
U. S. FOREST SERVICE RESEARCH PAPER FPL 20 JANUARY 1965 

RATE OF D-XYLOSE 

DECOMPOSITION IN 

SULFURIC ACID-SODIUM 

2, 4 DIMETHYLBENZENESULFONATE­


WATER SOLUTIONS
 

U. S. DEPARTMENT OF AGRICULTURE FOREST SERVICE
 

FOREST PRODUCTS LABORATORY MADISON, WISCONSIN.
 

jgodfrey
Line



  

SUMMARY
 Xylose decomposition rate was measured in solutions containing 
10 grams xylose per 100 milliliter, 0.05–0.2 molar sulfuric acid, 
and 0–1.563 molar 2,4 dimethylbenzenesulfonate over the tempera­
ture range 120° – 150°  C. The observed specific rate was found to 
be exponentially related to the ionic strength and of the magnitude 
expected for a reaction involving an ion and an uncharged molecule. 
However, the primary salt effect exhibits a marked variation with 
catalyst concentration which is not satisfactorily explained. It is, 
perhaps, due to incomplete dissociation of xylenesulfonic acid or 
to the presence of concomitant reactions. The latter explanation 
is supported in part by the presence of base-catalyzed reactions 
in the salt-free solutions. 

The manifestation of base reactions at acid concentrations as 
high as 0.1 molar has not previously been reported. Their occur­
rence invalidates the use of the xylose decomposition rate as a 
measure of acidity in dilute acid solutions (0.15 molar). Probably 
a glucoside or a disaccharide such as cellobiose would serve 
satisfactorily in this range. For the acid concentration range 
0.15 to 1.0 molar, xylose is a suitable measure. for less than 1 per­
cent of the xylose would decompose through the base-catalyzed 
reaction sequence. 
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INTRODUCTION 

This Research Paper describes the results of 
a study that forms part of a larger program of 
research directed toward the conversion of wood 
residues to chemical products. During the course 
of studying the kinetics of the removal of hemi­
celluloses and lignin from wood, it became 
desirable to have a measure of the acidity of the 
reagent. Such a measure would be useful  in 
interp reting the relative importance of the various 
physical and chemical phenomena occurring in 
these complex heterogeneous systems. The fre­
quently used H acidity scale of Hammett and 

o 
Deyrup (9,17)2 seemed unsuited for the purpose, 
primarily because the temperatures under study 
were considerably higher than those for which 
H has been measured. The task of extending 

o 
the experimental measurement of H to a high 

o 

temperature range appeared difficult, and a 
better approach was thought to be the use of a 
kinetic measurement in a manner quite similar 
to that suggested by Brönsted and Grove (4). 
Here, the experimentally determined first-order 
rate constant of an acid-catalyzed unimolecular 
reaction (an A-1 reaction in Ingold's (12) termin­
ology) is taken as a direct measure of the 
ability of the reaction medium to transfer a 
proton. 

This study was undertaken to evaluate the 
suitability of using the decomposition rate of 
xylose as a measure for characterizing the 
reactivity of H SO -sodium xy lenesulfonate-H O 

2 4 2 

solutions with regard to reactions involving a 
proton and a neutral molecule. Xylose was used 

because previous work (19) indicated that, despite 
the complexity of the degradation mechanism, 

1
Maintained at Madison. Wis., in cooperation with the University of Wisconsin. 

2
Underlined numbers in parentheses refer to Literature Cited at the end of this paper. 
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its disappearance is controlled by a reaction that delignifying reagent and has been extensively 
is purely acid catalyzed. The experimental tech- studied at this Laboratory.4 A measure of the 
niques of previous studies3 (19) were readily variation of acidity with reaction condition is 
adapted to this work. The solution H2SO4-sodium necessary for interpretation of these results. 
xylenesulfonate-H2O has  attracted interest as a 

EXPEIRIMENTAL 

The general technique used to gather the rate 
data involved the use of 1-millimeter pyrex 
glass tubing for batch reactors, holding these 
ampoules at isothermal conditions for  the desired 
time, and analyzing the mixture for residual 
xylose. Loading of the reactors was accomplished 
with a modified hypodermic syringe that allowed 
rapid metering of about a 0.03-milliliter charge 
of reactant solution with a precision of at least 
0.5 percent. A detailed description of the loading 
technique, heat transfer, and safety and strength 
characteristics of the glass reactors is available 
elsewhere.3 The heating-bath medium was a 
hydrogenated cottonseed oil which was vigorously 
agitated by an air-driven motor stirrer. Tempera­
ture control was effected by means of the on­
off control of a small part of the total heat 
input. The temperature was held to within ±0.1° C. 
of the desired level. Exact time of the duration 
of reaction was measured by using an electric 
timer, that automatically started when the samples 
were immersed in the heating bath and stopped 
upon their removal. Samples were quenched 
immediately upon their withdrawal from the 
heating medium. Measurements of the reaction 
time interval are accurate to ±0.2 second. 

The contents of the ampoules were analyzed 
for xylose by the Somogyi method (20), using 
Nelson's chromogenic reagent (16). The analytical

3procedure is described in detail by Root. As a 
check on the possible interference of salt with 
the xylose analysis, two sets of experiments 
were performed. In the first set, known sugar 
samples were prepared, one containing no salt, 
and the other 35 grams of sodiuffixylenesulfonate 
per 100 milliliters of solution.. The average 
xylose concentration of the two groups by six 

analyses was 9.30 ± 0.13 milligrams per cubic 
centimeter and 9.32 ± 0.12 milligrams per cubic 
centimeter. In the second set of experiments, 
samples containing zero and 35 grams of sodium 
xylenesulfonate per 100 milliliters of solution 
were reacted until approximately 80 percent of 
the xylose disappeared. Before analyzing for 
xylose, each of the two groups of reacted samples 
was divided, and a known amount of xylose 
(about 20 percent of that originally present) was 
added. The results showed all xylose accounted 
for within experimental error in each of the two 
groups, indicating that the presence of salt and 
reaction products was probably not influencing 
the analysis. 

Materials used for preparing the reactant solu­
tions consisted of chemically pure xylose (Pfan­
stiehl Laboratories), reagent-grade sulfuric acid, 
and sodium 2,4 dimethylbenzenesulfonate.  The 
salt was the purest form obtainable from Distilla­
tion Products Industries, Rochester, N.Y.; it was 
used as received, correction being made for the 
moisture present. In making up the solutions, 
10 grams of xylose, along with the desired amount 
of salt, were weighed into a 100-milliliter volu­
metric flask. The appropriate quantity of a 
standard sulfuric-acid solution was pipetted into 
the flask and the contents diluted to the mark with 
distilled water. The concentrations and densities 
of the various solutions used are listed in table 1. 

Within the experimental accuracy, the disap­
pearance of xylose was linear on a semi­
logarithmic plot of residual xylose versus time. 
Typical results are shown in figure 1. The 
associated first-order disappearance rate con­
stant for each group of data was obtained by 
minimizing the sum. 

3 
Root, D. F. 1957. Kinetics of the acid-catalyzed conversion of xylose to furfural. Ph. D. Thesis, 

Chem. Eng. Dept., Univ. of Wisconsin, Madison, Wis. Dissertation Abs. 17:584.
4

 Springer, E. L. 1961.  Rate studies of the hydrotropic delignification of aspen wood. Ph. D. 
Thesis, Chem. Eng. Dept., Uni v. of Wisconsin, Madison, Wis. Dissertation Abs. 22: 1930. 
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Figure l.--The decomposition of xylose as a function of time. 

[ ln (C ) - ln (C ) exp (-k t )]2 (1) Using these values, the square of the deviationS = 
x i o i 

i for each experimental point was determined and 
the largest value discarded. With the remaining 

where C (calculated initial xylose concentration) data points, a new k and C were calculatedo o

along with the probable error in any point. Usingand (first-order rate constant) are the calcu­
the new k and Co, a deviation of the discardedlated constants, and  (C  ) is the experimentalx i point was found. If this was within five times the 
probable error, the calculation was complete andxylose concentration at time, t

i
. It should be 

the first value of k and C was accepted. If 
o

noted that this is slightly different than mini­
the deviation exceeded five times the probable

mizing the sum, 
error, this point was rejected, and the entire 

ln (C )  - ln (C ) +kt ]2 
x i o i (2) 

A least-squares treatment was also used to 
determine all the constants describing the salt 
and acid effect and the activation energy. Con­
sidering that approximately 800 data points were 
collected in this study, such a method of calcu­
lation would be prohibitive without use of data­
processing equipment. Consequently, all experi­
mental data were transferred directly to punched 
cards. A program was written that took all the 
data points (N) for one set of conditions (one k) 
and calculated a k and C by the above method. 

o
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calculation made again by finding the largest 
square of the deviation from the new constants 

with the remaining points (N-l). This arbitrary 
selection procedure allowed the rejection of any 
data that were grossly inconsistent the rest 
of the set. Less than 10 percent of the data 
points were discarded by this procedure. Hesults 
taken from the data-processing equipment were: 
the values of k and C , the probable error in 

o

k, the  number of data points used to calculate 
the constants, the maximum deviation ofthe points 
used, and the necessary identification. Periodic 
plots of the data were made as a check, or when 

there was some suspicion about the calculated 
rate (too fow data points used, high probable 
error, inconsistent with other rates, etc.). When 
as few as four points were used by the computer, 
the entire experiment was repeated at that set of 
conditions. The computed values of the probable 
e r ro r  in  k  were  abou t  3  pe rcen t ,  wh ich  i s  
approximately the same as the precision with 
which a given rate can be experimentally repro­
duced. Values of C and k calculated in this 

o 

manner are listed in table 2. 

It is apparent, both from table 2 and figure 1, 

that the intercent value, C , is in general,
o

significantly less than the initial xylose concen­

tration of 10 grams per 100 milliliters; however, 
the difference is small, never exceeding 6 percent 
of the experimental value. The precision of the 
results precludes the possibility of establishing 
quantitative trends of this difference, but it is 
apparent that both temperature and salt concen­
tration affect it, indicating possible shifts in 
equilibria involving; the xylose. A similar effect 

was observed with glucose by Fetzer and co­

workers (7), in an extensive study of glucose 

polymerization. They  found  tha t  so lu t ions  o f  
glucose, under the influence of heat and dilute 

acid, reach an equilibrium at which part of the 
glucose is polymerized to the disaccharide and 
polysaccharides of higher molecular weight. At a 
pH of  1.5 and a temperature of 145° C., this 
equilibrium was attained in about 25 minutes. 
The rate increased with increasing acid concen­
tration and with increasing temperature. The 
degree of reversion increased with increasing 
sugar concentrations; gluoose solutions, which 
were initially 10, 20, and 40 percent gluoose, were, 
respectively, 9.37, 17.52, and 29.7 percent free 

glucose after equilibration at 145° C. Since the 
mechanism of polysaccharide hydrolysis is the 
same for both hexosans and pentosans, it would 
be expected that the reversion of xylose to 
polysaccharide would also occur to some degree. 
This is the logical explanation for the lower 
intercepts, although epimerization and anhydride 
formation may contribute slightly (18, 21). The 
formation of anhydrides and reversion products 
will result in a direct loss of xylose accounted 
for, since the analysis is based upon the reducing 
power of the aldehydic group. 

The presence of thcse side reactions compli­
cates the separation of the actual decomposition 
rato from the rates of reversion. A quantitative 
elucidation of even the primary side reactions 
would require a sizeable investigation with special 
attention to analytical techniques, and was con­
sidered outside of the scope of this study. If, 

however, equilibrium of these reaotions is rapidly 
attained, then as the xylose decomposition pro­
ceeds, the equilibrium shifts, eventually making 
all of the xylose available. Since the effect is 
small, no correction has been made to the rate 
constant, k, calculated as previously described. 

RESULTS AND DISCUSSION 

From this and other experimental work we have in the ratio of activity coefficients ofthe reactants 

done, it appearS that the presence of salt consti­ and transition complex (primary salt effect). The 

tutes only an environmental change that produces xylose reaction can be represented schematically 

a change in reaction rate, but does not alter the as, 
route of xylose decomposition. An explanation of 
such an inert salt effect has been offered by 
Brönsted (3) and has received wide experimental 
support; namely, that the accompanying change in + ‡ 
reaction rate could be accounted for by the change If the concentrations of XH and XH are small 

FPL-20 4 

(3) 

jgodfrey
Line

jgodfrey
Line

jgodfrey
Line

jgodfrey
Line

jgodfrey
Line

jgodfrey
Line

jgodfrey
Line

jgodfrey
Line



~~:~_~'~~~=~~: M

1.

.567

Table 2.--Experimental and calculated rates of xylose decomposition in sodium xylenesulfonate­
sulfuric acid-water solutions --Con. 
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of the xylose, hydrogen ion, and intermediate 
complex respectively; C is the concentration of

H
 
hydrogen ion (gram equivalent per liter); and k
 

o 
is the rate constant in the infinitely dilute 
solution. 

By employing the extended Debye-Hückelequa­
tion for the activity of the ionic species and the 
typical exponential salt-effect for the activity 
coefficient of a nonelectrolyte, equation (5) be­
comes: 

In (k/C ) =In k + Bµ (6)
H o 

where µ is the total ionic strength (gram equiva­
lent per liter) and B a constant. 

A more detailed explanation ofthe steps involved 
in the derivation of equation (6) may be found in 
texts treating the subject (8, 13). It should be 
noted, however, that molar activity coefficients 
and molar concentrations have been used; thus, 
the derivation of equation (6) assumes the molar 
activity coefficient to be directly proportional to 
the rational activity coefficient. Molar units have 
been used because they reflect the effect of 
temperature, and the data correlated by equation 
(6) was slightly better when these units were 
used. Although the extended equation for the ion 
activity coefficients is not expected to hold for 
wide ranges of electrolyte concentration, equation 
(6) has been successfully used to correlate data 
for salt concentrations as high as 4 molars (15). 
Lack of knowledge of the behavior of ionic species 
in concentrated solutions precludes any theoret­
ical justification for extending the application of 
the above equations to solutions more concentrated 
than 0.1 molar; nevertheless, they have been 
used in the past and are a convenient starting 
point for correlating data. 

The application of equation (6) requires a 
knowledge of the hydrogen-ion concentration and 
the ionic strength at reaction conditions, The 
total hydrogen-ion concentration (C ) consists of

H
the first hydrogen from sulfuric acid, this entire 
quantity being available, plus an additional small 
amount from the dissociation of the bisulfate 
ion, less that associated as 2,4 dimethylbenzene­
sulfonic acid. It is necessary to have the ioni­
zation constants for the bisulfate ion and xylene­
sulfonic acid. No data are available for the latter, 
but on the basis of data for the isomer, 2,5 
dimethylbenzenesulfonic acid (11) and other struc­

turally related acids (1, 2, 5), it was assumed to 
be entirely dissociated at reaction conditions. 
Measurements on the bisulfate system have been 
made by Lietzke, Stoughton, and Young (14) for 
temperatures as high as 275 0 C. and ionic 
strengths to 4.0 molal. Their results are ex­
pressed by the following equations: 

log Q =log K + 4S √ I/ (1 + 0.4 √ I )  (7) 

1283.108 
ln K = + 12.31995 - 0.0422322T (8)T 

where T is the absolute temperature (°K), I the 
molal ionic strength, K the thermodynamic equili ­
brium constant, Q the concentration dissociation 
constant (molal units), and S the Debye-Hückel 
limiting slope for a singly charged ion. 

Employing a trial and error procedure, equa­
tions (7) and (8), in conjunction with the equation 
defining the ionic strength, 

+
I = (acid) + (salt) + 2(sec H ) (9) 

were solved for the total hydrogen-ion con­
centration and the ionic strength in molal units. 
These were then converted to molar units by 
using the solution density at room temperature 
(table 1), and assuming the solutions to have the 
same coefficient of expansion as, water. Values of 
C , µ, and r thus obtained are listed in table 2.

H
The data group for each acid and temperature 

level was correlated using equation (6). Table 3 
lists the resulting values of the slope, B, and 
intercept, k , while the general character of the 

o 

correlation is illustrated by the data for 140 ° C. 
given in figure 2. 

The last columns of table 2 show the value of 
the rate constant calculated from equation (6) 
using the appropriate values of B and k from 

o 
table 3, and the deviation of the calculated value 
from the experimental value. Apparently the form 
of the Bronsted-Debye-Hückel equation can ade­
quately represent the experimental data. However, 
the variation of the slope and intercept with acid 
concentration would not be expected, and it is 
evident that the acid concentration has an effect 
other than what was accounted for by the assumed 
functional form for the activity coefficients in 
equation (5) or by consideration of the secondary 
salt effect on the bisulfate equilibrium. 

It is possible to advance a variety of theories 

7
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Figure 2.--Influence of ionic strength on the rate of decomposition of xylose. 

hinging about equation (5) that might explain 
this effect of acid; for example, assuming the 
activity coefficient of the neutral molecule or 
hydrogen ion is dependent upon acid concentra­
tion. Attempts to use the Guggenheim extension 

of the Debye-Hückel theory, where only those 
ions of opposite sign to the reacting ion are 
considered to influence the ionic-activity coef­

ficients. failed to yield true constants in the 
resulting equation for the reaction rate. Other 
assumptions as to the functional form of the 

activity coefficients might be made, but without 
independent experimental knowledge of them, any 
allocation of the effect remains a r b i t r a r y .  
Furthermore, the experimentally-measured re­

action rate undoubtedly includes contributions 

from other modes of xylose disappearance that 
complicate any interpretation. To some extent 
these effects may reflected in the values for 

k which decrease slightly with acid concentration 
o


at each temperature.
 

Since the intercept value, k , is the reaction 
o 

rate constant in infinitely-dilute solution, it can­

not be moasured directly but can only be approxi­

mated by extrapolation of measurements taken at 
low ionic strengths. In this work, the solutions 

of lowest ionic strength are those which contain 

FPL-20 8 

no sodium xylenosulfonatc. Restricting considera­
tion of the effcct of ionic strength to these 
solutions, the effect appears as the reverse of 
that obtained by the addition of salt to solutions 
of fixed aeid composition. This is clearly demon­

strated by the three points on the left side of 
figure 2. A possible explanation of this behavior 

is the occurrence of concurrent base reactions 
that were not considered in the derivation of 
equation (6). Although this explanation is sub­
stantiated only in part by consideration of the 
data presented here, it is supported by more 
recent experimental work done at the Laboratory. 

Thus, the increase in the value of the intercept 
for the 0.05 and 0.1-molar acid solutions over 
that of the 0.2-molar acid solution can be ascribed 

entirely to the presence of concurrent base re­
actions. The value of the intercept for more 
acidic solutions than 0.2 molar would not be 

expected to decrease perceptibly as the hydroxyl­
ion concentration rapidly becomes insignificant. 
This is verified for thc 1.0 molar at 150° C., 

where the value of the intercept (table 3) is 
shown to agree, within experimental error, with 

that measured for the 0.2-molar solution. 

When the presence of concomitant reactions is 

recognized, a probable explanation for the varia­

tion of the slope B with acid concentration 



 

 

Table 3.--Slope and intercept values for 
the correlating equation, 
log (k/CH Log ko + Bu)= 

1 Nominal acid molarity at 24 0 c. 

arises, since it would be expected that these 
reactions would respond differently to a change 
in ionic strength than the acid-catalyzed reaction. 
In addition to the difference in the primary salt 
effects, it is likely that increasing the ionic 
strength results in an increase in hydroxyl-ion 
because of an increase in the dissociation of water 
(10), which would enhance the effect of increasing 
the slope with decreasing acidity. 

Introduction of a term for the base reaction 
makes it apparent that, except for the case of 
equal salt effects for the acid and base reactions, 
the plot of log k/C will deviate from linearity.

H 
By taking the contribution of the base reaction 
to the total reaction rate to be negligible at 
0.2-molar acid and above, it is possible to 
demonstrate that the deviation from linearity is 
so small it is experimentally imperceptible at the 
0.05 and 0.1-molar acid concentrations. The 
reason for this, of course, is the relatively 
small part of the reaction rate that is due to 
base reactions at these acid levels. Additional 
support for the above explanation is derived from 
the 1.0-molar acid data given in table 3 where 
the slope, B, is practically the same as that for 
0.2 molar. This fact is in agreement with the 
assumption of a negligible base reaction above 
0.2	 molar. 

The energy of activation for the acid-catalyzed 

reaction was calculated using the relationship, 

d(ln k )
2 oE = RT	  (10) 

a dT 
Only the data (intercepts in table 3) for 0.2­
molar acid were used because lack of information 
on the concurrent reactions prevents calculation 
of a value for k which would weigh all the points. 

o 
By this method a value of 32,630 calories per 
gram mol was calculated for the acid-catalyzed 
reaction. This can be compared to values of 
33,560– and 32,000 calories per gram mol (6) 

reported for temperature ranges of 160°-280° C. 
and 100°-200° C. respectively. 

All of the experimental reaction rates (k) were 
well correlated by the Arrhenius equation, and the 
results are given in table 4 for all of the experi­
mental conditions. The average activation energy 
of all the values reported in table 4 is 32,068 
calories per gram mol. The small difference 
between this value and the activation energy for 
the acid-catalyzed reaction, as calculated above, 
indicates that either the activation energy for the 
base-catalyzed reaction is near that for the acid­
catalyzed reaction, or that it accounts for only a 
small part of the total reaction rate under these 
conditions. 

Table 4.--Activation energy for experimentally 
measured reaction rates 

9
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each area of Laboratory research. Twice a year, December 31 and 
June 30, a list is compiled showingnewreports for the previous 6 months. 
This is the only item sent regularly to the Laboratory's mailing roster, 
and it serves to keep current the various subject matter listings. Names 
may be added to the mailing roster upon request. 
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AND FOREST PRODUCTS LABORATORY 

• PROGRAM LOCATIONS 
JUNEAU 

HEADQUARTERS OF REGIONAL FOREST EXPERIMENT STATIONS 
FOREST PRODUCTS LABORATORY 

NORTHERN WASHINGTON - BELTSVILLE 

HAWAII 

RIO PIEDRAS 

PUERTO RICO 

INSTITUTE OF
 
TROPICAL FORESTRY
 

Forest Service regional experiment stations and Forest Products Laboratory 
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