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Figure 4-12: Difference between the average pH  and the colorimetric 
accuracy checks for the second bicarbonate experiment

Once the accuracy check was made on day 30, the buffer was replaced with the 

fresh buffer of different salinity. The first accuracy check using this buffer (made at day 

32) resulted in a good agreement of -0.001 pH. At days 34-46, however, the difference 

began to increase until a maximum of 0.029 pH was reached at day 46. From day 48 

through the remainder of the experiment the accuracy improved once again. At day 49 

the difference was 0.014, while the difference at day 56 was 0.018 pH units. The 

improvement in the accuracy at day 48 might be explained by examining the overall trend 

of the average pH over this period.

From Figure 4-11 it can be seen that the average pH from days 32-39 and 42-47 is 

in a downward trend. The accuracy over these days degraded (see Figure 4-12). The 

downward pH trend, however, ended at day 48. The average pH from day 48 through the 

end of the experiment was not in an upward or downward trend, and as a result the 

accuracy improved.
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From the preceding discussion, it appears that the accuracy of this experiment was 

best when the average pH of the buffer was not in an upward or downward trend. In 

order to test this hypothesis, the agreement between the colorimetric measurements and 

average electrode pH was intensely examined. In this experiment, eleven accuracy 

checks were made over an eight hour period and compared to the average electrode pH.

8.01

  Average pH (5 electrodes)
•  Colorimetric pH measurements8.00

7.99

*  7.98

7.97

7.96

7.95
5 61 2 3 4 7 80

ELAPSED TIME (HOURS)
Figure 4-13: Reproducibility of the colorimetric accuracy checks for the 

second bicarbonate experiment (from day 30, Fig. 4-12)
Through the first 5.5 hours of this experiment the pH remained quite stable 

(Figure 4-13), resulting in good agreement between the average pH and the accuracy 

checks. The largest difference through this period was -0.004 pH units at hour 4. The 

remaining five accuracy checks had a difference of 0.002 pH or less. After the sixth 

accuracy check was made, additional buffer was added to the beaker to introduce a pH 

change (notice the large pH fluctuation at hours 6 -8 ). Five accuracy checks were made 

through this pH fluctuation, but the results were not as good as those observed during the 

first 5.5 hours of the experiment. The first accuracy check (at hour 6 ) made during this 

fluctuation period resulted in a difference of 0.008 pH units. The largest difference 

(0.009 pH units) was at hour 7.5. The final accuracy check at hour 8  yielded a difference
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of 0.007 pH units from the average electrode pH. From these results it can be concluded 

that the average pH measurements match up much better with the colorimetric accuracy 

checks when the pH of the buffer remains stable. This effect may be due to the slow 

response of the electrodes. During large pH swings, the electrode response may be too 

slow to accurately track the pH change.
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DAYS

Figure 4-14: Acid and base form absorbances o f the indicator for each 
colorimetric measurement of the second bicarbonate experiment

Although the preceding discussion may explain some of the smaller deviations 

between the average pH and the colorimetric accuracy checks, the larger deviations at 

days 11, 12, and 16 of Figure 4-12 require a more in-depth investigation. In order to 

explain these three apparent outliers, the absorbances of each colorimetric pH 

measurement were examined. Figure 4-14 is a plot of the absorbance of the acid (434 

nm) and base form (578 nm) of the indicator for each colorimetric pH measurement. The 

three outliers are highlighted by a line connecting the acid and base form absorbances of 

each.
In a colorimetric measurement, the pH is determined by the absorbance of the 

acid and base forms of the indicator. A higher pH (more basic) will give a larger
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absorbance in the base form and a smaller absorbance in the acid form. As the pH drops, 

the absorbance of the acid form will increase while the absorbance of the base form will 

decrease. A true pH change, then, will show a positive deviation in one form and a 

negative deviation in the other form of the indicator. From Figure 4-14, however, it is 

obvious that the absorbance at 434 nm increased drastically for each of the three outliers 

while the absorbance at 578 nm decreased minimally. The molar absorptivity is higher 

for the base form so the absorbance at 434 nm could not increase more than the 

absorbance at 578 nm. This inconsistency indicates that the large pH drop observed in 

the colorimetric measurement was not a true pH change.

The large increase in absorbance at 434 nm for the three outliers was most likely 

caused by error in the colorimetric measurement. Although the source of this error is not 

yet known, several possibilities have been investigated. One possible source that was 

considered was biological growth in either the seawater buffers or the cell. Chlorophyll 

is known to absorb at around 430 nm and would explain the increased absorbance in the 

acid form of the indicator. The cell used in these experiments, however, was rinsed and 

dried thoroughly after each use to prevent any type of biological growth. Also, no visible 

indication of biological activity was ever noticed in the seawater buffers. Thus, 

biological contamination is highly unlikely.

The spectrophotometer is another possible source of error. Since this instrument 

was shut down after each use, it was hypothesized that an error would arise if the 

colorimetric measurement was made before the instrument was completely warmed up. 

Thus, an experiment was performed in order to monitor the behavior of the instrument 

during a three hour “warm-up” period. In this experiment, the cell was filled with the 

bicarbonate buffer and placed in the cell holder of the instrument. The instrument was 

then turned on and a blank scan was immediately run. The absorbances at 434, 578 and 

730 nm were then measured every 10 minutes over a three hour period. It was thought 

that error might arise if the intensity at one of these wavelengths varied differently than 

the others during this “warm-up” period. However, the results indicated that the 

absorbance characteristics of all three wavelengths behaved similarly over the duration of 

the experiment. Nonetheless, the 3 outliers are considered to be incorrect even though 

the source of the error, at present, remains unresolved.
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As part of the original hypothesis, it is important to illustrate that the accuracy 

from using multiple electrodes will be better than any one single electrode. This 

improvement is illustrated by Table 2. In this table, the pH of each electrode (1=#2901, 

2=#2929, 3=#2899, 4=#2876 and 5=#2907) was compared to the pH measured 

colorimetrically on day 32 of this experiment. The average pH of the 5 electrodes was 

also compared to the colorimetric pH. These results show that the 5 electrode average 

was much closer to the actual pH. Thus, it is obvious that using multiple electrodes can 

be more accurate than using any one single electrode.

Table 2: Accuracy improvement from using multiple electrodes

Electrode # Electrode pH Colorimetric pH A (elec.-color.)

2901 8.058 8.069 -0 .0 1 1

2929 8.061 8.069 -0.008

2899 8.064 8.069 -0.004

2876 8.077 8.069 0.008

2907 8.079 8.069 0 . 0 1 0

Average (5) 8.068 8.069 -0 . 0 0 1

4.4 Conventional Electrode Experiment
To test the hypothesis that Ross electrodes would perform better (i.e., drift less) in 

long-term seawater pH measurements, an experiment using conventional combination 

electrodes was carried out for comparison with the Ross electrodes. Experimental details 

are given in Section 3.3d. Figure 4-15 is a plot of the four pH signals recorded over this 7 

day experiment. From this plot it is obvious that the four electrodes began to drift away 

from one another almost immediately, although no single electrode deviated significantly 

from the others. When comparing these results to Figure 4-9, it can be seen that the Ross 

electrodes have essentially no drift between the 6  electrodes over the same amount of 

time (7 days). This is also illustrated by comparing the standard deviation between the 

two experiments.
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Figure 4-15: Four pH signais o f the conventional electrode experiment

0.014

0.012  -

*S 0.010 -

CL 0.008 -

>  0 .006 -

Û  0.004 — H
t/3

0.002  -

0.000
53 4 61 2 70

DAYS

Figure 4-16: The standard deviation o f the four electrodes used in the 
conventional electrode experiment
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Figure 4-16 is a plot of the standard deviation of the four electrodes used in this 

experiment. After the first day of this experiment the standard deviation had already 

reached 0.006 pH units. The SD continued to increase over the remainder of the 

experiment. By day 4 it was 0.010 pH, and the final deviation was 0.012 pH units. 

Using Figure 4-10 for comparison, it is obvious that the conventional Ag/AgCl reference 

electrodes used in this experiment drift much more significantly than the Ross electrodes. 

Through the first 7 days of the second bicarbonate experiment the SD of the Ross 

electrodes is only 0.002 pH units, compared to 0.012 pH units for the conventional 

electrodes. It should be noted, however, that the conventional electrodes used in this 

experiment were not new and, thus, may not have given a true representation of the 

capabilities of Ag/AgCl reference electrodes.

4.5 Freshwater (Low Ionic Strength) Experiment
As with seawater, freshwater pH measurements are quite susceptible to electrode 

drift. The extremely low ionic strength of freshwater results in large differences in the 

liquid junction potential when using NIST buffers for calibration. The change from high 

ionic strength to low ionic strength media leads to a slowly drifting signal, making 

accurate pH measurements difficult (Dickson, 1993a). Since the Ross electrodes showed 

very little drift in the saline media of the second bicarbonate experiment, a drift 

experiment using freshwater was performed in order to evaluate the performance of Ross 

electrodes in a low ionic strength media. Details of this experiment are given in Section 

3.3e. Since electrode drift was the focus of this particular experiment, the pH’s were not 

calculated and colorimetric accuracy checks were not made. Drift was monitored by 

plotting the change in potential from the initial potential for each electrode. Figure 4-17 

is a plot of the six signals for this seven day experiment.

From this plot it is obvious that the new electrodes (#4051 and #4034) drifted 

substantially from the remaining four electrodes. At day 3.5 of this experiment, the 

potential of electrode #4051 had dropped 1.7 mV from the initial potential while 

electrode #4034 had increased by 9.6 mV. The average potential of the remaining four 

electrodes was 2.5 mV. By the final day of this experiment, electrode #4051 recorded a
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difference of -7.8 mV from the initial potential while #4034 recorded a difference of 10.3 

mV. The remaining four electrodes had an average difference o f-3.5 mV,

15

B
<

10 -

5 -

0 -

-5 -

-10

■15

i'\ A / \ /V \/
A

E lectrode #2901 
E lectrode #2929 
E lectrode #4051 
E ledtrode #1823 
E lectrode #2876  
E lectrode #4034

0
nr
1

T

2 3 4 5 6  7

DA Y S

Figure 4-17: Deviation of the six signals from the initial potential for the 
freshwater experiment

Figure 4-18 is a plot of the standard deviation of the six and four (less #4051 and 

#4034) electrode averages for this experiment. The linear increase in the standard 

deviation of the six electrode average verifies that electrodes #4051 and #4034 were 

drifting away from the remaining 4 electrodes. These two electrodes were subsequently 

removed from the average and the improvement is obvious. By day three of this 

experiment the standard deviation of the six electrode average was + 2.9 mV compared to 

+ 0.4 mV for the four electrode average. The final day gave a standard deviation of + 5.0 

mV and ± 0.4 mV for the six and four signal averages, respectively.

The most reasonable explanation for the relatively poor performance of the 

“new” electrodes of this experiment would be the conditioning of the electrodes. 

Although the older electrodes had been used exclusively in saline media for past 

experiments, these electrodes were soaked in a low ionic strength storage solution for 

approximately two weeks prior to this experiment. This procedure most likely
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conditioned the electrodes for the low ionic strength of the lake water and reduced the 

possibility of drift. The new electrodes, however, were stored dry and conditioned for 

less than one day prior to this experiment. Thus, it is promising to observe that Ross 

electrodes may perform well (i.e. with minimal drift) in low ionic strength waters with

0

prior conditioning. 
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Figure 4-18: The standard deviation of the four and six electrode average 
for the freshwater experiment
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CHAPTER 5 

DISCUSSION AND CONCLUSIONS

5.1 Analysis of Results
The significance of the results presented in Chapter 4 are evaluated by comparison 

with the results from previous research. For this comparison, however, only the results 

from the second bicarbonate experiment will be analyzed due to the electrode problems 

(discussed in Chapter 4) encountered with the tris and first bicarbonate experiments. The 

electrodes used in the second bicarbonate experiment were new and most likely gave the 

best representation of the potential capabilities for a multiple electrode and signal 

averaging approach to reducing electrode drift.

As discussed in Section 1.3, electrode drift was monitored in this work by 

observing the standard deviation of the signals. The standard deviation of the second 

bicarbonate experiment is given by Figure 4-10. Evaluation of the SD for outlier 

detection is discussed in Section 4.3 (pp. 40-42). These results clearly show that using 

multiple electrodes and signal averaging will enable the detection of a drifting electrode 

and subsequently reduce the drift in the resulting pH calculation.

Once the electrodes that were obviously failing were removed from the data set, 

the drift in the remaining electrodes was monitored using the colorimetric accuracy 

checks. If the electrodes were in fact drifting, the drift could be monitored by noting the 

difference between the average pH and the colorimetric accuracy checks (Figure 4-12). It 

was hypothesized that a drifting electrode would cause a unidirectional drift in the 

accuracy. Alternatively, if the difference between the average pH and the accuracy 

checks remained fairly constant, it would be a good indication that the electrodes were 

not drifting. From Figure 4-12, however, it is difficult to make any definite conclusions. 

Although there was no obvious unidirectional drift, there was a wandering drift 

throughout the experiment. This wandering drift may be due to unexplained 

experimental errors in the colorimetric pH measurements (as discussed in Section 4.3).

53
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Using the SD of the 5 electrode average from Figure 4-10, the precision of this 

experiment was found to be ± 0.004-0.005 pH units. This range is typical over the period 

when the electrode behavior is stable (i.e., days 0-30 and days 48-56), as discussed in 

Chapter 4. From days 31-47, the precision of this experiment degraded to + 0.010 pH 

units due to the introduction of the new buffer with a lower salinity. Using the average 

standard deviation of the 22 accuracy checks (the 3 outliers were omitted) of Figure 4-12, 

the accuracy of this experiment was found to be + 0.015 pH units.

The accuracy and precision found in this research is comparable to the results 

reported by researchers making shipboard potentiometric seawater pH measurements. 

Fuhrmann and Zirino (1988), for example, reported an at-sea precision of + 0.003 pH 

units and an accuracy of + 0.010 pH units using calomel reference electrodes. Mackey et 

al. (1989) reported a precision of + 0.002 pH units and an accuracy of + 0.008 pH units 

using Ross electrodes. Copin-Montegut and Avril (1995) also used Ross electrodes and 

found a precision of + 0.001 pH units and an accuracy of + 0.010 pH units.

Although the results of this research seem reasonable in comparison to the 

accuracy and precision reported by shipboard researchers, one important point must be 

emphasized. The electrodes used in ship-based potentiometric pH measurements are 

frequently calibrated. Thus, the reported accuracy and precision of these measurements 

is over the course of a day or two at most. No calibrations were made in this experiment, 

so the reported accuracy and precision is over the course of 56 days. This is significant 

because it shows that relatively good accuracy and precision can be achieved with a 

simple calibration-free approach.

5.2 Future Work and Applications
The results of this research indicate that a multiple electrode / signal averaging 

approach can be used to make long-term, calibration-free potentiometric seawater pH 

measurements with relatively good accuracy and precision (compared to shipboard 

measurements). The next step in this research is to apply this approach to the 

development of an autonomous in situ potentiometric seawater pH instrument. In order 

for this approach to be successful in an autonomous instrument, however, the electronic 

design of the instrument must first be considered.
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Although the instrumental setup used in this research eliminated the common 

electrical problems often associated with making potentiometric pH measurements (e.g. 

noise and ground loops), this setup would not be practical for an autonomous instrument. 

An electronic circuit capable of isolating multiple electrodes from one another would 

need to be developed for the instrument. One such circuit was built and tested in this 

research (details are given in Appendix III). Although preliminary results indicate that 

this design may be successful, more rigorous testing needs to be made in order to verify 

that the electrodes do not influence one another.

An autonomous in situ pH instrument would have a wide variety of applications in 

natural waters. Besides offering a better understanding of the processes which control 

CO2 fluctuations in seawater, long-term pH measurements might someday be used to 

monitor the impact of the greenhouse effect on the oceans. Further improvements in the 

accuracy and precision of pH measurements would allow oceanic pH to be combined 

with either in situ pC02 or TA measurements to quantify the small changes in TCO2 that 

result from the influx of atmospheric CO2 This type of study might help researchers 

assess the impact human activities have on the ocean environment.

Autonomous calibration-free pH measurements would also be beneficial for 

freshwater applications. Since the problems associated with making calibrations (as 

discussed in Section 4.5) would be avoided with this approach, the resulting pH 

measurements would be more accurate and precise. This may lead to a better 

understanding of the freshwater processes which control, or are controlled by, pH. The 

damaging effects of humans (such as acid-mine drainage) on rivers and lakes might then 

be better understood and, consequently, more easily remediated.
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APPENDIX I 

QUICKBASIC PROGRAM

‘ QUICK BASIC PROGRAM FOR pH/TEMPERATURE DATA AQUISITION
‘ --VERSION 1.0—
‘ J.C. Seiter 4/09/96
VERSION 1.0:

-Requires Keithley adcl6 A\D Board (for pH and temp, aquisition)

' This file contains all function DECLARAtion supported by the driver. 
$INCLUDE: 'Q41FACE.BI'

' STEP 2 : Define ALL local variables required by the program here. NOTE 
' that you must avoid declaring and using QuickBASIC variables on the 
' fly.
DIM NumOfBoards AS INTEGER 
DIM DERR AS INTEGER 
DIM DEVHANDLE AS LONG 
DIM CHAN AS INTEGER 
DIM GGAIN AS INTEGER 
DIM temp AS LONG 
DIM BoardNum AS INTEGER 
DIM adcode AS LONG 
DIM adcodes AS LONG
* STEP 3; Initialize the internal data tables according to the
• information contained in the configuration file ADC16.CFG.

AS = -ADC16.CFG" + CHR$(0)
DERR = ADC16DEV0PEN%(SSEGADD(AS), NumOfBoards)
IF DERR <> 0 THEN BEEP: PRINT "ERROR HEX$ (DERR); " OCCURRED DURING
..DEVOPEN'": STOP

BoardNum = 0
DERR = ADC16GETDEVHANDLE%(BoardNum, DEVHANDLE)
IF (DERR <> 0) THEN BEEP: PRINT "ERROR, DEVICE HANDLE IS null. . .": STOP

•------------------------- Open Communication Ports---------------------------
CLS
LOCATE 2, 15
PRINT •******WELCOME TO THE QB pH\TEMPERATURE DATA AQUISITION PROGRAM******' 
LOCATE 10, 1
PRINT "SAVE DATA AS(Include .DAT Extension)";
INPUT NAMES
OPEN •COM1:9600,N,8,1,DS1000" FOR RANDOM AS #1 
OPEN "COM2:9600,N,8,1,DS1000" FOR RANDOM AS #2 
PRINT •SAMPLING INTERVAL(in sec.) " ;
INPUT SAMPLTIME!
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CLS
LOCATE 2, 1
PRINT #1, 'KP"
INPUT #1, H$: PRINT H$ 
INPUT #1, G$: PRINT G$

-CLEAR OUT-

' clears out initial blank line output of meter 1

PRINT #2, "KP"
INPUT #2, J$: PRINT J$ 
INPUT #2, 1$: PRINT 1$
DO
PRINT #1, "KP"
INPUT #1, A$: PRINT A$ 
PRINT #1, -KH"

'clears out initial blank line output of meter 2 

--COLLECT DATA FROM METER #1---------------------

BEGINT! = TIMER 
DO
OVERT! = TIMER
LOOP WHILE ABS(OVERT! - BEGINT!) < 6

'input from channel a 
'switch to ch. b
'delay

PRINT #1, "KP"
INPUT #1, B$: PRINT B$ 
PRINT #1, "KH"

'input from channel b 
'switch to dual channel
'delayFIRST! = TIMER 

DO
SECONDT! = TIMER
LOOP WHILE ABS(FIRST! - SECONDT!) < 2
PRINT #1, "KH" 'switch back to ch. a

PRINT #2, "KP"
INPUT #2, C$: PRINT C$ 
PRINT #2, "KH"
NOWT! = TIMER 
DO
THENT! = TIMER 
LOOP WHILE ABS(NOWT!

-COLLECT DATA FROM METER #2-

'channel a 
switch to channel b
'delay

THENT!) < 6

PRINT #2, "KP"
INPUT #2, D$: PRINT D$ 
PRINT #2, "KH"
SOONT! = TIMER 
DO
LATERT! = TIMER 
LOOP WHILE ABS(SOONT! 
PRINT #2, "KH"

'channel b
'switch to dual channel 
'delay

LATERT!) < 2
'switch back to ch. a

-Record mV from 5th Electrode-
FOR J = 1 TO 150 
DERR = KADRead%(DEVHANDLE, 7, 1, adcode) 'read A/D code
IF DERR <> 0 THEN BEEP: PRINT "ERROR * ; HEX$(DERR); " OCCURRED DURING 

'KADRead'": STOP 
x! = x! + adcode
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NEXT J
Y! = x! / 150 'average of 150 signals
Z! = Y! * (-1) / 100 ' convert A/D codes to mV
PRINT TAB(9);
PRINT USING “###.#•; Z! 
x! = 0

‘--------------------------- Record mV from 6th Electrode-----------------
FOR K = 1 TO 150

DERR = KADRead%(DEVHANDLE, 5, 1, adcodes) 'read A/D code
IF DERR <> 0 THEN BEEP: PRINT "ERROR “ ; HEX $ (DERR) ; " OCCURRED DURING

•KADRead•■: STOP 
p! = p ! + adcodes 
NEXT K

q! = p! / 150 'average of 150 signals
s! = q! * (-1) / 100 ‘ convert A/D codes to mV

PRINT USING '###.#"; s! 
p ! = 0

-Read teraperature-
DERR = KADRead%(DEVHANDLE, 6, 0, temp) 'get temperature
IF DERR <> 0 THEN BEEP: PRINT "ERROR "; HEX$(DERR); " OCCURRED DURING
■KADRead'": STOP
E! = {(temp - 32768) / 10000) 'convert to volts
r ! = (20 * (2.5 -E!)) / (2.5 +E!) 'convert to resistance
T! = -.007713# * (r! * r! * r!) + .37362 * (r! * r!) - 7.6457 * r! + 71.802

'converts to temp. (deg. C)
PRINT USING *##.#*; T!
'-------------------------SAVE TO FILENAME--------------------------------------
OPEN NAME$ FOR APPEND AS #3 
PRINT #3, A$
PRINT #3, B$
PRINT #3, C$
PRINT #3, D$
PRINT #3, USING T!
PRINT #3, TAB(9);
PRINT #3, USING *###.#"; Z!
PRINT #3, USING "###.#"; s!
CLOSE #3
' DELAY TIMER-----------------------------------------
STARTT! = TIMER 
DO
STOPT! = TIMER
LOOP WHILE ABS(STOPT! - STARTT!) < SAMPLTIME!
'--------------------------- END OF PROGRAM-------------------------------------
LOOP WHILE INKEYS <> CHR$(27)
CLOSE #1 
CLOSE #2 
CLOSE #3 
END
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APPENDIX II 
ELECTRODE CHARACTERISTICS

TABLE A2-1: Electrode Slope and Temperature Response

Electrode Slope (mV/pH)

Temp. Response in 

Tris (mV/ °C)

Temp. Response in 

NaHCOa (mV/ °C)

E3 59.57 1.498 0.572

E4 59.43 1.474 0.631

E5 59.29 1.444 0.652

E6 58.62 1.442 N /A

E8-CP 57.94 N /A 0.633

#2907 58.89 N /A 0.655

#2929 59.02 N /A 0.650

#2899 59.02 N /A 0.649

#2876 59.16 N /A 0.654

#1823 58.89 N /A 0.646

#2901 58.75 N /A 0.652
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APPENDIX III 

ELECTRONICS RESULTS

The two largest problems associated with making long-term potentiometric 

seawater pH measurements have been electrode drift and various electronics problems 

such as noise and ground loops. These electronics problems usually arise when using 

more than one electrode. If the electrodes are not electronically isolated (i.e., connected 

to the same floating ground point) from one another, the previously mentioned problems 

will become apparent. Since our approach to using multiple electrodes and signal 

averaging has shown promising results in reducing electrode drift, an attempt was made 

to eliminate the electronics problems associated with potentiometric pH measurements. 

The elimination of these electronics problems would further enhance the development of 

an autonomous in situ potentiometric seawater pH instrument.

The approach used for solving these electronics problems consisted of building an 

electronic circuit and then performing several tests in order to verify that the electrodes 

were electronically isolated from one another. Figure A3-1 is a schematic of the circuit 

design (obtained from Denver Instruments) tested in this research. The operational 

amplifier (National Semiconductor, model LMC6464 BIN) is capable of handling input 

from up to four electrodes (through BNC connectors) and is powered by a 9 V battery. 

Since most dataloggers accept only positive inputs, the ground of each electrode is tied to 

a +2.5 V reference (Maxim, model MAX872CPA). The signal to the datalogger, then, 

would be equal to the potential of the electrode plus 2.5 Volts.

Since ground loops are the most common electronic problem in potentiometric pH 

measurements, two experiments were conducted with this circuit in order to show that the 

electrodes were not influencing one another. The first experiment consisted of 

connecting two electrodes to the circuit, placing each in a separate beaker of pH 7 buffer 

and recording the potential of each. Over a fifteen minute period, small additions of pH 4 

buffer were added to one beaker while the other remained at pH 7. The potential of each 

electrode was recorded after each addition of the pH 4 buffer. The results of this
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Figure A3-1: Electronic Circuit Design
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experiment are given by Figure A3-2. This figure shows that the electrodes were 

behaving independently and did not influence one another.
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Figure A3-2: Independent behavior o f  two electrodes 
The second experiment monitored the influence of the electrodes on each other 

over a longer period of time. Here, four electrodes were connected to the circuit and 

placed in a beaker containing approximately 300 mL of synthetic seawater buffered with 

2.0 mM NaHCOs. The QuickBasic program was started and the potential of each 

electrode was recorded every 10 minutes over 4.5 days. The deviation from the initial 

potential for each electrode was then plotted over this period.

Figure A3-3 is a plot of the four signals recorded for this experiment. From this 

plot it is obvious that electrode #2929 was slowly drifting away from the other three 

electrodes. This observation also indicates that the electrodes were behaving 

independently. Had the electrodes not been electronically isolated from one another, one 

or more of the remaining electrodes would have drifted with #2929.

These preliminary experiments indicate that the circuit design (Figure A3-1) 

tested in this research can be used in an autonomous in situ potentiometric pH instrument. 

The ground loops which are commonly observed when measuring pH potentiometrically
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with more than one electrode seem to be eliminated with this design. Although these 

results look promising, more experiments (i.e., longer in duration and more rigorous) 

need to be made in order to determine if this circuit truly isolates the electrodes from one 

another.

0.000 - —  E le c tr o d e  # 2 9 0 1
• • ' E le c t r o d e  # 2 9 2 9
—  E le c t r o d e  # 1 8 2 3
• - ■ E le c t r o d e  # 2 8 7 6

-0.005 -

- 0.010  -

J® -0.015 - 
<

- 0.020  -

-0.025 -

-0.030 -

-0.035
4.53.5 4.02.5 3.02.01.51.00.50.0

DAYS
Figure A3~3: Independent behavior o f four electrodes in synthetic 

seawater buffered with 2.0 mM NaHC03
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