
Lab #5:  Osmosis, Tonicity, and Concentration. 
 

Background. 

 
The internal environment of the human body 

consists largely of water-based solutions.  A 

large number of different solutes may be 

dissolved in these solutions.  Since movement of 

materials across cell membranes is heavily 

influenced by both differences in the 

concentration of these various materials across 

the cell membrane and by the permeability of 

the lipid bilayer to these materials, it is critical 

that we understand how the concentration of a 

particular solute is quantified, as well as how 

differences in concentration influence passive 

membrane transport. 

 

 

Diffusion, Osmosis, and Tonicity 

 

Simple diffusion. 

 

Particles in solution are generally free to move 

randomly throughout the volume of the solution.  

As these particles move about, they randomly 

collide with one another, changing the direction 

each particle is traveling.   

If there is a difference in the concentration 

of a particular solute between one region of a 

solution and another, then there is a tendency for 

the substance to diffuse from where it is more 

concentrated to where it is less concentrated. 

This is because of the random collisions among 

particles which eventually will evenly distribute 

the solute throughout the volume of the solution.  

Thus net diffusion occurs “down” a 

concentration gradient, from an area of high 

concentration to an area of low concentration, 

until a state of equilibrium is reached throughout 

the volume of the solution.  At this equilibrium 

(typically when the concentration is uniform), 

there will be no more net diffusion of solute 

from one area to another, although random 

movement of particles will continue. 

If such diffusion is unimpeded by the 

presence of some barrier (e.g., a membrane that 

is impermeable to the solute), it is referred to as 

simple diffusion.  In the case of cells, solutes that 

can readily pass through the lipid bilayer of cell 

membranes (i.e., small uncharged molecules or 

moderate-sized nonpolar molecules) are 

transported across cell membranes via simple 

diffusion.  For example, the exchange of gases 

such as O2 and CO2 across the plasma membrane 

occurs through simple diffusion. 

 

Osmosis 

 

Like some other small, uncharged molecules, 

water (H2O) can pass quite readily through a cell 

membrane, and thus will diffuse across the 

membrane along its own concentration gradient 

independent of other particles that may be 

present in the solution.  However, often solutes 

that are dissolved in water (e.g., glucose, Na
+
, 

Cl
- 
,
 
etc.) cannot pass through the lipid bilayer of 

the cell membrane, and thus cannot move across 

the cell membrane even if there is a difference in 

concentration. 

The “concentration” of water in a solution is 

inversely related to solute concentration – the 

greater the concentration of total solutes in the 

solution (regardless of what those specific 

solutes are), the lower the number of water 

molecules per unit volume of the solution.  Thus 

water tends to diffuse from more dilute areas 

(i.e., with lower solute concentration) to more 

concentrated areas (i.e., with higher solute 

concentrations). 

Cells are surrounded by a semi-permeable 

membrane which will allow water to pass 

 
 
Fig 5.1.  An example of simple diffusion.  Molecules of 

red dye gradually diffuse from areas of higher 

concentration to areas of lower concentration until the 

concentration of dye is uniform throughout the volume 

of the solution. 



through but prevent many hydrophilic solutes 

from passing through.  Thus, the diffusion of 

water into or out of the cell is driven by 

differences in the total concentration of solutes 

that cannot pass through the plasma membrane.  

The diffusion of water across a semi-permeable 

membrane such as a cell membrane is termed 

osmosis.  Osmosis is thus a special case of 

diffusion involving only the movement of water 

(the solvent of the solution) across a barrier 

permeable to water but impermeable to certain 

solutes. 

It is the difference in the solute 

concentration across a semi-permeable 

membrane that provides the driving force for 

osmosis (Fig 5.2).  Therefore, osmosis can only 

occur under specific conditions where a) two 

aqueous solutions are separated by a membrane 

that is permeable to water but impermeable to at 

least one of the solutes in the solution
1
 and b) 

there is a difference in the total concentration of 

impermeable solutes between the two solutions. 

If water flows from one solution into 

another, then the volume of the second solution 

will tend to increase while that of the first 

solution decreases (Fig 5.2).  This change in 

volume can only occur if the semi-permeable 

membrane (or one of the other walls of the 

container holding each solution) is compliant 

enough to accommodate this change in volume.  

If water is redistributed across the membrane but 

the membrane will not stretch or reposition itself 

to accommodate an increase in volume, then 

pressure will build up inside of the solution 

gaining water, and likewise decrease in the 

solution that is losing water.  As more water is 

drawn into the more concentrated solution, 

pressure will build up, pushing outward on the 

walls of the container.  Eventually, this pressure 

exerting outward will become high enough to 

equal the force that is driving water from the less 

concentrated solution to the more concentrated 

solution.  At this point, no further osmosis will 

occur, since these two equal and opposite forces 

acting on the movement of water are canceling 

each other out. 

The amount of force that would need to be 

exerted on a solution to prevent osmotic uptake 

of water by that solution is called the osmotic 

pressure.  In effect, it is a measurement of how 

strongly a solution will draw water into itself 

from an adjacent solution across a semi-

permeable membrane.  Osmotic pressure is 

directly related to the total solute concentration 

of a solution.  As solute concentration increases, 

more and more pressure would need to be 

exerted on a solution to prevent osmotic uptake 

of water from an adjacent solution. 

To illustrate this, consider a situation where 

we have a solution containing a particular 

concentration of solutes that is separated from a 

pure water by a semi-permeable membrane (Fig 

5.3).  The membrane and walls of the container 

are rigid, but the top of the container is open, so 

the solutions can change in volume by changing 

vertical height.  Notice that as water moves from 

the pure water into the solution, the height of the 

pure water decreases and the height of the 

solution increases.  Will all of the pure water be 

semipermeable membrane

semipermeable membrane

 
Fig 5.2.  During osmosis, water diffuses across a semi-

permeable membrane from the less concentrated 

solution to the more concentrated solution (block 

arrow) until the concentrations across the membrane 

are equal.  Note that the volume of the solution to the 

right increases and the volume of the solution on the 

left decreases (black arrows) as water diffuses from left 

to right. 

 

              

 
1 – if the membrane is not impermeable to any of the solutes within the solutions, then the solutes will simply diffuse across the 

membrane to equalized their concentrations.  This would be a case of simple diffusion, not osmosis. 



drawn into the solution?  No.  As the height of 

the solution increases, so does hydrostatic 

pressure as a result of the pull of gravity on the 

water.  This pressure tends to push water back 

into the pure water solution.  Equilibrium (no net 

osmosis) will occur when this hydrostatic 

pressure is equal to the osmotic pressure. 

Now compare this solution with one with a 

considerably higher concentration of solute 

(Figure 5.3).  Notice that equilibrium is achieved 

only after much more water is transferred from 

the pure water to the solution, and thus a higher 

column of solution is supported.  The 

hydrostatic pressure needed to balance the 

osmotic pressure is much higher, indicating that 

the osmotic pressure itself is much higher. 

 

Tonicity 

 

Living cells have the potential of gaining or 

losing water from the surrounding extracellular 

fluid through osmosis.  The net movement of 

water into or out of the cell is driven by 

differences in osmotic pressures between the 

extracellular fluid and the intracellular fluid.  

Thus, the effect that an extracellular solution has 

on the osmotic movement of water into or out of 

the cell is described by the tonicity of the 

extracellular fluid.  For example, if the osmotic 

concentrations (i.e., total solute concentrations) 

of the intracellular fluid and the extracellular 

fluid are the same, and none of these solutes can 

pass through the cell membrane, then the 

osmotic pressures of the intracellular fluid and 

the extracellular fluid will be the same, and no 

net osmosis will occur.  The extracellular 

solution is said to be isotonic (“equal tension”, 

referring to the equal osmotic pressures).  Cells 

removed from the body and placed in isotonic 

solutions will retain the “normal” shape they 

have in the body (Fig 5.4). 

If a cell is placed into a solution with a 

higher osmotic concentration than the 

intracellular fluid (for example, human blood 

cells in sea water), then the osmotic pressure of 

the extracellular fluid will exceed that of the 

intracellular fluid.  As a result, water will flow 

out of the cell and into the extracellular fluid, 

causing the cell to shrink and crenate (Fig 5.4).  

In this case, the extracellular fluid is said to be 

hypertonic (“greater tension”). 

Conversely, if a cell is placed in a solution 

with a lower osmotic concentration (for 

example, distilled water), then the osmotic 

pressure of the extracellular fluid is less than 

that of the intracellular fluid.  As a result, water 

flows into the cell, causing it to swell (Fig 5.4) 

perhaps so much that the cell may undergo lysis 

(burst).  In this situation, the extracellular fluid 

is said to be hypotonic. 

 

Isotonic

Hypertonic

Hypotonic

 
 

Fig 5.4.  Examples of erythrocytes suspended in 

isotonic, hypertonic, and hypotonic saline solutions.  

Images are from www.visualsunlimited.com. 
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Fig 5.3  A comparison of the osmotic pressures of two 

solutions.  Notice that the hydrostatic pressure needed 

to balance the osmotic uptake or water by the solution 

from pure water is higher in the more concentrated 

solution to the right than for the less concentrated 

solution to the left. 

 



Measurements of Concentration 
 

There are many different ways of quantifying 

the concentration of a solution.  In the clinical 

sciences, concentrations are often expressed as a 

mass of solute dissolved in a given volume of 

solution (e.g., g/dL, mg/ml, etc.).  A ratio of 

solute mass to solution volume is also the basis 

of “percentage” solutions (for example, a 2% 

saline solution).  A percent solution is the 

number of grams of solute in 100 ml of solution 

(or 1 dL of solution). 

To understand the effects of solute 

concentration on diffusion and osmosis, 

however, it is important to know the actual 

number of solute particles present in a given 

volume of solution.  Using solute mass as a 

surrogate presents a problem, since different 

solutes have different particle sizes the same 

mass of solute could have very different 

numbers of particles for two different solutes.  

Therefore, scientists often express concentration 

based on moles of particles in a given volume of 

solution.  One mole is equal to 6.02 × 10
23
 

particles, and the mass of one mole of particles 

of a substance is equal to that substance’s atomic 

or molecular weight (molecular weight being the 

sum of the atomic weights for each atom in the 

molecule).  To determine the number of moles 

of a given mass of some substance, divide the 

mass of the substance by the molecular weight 

of that substance: 

 

Moles =  
              Mass (g)             

Molecular weight (g/mole) 

 

For example, to calculate the number of moles 

present in 117g of NaCl, first determine the 

molecular weight of NaCl.  The atomic weight 

of Na is ~23.0 g/mole, and that of Cl is ~35.5 

g/mole, so the molecular weight would be the 

sum of the two (23.0 + 35.5 = 58.5 g/mole).  The 

number of moles of NaCl is then calculated by 

dividing the mass by the molecular weight, so  

117 g / 58.5 g/mole = 2 moles. 

There are a number of different 

expressions of concentration than use moles to 

quantify the amount of solute in the solution.  

Herein we will describe three of them: molarity, 

molality, and osmolality. 

 

Molarity 

 

Molarity can be defined as the number of moles 

of a solute per liter of solution volume.  In 

solutions with more than one solute, each solute 

will have its own specific molarity.  The unit of 

this measurement of concentration is molar (M).  

1 M is equal to one mole solute per liter of 

solution.    

 

Molarity (M) =  
       Moles Solute       

Solution Volume (L) 

 

Determining the molarity of any solution is 

easy given the mass of solute, the molecular 

weight of that solute, and the total volume of the 

solution.  First, determine the number of moles 

of solute used to make the solution by dividing 

the mass of the solute by its molecular weight.   

 

1)  Moles Solute = 
              Mass (g)             

Molecular weight (g/mole) 

 

Then divide the number of moles solute by the 

volume of the solution in liters. 

 

2)  Molarity (M) =  
      Moles Solute         

Solution Volume (L) 

 

For example, if we were to mix 90 g of 

glucose (MW = 180 g/mole) in 2 L of water, we 

would calculate the molarity of this solution first 

by determining the number of moles of glucose 

(90 g / 180 g/mole = 0.5 moles), then dividing 

the number of moles of glucose by the volume in 

liters (0.5 moles / 2 L = 0.25 M). 

If the molarity of a solution is less than 1M 

(and particularly if it is less than 0.1 M), it may 

be appropriate to express the concentration in 

millimolar (mM) where 1 mM is equal to 

1/1000
th
 of a mole per liter solution.  Conversion 

from M to mM is performed the same as any 

metric conversion, so a concentration of 0.25 M 

is equal to a concentration of 250 mM. 

 

Molality 

 

Whereas molarity is often the preferred 

measurement of concentration for chemists, 

physiologists often prefer to use a somewhat 

different measure of concentration called 



molality.  Molality is a ratio of moles of a 

particular solute per kg solvent used to make the 

solution.  The unit used to express molality is 

molal (m), where 1 m = one mole solute per kg 

solvent  

 

 Molality (m) =  
       Moles Solute       

  Solvent Mass (kg) 

 

Calculation of molality is very similar to 

calculation of molarity.  First, one must 

determine the number of moles of solute (solute 

mass/molecular weight).   

 

1)  Moles Solute = 
              Mass (g)             

Molecular weight (g/mole) 

 

Then divide the number of moles of solute by 

the mass of solvent in kg.   

 

2)  Molality (m) =  
       Moles Solute       

  Solvent Mass (kg) 

 

In physiological studies, water is usually the 

solvent used, and since the density of liquid 

water is 1.0 kg/L, a 1 L volume of water will 

have a mass of 1 kg. 

As an example, if 2.3 g of ethanol (MW = 

46 g/mole) were added to 50 ml of water, we 

could determine the molality as follows:  first, 

calculate the number of moles of ethanol (2.3 g / 

46 g/mole = 0.05 moles) then divide by the mass 

of water in kg (0.05 moles / 0.05 kg water
2
 = 1 

m). 

The difference in calculating molarity and 

molality seems subtle, but this difference does 

have very important implications (Fig 5.5).  In 

preparing a solution based on molarity, the 

number of solute particle and the total volume of 

the solution is specified, but the amount of 

solvent is not.  Total volume of the solution is 

the volume of the solvent PLUS the volume of 

the solute.  Therefore, since different solutes 

have different volumes per mole, the amount of 

solvent used to make a solution of a particular 

molarity will vary depending on what solute is 

used.  Therefore, the solute to solvent ratio will 

vary depending on the solute used.  In contrast, 

              

 
2 – at this point you should be comfortable enough with conversions to see how I derived this mass from 50 ml of water. 

1 mole solute B

1L

1L

1 mole solute A

Pre-measure 1L (1kg) water

Pre-measure 1L (1kg) water

1 mole solute A
1L

1L

Add water to 1L solution

Add water to 1L solution

1 mole solute B

MOLARITY MOLALITY

Solute/Solvent ratio varies

Volume constant

Solute/Solvent ratio constant

Volume varies

 
 

Fig. 5.5  A comparison of molarity and molality using two solutes of different molecular weights.  When mixing 1 L of a 1 

M solution of each, notice that a different amount of water is used to bring the total volume of the solution to 1L.  Thus 

although the final volume of the two solutions is the same (1L), the solute to solvent ratio is different.  When mixing a 1 m 

solution with a specified solvent mass of 1 kg, notice that in both cases the total solution volume exceeds 1L, and that the 

solution with the larger solute particles has a greater total volume.  However, since both the amount of solute and the 

amount of solvent are specified, the two solutions have equal solute/solvent ratios. 

 

 



BOTH the number of solute particles and the 

amount of solvent are specified.  Therefore the 

volume of solution occupied by the solvent is 

constant, so total volume will vary based on the 

volume of the specific solute used in the 

solution.  However, since both the amount of 

solvent and the number of solute particles are 

specified, the solute to solvent ratio will be 

constant in any solution of a particular molality, 

regardless of what specific solute is used. 

The osmotic movement of water is driven by 

differences in solute to solvent ratio between one 

area and another, and is relatively independent 

of what specific solutes are present in solution.  

Thus molality is often the preferred 

concentration measurement for physiologists 

because not only does it quantify the 

concentration of specific solutes in a solution, 

but also indicates the osmotic properties of that 

solution. 

 

Osmolality 

 

Osmosis is driven by differences in 

solute/solvent ratios that exist across a semi-

permeable membrane.  Importantly, it is 

difference in the total solute concentration of 

these solutions (i.e., the osmotic concentration) 

that influences osmosis, not the specific type of 

solute particles found in that solution (Fig 5.6).  

The total solute concentration of a solution (and 

thus the osmotic concentration) can be 

quantified through the osmolality of the solution.  

Osmolality is the ratio of moles of total solute 

particles per kg water.  The unit for this 

measurement of concentration is osmolal (Osm), 

where 1 Osm is equal to one mole of total solute 

per kg water. 

 

Osmolality (Osm) =  
Moles Total Solute  

 Solvent Mass (kg) 

 

Calculation of osmolality can be somewhat 

more challenging than the calculation of 

molality.  If the solution contains a single, 

nodissociating solute, then the osmolality of the 

solution is equal to the molality of the solution.  

However, if the solution contains multiple 

solutes, the number of moles of each solute must 

be calculated independently, then the total 

number of solutes particle determined by adding 

together the number of moles for each individual 

solute. 

For example, let us calculate the osmolality 

of a solution containing 18 g of glucose (MW = 

180 g/mole) and 23 g of glycerol (MW = 92 

g/mole) mixed with 500 ml of water.  To 

determine the osmolality, we must first calculate 

the number of moles of each individual solute.  

We find there are 0.1 moles of glucose (18 g / 

180 g/mole) and 0.25 moles of glycerol (23 g / 

92 g/mole).  We then add up the total number of 

solute particles (0.1 mole + 0.25 mole = 0.35 

moles).  By dividing the moles of total solute 

(0.35 moles) by the mass of water used to make 

the solution (0.5 kg) we determine the 

osmolality of the solution to be 0.7 Osm. 

An additional consideration must be made 

for ionic compounds.  Recall that ionic bonds 

can be broken when an ionic compound is 

placed in water.  This is because water 

molecules have an electrostatic attraction to each 

of the ions in the ionic compound, and the 

combined draw of many water molecules on 

each ion can exceed the draw the ions have for 

one another.  Thus, ionic compounds have a 

tendency to dissociate (break apart) when 

dissolved in water. 

This can have a considerable influence on 

the osmotic concentration of a solution.  

Consider the ionic compound NaCl, which 

readily dissociates in water into Na
+
 and Cl

-
.  

Thus for each mole of NaCl mixed into the 

solution, TWO moles of solute particles (1 mole 

v

 
Fig 5.6.  Differences in osmolality drive the osmotic 

movement of water.  The solutions above differ in the 

molality of each of the two solutes.  However, since 

total solute concentration (Osm) is equal in both 

solutions, no net osmosis occurs.   



of Na
+
 and one mole of Cl

-
) are present in 

solution.  So if one was to mix together a 1 

molal solution of NaCl, the osmotic 

concentration would be 2 Osm
3
.  This, in turn, 

would give this solution a markedly higher 

osmotic pressure than that of a solution with the 

same molality but containing non-dissociating 

solutes (Fig. 5.7). 

To determine the osmolality of a solution 

containing an ionic compound, first calculate the 

number of moles of the ionic compound used to 

make the solution.  Then multiply the number of 

moles solute by the number of particles formed 

when the compound dissociates in solution.  

Finally, divide the total number of moles of 

solute particles in solution by the mass of water 

used to make the solution. 

For example, 22.2 g of CaCl2 (MW = 111 

g/mole) are dissolved in 3 L of water.  Note that 

CaCl2 dissociates into three separate particles 

(Ca
2+
 + 2Cl

-
).  To calculate the osmolality of this 

solution, first determine the number of moles of 

CaCl2 (22.2 g / 111 g/mole = 0.2 moles).  

Second, determine the number of solute particles 

in solution that would be formed as a result of 

dissociation (0.2 moles of CaCl2 × 3 particles 

formed per CaCl2 molecule = 0.6 moles total 

solute).  Finally divide the total number of solute 

particles by the mass of water used to make the 

solution (0.6 moles / 3 kg = 0.2 Osm). 

 

 

 

 

v

v

v

 
 

Fig 5.7.  Effect of ionic compound dissociation on 

osmotic concentration.  The two solutions separated by 

a semipermeable membrane above have the same 

molality.  However, the solution on the right contains 

an ionic compound as its solute.  The ionic compound 

dissociates, which increases the osmotic concentration 

of the solution on the right.  As a result, water flows 

from the solution on the left to the solution on the right. 

              

 
3 – this assumes 100% dissociation—that every single NaCl particle breaks into Na+ and Cl-.  In reality, no ionic compound will 

completely dissociate in solution, and the degree to which ionic compounds do dissociate depends on the specific ion compound.  

For sake of simplicity, though, we will assume 100% dissociation for calculation in this course. 



 

Experiment I:  Assembling an Osmometer. 

 
In this activity you will construct an apparatus that will enable you to observe osmotic movement of water 

from one solution to another over time. 

 

Procedures 

 

1. Obtain a thistle tube assembly (consisting of a solution bell covered on the bottom with a piece of 
dialysis membrane and a tube-like stem—see Fig 5.8), a specimen cup with lid, and a small 

rubber “o-ring”. 

 

2. Pull the stem apart from the bell.  Using a transfer pipette fill the bell of the osmometer as full as 
possible with 40% sucrose solution (this sucrose solution has been dyed green to make it more 

visible).  

 
Hint: As you are filling the bell, hold it up off the countertop so that the dialysis membrane 

on the bottom sags downward under the weight of the sucrose solution.  This will allow you 

to fill even more sucrose into the bell.  Make sure you fill it all the way to the top, so that the 

sucrose is about to spill over our of the opening at the top of the bell. 

 

3. Reassemble the thistle tube by FIRMLY inserting the stem into the opening at the top of the bell 
 

Hint:  It is VERY important that you have a good seal between the bell and stem.  If there is 

any leakage at that joint then either air will flow in or sucrose solution will flow out, and the 

experiment will not work.  The stem should be inserted as far down into the bell as it will go, 

and should not be easily rotated once in place. 

 
 

Fig 5.8.  Thistle tube osmometer we will use in this exercise.  On the left is the assembled thistle tube with dialysis membrane 

covering the base and a transfer pipette.  On the right is an illustration of the fully assembled osmometer.  Water is drawn 

through the dialysis membrane into the sucrose solution.  This results in an increase in the volume of the sucrose solution, 

which expands up the stem of the thistle tube. 



 

4. Insert the stem of the thistle tube through the hole in the lid so that the top of the bell is flush 
against the bottom of the lid.  Fasten into place by sliding the o-ring down the stem until it is 

flush with the top of the lid. 

5. Fill the specimen cup most of the way full with water.  Place the lid onto the specimen cup so that 
the bell of the thistle tube is submerged in the water.  Seal the seams of the lid around the lip of 

the cup. 

 
Hint:  sucrose solution should be pushed up into the stem of the thistle tube.  If you cannot 

see sucrose solution in the stem, then either there is a leak in the tube or not enough sucrose 

solution was placed in the bell. 

 

6. Mark the position of the meniscus of the sucrose solution with a piece of masking tape.  Set aside. 
 

7. At a time specified by your instructor, examine your osmometer, and record any changes that 
occur in the amount of sucrose solution present in the stem.  

 

 

 

Experiment II:  Effects of Varying Tonicity on Erythrocyte Morphology 
 

In this exercise we will expose erythrocytes to saline solutions of different concentrations and 

microscopically examine the effect of varying extracellular tonicity on the shape of the cells. 

 

 

READ THIS BEFORE YOU START!!! 
 

You will be using high quality microscopes for your examination of cell morphology.  These scopes 

are very expensive and could easily be damaged by careless usage.  Therefore, it is critical that you 

follow the instructions carefully in order to observe the cells.  Moreover, you MUST follow the 

proper procedures for putting away the microscopes at the end of this exercise.  Before you leave, 

you must have your lab instructor inspect your scope to be sure it has been properly put away.  

Failure to do so will result in the loss of 10 points from your homework assignment (yeah, we’re 

pretty serious about this). 

 

Procedures 

 

A) Preparing the slides  

 
Note: Make one slide and perform your microscopical observations on it before making the next slide 

 

1. Obtain a clean microscope slide and a cover slip 
 

2. Apply a small drop of blood to the center of the microscope slide (see Fig 5.9) 
 

3. Place a drop of one of the five saline solutions on the slide over the blood. 
o Available saline solutions (NaCl) include: 0.2%, 0.45%, 0.85%, 3.5%, and 10% 

 

4. Immediately mix the blood and saline using the edge of your cover slip. 



5. Gently place the cover slip over the blood/saline mixture, taking care to avoid trapping large 
bubbles undeneath. 

 

6. Observe cell morphology under the microscope. 
 

7. Repeat with the other four saline solutions. 

 

 
B) Using the microscope. 

 

1. Familiarize yourself with the different parts of the scope labeled in Fig 5.10. 
 

2. Before inserting a slide into your microscope make sure that… 
 

o The lowest power objective lens has been rotated into the locked position over the slide stage. 
o The stage has been lowered all the way down using the coarse focus knob. 

 

3. Lock the slide into the slide holder on the stage. 
 

4. Using the slide position controls, position the slide so that the sample is immediately above the 

 
Fig 5.10.  Illustration of the Leica CM E microscope used in this lab, with essential components labeled. 

 

 
 

Fig. 5.9.  Illustration of a microscope slide showing the proper amount of blood that should be placed on the slide. 

 



opening in the bottom of the stage that leads to the light source. 

 

5. Turn on the light source for the scope and look through the eyepiece.  If the 4x objective lens is 
properly locked in place, you should see light (although probably not in focus). 

6. Using the coarse focus knob, focus the image you see in the eyepiece.  You will be observing the 
cells at 40x magnification (the product of the 10x eyepiece lens and the 4x objective lens). 

 

7. Once the image is in focus with the 4x objective lens, rotate the objecive lenses to bring the 10x 
objective lens into place.  Refocus using the FINE FOCUS KNOB ONLY.  Once focused, you 

will be observing the cells at 100x magnification. 

 

8. Rotate the objective lenses once again to bring the 40x objective lens into place, which will give 
you a 400x magnification of the cells. Again, refocus using the FINE FOCUS KNOB ONLY—

this is critical now—since the stage has now lifted the slide so close to the objective lens it would 

be very easy to smash the objective lens through the slide!  

 

9. Observe the shape of the red blood cells under the scope and describe their shape on your data 
sheet.  Based on the shape of the cells, is the saline solution isotonic, hypotonic, or hypertonic? 

 
Hint – in one saline solution it may be very difficult to find any cells at all, and you may just 

see little bits of “flotsum” on the slide.  Recall that under very hypotonic conditions the cells 

may swell up so much that they undergo lysis. 
 

10. When you are done with the slide, rotate the 4x objective lens back into place, lower the stage all 
of the way down with the coarse focus knob, and remove the slide.  UNDER NO 

CIRCUMSTANCES ARE YOU TO REMOVE A SLIDE WITHOUT SETTING THE 

OBJECTIVE LENS BACKTO 4X AND LOWERING THE STAGE.  Wipe off any fluid 

from the stage with a kimwipe. 

 

11. Repeat with the other four slides. 
 

12. When you are finished, be sure that… 
 

o The lowest power objective lens has been rotated into the locked position over the slide stage. 
o The stage has been lowered all the way down using the coarse focus knob. 
o There is no blood on the stage of the scope (or anywhere else) 
o That the power has been turned off 
o The slides have been properly disposed of in a biohazard box 

 

13. Summon your lab instructor to inspect your scope to be sure that it has been properly shut down. 
 


