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I. IN1I'RODUm'ION 

'rhe klnetics of the combination of carbon dioxide and 

hydroxyl ion is of considerable in~ustrial interest. The 
. 

reaction is second-order in the forward dlrection 

and the rat~ is given by: 

Rate ( I S. ) 
___ d(C02) 

g mole 1 
dt 

where K is the second-order rate constant for OIC, ( R./g mole-s ), ( co2 
and (OH-) are the qoncentrations of co2 and OH- at any stage 

I 
of the reaction r~spectively, g mole;i. 

The data 6f the kinetic constant K in various temperatures 

and salt solutions are very useful in the calculations for 

designing the proce·ss of using hydroxide solutions to remove 

carbon dioxide from· gas mixtures. The calculation of the 

actual rate of the reaction between carbon dioxide and hydroxyl 

ion in salt solutions is very complicated because of the effect 

of ionic strength a~d the nature of salts.· A discussion on the 

theoretical approach to the calculation will be given in the 

next section. 

The value of K has been measured by some workers. Except 

the data reported by Pinsent (26) and Nijsing (24), few data 

are useful for industrial applica1ions. The kinetic constant 

K is strongly affected by the ion~c strength and the nature 

of th~ ions present and, therefore, its value cannot be 



accuratelypredlcted for the salt solutions in which it has 
"• .. 

not been measured. A review of the rnethods Which have been 

used for "lleasuring the kinetic COI1S tant will be .give.n in a 

later section. The result~ obt~ined by various methods will 
. . .· . ·' 

be c~~pared arid the best method. for measuring K in the salt. 

solutions wfil be discussed. 

·.:"\ 
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II. THEORETICAL BACKGROU~~ 

1. Kinetics in unbuffered solutions 

When carbon dioxide reacted with hydroxyl ion in excess 

concentration of hydroxide, the reaction can be expressed a~: 

CO +. OH - HCO-K 
2 3 (1) 

Hco- + oH-
3 ) 

co- + ~o 3 . . (2) 

and the over-all reaction is. 

C02 
+ 20H- co= 

3 
+ ~0 (3) 

Reaction (2) can be considered as instantaneous and the 

rate for the over-all reaction is determined by reaction (1). 

Solution of the differential rate equation gives the 

following expression from which K may be obtained: 

log b-2y = . a-y 
b-2a 
2.303 

Kt + log _E._ 
a 

where: a = the initial concentration of co2 , g mole/.t 

b - the initial concentration of oH-, g moleh 

(4) 

y - the concentration of carbonate formed at time t, 
g moleft 

K - the kinetic constant of the reaction (1), Lj g mole, 
sec. 

The concentration of hydroxide at any stage can be deter­

mined froL1 thermal (26).; pH (39) and co2 (24) measurements. 

The concentration of carbonate y c.an b.e calculated from the 

measured hydroxide concentration. 
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2. Kinetics in buffered solutions 

In the carbona te-bi cEJ.rbona te buffer s elutions, hydroxide 

concentrat-ion at any stage in the ~eaction depends on the 

buffer ratio, the buf'f'er Ka and various activity coefficients.· 

It is _usually calculated by the equation: 

where 

Ka: aH+aco 3 
: aHco-

3 

( co3 ) .· 

(HC03) 

= 

Ka = dissociation constant 

(5) 

rH+ reo= · (6) 
X 3 

fHc03 

(7) 

or HC03 

+ +· 
aH a = a - are the activity of' H co = and Hco-, . co ._Hco3 

, 
3 3 

3 
, 

respectively, expressed as the Product of' the molar 

concentration, i.e. (H+), (co3), (HC03) and the 

activity coefficient, f'H+' rco3' fHC0
3 

1\.r = dissociation constant of' water 

Ka ar1d Kw at any temperature depend on ionic strength of' 

the solut:;_on and the nature of the ions present. Thus the 

concentra';ion of hydroxide will also depend on the ionic strength 

and the species of the ions. 

Nasanen ( 23) measured K.,1/Ka_ at 25°C in solutions of- Na Cl 

I 

~ ! 
I 
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KCl ( I<2 g ion/£) and expressed the relation of log Kw/Ka 

and· I as: 

log Kw 
Ka 

-- - 3.677 - 1.01!{ - 1H 
1+~ . r 

(8) 

where. I = ionic strength, g ion/liter, as defined in 

eq. (19) 

for KCl: o<.. = 1.49, ~= 0.061 

NaCl :ot= 1.27, ~= 0.125 

From this equation, it can be seen that in potassium solutions 

Kw/Ka is higher than that· in sodium solutions. 

So far, there is practically no information about the 

concentration of hydroxyl ion in concentrated carbonate­

bicarbona te solutions ( I> 1 g ion/,£). Because of the un­

certainty of hydroxide concentration in buffers, the integrated 

form of the second order rate law will be a complex expression 

which requires an elaborate ionic strength correction. 

3. The effect of temperature on the kinetic constant 

The variation of rate constant with temperature can be 

represented by the equation: 

·log K = (-Ea ) 1 + c (9) 
2.303 R ~ 

where K - the reaction rate constant -
T - the absolute temperature -
R - the gas constant in calories -
Ea= Activation energy, calories 

c = the constant of integration 
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According to Eq. (9), a plot of log K against 1/T should 

be a straight line with a slope expressed by Equation 10: 

- E a 
s1ope : 2.303 R (10) 

4. The effect of ionic strength on the kinetic constant 

A general theory of the influence of ionic strength on 

the rate of reactions between ions was given by Br~nsted ( 4), 

Bjerrum (2), Christiansen (6) and Scatchard (34) for the 

influence of the ionic strength on the rate. Consider a 

r~action of the general type 

A + B ---------? AB'I -----~ Products ( 11) 

From transition-state theory, the rate of the reaction is 

given by: 

KI. a k T . ( ABf) - .. 
.-n· (A) (B) 

( 12) 

where k: Boltzmann's constant 

h: Planck's constant 

T: Temperature 

(W), (A) and (B): Concentrations of A#, A and B 
respectively, in moles/liter 

If A and B are ions, the equilibrj urn constant is given by 

KT = aAB'f (ABil_ fApj = (13) a a (A) (B) f~.fB A B 

iOO - ¥J' fA fB (14) 
) - rABI 

'"""~ •'; 

,..1 
i 

. I 

. I 

j 

' ' 
I 
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,. 
Substituting eqn. ( 14) to eqn. (12) yields 

Kr = k T KF fA fB K fA fB (15) = tl fAB 0 
l'AB 

w~ere.K0 is the reaction constant at infinite dilution~ 

Taking logarithms, 

log Kr - log K0 + ~og fA fB 
fApj 

(16) 

According to the Debye-Hlickel theory, the activity 

coefficient of an ion is related to its valency Z and.the 

ionic strength according to the equation: 

log f ; - Q z2j1 ( 17) 

The coefficient Q in this expression is given by 

Q = N
1h e3 (2Jt) 

1h (18) 
· · 2.303 (EkT) 3/2 (1000) 1;2· 

where· N: Avogadro constant 

e: electric charge of the ion 

E: Dielctric constant 

k: Botzmann' s constant. 

T: Temperature 

and the ionic strength is defined, following G. N •. Lewis, by 

the equation: 

r • + 2. ci zi (19) 

1 
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hydroxide, the· influence of the cation on the .activity 

coefficient is in the order or K > Na > Li. This phenomenon 

was.explaioed by Robinson and Harried (30). They introduced 

the idea of "localized hydrolysis" to account for the effect: 

In the hydration shell around a cation the water molecules 

rnu~t be highly p6larized with the positi~e charges directed 

away from the cation: 

Na + •••••••••••• . . . . . . . . . . . . 
It is possible that the bound h~drogen ion can exe~t 

sufficient force on a comparatively small ion like the 

hydroxyl to lead to a short-life binding: 

Na + •••••••••.• · •• • • • • • • • • • • 
+ . H .••..••..• oH-

with the ·tbrmation of a kind of· ion-pair but differing in 

that the water molecule acts as intermediary. The smaller 

the catiori the.more polarized will be the solvent molecules 

so that the effect would decrease from lithium to.potassium • 

.As such interaction would lead to reduced activity coefficients, 

it would explain why lithium hydroxide has a low, and potassium 

hydroxide a high, activity coefficient. 

The effects of chlorides and sulfates on the activity 

coefficients of sodium and potassi•..un hydroxide were measure:d 

by some workers. The data are shown in Table 15. From thE 

table:, we can see that the activity coefficients of hydro1ides 

in chloride solutions are higher than those in sulfate solutions. 

I .... 

i 
'! 

i 
~t 
I 
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-
{ii) The influence of ionic strength on the activity 

coefficient of carbon dioxide: (i.e. eqn. 22) 

The 2alt effect on the activ:ty coefficient of co2 ha~ 

been .discussed. by many authors, but it is still not possible 

to make reliable e'stimates of its magnitude. Table (16) 

shows the bB value used in eqn. (22) to express the salt 

effect on the activity co~ffici~nt of co2 for various salts 

as calculated from the data obtained by Mar ham and Kobe (22). 

From the table, it shows that the order of the effect of 

cations is in the reverse order of ion size. Increasing the 

concentratiori of. lithium salt increases the C02 activity 

coefficient more than sodium salt. This was discussed by 

Long and McDevit (21). The basic assumption is that the 

interactions which occur between acidic and basic nonelectrolytes 

and water molecule are greatly affected by the orientation of 

the water molecules in the hydration sphere of an ion. vli th 

cations the surrounding water molecules will be oriented with 

their protons outward and there will be a repulsion with an 

acidic nonelectrolytes. From this picture, one would expect 

for C02 , ilhich is. an acidic nonelectrolyte, its activity will 

be increased in the reverse order of the molecular weights of 

the salt~ in solution, i.e. Li > Na > K. 

From the discussion shown above, the effect of some salts 

on the ·activity coefficients of carbon dioxide and hydroxide, 

are showr in Tables (14), (15) and (16). However, it is still 

not poss:.ble to calculate the value of b in the equation: 
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the chemical reaction is the elimination or separation of 

diffusion effects trom kinetic effects. The experimental 

methods used for measuring the kinetic constant of the 

reaction between carbon dioxide and hydrcixide have followed 

two approaches. One approach is to determine the over-all 

reactiori rate in a flow or batch.process, and then correct 

this value for the effect of diffusion, such as manometric 

method~ The other approach is to design the experiment so 

that the influence of diffusi6n is negligible, such as 

continuous flow method and isotope exchange method. Among 

these methods, the results obtained by Pinsent (26) using 

continuous flow method are th~ best and will be discussed 

first •. The other·methods will also be described and the 
' results are compared with Pinsent's data. 

1. Continuous fl0\'1 method 

The continuous flo\'t method was devised by Hartridge and 

Roughton (15) for·measuring the velocity of rapid chemical 

reactions. It can be applied to the studies of those reactions 

whose half periods range from 10 sec. or more, down to 0.001 

sec. ·The principle of their method was that the two react:·.ng 

solutions were mixed and then passed down an observation t~be. 

At various c~oss sections of the tube the composition of t'1e 

streaming fluid was determined by optical, thermal, electrical, 

chemical or other methods of analysis applicable to rapidly 

moving fluids. ·From the composition at each cross section and 

_tne corresponding reaction time, the velocity of the reaction 

could befollowed. The main disadvantage of this method is 

. i 
' 

I 

! 
I 

'*I 
I 

+i 
I 
I 
I 
i 

i 
I 

I 

I 
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i 
I 
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the n~ed for large quantity of reagents. 

(i) Thermometric, .Pinsent (26) 

In tnis work, thermocouples .;ere used for measuring tlle 

extent of the reaction by measuring.temperature rise of the 

mixed-flowing flUid due to the evolution of the heat of 

reaction. Various salts were added to study the effect of 

ionic strength. 

~he results are sho~n in Table 2. They covered a 

temperature range from 0°C to 4ooc,Fig. (1), and studied the 

effects of Na Cl, KCl,. Na2 C03, NaN03 and Na2S04 on the kinetic 

constant, Fig. 10. -This work is so well established that the 

results have been used as a reference in many other kinetic 

studies using the thermal flm·1 method {31). 

(ii) Conductivity, Saal (36) 

In· this work, the replacement rate of hydroxide by 

carbon ate was determined by measuring the conductivity 

changes. Pairs of platinum wires were sealed at intervals 

into the observation tube. The data obtained were used to 

calculate the veloclties of the reaction. The results are 

shown 1n Table 3. The corrected value of kinetic constant 

at infin~te dilution is plotted in Fisure 1. It is in 

agreement with Pinsent ·1 s data. 

(iii) Photo-electric, Brinkman (3) 

The carbon dioxide was mixed in a rapid flow apparatus 

with NaOH solution. The pH changes were followed photo­

electrically by use of 0.01 per cent tropaeolin as indicator. 

··.··: 
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This indicator, giving a suitable color change from yellow 

to red, was added in equal amounts to both re~cting solutions. 

One solution would thus be yellow in color and the other r~d. 

The two solutibns were allowed to mix in the mixing chamber 

and flowed down to the observation tuhe. The mixing chamber 

and observation tube were mounted in a vertical carriage, 

which.could be moved up and down, so that various parts of 

the observation tube could be brought into the path of the 

beam of light illuminating the photoelectric cell. A 

calibration curve was, obtained by running through the 

observation tube a series of buffer solutions of known pH, 

containing the same concentration of indicator. Then the pH 

of the moving mixed fluid at va~ious points in the observation 

tube cbuld be obtained. From the pH of the solution the 

values of (C02 ), (Ji2C03) and (HC03) could be calculated. 

The results are shown in Table 4 and are plotted in Figure 1. 

The data obtained in this work are somehow much lower than 

the others. 

2. Carbamino quenching method 

The carbamino quenching method was used by Faurholt in 

1924 (11). He established the rate laws for the reactions of 

carbon dioxide with hydroxide ion :1nd carbon dioxide with 

water. Tbe apparatus he used was very simple, containing 

·only a flask and a separation funnel, yet he was able to 

obtain a result which compared fav~rably with other works. 

The principle of his method was th:1t alkyl amines react 

extremely rapidly with unhydrated co2 to form carbamates: 

... 

,.. 
' 

;J 

'I 
f 

• I 

I 
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+ 
(R2 NC02) ( NH2R2 ) (25) 

Experimentally, carbon dioxide solution was mixed with a 

carbonate-bicarbonate buffer of knmvn pH in a flask. The 

carbon dioiide reacted with hydroxyl idn to form bicarbonate 

ion.· 'After the desired reaction time·had elapsed, a large 

excess of 4-M amine was added. Unreacted C02 combined with. 

the amirie to form carbarna tes. Ba Cl2 was then added to 

~re6ipitate carbonat~, from which the C02 which had not 

re~cted with hydroxyl ion could be determined. When the 

solution was heated, carbamate gradually ·changed to carbonates 

and precipitated as the·barium salts. The concentration of 

reacted co2 could thus be determined. The chief sources of 

error in the carbamino quenching method lay in the mixing which 

he accomplished merely by pouring the contents of one flask 

into.another with shaking~ The data are shown in Table 5 and 

are plotted in Fig. 2 to compare with Pinsent's data. Faurholt 

did ~ot ~ay attention to the ionic strength effect. The data 

reported are not at zero ionic strength but rather at the 

experimertal conditions shown in Table 5. Since there is no . 

sufficiert data to predict the ~elation between ionic strength 

and kinet·ic constant the points on Fi.g. 2 are not at infinite 

dilution. 

3.. Boa 1; method or manometric method. 
. . 
The boat method was first introduced by Brinkman, Margaria 

and Roughton (3) for studying the reaction of co2 and hydroxide. 

It is of a manometric type; the absorption of C02 from a gas 
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The results are shm·m in Table 8. They estimated that at 

0°C, the reaction const~nt should be corrected by 5-7%, but 

at 10°C, the corrected constant is not accurate to better 

than ! 15% and they concluded that the manQmetr1c method ~s 
' 

not ~u1table for studying rapid reactions at higher temperatures. 

Meda (26) foliowed Pinsc~t's method but used veronal 

buffer at pH 8.6 to 8.7 instead ·of pH 10. The reaction. 

velocity was reduced by a factor of ten. Thus he \"las able 
. . 

to measure the reaction constant at higher temperature. The 

results agree satisfactorily with those obtained by the 

thermal flov! method. They are shovin in Table 9 and Fig. 3. 

4. Stopped flow method 

The n~jor disadvantage of the continuous flew method is 

the large expenditure of reagents. The steppe~ flow method 

was introduced· by Roughton (32). This method has recently 

been very widely used in biochemical studies owing to the 

strict economy with reagents. The basi·c idea of this method 

is that the two reacting solutions are mixed together just 

before ~i.ey enter a cell which has observa.tion ports or other 

sensors. · Flow is then mechanically stopped and measurements 

may be mcde with a minimum of turbulence. The transient of 
. 

the currt:nt or voltage of the detector system as a funct:~.')n 

of time is recorded for analysis. The apparatus is now 

availabh~ commercially. Measurement techniques include 
. . . . 

absorption spectroscopy in visible or near ultraviolet regions, 

calorime·.;ry, pH, polarography, electron paramagnetic resonance. 

The ·deta tls can be found in Schechter's paper ( 38) •· 

.,.I 

' 

~, 

! 
. ! 

I 
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Sirs (39) applied the stopped flow method to ~tudy the 

reaction co2 + OH.... HCo3 • The two reacting solutions 

were fed from two stainless steel vessels, via three-way taps, 

to two glass syringes. The taps were then orientated so that 

when the t~-,ro syringes were driven up together by a sliding 

platform, the reactants were driven into the mixing chamber 

and observation tube. The mixing chamber was based on a 

system of symmetrical tangential jets, \'lhich fed into an 

observation tube. The measurement was done by two s cre1·red, 

stainless steel electrodes located in the observation tube 

on either side of the. tube at a certain distance from the. 

mixing chamber. The measured conductivity change was used 

to calculate the extent of the reaction. In another setup, 

he used Tropaeolin 0 to follow the hydrogen ion change 

optically as Saal (36) did. 

The results obtained for both the conductivity and photo­

electric technique were significantly lower than the values 

obtained thermally. He then traced the discrepancy to the 

dissolved gas in the solution. He. found formation of C02 

gas bubbles during turbulent flow. The pressure changes and 

turbulence of the mixing and flow of solutions gave rise to 

small gat= bubbles via minute gas r.uclei. These bubbles caused 

a decrease in conductivity and light absorption. He then 

made a new set of observations us.7ng only one quarter or less 

saturated C02 as the reagent solution. The data are s hmm in 

Table 10 and the corrected value et infinite dilution are 

plotted in Fig. 4. They are in excellent agreement with those 

II 
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obtained by the thermal flOw method. 

5. Laminar jets absorption 

In h4 s study of the kinetics nf the absorption of C02 by 

caustic solutions, Ni~~ing (24) measured the kinetic constant 

for high OH concentrations. His theoretical approach 

involved the assumption that at sufficiently high (oH-)/(co2 ) 

ratios and sufficiently small contact times between gas and 

liquid, the reaction taking place in the liquid between C02 
and OH- may be regarded as a pseudo first-order reaction. 

The kinetic constant of co2 + OH- HC03 can be obtained 

from measurements of the total absorption rate of C02 as a 

function of jet length. 

Experimentally, the rate of absorption was obtained from 

the rate of decrease of the gas volume in the absorber at 

constant temperature and pressure. This was obtained by 

measuring the velocity of ~isplacement of a soap film in a 

calibrated tube. A linear relation bet·,.,een the rate of 

absorption and the jet length was observed: 

where 

cf m = :n: d c * j D K ( OH-) (26~ 

fm: the·rate of absorption, in mass per 
unit time 

d: the diameter of the jet, 

c*:the equili~rium concentration of co2 
at the gas-liquid interface, in mass 
per unit volume. 

D: the diffusivity of co2 in the liquid 
phase. 

..,.. I 

.. ' 

... 
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K: the kinetic constant 

~: the jet length 

When cpm ::.s plotted against R., a ~ traight line is obtained, 

slope = _JL d c*J D K (OH~) 

c* was calculated using the formula: 

where: 

* 
log _s_ 

c* 
w 

= - k I s 

c;: the solubllity of the C02 in water 

I: ionic strength 

(27) 

(28) 

ks: constant depending on .the type of the 
solution 

D was estimated by correcting for the viscosity of the 

solution according to the equation: 

D )I 0 • 85 = constant, at constant (29) 
temperature 

K can be calculated by using Eqn. (27). The results obtained 

together \'lith the estimated c* and D are shown in Table 11. 

The ~inetic constant data in KOH, NaOH and LiOH solutions are 

plotted against ionic strength in Fig. (9). · It shows that 

KOH has m'Jre effect on the kinetic constant than NaOH and· 

NaOH than LiOH. The value at zero ionic strength obtained 

is lower than Pinsent 's datum. (see Fig.5}. 

The results of this method are believed t6 be less 

accurate than the results of the other methods because it 

is 1mpos~ible to measure c* and D. Those two values were 

obtained merely by estimation. This work is valuable in 

that he determined the influences of ionic strength and 

.types of ions on K. 
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6. Isotope Exchange tliethod: 

The isotope exchange method provides an advantage in 

avoiding ~he correction for mass t~ansfer effects cxperier.~ed 

in. the manometric methods. 

(i) Radioactive C02: 

1. Radioactive C02 vms used to determine the kinetic reaction · 

rate constants by Himmelblau and Babb (16). The essence of 

the procedure is to operate :the co2 -NaHco3-Na2C03-H20 system 

at chemical equilibrium but at isotopic disequilibrium. 1llith 

samples taken from a closed vessel at periodic intervals after 

initiall~ injecting tracer in the form of NaHC*03, it is 

possible to follow the rates of reaction by analysis of the 

percentage of tracer in the ~elution in the form of cl4o2. 

They measured the rates of these two reactions 

(30) 

* · Hco-
3 (31) 

Then, by varying the (co2 )/(HCOj) ratio in the solutions, they 

were able to separate the effect uf reaction.(30) from the 

supposed effect of reaction (31). 

! 

• ·! 

' 

..... 

The results shown in Table 1 obtained by this method are 'J 
"l 

about 50-130 times as fast (depending on the temperature) as i 

other reported values. The discr=pancy is too large to be 

explained by ionic strength or sp·~cific ion effects. Danckwerts 

and Melkersson ( 8) treated the thermodynamic coefficients 

differently and obtained a set of corrected values shown in 

··: 
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Table 1~ The results still show a large discrepancy when 

compared with other values. Another reaction path \·ras 

suggeste~ to explain the results ~8). 

B 

A 

* C0
2 

• OH- ----""'" HC03 
~---. 

+CO 
2 

* co + 
2 

* 

(32) 

A species written as CO· oH- was assumed to exist and it 
2 

was assumed that this species can react with C02 with the 

exchange of the OH- group (reaction B) and that this process 
·., 

is much faster than reaction A. This reaction path would only 

be observable'by th~ isot6pic labelling technique. 

2. Go.odridge and Taylor ( 13) also used the radioactive 

tracer method fo~ investigatirtg the ~echanism of gas absorption. 

It was done by introducing a small amount of radioactive solute 

gas into the system. The use of small amounts of solute gas 

has an aC.vantage over the use of large amounts of solute gas 

used by ether methods. The concentration of absorbent molecules 

even at high dilutions remains sensibly constant this way. 

Experimet1tally, the rate of absorption was measured contirjuously 

by circu~_ating the gas phase containing the radioactive solute 

cl4o2 thl ough a scintillation head wh.ere cl402 could be. counted. 

Under th(: experimental conditions, the concentration of hydroxyl 
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ions remained constant and the reaction of C02 and OH-

became pseudo first-order. The kinetic constant was obtained 

by neglec~ing the ionic strength E...o:"'fect. It is impossible 

td apply this method for the study of the effect of ionic 

strength. The value obtained at infinite diluted are plotted 

iri ·Fig. '6, it agrees with Pinsent' s line. 

(ii) Oxygen - 18: 

Poulton and BaldNin (2T) used the o18 exchange method. 

The reaction kinetics were studied by dissolving sodium 

carbonate and bicarbonate in a weighed amount of oxygen-18 

enriched water. At various intervals aliquots of the 

solution were 'taken for isotopic analysis of the carbonate­

bicarbonate. /The results are shown in Table 12. It was 

found that the kin~tic constant decreas~d with increasing 

ionic strength. This phenomenon can not be explained. Their 

datum at the iort~est ionic strength measureq, however, was 

in agieement with othe~ reports (Fig.6). 

7. Steady State Method: 

Koefoed and Engel ( 19) studied the reaction betvreen 

Co2 and oH- under conditions of enforced stationarity. To 

perform the measurement, a solution of sodium carbonate is 

kept saturated with carbon dioxidr!. vlhen the pH of the 

solution has attained its equilib:-:>ium value, strong acid or 

base is supplied at a constant ra·;e. - After a few minutes 

the pH is again stationary. The <lependence of the change 

of pH on the rate of strong acid )r base addition is' 

I 

''·; 

..... 1 
i 

~I 
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analysed according to the over-all reaction mechanism. It 

is quite complicated and will not be shm1n here. The results 

are showrJ in Table 13. The value shown in Fig. 7 \<Ias obta::.ned 

at ionic strength = 0.75. There is insufficient data to 

obtain the reacti·on constant at zero buffer concentration. 

However, the estimated value, using the value of log K/I = 0.26, 

is higher than the other values shown. The discrepancy might 

be caused by the high C02 pressure used. Also, the changes 

in bicarbonate ion concentration, due to the addition of the 

strong acid or base used, may have been higher than they had 

assumed. 

,, 
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IV. INTERPRErATION OF TijE EXPERH1ENTAL D.t~,TA 

1. The €ffect of temperature on the kinetic constant of 

the rea ctlon co2 + OH- ----------) HC03 

The data reported for the kinetic constant at zero 

ionic·str~ngth are plotted against the inverse of the 

temperature in Fig. 8. The straight line shown vms suggested 

by Pinsent (2C.). It can be written as: 

log K0 = 13.635 2895 
T 

The energy of activation was calculated: 

Ea = 13,250 cal 

(33) 

The results obtained by using other methods are in 

excellent agreement ~ith this line except for those data 

obtained by Brinkman, et al (3) and Himmelblau (16). 

2. The effect of ionic strength on the kinetic constant 

of the reaction C02 
+ OH- HC03 -- . . ..... -

(1) Unbuffered solutions 

The effect of ionic strength on the kinetic constant 

is expre~sed as: 

log K1 = log K
0 

+ bi 

where K1 and K0 are the kinetic constant in salt solutions 

and infillite dilution respectively. If log KI is plotted 

against· .. , a straight should be obtained with a slope equal 

to b. 

. i 

i! 
I 
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The data obtained by Nijsing (24)' in KOH, NaOH and 

LiOH solutions as shovm in Table 11 and Fig. 9 coincide \·rith 

this ap~r~ach. However, the d~ta obtained by Pinsent (26) 

as shown in Fig. 10 do not coincide with eq. (24). 

~n order to investigate alternate methods of correlation, 

the data of Pinsent and of Nijsing were corrected to a cormnon 

temperature, 25°C assuming the temperature effect to be the 

same as that shown in Fig. 8 for dilute solutions. rt·was 

found that the data could be brought closer together by 

plotting KI v. s. the product of the iohic strengthand the 

~ean attivity coefficient of the salt as shown in Figures 11 

and 12. The activity coefficients of these salts are given 

in Table 17. From .lt,ig. 11 and Fig. 12, we can conclude that 

for the reaction between carbon dioxide arid hydroxyl ion in 

salt solutions, a plot of.log KI against I x f for the salts 

with a common cation will lie on a single curve and the 

corresponding plot for the salts with a common anion will 

resuit in a family of curv~s. The latter curves fall in the 

same order as the order of the sizes of the respective 

cations, i.e. K > Na) Li. According to the "localized 

hydrolysis" described previously, this is the same order as 

the inflt·.ence of the cations on the activity coefficients 

of the hrdroxyl ion. 

-·Fig. 13 and Fig. 14 are the plots of log KI against 

I x f x c.. Where a is the radius of the respective cation 

as tabule:; ted below*. 

*From V. M. Goldshmidt, Chern. Ber, 60, 1263 (1927). 
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+ 
K 

1.33 

+ 
Na 

+ 
Li 

0.78 

This method appears to bring the date into a single curve 

which should be useful for prediction of ionic strength 

effects. Further study of this method on additional system 

may be desirable. 

(2) Buffer solutions: 

In bicarbonate-carbonate mixtures, the salt effects on 

the rate of the reaction between co2 and OH- are more 

complicated. The concentration of hydroxide depends on the 

ratio of carbonate and bicarbonate: 

where 

(oH-) = Kw 

Ka 

Kw = aH+ a 
OH 

aH+ a co::. 
3 Ka = 

aHCOj 

( coj__) 
(HC03) 

(9) 

(11) 

(10) 

Ka and ~ vary markedly with the ionic strength and composition 

of the solution.· Fig. 15 shows the value of Kw/Ka as a 

function of ionic strength in KCl and NaCl solutions. Roberts 

(29) combined the values of Kw/Ka with the value of Kr at 20°C 

given by Pinsent (26) in KCl and NaCl solutions as shown in 

Figure 16. The _two _straight lines on ~igure 16 are the values 



-31-

reported by Nijsing (24) in co3/HC03 buffers of ionic 

streng~hs 1.2-2.1 g ion/1. It shows that the rate in 

potassi\,urt solution is higher. 

There do not appear to be sufficient data available 

to permit a general correlation for the prediction of K1 

in buffered solutions. The curves of Figures 15 and 16 

suggest that the introduction of activity coefficients as 

in the case of the non-buffered solution may be worthy of 

future study. 

Ill 
I 



-32-

V. EXPERH1ENTAL STUDIES ON THE THERr1AL FLOtv ME.'THOD 

1. TheoPy 

The ~ontinuous flmlf method dr:vised by Hartridge and 

Roughton in 1924 (14) was used for many studies of rapid 

rea ct'ions in the liquid phase. A revieN of this method was 

written in detail by Roughton (35). The principle of the 

metho~ was that two reagent solutions were placed in 

separate containers and.driven thence continuously into a 

specia 1 mixing. chamber where they tvere rapidly mixed. The 

emerging mixed fluid passed down an observation tube of 

uniform bore, at various cross sections of which the 

composition of the streaming fluid was determined by optical, 

thermal, electrical, chemical or other methods of analysis 

applicable to the rapidly moving fluids. Those properties 

indicated the progr-ess of the reaction. Since only the 

optical and thermal measurements are useful for a general 

purpo.se apparatus where the reagent solutions contain a 

buffer or other foreign electrolyte, thermal flmv method 

was chosen for the purpose of our studies. 

·If d is the distance in em bt~tween the mixing chamber 

and the eross section under exami11ation, and u is the 

average linear velocity in em per ~econd of the streaming 

fluid, then the average time for vhich the reaction has · 

proceeded before reaching the pla.!e of observation is 
.... 

simply d/u seconds. The value of u is given by V/A, where 
-V is the average volume velocity .::>f the streaming fluid as 

.. 

:-. : 
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measured in cm3/sec and A is the cross-sectional area of 

the observation tube. From observatibns at several cross 

sections the_ usual type of concentration-time curve could 

readily be plotted. 

The reaction under study \'las: 

CO + OH-. 
2 ' ----------------7 HCO- (1) 

3 

co3 + H2o (2) 

At excess concentrations of OH-, if we assume that all the 

bicarbonate is transformed to carbbnate. 

In reactibns (1) and (2), there is an evolution of an 

appreciable amount of heat. If the total heat evoluted is 

known, the corresponding temperature changes can accordingly 

be used to follow quantitatively the progress of the reaction. 

Thermistors ~·rere inserted into the observation tube in order 

to determine the temperature of the streaming fluid at 
' . 

various distances from the mixing chamber. 

2. · Apparatus 

The main elements of the apparatus are shown in Fig. (17) •. 

It consisted of two feed tanks, rotameters, pumps, mixing 

chamber, observation tube and temperature measuring device. 

(a) Reagent containers: 

·The reagent containers are lT'.E.de of two stainless steel 

tanks of capacity 35 liters. They are capable of standing up 

to 4 atmospheres pressure. The temperature of the reagent is 

maintained by the constant temperature water coil which goes 
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into each tank. The solutions are continually stirred i'lith 

motor-driven stirrer. The constant temperature \vater bath 

is contro:.led to·± .0.05°C. The tc.nperature of the reagent 

in the tank is then ~ontrolled to ± 0.002°C. 

(b) f.1ixing chamber and observation tube 

Two types of mixing chambers have been construct.ed and 

tested. · One is ~imply a 1~~ inch stainless steel tee. The 

two reacting fluids come in from two stems and the other 

ste·m connected to a 1/4 in o. D., 0.196 in I.D., stainless 

steel tubing used as the observation tube. At 0.7 GPM fro~ 

each_tank, mixing was only 75% complete at the last measuring 

point which was corresponding to 7.5 msec after mixing. The 

half time. of the reaction under study is from 1 msec to 2 

msec, this mixing chamber is not suitable for the purpose. 

The other mix~r is constructed .of plexiglas. The general 

construction is shown in Fig.(l8), in which a mixing chamber 

with 14:jets is illustrated. The jets and the observation 

tube are drilled out from 1 in. diameter solid plexiglas 

cylinder. The jets are 1 mm in diameter and are constructed 

in a way that they deliver the flnids tangentially rather 

than radially and thus impart a rotary motion to the fluid 

in the mixer. The fluid from one of the feed tanks flowed 
I 

into a r1ng which had-seven inlets going into every other 

one of the fourteen jets, the oth=r fluid flowed into the 

remaining seven jets. Thus the t'lO reagents t.,rere mixed in· 

the mixing charnber Of 0.05 cm3 in VOlume and then flO'w<Ied 

. .:..· 

.'t 
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down to an observation tube of uniform bore 5 mm in diameter 

and 8 em in length. The' end o'f the tube was connected to a 

control valve which maintained a back pressure to prevent the 

bubble formation from the f).owing fluid. The valve was 

connected ·to ~- 0. D. nylon tube ~lhich ~Tent down to the drain. 

The mixlng chamber and the observation tube were immersed in 

an oil bath. The temperature of the bath was controlled to 

+ d.005°C by a YSI Model 72 proportional controller. 

(c) Temperature measuring device 

The.differential measurements of the temperature of the 

reacting solution were made by employlng thermistors. A 

thermistor is in essence a piece of semiconductor material 

attached to two electrical leads. The chief characteristic 

of semiconductors is their large negative coefficient of 

resistance change with temperature. A review of theory and 

applicat:tons of thermistors was written by Boucher (5). So 

far as we kno\o;, the thermistors have not been used for the 

purpose 0f studying the reaction of carbon dioxide and 

hydroxid,:. Giladi et al, (17) applied the thermistors to 

the measnrement of temperature for some reactions having 

half per:.od of 0.05 second. The measuring devices necessary 

for satii)factory performance are much simpler in using 

thermistors than using thermocouples in some cases. 

The thermistors used in our study were YSI Precision 

Thermistnr Probe Part 44105 which had a resistance of 

3 Kil at 25°C, sensitivity of lOO.a/°C at 30°C. · .. The 
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reference thermistor were located at the inlet of KOH 

solution and the other eight thermistors were located at 

the other inlet of the mixing chamber, the center of the 

mixing chamber and at some different places ·along the 

observation tube. Each lead from the thermistor was 

inserted ln a 1/8 inch stainless steel.tube which was then 

sealed with epoxy resin cement. Swagelok fittings were 

used to insert the thermistors to the wall of the observation 

tube. The output from the thermistors \'las recorded using 

a recorder designed by meter shop, LRL. It can measure 

the temperature differences to· thousandths of one degree 

Centigrade. The circuit diagram is shown in Fig. (18). 

Th~ basic idea for the design of this meter is that 

the resistance of a thermistor is a function of the ambient 

temperature arid the variation of resistance can be measured 

very accurately by r.-lheatst6ne 1s bridge with. an amplifier. 

An idealized t'Theatstone's bridge is shown as follows: 

-~· . E 
R rl 

Battery D ~- 4 B . T T~~~/!12,R2 
In the f!gure, R3 = R4, THl and Tl~ are two identical 

thermistors with resistances Rl and R2 respectively. If 

the ambient temperature of THl and TH2 are the same, then 

Rl = R2 and the potential differerce between point D and 

. point B is ·zero. On the other har:d, if there is a slight , 

',' 
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tempera tL~re difference betv;een THl and TH2, then Rl "I R2 

and there ·trill be a small potential difference VDB between 

the points D and B. Although Vnr is small when the 

temperature difference is small, VDB can be amplified by an 

elect~ical amplifier and then fed into an indicator for 

clear reading. There are nine thermistors totally, the 

temperature of the eight thermistors will be compared to 

the same reference temperature THl. 

All the connecting lines in the system were l 0. D. 

Nylon tubing and the flow rate was measured by Brooks Model 

lll2A size A, full view rotameter with 1.4 GPM max. 

3. Experimental procedure 

(a) Thermistor response time measurement 

Time constant of each thermistor vras measured as follmvs: 

One beaker was maintained at 30°C and the other at 30.1°C. 

At first, both reference. and the thermistor under investigation 

were put in the 30°C beaker. When the differential reading 

was 'stab:ie, the thermistor was taken out and imrnersed 
0 

immediately into the other beaker at 30.1 c. The temperature 

reading nas recorded continuously and a curve of differential 

temperat1re versus time was obtained. The time constant was 

o~+clllEl.v ~d \1-~tng tne t'ollo~fine; equation from Ref. (36): 

Tt 1 - 6 CIC) 1 e-Kn2Jt2t/r2 ('7) = 2. 
Too JL1 n=-1 n2 

where Tt is the temperature reading at time t, Too is the 

final te~perature reading and K = k . k is the time constant --
rc . p 
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of the thermistor, p the density of the teflon covering the 

thermistor tip, and Cp the heat capacity of the teflon.r is ~ 

the thickness of the teflon. 

From the data, K can be calculated and by the relation 

K = k/pcp, k is obtained for each thermistor. The time 

constant reported by the manufacturer for this type of 

thermistor is 2.5 sec. The measured time constants were 

from 2.4 to 6 sec. Thermistors were then inserted along 

the observation tube in the order of increasing time constant~. 

(b) fv'Jixing test 

The mixing efficiency of the mixing chamber was tested 

by mixing potassium hydroxide with hydrochloric acid. The 

reaction is an instantanuous reaction and should complete at 

the same time when they are mix8d. The heatof neutralization 

at 30°C is ...;13,360 .cal/mole (26). When O.Ol282H HCl was mixed 

~'v'ith O.Ol755M KOH total temperature rise should be 0.166°C, 

the temperature rise measured \'las. 0 .165°C a long the observation 

tube· and O.l48°C in the mixing ch2mber. The mixing efficiency 

was thus concluded about 90% in mJ..xing chamber and 100% complete 

before reaching the first measuring point along the tube at 

the velocity tested. 

(c) Thermistor response test · 

When 0.04226M KOH \'v'as mixed l'lith O.Ol454M HClJ concentrated 

HCl was injected into the observation tube at the point before 

the measuring thermistor and afte:" the mixing chamber at the 

rate of 0.08 ml/sec. The calcula·~ed temperature rise due to 



-39-

the injection of cone. HCl was 0.0577°C and the value 

measured ivas 0.049°C. The response of the thermistor vvas 

fairly satisfactory. 

(d} Experimental proc~dure 

(i) Before each run, thermistors were calibrated 

with blank experiment. Distilled water was 

charged into both tanks, allowed to attain 

temperature equilibrium with constant 

temperature water bath, pumped through the 

observation tube at the desired floW rate, 

recorded each reading. 

(ii) The carbon dioiide solution was prepared by 

bubbling carbon dioxide at different pressures 

according to the desired concent~ations into 

distilled \'18 ter contained in one of the feed 

tank. 

(iii) The potassium hydroxide solu.tion of the 

desired concentration, determined by titration 

to the neutral point with hydrochloric acid, 

was charged to another tank. 

(iv) After temperature equilibrium was attained, 

the tanks were pressu~ized by nitrogen. Then 

both solutions were pumped to the mixing 

chamber. Steady differential temperature 

readings from the reference thermistor and all 

the other thermistors were attained on the 

recorder. 



(~) The ext~nt of the reaction was calculated 

from the heat of reaction· and the measured 

temperature rise aL each point. 
-

(vi) Total concentration of C03 and OH- in runnings ~- ~ 

were determined by titration with HCl. 

(e) Example of calculation of data· 

Partial pressure in co2 feed tank: Pc02 = 3.94 psi 

Concentration of C02 dissolved in water calculated from 

Henry's la\"1: 

.Where Xco2 ls the mole fr<jl ction of co2 in the liquid 

phase 

PC02 is the partial pressure in atm in gas phase 

H is Henry's constant, at 30°c is 1.86 x 103 for 

co2 • (Perry's Handbook 14-4) 

(C02 ) = 0.008M 

therefore the concentration of co2 at reactin nozzle: 

The initial concentration of potassium hydroxide: 

{oH-)t=o= o.ol045 M 

The concentrations of both r~agent were checked by 

titrating ·the running: 

a = ( co2 lt ... o - o.oo4465 M 

b = {oH-)t~o = o.o1099: M 
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The data obtained after calibrated with blank are shown 

in the following according to their position alohg the 

.obse:rvation tube: 

Reference I O.Ol9°C 0.031oc o.034oc 

""-----t-1 --· +--I -....;.__;.1--
. o.oo 

The time elapsed when the reacting solution reached each 

thermistor was calculated from the flow rate measured by 

flowmeter: 

1.0307 2.2467 3.0606 (all in 

0.5251 + .---' _l ___ l __ I - msec) 

The concentration of CO~ at each cross section was 

calctilated from the corresponding temperature change by 

LlT: .6Hy 

fCp X 103 
where p is the density and 
Cp the specific heat of the 
solution · . 

t., msec .· y 

6 H = 21,200 cal (26) 

log b-2~r 

0 

0.5251 

1.0307 

2.2476 

3.0606 

o. 

0.0005714 

0.0009048 

0.0014762 

0.0016190 

... a-y 

0.39100 

0.40300 

0.41100 

0.42900 

0.43500 
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After _applying the least .·squares method, .a ·straight line of 

log b ... 2Y. -~ersus £ 'was _drawn a·nd the. slope \'las determined. 
. a .-y. . -~ ~. . . -~ .. 
It .is sbo1·~n in Fig. {20) •. The slope, was 0.0141 .ms.ec ... 1 in 
. ' . . .. . . . . -

this cas·e, from eqn. (8): ... . .... 

: .. \ . . .. . . 
-.' ... 

.. · slope 

·K. ··. -., slope x 2 ·3°3: 
.b-2a 

- 0.01.41 X · 2.303 · X 103 
0.01999 · · 0.904465x2 

·. ', 

- . 15,800 .(.l/g rnole, sec.) 

4. Results ·.:-·· 

A .. ser.:i_es ·ar -:~:Xper;imEmts have been .done b~r V(irying · 

.. hydrox.ide concentrations. The .. res,ul ts are · s ho\~n in the . 
: , .... 

' . 

· .. following: . 
. · .. 

:·,· 

... 

" . 

T=30°C:. .· Run .. { 0~:- )mole/1 ( C02 ) ,rnole(-l· · ·I,J)1o1~/e KI . l/g mole., 
· sec • 

.. : .. ·. 

······. 
· · ..... 2 . . ·: O.'Oi269 

3 0~01556 

4 ·o.o1782 
. '. 

5. . 0.01802--

6 . 0.01807. 

7 . 0.01957 .. 

. 8 0.04182 

. .. 

9 

. ·.' '10 

0.01325 

o.cno46 . 
·, .. 

0.004'465. 

0.003960 . 

0.003300 

0.005110 

o.oo1:.437 

· · -o. ool~953 · 

O~OOS197 · 

'0 .00·~760 . · . 

. 0 .• 00~!960 .. 

· o.oo3.49o·· 

. . 

. 0~011 15,806 

o.o13 · · is,6oo 

0.016 21,000 . 

0.0178 17,800 

. 0.018 . 24,700 

0~ Oi8 .. .lB~ 800 .•. 

·o~o196: 14,ooo 

0.042 ' .. 9, 930 

, .. · : · (KCl.): · . ·:I . 

·.'· 
.. i 

.. J<r . 
': '". . 

o.oo8 .b~?2i4 20, ioo 

. o~o33.6 o~o44i l6,60o. · 
. . /; 

.: 

. ·. \' . ' 

. . . 
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The data obtained had a large discrepancy, for the concentration 

of potassium hydroxide ranging from O.OlM to 0.02fJI, the kinetic 

constants obtained were ranging from 14,000 to 24,700. For the 

four runs, Ruri 4, 5, 6, 1, the concentration of OH- was about the 

same but the values of K varied from run to run. The effect of 

ionic.strength was tested by adding potassium chloride at the 

same concentrationto both carbqn dioxide and hydroxide solutions. 

The results shot'ln in Run 9 and Run 10 indicated that the dis­

crepancy was too large to be accounted for the effect of ionic 

stre-ngth~ The heat of dilution of· KOH solution has been 

measured and the effect v1as found to be small. Taking the 

data of first seven runs, the kinetic constant at zero ionic 

strength was obtained by extrapolating the straight line of 

log Kr versus I to I = O. The Ko obtained was 16,920 compared 

to 12,400 at 30°C reported by Pinsent (26). 

5. Dissusion 

The use of the present apparatus for the purpose of 

measuring the kinetic constant of the reaction of carbon 

dioxide and potassium hydroxide has been found to be unsatisfactory. 

The data obtained varied from run to run. The major sources of 

the erro~ are discussed in the following: 

(a) The measurement error of the device 

The accuracy of the amplifiP.r ~nd the recorder used are 

0.25% of full scale, which from -o.osoc to ~0.05oc -is 100}-(V. 

Taking a conservative estimate of the repeatability as ± l.Q%, 

then themaxirnum error was! l)JV corresponding to± o.oo1oc. 
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The thermistors used had different temperature 

sensitivities (.1il/aT) when nulled at 30oc, the differential 

varied from 0.0 to o.o1oc between 29oc and 31oc. The 
. . 

maximum actural temperature change measured in the flow 

apparatus was·O.l°C. Therefore, the calculated maximum 

error fromdif"fering sensitivities was o.ooosoc. 

Total maximum error from electronic and thermistor 

sensitivity difference was 0.0015oc corresponding to 4-10% 

of anticipated readings (0.02°C to o.oaoc). 

(b) Error due to power dissipation in the thermistor 

The. electric PO\'Ier dissipated in the thermistor caused 

it to assume a steady state temperature at above that of the 

adjacent fluid~ The following calculations are based on the 

discussion in Baker's book (1). In the present device, the 

current flowing through the thermistor was 25.1 rnA, the 

resistance of the thermistor was 2.417 K1l. at 30oc and 2.407 

K..n at 30.1 °C. The electric-power dissipation in the 

therinistC"r·was 

(1) 

The error A t due to power dissipation was expressed by: 

in OF (2) 

where qe/A was·the electric-power dissipation in the sencltive 

element per unit of outer-surface area, BTU/hr, ft~. qe = V.Ie/J 

and J = ,).293 W hr/BTU. U. was the thermal boundary conductance 

referred to the outer-surface area, BTU/hr ft2,op and was 

calculat~d from: 

U - 1/ (1/Ui + 1/Uw + l/U0 ) (3) 
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where Ui was,the boundary conductance, referred to the outer­

surface area, from the sensitive element to the 

"nner surface of the casing, in this case, the ai.r 

film between the thermistor tip and the teflon 

covering, BTU/hr ft 2 oF. 

Uw \'ras the boundary conductance, referred to the out­

surface area, of the casing ~all which was teflon 

in this case, BTU/hr ft2 oF. 

U0 was the boundary conductance over the outer-surface 

area to those portions of the parent-body material 

-sufficient distant to be undisturbed in temperature 

by the presence of the sensitive element, BTU/hr 

ft2 OF. 

After proper values were substitute into eqns. (2) and (3), 

the maximum error 1:1 t was calculated and the value was 0.003°C. 

(c) Error due to friction 

The thermistors were first calibrated by immersing 

them in a beaker which was filled t'lith oil, the beaker wes 

immersed in an oil bath. The temperature of the oil bat.t 

was controlled to 3oto.oosoc and the temperature of t.he oil 

in the beaker was controlled to 30 ± 0.001°C. The diffe•ential 

readings of the thermistors wer~ calibrated to zero refe('ring 

to the .reference thermistor. When the thermistors were 

inserted into the observation tube in the way described before 

and the distilled water at 30°C was pumped through, the 

differential readings of the thermistors changed from zer>o 
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to positive readings ranging from 0.02 to 0.04°C. The change 

was believed to be caused· by the pressure drop in the 

observati()n tube. The pressure d:roop between the inlet of 

the mixing chamber and the downstream of the tube was 15 psi 
: ., 

at the flow rate used. If the pressure drop occurred between 

the reference thermistor and the measuring thermistor, the 

calculated temperature rise due to friction t-;as 0.025oc. 

The thermistors were therefore calibrated again with 

constant temperature water flowing through. Since the 

calibration and actual experiment were carried out in two 

separate runs,.the experimental conditions might have changed. 

Experimentally, the stability of two blank experiments was 

+ 0.001°C. 

(d).Error due to the bubble formation 

The. carbon dioxide solution t-;as prepared by bubbling 

co2 and N2 gas mixture into distilled water at about 27 psi. 

The back pressure maintained at the downstream of the 

observation tube was 24.7 psi. Tt:e temperature drop due 

to the bubble formation was calcu~ated and the value was 

0.002oc. Experimentally, no bubbJe formation was observed. 

One other source of error mitht come from lead 

conducta.l1ce, however because of l~~ck of some information on 

the surface conditions of the leads, a significant value can 

not be obtained. 

Among the errors discussed above, some would cause a 

positive error on the different.ia~- reading and some would 

cause a negative reading, they might cancel out one another~ 

: ... 
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The measure errors discussed above are surnmarized in 

the follmv1ng table: 

Sources of error 

(a) Amplifier and recorder 

(b) Thermistors 

1. Self heating due to power 

dissipation 

2. Differing sensitivities for 

total differential reading 

0.1°c 

3. Zero tolerance 

L. ATe = 

ATe (measure error) 

~ 0.0015°C 

± o.ooosoc 

:t 0.002QOC 

± o.oo6o0 c 

In the experiment given as an example for the calculation 

of data, for the measuring range of O.Ol2°C to o.o4oc, the 

measure error of o.oo6°C corresponds to 50 to 15% error. For 

the anticipated reading in most experiments (0.02°C to o.osoc), 

a maximum measure error of o.oo6oc corresponds to an error of 

30 to '8%. For our purpose of studying the salt effect on the 

kinetic constant of the reaction of carbon dioxide and potassium 

hydroxide, the error that can be tolerated can not be more 

than i 0.002°C, the measuring device is concluded to be un­

sa tis factory. 

Before further research is C:one, the dataobtained by 

Pinsent i26) as shown in Fig. 8 can be used for estimating 

. the valuE· of kirietic constant at infinite dilution between 

o0 c and l0°C. Figs. 13 and 14 can be used for estimating the 

effect of the salts not measured. 
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Table 1. Values reported for rate constant of the reaction C02 + OH- K HC03 

1. 

2. 

3. 

r-. 

4. 

5. 

6. 

7. 
.\ 

Continuous .J:i'low rvietnou 
Thermometric, Pinsent (26) 
Conductivity, Saal (36) 
Photoelectric, Brinkman (3) . 

. Carbamino Quenching Method 
Manometric, Faurholt (11) 

Boat Method 
Manometric, Brinkman (3) 
Manometric, Kiese (19) 
Manometric, Pinsent (25) 
Manometric, Meda (2 5) 

Stopped ~low Method 
Photoelectric, Sirs (39) 
Conductometric, Sirs (39) . 
Laminar Jets Absorption 
Volumetric, Nijsing (24) 

;ooc 

1.095 

0·93* 

0.84* 
-1.19 
1.05* 

0.536* 
. 0.993* 

Isotope Exchange Method 
Radioactive co2 , Himmelblau (3) 144 
Corrected, Danckwerts (8) 79 
Radioactive co2 , Goodrige (13) 
Oxygen-18, Poulton (29) 

5~5 
Steady State Method 
pH measurement, Koeffoed (20) 

K0 x lo-3 (~/g mol~ sec.) 

lOOC 

2.55 
2.733 
1.28 

2.3* 

3-05* 
2.60* 

241 
154 

2ooc 

5.9 

2.75 

4.675* 

2.1* 

5.5 

5.27* 
5.00* 

4.7 

277 
171 

259C 

8,5 

8.5* 

6.7 

8.1 
8.4* 

30°C 

12.4 

11.6 

13.0* 

*: The data shown are not at zero buffer solution but at low ionic strength. 

. ' 

~ 
H 
H 
H . 
~ 
'IJ 
'IJ 
t"z:J 

8 
H 
o. 
tx:l 
(/) 

I 
\.f1 
1\) 
I 
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Table 2 Pinsent, Pearson and Roughton (26) 

Temp. oc Ko (1/g mole, sec.) 

0 1,095 
•! 

10 2,550 
20 5,900 
30 12,400 
40 24,000 

Temp. = 20°C 

(KC1) (KOH) I (g mole/,e) KI ( P./g mole, sec.) 

1.0 0.0208 1.02 9,800 
2.0 0.0134 2.01 13,700 

3.0 0.0196 3.02 18,200 

(NaOH) 

2.0 0.0244 2.02 13,700 

(Na2 co3 ) (NaOH) 

0.0247 0.0246 0.099 6,280 
0.122 0.0244 0.360 6,800 
0.241 0.0233 0.746 7,800 
0.457 0.0288 1.394 10,500 

(!'laNo3 ) (NaOH) .· 

2.35 0.0203 2.37 11,100 
3.60 0.207 3.62 J-2, 400 

(Na
2

so4) · (NaOH) 

0.5 0.269 1.53 8,700 
1.0 0.0203 3.02 10,800 

Table 3 ·· Saal (36) 

temp. - 13.7°C I {g mole/.l) KI (.i/g mole, sec) -
0.0115 3, 7')0 
0.013 3,800 
0.0215 3,600 

Avg.O.Ol53 3,700 



Table l~ 

Temp. 

15.5°C 
18.o0 c 

Table 5 

Temp •. 

0°C 

18°C 

Table· 6 

Temp. 

0.5°C 
0.5°C 

16°C 
18°C 

Table 7 

Temp. 

5°C. 

Table 8 

Temp. 

0°C 
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Brinkman, . r·1argaria and !loughton (3) 

(NaOH) 

0.0423 
0.062 

(F'aurholt (11) 

(C0
2

) 

0.0173 
0.045 

(HC03 )/( C03) 

0.04/0.06 
0.02/0.03 

0.04/0.06 

I (g mo1e/-l) K1 (1./g mo1e,sec.)· 

0.0423 
0.062 

I (g mo1e/1) 

0.22 
0.11 

0.22 

2,000 
2,300 

KI 

906 
959 

Avg,932 

4,000 

(1/g mole,sec. 

Brinkman, r~rgaria and Roughton (3) 

(NaHC03 ) (Na2 co3 ) I (g mo1e/1) K (1/g mole 1sec. · 
I 

0.036 0.067 0.237 780 
0.073 0.034 0.175 890 

Avg.8lW 

0.036 0.067 0.237 1,660 
1,800 

Kiese and Hastings (19) 

Buffer pH K 0 ( 1/g mole, sec.) 

Pyror.hosphate 8.1 2,950 
8.55 2,900 

II 9.0 2,850 
Borate 9.0 2,850 
Carbonate 10.1 1,840 

Pin sent and·Roughton (25) 

(HC03) /( co_3) pH Ko (1/g mole, sec.) 

3 10.18 1,040 
4 10.06 1,060 
5 9.97 1,050 

· Avg.1,050 
... 

3 to 5 · 10.04 to 9.94 2,300 - 15% 

I 

i 
, I 

'.! 

.. 
I 

. I 

. i 

. ) 

' •' 

I 

i 
i ., 

·i 

i 
~: ~ 

~i 

., 
i 

:i 

. i 
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Ta1~}e _ _2 f'1eda ( J~) 

Temp. (NaOH) I (g mole/l) K1 (1/g mole,sec.) 

20°C 3.9xlo-6 3.9xlo-6
6 

5, 500. 
'"' 25°C 4.8lxlo-6 4.8lxlo- 8,500 

30°C 5:96xlo-6 5.96x1o-6 11,6uo· 

Table 10 Sirs (39) 

Photoelectric 

Temp., oc 
' 

(NaOH) I (g mo1e/l) Kr ( 1/g mole, sec.) 

3.3 0.0166 0.02 975 
11 0.0218 0.02 3,310 
11.0 0.0163 0.02 2,410 
16.3 0.0166 0.02 4,570 
16.6 0.0201 0.02 4,380 
20.7 0.0109 0.01 5,590 
22.0 0.0163 0.02 5,580 
27.0 0.0201 0.02 10,150 
30.0 0.0109 0.01 13,000 

Conductivcly 

2.7 0.0127 0.0127 1,260 
10.4 0.0130 0.0130 2,690 
11.6 0 •. 0127 0.0127 3,350 
16.9 0.0127 0.0127 3,870 
20.0 0.0129 0.0129 5,000 

Table 11 Nijsing, Hendriksz and Kramers (24) 

Temp. = 20°C (NaOH)" I (g mole/1) KI(l/g mole; D c* 
sec.) 

0 4,700 
0.46 0.46 5,450 1.55 2.91 
1.05 1.05 6,200 1.41 2.38 
2.07 2.07 9,000 1.14 1.68 

(KOH) I KI 

0.44 0.44 5,800 1.61 3.04 
0.89 0.89 7,000 1.55 2.70 
3.14 3.14 17,300 1.23 1.55 

(LiOH) I Kr 

0.51 0.51 5,350 . 1.56 2.94 
1.02 1.02 5,400 . 1.41 2.54 
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Table 12 Poulton and Baldwin (2'T) 

Temp. = 25°C In the solution I 
of NaCl .J. 
carbonate 0.5 
buffer 1.5 

2.5 

Table 13 Koefoed and Engel (2a) 

K1 (1/g mole, sec.) 

8,400 
8,000 
4,800 

Temp.·= 0°C (NaHco
3

) 

0.25 
o.so 
0.75 

(Na Cl) 
0.50 
0.25 
0 

I (g mole/1) Kr (1/g mole,sec.) 
0.75 5,450 
0.75 5,460 
0.75 5,470 

Table 14 Activity coefficient of hydroxides (31) 

Temp. = 25°C m (mole/1) fKOH 
0.1 0.798 
0.2 o. 760 
0.3 0.742 
0.4 0.734 
0.5 o. 732 
0.6 0.733 
0.7 0.736 
0.8 o. 742, 
0.9 0.749 
1.0 0.756 
1.2 0.776 
1.4 o.8oo 
1.6 0.827 
1.8 0.856 
2.0 0.888 
2.5 0.974 
3 .o 1.081 
3 .s 1.215 
4.0 1.352 
4.5 1.530 
5.0 1.720 
5.5 1.950 
6.0 2~200 

fNaOH 
0.766 
0.727 
0.708 
0.697 
0.690 
0.685 
0.681 
0.679 
0.678 
0.678 
0.681 
0.686 
0.692 
0.700 
0.709 
0.743 
0.784 
0.835 
0.903 
0.985 
1.077 
1.181 
1.299 

fLiOH 
o. 760 
0.702 
0.665 
o. 638 
0.617 
0.599 
0.585 
0.573 
0.563 
0.554 
0.542 
0.532 
0.525 
0.518 
0.513 
0.503 
0.494 
0.487 
0.481 

.. 

i 
- i 

Table 15 Salt effects on the activity coefficients of hydrox.ides(l~ ! 
1. -The effect of chloride 
Temp.= 25oc, (NaOH) = 0.1 mole/liter; (KOH) = 0.1 mole/liter 

(NaCl), moles/liter fNaOH: (KOH), moles/liter fKoH 

o.ooo 0.775 o.oooo a.789 
0.204 0.700 0.2022 0.706 
0.5019 0~660 0.506 0.666 
1.024 o. 636 1. 009 0. 643 
2.041 o. 620 2.005 o. 645· 
3.099 0.6305 3.025 0.669 
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2. The effect of sulfates 

Temp ... 25oc, (NaOH) = 0.1 mole/liter; (KOH) = 0.1 mole/liter 

(Na2 304), mole/liter f NaOH 
. (K2S04),moles/liter fKOH ' 

0.0 0.767 o.o 0.783 
.. 0.0312 0.713 0.0039 0.778 

0.0625 0.680 0.0078" 0. 76L~ 
0.125 0.650 0.0156 0.753 
0.250 0.602 0.0312 0.735 
0.500 0.547 0.0625 0.701 
1.000 0.505 0.125 0.673 
1.50 0.491 0.25 0.627 
2.0 0.495 0.5 . 0. 578 
2.5 0.501 0.625 0.565 

Table 16 Effect of some salts on the activity coefficient of 
C02 , (22) 

log r:B= bB I 

Salt bB, 0.2°C bB, 25°C bB, 4o0 c 

Mgso4 0.341 0.285 0.269 

Na2S04 0.322 0.280 

Mg (N03 )2 0.175 0.123 0.109 

NaCl 0.132 0.105 0.099 

NaN93 0.107 0.067 

KCl 0.085 0.064 0.066 

KN03 0.059 0.027 0.022 
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Table 17 Activity coefficients of some salts at 25°C (31) 

M (moles/liter) f fKCl fNaN03 f Na s,-, i 
NaCl 2 v4 . I 

• i 

0~1 0.778 0.770 0.762 0. 445 . 
0.2 0.735 0.718 0.703 0.365 ! 
0.3 0.710 6.688 0.666 0.320 ~. ' 

0.4 0.693 0.666 0.638 0.289 
0.5 0.681 0.649 0.617 0.266 
0.6 0.673 0.;637 0.599 0.248 
0.7 0.667 0.626 0.583 0.233 
0.8 0.662 0.618 0.570 0.221 

I 0.9 0.659 0.610 0.558 0.210 
LO 0.657 o. 6oL~ 0.548 0.201 
1.2 0.654 0.593 0.530 0.186 
1.4 0.655 0.586 0.514 0.1746 
1.6 0.657 0.580 0.501 0.1654 
1.8 0.662 0.576 0.489 0.1580 
2.0 0.668 0.573 0.478 0.152 
2.5 0.688 0.569 0.455 0.1418 
3.0 0.714 0.569 . 0.437 0.1365 
3~5 0.746 0.572 0.422 0.1345 
4.0 o. 783 0.577 0.408 0.1354 
4.5 . 0.826 0.583 .0.396 
5.0 0.874 0.386 
5-5 0.928 0.378 
6.0 0.986 0.371 
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Fig_.l7. -· Flow· diagram of · experimenta 1 apparatus 

1. KOH feed tank; . 2 • co2 feed tank; . 3 .. Rotameter; 

4. Mixing chamber;· 5. Obs,erva tion tube; 

6. T_he~mistors; 7. Nitrogen supply tank; 

' 8. ·carbon dioxide supply tank; 9. Constant 

temperature water bath; 10. Constant temperature 
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oil bath.· 
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FIG.l8. STRUCTURE OF THE MIXING 

CHAMBER 

d 1 = 5 mm, ~ = 7. 13 mm,. d3 = 1.38 mm . 

D = 1.5 em. d 4 = 3 m m 
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r------------------LEGALNOTICE--------------------~ 

This report was prepared as an account of work sponsored by the 
United States Government. Neither the United States nor the United 
States Atomic Energy Commission, nor any of their employees, nor 
any of their contractors, subcontractors, or their employees, makes 
any warranty, express or implied, or assumes any legal liability or 
responsibility for the accuracy, completeness or usefulness· of any 
information, apparatus, product or process disclosed, or represents 
that its use would not infringe privately owned rights. 
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