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Lab Session 2, Experiment 1. Introductory Exercises

These experiments are meant to provide your first experience in the laboratory. If you have prior
laboratory experience, these exercises constitute good review. Conduct the experiments in
whatever order seems convenient. Keep all results to show to your instructor before you leave,
or if requested, to turn in on the separate Report Form.

Weighing
You must learn how to use laboratory balances. As always, the limit of readable precision of the
scale should be recorded.

When approaching the balance you will need the following:

1. The substance to be weighed:;

2. Any container or holder for the sample while on the balance;

3. Any sample handling device such as a spatula; and

4. Your notebook and a pencil or pen to record your measurement.

Balances in this laboratory have a semi-automatic tare (an allowance for mass of the container or
holder). On an electronic balance, "tare equals zero" is set by depressing the bar, which is also
the on/off switch: up for off, down for on, down again to tare. These balances have an automatic
range selector that will change the readout precision automatically to = 0.01 g when the gross
mass on the pan is over 35 g. The measurement precision for small masses is best if very light
containers are used, such as the glassine weighing paper for dry solid samples. The precision for
samples less than 30 g gross mass is + 0.001 g.
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1A Experiment: Mass
1. Select five pennies from your resources. Include a new shiny one if possible. Dates are
useful for keeping them in order.

2. Without taring, place a sheet of paper on the pan. Read and record its mass in the table on
this page. When possible, use the cover to protect the pan from air drafts to obtain higher
precision.

3. Add the pennies to the pan one at a time, reading the mass after each addition. Enter each in
the table below in the column entitled "Cumulative Mass." Keep the pennies in order.
Calculate the mass of each penny by subtracting; record the differences in the column
entitled "Mass by Difference."

4. Remove all the coins and weigh each individually, taring to zero. Record the mass of each
coin in the table in the column entitled "Direct Weighing."

5. Calculate the mean or average mass (m ) of the pennies: m = (Z m)/ n.

6. Calculate the absolute deviation (d :‘m —m|) from the mean of each mass (direct weighing)
and then determine the Average Deviation: d = (z d)/ n.

Cumulative Mass Direct Deviation
Source Mass by Difference Weighing from Mean
Weighing Paper g

1% penny g g g g

2" penny g g g 9

3" penny g g g g

4" penny g g g g

5 penny g g g g
Average: g g

Consider two hypotheses:

1. All Lincoln-head pennies are manufactured with equal mass (within £ 0.001 g), but their
various histories result in different masses when measured.

2. New Lincoln-head pennies are lighter than older ones.

Observation is complicated by the various histories of the pennies. Some typical problems in
chemistry are illustrated here. Most obviously, the state of corrosion of the pennies represents an
uncontrolled experimental variable which can be important. Had we used non-circulated coins,
we would have expected better precision. On the other hand, pennies may not be very uniform
even when new. Another question arises: How much experimental difference is sufficient and
how consistently must it be observed for us to consider two data sets, or groups of data sets as
distinctly different? This is an important question for which statistical methods provide answers.
Which hypothesis do you choose, and why?
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Density

Density is defined as the ratio of the mass of a sample to its volume. Mass and volume are
extensive properties of matter -- properties that depend on the quantities of substances. Such
properties are not of themselves useful in characterizing substances.

Intensive properties, on the other hand, are useful in characterizing substances. Intensive
properties are often determined by ratioing two extensive properties measured at constant
temperature (T) and pressure (P). Density is an example of this kind of intensive property.
When measured under known conditions of T and P, density can be used to characterize
substances. Of course, two or more substances may have the same density, but for a given
substance there is only one density (at constant T and P). If you determine that a colorless liquid
has a density of 1.00 g/mL at 4° C and 1 atm, this does not prove the liquid is water. This fact is
simply one piece of evidence that the substance may be water.

1B Experiment: The Density of Water at Room Temperature

1. Collect a small beaker of deionized water and measure its temperature.
T= °C

2. Place a clean dry 10 mL graduated cylinder on the balance and tare it to zero. Carefully
transfer nearly 10 mL (but less) of water into the cylinder, taking care not to splash water up
on the sides (read the mass to = 0.001 g).

"Weight" = Mass of H,0 = g

3. Carefully read the volume occupied by the water at the bottom of the meniscus holding the
cylinder at eye level. The volume should be read to £ 0.02 mL.

Volume of H,0 = mL

4. Calculate the density of water at the current temperature, noting the number of significant
figures.

D = Mass of H,O/volume of H,0 = g/mL

5. Consult the Table of Water Densities (below) and calculate the percent error in your
determination according to the following formula.

%Error = [|Drag—Dexp|+D1a]*100 = %Error

Table of Water Density at Various Temperatures

T,°C D, g/mL T,°C D, g/mL T,°C D, g/mL
15 0.9991 20 0.9982 25 0.9970
16 0.9989 21 0.9980 26 0.9967
17 0.9987 22 0.9978 27 0.9965
18 0.9986 23 0.9975 28 0.9962
19 0.9984 24 0.9973 29 0.9960

12



1C Experiment: The Density of a Metal

Different metals are furnished for this determination, either as cylindrical rods or as pellets or
shot. In this experiment, you will determine the mass of a metal sample and its volume, then
calculate its density.

1. Start with a 10 mL graduated cylinder about half filled with H,O. Read the volume of water
in the cylinder. Volume of H,0 = mL

2. Puta cylindrical metal rod or a sample of metal pellets or shot into the water so that the
entire sample is submerged. Read the volume occupied by the water and the metal. Obtain
the greatest change in the water level consistent with having all the metal sample submerged
with no bubbles adhered to the surface of the sample. You may have to thump or jostle the
cylinder to get rid of bubbles.

Volume of H,O + Volume of metal = mL
3. The difference in the two volumes is the volume of the metal sample.
Volume of H,O + Volume of metal = mL
- Volume of H,O = mL
= Volume of metal = mL

4. Thoroughly dry the metal pieces and weigh them. Use brown paper towels to absorb most of
the water, then a hair dryer if available.

"Weight" = Mass of metal = g
5. Calculate the density of the metal and pick the metal from the Table of Metal Densities
(below). D = Mass of metal + Volume of metal = g/mL
Metal name Metal symbol

Table of Metal Densities (g/mL)

Metal D, g/mL Metal D, g/mL Metal D, g/mL
Aluminum 2.70 Iron 7.87 Tin 7.29
Antimony 6.62 Lead 11.34 Titanium 451
Bismuth 9.80 Magnesium 1.74 Tungsten 19.30
Copper 8.94 Molybdenum 10.22 Zinc 7.13

1D Experiment: Length

1. While you are thinking about the precision of reading a balance, select a wooden splint and
measure its length on the inch scale and the centimeter scale.

Length = inches. Length = cm

2. Convert the length in inches to length in centimeters using the factor 2.54 cm/in. Pay
attention to the significant figures in your results.

Length in inches converted to length in centimeters = cm
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Adjusting a Bunsen Burner

When selecting a burner, check to see that the gas needle valve on the bottom will close
completely. Also check to see that the barrel of the burner will screw in and out so that the air

supply to the flame can be controlled.

With the burner gas valve off and the
hose connected to the burner and the
bench gas cock (see Figure 2.1), turn
the bench gas cock fully on and check
for leaks around the burner with a
match. With the air vents closed, open
the burner gas valve and light the
flame. The flame should be yellow and
luminous.

Stick a test tube into the flame briefly.
You should observe a deposit of carbon
black on the tube. When hydrocarbons
such as methane [CH4 (natural gas)]
burns in too little air (oxygen), the
reaction is:

Figure 2.1

CHg (gas) + O2 (gas) = C (so1) + 2 H20 (i)

With a bit more air, the flame becomes hotter and blue, but carbon monoxide is formed:

Now adjust the air supply -- you may also have to adjust the gas with the
burner valve -- until the flame resembles Figure 2.2. This is the hottest flame
and is characterized by a blue inverted cone shape within the flame that is the
so-called reducing flame. A little above the apex of the cone is the hottest
area in the flame, reaching temperatures around 1500°C.

Towards the top of the flame, conditions are oxidizing (high temperatures,
excess Oy). The well-adjusted flame completely converts methane and

oxygen to carbon dioxide and water:

CHy (gas) + 2 O2 (gas) > CO2 (gas) + 2 H20 (iig) Figure 2.2
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1E Exercise: Understanding Flames

Take a wooden splint and hold it with its edge resting on the top of the burner. Notice how the
splint is burned only on the edges of the flame. The flame under the cone is relatively cool

(about 350 °C). Higher in the flame, the splint ignites uniformly. Show the splint to your
instructor along with the rest of today's results.

To turn off the Bunsen burner, execute the lighting procedure in reverse. Shut the gas valve at
the base of the burner, then close the close the bench gas cock.
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Report Form 1: Introductory Exercises Name

Partner Section #
Cumulative Mass Direct Deviation
Source Mass By Difference Weighing From Mean
Weighing Paper -

1% penny g g g 9

2" penny g g g g

3" penny g g g g

4™ penny g g g g

5" penny g g g g
Average: g g

1B Experiment: The Density of Water at Room Temperature
T= °C

"Weight" = Mass of H,0 = g

Volume of H,0 = mL

D = Mass of HyO/volume of H,0 = g/mL

%Error = [|Drag—Dexp|+D1a]*100 = %Error

gk wn e

1C Experiment: The Density of a Metal

6. VolumeofH,O=_ mL

7. Volume of H,O + Volume of metal =
8. Volume of metal = mL

9. "Weight" = Mass of metal = g
10. D = Mass of metal + Volume of metal = g/mL

mL

1D Experiment: Length

11. Length = inches Length = cm
12. Length in inches converted to length in centimeters = cm

1E Exercise: Understanding Flames
Show the splint to your instructor along with the rest of today's results.
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Lab Session 3, Experiment 2: Oxygen

Oxygen is the most abundant element on or near the surface of the earth. Oxygen is present in
large quantities in the air, water, rocks, and minerals. Oxygen combines with almost all other
elements to form compounds that are called oxides of these elements.

Oxygen is not highly active (or reactive) at room temperature, but at higher temperatures its
activity (or reactivity) increases markedly.

Oxygen may be prepared in a number of ways. Liquefied air is the source of commercial
quantities of oxygen. Electrolysis of water is sometimes used to obtain small quantities of
oxygen (and hydrogen). The most common laboratory method is the thermal decomposition of
oxygen-containing compounds. This does not imply that any compound that contains oxygen is
a ready source of oxygen.

Metal oxides that are soluble in or react with water give basic solutions. These oxides are called
"basic oxides" or "basic anhydrides™”. Oxides of nonmetals that are soluble in or react with water
give acidic solutions, and these oxides are called "acidic oxides" or "acid anhydrides".

In this lab session, you will explore several factors that influence the speed of a chemical
reaction. These are temperature, concentration, and use of a catalyst. A catalyst is a substance
that changes the speed of a reaction, but is not consumed and may be recovered at the end of the
reaction. lIdeally then, a catalyst can be used over and over again.

Procedural Note: This is the first experiment in which you must acquire a sample of a solid
crystalline powder from a reagent bottle. Certain rules should be followed when securing
reagents from a reagent bottle to prevent contamination of the reagent. It is bad procedure (thus
it is forbidden) to insert a spatula into a reagent bottle. It is equally improper to return unused
portions of a chemical to a reagent bottle. Thus, when securing a solid reagent (such as BaOo,

PbO,, KCIO3 or MnO;, in this experiment), you should take a beaker or watch glass with you and
pour the needed amount of solid reagent into the beaker or watch glass. Alternatively, you may
take a piece of filter paper or weighing paper to the reagent shelf and pour the solid on the paper.
Excess solid reagent should be disposed of rather than returned to the reagent bottle. If the solid
in the reagent bottle cannot easily be poured because it has acquired moisture and lumped or
hardened, ask your lab instructor for help.

The same rules apply to liquid reagents. When obtaining a liquid reagent (either a solution or a
pure liquid) from a reagent bottle, no objects (such as eyedroppers or pipettes) should be inserted
into the reagent bottle. Liquid reagents should be poured from the reagent bottle into an
appropriate container, or secured through the delivery/dispensing system provided. Excess
liquid should not be returned to the reagent bottle.
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2A Experiment

1. Clean and dry your large test tube. Add

KCIO3 to the test tube to a height of 2 - 3
cm; add, using a spatula, a pinch of
catalyst, MnO,. Mix well. Mount the test
tube to a ring stand as shown in Figure 3.1.
Check to make sure that the glass tube
through the rubber stopper fits tightly, that
the rubber stopper fits tightly in the test
tube, and that the rubber tube for delivery
to the pneumatic trough fits tightly on the
glass tube through the rubber stopper. The
rubber tubes may need to be secured by a
hose clamp or by wire windings. Tight fits
prevent oxygen loss to the atmosphere.

2. Prepare to collect oxygen by displacement .
of water. You will need two 8 0z bottles of 1
oxygen, so before initiating the '

decomposition of KCIOs, fill, invert, and S/
position in the pneumatic trough both U
bottles. Heat the test tube, gently at first, to

start the decomposition. After each bottle [

is filled, cover the mouth of the bottle with
a watch glass, remove it from the trough,

and set it right side up on the desk. Figure 3.1

2 KCIO3 (sol) _ Caalyst o 9 KC|(SO|) + 3 O3 (gas)

(a) What does the collection of oxygen by displacement of water indicate about the solubility
of O, in water?

(b) List four physical properties of oxygen.

(c) What is the purpose of MnO,?
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3. Add about 10 mL of water to each of the oxygen-filled bottles. Move the watch glass aside
slightly and lower a glowing splint into the bottle. Allow the combustion to continue for
several seconds. Remove the splint, cover the bottle, and swirl to mix the water and gas.

(d) What gas was produced by the combustion?

(e) Write the equation for the reaction between the gas produced and the water.

(F) Test the solution formed with litmus paper. What do you observe?

(9) Classify the oxide formed by the combustion as acidic or basic:

4. Under the hood, place a small amount of sulfur in a combustion spoon. Ignite the sulfur with
the burner flame. Lower the burning sulfur into the second oxygen bottle.

(h) Record your observations.

(i) What gas is produced by the combustion?

(J) Write the equation for the reaction between the gas and water.

(K) Test the solution in the bottle with litmus paper. What do you observe?

(I) Classify the oxide formed by the combustion of sulfur as acidic or basic:
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Report Form 2: Oxygen Name

Partner Section #

(@) Is O soluble or insoluble in water?

(b) List four physical properties of oxygen.

(c) What is the purpose of MnO,?

(d) What gas was produced by the combustion?

(e) Write the equation for the reaction between the gas produced and the water.

(F) Test the solution formed with litmus paper. What do you observe?

(9) Classify the oxide formed by the combustion as acidic or basic:

(h) Record your observations.

(i) What gas is produced by the combustion?

(1) Write the equation for the reaction between the gas and water.

(K) Test the solution in the bottle with litmus paper. What do you observe?

(I) Classify the oxide formed by the combustion of sulfur as acidic or basic:
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Lab Session 4, Experiment 3: Preparation of Sodium
Chloride

Sodium chloride will be synthesized by reacting sodium bicarbonate with hydrochloric acid. The
reaction equation is shown below:

NaHCO3 + HCly) —> NaClp) *+ HxO@g +  CO

(sol) (gas)
84.01¢g 36.46 g 58.44 g 18.02 g 440149

The quantitative interpretation of the reaction is as follows: 84.01 g (1 mol) of sodium
bicarbonate reacts with 36.46 g (1 mol) of hydrochloric acid to generate 58.44 g (1 mol) of salt,
18.02 g (1 mol) of water, and 44.01 g (or 1 mol) of carbon dioxide. Of course the starting
quantity of NaHCO3 may be more or less than 84.01 g, but a proportionate quantity of the
hydrochloric acid will be consumed, and proportionate quantities of the products will be formed.
For example, should 100.00 g of NaHCOg3 react with excess acid, the theoretical mass of salt
produced would be calculated as follows:

58.44 g sodium chloride | 100.00 g sodium bicarbonate _ 69.55 g sodium
84.01 g sodium bicarbonate | ~ chloride

Note that when a bicarbonate is reacted with excess acid, the salt produced is the only substance
not readily volatile. That is, the unreacted acid, the water, and the carbon dioxide are easily
removed by heating.
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3A Experiment
Chemicals needed: sodium bicarbonate, concentrated hydrochloric acid.

1.

7.

Accurately weigh an empty, dry evaporating dish, and record its mass in blanks (b) and (e) in
the table below.

Add to the dish about 5 g of NaHCO3 and weigh again. Record the mass in blank (a) in the
table below.

Add 5 to 6 mL of distilled water to the dish to wet the bicarbonate. Cover the dish with a
watch glass.

Move the watch glass aside slightly and add, in small portions, about 6 mL of concentrated
hydrochloric acid from a 10 mL graduated cylinder. These small portions of acid should be
added so that the acid runs down the inside wall of the evaporating dish. After the addition

of 6 mL of acid, continue adding acid only as long as CO, (gas) continues to be evolved.

Remove the watch glass and evaporate to dryness over a water bath (the evaporating dish is
placed on top of a beaker containing boiling water).

Next, heat the dish on wire gauze with the burner for about 3 minutes. Allow the dish to cool
and weigh accurately. Again, heat the dish, cool, and weigh. Continue heating and weighing
until the dish reaches constant mass. Record this constant mass in blank (d) in the table
below.

(@) Mass of dish and NaHCO3

(b) Mass of empty dish

(c) Mass of NaHCO3 [(a)—(b)]

(d) Mass of dish and residue

(e) Mass of empty dish (b)

(F) Mass of NaCl residue [(d)—(e)]

Q QK K|«

In the reaction studied, what reactant was present in limiting quantity?

3B Calculations

1.

2.

Calculate the theoretical yield of NaCl.

58.44 g NaCl | gNaHCO;  _ 0 NaCl
84.01 g NaHCO; |
Calculate the percentage yield of NaCl.
Actual yield x 100 R ¢ ) _ 0
Theoretical yield  — y_ < 0= &



3C Exercises

In the following problems, show calculations:

3. What theoretical mass of NaCl would result from reacting 60.00 g of NaHCO3 with excess
HCI (aqueous)?

58.44 g NaCl | 60.00 g NaHCO;
84.01 g NaHCO; |

g NaCl

4. What theoretical mass of NaCl would result from reacting 3.00 moles of NaHCO3 with
excess HCI (aqueous)?

3.00mol NaHCO; | 1molNaCl | 58.44 g NaCl
| 1mol NaHCO; | 1 mol NaCl

g NaCl

5. What mass of CO, would be generated along with 35.00 g of NaCl?

35.00gNaCl | 4401gco, _
58.44 g NaCl | ) 90,
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Report Form 3: Preparation of Name
Sodium Chloride Partner Section #

3A Experiment

(@) Mass of dish and NaHCO3

(b) Mass of empty dish

(c) Mass of NaHCOg3 [(a)—(b)]

(d) Mass of dish and residue

(e) Mass of empty dish (b)

(f) Mass of NaCl residue [(d)—(e)]

(o} (ojloll{eol (eNil{e]

In the reaction studied, what reactant was present in limiting quantity?

3B Calculations
1. Theoretical yield of NaCl.

2. Percentage yield of NaCl.

3C Exercises

3. What theoretical mass of NaCl would result from reacting 60.00 g of NaHCO3 with excess
HCI (aqueous)?

4. What theoretical mass of NaCl would result from reacting 3.00 mol of NaHCO3 with excess

HCI (aqueous)?

5. What mass of CO, would be generated along with 35.00 g of NaCl?

25



Lab Session 5, Experiment 4 Chemical Nomenclature

Objective:
To learn how to read and write formulas of compounds

Background:
Many of the substances you will encounter in this laboratory are ionic compounds. They

are made up of ions which have an unequal number of protons and electrons. Ion is a
charged species. If an element loses an electron, is it called at cation resulting in a
positive charge. If an element gains an electron, is it called an anion resulting in a
negative charge. Atoms of metals usually lose electrons. Atoms of nonmetals typically
gain electrons. A polyatomic ion is a group of atoms that are bonded together and have
an unequal number of protons and electrons.

Ionic compound names are read by stating the name of the cation, followed by the name
of the anion. The formulas are written as:
(cation)*” (anion)”
(cation)y(anion)y

The subscripts (x and y) are the smallest possible whole numbers that would make
the total charge equal to zero. Ifa subscript is 1, it is omitted. If the ion is a
polyatomic ion and the subscript is not one, then parentheses are placed around the
polyatomic ion’s formula before writing the subscript. The charges of the ions are not
included in the formula of the compound. The charge of the ion is only written when the
formula of the ion is written by itself.
There are two situations of naming inorganic compounds.
e Group A metal and a nonmetal: group A metals are simple ions

1. Just name the cation as its elemental name.

2. Just name the anion, changing the ending to —ide.

AICl; — aluminum chloride
Li,S — lithium sulfide
CazP, — calcium phosphide
K,0 — potassium oxide

e Group B metal and a nonmetal: group B metals have changing charges

1. Determine charge on the cation

2. Name the cation

3. Place roman numeral after the cation to indicate its charge

+1 =1
+2 =11
+3 =111
+4 =1V
+5=V
+6 =VI
+7 = VII
+8 = VIII
+9 =1X

+10=X



4.

Name the anion with an —ide ending.
FeCl, — iron (II) chloride
FeCl; — iron (III) chloride
SnO; — tin (IV) oxide
SnO — tin (II) oxide
e With a polyatomic:
1. With a group A metal: name the cation ion, and then name the
polyatomic
2. With a group B metal: determine the charge, name the cation, use a
roman numeral, and then name the polyatomic
3. With a polyatomic cation: name the cation, name the nonmetal anion
with —ide ending
4. With two polyatomics: just name each of them in order

Example: Tons: Ca’" and C1"

Formula: CaCl,
Name: Calcium chloride

Example: Tons: NH; and SO4*

Formula: (NH4),SO4
Name: Ammonium sulfate

Compounds composed of two nonmetals usually are not ionic, but covalent. Therefore,
there are no ions, only atoms bonding together. Formulas of compounds such as these
are written so that the subscripts (x and y) are whole numbers. If not specified, a
subscript of 1 is implied. Use the following rules for naming binary compounds:

1.

[98)

If MORE than one atom of the first element is present in the formula, state the
prefix corresponding to that number. Do not use a prefix if there is only one atom
present.

State the name of the first element.

Always state the prefix corresponding to the subscript of the second element
(mono for one).

State the name of the root of the second element followed by the suffix —ide.

The following list includes the prefixes corresponding to the number of an
element’s atoms present in the formula.

mono = 1 hexa=6 tetra=4 nona=9
di=2 hepta =7 penta =5 deca=10
tri=3 octa=38

Example: Formula: OF,

Name: Oxygen difluoride

Example: Formula: P,Os

Name: diphoshorous pentoxide

Example: Formula: CO

Name: carbon monoxide



List of polyatomic ions:

OH Hydroxide 303'2 Sulfite
NH4+ Ammonium HSO = Hydrogen sulfate
NO. Nitrate ! (or bisulfate)
= — HSO. Hydrogen sulfite

NO, Nitrite ’ (or bisulfite)

- 3
ClO, Perchlorate PO, 2 Phosphate
ClO. Chlorate HPO = Hydrogen

3 4

) Chlorite phosphate
clo, H PO Dihydrogen
ClO Hypochlorite > phosphate

3 .
CO3_2 Carbonate PO, Phosphite
HCO3- Hydrogen MnO4 Permanganate
carbonate (or CrO 2 Chromate
bicarbonate) 4

CN Cyanide C,0, Oxalate
C2H302_ (or Acetate Cr207_2 Dichromate
CH,CO0") Hg2+2 Mercury (I)
s0,” Sulfate

Experimental procedure:

1. Group 1A metal atoms tend to lose 1 electron and become a cation with a charge of
1+. Typically, so does silver (Ag). Write the formulas of the ions provided on the
data summary sheet.

2. Group 2A metal atoms tend to lose 2 electrons and become a cation with a charge of
2+. Typically, so does zinc (Zn) and cadmium (Cd). Write the formulas of the ions
provided on the data summary sheet.

3. Group 3A metal atoms tend to lose 3 electrons and become a cation with a charge of
3+. Write the formulas of the ions provided on the data summary sheet.

4. Transition metal atoms may lose a variable number of electrons, depending on the
reaction condition. Also some of the larger representative metals can form more than
one cation. If two or more charges are possible, it is necessary to specify the charge
by using a roman numeral in parenthesis after stating the name of the cation. Write
the formulas of the ions provided on the data summary sheet.

5. Atoms of the nonmetals in Group 7A (the halogens) tend to gain one electron and
become anions with a charge of 1-. The name of an anion is composed of the root of
the nonmetal’s name and the suffix —ide. Write the formulas of the ions provided on
the data summary sheet.

6. Atoms of nonmetals in Group 6A tend to gain two electrons and become anions with
a charge of 2-. The name of the anions is composed of the root of the nonmetal’s
name and the end with a suffix of —ide. Write the formulas of the ions provided on
the data summary sheet.




7. On the answer sheet write the correct formula for the ionic compounds.
8. On the answer sheet write the name of the ionic compounds. For the compounds

containing metals that can form more than one cation, be sure to include roman

numerals.

composed of nonmetals.

Naming Compounds Flow Chart

Is the compound binary?

9. On the answer sheet name the binary compounds composed of nonmetals.
10. On the answer sheet write down the correct formula for the binary compounds

no yes
Is a polyatomic present? Does it contain a metal?
yes
Is it a transition metal?
no yes
v
Rules Rules Rules Rules
1. Name the 1. Name the first 1. Just name the 1. Determine charge
cation. element as a cation. on cation.
2. Use Roman cation. 2. Name the anion 2. Name the cation.
numerals only if 2. Name the (-ide ending). 3. Specify the
transition metal is second element as 3. Use no prefixes charge on the cation
present. anion (-ide 4. Use no roman with roman
3. Just name the ending). numerals. numerals.
polyatomic anion. 3. ALWAYS use 5. Includes Ag*, 4. Name the anion (-
4. Use parenthesis prefixes on the Zn*?, cd*™ ide ending).

is more than one if
present.
5. Use no prefixes.

anion.

4. Use prefixes on
cation only if more
than one is
present.

5. Use no roman
numerals.

6. Excludes In, Sn,
Pb, TI, Bi

5. Use no prefixes.
6. Excludes Ag™,
Zn*?, cd™

7. Includes In, Sn,
Pb, TI, Bi




NOTES



NOTES



Lab Session 5, Experiment 4 Chemical Nomenclature

Name:

Date:

Instructor:

DATA SUMMARY SHEET
CHEMICAL NOMENCLATURE

a) Sodium ion 1) Strontium ion
b) Lithium ion m) Cadmium ion
c) Potassium ion n) Aluminum ion
d) Cesium ion o) Iron (II) ion
e) Rubidium ion p) Iron (IIT) ion
f) Silver ion q) Tin (II) ion
g) Magnesium ion r) Tin (IV) ion
h) Barium ion s) Copper (I) ion
1) Beryllium ion t) Copper (II) ion
J) Zinc ion u) Lead (IT) ion
k) Calcium ion v) Lead (IV) ion
Anions:
a) Fluoride ion e) Oxide ion
b) Bromide ion f) Selenide ion
c) Chloride ion g) Sulfide ion

d) Iodide ion h) Telluride ion



Write the correct formula for the ionic compounds.

a) Silver Selenide

b) Tin (IV) hydroxide

c) Potassium sulfate

d) Lithium sulfate

e) Ammonium sulfate

f) Barium carbonate

g) Magnesium carbonate

h) Cobalt (IT) bromide

1) Sodium oxide

j) Barium bromide

k) Aluminum iodide

1) Zinc chloride

m) Silver phosphate

n) Ammonium phosphate

0) Cadmium fluoride

p) Magnesium hydroxide

q) Rubidium sulfate

r) Lithium hydroxide

s) Mercury (II) oxide

t) Aluminum permanganate

u) Zinc sulfate

v) Lead (II) acetate




a) Sodium chloride

b) Magnesium chloride

c) Mercury (II) nitrate

d) Zinc nitrate

e) Tin (IV) oxide

f) Cobalt (IT) hydroxide

g) Ammonium sulfide

h) Sodium bicarbonate

1) Tin (II) phosphate

j) Iron (IT) sulfide

k) Aluminum dichromate

Write the name of the ionic compounds. For the compounds containing metals that can form
more than one cation, be sure to include roman numerals.

a) K,S

b) CaCl,

C) Na2C03

d) FC(N02)3

e) FC(NO3)2

f) Zn3(P04)2

g) BaBn

h) AgCl

i) CaSO4

j) MgSO0;




k) Sn3(PO4)4

1) NaBr

1’1’1) NaZSO4

1’1) K3PO3

O) Cu(NO3)2

Name the covalent compounds composed of nonmetals.

a) CF,

b) P4O10

C) SFs

d) S:F,

e) SO;

f) PCls

g) NO

Write down the correct formula for the covalent compounds composed of nonmetals.

a) Phosphorous pentachloride

b) Carbon tetrachloride

c) Carbon dioxide

d) Dinitrogen trioxide

e) Dihydrogen monoxide

f) Another name for dihydrogen monoxide is:




Lab Session 6, Experiment 5: Hydrogen and the Activity
Series of Metals

An activity series is a listing of chemical species in order of increasing (or decreasing) reactivity.

Metals (be sure you can locate them on the periodic table) tend to react by losing one or more
electrons (per atom). Non-metals tend to gain electrons when they react. When a metal, or any
chemical species, loses electrons, it is said to be oxidized. The word "oxidized" is used by
chemists to refer to the process that usually happens when atoms react with oxygen. Metals are
considered more active since they are more easily oxidized. One way an activity series may be
determined is to observe the spontaneity of reaction of a set of metals with a single oxidizing
agent.

The oxidizing agent used in most of the experiments in this lab session will be hydrochloric acid
(aqueous hydrogen chloride). In fact, any strong acid would do because the chemical entity

actually taking the electrons from the metals is the hydronium ion, H3O+(aq), which is present in
all strong aqueous acids. Frequently, this species is simply called the hydrogen ion, or even the
hydrated proton, H+(aq), since in aqueous solution it is hydrated.

The product formed when H+(a3) is the oxidizing agent is Hy (gas), neutral molecular hydrogen,
which can only be formed if H' (,q) can take an electron from the metal.

The ion formed from the metal in the reaction depends on the chemical nature of the metal.
Periodic Groups IA, 1lA, and I11A are very consistent in this matter. Group IA metals form +1
ions, etc. Transition metals are not as predictable, but the charges on their cations are known
from experiment. This knowledge is imparted to you by the charge shown in parentheses after
these metals on the activity series furnished below.

32



Activity Series for Metals
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5A Experiment

1. The relative activity of some metals with acid will be observed.

2. Pick up a small sample of each of the following metals: granulated zinc, tin, lead, copper,
iron, aluminum, and magnesium. If granules are not available, magnesium ribbon and
aluminum turnings or wire will do. Place each metal in its own test tube. The smallest
amount you can see is the right amount. Using too much of an active metal may cause the
reaction contents to bubble out of the test tube.

To each in succession add 2 mL of 6 M HCI and observe the reaction.

4. When you have tested all the metals, list them in order of decreasing reactivity and compare
your results with the order given in the activity series furnished. Judge the activity by speed
of gas evolution and heat given off.

Most Least
Active Active

5B Experiment
An active metal reacts with oxygen and also reacts with hot water. As shown on the activity

series, most metals will react with oxygen at one atmosphere (in air, the partial pressure of O, is
only 0.2 atm) to produce an oxide. Less active metals, which do not react with cold water, will

react with hot water to release Ho.

1. Hold a 3 inch piece of magnesium ribbon by one end with your tongs. Light the other end in
the burner flame. (Careful, do not look directly at the flame; it is very bright.) Now quickly
plunge the burning ribbon into a 400 mL beaker of boiling water. How can it continue to
burn without the oxygen of the air?

2. Complete the two following equations:
_ Mg (i + 02 (gas) —

Mg oty + ___ H20 (i) ~

At an elevated temperature, Mg(OH), will dehydrate to MgO as shown in the activity series, but

here the sparingly soluble base, Mg(OH),, may be detected in water by turning litmus blue.
Since either a metal hydroxide or oxide will react with an acid to form a salt (and water, in the
case of hydroxide), the salt will always be a product when metal oxidation is done by acid, even
if the most active metals are involved.
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5C Experiment
Apparently, activity is affected by conditions of concentration and temperature.

Part 1: More concentrated acid is a stronger oxidizing agent than dilute acid.
1. Put1mL of 6 M HCl in a 10 mL graduated cylinder and add 9 mL of water, then mix.

2. Place two similarly sized pinches of granulated zinc in two test tubes. To one add 6 M HCI
and to the other the dilute HCI.

3. What do you observe?

Part 2: If the metal is more finely subdivided, more contact between metal and acid occurs.
1. Place a pinch of zinc dust in a test tube and add 6 M HCI.
2. Compare this reaction to that of granulated zinc treated with 6 M HCI.

Part 3: The reaction rate activity should be enhanced at increased temperature.
1. Take a pinch of granulated tin and add 2 mL of 6 M HCI.

2. After noting the activity, heat carefully in a hot water bath.

3. What do you observe?
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Name

Partner Section #
Report Form 5: Hydrogen and the
Activity Series of Metals
5A Experiment
Most Least
Active Active

5B Experiment
Mg+ O2(gas) —

Mg (so) + H20 (1iq) =

5C Experiment

Part 1: Observation

Part 2: Observation

Part 3: Observation
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Lab Session 7, Experiment 6: Charles’ Law

The purpose of this experiment is to study the changes in the volume of a gas with changes in
temperature at constant pressure.

Rubber Tubing
6A Experiment

Clamp

1. Useath hly dried 125 mL Erl
se a thoroughly drie mL Erlenmeyer o]}

flask for this experiment. If it is not dry,
rinse the flask with a small amount of
acetone or ethanol and place it upside-down
on a paper towel to dry.

-/\ Thermometer
ey

2. Fit the flask with a one-hole rubber stopper
inserted with a short piece of dry glass
tubing. Add rubber tubing to the end of the
glass tube and assemble the apparatus as
shown in Figure 10.1, using the125 mL flask
and a 400 mL beaker. Be sure that the -
stopper fits tightly in the flask, the glass
tubing fits tightly in the rubber stopper, and Tripad
the rubber tubing fits tightly on the glass
tubing. (The latter may require a hose clamp Bumer
or wire winding.) Leave a 1 cm gap between
the bottom of the flask and the beaker.

3. Pour water into the beaker until as much of 1
the flask is covered as possible. a) Y

Ryl

o . i

4. Using a Bunsen burner, heat the water in the
beaker until it boils and then continue to heat Figure 10.1
for 5 minutes. At this point determine the
temperature of the water by means of a 110 ° C thermometer. Read the thermometer while
its bulb is immersed in the water and record the reading as entry (c) in the data table below.
Make sure the thermometer does not touch the beaker.

5. After the water in the beaker has been boiling for about 5 minutes, place a screw clamp (or a

pinch clamp) on the rubber tubing. While the water is still boiling, close the clamp in order
to make the flask airtight. Turn off the Bunsen burner by closing the gas valve at its base,
then turn off the gas at the bench gas cock.

6. Loosen the ring stand clamp, remove the flask from the beaker, and immerse it in the water
in the stoppered end sink nearest your work area. It should be cooled upside-down in the
sink for about 5 minutes, with the stopper and tubing completely immersed in water
throughout this period. At the end of this time, loosen the screw clamp while the end of the
tube is completely submerged and let water be forced into the flask.

7. Holding the rubber tubing closed with your fingers, remove the flask from the sink, and
determine the volume of the water in the flask by pouring it into a 100 mL graduated
cylinder. Record this volume as entry (a) in the data table.
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8. Determine the temperature of the water in the sink and record it as entry (d) in the data table.
Your instructor may opt to prepare ice/water baths in the end sinks, in which case the
temperature should be close to 0°C. You should measure it with your thermometer and
record it anyway.

9. To determine the volume of gas (air) used in the beginning, it is necessary to accurately
determine the volume of the Erlenmeyer flask. Completely fill the flask with water and place
the rubber stopper (and tubing) in its previous position. Remove the stopper and measure the
volume of the water in the flask with a 100 mL graduated cylinder. Record this volume as
entry (b) in the data table.

(@) Volume of water forced into the flask mL

(b) Initial volume of the air mL
(measured volume of the flask/stopper)

(c) Initial temperature of the air oc K
(temperature of the hot water)

(d) Final temperature of the air oc K
(temperature of the water in the sink)

(e) Final volume of the air [(b)-(a)]
(measured volume of the flask minus the volume of water mL
forced into the flask)

To summarize, a given volume of air was taken at the temperature of boiling water. The air was
cooled, causing it to contract. The new volume was determined experimentally.

6B Exercise

The accuracy of the experimental determination of the final volume (entry (e) in the data table)
can be checked by calculating this volume with Charles' Law. Change the temperature reading
into the absolute (Kelvin) scale and enter your data into the following formula:

Initial volume (mL) % Final Temperature (K) _ Final Volume (mL)
Initial Temperature (K) B

Your calculations:

Complete the following table.

(@) What was the experimental final volume? mL

(b) According to Charles' Law, what should have been the final volume? mL

(c) What is the difference between the experimental and calculated mL
volumes?

(d) Assuming the calculated volume to be correct, determine the percent o
error of the experiment. °
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Name

Report Form 6: Charles' Law

Partner Section #
6A Experiment
(a) Volume of water forced into the flask mL
(b) Initial volume of the air mL
(measured volume of the flask/stopper)
(c) Initial temperature of the air oc K
(temperature of the hot water)
(d) Final temperature of the air oc K
(temperature of the water in the sink)
(e) Final volume of the air [(b)-(a)]
(measured volume of the flask minus the volume of water mL
forced into the flask)

6B Exercise

(a) What was the experimental final volume? mL

(b) According to Charles' Law, what should have been the final volume? mL

(c) What is the difference between the experimental and calculated mL
volumes?

(d) Assuming the calculated volume to be correct, determine the percent %

error of the experiment.
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Lab Session 8, Experiment 7: Hydrates

Hydrates are substances formed when water combines chemically in definite proportions with a
salt. The ratio of water molecules to the ions of the salt is a constant. Hydrates are not mixtures.
The anhydrous (without water) form of the salt is produced when all the water of hydration is
lost. Some examples of hydrates are listed below:

Formula Names

(CaSOy), * H,0 calcium sulfate hemihydrate "plaster of paris"
CaSOy s 2H,0 calcium sulfate dihydrate "gypsum"

CuSO, * 5H,0 copper (I1) sulfate pentahydrate "blue vitriol™
MgSO, * 7H,0 magnesium sulfate heptahydrate "epsom salt™
Na,CO3 * 10H,0 sodium carbonate decahydrate “washing soda"

The ¢ in the formula indicates a kind of chemical bond that usually can be easily broken. For
example, copper (I1) sulfate pentahydrate can be converted to anhydrous copper (I1) sulfate by
heating:

CuS0Qy4 ¢ 5H,0 (sol) = CuS0Oy4 (sol) T 5H,0 (gas)-
In CuSQy4 * 5H,0 the bonding involves four water molecules coordinatively bound to the cu?

ion in a square planar structure (Figure 5.1) and one molecule of water bound to the sulfate ion
by hydrogen bonds (Figure 5.2).

H
L N H—e | &
H/ o //{ \\\.._O\ O O

g, 0 H I [

|
-CU2‘+ Ou,. H 1
]

/

S\ /
| | e
ot gt Lo

H

Figure 51 Figure 5.2

Loss of hydration water to the atmosphere is called efflorescence. The property of some salts to
collect moisture from the air and dissolve in it is called deliquescence. A compound is
hygroscopic if absorption of water from the atmosphere occurs without dissolution of the
compound.
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7 Experiment: Composition of a Hydrate
In the following experiment, record all masses in the data table.

1.
2.

Weigh your evaporating dish.

Introduce about 5 g of pulverized hydrated CuSO4. Note the appearance and color of the
solid; weigh the dish and contents.

Place the evaporating dish on the wire gauze and heat slowly until the color disappears.
Prolonged heating may result in the decomposition of the anhydride. What color change

occurred?

When cool, weigh the dish and anhydride.

5. From the data, calculate the following:
the percentage of water in the hydrate [(mass of H,O) + (mass of hydrate)] x100,

the number of moles of water [(mass of H,O) + molar mass of H,0],

the number of moles of anhydride [mass of anhydride + molar mass of anhydride], and
the formula of the hydrate CuSO4 ¢ X H,O where x = [(moles of water) + (moles of

anhydride)].

Add water a few drops at a time to convert the anhydride back to the hydrate. Do you notice

a change in temperature? (Check with a thermometer.)

What evidence of a chemical change did you observe?

Formula of Copper Sulfate Hydrate
Experiment Duplicate

(a) Mass of crucible or dish and hydrate g g
(b) Mass of empty crucible or dish g g
(c) Mass of hydrate [(a) — (b)] g g
(d) Mass of crucible or dish and anhydride g g
(e) Mass of anhydride [(d) — (b)] g g
(f) Mass of water in hydrate [(c) — (e)] g g
(g) Percentage of water in hydrate [(f) = (c)] x 100 % %
(h) Moles of water [(f) + molar mass of H,0] mol mol
(i) Moles of anhydride [(e) + molar mass of anhydride] mol mol
(j) Moles of water per mole of anhydride [(h)+(i)]
(k) Theoretical moles of water per mole of anhydride
() % error [(|() - (k)| ~ (k)) x 100]
(m)Formula of hydrate

(n) Equation for decomposition of your hydrate
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Report Form 7: Hydrates Name

Partner Section #
5 Experiment: Composition of a Hydrate
What color change occurred?
Do you notice a change in temperature? (Check with a thermometer.)
What evidence of a chemical change did you observe?

Experiment Duplicate

(a) Mass of crucible or dish and hydrate g g
(b) Mass of empty crucible or dish g g
(c) Mass of hydrate [(a) — (b)] g g
(d) Mass of crucible or dish and anhydride g g
(e) Mass of anhydride [(d) — (b)] g g
(f) Mass of water in hydrate [(c) — (e)] g g
(g) Percentage of water in hydrate [(f) + (c)] x 100 % %
(h) Moles of water [(f) + molar mass of water] mol mol
(i) Moles of anhydride [(e) + molar mass of anhydride] mol mol

(1) Moles of water per mole of anhydride [(h) + (i)]

(k) Theoretical moles of water per mole of anhydride

() % error [(|G) = (k)| = (k)) x 100]

(m)Formula of hydrate

(n) Equation for decomposition of your hydrate
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Lab Session 9, Experiment 8: Acid-Base Titration

Molarity (M) and normality (N) are two means of expressing solute concentrations. Molarity is
defined as moles of solute per liter of solution, and in a similar way, normality is defined as
equivalents (eq) of solute per liter of solution. From these definitions we may write the
following:

M= moles ,orbyrearrangement, M x L =moles

L
N = eq , or by rearrangement, N x L =eq
L
N = millequivalents (or meq) , or by rearrangement, N x mL = meq

mL
In this experiment, we will consider only acid-base reactions. Your instructor will define the
quantity of an acid that is an equivalent and the quantity of a base that is an equivalent. Let us
stress here that one eq (or meq) of an acid reacts exactly with one eq (or meq) or a base.

Whatever the number of eq (or meq) of acid, the same number of eq (or meq) of base will be
consumed in the reaction. Thus,

MEq acid = ME(Q base
ML acid X N acid = ML pase X N pase
Assume that 20.00 mL of 0.3000 N acid requires 30.00 mL of base. Then,

Npase = MLacig X Nagig = 20.00x0.3000 = 0.2000 N
ML pase 30.00

Our assumed case may be stated as follows: The titration of 20.00 mL of 0.3000 N acid requires
30.00 mL of 0.2000 N base.

Titration is the precise measurement of the volume of one reagent required to react with a mass
or volume of another reagent. As in the titration described above, the solution of base would be
added from a burette to the acid until the acid is just neutralized. You will use the indicator
phenolphthalein, which is colorless in acid and pink in base, to indicate when the acid is just
neutralized. Two or three drops of phenolphthalein are added to the acid before the titration is
begun. This colorless solution turns pink when, as a result of base addition from the burette, the
solution changes from acidic to barely basic. When the color change appears, the burette is read
to obtain the volume of base added.
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8A Experiment

In this experiment, you will use a standardized NaOH solution to titrate against an aqueous acetic
acid unknown in order to determine the normality of the acetic acid solution.

1. You will be provided with three chemicals:
(1) An NaOH standard solution of known normality (approximately 0.21 N). The exact
normality should be recorded in the data table.
(2) Acetic acid, CH3CO,H, of unknown normality. This is to be prepared by the stockroom
personnel by diluting 12 mL of concentrated acetic acid to one liter.
(3) Phenolphthalein in a dropper bottle.
2. Clean and empty the burette, rinse with and then fill with the acetic acid.
3. Draw off three 15.00 mL samples of acetic acid into three Erlenmeyer flasks. You may use
either size flask, 125 mL and/or 250 mL.
4. Add 2-3 drops of indicator to each sample.
Clean and empty the burette, rinse with and then fill with the NaOH solution.
6. Titrate each acid sample to the phenolphthalein end-point. Complete the data table below for
each of the three titrations.
Titrations
1 2 3
Npase
ML acig
MLpase Averages
Nacid Nacid
% deviation % deviation
8B Exercise
1. Calculate the grams of acetic acid in one liter of solution.
2. The density of the acetic acid solution is 1.00 g/mL. Calculate the percentage of acetic acid

in the solution.

3. Give the equations for the neutralization of HCI (,q) and CH3CO2H (5q) with NaOH (5q).

Be sure to clean your burette and rinse it with deionized water before you return it to the
hood.

39



Report Form 8: Acid-Base Titration Name

Partner Section #
8A Experiment
Titrations
1 2 3

Nbase

ML acid

ML pase Averages

Nacid Nacid

% deviation % deviation
8B Exercise
1. Grams of acetic acid in one liter of solution g
2. Percentage of acetic acid in the solution %
3. Balanced Neutralization equations

_ HCl@g+t___ NaOH@Eg — _ HoOpqg) + (aq)

Note: In the above table, if N;, N, and N3 are the values of N..q for the individual titrations,

N; + N, + N3
3

Average Ngcig =

Defining Nayg = average Nqiq, the % deviations for the individual titrations are

% D1 = Jng—xmo, % D2 = J%QJ— X100, % D3= JWMOO
avg avg avg

The average % deviation, therefore, is

%D1 + %D2 + %D3
3

Average % deviation =
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Lab Session 10, Experiment 9: Copper Analysis by
Complexometric Titration

A quantitative analysis of copper in a soluble copper salt will by performed by complexometric
titration. The complexing agent will be ethylenediaminetetraacetic acid (EDTA) in the form of

its disodium dihydrate salt (Na,C19H1gN201¢), with a molar mass of 372.24 g mol™. Since
EDTA forms complexes with many metal ions, this particular method can only be used in the
absence of such ions as Ca2+, Ni2+, etc. The reaction of complexation is:

2 2— 2—
Cu” (ag) + (EDTA)” (ag) = CU(EDTA)" (a9 + 2H (aq)

The stoichiometry is one metal cation to one EDTA anion. However, for cu® (since it has lost 2
electrons), the equivalent mass is 63.546/2 = 31.773 g eq_l, and since (EDTA)Z_ is a dianion its
equivalent mass is 372.24/2 = 186.12 g eq"l (for the disodium dihydrate salt). The equation
above represents two equivalents reacting with two equivalents. The complex dianion is formed
with the release of two moles of H' from EDTA, with the indicator being released from the
copper ion.

The complex dianion has the structure shown
in Figure 9.1. Note that the anion completely ~ ‘
surrounds the cation, forming six coordinate [ 2—

covalent bonds to copper and a very stable
complex. The bonding to the copper ion is

nearly octahedral

The indicator used for the titration is called

murexide. This indicator is highly colored /
and will complex with the copper ion to give O—Q o)
a different colored species. During the
titration, the EDTA?™ forms a more stable
complex and frees the indicator, which then Figure 9.1

displays its original color. The appearance of Structure of Cu**— EDTA dianion
the free indicator means that all metal ions

Z

have been complexed by EDTAZ_, which
signals the end point. At the end point, the following equation applies:

NepTaVEDTA = NCu(II)VCu(II) = #eq CU(”), if Vis given inL
= #meq Cu(ll), if V is given in mL

The mass of Cu equals (#eq Cu(ll)) x (equivalent mass of Cu(ll)), and

mass Cu(ll)
mass Cu(ll) salt

x 100 = % Cu
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9A Experiment

1. Rinse your burette and fill it with standardized Na,EDTA*2H,0 solution
(7.445 g Na,EDTA « 2 H,0 per liter of water).

2. Weigh accurately three approximately 0.1 g samples of the copper salt.

Dissolve each sample in 50 mL of de-ionized water.

4. Add exactly the same amount of indicator to each sample, three drops to start off with. If the
indicator solution is not strong enough, add more but always the same for all samples. (The
indicator's concentration should be 100 mg/100 mL H,0)

5. Titrate each sample with the standardized EDTA. The light yellow solution turns green near
the end point, then suddenly purplish blue at the end point. Keep adding titrant until color of
the solution remains consistent, (no more change in color). This end point is fairly hard to
see, o put a white sheet of paper under your beaker and watch carefully. The distinctly
purplish hue, due to free murexide, is the key to observing the end point.

6. For each titration, calculate the number of equivalents or (milliequivalents) of Cu(ll) found.

7. For each titrated sample, calculate the mass of copper in that sample.

8. For each titration, calculate the % copper content in the sample, then average them.

Sample 1 Sample 2 Sample 3

(a) Normality of EDTA

(b) grams of Cu(ll) sample

(c) mL of EDTA solution Average

(d) eq (or meq) of Cu(ll) % copper

(e) mass of copper content

(F) % copper content

9B Exercise
In the experiment on hydrates, we found that copper sulfate was a hydrate which contained

36.1% by mass water. Since the only other component is the sulfate ion, SO42_, we can now
determine the complete formula of copper sulfate.

NOTE Solutions preparation:

Either weigh the EDTA analytically or standardize the solution. Label the bottles with the
normality of EDTA. Use deionized water. About 1 liter will be used by 20 students, 10 groups.
Make these solutions up fresh, including the murexide solution.
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Report Form 9: Copper Analysis  Name
by Complexometric Titration Partner Section #

9A Experiment

Sample 1 Sample 2 Sample 3
(9) Normality of EDTA
(h) grams of Cu(ll) sample
(i) mL of EDTA solution Average
(1) eq (or meq) of Cu(ll) % copper
(K) mass of copper content
(I) % copper content

9B Exercise
Complete formula of copper sulfate.
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Lab Session 11, Experiment 10: Acid-Base Indicators

An indicator is a substance that changes color at a certain pH. There are many indicators that can
be used to test the pH of an aqueous solution. Below is a figure listing some indicators and their
colors at various pH’s. Some indicators can be purchased locally. Fish aquariums need the pH
checked often and owners buy pH test kits at a pet supply store. Juice from grapes, cherries,
beets, blueberries, radishes, red cabbage and other vegetables or fruits contain compounds that
can react as indicators. Petals of many flowers can also be used. All one needs to do is to either
boil one of these articles in water or mix one of them with water in a blender. Boiling in water is
better when you have only a small amount.

Having to keep and carry around the resulting solutions is sometimes inconvenient. Paper that
has been soaked in one of the solutions and then allowed to dry is a more convenient method of
determining pH. Paper that has been treated with mixtures of indicators can be used to test for a
wide range of pH values.

When using indicators, it is best that the solution to be tested is colorless. If the solution has a
color, it could interfere with the indicators color. An electronic instrument called a pH meter also
records a more accurate pH. Some indicator paper may be used to record a pH to the nearest 0.1,
but most are not this specific.

g 1 2 3 4 5 & pg 8 9 10 11 12 13 14
Thymol blue B8 vellow blue
Congo red PIiE red
Litmus red blue
Phenolphthlalein colorless -

Of the indicators shown in the char, thymol blue would be the best to use. From a pH of about
1.5 and below it would be red, orange around a pH of 2, yellow from a pH of 3 to 6, green at a
pH of 6 to 9, and blue from a pH of 10 and up. Litmus is useful only to let you know if a solution
is acidic or basic.



11A Experiment

Agueous Solutions Used:

HCI, hydrochloric acid

NaOH, sodium hydroxide

CH3;COOH, acetic acid (vinegar)

NaHCOs, sodium bicarbonate (baking soda)
NHs, ammonia

Sprite (or 7-UP)

Tap water

Red cabbage juice

Procedure:

1.

Get the following items: Dropper bottles containing the first 6 solutions in the above list,
7 test tubes, test tube rack, stirring rod, 2 pieces of red litmus paper, 2 pieces of blue
litmus paper, 2 strips of wide-range pH paper, wash bottle.

Put a drop of HCI(aq) on one of the pieces of red litmus paper; then put a drop of HCI(aq)
on one of the pieces of blue litmus paper. Record which litmus paper did not change color
and which did. Record the new color. Getting wet is not a color change.

When treated with an acid, red litmus paper . When treated with an
acid, blue litmus paper

Put a drop of NaOH(aq) on the other piece of red litmus paper; then put a drop of
NaOH(aq) on the other piece of blue litmus paper. Record which litmus paper did not
change color and which did. Record the new color. Getting wet is not a color change.

When treated with an base, red litmus paper
When treated with an base, blue litmus paper

Put a drop of HCI(aq) on the wide-range pH paper. There is a pH/color chart for this
indicator paper. Record the pH below. Do the same for each of the other solutions.

pH
HCI
NaOH
CH3;COOH
N&HCOg
NH3
Sprite
Tap Water




5. Add a dropper-full of red cabbage juice to each of the 7 test tubes. Add 20 drops of a
solution to one of these test tubes. Stir with the stirring rod. Record the color produced.
Rinse off the stirring rod and do this procedure for each solution.

Color
HCI
NaOH
CH;COOH
N&HCOg
NH;
Sprite
Tap Water

11A Questions/Exercise

1. Fill in the pH and corresponding color for the indicator. Use the information from #4 and #5 to
help complete this chart.

Color

pH | wide-range paper | cabbage juice
NaOH | |
HCI | |
Tap Water | |
Acetic acid | |
Ammonia | |
Sodium bicarbonate | |
Sprite | |

2. From your answers in question #1, does the color of the indicator depend on the pH,
or does the pH depend on the color of the indicator?

3. If you were making a pH/color chart for cabbage juice (like the one used for the wide-range
paper), what would be the data given? Fill in the following chart to answer this question.

pH color

NaOH

HCI

Tap Water

Acetic acid
Ammonia

Sodium bicarbonate
Sprite




10.

What type of solution (acidic or basic) will make blue litmus change to red?
What type of solution (acidic or basic) will make red litmus change to blue?

For the tested solutions, write the names and formulas of the acids. Do not use the
grocery store names.

For the tested solutions, write the names and formulas of the bases. Do not use the
grocery store names.

Which of the basic solutions was the most basic? Why do you say this?

Which of the acidic solutions was the most acidic? ~ Why do you say this?

Know the chemical names, grocery store names, and the corresponding formulas.



QUALITATIVE ANALYSIS

Objectives:
To perform “spot test” precipitation reactions.

To write and balance precipitation reaction equations.

To learn how to balance equations.

To learn the solubility rules for common salts in water at room temperature.
To learn how to predict if precipitation would occur when ions are mixed.
To learn common techniques used in qualitative analysis.

A

Background:
Qualitative analysis deals with the separation and identification of substances. The goal

is to determine if a substance is present in a sample of matter. Systematic procedures
have been developed for doing qualitative analysis. These generally involve (1)
separation of the analyte from possible interferences, followed by (2) confirmatory test.
The analyte is the substance for which you are testing. You can do a confirmatory test by
adding a test reagent to your sample to see if the analyte is there or not. An interference
is a substance that could cause the test to fail by either (1) preventing the analyte from
reacting (false negative) or (2) reacts to the test reagent in a manner similar to the analyte
(false positive) or (3) reacts with the test reagent in a manner that would make a difficult
to tell is the analyte is there (masking the results).

A common test involves water solubility. Naturally this involves solutions. The major
component of a solution is called the solvent; most of the solutions you will encounter are
aqueous solution (water is the solvent). The other components of a solution are called
solutes. The term solubility refers to the extent to which a solute would dissolve in a
solvent. For example, the solubility of PbCl, in water at 25°C is 0.0673 g/L; this means
that no more than 0.0673 g of PbCl, will dissolve in 1 L of water at 25°C. We use the
word soluble to mean a solubility of at least 30 g/L. When we use the word insoluble, we
actually mean less than 1 g/L.. Therefore, PbCl,, previously mentioned, would be
classified as insoluble.

Ions in solution:

When an ionic compound such as sodium chloride is placed in water it “dissolves”.
NaCl, or table salt, exists as a solid crystal, but when you drop some salt in water, the
crystals seem to disappear. The water tastes salty, so you know that the salt is still there,
but why can’t we see it? The answer to this question lies in the fact that water, H,O, is a
polar molecule. The electrons involved in the O—H bonds in water spend more time
around the oxygen then around the two hydrogens. Thus the oxygen side of the water
molecules has a slight negative charge while the hydrogen side has a slight positive
charge.

When water comes in contact with many ionic compounds, the water molecules surround
the individual ions. The electrically charged ions get separated from the solid crystal and
become completely surrounded by the polar water molecules. This process causes the
ionic crystal to dissociate or “dissolve”.



Some combinations of positive and negative ions have such a strong attraction for each
other that water does not break up the ionic crystal lattice. These compounds do not
dissolve in water. When insoluble combinations of positive and negative ions are created
by mixing two solutions, the ions combine to form solid crystalline precipitations which
“fall out” of solution. When compounds break up and dissolve in water, and which do no
dissolve in water and form precipitates when solutions are mixed? Check the solubility
rules!

Solubility Rules
1. All acetates (C,H,0 ) and nitrates (NO ) are soluble.

2. All group 1A metals and ammonium (NH ;) are soluble.

3. Halogens are soluble except for Ag'*, Pb*", Hg2"

4. Sulfates (SO27) are soluble except for Sr**, Ba>", Ca*, Ag'", Pb*", Hg?'

5. Chromates (CrO; ), carbonates (CO; ), and phosphates (PO; ) are insoluble
except for group 1A metals and ammonium (NH ).

6. Hydroxides (OH") and sulfides (Sz_) are insoluble except for group 1 A metals,
Ca®", Sr**, Ba®", and ammonium (NH ).

Reactions of ions in solution:

If you were to dissolve two different ionic compounds in water and mix the solution, the
ions would have a chance to react with one another. Let’s use silver nitration, AgNO3,
and potassium chromates, K,CrOy, as an example. According to the solubility rules, both
of these compounds dissolve in water. If the two solutions are mixed, you would initially

have two positive ions, K" and Ag", and two negative ions NO; and CrO; , in the

mixture.

An important point to remember is when an ionic compound dissociates in water, the
hydrated ions (ions surround by water molecules) are constantly moving through the
solution. Any positive ions in the solution have a chance of reacting with any negative
ion.

Let’s say you mixed some potassium chromate solution with silver nitrate solution
together, and a brownish-red precipitate formed. What would the compound be that
precipitated out? There are four possible ionic compounds that could be formed from the
four ions in the mixed solution: potassium nitrate, potassium chromate, silver nitrate, or
silver chromate. Based on the solubility rules, the first three should be soluble in water,
so the precipitate must be silver chromate, Ag,CrO,. If you wanted to test for the
presence of chromate ion in solution, adding silver nitrate solution might be a good test.



These are double replacement reactions which is when one element in a compound
exchanges with another element in the other compound
Generic equation: AB+ CD — AD + CB
Example: Zn(NOs), + PbCl; — ZnCl, + Pb(NO3),
2HNOs; + BaCl, — 2HCI + Ba(NOs),
2PbC13 + 3ZI’ISO4 — sz(SO4)3 + 3ZI’IC12

What is the balanced equation that represents the formation of this precipitate? We know
the reactants are solutions of silver nitrate and potassium chromate, and that one of the
products is silver chromate. The other product must be potassium nitrate, which remains
in solution. Our first representation of the reaction equation, giving reactants and
products with correct chemical formulas, would be:

Eqn 1: AgNOs + K,CrO4 —Ag,CrO4 + KNO3

Is this equation correct? The law of conservation of mass states that matter can neither be
created nor destroyed, which means that there must be the same number and types of
atoms on the reactants side of the chemical reaction as there are on the products side.
This is not true for equation 1, so we need to “balance” the equation.

We balance the equation by adding coefficients in front of the formulas for products or
reactants. We can NEVER balance an equation by adding or changing subscripts, since
that would change the chemical identify of a product or reactant. We can balance
equation 1 as follows:

Eqn2: 2AgNO; + KyCrOs —Ag,CrO4 + 2KNO3

Chemical equations can also indicate the formation of a precipitate. Often subscripts, (s),
(1), (g), and (aq), are used to describe the physical states of products and reactions. A
subscript (s) means that the chemical in the equation is in solid form, (1) stands for liquid,
(g) for gas, and (aq) means in aqueous solution or dissolved in water. Let’s apply the
physical states to equation 2:

qu’l 3: 2AgNO3(aq) + KzCI'O4(aq) —>Ag2CI'O4(5) + 2I<NO3(aq)

The subscript (s) after the formula for silver chromate tells us that the silver chromate
comes out of solution as a precipitate, as indicated by the solubility rules.



Materials
Equipment:

e Spot plates
Test tubes
Beaker
Stirring rod

Reagents:
0.2 M AgNO;

0.2 M Pb(NO;),
02M ng(N03)2
0.2 M Ni(NO3),
0.2 M NH4NO;

4 M HCI

0.2 M HCI

0.2 M K,CrOyq4

15 M NH,OH
0.2 M NaOH
Conc. HNO;s

Experimental procedure:

Spot Test Matrix:

1. Inthe wells of your spot plates, place two drops of each metal ion solution with two
drops of each spot test reagent. Use the Spot Test Matrix table on the data summary
sheet to keep tract of the test combinations and record the results you observe for
each test.

2. Check your results of your test against the solubility rules and write balanced
equations for all reactions that produced precipitates.

Qualitative Known:
3. Put 5 drops of the following in five separate test tubes.

a. 0.2M AgNO;

b. 0.2 M Pb(NOs),
c. 0.2M ng(N03)2
d. 0.2 M Ni(NO3),

e. 0.2M NH4NO3

4. To each test tube, add 10 drops of 4 M HCI. Record your observations. For each test
tube that did not form a precipitate, perform a spot test to confirm the identity of the
liquid. Record your results.

5. For each test tube that formed a precipitate, wash the precipitate using the following

procedure.
a. Centrifuge for 30 seconds d. Stir
b. Decant the supernatant e. Centrifuge
c. Add 5 drops of deionized f. Decant the supernatant.

water



6.

Fill a beaker half-full with water. Add 10 drops of deionized water to each of the
washed precipitates and stir. Place the test tubes into the beaker of water. Heat the
beaker of water and bring the water to a boil. After five minutes of boiling, take out
the test tubes and see if any of the precipitates dissolved. Record your results. For the
test tube(s) that dissolved, perform a spot test and compare against the matrix to
confirm the identity of the liquid. Record your results.

For the test tube(s) that did not dissolve in the hot water bath, add 10 drops of 15 M
NH4OH and stir. Record your results.For the test tube(s) that dissolved, perform a
spot test and compare against the matrix to confirm the identity of the liquid. Record
your results.

For the test tube(s) that did not dissolve, the presence of gray-ish black product
confirms the presence of mercury (I).

Qualitative Unknown:

9.
10.
11.

12.

13.

14.
15.
16.

17.

Add 5 drops of your unknown to a clean test tube.
To the test tube, add 5 drops of 4 M HC1. Record your observations.
For a test tube that did not form a precipitate, perform a spot test to confirm the
identity of the liquid. Compare this to your results from your Spot Test Observation
Matrix. Record your results.
For a test tube that formed a precipitate, wash the precipitate using the following
procedure.

a. Centrifuge for 30 seconds

b. Decant the supernate
Add 5 drops of deionized water
Stir
Centrifuge

f. Decant the supernate.
Fill a beaker half-full with water. Add 10 drops of deionized water to the washed
precipitates and stir. Place the test tube into the beaker of water. Heat the beaker of
water and bring the water to a boil. After five minutes of boiling, take out the test
tubes and see if any of the precipitate dissolved. Record your results.
For a test tube that dissolved, perform a spot test and compare against the matrix to
confirm the identity of the liquid. Record your results.
For a test tube that did not dissolve in the hot water bath, add 10 drops of 15 M
NH4OH and stir. Record your results.
For a test tube that dissolved, perform a spot test and compare against the matrix to
confirm the identity of the liquid. Record your results.
For a test tube that did not dissolve, the presence to gray-ish black product confirms
the presence of mercury (I).

° a0
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Report Form: Make-up - Name

Qual. Analysis Partner Section

DATA SUMMARY SHEET

QUALITATIVE ANALYSIS
Spot Test Observation Matrix: Write your observations in the box provided for each
combination of test solution with reagent. Write balance equations for each reaction

that formed a precipitate, be sure to include physical states.

HC1 K,CrO;, NaOH

Pb(NOs),

ng(NO3)2

NH4NO;

Ni(NO3),

AgNOg,




Write balance equations for each reaction that formed a precipitate. Put NR for reactions
that did not form a precipitate

____Pb(NO3); + HCl —

__ Pb(NO3)+ K,CrO4 —

_ Pb(NO3)2+ NaOH_—

_ HgNO3),+_ HCI —

_ Hg(NO3)1+ K,CrO, —

_ Hg:(NO3),+ NaOH_—

_ NH4NO3+ HCIl —

NH4NO;+ K, CrO4 —

NH4NO3+ NaOH_—>

__ Ni(NO;),+ HCI —

_ Ni(NO3)+ K,CrQO4—

__ Ni(NO3)2+ NaOH_—

__ AgNO;+ HCl —

- AgN03 + chr04 —

__ AgNOs;. NaOH —



Qualitative Known Results:
Reaction results with HCI

Observations

0.2 M AgNO;

0.2 M Pb(NO3),

0.2 M Hg,(NO3),

0.2 M Ni(NO3),

0.2 M NH4NO;

Which did not form precipitates with
HCI?

Spot test confirmatory results:

Which formed precipitates with HCI?

After heating the precipitates in a hot
water bath, which one(s) dissolved?

Spot test confirmatory results:

After heating the precipitates in a hot
water bath, which one(s) did not
dissolved?

After adding 15 M NH4OH to
precipitated test tube(s), which
dissolved?

Spot test confirmatory results:

After adding 15 M NH4OH to
precipitated test tube(s), which did not
dissolve?




Qualitative Unknown Results:

Did it form a precipitate with HCI?

If no, spot test confirmatory results:

After heating the precipitates in a hot
water bath, did it dissolved? Yes or no?

If it does dissolve perform a spot test to
confirm the identity.

After adding 15 M NH4OH to
precipitated test tube(s), did it dissolve?
Yes or no?

If it does dissolve perform a spot test to
confirm the identity.

What is your unknown:

Additional Questions:
Predict the solubility of the following using the solubility rules. AQ = soluble (dissolves)
and S = insoluble (forms a solid)

a. Na,S j. CuSOq4

b. Cr(NOs)s k. BaCl,

c. Naz;POq l.  Caz(POy),
d. (NHy),S m. K,CrO4

e. PbS n. CuS

f. CaCOs 0. KyCO;

g. CoSOq4 p. ZnSOy4

h. Hg(Cl, gq. BaCO;

i. PbCl, r. FeCl




Write a balance reaction and provide the products for the following reactants. Indicate
physical states. Is there a precipitate? Yes or No? If yes, indicate the precipitate with (s)
subscript. If no, there is no reaction.

a. _ AgNOsng+  NayCOspg) — +
b.  BaClyaq +  NayCOjnq — +
Cc. _ CuSOynuq +_ (NH4)2S@q — +
d. _ AlClyug +__ NaNOspg — +
e.  HClag +  Hg(NOs3)aq — +

f. _ KoCOsaq +__ Pb(NOs)yag — -






