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Objectives (Student Learning Outcomes) for This Experiment: 

 

Upon completion of this experiment, the student should be able to determine the following: 

 

1)  the molecular weight of a compound 

2)  the equivalent weight of a compound 

3)  the number of moles of a compound 

4)  the number of equivalents of a compound 

5)  the molarity of a solution 

6)  the normality of a solution 

7)  the w/v concentration method of dilutions 

8)  the normality based on molarity and vice versa 

9)  the proper and safe technique for mixing acids with water 

10)  the proper and safe dilution of an acid or base from a previously prepared solution 

11)  the proper and safe preparation of a solution using solid compounds diluted in water 

12)  the proper use of a graduated cylinder 

13)  the proper use of a beaker 

14)  the proper use of an electronic pan balance 

15)  the correct calculations for and with all of the above, 

 

correctly and properly 100% of the time.   
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An Experimental Approach to the Practicality of Making One’s Own 

Solutions in Biology and Chemistry 

Solutions and Dilutions 

Solutions  

A solution is a homogeneous mixture of two or more substances in which the components are present as 

atoms, molecules or ions. Solutions consist of solutes and solvents.  A solvent is the substance present in 

a solution in the largest amount. Solutes consist of one or more substances present in a solution in an 

amount lesser than that of the solvent.  

Dissolving describes the process of forming a solution when the solvent and solute[s] make a 

homogeneous mixture, e.g., sugar water. 

The Mole  

When you go to the bakery to buy 12 rolls, you are also buying a dozen rolls. When you go to the feed 

store and buy a ton of corn, you are also buying 2000 pounds of corn. When you buy a lot that measures 

about 44,000 square feet, you are also buying an acre. All of these are just another way of saying the same 

thing.  

Chemists do the same thing: when speaking about the number of particles contained in a sample of 

element or compound with its atomic or molecular mass expressed in grams, they are also speaking about 

a mole of that substance. For example, if you look at sulfur on the periodic table, you see that it has a 

mass of 32.1. That means that one mole of sulfur has a mass of 32.1 grams. Since we've discussed the 

mole, we can now put units on the atomic mass that are better than atomic mass units: grams per mol 

(g/mol). If we were to look at chlorine on the periodic table, we now know that it has a mass of 35.5 grams 

per mole. That means that if we have 35.5 grams of chlorine, we have one mole of chlorine -- just another 

way of saying something in another way. 

Let's look at some numerical examples.  

Example 1: Determine the mass in grams of 1.35 mol S. 

Sg
Smol

Sg
Smol 2.43

1

32
35.1 













 

Example 2: Determine the mass in grams of 1.5 mol Cu.  

Cug
Cumol

Cug
Cumol 33.95

1

55.63
5.1 













 

Example 3: Determine the mass in grams of 0.5 mol Ca.  

Cag
Camol

Cag
Camol 04.20

1

08.40
5.0 













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Example 4: Determine the mass in grams of 0.10 mol HCl.  

Solution: This one is slightly different: it involves a compound instead of just an element. Go to the periodic 

table and look up the atomic masses of H and Cl. Add them up (1 + 35.5 = 36.5 g/mol). NOW it's just like 

the other problems. 

HClg
HClmol

HClg
HClmol 65.3

1

5.36
10.0 













 

Example 5: Determine the mass in grams of 0.4 mol acetic acid (HC2H3O2).  

Solution: Do just like the previous example. Go to the periodic table and look up the atomic masses for H, 

C and O (1, 12 and 16 g/mol). Multiply the mass of H by 4, C by 2 and O by 2 – there are 4-H, 2-C and 2-O. 

Add the totals up (4 + 24 + 32 = 60 g/mol). Do it just like the previous problem: 

HOAcg
HOAcmol

HOAcg
HOAcmol 24

1

60
4.0 













 

Example 6: 15 g HCl is how many mol HCl?  

Solution: This is just a variation on a theme we've already done: 

HClmol
HClg

HClmol
HClg 411.0

5.36

1
15 













 

Example 7: 30 g H2SO4 is how many mol H2SO4?  

Solution: Go to the periodic table and find the atomic masses for H (1), S (32.1) and O (16). The molecular 

weight of sulfuric acid is 98 g/mol. 

42

42

42

42
306.0

98

1
30 SOHmol

SOHg

SOHmol
SOHg 













 

Example 8: You have been given 49 g H2SO4. You were told that this was 0.5 mol. What is the molecular 

weight of sulfuric acid?  

Solution: This is easier than it looks. As long as you remember that the units on molecular weight are 

g/mol (read as grams PER mol), you'll always be able to do this sort of problem: 

mol
g

SOHmol

SOHg

SOHmol

SOHg

mol

grams
MW 9898

5.0

49

42

42

42

42 





















  

Molarity  

By definition, molarity (M) is the number of moles of solute (the substance[s] in lesser amounts) per liter 

of solution.  
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Example 1: 36.5 g HCl are dissolved in enough water to make 1 liter of solution. What is the molarity of 

the solution?  

Solution: 

M
L

mol

LHClg

HClmol
HClg

solutionL

solutemol
M 11

15.36

1
5.36 













  

Example 2: 18.25 g HCl are dissolved in enough water to make 250 mL of solution. What is the molarity of 

the solution?  

Solution: 

M
L

mol

L

mL

mLHClg

HClmol
HClg

solutionL

solutemol
M 22

1000

2505.36

1
25.18 





















  

A variation of this has to do with diluting aqueous solutions that are more concentrated to a more dilute 

concentration. 

 

When dealing ONLY with mono-protic acids and mono-hydroxy bases, the following equation will be 

quite useful to you:  

C1V1 = C2V2 

Where C1 is equal to the concentration of the more concentrated reagent and V1 is the volume of the 

more concentrated reagent added to reach the final diluted concentration. C2 equals the concentration 

of the more dilute solution you’re making and V2 equals the final volume of the more dilute solution that 

you’re making. 

Example (and it really helps to memorize the molar concentrations of the more common concentrated 

acids to make your calculations much easier!):  you need to make 100 mL of a 0.1 M solution of HCl.  You 

have 12 M HCl in the manufacturer’s bottle.  How much of the concentrated (con) acid do you need to 

add to water to make the final volume. 

Solution: 

HClconmL0.83x

M12

mL)(100M)(0.1
x

mL)(100M)(0.1(x)M)(12

VCVC
2211









 

Some thoughts:   

1)  When adding con acids to water, ALWAYS add the acid to the water, and,  
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2) NEVER pour the acid in the water as the mixing temperatures can become quite hot and the reactions 

can be quite rapid and can burn you badly, e.g., sulfuric acid makes water boil on rapid addition, 

3)  You WON’T take 0.83 mL of con HCl and add it to 99.17 mL of water because in chemistry it doesn’t 

work that way to make 100 mL due to the attraction of the water to the glass in the graduated cylinder, 

so  

4) You’ll put (via a pipet for very small volumes OR via decanting larger volumes as demonstrated in the 

pre-lab lecturette) the 0.83 mL of con acid in about 50 mL of water and mix it with a glass stirring rod, 

THEN pour that into a graduated cylinder and fill with water to the 100 mL mark and  

5) You’ll then pour the final mixture back-n-forth between the graduated cylinder and beaker 6-10 times 

to mix it properly BEFORE you can use it in your experiment. 

What took 5 steps to write can be written in less than one line:  take 0.83 mL con HCL qs H2O 100 mL.  

This simply means to take your 0.83 mL of con HCl with a quantity sufficient (qs) of water to make a final 

volume of 100 mL. 

You do the same when mixing diluted solutions of bases, as well, again, only using mono-protic acids and 

mono-hydroxy bases. 

So … what do you do when you’re handling a di- or tri-protic acid or di- or tri-hydroxy base?  That’s what 

the next section is for (it’ll work for what we just did above, as well). 

Equivalents 

For most reactions, there is no certain method in which to attain the stoichiometric relationships between 

reactants and products except to write out a balanced reaction. On the other hand, acid-base reactions 

are such that they allow chemists with a little careful thought to bypass the balanced equation in most 

cases. In acid-base neutralization reactions, acids provide protons (H+) and bases provide hydroxide ions 

(OH-). Regardless of the acid-base combination, however, the NET ionic equation for the neutralization 

reaction is ALWAYS exactly the same:  

H+ + OH- → H2O 

Let's suppose that 36 grams of an acid, e.g., HCl, was able to furnish specifically one mole of protons, and 

a base, e.g., NaOH, one mole of hydroxide ions. Since one mole of acid reacts with one mole of base, as 

presented in the neutralization reaction, above, we now know that 36 grams of acid is exactly enough to 

react with 40 grams of the base (how do we know 40 grams?). It is possible to do this without knowing 

what the particular acid or base is. All we absolutely have to know is how much of the acid donates 1 mole 

of protons and how much base it requires to give one mole of hydroxide ions. The type of reasoning we 

have just developed constitutes the basis of defining a chemical quantity called the equivalent, which is 

abbreviated Eq.  

The specific definition depends on whether the reaction is an acid-base reaction or a reduction-oxidation 

reaction. For the purposes of this laboratory experiment, we won’t limit ourselves just to the acid-base 

type of reactions. The definition of an equivalent in either reaction, however, is such that equivalents 

always react in/on a one-to-one ratio. This key concept is summarized, below: 

1 Eq of reactant A reacts with exactly 1 Eq of reactant B 
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The next question is how shall we define equivalents for acids and bases? The definitions are below: 

By definition, an equivalent (Eq) of base is that amount of base that contributes or provides 1 mol of 

hydroxide ion (OH-):  

NaOH  1 mol OH- which is 1 Eq OH- 

Ba(OH)2  2 mol OH- which is 2 Eq OH- 

Al(OH)3  3 mol OH- which is 3 Eq OH- 

By definition, an equivalent (Eq) of acid is that amount of acid that contributes or provides 1 mol of 

hydronium (H3O+) or hydrogen (H+) ion:  

HCl  1 mol H+ which is 1 Eq H+ 

H2SO4  2 mol H+ which is 2 Eq H+ 

H3PO4  3 mol H+ which is 3 Eq H+ 

By definition, an equivalent (Eq) of salt is that amount of salt that will contribute or provide 1 mol of 

positive (OR negative) charges when dissolved or dissociated:  

KCl  K+ + Cl- which gives 1 Eq (1+ or 1- total charges) 

CaCl2  Ca2+ + 2Cl- which gives 2 Eq (2+ or 2- total charges) 

AlCl3  Al3+ + 3Cl- which gives 3 Eq (3+ or 3- total charges) 

There is, therefore, a relationship between moles and equivalents for acids: the number of equivalents 

in one mole of any acid is equivalent to the number of protons that are neutralized when one molecule 

of the acid reacts.  

The number of equivalents in any base may be determined in a likewise manner, although the focus is 

now on the hydroxide groups. Thus, we may now define what an equivalent for bases is: the number of 

equivalents in one mole of the base is equal to the number of hydroxides in one formula unit of the 

base.  

The number of equivalents in any salt (and even in an acid or a base) are determined in a similar manner, 

although the focus is on the total number of positive OR negative charges:  the number of equivalents in 

one mole of any salt (or acid or base) is equal to the total number of positive OR negative charges when 

dissolved or dissociated. 

Remember that we can calculate Molecular Weight by dividing the mass of X mol of substance (in grams) 

by the number of mols ("X") to get molecular weight in g/mol. Using equivalents, we can calculate 

EQUIVALENT WEIGHT, as well. 

In using equivalents, it is most helpful to know the mass of an equivalent of each of the reactants. Earlier 

we discussed a scenario where we used 36 grams of an acid to provide 1 mol (abbreviation for mole) of 

H+ and 40 grams of a base provided 1 mol of OH-. The given quantities each corresponded to one 

equivalent of acid and base. Knowing this likeness establishes a mass relationship between the two 

reactants, which may be utilized in stoichiometric relationships. The weight in grams of one equivalent is 
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called the equivalent weight. Determining the value for a specific chemical is done most simply using the 

molecular weight and having prior knowledge of the number of equivalents per mol. 

Example: PROBLEM: calculate the equivalent weight of aluminum hydroxide (Al(OH)3), assuming it will be 

completely neutralized when it reacts.  

SOLUTION: The formula weight (molecular weight) of aluminum hydroxide is 88 g/mol. Therefore, 1 mol 

of Al(OH)3 has a mass of 88 grams.  

For complete neutralization, 1 mol Al(OH)3 = 3 Eq OH-; therefore, 1 Eq Al(OH)3 = 0.33 mol Al(OH)3.  Since 

0.33 mol Al(OH)3 has a mass of 29.33 grams, 1 Eq Al(OH)3 = 29.33 grams Al(OH)3.  

We could also work this problem with the factor label method and start thusly: 1 Eq Al(OH)3 = ? grams  

To solve this, we multiply conversion factors to manipulate the equation to grams: 

 

Eq

g

OHEq

OHAlmol

OHAlmol

OHAlg
33.29

3

)(1

)(1

)(88
3

3

3






























 

Let's calculate the equivalent weight of AlCl3 -- this has a molecular weight of 133.5 g/mol: 

 

Eq

g

OHEq

AlClmol

AlClmol

AlClg
50.44

3

1

1

5.133
3

3

3






























 

Notice that we used the total number of positive charges (OR negative charges: 3 * 1 = 3) for our 

equivalents. Let's calculate the equivalent weight of sulfuric acid, LiCl and magnesium hydroxide: 

Eq
g

29
Eq2

Mg(OH)mol1

Mg(OH)mol1

Mg(OH)g58
Mg(OH)WtEq

Eq
g

42.5
Eq1

LiClmol1

LiClmol

g42.5
LiClWtEq

Eq
g

49
Eq2

SOHmol1

SOHmol

SOHg98
SOHWtEq

2

2

2

2

42

42

42

42
























































































 

Clinically, the unit milli-equivalent is used (mEq) when measuring serum concentrations of electrolytes, 

e.g., sodium and potassium ions. 

Normality  

In previous experiments and problem sets, the term MOLARITY has been used to express the 

concentration of a solution. If you recall, since MOLARITY is equal to the number of moles of the solute 

per liter of solution, the number of moles of the solute may be determined by simply multiplying 

MOLARITY by VOLUME in liters. This concept allows us to provide the number of moles in some container 

or reaction to a given volume.  

We have now learned of another unit which allows us to express MASS AMOUNTS in a new unit which is 

similar to moles: EQUIVALENTS. If moles are similar to equivalents, then MOLARITY must have a likewise 
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similar unit. This unit is called NORMALITY (N), and is expressed as the number of equivalents per liter of 

solution. 

Put another way:  When we first learned about the mole, we extended our knowledge by studying a 

concentration term called molarity (M = Molar = mol/L). This is a unit that expresses how many mols of a 

substance (solute) are dissolved in one liter of solution. We can use equivalents to do a similar 

concentration term: normality (N = Normal = Eq/L). 

If there is a solution which is expressed as 1 N (1 NORMAL or 1 Normal), this would mean that there is 1 

equivalent of the solute per liter of solution. One would suspect that since normality and molarity are 

similar that there is a relationship between the two concentration units when the concentrations are 

known. This is the case, indeed, table, below: 

N = M x 

N = Normality 

M = Molarity 

x = the number of either H+ OR OH- 

The relationship between the two units relies upon the number of protons or hydroxide ions present in 

the acid or the base – or the total number of positive OR negative charges in a salt (or acid or base, too, 

remember).  

Let’s take, for example, HCl and H2SO4. Using the above equation, if each acid is 0.5 M, the respective 

normalities are 0.5 and 1 N. This is because there is only one H+ in HCl and 2 H+ in H2SO4. Likewise, if we 

were to look at 1 M solutions of NaOH and Ca(OH)2, their normalities would be 1 and 2 N, respectively. 

This is due to the numbers of OH- groups.  

Sometimes calculating the normality isn’t as straight-forward as the above relationship might suggest.  In 

that case, we have to remember that Normality is defined as the number of equivalents of a substance 

that is dissolved in one liter of solution (Eq/L). Let's calculate the normality of a solution that has 40 g 

NaOH dissolved in 1 L of water, and, then, let's calculate the normality of a solution of 29.15 g Mg(OH)2 

that is dissolved in 500 mL of water – note that for neither do we have any molar information. 

2

222

2

22

2

Mg(OH)N2
L

Eq
2

L1

mL1000

OHmL500Mg(OH)mol1

Eq2

Mg(OH)g58.3

Mg(OH)mol
Mg(OH)g29.15Mg(OH)N

NaOHN1
L

Eq
1

OHL1NaOHmol1

Eq1

NaOHg40.00

NaOHmol
NaOHg40NaOHN





































































































 

Dilutions 

Preparation of Solutions  

There are five (5) processes necessary to making a solution (and diluting it) properly: 

1) Determine the volume needed for the experiment.  
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2) Determine the appropriate units, e.g., M, N, m, %, ppm, ad nauseum.  

3) Mass out the solute.  

4) Place the solute in the appropriate container.  

5) Add solvent and mix.  

The volume needed generally reflects the amount of solution that you will need to complete your 

experiment plus a little bit more to cover mistakes. The concentration units you'll need to use are those 

units that will work the best with your experiment. Massing out the solute requires either weighing paper 

or weighing boats, along with spatulas -- remember: if you take it out of the bottle and it's too much, 

toss it (your professor will tell you where to toss it)! Do NOT replace it in the bottle. Placing the solute in 

the appropriate container can be tricky, e.g., you may need a funnel or the like. 

Common Dilution Methods, Concentrations and Calculations  

While these methods have likely reached maturation, they are still used on a regular basis in inorganic 

chemistry with qualitative analysis: 

w/w = weight % = (mass of solute/mass of solution) · 100  

v/v = volume % = (volume of solute (mL)/volume of solution (mL)) · 100  

w/v = weight-volume % = (mass of solute (g)/volume of solution(mL)) · 100  

Examples  

85% w/w HClO4 = 85 g HClO4 per 100 g solution  

10% w/v NaNO3 = 10 g NaNO3 per 100 mL of solution  

30% v/v NaOH = 30 mL NaOH (aq) in a final volume of 100 mL of solution  

Solution Diluent Volume Ratios: 2 Methods  

In spite of the topic heading for this section, solution-diluent volume ratios are defined as the volume of 

the more concentrated reagent in ratio to the volume of solvent to dilute it, e.g., 1:3 = 1 part concentrated 

reagent and 3 parts of water.  There are two approaches to this. 

Method 1 Analytical Chemistry Approach: preparing a 1:3 solution of nitric acid = 1 part of concentrated 

Nitric Acid and 3 parts of Water.  

Method 2 Biochemistry Approach: preparing a 1:3 solution of Nitric Acid = 1 part of Concentrated Nitric 

Acid and 2 parts Water  

ppm  

In general, a 1 ppm (part per million) solution has 1 mg of solute per liter of solution, e.g., 100 ppm NaCl 

= 100 mg NaCl dissolved in a final volume of 1 liter of solution. 
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Containers/Vessels Used in The Biology and Chemistry Laboratory 

Beakers and Erlenmeyer flasks are for PRE-MIXING ONLY -- they are the "mixing bowls" of chemistry and 

biology. Even though they have volumes printed on their sides, at best, they are within MAYBE 25% of 

being correct. 

Graduated cylinders are good choices for measuring volumes of liquids.  

Volumetric flasks (with either rubber, cork or ground glass stoppers) are the most accurate and precise 

vessel to use for solutions that HAFTA have known concentrations within a very tight range, i.e., with 

minimal error. In both graduated cylinders and volumetric flasks, one must use the meniscus of the solvent 

to determine the appropriate volume. In the graduated cylinder, stay at eye level and consistently use the 

same part of the meniscus for volume determinations. Once poured into the graduated cylinder, pour the 

solvent into a beaker with the solute (depending on the solute) and stir to dissolve. In the volumetric flask, 

put the solute in the flask and fill the flask to the line in the neck. Stopper and mix by inversion. If it is 

liquids, invert a minimum of 20 times. If you are dissolving a solid solute, pre-mix the solute with a minimal 

amount of solvent in a beaker and pour into the flask. Rinse the beaker with minimal amounts of solvent 

6-8 times, pouring the rinse washings into the volumetric flask. Fill the volumetric flask to the line with 

solvent using either a pipet, medicine dropper or squirt bottle. Stopper and invert to mix 20 times. 

You’ll find it very helpful for the remainder of the semester to have a periodic table (and this experiment) 

at your disposal when determining mols and equivalents.  Here’s a helpful periodic table for you to use: 

 

Likewise, on top of the following page is a table of concentrated acids’ concentrations and a few dilutions 

that you may find to be of assistance during the course.  One thing to remember is that when we calculate 

based on the con acids’ or bases’ concentrations, we usually round the concentration to the nearest non-

decimal number for ease of calculation, e.g., for HCl, the bottle will say 11.65 M and we’ll round it to 12 

M.  For these courses, it’s close enough.  If you take Analytical Chemistry, then you’ll use 11.65 M. 
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Source:  Accessed 27 July 2017, 1228 hours, PDT:  https://erowid.org/archive/rhodium/chemistry/equipment/molarity.html 

Pre-Lab Exercises 

These exercises are to be completed and entered into Canvas prior to coming to lab.  Failure to complete 

these questions, which includes entering your results into Canvas, shall result in a grade of 0 for this 

entire experiment.  In addition, failure to complete this experiment will impact your future experiments, 

as well, since you’ll be making your own reagents for those experiments without any additional help from 

your classmates or your professor.  Word. 

1.  20 g NaOH are dissolved in 1 L H2O. What is the N of the NaOH solution? 

 

 

2.  25 g HCl are dissolved in 500 mL of water. What is the N of the HCl solution? 

 

 

3.  30 g Sr(OH)2 are dissolved in 750 mL water. What is the N of the Sr(OH)2 solution? 

 

 

4.  150 g H2SO4 are dissolved in 750 mL water. What is the N of the H2SO4 solution? 

 

https://erowid.org/archive/rhodium/chemistry/equipment/molarity.html
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5.  75 g BaSO4 are dissolved in 3 L H2O. What is the N of the BaSO4 solution? 

 

 

6.  A solution is prepared with 565 mg K4Fe(CN)6 in water and diluted to 1375 mL. Calculate the following:  

A) The molarity of the potassium ferrocyanide solution  

 

 

 

 

B) The w/v% of the potassium ferrocyanide solution  

 

 

 

 

C) The ppm of the potassium ferrocyanide solution 

 

 

 

7.  How many mol of H2SO4 do you have if you have 24.5 g H2SO4?  

 

 

 

8. How many mol of NaOH do you have if you have 10 g NaOH?  

 

 

 

9. How many mol of C6H12O6 do you have if you have 45 g C6H12O6?  
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10. How many grams of CuSO4 are present in 0.25 mol of CuSO4? 

 

 

 

11.  How many grams of Al(OH)3 are present in 3.4 mol Al(OH)3?  

 

 

 

12.  How many grams of BaSO4 are present in 0.78 mol BaSO4? 

 

 

 

13.  Determine the equivalent weight for the following compounds; name the compounds:  

A) HCl        B) Ba(OH)2  

 

 

 

C) MgSO4       D) AlF3  

 

 

 

E) SrCl2        F) LiOAc  

 

 

 

G) H2SO4       H) H3PO4 
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14.  You have 10 grams of each of the following: hydrochloric acid, sulfuric acid, potassium dichromate, 

potassium oxalate, sodium sulfate and lithium nitrate. You need to dissolve each in 250 mL of water. What 

is the final M and N of each solution? 

A)  HCl       B)  H2SO4 

 

 

 

 

 

C)  K2Cr2O7      D)  K2C2O4 

 

 

 

 

 

E)  Na2SO4      F)  LiNO3 

 

 

 

 

 

15.  Name the following acids and bases:  

 

A. HCl        F. HBr  

 

 

B. H2SO4       G. NaOH  
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C. H3PO4       H. KOH  

 

 

D. HNO3      I. HNO2  

 

 

E. H3PO3      J. NH4OH 

 

 

Experimental 

Below is a rough diagram of the benches/pods in 329 BRIS: 

 

At Pod 1 (3 students), each student will prepare 100 mL 0.1 N HCl from con HCl.   

At Pod 2 (4 students), each student will prepare 100 mL 0.1 N NaOH using solid NaOH pellets (NOTE:  

NaOH pellets are hygroscopic – close the lid after you’ve got your sample) .   

At Pod 3 (3 students), each student will prepare 100 mL of a 2% (w/v) solution of copper sulfate, using 

copper sulfate pentahydrate.   
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At Pod 4 (4 students), each student will prepare 100 mL 1 M potassium nitrate from solid potassium 

nitrate.   

At Pod 5 (3 students), each student will prepare 100 mL 10 ppm ferric nitrate. 

At Bench 6 (4 students), each student will prepare 100 mL 2 M HCl from con HCl. 

At Bench 7 (4 students), each student will prepare 100 mL 1 N HOAc from glacial acetic acid. 

Students using the ADA benches will double check students’ calculations prior to students preparing these 

solutions.  (If there aren’t enough students to fit this plan, your professor will assign as fits the class.)  Once 

the students have double-checked the calculations of their peers, your professor will triple-check the 

calculations prior to solution prep.  Once your professor has checked you off, you may prepare your 

solutions. 

Once you have your solutions prepared, call your professor over to your bench, who will verify that you 

did exactly as you had calculated.  Once that is done, the solutions are to be disposed of as directed by 

your professor. 

Clean all glassware, dry it off and return it to its proper place.  Make sure to get your experiment signed 

off and you may leave for the day. 

FINAL NOTE: 
Remember to hang onto this experiment in case you forget how to make your solutions:  you’ll be 

making your own solutions in the lab for the remainder of the semester and it’s important that you 

make them correctly or your experiments won’t turn out properly, which will impact your results and 

your experimental score. 


