the pure surfactant component behavior 

only (9). The following assumptions were made in the model used here.

1. The pseudo-phase separation model was used to describe the monomer-micelle 

equilibrium (7,20,21). The pseudo-phase separation model treats the micelle as a 

thermodynamic phase in equilibrium with the monomer.

2. Equations resulting fi’om regular solution theory or ideal solution theory were used 

to model the thermodynamics of mixed micelle formation. Systems containing only 

anionic surfiictants were assumed to form micelles behaving as ideal solutions 

(7,22,23), while systems containing mixtures of anionic and nonionic surfactants



formed micelles described by regular solution theory (sometimes referred to as 

Rubingh solution theory or nonideal solution theory) (7,16,18,21,23-28).

3. The CMC is assumed to be independent o f temperature over the temperature range 

studied here. The effect of temperature on the CMC is secondary to the effect of 

mixture composition (22,29,30). However, equations describing the temperature 

dependence of CMC values (31,32) could easily be incorporated if required.

4. The heat of precipitation is assumed to be independent of temperature (8).

5. It is assumed that single component pure crystals form when precipitation occurs. 

This assumption was checked experimentally, as discussed later.

6. The nonionic surfactant CMC is assumed to be independent of ionic strength of the 

solution (33), an assumption which has been verified for the system studied here within 

experimental error.

7. The surfactant ion activity coefficients are calculated assuming that the surfactant is 

a simple, strong electrolyte (34,35).

At any temperature, the solubility of a surfactant anion in the presence of sodium can 

be described by the solubility product (Equation 1.1). Below the CMC, the surfactant 

monomer can be treated as a simple, strong electrolyte. However, there is no 

universally accepted practice for the calculation of activity coefficients in a micellar 

solution. In this study, the anionic surfactants and the NaCl in the micellar solutions



are treated as simple, strong electrolytes, as our group has done previously (34). 

Several other methods have been proposed. One proposed method considers the 

micelles as a separate species in solution contributing only a portion of the actual 

micelle valence (a shielded micelle) (35). Another method treats the micelles as a 

separate phase which therefore does not contribute to the ionic strength of the 

aqueous solution (36). Burchfield and Woolley (35) also discuss the work by other 

researchers who treat the surActant in solution as a simple, strong electrolyte as we 

have done here. The activity coefficients in Equation 1.1 are fi’om an extended Debye- 

Huckel expression (37).

-A (z:
•ogYNa’ logYi = ------ ------— -  - 0.3 I (1.2)

The constants A and B are dependent on the solvent and the temperature of solution. 

The parameter zj is the ion valence and aj is an empirical value based on the diameter 

of the ion. Values for A and B are tabulated (38), as well as a, (38,39). The 

parameter I is the ionic strength of the solution. For this study, the ionic strength is 

given as:

I = Z  0.5 cj (zi)2 = [NaDS] + [NaOBS] + [NaCl] (1.3)

where c, is the total concentration of ion i in solution, [NaDS] and [NaOBS] are the 

total concentrations of SDS and SOBS in solution, and [NaCl] is the total NaCl 

concentration in solution.



Since the solubility product relationship requires the monomeric surfactant 

concentration and unbound counterion concentration, material balances are required to 

determine these values. The sum of the surfactant-only mole factions of all 

surActants in the micellar phase and those in the monomer phase equal unity.

Z %i = XSDS + XSOBS + = I (14)

Syi=ysDS+ysoBs+yNP = 1 (i-5)

where x; is the concentration of sur&ctant i in the micelles/total surjetant 

concentration in the micelles, and y, is the concentration of surfactant i in the monomer 

phase/total surfactant concentration in the monomer phase. The subscripts SDS, 

SOBS, and NP refer to the two anionic surfactants and NP(EO)io. respectively. Only 

an infinitesimal amount of surfactant is present as precipitate at the Kraffi temperature. 

Therefore, material balances on each component need only to consider the monomer 

and micelle phases;

[NaDS] = [DS’Jmon = [DS"]njon + %SDS (1.6)

[NaOBS] — [DBS"]njon "*■ [OBS"]mic ~ [OBS"][Yion + *SOBS ^mic (^^)

[NP(EO)ioJ ~ [NP(EO)joJmon [NP(EO)%olmic (18)

= [NP(EO)|o]mon ^mic
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[Na+]total = [NaDS] + [NaOBS] + [NaCI] (1.9)

= [Na+]u +  [N a'^b 

= [Na+]u + ^Na Qnic '  %NP)

where [NP(EO)io] is the total NP(EO)io concentration, [Na'*’]^ is the sodium bound 

to the micelles, [Na'"']u is the unbound sodium ion concentration, and [Na'*']total is the 

total sodium ion concentration. The subscript (mon) refers to a component in the 

monomeric phase and the subscript (mic) refers to a component in the micellar phase. 

The parameter Cmic is the total micellar surfactant concentration and the parameter, 

^Na, is the fractional counterion binding in the system. The fractional counterion 

binding in a pure SDS or SOBS surfactant solution is defined as the ratio of the 

number of counterions boimd to the micelles to the number of surfactant molecules in 

the micelles. The fractional counterion binding of a mixed anionic system has been 

shown to be a weighted average of the values obtained for the pure surfactants 

(40,41), so for the binary SDS/SOBS system;

^Na, ideal = '̂ SD S ^Na,SDS + XgOBS ^Na,SOBS (110)

where Xggg and Xgggg are the mole fractions of the anionic surfactants in the 

micellar phase, such that

XsDS = ^SDS Cmic > ((^SDS + xgoBS) Cmic) d  H)

XgOBS = xgoBS Cmic '  ((^SDS + xgoBS) Cmic) G 12)
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For the anionic/nonionic mixed surfactant systems. Equation 1.10 is used in an 

empirical correlation from Hall and Price (42), as we have done previously (41,43):

4Na,„o»deal = '  ’̂ > /N a .id e a l  p  u )
1 - XNP QNa,ideal

At the CMC, the surfactant monomeric concentration is equal to the CMC. 

Using the Corrin-Harkins equation, the change in sur&ctant monomer concentration 

due to unbound counterion concentration can be calculated (20,44,45).

In (CMCs d s) = -Kg,SDS 1» [Na'^u + KgDS (I M)

In (CMCsoBS) = “% SO BS ^  [Na"^u + KgOBS G 15)

where CMCg^g and CMCgOBS &re the CMC values for pure SDS and pure SOBS 

at the solution temperature and salinity, respectively. The parameters Kg and K in 

both equations are constants that can be found experimentally from a plot of In (CMC) 

versus In [Na' '̂j^ for the appropriate surfactant. At the CMC, the bound sodium is 

negligible, so the unbound sodium concentration equals the total sodium 

concentration.

In a surfactant mixture, the monomer concentration of each surfactant is 

related to the mixture CMC, which is a function of the individual CMC values (23):

ySDS CMCmix = xgDS CMCgDS %DS (116)
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ySOBS CMCniix = xgOBS CMCsoBS %OBS 0  17)

YNP CMCmix = ^NP CMC^p %P (I-18)

P^S"]mon ~  ySDS (1.19)

[OBS-]mon = ySOBS CMCmix (120)

[NP(EO) 1 o]mon = yNP CMCniix (1-21)

where CMCqûx is the mixture CMC and each parameter, {, is the activity coefiBcient 

of the relevant surfactant in the micellar phase. For an ideal system, all f  values equal 

one.

Regular solution theory is used to describe mixed micelle formation in the 

anionic/nonionic and anionic/anionic/nonionic surfactant mixtures (7,16,18,21,23-28). 

The micellar phase activity coefBcients for the ternary system are given by the 

equations (21,27,28);

%DS = exp {(xNp)2 pgDS-NP + (3SDS-NP “ PSOBS-NP) ^SOBS %NP} (122)

fSOBS = exp {(xnp)2 PsOBS-NP + OSOBS-NP * PSDS-NP) %SDS (123)

fNP = exp {(xsoBS)^ PsOBS-NP + (%SDS)̂  PSDS-NP

+ (PsOBS-NP + PSDS-NP) xgOBS ^̂ SDS ) (124)
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Each parameter P is a dimensionless interaction parameter for the binary system 

indicated by the subscripts. The interaction parameter between two similar surjetants 

is approximately zero (ideal solution), and the non-zero interaction parameters present 

in these equations can be found from mixture CMC data.

The last equation needed to predict the Krafrt temperature of a mixture from 

pure surfactant data is a relation between the heat o f precipitation, AHp j , solubility 

products, and temperature (21,34):

If it is assumed that the heat of precipitation is independent of temperature. Equation 

1.25 can be integrated to yield:

^ tKsP.ilT2 .  ^p.i([l/T2]-[l/Tl]) 
[KsP,ilTl R

where [Kgp j]Ti is the Kgp at temperature T1 for precipitating surfactant i and

[Kgp i)T2 is the Kgp at temperature T2 for precipitating surfactant i. The

AHp i can be obtained by plotting Equation 1.26, or from calorimetric measurements.

The independently obtained or defined variables in this model are Kgggg, 

KgSOBS, RsDS> RsOBS> CMCn p , [NaDS], [NaOBS], [NP(EO)io], [Na+]total> 

Kgp of the precipitating surfactant at temperature T l, AHp j, ^Na,SDS> ^Na,SOBS«
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PSDS-NP> and PsOBS-NP- leaves the unknowns; [OBS-Jmon^ PS-]mon’ 

[NP(EO)io]mon. Cmic> ŜDS» xgOBS, ^NP, YSDS, YSOBS’ YNP> [Na+]u, ^Na,ideal’ 

^Na,nonideal’ ^SDS’ XsQBS’ CMCmbc’ CMCsdS> CMCsqbS’ Yi, YNa, I  %DS, 
fSOBS, %P, Kgp at the mixture Krafit temperature T2, and the mixture Krafit 

temperature T2, which can be found by solving Equations 1.1-1.24, and 1.26 

simultaneously (with Equation 1.2 being used once for the precipitating surActant, and 

once for sodium), resulting in 26 equations and 26 unknowns. The model calculations 

are repeated for each anionic surfactant component in the system. The highest 

temperature, T2, obtained from these calculations for any anionic surfrctant is the 

Krafit temperature of the solution.

1.3.2 Obtaining Parameters Used in Model

The CMC of each single surfactant system was obtained from surface tension 

measurements over a 10 to 15 °C temperature range above the pure component Krafit 

temperature (46). The CMC was observed to not have a substantial dependence on 

temperature in the region of interest for this paper (maximum percent change from the 

lowest to highest value is 14 %, found for SDS), as shown in Figure 1.2, and could not 

be measured at some mixture Krafit temperatures due to precipitation. Therefore, for 

use in the calculation of Kg and K, the CMC values that were found for the various 

temperatures were averaged. The CMC's were determined at six NaCl concentrations 

for SDS and at three NaCl concentrations for SOBS to find the constants Kgj and Kj 

for Equations I. Hand 1.15 as shown in Figure 1.3. The average Kgj and K, values are 

shown in Table 1.1. The CMC for NP(EO)]o is relatively constant with respect to 

NaCl concentration as shown in Figure 1.3. The average CMC values for NP(EO)%Q, 

SDS, and SOBS are shown in Table 1.1. The parameters Kgj and K; for SDS have
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been found previously (0.698 and -8.5134, respectively (19)), and are in good 

agreement with this study. The CMC obtained for NP(EO)%o is consistent with other 

CMC values found previously (18,43). The values of for SDS and SOBS at 30 ° 

C from Rathman and Scamehom (43) were used here since this parameter also has 

only a small temperature dependence (41,47). These values were calculated from emf 

data using specific ion electrodes (41) and are shown in Table I.l.

The activity based solubility products were found for SDS for a range of 

temperatures between 6 and 15 °C, and for SOBS for a range between 3 and 30 °C. 

The solubility product for SDS could not be found at higher temperatures because the 

amount of sodium required for precipitation to occur also lowered the CMC so that 

the solutions contained micelles. The activity based heats of precipitation for SDS and 

SOBS were found from the average solubility products for the surfactant 

concentrations of 2, 3,4, and 5 mM. Figure 1.4 shows the resulting solubility product 

averages as a function of inverse temperature for SDS and SOBS. From Equation 

1.26, the slope of each line yields the AHp j for that surfactant. The Kgp at the Krafit 

temperature can be found from the data in Figure 1.4. The Kgp values for SDS and 

SOBS at their respective Krafit temperatures, as well as the heats of precipitation are 

listed in Table I.l. The heat of precipitation for SDS with NaCl has previously been 

used by Scamehom (21) as an adjustable parameter in a model used to describe 

mixture Krafit temperatures. The resulting value was -5710 cal/mol, lower than the 

much more carefully determined value of -9000 cal/mol in this work. The Krafit 

temperatures for SDS and SOBS without added NaCl were used in the model to 

predict all of the mixture Krafft temperatures, and are given in Table 1.1.

The binary interaction parameters used for this study were obtained from the 

literature (16,43) as shown in Table 1.2. The interaction parameter is a mild function
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of temperature (7,21). However, the predicted Krafit temperatures are relatively 

insensitive to the value of the interaction parameters, so ignoring temperature effects 

on 3 values is justified.

1.3.3 Precipitate Composition

The precipitate compositions for 0.04 M SDS/SOBS mixtures fi'om 0/100 to 

100/0 SDS/SOBS and 0.5, 1.0, and 1.5 below each solution's Krafit temperature 

are given in Table 1.3. The precipitate compositions were studied to determine 

whether the precipitate at the Krafit temperature consists of only one anionic 

surfactant, which is the assumption used in the modelling of the mixture Krafit 

temperatures. In the SOBS rich side (solution compositions from which SOBS 

precipitates at a higher temperature than SDS), only SOBS is precipitating near the 

Krafit temperature, with SDS beginning to precipitate at 0.4 SDS solution mole 

fraction as the temperature is lowered more than 1 °C below the KrafiA temperature. 

This result agrees with the assumption used in the model that only one surfrctant 

precipitates at the mixture Krafit temperature. On the SDS rich side, SOBS is present 

in the precipitate in decreasing amounts as one moves towards pure SDS and closer to 

the Krafit temperature. As the temperature is reduced below the Krafit temperature 

enough, precipitation of both sur&ctants is expected as the solubility product of each 

is reached. At 0.°5 C below the Krafit temperature, at mole finctions of SDS greater 

than 0.7, no detectable amount of SOBS was present in the precipitate. It may be 

concluded that at the Krafit temperature, coprecipitation of surfactant components is 

negligible and for this system the assumption of single component surfactant 

precipitate on a phase boundary is Justified. SOBS may also be adsorbing onto the 

SDS crystals, resulting in the presence of SOBS near the Krafit temperature.
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NP(EO)i 0  has already been shown to not incorporate itself onto anionic precipitate 

similar to the ones used here ( 18).

1.3.4 Experimental and Theoretical K rafft Temperatures

Figure I S represents the Krafit temperature as a function of surfactant 

composition for 0.04 M SDS/SOBS mixtures at several NaCl concentrations. The 

systems exhibit eutectic-type behavior as has been qualitatively seen in other work on 

similar systems (8-11). Mixture Krafit temperature depressions as much as 24.7 °C 

(relative to the most easily precipitating pure surfactant) are seen in Figure 1.5, 

indicative of the synergisms of these mixtures in avoiding precipitation. This eutectic- 

type behavior is due to the formation of ideal mixed micelles which lower the 

precipitating sur&ctant's monomer concentration.

Both single anionic surfactant and binary anionic/anionic surfactant mixtures 

exhibit higher Krafit temperatures with increasing NaCl concentration as seen in 

Figure 1.5. There are two opposing phenomena which occur when counterion is 

added to these systems. Increasing the counterion concentration tends to decrease the 

surfiictant monomer concentration required to satisfy the solubility product (Equation 

1). However, adding NaCl lowers the CMC. This decreases the anionic surfactant 

monomer concentration, causing precipitation to be more difBcult. For this system, 

the former efiect dominates the latter and the Krafit temperature increases with added 

NaCl.

The solid lines shown in Figure 1.5 are the predicted phase boundaries. The 

eutectic type of behavior of the anionic/anionic surfactant mixtures is predicted by the 

model which only utilizes properties of each pure component. This, therefore, is an
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a priori predictive model for mixture Krafit temperatures. Also, the change in the 

precipitation phase boundary of the anionic surfactants as NaCl is added to the system 

is predicted by the model. The Krafh temperatures on the left side o f Figure 1.5 are 

predicted well (where SOBS is the precipitating species) with no added NaCl. 

However, the prediction of the Krafit temperatures on the right side (where SDS is 

precipitating) or at high salinities is not as good. Figure 1.6 shows the result of 

adjusting the solubility product for SDS and SOBS so that the pure component Krafit 

temperatures for the no added salt case is exactly predicted. This was done because 

the pure SDS Krafit temperature was not well predicted by the model. The mixture 

data are then still being predicted only fi'om pure component data. Similar results 

could also be achieved by adjusting the Corrin-Harkins parameter. Kg, for the pure 

components. The value of Kgp was adjusted here instead of Kg just to show ability of 

the model to predict the mixture Krafit temperatures using an adjustable parameter.

For SOBS, the exact value of the pure component Krafit temperature can be found if 

Kgp is changed to 1.31 x 10"4 M^. This is a -1.5 % change which results in a -0.06 % 

correction to the experimentally determined Krafit temperature fi'om 28.2 °C to the 

experimentally determined value of 28.0 °C. The adjusted Kgp value for SDS is 4.86 

X 10*5 m2, which is a -50.2 % change. This results in a 4.5 % change in the Krafit 

temperature of SDS from 6.0 °C to the experimental value of 18.4 °C. This shows 

how sensitive the pure component predicted Krafit temperature is to the Kgp. The 

model is able to predict that adding sodium increases the Krafit temperature.

However, it does not predict the extent of the increase, and actually predicts a slight 

decrease at a sodium concentration of 0.2 M on the SDS rich side of the phase 

boundary. At this higher NaCl concentration, the model predicts that the efiect of 

sodium on the CMC outweighs the efiect of sodium on the solubility product.
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Adjusting the other parameters in the model in addition to Kgp did not improve the 

prediction. Deviations between the model predictions of precipitation phase 

boundaries (hardness tolerance) and experimental data have been seen before when 

NaCl concentrations were increased to 0.1 M (17). The assumptions used in 

calculating the activity coefficients in these micellar solutions may be a cause for this 

discrepancy. Above the CMC, the micelles do not contribute to the ionic strength to 

the same degree as free, strong electrolytes. A model has been developed to account 

for the difference (35), and could be used for a more accurate calculation. However, 

the number of parameters in that model does not allow for simple calculations of 

Kraffi temperatures which is the goal of this paper. If an adjustable Kgp is used for 

the pure components at each NaCl concentration, the mixture precipitation phase 

boundaries can be predicted more accurately, even at high NaCl concentrations as 

shown in Figure 1.7. This same result can be achieved by adjusting Kg. Therefore, we 

may conclude that the Kraffi temperature of binary anionic surfactants can be 

predicted from pure component properties well, although prediction of pure surfactant 

Kraffi temperatures from solubility product and micelle formation parameters is more 

difficult.

Changing the overall concentration of the sur&ctants in the anionic/anionic 

system does not significantly change the experimental Kraffi temperature as seen in 

Figure 1.8. This figure compares Kraffi temperatures at 0.04 M and 0.02 M total 

surfactant concentrations and predictions from the model used in Figure 1.7. Above 

the CMC, as the anionic surfactant concentration is increased, most of the additional 

surfactant added to the system above the CMC goes into the micellar phase and is 

therefore not available for precipitation (4). However, a small increase in the

2 0



monomer concentration usually occurs and is predicted by the model. The result is a 

slight increase in the Kraffi temperature as the surfactant concentration is increased.

Nonionic surjetants not only dilute the anionic surjetant in the micelle, but 

enhance, or synergize, micelle formation. The nonideal mixture CMC can be well 

below that of the pure components' CMC's due to the insertion of the nonionic 

hydrophilic groups between the anionic hydrophilic groups. This insertion of the 

nonionic surjetant reduces electrostatic head group repulsions between the anionic 

hydrophilic groups, lowering the absolute value of the electrical potential at the micelle 

surjce. Therefore, the addition of a nonionic surjetant to an anionic surjetant 

system can cause an even more substantial depression of the Kraffi temperature than 

the addition of another anionic surjetant. The effect of the addition of a nonionic 

surfactant to an anionic surjetant on the micelle-monomer equilibrium has been 

studied previously by Stellner and Scamehom (16-18). The resulting Kraffi 

temperature reduction is illustrated in Figures 1.9 and 1.10, where SDS/NP(EO)|o and 

SOBS/NP(EO)io Kraffi temperatures, respectively, are shown for various NaCl 

concentrations at a total surfactant concentration of 0.04 M. The solid lines represent 

the predicted Kraffi temperatures using regular solution theory to model the nonideal 

mixed micelles and a Kgp for the anionic surjetant to force-fit the pure component 

Kraffi temperature at each salinity. Kraffi temperatures of anionic surjetants with 

added alcohols at various electrolyte concentrations have been studied with similar 

results and have been described using an empirical model (48). The larger Kraffi 

temperature depression for each anionic surjetant in the presence of the nonionic 

surjetant when compared to the addition of a second anionic surjetant (by 

comparing Figures 1.9 and 1.10 with Figure 1.6) is evident. For example, when the 

mole fraction of SDS in solution decreases fi'om I to 0.7, the Kraffi temperature
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depression is - 4.7 °C for an anionic cosurfectant and - 12.0 °C for a nonionic 

cosurfactant. There is a stronger dependence of the Kraffi temperature on [NaCl] in 

the anionic/nonionic systems than in the anionic/anionic system. The binding of Na'*' 

to the micelles and the insertion of the nonionic surfactant into the micelles both 

reduce the absolute value o f the electrical potential on the micelle surface. The 

presence of the nonionic surfactant in the micelles reduces the fraction of bound Na'*', 

leaving a higher concentration of unbound Na"*" available for precipitation with the 

anionic sur&ctant monomer. The model used here is still predictive (employs only 

single component Kraffi temperatures and mixed micelle parameters) and provides 

excellent frt to the data, considering the lack of adjustable parameters.

Figure 1.11 shows the Kraffi temperatures for the ternary 

SDS/SOBS/NP(EO)io system with NP(EO)%o varying from 0 to 0.25 mole fraction 

of the total surfactant for either pure anionic surfactant or with both anionic 

surfactants present. As the NP(EO)io concentration increases, a greater Kraffi 

temperature depression occurs. The solid line shows the model which describes the 

effect of nonideal mixed micelles on the precipitation. The depression of the 

experimental data at higher N P(£0)io concentrations as the two anionic sur&ctants 

are mixed is much greater than the model predicts. The addition of a nonionic 

component to an anionic surfrictant was observed to increase the time required for 

precipitation to occur. Therefore, not only does increased heterogeneity depress the 

Kraffi temperature, it also increases the amount of time required for precipitation to 

occur. A study of the effect o f mixing two anionic surfactants on the rate of 

precipitation has been done in Chapter 3 and a preliminary study of the effect of 

adding a nonionic surfactant to an anionic surfrctant on the rate of precipitation has 

also been done (49). In both cases, it was found that mixing surffictants increased the
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amount of time required for precipitation. At 0.25 mole fraction NP(EO)io, none of 

the systems containing both anionic surfactants precipitated afrer being held at -1.6 

for 16 days. However, the model predicts Krafit temperatures above 0 °C. The 

kinetics of precipitation for these solutions may be very slow so that even though the 

solutions could have a Krafit temperature, the slow kinetics could make this 

unimportant in most practical situations. It has been seen previously by another group 

that certain compositions of anionic/nonionic mixtures took two weeks for 

precipitation to occur when attempting to force precipitation close to 0 °C (14). 

However, this does not explain the much larger drops in the Krafit temperature data 

on the SDS rich side for 0.15 and 0.20 mole fraction NP(EO)%o than is predicted. 

Also, coprecipitation (possibly due to adsorption of the cosur&ctant onto the 

surfactant crystal surface) could be occurring, which the model does not incorporate. 

Adsorption of nonionic surfactant on anionic/cationic surfactant precipitate has been 

considered to be the cause of deviation between theory and experiment in that ternary 

system (28).

Figure 1.12 shows the efiect of adding SOBS to SDS on the Krafit 

temperatures of SDS/SOBS/NP(EO)io- From this figure, it is evident that increasing 

the heterogeneity of the sur&ctant mixture reduces the Krafit temperature. As the 

SOBS mole fraction is increased, the Krafit temperature is lowered. Also, as the mole 

fi-action of total anionic surfactant is decreased, the Krafit temperature is reduced, the 

efiect being more pronounced at a SOBS mole finction of 0.5, close to the minimum in 

the eutectic Krafit temperature plot.

An understanding of the synergistic efiect of mixing two anionic surfactants in 

a ternary system with a nonionic sur&ctant can be obtained from monomer 

concentrations of the sur&ctants as they are mixed. Figure 1.13 shows the predicted
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monomer concentrations of SDS and SOBS as they are mixed in solutions containing 

various mole fractions ofNP(EO)io- For each system, as SDS is added to SOBS, the 

monomer concentration of SOBS decreases and SDS increases. As a result, a reduced 

temperature is necessary to meet the requirements for precipitation of SOBS as 

dictated by the Kgp. As the SDS mole fraction is increased further, a point is reached 

where enough SDS is present that the solubility product of SDS is satisfied at a higher 

temperature than that of SOBS, resulting in SDS precipitating at the mixture Krafit 

temperature. Therefore, at the Krafit temperatures (on the phase boundary) to the left 

of the minimum in Figure 1.5, SOBS precipitates and to the right of the minimum, SDS 

crystals form. The efiect of adding a nonionic surfactant is to decrease the monomeric 

concentrations o f the anionic surfactants as can be seen in Figure 1.13.

In this study, precipitation characteristics of ideal and nonideal surfactant 

mixtures have been elucidated. Increasing surfactant heterogeneity or the number of 

components in a system tends to depress the Krafit temperature of the system. The 

degree of depression observed in the Krafit temperature upon mixing surfactants, 

however, is not significantly affected by added NaCl. Changing the overall surfrctant 

concentration when well above the CMC only slightly lowers the Krafit temperature. 

The addition of a nonionic sur&ctant can increase the KrafiA temperature depression 

substantially due to nonideal mixed micelle formation.

Krafit temperatures of binary anionic/anionic surfactant mixtures can be 

successfully predicted from a simple thermodynamic model by using an adjustable 

parameter (Kgp or Kg). Only properties of the individual surfactant components are 

required. Greater than predicted Krafit temperature depressions were observed for the 

ternary sur&ctant mixtures. Factors such as slow kinetics of precipitation or 

surfiictant adsorption on precipitate crystals are possible causes for this discrepancy.
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Table 1.1. Summary of Parameters Used in Model to Predict Mixture Kraflft Temperatures

Wo

Units SDS SOBS NP(EO),„
CMC (0 M NaCI) M 0,0072 0.012 7.5 X 10-5

Kg unitless 0.704 0.627 0
K ln(M) -8.317 -7.082 -

4Na unitless 0.67 0.65 -
AHp cal/mol -9000 -6950 -
Kgp at KrafA Temperature IVP 9.77x10-5 1,33x10"» -
Krafft Temperature "C 18.4 28.0 -



Table 1.2. Binary Interaction Paramaters of SDS and SOBS with NP(EO)10

u> NaCl concentration, M PSDS-NP(EO),n PS0BS-NP(E0),n
0.0 -2.72 -2.73
0.1 -2.70 -2.71
0.2 -2.32 -2.33



Table 1.3. Precipitate Compositions from Solutions 0.5,1.0, and 1.5 “C Below the Krafft Temperature

Wro

0.5 ”C Below 1.0 "C Below 1.5 “C Below
SDS/SOBS in Solution SDS/SOBS in Precipitate SDS/SOBS in Precipitate SDS/SOBS in Precipitate

0/100 0/100 0/100 0/100
10/90 0/100 0/100 0/100
20/80 0/100 0/100 0/100
30/70 0/100 0/100 0/100
40/60 0/100 3/97 6/94
50/50 46/54 9/91 6/94
60/40 87/13 63/37 24/76
70/30 100/0 97/3 84/16
80/20 100/0 99/1 90/10
90/10 100/0 100/0 100/0
100/0 100/0 100/0 100/0
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Figure 1.2 CMC as a Function o f Temperature for SDS, SOBS, and NP(EO)|q 
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Figure 1.3 CMC as a Function o f Sodium Concentration for SDS, SOBS and NP(EO) jq
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Figure 1.4 Activity-Based Solubility Product as a Function of Inverse Temperature
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Figure 1.5 Krafft Temperatures for SDS/SOBS System at
0.04 M Total Surfactant Concentration and 0, 0.1, and
0.2 M NaCl Compared with Theory; No Adjustable Parameter
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Figure 1.6 Krafft Temperatures for SDS/SOBS System at 0.04 M 
Total Surfactant Concentration and 0, 0.1, and 0.2 M NaCl Compared 
with Theory; Kgp Adjusted for Pure SDS and Pure SOBS at 0 M NaCl
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Figure 1.7 Krafft Temperatures for SDS/SOBS System at 0.04 M Total 
Surfactant Concentration and 0, 0.1, and 0.2 M NaCl Compared with Theory; 
Kgp Adjusted for Pure SDS and Pure SOBS at Each NaCl Concentration
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Figure 1.8 Krafft Temperatures for SDS/SOBS System at 0.04 M and
0.02 M Total Surfactant Concentrations at Various NaCl Concentrations
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Figure 1.9 Krafft Temperatures for 0.04 M
SDS/NP(EO)jq at 0, 0.1, and 0.2 M NaCl
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Figure 1.10 Krafft Temperatures for 0.04 M

to

SOBS/NP(EO),^ at 0, 0.1, and 0.2 M NaCl
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Figure I.l 1 Ternary SDS/SOBS/NP(EO)jq Krafft Temperatures

at 0.04 M Total Surfactant Concentration at 0 M NaCl
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Figure 1.12 The Effect o f Increasing SOBS Concentration on Krafft 
Temperatures of 0.04 M SDS/SOBS/NP(EO)jq Mixtures at 0 M NaCl
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Chapter 2

PRECIPITATION IN SOLUTIONS CONTAINING MIXTURES 

OF SYNTHETIC ANIONIC SURFACTANT AND SOAP

I. EFFECT OF SODIUM OCTANOATE ON HARDNESS 

TOLERANCE OF SODIUM DODECYL SULFATE

The effect o f sodium octanoate (SO) and pH on the precipitation of sodium 

dodecyl sulAte (SDS) with calcium (hardness tolerance) was investigated. Adjusting 

the pH changes the ratio of fatty acid (HO) to octanoate ion (O") in solution.

Titrations were done for SDS/SO mixtures and it was found that the HO/0" molar 

ratio in the micelles is driven by the synergism of mixed anionic/nonionic micelle 

formation. Critical micelle concentrations (CMC) of the mixtures at various pH levels 

showed synergistic behavior typically found in nonideal systems. The hardness 

tolerance for mixtures of SDS and SO were determined at various pH levels. It was 

found that lowering the pH slightly increased the hardness tolerance of SDS in the 

SDS/SO mixtures above the CMC and that the addition o f SO to SDS also increased 

the hardness tolerance of SDS above the CMC. Due to nonideal mixed micelle 

formation, the most synergistic system studied was 80/20 SDS/SO at a pH level of 5.0.

Key Words: hardness tolerance, nonideal mixed micelles, pH dependence of surfactant 

behavior, precipitation, soap, sodium carboxylate, surfactant, synergistic behavior
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2.1 Introduction

Soaps and synthetic anionic surtiictants have traditionally been major 

constituents in many cleaning agents (1). An important characteristic of anionic 

surfactants is their tendency to precipitate from hard water. Precipitation of anionic 

surfactants can inhibit their use in many applications and can affect formulation 

compositions substantially. The use of sur&ctant mixtures can have synergistic 

advantages over the use of a single surfactant in cases such as detergency where 

surfactant precipitation is detrimental (2,3).

The hardness tolerance enhancement of synthetic anionic surfactants due to the 

addition of monovalent counterions (4) or nonionic sur&ctant (5) has been studied by 

our group. The effect of soap (salt of fatty acid) as a cosurfactant on the hardness 

tolerance of a synthetic anionic surfactant is investigated in this paper at various pH 

levels. The hardness tolerance is the minimum concentration of multi valent counterion 

which causes precipitation of an anionic sur&ctant; in this study, calcium is the 

counterion used. The CMC o f these surfactant mixtures is also studied here at various 

pH levels, and mixed micelle formation is shown to greatly affect precipitation 

behavior. Sodium dodecyl sul&te (SDS) is used as a model synthetic anionic 

sur&ctant. Sodium octanoate, SO, was used rather than a longer chain length soap 

even though longer chain lengths are used in most applications. In general, the 

solubility of a fatty acid decreases as the soap chain length increases. The object of 

this study was to understand the precipitation of the SDS due to calcium, and so a 

more soluble &tty acid (hence, a shorter chain length) was required.
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2.2 Experimental Procedures

2.2.1 M aterials

Sodium dodecyl sulfate, SDS, was obtained from Henkel Co. with a purity no 

less than 96.5%. The SDS was purified by first dissolving the SDS powder into 

distilled water and filtering through a fritted glass filter to eliminate large particles.

The filtrate was then left overnight at about 10 °C to allow the surfactant to 

recrystallize. The precipitated solution was filtered through a fiitted glass filter to 

obtain the crystals, which were dissolved in 100% HPLC grade methanol. This 

solution was heated slightly to help dissolve the SDS and was then cooled overnight at 

about 0 °C to force precipitation. The precipitated SDS was again filtered and dried 

under vacuum overnight at about 30 °C. The purity of the recrystallized SDS was 

verified by the lack of formerly present impurity peaks using HPLC. The sodium 

octanoate, SO, was obtained from Sigma Chemical Co. at a purity of at least 99% and 

was used without further purification. The calcium chloride was analytical reagent 

grade from J.T. Baker Chemicals B. V.-Deventer-HoUand and was used as received. 

The water was distilled and had a conductivity of 2 pmho/cm.

2.2.2 Methods

2.2.2.1 Precipitation Phase Boundaries. All experiments in this study were 

performed at a constant temperature of 30 °C maintained using a temperature 

controlled water bath. The precipitation phase boundaries for the SDS/SO mixtures 

were determined for varying SO concentrations and pH levels of 5.0, 7.0, and 9.0. 

Precipitation phase boundaries were also determined for pure SDS and pure SO at pH 

levels of 5.0, 7.0, and 9.0. For each point on a precipitation phase boundary, a series
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of solutions was prepared with varying CaCl2  concentration at constant SO 

concentration and pH. Sodium hydroxide and hydrochloric acid were used to adjust 

the pH. A Benchtop pH/ISE meter with a Triode pH electrode was used for all pH 

measurements. A surfactant solution can remain supersaturated for long periods of 

time (6,7) resulting in a non-equilibrium apparent hardness tolerance. Therefore, the 

solutions were first cooled to 5 °C for at least 24 hours to force precipitation (4,5,8,9). 

The solutions were then heated to 30 °C and were shaken daily for four days to insure 

equilibrium (4). After four days, a high intensity beam of light was used to check each 

solution for crystals, which glisten against a daik background in the light. If a solution 

was outside of the precipitation region, crystals would redissolve so that the solution 

became clear. If crystals remained in the solution after equilibration, the initial solution 

composition was considered to be inside the precipitation region. The hardness 

tolerance is taken as the average CaCl2  concentration of the lowest concentration 

resulting in precipitate and the highest concentration for which precipitate is absent.

2.2.2.2 Titration Curves. In order to determine the fi'action of the SO which 

is protonated, titration curves for 80/20 and 60/40 SDS/SO mixtures above the CMC 

were measured using a Metrohm 665 Dosimat automatic titrator with a Fisher 

Scientific Accumet pH meter model 825 MP inter&ced with a Zenith computer using 

Titration Station software. The solutions were either titrated with HCl or NaOH.

2.2.2.3 Critical M icelle Concentrations. The CMC of each SDS/SO mixture 

and of pure SDS and pure SO at pH levels of 5.0, 7.0, and 9.0 were determined at 

30 °C. A Kruss digital Du Nuoy ring tensiometer with a platinum/iridium ring was 

used to measure the surface tension of each solution. Each CMC was determined at 

the sur&ctant concentration where there was a sharp change in the slope in a plot of 

the surface tension versus the log of the sur&ctant concentration.
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23  Results and Discussion

The possible precipitation reactions occurring in these systems are represented 

by the following equations;

Ca2+(aq) + DS-(aq) o  Ca(DS)2(s) (H. 1)

Ca2+(aq) + O-(aq) o  Ca(0)2(s) (H.2)

HO(aq)<^HO(s) (H.3)

where DS" is the dodecyl sulfate ion, Ca '̂*' is the calcium ion, and Ca(DS)2  is the 

calcium dodecyl sulfate precipitate. The symbol, 0~, represents the deprotonated 

octanoate ion, Ca(0)2 is the calcium octanoate precipitate, and HO is the fatty acid 

(protonated octanoate ion). The material balances to describe these SDS/SO mixtures 

are:

(NaDS] = [DS-lmon + [DS-]mic @4)

[0"1 -  [O'Jnjon [O'lmic 5)

[HO] = [HO]iuQn + [HOjnÿc (H 6)

[Na+] = [NaDS] + [NaO] + [NaOH] = [Na+]u + [Na+]y (n.7)

50



[Ca2+] = [CaCl2 ] = [Ca^+j^ + [Ca2+]y (H.S)

where [NaDS], [DS"]mon« [DS"]mic are the total SDS, monomeric SDS, and 

micellar SDS concentrations, respectively. The parameters [0‘], [O'jmom and 

[O'Jmic are the total, monomer, and micellar deprotonated SO concentrations, and 

[HO], [HOJinom and [HOlmic are the total, monomer, and micellar concentrations of 

protonated SO in the system. The parameters [Na''^, [Na"*̂ u, and [Na'"^y are the 

total, unboimd (not bound onto the micelles), and bound sodium concentrations, 

respectively, and [NaOH] is the added sodium hydroxide concentration. Finally, 

[Ca2+], [Ca2"'']u, and [Ca2+]y are the total, unbound, and bound calcium 

concentrations, where the total calcium concentration is equal to the total calcium 

chloride concentration in solution ([CaCl2])- The total SO concentration in the 

solution is equal to the sum of [O'] and [HO]. The relative concentrations of each 

form can be adjusted by controlling the solution pH (lowering the pH increases the 

fraction of protonated SO). In these equations, the precipitate is neglected since along 

the precipitation phase boundary there is an infinitesimal amount of solid phase. There 

is assumed to be no added salt (e.g., NaCl) in these systems, but inclusion of these 

effects in the modeling is straightforward (4,5).

Below the CMC, all of the sur&ctant in the system is present as monomer, and 

precipitation depends on the total sui&ctant and total calcium concentrations. 

Therefore, as the sur&ctant concentration is increased in the solution, the amount of 

calcium required to cause precipi&tion decreases as described by the solubility product 

relationship;

Ksp = [Ca2+] [DS']2 y^a YDS  ̂ (H.9)
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where Kgp is the activity based solubility product, [DS"] is equal to the total SDS 

concentration, and and y%)g are the activity coefiBcients of calcium and SDS, 

respectively. Precipitation above the CMC depends on the monomeric surfactant 

concentration and the unbound calcium concentration:

K sp  =  [C a2+lu[D S-]„on^rC arD S^ (DIO)

The behavior above the CMC can be understood by examining the micelle-monomer- 

precipitate equilibria. These equilibria are shown in Figure H. 1 for SDS in the 

presence of calcium. Above the CMC, as the SDS concentration is increased, the 

additional surfactant tends to form micelles. A larger concentration of unbound 

calcium ions will then bind to the micelles, reducing the amount of unbound calcium 

available for precipitation of the surfactant monomers. The total calcium 

concentration must then be increased to meet the conditions required by the 

monomeric solubility product relationship (Equation H. 10) for precipitation to occur 

(4). There are also unbound and bound sodium ions in solution due to dissociation of 

the sur&ctant salt and from any added NaOH, which are not shown in Figure n. I for 

clarity. Sodium was found to not precipitate the anionic surfactants studied at the 

concentration levels present in this paper due to a much larger Kgp with the sur&ctant 

ion (on the order of 10“̂  M^) than that of calcium (8).

Figure II.2 shows the precipitation phase boundaries for SDS at pH levels of

5.0, 7.0, and 9.0. For each SDS concentration, as the calcium concentration is 

increased, precipitation first occurs when the precipitation phase boundary is reached. 

Below the precipi&tion phase boundary the solution is isotropic. Above the
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precipitation phase boundary, crystals are present. The eutectic point in each 

precipitation phase boundary corresponds to the surActant concentration being at the 

CMC. Below the CMC, as the SDS concentration is increased, the concentration of 

calcium required to cause precipitation decreases as predicted by the solubility product 

relationship given in Equation n.9. Above the CMC, a drastic change is seen in the 

precipitation phase boundary. Due to calcium binding on the micelles, the total 

calcium concentration must be increased to precipitate the SDS monomers. No 

significant effect of adjusting the pH is seen in Figure II.2 as is expected for SDS, 

which does not significantly protonate at these pH levels.

The rate of hydrolysis of SDS has been shown to increase as the pH is lowered 

and the temperature is raised (10). This behavior was found to be more than 30 times 

more pronounced above the CMC than below it (10). In daylight at room 

temperature, negligible hydrolysis was found to occur in an aqueous 0.001 M SDS 

solution (below the CMC) after a period of more than 3 years (11). In this study, the 

pH is never below 5, and the age of the sur&ctant solutions are never more than 6 

days old when the data is collected. Also, the solution temperature is near 0 °C for at 

least 24 hours of this time, and only at 30 ®C for the succeeding 4 days. Above the 

CMC, the rate of hydrolysis has been found to be first order with pH and temperature 

(10). Rate constants from Motsavage and Kostenbauder (10) were used here in a first 

order rate equation for 0.1 M SDS (the largest concentration of SDS used in these 

experiments) to obtain the rate of hydrolysis for pH levels of 1.10, 2.10, and 3.28 at 

50.4 and 60.2 °C (Figures n.3 and n.4, respectively). The most severe conditions for 

hydrolysis in the paper are 30 ®C and a pH level of 5.0. Therefore, the rates of 

hydrolysis shown in Figures n.3 and n.4 were extrapolated to a pH level of 5.0 to 

obtain a new rate of hydrolysis for each temperature at this pH. Figure n.5 shows the
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rates of hydrolysis at a pH level of H.5 plotted as a function of temperature, so that the 

final estimated rate of hydrolysis for 0.1 M SDS at a pH of 5 and temperature of 30 °C 

was found to be 2.32 x 10*  ̂M/day. After 4 days, the maximum lost SDS 

concentration would be approximately 9.28 x 10*  ̂M. The effect of additives able to 

lower the CMC of the solution has been found to increase the rate of hydrolysis of 

SDS (10). Therefore, it is possible that the rate of hydrolysis of SDS in solution with 

SO could be higher than found here, since the rate constants used are for pure SDS. 

However, an SDS concentration of 0.1 M was used in the calculations of the rate and 

in the SDS/SO mixtures, SDS concentrations no greater than 0.01 M were used. 

Therefore, the rate of 3.22 x 10^ M/day is very likely a good approximation of the 

maximum rate of hydrolysis occurring in this study, and is not expected to alter the 

results gven in this paper.

The micelle-monomer-precipitate equilibrium diagram for SO is shown in 

Figure II.6. There is an anionic, deprotonated form of SO (0~) which is precipitating 

with calcium in this figure. The deprotonated form is also present as monomer and in 

the micelles. There is also an uncharged, protonated form of SO (HO) which is 

present in the micelles and as monomer. Due to the presence of these two forms, SO 

is able to form nonideal mixed micelles without the presence of any other components. 

Precipitation of HO is also possible in these systems if the solubility limit is reached, 

but the precipitation of SO with calcium is the focus of this study.

The effect of pH on the hardness tolerance of SO is shown in Figure n.7, 

where the precipitation phase boundaries were obtained for pH levels of 6.0, 7.0, and

9.0. Above the CMC, an increase in calcium concentration is required to precipitate a 

given amount of SO as the pH is lowered. When an anionic surfactant forms micelles, 

there is an electrostatic repulsion between the negatively charged surfactant head
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groups. If an uncharged head group is inserted between the charged head groups, the 

electrostatic repulsions decrease and the micelles are easier to form (lower CMC). For 

the SO system, as the pH is decreased, a larger fraction of SO is present in the 

uncharged, protonated form. These HO monomers are inserted into the micelle 

between the negatively charged 0~ ions, creating a more nonideal mixed micelle. As 

the micelles become more nonideal, the SO monomer concentration decreases, 

resulting in a higher hardness tolerance. The effect of adjusting the pH on the 

hardness tolerance below the CMC is not as strong as the effect when micelles are 

present as shown in Figure n.7.

As the SO concentration increases and the pH decreases, the monomeric fatty 

acid concentration reaches its solubility limit. At a pH level of 5, a majority of the 

precipitation phase boundary was not obtainable for SO due to precipitation of the 

fatty acid at low concentrations. At a pH level of 6, the precipitation phase boundary 

is truncated slightly above the eutectic point. At a pH level of 6, the solubility limit of 

the fritty acid is reached at 0.15 M SO. Table H I shows the solubility limit of the fatty 

acid for SO at pH levels of 5, 6, 7, and 9. The Kgp values for SDS and SO with 

calcium are shown in Table U.2. These values agree well with the literature. The Kgp 

value for SDS with calcium at 30 °C was found to be 5.02 x 10"  ̂M^ by Stellner and 

Scamehom (4). The Kgp value for SO with calcium at 25 °C and a pH of 12 was 

determined as 3.98 x 10"  ̂M^ by Irani and Callis (12).

Figure II. 8 illustrates the micelle-monomer-precipitate equilibrium for an 

SDS/SO mixture. The hardness tolerance of a mixture containing more than one 

anionic surfactant is obtained when the solubility product of the least soluble surfactant 

is reached (2,13). Mixed precipitate is usually not seen along the precipitation phase 

boundary of mixed anionic surjetants unless the Kgp values of the two surfactants are
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very similar (14). For the conditions studied in this paper, SDS is always the 

precipitating species for the mixed SDS/SO system, as shown in Figure n.8. Hence, 

this study documents the effect of SO on SDS precipitation. The effect of SDS on SO 

precipitation will be the focus of a future study. The SO in Rgure n.8 is present in 

both its protonated and deprotonated forms as monomers and in the micelles. The 

SDS is present in the micelles, as monomer, and as precipitate.

Above the CMC, the H0/0~ mole ratio is not the same in the micelles as for 

the monomer phase. Titration curves were obtained for SDS/SO mixtures above the 

CMC and compared with the pKa for SO to determine the change in the observed pKa 

as the two surfactants are mixed above the CMC. The pKa o f pure SO below the 

CMC is 5.0 (15). Above the CMC, for 80/20 SDS/SO, the pKa increases to 5.6. For 

60/40 SDS/SO, the pKa is equal to 5.3. Both the 80/20 and 60/40 SDS/SO mixtures 

above the CMC show a greater pKa than the pKa for pure SO below the CMC 

Titrations above the CMC for mixtures containing higher fractions of SO are not 

included here because precipitation inhibited our ability to obtain accurate titration 

curves. Since the pKa is a thermodynamic constant (and therefore the true pKa of the 

sur&ctant monomers must remain constant) the higher, observed pKa values seen 

above the CMC are a result of a higher degree of protonation in the micelles due to a 

lower pH in the region of the micellar head groups. Above the CMC, the pKa 

decreases as the SDS/SO mole ratios change from 80/20 to 60/40. This shows that 

more SO in the micelles is in the protonated form for 80/20 SDS/SO than for 60/40 

SDS/SO. For the 80/20 SDS/SO mixture, there is a higher fraction of the negatively 

charged DS" head groups in the micellar phase than for the 60/40 SDS/SO mixture. 

This higher concentration of negative charges results in a higher concentration of
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hydrogen around the head groups and, therefore, a larger HO/0~ mole ratio in the 

micelles.

Figure n.9 shows the CMC curves for the SDS/SO mixtures at pH levels of

6.0, 7.0, and 9.0. The CMC curves display the synergism typically seen in systems 

forming nonideal mixed micelles. The CMC curves also show that for pure SO, as the 

pH is lowered, the CMC drastically reduces. However, for the SDS/SO mixtures, the 

effect is negligable. In the SDS/SO mixtures, it seems that the presence of SDS in the 

micelles results in a higher fraction of protonated SO in the micelles, even at a pH of

9.0. The decrease in CMC with decrease in pH for 6tty acid/soap mixtures has been 

seen previously and shown to be correlated to the effect o f mixed micelles (15). A 

study of the effect of pH on the Krafit point of DDAHCl has also been done and the 

same type of behavior seen, although opposite, due to the difference in the charge for 

the protonated and deprotonated forms (16).

A general model has been developed which can predict the hardness tolerance 

of an anionic surfactant (4,5). This model uses pseudo-phase separation theory (3,17) 

to describe the micelle-monomer equilibrium. Regular solution theory (sometimes 

called Rubingh theory) (3,8,18-21) must be used with the pseudo-phase separation 

theory (rather than ideal solution theory) to describe the thermodynamics of mixed 

micelle formation between the protonated SO and the anionic components in the 

solution (SDS and deprotonated SO). In theory, the systems studied here can be 

modeled using this theory combined with a model to describe the degree of 

protonation of SO in the micelles and monomer phases. The model for the degree of 

protonadon of SO treats the protonated and deprotonated forms as separate 

surfactants (22). Titration curves above the CMC for each SDS/SO mole ratio studied 

are required to model these systems. Also, the CMC value for the fatty acid is needed.
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However, due to the low solubility of the fatty acid, much of this information was not 

experimentally available Therefore, modeling of this system was not achieved. One 

can see that similar, more soluble, systems could be modeled by combining hardness 

tolerance modeling with the degree of protonation modeling.

The precipitation phase boundaries (hardness tolerance) of mixtures of SDS 

and SO are shown in Figures H. 10, H. 11,11.12, and 11.13 for 80/20, 60/40,40/60, and 

20/80 SDS/SO, respectively, at various pH levels. Every mixture studied shows a 

slight increase in the hardness tolerance above the CMC as the pH is lowered. The 

increase in the hardness tolerance is not as great as was seen in Figure n.4 for pure 

SO. In the SDS/SO mixtures, as was seen for the pure SO precipitation phase 

boundaries, pH does not have a significant effect on the hardness tolerance below the 

CMC.

Figures H.14, H.15, and H.16 show the hardness tolerance of SDS/SO 

mixtures at pH levels of 5.0, 7.0, and 9.0, respectively. Each figure compares 

precipitation phase boundaries for 100/0, 80/20, 60/40, 40/60, and 20/80 SDS/SO. In 

every case, when SO is added to the system, the hardness tolerance of SDS above the 

CMC is increased, due to the formation of mixed micelles. There is a large jump in the 

hardness tolerance of SDS fi-om the 100/0 SDS/SO system to the 80/20 SDS/SO 

system. As the mole ratio, SDS/SO, is decreased from 80/20 to 60/40, 40/60, and 

20/80, a slight decline in the hardness tolerance is seen. Due to the increased 

nonideality of the mixed micelles at 80/20 SDS/SO, compared with the other mixtures, 

precipitation for this mixture with calcium is the most difiScult. This occurs because 

there is a larger concentration of negatively charged head groups in the micelles due to 

the presence of a larger concentration of SDS. Therefore, the pH surrounding the
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micelles in the region of the head groups decreases, resulting in a higher fraction of 

protonated SO.

In this study, it has been found that the general effect of SO on the 

precipitation of SDS with calcium is to increase the hardness tolerance above the 

CMC. The driving force for increased protonation of SO in the micelles is the 

reduction in the free energy of the micelles associated with the formation of nonideal 

mixed micelles. The largest amount of synergism for the mixtures studied here is for 

80/20 SDS/SO and a pH level of 5.0.
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Table II. 1 Solubility Limit of the Fatty Acid, HO, at 30 "C

pH Solubility Limit
5.0 0.03 M
6.0 0.15M
7.0 0.5 M
9.0 I.OM



Table 11.2. Kgp Values for SDS and SO with Calcium at Several pH Levels and 30 "C

a
Surfactant pH = 6.0 pH = 7.0 pH = 9.0

SDS 5.79 X 10'«M^ 5.99x 10-'«M3 4.37 x 10-'" M3
SO 3.29x10-7 M3 3.65x10-7 M3 4.08x10-7 M3



Figure II. 1 Micelle-Monomer-Precipitate Equilibrium Diagram for SDS 
in the Presence of Calcium
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Figure 11.2 Precipitation Phase Boundaries (Hardness 

Tolerance) for SDS at pH Levels o f 5.0, 7.0, and 9.0 and 30
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Figure 11.3 Rate of Hydrolysis o f SDS as a Function o f pH at 50.4 °C  Calculated
from Rate Constants from Motsavage and Kostenbauder ( 10)
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Figure 11.4 Rate o f Hydrolysis o f SDS as a Function o f pH at 60.4 °C Calculated
from Rate Constants from Motsavage and Kostenbauder ( 10)
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Figure II.5 Rate o f Hydrolysis o f SDS as a Function o f Temperature at a pH
Level o f 5.0 Calculated by Extrapolation Using Best Fit Curves in Figures 11.3
and 11.4
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Figure II.6 MicelIe-Monomer-Precipitate Equilibrium Diagram for SO 
in the Presence of Calcium Ions
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Figure 11.7 Precipitation Phase Boundaries (Hardness

Tolerance) for SO at pH Levels o f 6.0, 7.0, and 9.0 and 30 
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Figure 11.8 Micelle-Monomer-Precipitate Equilibrium Diagram for an SDS/SO 
Mixture in the Presence of Calcium Ions with Ca(DS)2 Precipitating
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Figure 11.9 CMC as a Function o f Mole Fraction SO in SDS/SO
Mixtures for pH Levels o f 6.0, 7.0, and 9.0 and 30 °C
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Figure 11.10 Precipitation Phase Boundaries (Hardness Tolerance)

for 80/20 SDS/SO at pH Levels o f  5.0, 7.0, and 9.0 and 30 ®C
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Figure Il.l 1 Precipitation Phase Boundaries (Hardness Tolerance)

for 60/40 SDS/SO at pH Levels o f  5.0,7.0, and 9.0 and 30
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Figure 11.12 Precipitation Phase Boundaries (Hardness Tolerance)

for 40/60 SDS/SO at pH Levels o f  5.0, 7.0, and 9.0 and 30
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Figure 11.13 Precipitation Phase Boundaries (Hardness Tolerance)

for 20/80 SDS/SO at pH Levels o f 6.0, 7.0, and 9.0 and 30 °C
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Figure 11.14 Precipitation Phase Boundaries (Hardness Tolerance) for 100/0,

80/20, 60/40, and 40/60 SDS/SO Mixtures at a pH Level o f 5.0 and 30
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Figure 11.15 Precipitation Phase Boundaries (Hardness Tolerance) for 100/0, 

80/20, 60/40, 40/60, and 20/80 SDS/SO Mixtures at a pH Level o f 7.0 and 30 
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Figure 11.16 Precipitation Phase Boundaries (Hardness Tolerance) for 100/0,

80/20, 60/40, 40/60, and 20/80 SDS/SO Mixtures at a pH Level o f 9.0 and 30 °C  
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CHAPTERS

KINETICS OF PRECIPITATION OF ANIONIC SURFACTANT MIXTURES

The precipitation kinetics were measured for calcium induced precipitation of 

mixtures of two anionic surfactants. The overall time required for precipitation to 

occur can increase dramatically in a range of compositions for the sur6 ctant mixtures 

compared to single components. Adsorption of the nonprecipitating surfactant onto 

the precipitate surface was shown to be responsible for this remarkable synergism.

The higher the supersaturation of surfactant monomers, the more rapidly precipitation 

occurs. The precipitation occurs in step-wise 6 shion under some conditions where 

crystals of different composition are formed with different induction times. Atomic 

force microscopy (AFM) was used to visually study the crystal surfaces. Graphs of 

what seems to be the surfactant head groups in the crystal lattice show a hexagonal 

arrangement of the head groups for the anionic surfactants studied. A comparison of 

AFM graphs between pure anionic surfactant crystals and crystals formed from anionic 

sur6 ctant mixtures shows dramatic differences. Spiral crystal growth due to a screw 

dislocation was observed for one of the pure systems. For the mixtures, a crystalline 

phase growing on the surface of another crystal surface seemed to occiu’ in one case 

and two types of crystals, with one type being stressed enough to result in incomplete 

layers and holes, was observed for a system which exhibited a step-wise rate curve. 

Image analysis was used in this study to obtain visual information about the effect of 

mixing two anionic surfactants on crystal habit. It was found that changes do occur 

when the two sur&ctants are mixed. This indicates that processes such as adsorption
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and coprecipitation are occurring. The crystals were then allowed to age in solution 

for a period of one week and it was found that the crystalline phase from the mixed 

surfactant solutions separated into two types of crystals which resembled the week old 

pure crystals.
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3.1 Introduction

An important characteristic of anionic surfactants which can inhibit their use in 

many applications is their tendency to precipitate from aqueous solutions. One 

condition which can cause anionic sur&ctants to precipitate easily is hard water (water 

containing multivalent cations). Precipitation of surfactants due to hard water can be 

detrimental in applications such as detergency, where precipitated surfactant is not 

available for participation in the cleaning process. There have been numerous studies 

of the thermodynamics of sur&ctant precipitation. However, there have been very few 

investigations of the kinetics or rate of surfactant precipitation despite the fret that 

many practical surfrctant processes may be far from equilibrium. Since the vast 

majority of surfactants in industrial or consumer products are mixtures of surfactant 

molecular structures, the effect of mixture composition on precipitation kinetics has 

important consequences for applications.

In this study, the rate of anionic surfactant precipitation from anionic surfactant 

mixtures by calcium is studied both above and below the critical micelle concentration, 

or CMC. Precipitate crystal structure for single and mixed surfactant systems is also 

investigated and the correlation to precipitation kinetics discussed.

3.2 Experimental Procedures

3.2.1 Materials

The two anionic surfactants used in this study were sodium dodecyl sulfate 

(SDS) and sodium octyl benzene sulfonate (SOBS). Electrophoresis/HPLC grade 

SDS was at least 99% pure and was obtained from Fisher Scientific. It was further
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purified by recrystallization fi-om water and then fi’om methanol, followed by drying 

under a vacuum at approximately 30 °C. The SOBS was obtained fi-om Aldrich at a 

purity of 97%. The SOBS was recrystallized first fi-om methanol, and then fi-om 

water. It was then rinsed with cold methanol and dried under a vacuum at 

approximately 30 °C. The reagent grade calcium chloride was obtained fi-om Fisher 

Scientific and was used as received. Water was double deionized.

3.2.2 Methods

3.2.2.1 Precipitation Phase Boundaries. Precipitation phase boundaries for 

each surfactant are important to kinetic studies in order to quantify supersaturation 

and whether micelles are present. For each surfactant concentration studied, a series 

of solutions was made with varying CaCl2  concentrations. Surfactant solutions can 

stay supersaturated for long periods of time ( 1,2 ) resulting in non-equilibrium apparent 

hardness tolerances. Therefore, the temperature of these solutions was first lowered 

to near 0 °C for at least 24 hours to force precipitation. The temperature was then 

held constant at 30 °C for four days while gently shaking the samples daily to insure 

equilibrium (3). For each series of solutions, some samples still contained crystals, 

while others became clear. The clear solutions were recorded as being below the 

precipitation phase boundary, while the turbid solutions were above the precipitation 

phase boundary. The solutions on the precipitation phase boundary contained the first 

amount of precipitate seen using a high intensity beam of light.

The equilibrium supernatant concentrations for the individual surfactant 

components in the surfactant mixtures can be predicted at arbitrary initial conditions 

using a model by Stellner and Scamehom (3,4). Experimental determination of a few 

points was done to verify the accuracy of the model for SDS/SOBS mixtures.
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Experimental determination of points along the precipitation phase boundary of the 

least soluble surfactant in a mixture was found in the same way as for the pure 

sur&ctant hardness tolerance, using a high intensity beam of light to visually detect the 

crystalline phase. Experimental determination of a few points along the precipitation 

phase boundary for the more soluble sur&ctant was made by determining the point 

where the more soluble surActant was initially present in the crystals via conductivity. 

Any solution still containing precipitate at equilibrium was filtered with a Whatman 3.0 

pm pore size cellulose nitrate membrane filter and analyzed with a Wescan 

conductivity detector via HPLC, using a reverse phase silica colunm. The filtering was 

done quickly so that the solution remained isothermal. The absence of solids in the 

filtered supernatant was immediately confirmed with a high intensity beam of light.

The precipitate was washed with cold water to remove the mother liquor, and 

dissolved in water. For the samples which contained the more soluble surfactant, the 

initial solution concentration was considered to be inside the precipitation region for 

that surfactant. For solutions in which the more soluble surfactant was not detected in 

the precipitate, the initial solution concentration was considered to be outside the 

surfactant's precipitation phase boundary.

i.2.2.2 Calorimeter Studies. A Tronac model 458/558 calorimeter was used 

in isoperibol mode to measure the heat of reaction (which can be related to the amount 

of sur&ctant precipitated) as a fimction of time. Isoperibol calorimetry is a nearly 

adiabatic process. However, there is a small amount of heat transferred fi'om the 

reaction vessel to the water bath and added to the reaction vessel by the stirrer and 

thermistors. Over small lengths of time, this heat leak can be modeled as a linear 

fimction of the reaction vessel temperature. The temperature of the water bath at
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30 °C can be maintained within ± 0.025 °C using a Tronac PTC-41 temperature 

controller. A diagram of the reaction vessel set-up is shown in Figure HI. 1. The rates 

of precipitation of SDS/SOBS mixtures with calcium were measured. Total 

concentrations o f0.0025, 0.0096, 0.0192, 0.0288, and 0.0750 M were studied with 

SDS/SOBS mole ratios of 0/ 1, 0.2/0.8, 0.4/0.6, 0.6/0.4, 0.8/0.2, and 1/0 . 

Approximately 48 g of surfactant solution was placed in the reaction vessel, and 

approximately 2 g of 0.25 M calcium chloride solution was injected into a soft glass 

ampoule which was then sealed with a Nficroflame butane torch and placed in the 

ampoule holder/stirrer. The system was then allowed to equilibrate with the water 

bath temperature. The ampoule could then be broken with the hammer to allow 

"instantaneous" mixing of the reactants which are being stirred vigorously.

3.2.2.3 Heats o f Reaction. When an anionic surfactant solution is mixed with 

a counterion, the apparent experimental heat of reaction is the total heat released from 

the precipitation reaction, dilution of the ampoule contents, dilution of the reaction 

vessel contents, breaking of the ampoule, and in some cases, micelle formation and 

dissociation. Additional experiments must be done to determine these extraneous 

heats. The heat of breaking the ampoule was measured by breaking an ampoule 

containing water into the reaction vessel containing water. Heat of dilution of the 

ampoule solution was measured by breaking an ampoule containing a solution of 

CaCl2  into water, and heat of dilution of the reaction vessel solution was measured by 

breaking water into the appropriate reaction vessel solution. Heat of micellization was 

measured by breaking an ampoule containing a concentrated CaCl] solution into a 

surfectant solution that was above the CMC, but outside the precipitation region. This 

resulted in the formation of additional micelles without precipitation. The decrease in 

the CMC upon addition of a counterion was calculated using a model presented by
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Stellner and Scamehom (4). A Microscribe 450 chart recorder was used to plot the 

temperature difference between the reaction vessel and the water bath, in voltage, 

versus time. For each run, the average heat capacity, Cp, was obtained by adding a 

known amount o f heat for a known amount of time before and after the reaction.

Then, using this heat capacity, the overall heat produced during a reaction, Q7 , could 

be obtmned:

QT = CpAT (m .l)

where AT is the total temperature change, in mV, during the reaction minus the heat 

leak discussed in the previous section.

For systems that start above the CMC, demicellization occurs as the 

precipitation reaction proceeds due to an equilibrium shift from the micelles to the 

monomers. The heat associated with this process should be subtracted from the heat 

of reaction as a function of time. The concentration of surfactant as micelles in 

solution can be found at each point during a reaction using the same model by Stellner 

and Scamehom (4) along with a model o f the precipitation reaction pathway (5-7).

The heat due only to precipitation at each point along the reaction pathway can thus be 

separated from all of the extraneous heats associated with a calorimeter run.

3.2.2.4 Determination o f Factors Affecting Precipitation. HPLC was used to 

determine if adsorption of one sur&ctant on the crystals of the other surfactant can 

occur in these systems. Solutions of 0.02 M SDS and 0.02 M SOBS were precipitated 

using 0.01 M CaCl2 . The precipitated solutions were then filtered, and the precipitate 

was dried and wdghed. Solutions of each sur&ctant that were outside the 

precipitation phase boundary were made and placed in a constant temperature water
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bath at 30 °C. Both SDS and SOBS solutions were made with surfactant 

concentrations of 1.0 x 10-^, 5.0 x lO’^, 1.0 x 10"^, 1.5 x 10*4, 2 .0  x 10*4, and 2.5 x 

10*4 M in order to determine the presence of any adsorbing surfactant on the 

dissolved precipitate. Dried and weighed Ca(DS)2  precipitate was added to each 

dilute solution of SOBS, and vice versa. The solutions were then held at 30 °C for 

four days to ensure equilibrium (8 ). The solutions were then filtered with a Whatman 

3.0 pm pore size cellulose nitrate membrane filter. The filtering was done quickly so 

that the solution remained isothermal. The filter cake was rinsed with cold water to 

remove the mother liquor, and dissolved in water. A reverse phase silica column on an 

HPLC with a Wescan conductivity detector was then used to measure surfactant 

concentrations.

Calorimetry was used to determine the possibility of coprecipitation for 

mixtures of supersaturated SDS and 2.5 x 10*4 ^  SOBS with calcium. This same 

study was done for supersaturated SOBS and 2.5 x 10*4 M SDS. The supersaturated 

solutions contained 0.020, 0.010, 0.0025, 0.0010, and 0.0006 M surfactant with 0.010 

M CaCl2  The solutions were filtered immediately after the calorimeter run with a 

Whatman 3.0 pm pore size cellulose nitrate membrane filter, and concentrations were 

measured with a Wescan conductivity detector via HPLC using a reverse phase silica 

column. Solutions containing 2.5 x 10*4 gDS and 2.5 x 10*4 ^  SOBS with 0.010 

M CaCl2  were stirred for over 30 minutes at 30 °C to ensure that no precipitation 

would occur in these solutions.

A series of solutions containing 48 g of 0.0196 M sur&ctant was precipitated 

with 2 mL of 0.25 M CaCl2  The solution being precipitated was stirred vigorously by 

a submergible stir plate in a 30 °C water bath. Each reaction was stopped at different 

times by quickly filtering via a Whatman 1.0 pm pore size cellulose nitrate filter, and
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throwing out the first portion of the filtered solution. The time required to obtain a 

filtered sample was noted. The filtered solutions were diluted and the concentrations 

measured with an Alltech 320 conductivity detector via a Shimadzu LC-IOAD HPLC 

using a reverse phase silica column.

Atomic force microscopy (AFM) was used to determine any changes in surAce 

characteristics as SDS and SOBS were mixed in supersaturated solutions. Crystals 

fi'om solutions containing 0.020 M total surfirctant concentration and 0/100, 40/60, 

60/40, and 100/0 SDS/SOBS were analyzed with a Digital Instruments and Co. 

Nanoscope m  scanning probe microscope in contact mode. The surfactant solution 

being studied and a 0.25 M CaCl2  solution were placed in a constant temperature 

water bath at 30 °C. The 48 g surfactant solution was vigorously stirred on a 

submergible stir plate and allowed to come to equilibrium with the water bath 

temperature. A 2 mL quantity of CaCl2  was added quickly using a 5000 pL pipette 

after equilibrium was reached. The precipitated solution was gently poured over a 

mica plate 4 minutes after the visual onset of precipitation. The mica plate was then 

rinsed with cold water and dried. This procedure left dispersed crystals over the entire 

mica surface. The samples were analyzed usi% AFM for a range of sizes fi'om 50 x 

50 pm to 10 X 10 pm.

Image analysis was used to determine any change in crystal habit as SDS and 

SOBS were mixed in supersaturated solutions. Bottles containing 48 mL of difterent 

surfactant mixtures were placed on a submergible stirrer in a constant temperature 

water bath. As the surfactant solution was being vigorously stirred, 2 mL of CaCl2  

was quickly pipetted into the surfactant solution. Each experiment was allowed to 

continue for either 4 minutes or 1 week so that the crystals could be analyzed just after 

precipitation and after ripening. At the end of the time allotment, a sample was
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removed, placed on a slide, and a 40X picture was saved through the image analysis 

via Optimas software. The solutions studied were 0.075 M SOBS with 0.010 M 

CaCl2 , 0.010 M SDS with 0.008 M CaCl2 , and the mixtures 0.010 M SDS/0.002 M 

SOBS, and 0.01 M SDS/0.004 M SOBS each with 0.008 M CaCl2

Theory

2.3.1 Precipitation Phase Boundaries

Along a precipitation phase boundary, an infinitesimal amount of precipitate is 

present which normally consists of only one ionic surfactant. Precipitation occurs 

below the CMC when the solubility product relationship for the least soluble sur&ctant 

is reached. The solubility product relationship for a surfactant anion with calcium 

below the CMC is shown below:

KsP = [S-]2[Ca2+]fs2fca (ni.2)

where Kgp is the activity based solubility product, [S~] is the total surfactant 

concentration of the precipitating anionic surfactant, and [Ca '̂*'] is the total calcium 

concentration in solution. Total concentrations are used below the CMC since all of 

the surfactant is in its monomer form. The parameters fg and the activity 

coefiBcients of the surfactant and calcium, respectively. Along the precipitation phase 

boundary and above the CMC, a simultaneous equilibrium exists between the 

precipitating surfactant as monomer, in micelles, and in precipitate. Precipitation 

occurs above the CMC when the monomeric concentration of the least soluble ionic 

sur&ctant, along with the unbound counterion concentration, equals the surfactant's
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solubility product (10). The solubility product relationship which describes surfactant 

precipitation above the CMC is shown below:

KSP = t a  (m.3)

where [S'j^on is the monomeric concentration of the precipitating surfactant and 

[Ca^"^]qn is the unbound calcium concentration (calcium not bound to the micelles). 

The activity coefficients for insertion into equations in.2 and m.3 are found using an 

extended Debye-Huckel expression (11).

log fi = -A izfi  / (1+B aj jO-5) - 0.3 I (m.4)

The constants A and B are dependent on the solvent and the temperature of solution. 

At 30 “C, A has a value of 0.5139 and B has a value o f0.3297 x 10^ (9). The 

parameter zj is the ion valence and is equal to one for either anionic surfactant and two 

for calcium. The parameter a, is an empirical value based on the diameter of the ion, 

and is equal to 6  x 10"  ̂cm"* for calcium (9) and is estimated as 7 x 10"  ̂cm"* for 

SDS and SOBS (3,9,12). The parameter I is the ionic strength of the solution. For 

this study, the ionic strength is given as:

I = E  0.5 q  (zi)2 = [NaDS] + [NaOBS] + 3 [CaCl2 l (in.5)

where q  is the total concentration of ion i in solution, [NaDS] and [NaOBS] are the 

total concentrations of SDS and SOBS in solution, and [CaCl2 ] is the total CaCl2  

concentration in solution.
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Below the CMC, the surfectant monomer can be treated as a simple, strong 

electrolyte. However, there is no universally accepted practice for the calculation of 

activity coefBcients in a micellar solution. In this study, the anionic surjetants and the 

CaCl2  in the micellar solutions are treated as simple, strong electrolytes, as has been 

done previously (13). Several other methods have been proposed. One proposed 

method considers the micelles as a separate species in solution contributing only a 

portion of the actual micelle valence (a shielded micelle) (14). Another method that 

has been proposed treats the micelles as a separate phase ^̂ diich therefore does not 

contribute to the ionic strength of the aqueous solution (15). Burchfield and Woolley 

(14) also discuss the work by other researchers who treat the surfactant in solution as 

a simple, strong electrolyte as we have done here.

Below the CMC, as the anionic surfactant concentration increases, the amount 

of calcium required for precipitation to occur decreases, as dictated by Equation m.2. 

The effect of micelle formation on surfactant precipitation is an increase in the 

concentration of calcium required for precipitation to occur. When micelles form, 

calcium ions bind to the micelles, reducing the amount of unbound calcium available 

for precipitation. As more surfactant is added to the system, the additional surfactant 

tends to form more micelles. The formation of more micelles reduces [Ca^^]un even 

further. Therefore, a minimum in the precipitation phase boundary occurs at the 

CMC. When two surjetants o f similar structure and charge are mixed together, ideal 

mixed micelles form, which results in a further lowering of the unbound calcium ion 

concentration (10,16).

Figure m.2 shows a micelle-monomer-precipitate equilibrium diagram for a 

mixture of two anionic surjetants in the presence of calcium. There are also sodium 

ions in solution due to the dissociation of the surjetant salt, which are not shown in
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Figure m.2 for clarity. Sodium does not precipitate the anionic surfactants studied at 

the concentration levels present in this paper due to a much larger Kgp with these 

sur&ctants than the calcium salt. The hardness tolerance of a mixture containing more 

than one anionic surfactant is obtained when the solubility product of the least soluble 

surfactant is reached (10,16). \fixed precipitate is usually not seen along the 

precipitation phase boundary of mixed anionic surfactants unless the Kgp values of the 

two surfactants are very similar (17). The result of this type of behavior is that as the 

precipitating surfactant is mixed with another anionic sur&ctant, the precipitating 

surfactant is diluted in the micellar phase. This shifts the equilibrium toward the 

micelles, and causes precipitation of that surfactant to be more difQcult.

A general model has been developed which can predict the hardness tolerance 

of an anionic surfactant (3,4) using pseudo-phase separation theory (18,19) to describe 

the micelle-monomer equilibrium which occurs in micellar solutions. This model can 

be used to predict the hardness tolerance of a mixture as well as the monomer and 

micellar concentrations of each component in the system. If the precipitating 

component of interest is the least soluble, its hardness tolerance is equal to the 

hardness tolerance of the surfactant mixture. If this surjetant is the more soluble, an 

iterative approach must be taken in which the amount o f the least soluble surfactant 

precipitated is initially guessed. Using the solubility product relationship, the hardness 

tolerance model, and material balances, the amount of calcium required initially in the 

solution to precipitate out the more soluble component can be calculated. The total 

amount of calcium that is needed in the system to precipitate the more soluble 

sur&ctant equals the following;

[C acy  = [Ca2+lb + [Ca^-^ua + [Ca2+]ppt (m.6)
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where [CaCl2 ] is the total CaCl2  concentration, [Câ '*%|y is the calcium bound to the 

micelles, and [Ca '̂*"]pp( is the total amount of calcium which has precipitated with the 

least soluble surActant.

A solution which contains surActant and calcium concentrations that lie inside 

the precipitation phase boundary is supersaturated. Supersaturation is a measure of 

the excess concentration of the reactants above the equilibrium solubility 

concentrations (20-22). A supersaturated solution will precipitate after some 

measurable amount of time so that the equilibrium concentration of the solution will lie 

on the precipitation phase boundary. In this paper, the degree of supersaturation, or 

supersaturation ratio (Sq) for an anionic surfactant precipitating with Câ "*", is defined 

as follows;

So = ([CaZ+lun (tS'lmon)^ «Ca I Kgp)'^ (tn.7)

Equation m.7 only takes into consideration the monomer surfactant concentration and 

the unbound calcium concentration. The initial presence of micelles in a 

supersaturated solution decreases the supersaturation ratio because the micelles 

remove the surfactant and calcium from the monomer phase.

In a solution containing two anionic surfactants, the supersaturation ratio for 

each surfactant can be calculated separately. Using a supersaturation ratio that 

considers only the monomer surfactant and unbound calcium concentrations allows the 

effect of micelles to be accounted for. Thus, above the CMC, as a surfactant is diluted 

due to mixing with another surActant, the supersaturation ratio for that surActant will 

generally decrease.
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A reaction pathway theoretically predicts the supernatant concentration of each 

reacting component (calcium and sur6 ctant anion) as the reaction proceeds from the 

initial supersaturated solution to the equilibrium composition (on the phase boundary). 

The reaction pathways for the precipitation of each surfrctant in the mixture can be 

predicted theoretically (5-7). Modeling of the reaction pathways can be accomplished 

using material balances for each surfactant along with the knowledge that two 

surActant ions precipitate with one calcium ion;

2[NaS] = 2[S lunr 2[S ]pp( (HI.8 )

[CaCl2 ] = [Ca2+]„„ + [Ca2+]pp, (in.9)

2[S-]ppt = [Ca2+]ppt (in. 10)

where [NaS] is the total surfactant concentration, [S"]unr the unreacted (or 

unprecipitated) surfactant ion concentration, [S‘]ppt is the precipitated surActant 

concentration, and [Ca2'*']yjy. is the unreacted calcium concentration. Combining 

these equations gives the reaction pathway constant, D:

D = 2[S-]unr + [Ca2+]u„j. ( m i l )

For every [Ca2+]^jjj. during the precipitation reaction, [S"]unr can be calculated using 

Equation m i l .  The equilibrium condition for the reaction is found by the point
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where the reaction pathway crosses the appropriate precipitation phase boundary.

This information can be put into the pseudo-phase separation model to calculate the 

concentration of surfactant in the micelles and the concentration of calcium bound 

onto the micelles at each point along the reaction pathway. This information can then 

be related to the extent of reaction and, therefore, to any time during the precipitation 

reaction.

3.3.2 Theory o f Crystallization

There is extensive literature in the area of crystallization theory. Most of this 

literature has been developed in relation to the precipitation of inorganic salts, but is 

being found to extrapolate to studies involving many other precipitation systems. The 

theory discussed in this section is a general discussion of the theory of crystallization 

and is believed to be applicable to the precipitation of surfactant salts.

The induction period is the period between the attainment of supersaturation 

and the onset of precipitation determined visually or by the measurement of some 

appropriate physical property. The steps in crystallization are nucléation, crystal 

growth, and secondary growth. Nucléation can either be homogeneous, 

heterogeneous, or secondary. Homogeneous, or spontaneous, nucléation occurs when 

the nuclei are made up of the precipitating components. Sub-nuclei, or embryos, are 

thought to form and dissipate constantly in supersaturated solutions. An energy 

barrier must be overcome in order for a sub-nucleus to form a critical nucleus, which is 

the smallest nucleus that can grow into a crystal. A critical nucleus can form as a 

result of random free energy or concentration fluctuations in local regions of a solution 

(20,23,24). The structure of a critical nucleus is thought to either be a tiny replica of 

the crystal it will form or a difruse body of ions, not yet in the rigid lattice of a crystal.
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Since very few ions are thought to form a critical nucleus, it is most likely that the 

critical nucleus does not have the characteristics of the bulk crystal (25). A solution 

can remain supersaturated for a long time, and metastable zones (regions beginning 

just above the precipitation phase boundary) have repeatedly been shown to exist 

where spontaneous nucléation does not occur. There are many Actors such as thermal 

history, mechanical action, and presence of solid particulates which affect the 

metastable zone width (24). In usual situations, large supersaturation ratios are 

required for spontaneous nucléation to occur (25-27). Very few studies have been 

done on the kinetics of precipitation of surActant salts. A study has been done, 

however, of the precipitation o f calcium laurate below the CMC, in which it was found 

by observing particle numbers that a supersaturation ratio of 5 was required to 

precipitate via spontaneous nucléation (25).

Heterogeneous nucléation occurs when small particles are present in the 

system which act as nucléation sites for the deposition of the precipitating 

components. The most active nuclei are probably in the range of 0.1 to 1.0 |rm (26).

In this paper, the shattered glass of the ampoule could act as nucléation sites. Other 

possible nucléation sites are the stirring rod, thermistors, reaction vessel walls, as well 

as any particulates which might be present in the surActant and calcium solutions.

Secondary nucléation occurs when nucléation sites are present due to the loss 

of weak outer layers or weak outgrowths of the crystals of the precipitating species 

due mostly to collisions with other crystals or the reaction vessel hardware (26,28). It 

has been shown by several groups that there is an adsorbed layer of solute on the 

surface o f a growing crystal (28), which can be easily separated to form new nuclei. 

Thorough discussions of the thermodynamics of nucléation are given in reviews 

including Nyvlt, et al. (24) and Adamson (29).
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Crystal growth can either be diffusion controlled or surface reaction controlled. 

In diffusion controlled growth, the rate limiting step is the diffusion of the precipitating 

components from the bulk to the crystal sur&ce. A model that describes the diffusion 

mechanism has been used to describe crystal growth of inorganic salt precipitation 

(30). This same model has been shown to apply to anionic surfactant precipitation 

with calcium (25). There are three possible mechanisms for surface reaction 

controlled growth. These are mononuclear growth, polynuclear growth, and growth 

due to a screw dislocation . A new layer of a crystal is started when the precipitating 

components nucleate onto the crystal surface. The first site that becomes occupied is 

a high energy site and is therefore difficult to fill. If the precipitating components 

nucleate onto the surface of a crystal very slowly compared to the growth of a layer, 

then each layer is completed before a new layer begins. This is called mononuclear 

growth and is the most constrained growth mechanism. If surface nucléation is fast, 

new layers begin before the old layers are complete. This is called polynuclear growth. 

A model that describes the surface reaction mechanism has been used to describe 

crystal growth of inorganic salt precipitation and can also be applied to surfactant 

precipitation with calcium (25,30).

A screw dislocation is a surface dislocation that forms when a slip in a crystal 

plane occurs, pushing up part o f the surface layer. The Frank mechanism (31 ) 

describes a mechanism in which the crystal is formed from a single layer, spiraling 

upward as the precipitating species occupy the sites at the step of the screw 

dislocation. This removes the need for surface nucléation. Therefore, a crystal 

forming due to a screw dislocation can continue growing without inhibition until the 

supersaturation of the system is satiated. The Frank mechanism has been seen while 

occurring in a few systems (29,32). The spiral pattern which forms is many times
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representative of the molecular pattern in the lattice (33) and the step heights have 

been found to be some multiple of the unit cell height (32,33). There are an 

exhausting number of theories in the literature attempting to describe crystal formation 

from a liquid solution. A portion of these theories are discussed in a review (34).

3.3.3 Effect o f Impurities

Additional components in a solution can affect both the growth rate and crystal 

habit of a precipitating species (28,33). The supersaturation ratio can be changed due 

to the effect of impurities on the solubility of the precipitating species (28,35). 

Selective adsorption of a constituent can change the crystal habit by retarding the 

outward growth of certain planes (36). Adsorption can also affect sur&ce nucléation 

as well as overgrowths, incomplete planes, steps, and dislocations (29,36).

Epitaxial growth is the oriented growth of a crystalline phase on the surface of 

another crystalline phase and depends on the lattice structure (27,29). If both species 

are supersaturated, epitaxial growth can affect the overall time for precipitation to 

eventuate. An increase in the overall time for precipitation to occur could take place if 

the epitaxial growth covered a screw dislocation.

Coprecipitation can occur when an impurity or microcomponent is present in 

solution, resulting in inclusion and/or the formation of a solid solution. A solid 

solution occurs when trace ions or molecules are incorporated into the host lattice 

during precipitation. The tendency for a solid solution to form depends on whether 

the macrocomponent and the microcomponent have similar ionic radii and the same 

charge (20). In surfactant systems, it would also be important that the two 

components have similar overall structures. Inclusion (35), sometimes called 

occlusion, is the entrapment of impurities during precipitation. This can occur due to
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adsorption, chemical reaction, or entrapment of the mother liquor in pockets as 

imperfect layers are formed. In each of these cases (except when a chemical reaction 

has occurred), the impurity is free to difiuse through the solid phase and even to 

separate during ripening (20,37). In most situations where coprecipitation occurs, a 

combination of these phenomena exists (37).

3.4 Results and Discussion

3.4.1 Precipitation Phase Boundaries

The theoretical precipitation phase boundaries for the surfactant components 

in several SDS/SOBS mixtures are shown in Figures in.3 and m.4, along with some 

experimental results for confirmation of the model's accuracy. The model fits the data 

for pure SDS (3) and pure SOBS quite well as we have seen before (3). The minimum 

in the hardness tolerance in Figures 3 and 4 corresponds to the CMC values of SDS 

and SOBS, respectively; the minimum in the SDS hardness tolerance is 0.0067 M (3) 

and in the SOBS hardness tolerance is 0.012 M. These values are consistent with the 

CMC values obtained fi’om surAce tension measurements; 0.0072 M for SDS and 

0.012 M for SOBS (38). On the left side of each precipitation phase boundary, the 

surActant is present as monomer, and on the right side, the surfactant is present as 

monomer and in micelles. For each mixture, there is a precipitation phase boundary in 

Figure in.3 and in Figure in.4 which describes the minimum calcium concentration in 

solution at which that component would precipitate in the mixture. Above the 

minimum hardness tolerance, as SDS is mixed with SOBS fi’om 100/0 to 60/40 

SDS/SOBS, the precipitation phase boundary for SDS slightly increases. At 40/60 

and then 20/80 SDS/SOBS, the right side of the precipitation phase boundary for SDS
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dramatically increases. This same trend is seen for the 60/40 and 80/20 SDS/SOBS 

solutions at the SOBS precipitation phase boundaries. Below the mixture CMC, no 

significant change in the precipitation phase boundary is seen as the two surfactants 

are mixed. This shows that it is the effect of mixed micelles which causes the large 

increase in the precipitation phase boundaries for each surfactant. According to 

theory, SDS should precipitate at lower CaCl2  concentrations at 80/20 and 60/40 

SDS/SOBS and SOBS should precipitate at lower CaCl2  concentrations at 20/80 and 

40/60 SDS/SOBS. Hence, the hardness tolerance of the surfactant mixture 

corresponds to different surfactants precipitating at different mixture compositions. 

The individual surfactant component hardness tolerances can be obtained theoretically 

even when this surfactant is the least soluble (there is already precipitate in the system 

due to precipitation of another surfactant component with calcium). The hardness 

tolerances for SDS at 40/60 and 20/80 SDS/SOBS are the predicted hardness 

tolerances for SDS in the presence of Ca(0 BS)2  precipitate. The hardness tolerances 

for SOBS at 60/40 and 80/20 SDS/SOBS are the predicted hardness tolerances for 

SOBS in the presence of Ca(DS) 2  precipitate.

Several experimental hardness tolerance points above the CMC are plotted in 

Figures ni.3 and 111.4 to compare with the theoretical curve. For the precipitation of 

Ca(0 BS)2  fi’om a 20/80 SDS/SOBS solution and 0.025 M and 0.1  M surfiictant, the 

theory satisfactorily coincides with the experimental hardness tolerance points. The 

hardness tolerance of SDS fi'om 20/80 SDS/SOBS and 0.025 M surfactant, also 

matches the predicted points. The onset of precipitation of Ca(DS)2  fi'om 20/80 

SDS/SOBS and 0.1 M surfactant was not obtained due to SDS showing up on the 

HPLC chart as a shoulder peak to the much larger SOBS peak, making the exact 

determination of this point difficult. For the precipitation of SDS from 0.0125 M and
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0.0625 M surfactant and 80/20 SDS/SOBS, the data matches the theory reasonably 

well. However, for the precipitation of SOBS with calcium from these same solutions, 

the experimental points lie below the theoretical line. The SOBS component was 

detected in the precipitate for these mixtures at the lowest calcium concentration 

where there was enough precipitate to separate and analyze practically. The presence 

of any Ca(DS)2  precipitate results in the presence of OBS~ in the precipitate.

However, the presence of Ca(0BS)2 does not result in the presence of DS~ in the 

precipitate. In fact, DS~ does not show up in the precipitate until the solubility 

product o f SDS and calcium has been reached. A possible explanation for this 

behavior is that OBS~ is adsorbing onto the Ca(DS)2  crystals. Adsorption of OBS~ 

onto the crystal sur&ces would result in the presence of OBS~ in the precipitate phase 

even outside of the S0 BS/CaCl2  precipitation phase boundary.

3.4.2 Adsorption Studies

In order to determine whether adsorption of OBS~ onto Ca(DS)2  crystals is 

occurring, a separate measurement of adsorption onto preexisting crystals was 

performed. Experiments were carried out to determine the equilibrium composition of 

the crystalline phase for single component crystals mixed with a dilute surfactant 

solution. An adsorption isotherm was not possible since the phase boundary for the 

adsorbing species lies in the middle of where the majority of the isotherm 

concentrations would be (i.e., the adsorbing component would precipitate). In most 

adsorption studies, detailed knowledge of the surface area and/or a constant size 

distribution exists in each sample. Precipitation from direct mixing inherently results in 

wide size distributions. Also, during the experiments to measure equilibrium 

precipitate compositions, partial dissolution of the solid occurred when introduced into
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solution. This dissolution changed the precipitate weight. Another problem is that the 

precipitate for each sample most likely had different size distributions due to 

agglomeration during the separation and drying procedures. Therefore, the question 

of whether it is possible for significant adsorption to occur was addressed, but the 

amount could not be quantified. The result was that the OBS~ component was 

detected in the Ca(DS)2  crystals after four days for every sample studied. However, 

there was no evidence of any DS* in the Ca(0 BS)2  crystals after the same time span. 

This result gives evidence to the ability of OBS" to adsorb onto the Ca(DS)2  crystals, 

and gives a possible explanation for the deviation of the experimental points on the 

SOBS precipitation phase boundary for the 80/20 SDS/SOBS system.

2.4.3 Determination o f Reaction Pathways

Theoretical reaction pathways for each anionic surfactant are required in order 

to properly calculate the amount of the surfactants in the micellar phase at any point 

during the precipitation reaction. Figures in.5-in.9 show the reaction pathways of 

SDS mth calcium compared with the SDS component precipitation phase boundaries 

for 100/0, 80/20, 60/40, 40/60, and 20/80 SDS/SOBS, respectively. The reaction 

pathways for the precipitation of Ca(0 BS)2  fi’om 0/100,20/80, 40/60,60/40, and 

80/20 SDS/SOBS solutions are shown in Figures IE. 10-in. 14, respectively. The point 

where a reaction pathway crosses the precipitation phase boundary is the theoretical 

equilibrium supernatant concentration for that reaction. Any reaction pathway that 

begins outside of the precipitation phase boundary represents a solution where 

Ca(DS)2  should not precipitate. As the precipitation region decreases for SDS as the 

SDS/SOBS ratio decreases (in the order 100/0, 80/20, 60/40, 40/60, and 20/80), the 

supersaturation ratio for SDS with calcium decreases. However, as the
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supersaturation ration for SDS decreases, the supersaturation for SOBS increases.

Due to this trade-off, large reductions in the precipitation rate as the two surfactants 

are mixed should not occur simply as a result of the effect of mixed micelles on the 

supersaturation ratio.

3.4.4 Precipitation Kinetics fo r SDS with Calcium

Before determining the kinetics of precipitation of SDS/SOBS mixtures with 

calcium, the effect of adjusting the supersaturation ratio on pure SDS both above and 

below the CMC is determined. Figure HI. 15 compares rates of precipitation of SDS 

with calcium for initial conditions which are below the CMC. Figure m . 16 compares 

the extent of reaction for precipitation of SDS with calcium for initial conditions which 

are above the CMC. In both cases, as the supersaturation ratio is increased, the 

overall time for precipitation to occur decreases. Also, in both cases, an increase in 

the supersaturation ratio results in an increase in the induction time. Above the CMC, 

the supersaturation ratio is based on the monomer SDS concentration and unbound 

calcium concentration. Figure m.17 shows a comparison of the rates of precipitation 

for a range of supersaturation ratios both above and below the CMC. The general 

trend is a decrease in the time for precipitation to occur as the supersaturation ratio is 

increased, regardless of whether or not micelles are present. This trend is only true if 

the supersaturation ratio is calculated using the monomer sur&ctant concentration and 

unbound calcium concentration.

3.4.5 Precipitation Kinetics fo r SDS/SOBS Mixtures with Calcium

Figures HI. 18-111.22 depict the extent of precipitation curves for 0.075,

0.0288, 0.0192, 0.0096, and 0.0025 M total surfactant concentration. Each figure
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compares the extent of precipitation curves for the entire range of SDS/SOBS mole 

ratios. Figure EQ. 18 shows the extent o f precipitation with time of solutions 

containing 0.075 M surfactant and 0.01 M CaCl2 . Even though 0.075 M SDS is 

inside the precipitation phase boundary, and a small amount of precipitate was seen at 

the end of the experiment, the heat released during the reaction was too small to 

measure with the technique used here. This result is most likely due to the SDS 

concentration being very close to the precipitation phase boundary. The 80/20, 60/40, 

and 40/60 SDS/SOBS solutions did not contain any visible precipitate at the end of the 

calorimeter runs. In general for the systems studied, as SDS and SOBS are mixed, the 

overall time for precipitation to occur is increased, with 60/40 SDS/SOBS requiring 

the longest time. In Figure III.19, the precipitation reaction for 60/40 SDS/SOBS 

takes approximately 35 minutes. This curve is not shown beyond 4.5 minutes to 

permit easier comparisons to the other data. The initial supersaturation ratios for each 

reaction are given in Tables HI. 1-HI. 5, corresponding with Figures HI. 18-111.22.

Also, the percentage of SDS and SOBS in the precipitate at the end of the reaction, 

are given in Tables m . 1, m.2, m.4, and m.5. In general, as a surfactant is diluted as 

it is mixed with another surfactant, the initial supersaturation ratio for that surfactant 

decreases and the final finction of that surfactant in the precipitate decreases.

For each 80/20 SDS/SOBS precipitation reaction where the precipitation 

composition was determined, DS" and OBS" are both present in the precipitate. 

However, there are not individual extent o f precipitation curves for the separate 

precipitation of the two surfactants. The time for precipitation to occur as the 

SDS/SOBS mole ratio changes fi'om 100/0 to 80/20 and 60/40 increases along with 

the supersaturation ratio of SDS. For the change in SDS/SOBS mole ratios fi'om 

60/40 to 80/20, The supersaturation ratio for SOBS decreases, indicating that the
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independent precipitation of SOBS with calcium should decrease. An explanation for 

this behavior is that DBS' is being included into the Ca(DS)2  crystal as it forms (by 

adsorption and possibly entrapment of the mother liquor). If the supersaturation of 

SOBS is satiated by this interaction, a separate reaction rate would not occur for the 

precipitation of Ca(0 BS)2 -

The overall time for precipitation to occur for 60/40 SDS/SOBS in each case is 

much longer than would be expected from comparing the degree of decrease in 

supersaturation ratios as each surActant is diluted to this point, with the degree of 

increase in time. For 0.0288, 0.0096, and 0.0025 M sur&ctant, both surfactants are 

present in the precipitate at the end of the calorimeter run, even though only a single 

extent of precipitation curve is seen. However, these interactions do not explain the 

drastic increase in time only seen for the precipitation of 60/40 SDS/SOBS.

An initial increase in the extent of reaction followed by a leveling off and a 

second increase is seen for 40/60 SDS/SOBS, and 0.0096, 0.0192, and 0.0025 M 

surfiictant. This same behavior is also seen for 20/80 SDS/SOBS and 0.0096 M 

surfactant. Both surfactants are present in the precipitate at the end of the runs where 

the concentration was measured (Tables m. 1, m.2, m.4, and m.5). In order to help 

explain the precipitation behavior of these solutions, the precipitate for 40/60 

SDS/SOBS and 0.0092 M sur6 ctant was analyzed at various times during the reaction 

to determine the relative precipitation of each surjetant component as the reaction 

progressed. The resulting concentrations related to the extent of reaction are shown in 

Figure m.23. The time spans for each measurement are the result of experimental 

restraints. During the first reaction step, the SOBS concentration drops dramatically. 

However, there is also a decrease in the SDS concentration. There is then an 

induction period during which both concentrations remain relatively constant. During
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the second reaction step, the SDS concentration drops more drastically than does the 

SOBS concentration. Evidence has already been presented to show that both SDS and 

SOBS can become included into the precipitating sur&ctant. This seems to be 

occurring in this 40/60 SDS/SOBS reaction as well. During the first reaction step, 

Ca(0 BS)2  is the major precipitating component. The decrease in SDS concentration 

during this reaction step could likely be due to inclusion into the Ca(0 BS)2  crystals. 

The m^or precipitating component in the second reaction step is Ca(DS)2  The 

induction time, then, can be considered the continuation of the total induction time 

required for the precipitation of Ca(DS)2  fi’om this solution.

3.4.6 Nonequilibrium Crystal Compositions

It is important to obtain the crystal compositions during crystallization before 

these compositions have reached equilibrium. Table in.6 shows the results of 

nonequilibrium studies. The precipitate compositions resulting fi'om precipitation of 

an anionic surfactant in the presence of a different dilute anionic surfactant are shown. 

In this experiment, the crystals are filtered fi'om the solution immediately at the end of 

the precipitation reaction. Since precipitation fi'om direct mixing inherently results in 

broad crystal size distributions, and since the supersaturation ratio is being altered, it is 

not certain whether each sample contained the same crystal surAce areas or 

morphologies. However, it can be unambiguously determined whether coprecipitation 

occurs. Table in.6 shows that DS" is found in the precipitate of Ca(0 BS)2  and OBS" 

is found in the precipitate of Ca(DS)2  The presence of DS" in the Ca(0 BS)2  crystals 

at equilibrium, however, was not found. Therefore, during a precipitation process, it is 

possible for DS" to be included in the Ca(0 BS)2  crystals, possibly by entr^ment of 

the mother liquor. As equilibrium is reached, the presence of DS" decreases to either
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near zero or zero. One can also intuitively realize that for slower precipitation rates, 

the precipitation reaction will begin to be influenced by the equilibrium conditions.

For example, less DS~ will coprecipitate, influencing the precipitation reaction less. A 

solid solution is most likely not forming between these surfactants. The two 

surfactants have dissimilar structures; SOBS, has a benzene ring in an 8  carbon chain 

and a sulfonate head group, A ^ e  SDS has a 12 carbon chain and a sulfate head 

group. Also, the two surfactants tend to separate with time, as will be shown in image 

analysis pictures later in this paper. It has already been shown that SDS does not 

remain in Ca(0 BS)2  crystals after equilibrium has been achieved. The SOBS adsorbs 

onto the Ca(DS)2  crystal surfaces, and therefore the presence of SOBS in the 

Ca(DS)2  crystalline phase can most likely be attributed to this adsorption.

3.4.7 Head Group Arrangements in Ca(DS)2 and Ca(0BS)2 Crystal Lattices

Atomic force microscopy graphs of crystals from 0.02 M SDS/0.01 M CaCl2  

and 0.020 M SOBS/0.01 M CaCl2  solutions, respectively, are shown in Figures in.24 

and in.25 over alO nm xlO nm  range. These figures show what seem to be 

surjetant head groups. The average distance from center to center of the head groups 

for SDS is 5.87 Â and for SOBS is 5.89 A. The literature value for the head group 

diameter of SDS at a water/air interface and 25 °C is 8.21  A and at a 0 .1 M NaCl/air 

interface and 25 °C is 7.23 A (29). Since the head groups here are arranged in the 

more compact form of a crystal lattice, the smaller values seem reasonable. The head 

groups for both surfactants are in hexagonal lattice arrangements.
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3.4.8 Effect o f Seeds on Overall Time fo r Precipitation

The presence of particulates in solution can affect the amount of time required 

for precipitation by acting as seeds for nucléation. Figure in.26 compares the extents 

of precipitation with time between unfiltered and filtered 0.0096 M SDS/SOBS 

mixtures. The water for solutions used to obtain the unfiltered data was double 

deionized. The water for solutions used to obtain the filtered data was further filtered 

through a 1 0 ,0 0 0  molecular weight cut-off (MWCO) membrane. The initial 

supersaturation ratios for SDS and SOBS in each solution studied are shown in Table 

in.7. The shapes of the curves are neaily identical, with small differences most likely 

being the result of slightly differing initial supersaturation ratios (compared in Table 

in.7). The largest difference between these solutions occurs in the induction period 

for the 60/40 SDS/SOBS case. The solution made fi'om filtered water has a longer 

induction period than the unfiltered solution. There are also small increases in the 

induction times for each of the other SDS/SOBS mixtures, including the second 

induction period in the 40/60 SDS/SOBS case. Therefore, the presence of 

heterogeneous nucléation sites seems to affect the induction times but not the general 

shapes of the curves studied, which is an expected result.

3.4.9 Atomic Force Microscopy o f Crystal Surfaces

Atomic force microscopy in contact mode was used to determine changes in 

the crystal sur&ce structure as the two surfactants were mixed and to obtain further 

insight into the precipitation process of these systems. Figures in.27-in.30 compare 

50 pm scale atomic force microscope three-dimensional graphs of pure Ca(DS)2 , pure 

Ca(0 BS)2 , and crystals fi'om 60/40 and 40/60 SDS/SOBS, respectively. The 

Ca(DS)2  crystals in Figure in.27 show mounds as well as flat, stair-stepped planes.
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with the tops of these crystals displaying spiraling growth due to screw dislocations. 

Several cases of crystal growth due to screw dislocations have been recorded, and 

some references for these cases can be found in reviews (29,32,35). The longest 

lengths are about 2 0  to 25 pm. The Ca(0 BS)2  crystals are about 10 pm for the 

longest length. The three-dimensional graph shows that there are many tall, jagged 

peaks, some flat regions, and overall uneven growth. The crystals fi'om the 60/40 

SDS/SOBS solution have some mounds as well as flat, planar crystals with jagged 

growths on top similar to the jagged peaks shown in Figure IU.28. There are a few 

spiral patterns, as well. The jagged peak-type growth is not seen in the pure Ca(DS)2  

crystals and looks similar to the Ca(0 BS)2  crystals. The flat planes and spiraling 

growths look like crystals from the pure SDS solution. The flat, covered planes are 

possibly the beginning of a Ca(DS)2  crystal in which the growth due to a screw 

dislocation has been halted by the jagged crystalline formation on this sur&ce. This 

surface nucléation of one crystalline phase on another is possible if fiivorable sites exist 

on the original crystal substrate for nucléation of the second crystalline phase. Many 

cases of growth of one crystalline phase on another have been seen (27,29,39). The 

growth of the jagged crystals on the planar crystals can explain the much slower 

precipitation rate occurring in the 60/40 SDS/SOBS solutions. It has already been 

shown in this study that inclusion occurs in these systems, and it is very likely 

occurring in this case as well. The crystals from 40/60 SDS/SOBS are much smaller 

than for either of the pure component crystals. They range in size from less than 1 pm 

to about 7 pm. Many of the crystals throughout the sample are flat with holes in the 

center. This characteristic was not seen in the other samples. There are also many 

small, jagged peaks, and also a few tall, jagged peaks that look like the pure 

Ca(0 BS)2  crystals and the ones seen from the 60/40 SDS/SOBS solution. It may be
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that the formation of the two very different appearing crystals relates to the different 

precipitate compositions forming during the step-wise precipitation process.

Differences in the crystal morphologies and habits can be seen by looking at 

these same AFM graphs in the "top view". These graphs are shown in Figures in .31- 

in.34 for Ca(DS)2  crystals, Ca(0 BS)2  crystals, crystals from a 60/40 SDS/SOBS 

solution, and crystals from a 40/60 SDS/SOBS solution. Flat trapezoidal and 

hexagonal shaped Ca(DS)2  crystals with rising spiral patterns can be seen in Figure 

in.31. The Ca(0 BS)2  crystals are shown in Figure in.32, with more elongated and 

amorphous-like shapes. In Figure in.33, the crystals from the 60/40 SDS/SOBS 

solution show some shapes that are similar to the crystal shapes formed from the pure 

SDS solution, but are less angular, and the rising of the spiral formation is not as 

evident. There are also smaller amorphous-like formations on the tops which 

correspond to the jagged peaks seen in the 3-D figure. The much smaller flat, crystals 

from the 40/60 SDS/SOBS solution shown in Figure in.34 have holes which are 

prevalent throughout the sample studied. Some elongated shapes and amorphous-like 

crystals are present as well. The taller, amorphous-like crystals look similar to the 

ones seen on the tops of the flat crystals in Figure in.33.

Figures in.35-in.38 compare flat portions of the crystals from the same 

solutions over an 8  to 10  pm scale. This allows a closer look at a portion of the 

surfiice structure of these crystals. These pictures are not an attempt to characterize 

the entire crystal sample, but are examples of some of the crystal surfaces present in 

each sample. Only flat portions of the crystals were scanned, so the more detailed 

structure of Jagged areas cannot be extrapolated from the information obtained here. 

The crystals from a flat portion of a pure Ca(DS)2  crystal shows that many smaller 

layers make up the flat sur&ce. Several Ca(0 BS)2  crystals from a relatively flat area
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show many steps and high walls. The crystal suiAce shown from the 60/40 

SDS/SOBS solution displays many layers and steps as well as a peak growing from the 

flat surface. The crystal from the 40/60 SDS/SOBS solution shown here is one of the 

flat surfaces with a hole in the center. Steps are seen as well as very flat layers. Figure 

in.39 shows a closer view of the top of a crystal from the 40/60 SDS/SOBS solution. 

It is interesting to see several discontinuous planes at the far right of the picture, even 

far inside the crystal. This picture looks like a spiral formation is trying to form, but 

the stresses in the crystal may be keeping this from occurring.

3.4.10 Image Analysis

Image analysis at 40 X magnification was used to determine crystal habit for 

various crystals afrer 4 minutes elapsing upon mixing of the reactants. These pictures 

are shown in Figures in.40-in.43 for 0.075 M SOBS with 0.01 M CaCl2 , 0.01 M 

SDS with 0.008 M CaCl2 , and the mixtures 0.01 M SDS/0.002 M SOBS (83/17 

SDS/SOBS) and 0.01 M SDS/0.004 M SOBS (71/29 SDS/SOBS), each with 0.008 M 

CaCl2  Many Ca(0 BS)2  crystals are elongated flat plates with jagged edges. Some 

jagged-edged trapezoidal shapes are present in the samples as well. The Ca(DS)2  

crystals are mostly trapezoidal and rhombic in shape with a few hexagonal shapes.

The crystals from the mixtures are much smaller at 4 minutes after mixing, with the 

crystals from the 83/17 SDS/SOBS solution mostly irregularly-shaped flat plates and 

the crystals from the 71/29 SDS/SOBS solution more needle-like. The crystals from 

the mixed solutions have difterent crystal habits from the pure crystals. A change in 

crystal habit in the presence of adsorbing components is a well-documented 

phenomenon in the crystallization literature. Adsorption of a surfactant onto certain
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6 ces of the crystal will stunt the outward growth of that &ce, causing other faces to 

grow outward more quickly.

Image analysis was also used to view the crystals after aging for one week.

The resulting scanned images are shown in Figures in.44-in.47 for 40 X 

magnification. These pictures were taken to view the crystals after ripening have 

occurred. The crystals fi'om 0.075 M SOBS solution and 0.01 M CaCl2  are long, 

clear, needle-like crystals, as shown in Figure m.44. The crystals fi'om 0.01 M SDS 

solution and 0.008 M CaCl2  are mostly clusters as shown in Figure m.45. The 83/17 

and 71/29 SDS/SOBS mixtures seem to have both types of crystals present. There are 

long flat crystals similar to what is seen in the pure SOBS system along with clusters 

as seen in the pure SDS system. The crystals firom the more concentrated SDS 

solution seems to have more clusters present than the crystals fi'om the less 

concentrated solution. The long crystals, however, are not as well-shaped as seen in 

the pure Ca(0 BS)2  crystals. It appears that at least part of the sur&ctant components 

in the crystals are separating into more pure crystals.

3.5 Conclusions

For pure SDS, as the supersaturation ratio is increased, the rate of precipitation 

increases both below and above the CMC. A supersaturation ratio that only takes into 

account the monomer sur&ctant concentration and the unbound calcium concentration 

is able to describe the precipitation reaction above the CMC. An increase in the 

supersaturation ratio also resulted in a decrease in the induction time. For anionic 

surfiictant mixtures, individual supersaturation ratios based on monomer 

concentrations describe the general trend in the precipitation rate as the SDS/SOBS
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composition in solution is changed. It was found that the induction time for some 

solutions was increased by filtering the water fi'om which the solutions are made, 

indicating heterogeneous nucléation occurred in these systems. From precipitate 

composition studies at equilibrium, it was found that OBS" can adsorb onto Ca(DS)2  

crystals, which caused deviations of experimental hardness tolerances fi'om the theory 

in solutions where Ca(DS)2  was present. Image analysis showed differences in crystal 

habit as SOBS is added to an SDS solution, indicating that adsorption and 

coprecipitation (by inclusion) are most likely occurring. Adsorption and growth are 

thought to be responsible for the extremely large amounts of time for the occurrence 

of precipitation which was seen for the 60/40 SDS/SOBS systems. The growth of one 

crystalline phase on the screw dislocation of the other crystalline phase seen by AFM 

for the 60/40 SDS/SOBS system would stop the growth at the screw dislocation.

This, combined with supersaturation being satiated by adsorption during crystal 

growth and possibly entrapment of the mother liquor, would drastically increase the 

amount of time for precipitation to occur. Nonequilibrium studies on crystal 

compositions of precipitate fi'om SDS/SOBS mixtures have shown that either 

precipitating component is able to bring down the other surfactant component into the 

solid phase. In this system, it is thought that the mechanism for this behavior is 

inclusion due to adsorption and entrapment of the mother liquor in the crystalline 

phase. Since h has been shown that DS* does not tend to adsorb onto the Ca(0 BS)2  

crystal surfiices, the inclusion o f DS" into Ca(0 BS)2  crystals may be mostly or entirely 

due to entrapment of the mother liquor. The holes in the planes seen in the AFM 

graphs of some of the crystals for the 40/60 SDS/SOBS system show that entrapment 

of the mother liquor in these crystals is probable. It has been shown that the step-wise 

extent of precipitation curve is a result of two diSerent compositions of crystals
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forming, each with a separate induction time. The AFM graph taken for this mixture 

shows two types of crystal formations which may correlate with the two crystal 

compositions. However, an in situ visual study (such as with an AFM) would have to 

be done to confirm this conclusion. The AFM was also used to obtain graphs of what 

seem to be surfactant head groups in the crystalline lattices for the pure surfactants. 

The head groups for both surfactants are arranged in hexagonal patterns with sizes 

that seem reasonable for these surfactants in a crystal lattice.
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Table III. I Comparison of Initial Supersaturation Ratios (SJ with Precipitate SDS/SOBS Molar 
Ratios for Various 0.075 M SDS/SOBS Mixtures Precipitated with 0.01 M CaCl2 at 30 "C

00

SDS/SOBS S., SDS S„SOBS SDS/SOBS in Prec.
0/100 0.00 5.44 0.0/100.0
20/40 0.84 4.16 0.0/100.0
40/60 1.36 3.49 -

60/80 1.73 2.59 -

80/20 1.93 1.50 -

100/0 1.98 0.00 -



Table 111.2 Comparison of Initial Supersaturation Ratios (S„) with Precipitate SDS/SOBS Molar
Ratios for Various 0.0288 M SDS/SOBS Mixtures Precipitated with 0.01 M CaCl^ at 30 “C

vO

SDS/SOBS S, SDS S. SOBS SDS/SOBS in Prec.
0/100 0.00 8.90 0.0/100.0
20/80 1.76 7.42 0.0/100.0
40/60 2.64 5.84 0.0/100.0
60/40 3.38 4.37 1.8/98.2
80/20 3.91 2.65 96.1/3.9
100/0 4.31 0.00 100.0/0.0



Table 111.3 Comparison of Initiai Supersaturation Ratios (S„) for Various
0.0192 M SDS/SOBS Mixtures Precipitated with 0.01 M CaCl^ at 30 "C

SDS/SOBS S„ SDS S„SOBS
0/100 0.00 10.11
20/80 2.20 8.17
40/60 3.22 6.48
60/40 4.29 4.96
80/20 4.76 2.89
100/0 5.42 0.00



Table III.4 Comparison of Initial Supersaturation Ratios (SJ with Precipitate SDS/SOBS Molar
Ratios for Various 0.0096 M SDS/SOBS Mixtures Precipitated with 0.01 M CaCl; at 30 “C

to

SDS/SOBS S„SDS S„SOBS SDS/SOBS in Prec.
0/100 0.00 9.25 0.0/100.0
20/80 3.01 8.01 6.8/93.2
40/60 4.74 6.56 22.0/78.0
60/40 5.71 4.82 11.8/88.2
80/20 6.45 2.93 81.1/18.9
100/0 7.07 0.00 100.0/0.0



Table III.5 Comparison of Initial Supersaturation Ratios (SJ with Precipitate SDS/SOBS Molar 
Ratios for Various 0.0025 M SDS/SOBS Mixtures Precipitated with 0.01 M CaCI; at 30 "C

SDS/SOBS S„SDS S„SOBS SDS/SOBS in Prec.
0/100 0.00 3.86 0.0/100.0
20/80 1.25 3.33 0.0/100.0
40/60 1.97 2.73 21.8/78.2
60/40 2.57 2.07 64.8/35.2
80/20 3.12 1.31 95.9/4.1
100/0 3.65 0.00 100 0/0.0



Table III.6 Nonequilibrium Crystal Compositions, Precipitated from Various 
Supersaturated Concentrations of SDS and SOBS in the Presence of Dilute Surfactant

[SDS] [SOBS] SDS/SOBS in Prec.
2.5x 10"> 0.02 0.0/100,0

2.5x I0-» 0.01 18.7/81.3
2.5 X KM 0.0025 9.5/90.5
2.5 X 10"» 0.0006 8.7/91.3
2.5x10"» 0.0 -

0,02 2.5x10"» 97.7/2.2
0.01 2.5x10"» 87.2/12.8
0.0025 2.5 X 10"» 96.1/3.9
0.001 2.5 X 10"» 97.9/2.1
0.0006 2.5x10"» 98.1/1.9
0.0 2.5x10"» -



Table HI 7 Comparison of Initial Supersaturation Ratios (So) of SDS and SOBS in 0.0096 M 
Surfactant Solutions at Various Mixtures for Unfiltered Water and Water Filtered through a 
10,000 MWCO Membrane

Unaltered Water Filtered Water
SDS/SOBS S„SDS S„SOBS S„SDS S., SOBS

0/100 0.00 9.25 0.00 8.87
40/60 4.74 6.56 4.81 6.65
60/40 5.71 4.82 5.63 4.76
100/0 7,07 0.00 7.10 0.00



Figure III.l Isoperibol Calorimeter Set-Up
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Figure 1II.2 Micelle-Monomer-Precipitate Equilibrium Diagram 
for Two Anionic Surfactants in the Presence of Calcium
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Figure III.3 Theoretical Precipitation Phase Boundaries for SDS in Various SDS/SO BS

Mixtures; Comparison with Experimental Hardness Tolerance Points; 30 °C
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Figure HI.4 Theoretical Precipitation Phase Boundaries for SOBS in Various

SD S/SO BS Mixtures; Comparison with Experimental Hardness Tolerance Points; 30 °C

0 . 01-1

0 .0 0 1  -T
(N

 model, 0/100 SDS/SOBS

0.0001  -  model, 20/80 SDS/SOBS

—  model, 40/60 SDS/SOBS

-  -model, 60/40 SDS/SOBS0.00001 -1
—  model, 80/20 SDS/SOBS

•  0/100 SDS/SOBS
0.000001  -T

CMC = 0,012 M □  20/80 SDS/SOBS

À 80/20 SDS/SOBS
0.0000001 ------

0.0001 0.001 0.01 0 .1 1

[SOBS], M



Figure III.5 Comparison Between SDS-CaCl2  Precipitation Reaction Pathways for Various

Total Surfactant Concentrations and 100/0 SDS/SOBS Solution, and the Precipitation Phase

Boundary for SDS for the 100/0 SDS/SOBS System at 30 °C
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Figure III.6 Comparison Between SDS-CaCl2  Precipitation Reaction Pathways for Various

Total Surfactant Concentrations and 80/20 SDS/SOBS Solution, and the Precipitation Phase

Boundary for SDS for the 80/20 SDS/SOBS System at 30 °C
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Figure III.7 Comparison Between SDS-CaCl2  Precipitation Reaction Pathways for Various

Total Surfactant Concentrations and 60/40 SDS/SOBS Solution, and the Precipitation Phase

Boundary for SDS for the 60/40 SDS/SOBS System at 30 °C
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Figure 111.8 Comparison Between SDS-CaCl2  Precipitation Reaction Pathways for Various

Total Suifactant Concentrations and 40/60 SDS/SOBS Solution, and the Precipitation Phase

Boundary for SDS for the 40/60 SDS/SOBS System at 30 °C
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Figure 111.9 Comparison Between SDS-CaCl2  Precipitation Reaction Pathways for Various

Total Surfactant Concentrations and 20/80 SDS/SOBS Solution, and the Precipitation Phase

Boundary for SDS for the 20/80 SDS/SOBS System at 30 ®C
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Figure III. 10 Comparison Between S0BS-CaCl2 Precipitation Reaction Pathways for

Various Total Surfactant Concentrations and 0/100 SDS/SOBS Solution, and the

Precipitation Phase Boundary for SOBS for the 0/100 SDS/SOBS System at 30 °C
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Figure 111.11 Comparison Between S0BS-CaCl2 Precipitation Reaction Pathways for

Various Total Surfactant Concentrations and 20/80 SDS/SOBS Solution, and the

Precipitation Phase Boundary for SOBS for the 20/80 SDS/SOBS System at 30 °C
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Figure 111.12 Comparison Between S0BS-CaCl2 Precipitation Reaction Pathways for

Various Total Surfactant Concentrations and 40/60 SDS/SOBS Solution, and the

Precipitation Phase Boundaiy for SOBS for the 40/60 SDS/SOBS System at 30 °C
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Figure 111.13 Comparison Between S0BS-CaCl2 Precipitation Reaction Pathways for

Various Total Surfactant Concentrations and 60/40 SDS/SOBS Solution, and the

Precipitation Phase Boundary for SOBS for the 60/40 SDS/SOBS System at 30 °C
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Figure 111.14 Comparison Between S0BS-CaCl2 Precipitation Reaction Pathways for

Various Total Surfactant Concentrations and 80/20 SDS/SOBS Solution, and the

Precipitation Phase Boundary for SOBS for the 80/20 SDS/SOBS System at 30 °C
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Figure III. 15 Precipitation Rate Curves for SDS with Calcium for Various

Supersaturation Ratios (S^) Below the CMC and at 30 C
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Figure III. 16 Precipitation Rate Curves for SDS with Calcium for Various

Supersaturation Ratios (S^) Above the CMC and at 30 C
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Figure III. 17 Precipitation Rate Curves for SDS with Calcium for Various 

Supersaturation Ratios (S^) at 30 °C
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Figure III. 18 Precipitation Rate Curves for 0.075 M Total Surfactant Concentration and Varying
o.

SDS/SOBS Mole Fractions with 0.01 M CaCI^ at 30 C
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Figure III. 19 Precipitation Rate Curves for 0.0288 M Total Surfactant Concentration and Varying

SDS/SOBS Mole Fractions with 0.01 M CaCI^ at 30 C 
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Figure III.20 Precipitation Rate Curves for 0.0192 M Total Surfactant Concentration and Varying

SDS/SOBS Mole Fractions with 0.01 M CaCI at 30 °C
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Figure III.21 Precipitation Rate Curves for 0.0096 M Total Surfactant Concentration and Varying
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Figure III.22 Precipitation Rate Curves for 0.0025 M Total Surfactant Concentration and Varying

SDS/SOBS Mole Fractions with 0.01 M CaCL at 30 C
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Figure III.23 Concentration Versus Time at 30 C For 0.0092 M Surfactant, 

40/60 SDS/SOBS and 0.01 M CaC12 Related to the Extent o f  Precipitation
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Figure III.24 Atomic Force Microscope Graph o f Ca(DS) 2  Head Groups
in Crystal Lattice
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Figure 111.25 Atomic Force Microscope Graph of Ca(0BS)2 Head Groups
in Crystal Lattice
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Figure 111.26 Precipitation Rate Curves for Various 0.0096 M SDS/SOBS

Surfactant Solutions at 30 ®C; Comparing Solutions in which the Water Used Was 
Unfiltered and Filtered with a 10,000 MWCO Ultrafiltration Membrane
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Figure 111.27 3-D Atomic Force Microscope Graph o f Ca(0S)2 Crystals
Precipitated from a 0.020 M SDS/0.010 M CaClg Solution at 30 °C; 50 pm x 50 pm

L A

' / i f

fi' 'f-* '

H a n n S c o p r  
Scan cI 7 p
S r  t p o 1n t 
S c a n  r a t e

C o n t a c t  OKU
Sn.no iiM

0 u 
1 .on 1 Hz

N i i m K p i  o f  * i a M p l » “ .

V i pw a n g l e  

I 1 y t i l  a n y  I e

X 1 0 . 0 0 0  U M/ J i v
Z 3 . 0 0 0  UM/ di o

I to d s  1 .021



Figure III.28 3-D Atomic Force Microscope Graph o f Ca(0BS)2 Crystals
Precipitatedffom a 0.020 M SOBS/0.010 M CaClj Solution at 30 °C; 50 pm x 50 pm
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Figure III.29 3-D Atomic Force Microscope Graph o f Crystals Precipitated 
from 0.020 M Total Surfactant and 60/40 SDS/SOBS Mole Ratio Containing 
0.010 M CaCl2 at 30 °C; 50 pm x 50 pm
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Figure III.30 3-D Atomic Force Microscope Graph o f Crystals Precipitated
from 0.020 M Total Surfactant and 40/60 SDS/SOBS Mole Ratio Containing
0.010 M CaClg at 30 °C; 50 pm x 50 pm
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Figure III.31 Top View o f Ca(DS ) 2  CrystalsPrecipitated from a
0.020 M SDS/0.010 M CaCl2  Solution at 30 ®C; Taken with Atomic Force
Microscope; 50 pm x 50 pm



Figure 111.32 Top View o f Ca(0BS)2 Crystals Precipitated from a
0.020 M SOBS/0.010 M CaCl2  Solution at 30 °C; Taken with Atomic Force
Microscope; 50 pm x 50 pm
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Figure III.33 Top View o f Ciystals Precipitated from a
0.020 M Surfactant Solution Containing 60/40 SDS/SOBS and 0.010 M CaClj
at 30 °C; Taken with Atomic Force Microscope; 50 pm x 50 pm
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Figure 111.34 Top View o f Crystals Precipitated from a
0.020 M Surfactant Solution Containing 40/60 SDS/SOBS and 0.010 M CaCl2

at 30 °C; Taken with Atomic Force Microscope; 50 pm x 50 pm
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Figure III.36 3-D Atomic Force Microscope Graph o f Ca(0BS)2 Crystals
Precipitated from a 0.020 M SOBS/0.010 M CaCl2  Solution at 30 °C; 10 pm x 10 pm
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Figure III.37 3-D Atomic Force Microscope Graph o f Crystals Precipitated from
0.020 M Total Surfactant Containing 60/40 SDS/SOBS and 0.010 M CaCl2

at 30 ®C; 10 pm x 10 pm
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Figure III.38 3-D Atomic Force Microscope Graph o f Crystals Precipitated from
0.020 M Total Surfactant Containing 40/60 SDS/SOBS and 0.010 M CaClj
at 30 °C; 8 pm x 8 pm
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Figure III.39 Top View Atomic Force Microscope Graph o f Crystals Precipitated
from a 0.020 M Surfactant Solution Containing 40/60 SDS/SOBS and
0.010 M CaCl2  at 30 ®C; 5 pm x 5 pm
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Figure III.40 40X Image Analysis Picture o f Ca(OBS) 2  Ciystals Precipitated from
a 0.075 M SOB S/0.010 M CaCl2  Solution; Taken 4 Minutes After Mixing at 30 °C



Figure III.41 40X Image Analysis Picture o f  Ca(DS ) 2  Crystals Precipitated from
a 0.010 M SDS/0.008 M CaCl2  Solution; Taken 4 Minutes After Mixing at 30 °C
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Figure III.42 40X Image Analysis Picture o f Crystals Precipitated from a
0.012 M Surfactant Solution Containing 83/17 SDS/SOBS and 0.008 M CaCl2 ;
Taken 4 Minutes After Mixing at 30 °C



Figure IIÏ.43 40X Image Analysis Picture o f Crystals Precipitated from a
0.014 M Surfactant Solution Containing 71/29 SDS/SOBS and 0.008 M CaClg:
Taken 4 Minutes After Mixing at 30 °C



Figure 111.44 40X Image Analysis Picture o f  Ca(0BS)2 Crystals Precipitated
from a 0.075 M SOBS/0.010 M CaClj Solution; After 1 Week at 30 °C



Figure III.45 40X Image Analysis Picture o f  Ca(DS ) 2  Crystals Precipitated
from a 0.010 M SDS/0.008 M CaCl^ Solution; After 1 Week at 30 °C



Figure 111.46 40X Image Analysis Picture o f Crystals Precipitated from a
0.012 M Surfactant Solution Containing 83/17 SDS/SOBS and 0.008 M CaClj;
After 1 Week at 30 °C
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Figure 111.47 40X Image Analysis Picture o f Crystals Precipitated from a
0.014 M Surfactant Solution Containing 71/29 SDS/SOBS and 0.008 M CaC^;
After 1 Week at 30 °C



APPENDIX A

Surface Tension versus Log (Concentration)
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CMC for SDS, 0 M NaCl, 15 ^C Using Maximum Bubble Pressure Method
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CMC for SDS, 0 M NaCl, 2 5  ^C Using Maximum Bubble Pressure Method
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CMC for SDS, 0.1 M NaCl, 15 ^C Using Maximum Bubble Pressure Method
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oCMC for SDS, 0.1 M NaCl, 20 C Using Maximum Bubble Pressure Method
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CMC for SDS, 0.1 M NaCl, 25 ^C Using Maximum Bubble Pressure Method
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CMC for SDS, 0.15 M NaCl, 20 ^C Using Maximum Bubble Pressure Method

so

CMC = 2.0 mM48-

46-

44-

40-

32-

0.1 10 100
[SDS], mM



oCMC for SDS, 0.15 M NaCl, 25 C Using Maximum Bubble Pressure Method
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CMC for SDS, 0.01 M NaCl, 25 ^C, Using Du Nouy Ring Tensiometer 
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CMC for SDS, 0.05 M NaCl, 25 ^C, Using Du Nouy Ring Tensiometer 

50 

48 

46
e
Z  44

# 4 0 -

^  38 

1 ,6- 
3 4 "

32-

30
0.1 1

"T"
10 100

[SDS], mM



CMC for SDS, 0.1 M NaCl, 25 ^C, Using Du Nouy Ring Tensiometer
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CMC for SDS, 0.15 M NaCl, 25 ^C, Using Du Nouy Ring Tensiometer
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CMC for SDS, 0.2 M NaCI, 25 ^C, Using Du Nouy Ring Tensiometer
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CMC for SOBS, 0 M NaCl, 25 ^C, Using Maximum Bubble Pressure Method
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CMC for SOBS, 0 M NaCI, 40 ^C, Using Maximum Bubble Pressure Method
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CMC for SOBS, 0.1 M NaCl, 30 ^C, Using Maximum Bubble Pressure Method

00
00

CMC = 3.0 mM

55-

§ 5 0

45-

35-

0.1 10 100
[SOBS], mM



CMC for SOBS, 0.1 M NaCl, 35 ^C, Using Maximum Bubble Pressure Method
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CMC for SOBS, 0.1 M NaCl, 40 ^C, Using Maximum Bubble Pressure Method
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CMC for SOBS, 0.1 M NaCl, 45 ^C, Using Maximum Bubble Pressure Method
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CMC for SOBS, 0.15 M NaCl, 35 ^C, Using Maximum Bubble Pressure Method
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CMC for NP(EO)jq, 0 M NaCI, 25 ®C Using Du Nouy Ring Tensiometer
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CMC for NP(EO)jq, 0 M NaCl, 35 ^C Using Du Nouy Ring Tensiometer
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CMC for N P(EO )|q, 0 M NaCl, 40 ®C Using Du Nouy Ring Tensiometer
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CMC for NP(EO)jq, 0 M NaCl, 45 ®C Using Du Nouy Ring Tensiometer 
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CMC for NP(EO) jQ, 0.1 M NaCl, 25 ®C Using Du Nouy Ring Tensiometer
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CMC for NP(EO)jq, 0.15 M NaCI, 25 ®C Using Du Nouy Ring Tensiometer
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APPENDIX B

Titrations of SDS/SO Mixtures
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Titration Curve for 80/20 SDS/SO Above the CMC
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Titration Curve for 60/40 SDS/SO Above the CMC
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APENDEXC

Instructions For Isoperibol Set-up for and Control of Tronac Calorimeter

1. The settings for the ISAAC interface system are as follows:

RV Temp Channel 0 pins I and 2 +/- 0.5 V

HTRI Channel 2 pins 5 and 6  +/- 0.5 V

HTRV Channel 4 pins 9 and 10 +/- 0.5 V

The differential input S8-2 should be ON

Input voltage settings for range are:

S7/1 ON +/-5.0 V

S7/2 Off +/-5.0 V

S7/3 On +/-5.0 V

S7/4 On divides range by 10 to get +/- 0.5 V

Channel 2: SA/Dl-3 On

SA/D2-3 On

Channel 4: SA/Dl-5 On

SA/D2-5 On
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2. The wiring diagrams for connections between the Apple lie, the ISAAC 

interface system, and the Tronac Calorimeter in isoperibol mode are shown in 

Figures C I and C.2.

3. Attach a refrigerated bath at 15-20 °C to the calorimeter cooled/heater through 

the back of the Tronac water bath. Turn on the calorimeter (or place on 

standby until ready to zero the instrument), temperature controller, digital 

voltmeter, strip chart, and computer. Bring the Tronac water bath temperature 

to 30 °C using an accurate thermometer and the temperature controller, set for 

temperature deviation. The course and fine adjustments on the temperature 

controller are used for this adjustment. It takes overnight for the temperature 

to change from room temperature to 30 °C.

4. The timing for the calorimeter runs depends on a timer chip on the 91 -A board 

in the Apple lie and the time program on the Labsoft Master Disk. The 

batteries on the back of the computer should keep the timer working in case 

the computer loses power. To reactivate the timer, run the time program 

which takes the user through each step. This program requires the user to flip 

the third dip switch on the 91-A board located near the outer edge of the board 

(this board has four dip switches).

4. The strip chart should be set to a variable span of about 2 to 10 mV, depending

on the amount of heat released in the reaction.
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5. Lower the insert assembly into the water bath so that it rests on the metal L- 

brackets. Use the course, medium, and fine adjustments on the isoperibol side 

of the calorimeter to set the digital voltage read-out to zero. The bridge 

voltage (BRV) should be set to about -6.7 V. This value should be set and the 

dial locked, and only needs to be checked periodically. Run the "Calrun" 

program. This program will zero the heater voltage and standard resistor 

voltage at the water bath temperature.

6 . Inject approximately 2 grams of a concentrated calcium solution into a 2 mL 

soft glass ampoule and seal with a Microflame butane torch. Rinse the silver- 

lined, 50 mL reaction vessel with water and acetone, and dry with nitrogen. 

Place approximately 48 grams of a surfactant solution into the reaction vessel. 

Place the 0-ring on the top of the reaction vessel with vacuum grease. The 

total volume of ampoule solution plus reaction vessel solution should not 

exceed 50 mL.

7. Raise the insert assembly to rest in the highest position and remove the L 

brackets. Rinse the thermistors and resistor heater with water and acetone, 

catching the rinse in a beaker, and dry with nitrogen. Gently pull the wires so 

that they are extended enough to be immersed into the reaction vessel solution. 

(If needed, extra lengths of wire can be accessed by removing the case over the 

top of the insert assembly and loosening the screw clamps on the far right 

side.) Raise the hammer so that it catches in the high position and carefully 

place the sealed glass ampoule on the stirrer beneath the hammer. Lightly coat 

the top of the 0 -ring on the reaction vessel with vacuum grease, and gently
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place over the ampoule so that the top of the reaction vessel is touching the 

metal plate. Clamp the reaction vessel into place tightly enough so that no 

leaks will occur. Flip on the stirrer motor and listen carefully to make sure the 

stirrer or ampoule is not hitting the reaction vessel walls. Adjust if necessary.

8 . Lower the insert assembly into the water bath. Manually turn on the heater 

and let the reaction vessel contents warm to about 0.5-0.7 mV. Turn off the 

heater to allow at least an hour for the reaction vessel and ampoule contents to 

equilibrate with the water bath temperature (resulting in a temperature voltage 

reading of approximately zero).

9. When the temperature has equilibrated, press any key on the computer to start 

the run, and start the strip chart. Alternatively, the calorimeter can be run 

manually along with the strip chart. The heater power should be set so that 

temperature rise versus time slope for the calibration run and the precipitation 

reaction are similar. The entire run should consist of a heater calibration, 

precipitation reaction, and another heater calibration. To perform a heater 

calibration, the heater should be turned on (either manually or by the 

computer) for 5 to 10 minutes, and the heater power, HTRI (voltage across 

standard resistor in series with calibration heater), and HTRV (volt%e across 

calibration heater) values recorded. Unless recording a value, the knob should 

be set to "RV Temp". This allows the deviation in temperature between the 

reaction vessel and the water bath to be monitored as the mn proceeds. The 

precipitation reaction begins when the ampoule is manually broken by releasing 

the hammer. If "Calrun" is being used, a buzzer will sound and STOP when it
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is time to break the ampoule. The hammer should be raised and lowered 

several times to clear any trapped ampoule glass. The precipitation reaction 

time depends on the system being studied. A reaction time of 15 or 20 minutes 

can normally be used, but sometimes much longer times are required. Between 

each of the segments of the calorimeter run, before the first heater calibration, 

and after the last heater calibration the contents of the reaction vessel should be 

allowed to stir for 10 to 15 minutes. These time periods are either called leads 

or trails, and are important for subtracting out the heat leak fi-om the 

experimental results. If "Calrun" is being used, a buzzer will sound and then 

stop when the calorimeter run is complete. If the run is performed manually, 

each part of the run will have to be timed and the heater turned on and off by 

the switch on the fi-ont of the calorimeter.
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Figure C. 1 Schematic of Wiring and Board Placement for Operation of 
Calorimeter in Isoperibol Mode
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Figure C.2 Wiring for Control of Heater and Buret via Apple He Computer 
with Correct Voltages for Correct Interfacing of Calorimeter with Computer
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APPENDIX D

Calculation of Rate of Precipitation of Surfactants with Calcium

1. Calculation of the Total Heat Released During a Precipitation Reaction. O j 

From the strip chart output of the calorimeter (or the Linres program), the 

time, Tf, and Tj for each heater calibration run are taken at the middle point as shown 

in Figure D. 1. Also, Trxj and XRXf can be determined in the same manner as shown 

in Figure D. 1. These values, along with HTRI and HTRV for each heater calibration 

run, are used in the following calculations;

QCpi =239.01 (HTRVi)(HTRIi)/Rs, meal (D.l)

QCp2  = 239.01 (HTRV2 ) (HTRI2 ) / Rg, meal (D.2 )

Cpi = Qcpl / (Tfi - Til), mcal/mV (D.3)

CP2  = QCp2  / (Tf2 - Ti2 ), mcal/mV (D.4)

Cp avg = (Cp 1 + Cp2 ) /  2, mcal/mV (D.5)

Q t = (Cp,avg) (TRXf - T rx i) '  1^00, cal (D.6 )

where Rg is the resistance of the standard resistor, and Qcpl and Qcp2  are the heat 

added by the calibration heater during the first and second heater calibrations.
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respectively. The parameters, Cp% and Cp2 , are the apparent heat capacities of the 

solution calculated during the first and second heater calibrations, respectively, and 

Cp avg is the average apparent heat capacity of the system. These apparent heat 

capacities are not only a fiinction of the temperature rise due to the calibration heater, 

but also of the heat of stirring and the heat required to raise the reaction vessel 

temperature walls.

2. Calculation of the Heat of Precipitation. Opp̂

The heat of dilution of the ampoule solution when it is added to the reaction 

vessel solution, Qjij, can be found by breaking an ampoule of calcium into water. The 

heat of dilution per mole of calcium diluted, q^ji, is then;

qdil = Qdil / # moks Ca^+ (D.7)

The qdil can then be multiplied by the number of moles of calcium in any precipitation 

reaction to obtain Qdil for that precipitation reaction. The heat of micellization due to 

the addition of calcium to a surfactant system, Qmic» can be found by breaking an 

ampoule of calcium into a surfactant solution that is above its CMC, but outside of the 

precipitation phase boundary. The heat of dilution is then subtracted from the total 

heat obtained. The heat of micellization per mole of surfiictant forming micelles can be 

found by calculating the CMC of the solution before and after calcium has been added, 

taking into account the change in concentrations due to dilution. The model by 

Stellner and Scamehom (Stellner, K.L. and J.F. Scamehom, Langmuir, 5:10 (1989)) 

can be used for these calculations so that:
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Amie Qmic / (-ACMC) (D-8 )

The Qmic occurring in a precipitation reaction can be obtained by multiplying qmic by 

the change in number of moles of surfactant in the micelles when calcium is added for 

the precipitating system. The Qppt is then found by the following equation:

Qppt = QT - Qdil - Qmic (D 9)

If there are no micelles formed during the addition of calcium to the surfactant 

solution, Qmic equals zero.

3. Calculation of the Heat of Precipitation Per Mole of Surfactant Precipitated.

3ppt

The final concentration of each surfactant in solution can be found by 

determining the precipitation reaction pathway and finding the point where the 

pathway crosses the appropriate precipitation phase boundary. Since the initial 

concentrations are known, and the volume, Vr v > is known, the number of moles of 

surfactant precipitated, npp ,̂ is:

(tppt “ {([SDSJimt [SOBSJmjt) - ([SDSJum- + [SOBSJum')} ^RV CD-I®)

where [SDS]imt and [SOBS];mt are the initial SDS and SOBS concentrations, and 

[SDSJmu- and [SOBS]unr are the unreacted SDS and SOBS concentrations at 

equilibrium. Then,
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Qppt Qppt^^ppt ( D l l )

4. Calculation of the Fraction of Surfactant Precipitated as a Function of Time 

For any surjetant concentration beginning above the CMC, the moles of 

surfactant in the micellar phase can be calculated for each point along the reaction 

pathways, using the model by Stellner and Scamehom, and the unreacted surfactant 

and calcium as the total concentrations in solution. The heat o f demiceUization for 

each point during the precipitation reaction can then be subtracted from the heat of 

precipitation. Points along the strip chart are chosen as shown in Figure D.2, and a 

proportionality constant is calculated using Tj, Tf, and T  ̂at each point along the 

precipitation reaction curve.

A = (Tt-Ti) /(Tf-Ti)  (D.12)

If there is an initial increase in the rate followed by a plateau before any precipitation 

begins (as shown occurring in Figure D.2), a new T;' is used in the calculation of A':

Tj'= Ti(t=0 sec) + ATd (D.13)

A' = (Tt-TiV(Tf-Ti ' )  (D.14)

This new A  keeps the initial temperature rise from affecting the fraction of surfactant 

precipitated. The final calculations are shown below;

Qt = Qppt A (D.l5)
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Qt “  (Qppt ^  °p p t ■ Qdemic ^ m i c )  /  *^ppt (D -16)

Qdemic ~ "Qmic (D-17)

fraction precipitated == Qt /  Qt(final) (D. 18)

For the case where the initial concentration is above the CMC, the calculation of qt is

iterative since An^ic is not known as a function of time:

( 1 ) calculate qt for an initial guess of An^ic

(2 ) calculate the fraction precipitated

(3) calculate a new Anmic for the fraction precipitated

(4) Repeat until the fraction precipitated stops changing
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