
Buffer Titrations Lab 

The Buffers of the Oceans 

We’ve discussed the ability of a buffer to resist changes in pH. The efficacy of a buffer is dependent upon the 
pH of the solution – different buffers are more effective at different pH values. Today we will look at 3 
different buffers of the same concentration. All have been titrated to approximately the same pH value (about 
8.3). This lab is a representation of the values of various ocean buffer systems to resisting acidification. The 
acidification of the oceans inhibits exoskeleton formation, plankton viability, coral reef stability, and various 
other important functions in marine ecosystems. Today we will investigate which of the ocean buffer systems 
is most important to maintaining pH – currently 8.2. 

How Does Exercise Affect the Body? 

Many people today are interested in exercise as a way of improving their health and physical abilities. But 
there is also concern that too much exercise, or exercise that is not appropriate for certain individuals, may 
actually do more harm than good. Exercise has many short-term (acute) and long-term effects that the body 
must be capable of handling for the exercise to be beneficial. Some of the major acute effects of exercising are 
shown in Figure 1. When we exercise, our heart rate, systolic blood pressure, and cardiac output (the amount 
of blood pumped per heart beat) all increase. Blood flow to the heart, the muscles, and the skin increase. The 
body's metabolism becomes more active, producing CO2 and H+ in the muscles. We breathe faster and deeper 
to supply the oxygen required by this increased metabolism. Eventually, with strenuous exercise, our body's 
metabolism exceeds the oxygen supply and begins to use alternate biochemical processes that do not require 
oxygen. These processes generate lactic acid, which enters the blood stream. As we develop a long-term habit 
of exercise, our cardiac output and lung capacity increase, even when we are at rest, so that we can exercise 
longer and harder than before. Over time, the amount of muscle in the body increases, and fat is burned as its 
energy is needed to help fuel the body's increased metabolism. 

Chemical Changes in the Blood During Exercise 

During exercise, the muscles use up oxygen as they convert chemical energy in glucose to mechanical energy. 
This O2 comes from hemoglobin in the blood. CO2 and H+ are produced during the breakdown of glucose, and 
are removed from the muscle via the blood. The production and removal of CO2 and H+, together with the use 
and transport of O2, cause chemical changes in the blood. These chemical changes, unless offset by other 
physiological functions, cause the pH of the blood to drop. If the pH of the body gets too low (below 7.4), a 
condition known as acidosis results. This can be very serious, because many of the chemical reactions that 
occur in the body, especially those involving proteins, are pH-dependent. Ideally, the pH of the blood should 
be maintained at 7.4. If the pH drops below 6.8 or rises above 7.8, death may occur. Fortunately, we have 
buffers in the blood to protect against large changes in pH. 

How Chemicals Are Exchanged in the Body 

All cells in the body continually exchange chemicals (e.g.,nutrients, waste products, and ions) with the external 
fluid surrounding them (Figure 2). This external fluid, in turn, exchanges chemicals with the blood being 
pumped throughout the body. A dominant mode of exchange between these fluids (cellular fluid, external 
fluid, and blood) is diffusion through membrane channels, due to a concentration gradient associated with 
the contents of the fluids. (Recall your experience with concentration gradients in the "Membranes, Proteins, 
and Dialysis" experiment.) Hence, the chemical composition of the blood (and therefore of the external fluid) 
is extremely important for the cell. If, for instance, the pH of the blood and external fluid is too low (too many 
H+ ions), then an excess of H+ ions will enter the cell. As mentioned above, maintaining the proper pH is 
critical for the chemical reactions that occur in the body. In order to maintain the proper chemical 



composition inside the cells, the chemical composition of the fluids outside the cells must be kept relatively 
constant. This constancy is known in biology as homeostasis. 

The body has a wide array of mechanisms to maintain homeostasis in the blood and extracellular fluid. The 
most important way that the pH of the blood is kept relatively constant is by buffers dissolved in the 
blood. Other organs help enhance the homeostatic function of the buffers. The kidneys help remove excess 
chemicals from the blood, as discussed in the Kidney Dialysis tutorial. It is the kidneys that ultimately remove 
(from the body) H+ ions and other components of the pH buffers that build up in excess. Acidosis that results 
from failure of the kidneys to perform this excretory function is known as metabolic acidosis. However, 
excretion by the kidneys is a relatively slow process, and may take too long to prevent acute acidosis resulting 
from a sudden decrease in pH (e.g., during exercise). The lungs provide a faster way to help control the pH of 
the blood. The increased-breathing response to exercise helps to counteract the pH-lowering effects of exercise 
by removing CO2, a component of the principal pH buffer in the blood. Acidosis that results from failure of the 
lungs to eliminate CO2 as fast as it is produced is known as respiratory acidosis. 

How Buffers Work: A Quantitative View 

The kidneys and the lungs work together to help maintain a blood pH of 7.4 by affecting the components of the 
buffers in the blood. Therefore, to understand how these organs help control the pH of the blood, we must first 
discuss how buffers work in solution. 

Acid-base buffers confer resistance to a change in the pH of a solution when hydrogen ions (protons) or 
hydroxide ions are added or removed. An acid-base buffer typically consists of a weak acid, and its conjugate 
base (salt) (see Equations 2-4 in the blue box, below). Buffers work because the concentrations of the weak 
acid and its salt are large compared to the amount of protons or hydroxide ions added or removed. When 
protons are added to the solution from an external source, some of the base component of the buffer is 
converted to the weak-acid component (thus using up most of the protons added); when hydroxide ions are 
added to the solution (or, equivalently, protons are removed from the solution; see Equations 8-9 in the blue 
box, below), protons are dissociated from some of the weak-acid molecules of the buffer, converting them to 
the base of the buffer (and thus replenishing most of the protons removed). However, the change in acid and 
base concentrations is small relative to the amounts of these species present in solution. Hence, the ratio of 
acid to base changes only slightly. Thus, the effect on the pH of the solution is small, within certain limitations 
on the amount of H+ or OH- added or removed. 

The Carbonic-Acid-Bicarbonate Buffer in the Blood 

By far the most important buffer for maintaining acid-base balance in the blood is the carbonic-acid-
bicarbonate buffer. The simultaneous equilibrium reactions of interest are 
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We are interested in the change in the pH of the blood; therefore, we want an expression for the concentration 
of H+ in terms of an equilibrium constant (see blue box, below) and the concentrations of the other species in 
the reaction (HCO3

-, H2CO3, and CO2). 

To more clearly show the two equilibrium reactions in the carbonic-acid-bicarbonate buffer, Equation 1 is 
rewritten to show the direct involvement of water: 
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The equilibrium on the left is an acid-base reaction that is written in the reverse format from Equation 3. 
Carbonic acid (H2CO3) is the acid and water is the base. The conjugate base for H2CO3 is HCO3

- (bicarbonate 
ion). (Note: To view the three-dimensional structure of HCO3

-, consult the Table of Common Ions in the 
Periodic Properties tutorial from Chem 151.) Carbonic acid also dissociates rapidly to produce water and 
carbon dioxide, as shown in the equilibrium on the right of Equation 10. 

 

Figure 4 

This is the titration curve for the carbonic-acid-bicarbonate buffer. Note that the pH of the blood (7.4) lies 
outside the region of greatest buffering capacity (green). 

Note: The percent buffer in the form of HCO3
- is given by the formula: 

 

 
(19) 



The contribution of other weak acids and bases  

The discussion above focuses entirely on carbonates as the source of alkalinity. In most waters carbonate 
species are indeed the predominant source of alkalinity. However, the definition of alkalinity is the ability to 
neutralize acid inputs. Hence any ion or molecule that can accept a proton (i.e., any substance that acts as a 
base) will contribute to alkalinity. What other ions present in natural waters can act as bases? In seawater, 
silicate and borate are present in high concentrations and contribute to the alkalinity: 

B(OH)4-‐ + H+ → H3BO3 + H2O                                                                            (13) 

Because the pKa for the reaction that proceeds in the opposite direction as that shown in Equation 13 is 8.9, 
close to the pH of seawater, borate exhibits its maximal buffering capacity in the oceans. In fresh waters, the 
other ions of importance are those of Fe, Al, and humic and fulvic acids. Despite over twenty years of research, 
scientists still have not devised a totally consistent definition for and method for measuring the alkalinity from 
these species. Many of the molecules stat contribute to alkalinity in freshwater contain carboxylic acid 
functional groups (-‐COOH). These functional groups typically have pKa values between 3.5 and 5.5. In other 
words, above pH 3.5 to 5.5, the carboxylic groups are dissociated. 

-‐COOH → -‐COO-‐ + H+ 

This means that at pH values above 5.5 they can accept a proton (i.e., the reaction above runs in reverse), and 
hence they contribute to alkalinity or acid neutralization. In general, there are 10- 15 µeq of carboxylic groups 
per mg DOC. Thus, a water with 20 mg/L DOC potentially could have an alkalinity of 200-300 µeq/L due to 
the organic matter alone. In softwater lakes such as on the Keweenaw Peninsula, this would represent a major 
fraction of the total alkalinity. Natural waters with low concentrations of DOC (e.g., rain, snow) will not have 
any significant alkalinity from this source. 

The Lab 

We will be testing the buffering capacity of 3 different unknown substances alongside distilled water (the 
control). Each solution should have approximately the same starting pH. 

Materials Needed 

• Approximately 50 mL of 2 different buffer solutions (the colored solutions) 
• Approximately 50 mL of tap water 
• 80 mL of each prepared buffer solution 
• 80 mL of distilled water 
• 50 mL 0.1 M HCl 
• 4 Transfer pipettes 
• pH meter with digital readout 

Calibration 

The pH probes must be calibrated to ensure accurate readings in the lab. You’ll need to remove the probe 
from the storage container and place it in the beaker of tap water. I the Data Logger program, find the 
Experiment option at the top of the screen, select Calibration from the dropdown menu. Move the pH 
probe from the water to one of the buffer solutions. Stir the probe around in the solution and wait for the 
voltage reading to settle. After the reading has stopped changing, fill in the pH value of the buffer in the 
space provided and click Keep. Clean the probe by stirring it in the beaker of water before moving it to the 
next buffer solution. Again, wait for the reading to settle, enter the pH of the buffer, and click Keep. The 



calibration is now completed, and the pH reading in the bottom left corner of your screen should match 
that of the buffer. 

Titration 

You will need four different data tables to record the titrations of each buffer solution and the control. 
Each data table will start with a pH near 8.3, and you will be adding 1 mL of HCl for each data point until 
the pH of the solution has dropped to 6.0 Keep in mind that each of your data tables will have a different 
number of data points because each of the buffer solutions will require a different volume of acid to drop 
the pH to 6.0. 

Ensure that pH probe is properly calibrated by first cleaning the probe in water, then checking its accuracy 
with either of the buffer solutions at your lab table. Place the clean probe into the Sodium Borate buffer 
solution. Wait for the reading to settle, and record the initial pH in a data table. 

Using the transfer pipette, you will be adding 1 mL of HCl at a time and recording the new pH of the 
solution. Be sure to stir in the HCl and wait for the pH reading to settle. Continue adding HCl and 
recording pH until the solution has reached a pH of 6.0. You may discard the solution in the nearest sink 
when you are finished with it. Please wash it down with plenty of water. 

Repeat this process for each of the other buffers and the control. 

Graphs 

You will need to prepare a graph for each of the titrations from your data tables. Make sure to include a 
title and axis labels. 

Results 

Explain the results of your titrations. Discuss each titration and the buffer’s response to addition of acid in 
terms of its resistance to pH change at different pH values. Give an explanation for any data that is 
unexpected or potentially flawed. Discuss any equipment problems or experimental errors. 

Which of the buffer solutions provided the most resistance to acidification near the pH of seawater (about 
8.2)? Look up the pK values for each of the buffers on this table: 
http://depts.washington.edu/eooptic/links/acidstrength.html (Hints: Sodium Bicarbonate has two pK 
values. Sodium acetate is not in the table, but ethanoic acid is closely related.). How do these values 
compare with the effective range for the buffers? Read about how pKa values are related to pH values. 
Does your data make sense in light of this new information? Explain. 

Why are buffers important to the oceans? To the human body? Based on the effective range for the most 
important buffer we investigated, why is a change in pH troublesome? Discuss in terms of buffer efficacy 
and availability of the carbonate ion (CO3

2-). 


