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Do You know...have heard about...?

The Periodic Table

Atoms, Molecules, lons...Complex (ion)

Mass Relationships in Chemical Reactions...mol, mol weight....
Reactions in Aqueous Solutions...reaction equilibrium...

lonic bonds...

Liquids and solutions...concentrations....precipitation....
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The Periodic System of the Elements

Most d-block elements® have
several oxidation states.

d-block elements
A

$ also called “transition metals” 6



Characteristic Properties of d-block Elements

d block elements have properties which result from the partially

Colours of Various Example Coordination Complexes
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Characteristic Properties of d-block elements

https://courses.lumenlearning.com/trident-boundless-chemistry/chapter/properties-of-transition-metals/ 2022.4.6

From left to right, aqueous solutions of:
cobalt(ll) nitrate, Co(NO;), (red); potassium
dichromate, K,Cr,0- (orange); potassium
chromate, K,CrO, (yellow); nickel(ll) chloride,
NiCl, (green); copper(ll) sulfate, CuSO, (blue);
potassium permanganate, KMnQ, (violet).

10 11 12
26 2 X
Ni Cu Zn
el e are
..“";‘.‘_' o | ,'_'::fi‘ | ,'“:_":,
Pd Ag  Cd
T S
Pt Au H

Pd — Palladium Pt — Platinum

Ag — Silver (Argentum) Au — Gold (Aurum)
Cd — Cadmium Hg — Mercury
(hydrargyram) “liquid silver”

Most transition metals have several
oxidation states.

Mn exists in 11 oxidation states -3 up to
+7

Transition metals and their compounds
are usually brightly colored.

8
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Metal Complexes

Metal complexes are coordination compounds

When metals are dissolved in water they react with water and form hydrated compounds:
Na(H,0)¢* or Cu(H,0).*

* These are called metal complexes or coordination compounds

* The neutral molecules H,O, NH; or anions CN-, SCN-, CH;COO" are called ligands

CuSO, + 6 H,0 — Cu(H,0)*" + SO,*
Cu(H,0)%"+ 4 NH; — Cu(NH;),(H,0),%" + 4 H,0 Ligand exchange

& Coordination chemistry

From left to right, aqueous solutions of:
cobalt(ll) nitrate, Co(NO;), (red); potassium
dichromate, K,Cr,0, (orange); potassium
chromate, K,CrO, (yellow); nickel(ll) chloride,
NiCl, (green); copper(ll) sulfate, CuSO, (blue);
potassium permanganate, KMnQ, (violet).



Alfred Werner: Coordination Chemistry

Alfred Werner — in the late 1800’s the father of

Alfred Werner and the coordination chemistry.

historical development of

the ideas of coordination e Studied in Switzerland at the University of Zurich.

chemistry * He lectured in both organic and inorganic
chemistry.

* He developed the theory of coordination chemistry.

 He prepared and studied coordination compounds
and discovered optically active forms of 6-
coordinate octahedral complexes.

e His coordination chemistry extended through a
whole range of systematic inorganic chemistry and
into organic chemistry and he was awarded the
Nobel Prize in Chemistry in 1913.

* He was the first inorganic chemist to win the Nobel
prize, and the only one prior to 1973.

Nobel Lecture

http://nobelprize.org/chemistry/laureates/1913/wern
er-lecture.html 10




Alfred Werner: Coordination Chemistry

Werner’s Conclusions:

Coordination complexes are neutral and counter ions are not
bonded to the central metal ion but balance the charge.

For example:

+3 0 -3
[Co(NH;)6]Cl3
Wcounter ions

1. The ligands directly coordinated to the metal are contained within

the square bracket.

Six NH; ammine groups are bonded to Co.

3. 3 chloride ions are not bonded to the Co; these are counter ions,
they balance the charge (Co3*) they are “free” to react with AgNO;
to give 3 moles of precipating AgCl.

N

11



Reactions of Inorganic lons

2.1 Reactions of inorganic ions (page 24-45 in manual, Experiment 1-3)

Main theme: “Inorganic compounds are prepared, separated, and purified by relatively simple
methods in aqueous solutions”. [Chemistry in aqueous solutions]

You will learn basic procedures in the experiments providing better understanding of

ionic equilibria in aqueous solutions and
elementary concepts of ion complexes.

This chapter is divided into 3 parts:

1.

Isolation of a target cation from the sample solution containing metal ions by precipitation of
the corresponding salt that forms upon the addition of an appropriate reagent to the sample
solution. In this step, the insoluble salt is precipitated by the appropriately chosen combination of
a metal cation and an anion species or by adjusting the conditions, such as the pH or temperature
of the solution.

The resulting precipitate is re-dissolved in water to obtain a solution containing the target
metal ion. The solution is then subjected to a reaction in which the target ion forms a precipitate
or gives color to the solution due to the formation of a metal-ion complex.

Analysis of an unknown sample containing multiple metal ions using the experimental
approaches (e.g., reactions to detect specific metal ions and separation of the precipitate) learned
in this chapter. 12



Reactions of Inorganic lons

2.1.2 Dissolving salts (page 26 in manual)

Many inorganic compounds are ionic compounds (mainly salts) that are composed of
metal-element cations and nonmetal-element anions. (Product of acid-base
neutralization)

The ions in these compounds are attracted to each other by electrostatic forces and
form ionic crystals (simple example: rock salt NaCl is Na* Cl")

When ionic crystals are put in water, the positively charged Cations and negatively
charged Anions exposed on its surface interact with water molecules. (dissolution)

Water molecules are always electrically attracted to dissolved ions and combine with
them (hydrate them).

In general, solubility of salts in water varies, depending on the balance of two forces:
the attractive force between the two types of ions in the ionic crystal (lattice energy)
and the attractive force between each ion and water molecules (hydration energy).

Salts can be classified into two categories: those that are soluble in water and those

that are insoluble in water. 3



Reactions of Inorganic lons

The following salts are classified as soluble:

metal nitrates;

metal halides (chlorides, bromides, and iodides), except silver(l) halides and mercury(l)
halides;

metal sulfates, except calcium(ll), strontium(ll), barium(ll), silver(l), mercury(l), and
lead(ll) salts;

sodium salts;

potassium salts;

ammonium salts.

The following salts are

metal hydroxides, except sodium hydrOX|de potassium hydroxide, and ammonium
hydroxide (although these compounds are not salts (why?), they are included here for
your convenience; also, please, note that barium hydroxide is soluble);

metal carbonates;

metal phosphates;

metal sulfides, except salts of calcium(ll), strontium(Il) and barium(ll)}.

However, solubility of these compounds sometimes varies drastically depending on the pH
or temperature.

Approximate solubilities of salts in water and acids are listed in Table 2.1. (page 29 in the
manual)



Solubility

2.1.3 Water-soluble salts and solubility (page 28 in manual)

Solution Supemate

“The definition of solubility is the maximum quantity of
solute (the compound to be dissolved) that can dissolve

in a certain quantity of solvent or quantity of solution at
a specified temperature or pressure (in the case of
gaseous solutes)”

www.chem.fsu.edu/chemlab Suspension  Precipitate
(Wikipedia)

Solutions of around 102 M in concentration (0.02 M) are usually used in this class for

experiments on inorganic ions (e.g. AgNO; 0.05 M (molar concentration, molarity

(mol/L)).

Substances with solubilities exceeding 10 M are classified as soluble.

Sparingly soluble substances have solubilities below 10> M (< 0.00001 M).

When the concentration of a specific ion in the supernatant (supernate) decreases to

around 10~ M (0.00001 M) after precipitation, the ion remaining in the supernatant

cannot be detected in reactions with common reagents.

Salts with solubilities between 102 and 10> M are considered to lie in the intermediate

range between soluble and sparingly soluble.

Water solubility of most salts increases with increasing the temperature.

Salts with low solubility — for example, those with solubility around 108 M at room

temperature — even if the solubility increases 100-fold upon heating, its dissolution

still cannot be visually observed because the solubility remains 10® M. 15



Solubility

Example

* The solubility of PbCl, is 9.9 g/L at 20°C and 33.4 g/L at 100°C, respectively. In the units
of M, the solubility of PbCl, at 20°C is 3.6 x 10 M, since the formula weight (g/mol) of
PbCl, is 278.1, and the solution density can be approximated as 1.0 g/mL. (Can you
calculate it?)"

* When precipitate of PbCl, is formed from a 0.05 M Pb(NO;), solution at 20 °C, the
amount of precipitate is estimated as 0.014 mol (3.9 g), as shown below:

0.05M-3.6x10?2M=1.4x102M

(Solubility of PbCl, = 3.6 x 102 M = Pb?* remains in solution in presence of Cl")

* |f this suspension is heated from 20 °C to 100 °C, the precipitate dissolves completely
because the solubility at 100 °C is 33.4 g/L. This corresponds to a concentration of 0.12

M, which is larger than 0.05 M of the sample. (The solution becomes undersaturated)

You will learn about the relationship between temperature dependency of solubility and
solubility product using PbCl,, which is between soluble and sparingly soluble. You will
also learn how to analyze inorganic ions by separating Class | metals (Ag*, Pb?*), which
form sparingly soluble chlorides.

16



Solubility Equilibria

The Solubility-Product Constant, K|,

* We just mentioned those solubility rules that state a substance is insoluble or soluble.
Substances with solubilities exceeding 10 M are classified as soluble. Substances that
have solubilities below 10~ M are insoluble (But actually ..... they are all a bit soluble!)

* Soluble is also sometimes practically defined as “greater than 3 grams dissolving in 100
mL of water”. So, there is a lot of wiggle room for solubility up to 3 grams! This type of
equilibrium deals with that wiggle room.

* |If you can actually see that a salt is insoluble, then the solution is actually saturated.
Saturated solutions of salts present yet another type of chemical equilibria.

» Sparingly soluble salts establish a dynamic equilibrium with the hydrated cations and
anions in solution

* When the solid is first added to water, no ions are initially present.
e As dissolution proceeds, the concentration of ions increases until equilibrium is
established. This occurs when the solution is saturated.

The equilibrium constant, the K, is no more than the product of

the ion concentrations at this equilibrium in solution.
('Remember, solids do not appear in equilibrium expressions!)

17



Solubility Equilibria

e For a saturated solution of AgCl, the equation would be:
AgCl(s) — Ag*(aqg) + Cl(aq)
e The solubility product expression would be:
Ksp = [Ag][CI7]

Conventionally for concentrations and activities, square brackets [ ] are used around the chemical molecular formula:
here mol/L

e The AgCl(s) does not appear in the equilibrium expression since solids are left out. Why?
The concentration of the solid remains relatively constant.

A table of K, values is on page 30 in the manual.

In practice, K, values are determined by careful laboratory measurements using various
spectroscopic methods.
Relative solubilities can be deduced by comparing values of K, . BUT, BE CAREFUL!

These comparisons can only be made for salts having the same ION:ION ratio.
Please don’t forget: Solubility changes with temperature! Some substances become less

soluble in cold water while other increase in solubility! Aragonite CaCO; is an exampleg



The Common lon Effect

Experiments show that the solubility of any salt is always less in the presence of a
“common ion” e.g., excess Cl" in the case of AgCl precipitation.

S “The solubility products Ksp's are equilibrium constants in heterogeneous equilibria
(i.e., between two different phases). If several salts are present in a system, they all ionize
in the solution. If the salts contain a common cation or anion, all these salts contribute to
the concentration of the common ion. = Contributions from all salts must be included in
the calculation of concentration of the common ion.” MPs//chem ibretexts. org/Core/Physical.and_Theoret,

cal_Chemistry/Equilibria/Solubilty/Common_lon_Effect

The common ion

NaCl = [Na™ Cl~
K?‘l L [I£+]a -I]-l[z'_l[‘] ]1# [Cl" ltota1 = [CUIT]1+[CL"], concentration is the sum of all
- 2 2 concentrations of the common
ion

Saturated solution: PbCl,(s) = Pb**(aq) + 2Cl™ (aq)

What happens if “extra” chloride is added to the solution? (e.g. by adding KCl)

& PbCl, will precipitate!
Why? Le Chatelier’s Principle! According to the law of mass action, the addition of a salt
containing the ion common to the precipitate (common ion) shifts the equilibrium of the
whole system to the direction of the precipitate (in our case to the left) by increasing solid

lead (Il) chloride. In fact, the solubility of PbCl, decreases by adding the common ion!
19



Le Chatelier Principle

In chemistry, Le Chatelier's principle (1884) can be used to predict the effect of a
change in conditions on a chemical equilibrium. The principle is named after
Henry Louis Le Chatelier and sometimes Karl Ferdinand Braun who discovered it
independently. It can be summarized as:

» If a chemical system at equilibrium experiences a change in concentration,
temperature, volume, or partial pressure, then the equilibrium shifts to
counteract the imposed change and a new equilibrium is established.

This principle has a variety of names, depending upon the discipline using it. It is
common to take Le Chatelier's principle to be a more general observation,
roughly stated:

» Any change in status quo prompts an opposing reaction in the responding
system.

In chemistry, the principle is used to manipulate the outcomes of reversible
reactions, often to increase the yield of reactions.

20



Solubility and Complex lons

» The formation of complex ions can often dissolve otherwise insoluble salts.

» Often as the complex ion forms, the solubility equilibrium shifts to the right (away from
the solid) and causes the insoluble salt to become more soluble.

» Example: If sufficient aqueous ammonia is added to silver chloride, the latter can be
dissolved as [Ag(NH;),]* forms.

AgCl (s)= Ag*(aq) + Cl(aq) Ky, =1.8x10710
Ag+(aq) +2 NH3 (aQ) i [Ag(NH3)2]+(aq) Kformation =1.6x 107

» Add these two equations together and determine the new K value.

SUM: AgCl (s) + 2 NH5 (ag) = JAg(NHs),]*(aq)§ ClI- (aq)

K = Ky X Krormation = 2.9 % 1073 =|{[Ag(NH,),*}[CI"]
[NH5]?
That is a significant improvement regarding the solubility of AgCl(s). The equilibrium
constant for dissolving silver chloride in ammonia is not large. If the concentration of
ammonia is sufficiently high; the complex ion will form:
$ [Ag*] will decrease
& AgCl (s) will dissolve (Le Chatelier again!)

21



Systematic Analysis of Cations

2.2 Systematic analysis of cations (page 34 in manual; Experiment 2)

By using the information on solubility of salts and properties of complex ions
described before, a systematic analysis of cations is possible.

* In this course, metal ions are broadly grouped into four classes (Class | to Class V)
based on solubility (see Table 2.1, page 29).

e Salts that belong to the same class are separated into the respective individual ions
through reactions with appropriate reagents.

* The presence of a specific ion can be confirmed by using a REAGENT THAT
SPECIFICALLY REACTS WITH THAT ION.

* In this section you will learn about conditions under which sulfides and
hydroxides of metal ions form and about confirmatory reactions for each ion.

22



Metal Sulfides

2.2.1 Reactions of metal ions with hydrogen sulfide and the formation and
decomposition of sulfides

Hydrogen sulfide (H,S) is often used for the precipitation of sulfides.

In this experiment, hydrogen sulfide is generated by the decomposition of
thioacetamide in water because of the high toxicity of hydrogen sulfide (H,S) gas.
Thioacetamide is hydrolyzed to generate hydrogen sulfide (H,S).

CH;CSNH, + 2 H,0 = CH;COO'NH,* + H,S

This reaction is catalyzed by an acid (H+) or a base (OH-) and :
Thus, the general method for preparation of metal sulfides, the reaction of a metal ion

with hydrogen sulfide, can be substituted by adding an acid or a base to a mixed
solution of a metal ion and thioacetamide while heating it.

Decomposition of thioacetamide must be carried out under a fume hood, because a
part of the hydrogen sulfide generated during the reaction is released from the
reaction vessel in the form of gas.

23



Metal Sulfides

Because the solubility of sulfides varies with the pH of the solution, sulfides of some
metallic ions do not precipitate from an acidic solution. Thus, the catalyst (acid or
base) for the decomposition of thioacetamide should be selected carefully.

The fact that the solubility of sulfides is pH dependent can be explained by the
chemical equilibrium that establishes between S?;, and H* in solution.

H,S = H*+HS

HS = H*+S*

(check details on equilibrium constants in the manual!)

The result is: [H*]? [S%] = 1.2 X10723 M3 (saturated solution of H,S (0.1 M at 25 °C))

According to above Equation, under strongly acidic conditions, when pH =0 and [H*] =
1 M, [S%] is equal to 1.2 x 1023 M.

Given that the concentration of a metal ion is 0.05 M, the product of ion
concentrations in the solution is calculated as 6 x 102> M?.

Thus, for example, Zn?** does not form a precipitate of ZnS under these conditions
because K,(ZnS) is 1 x 102> M (Table 2.2; page 30), whereas Cu** does form a
precipitate of CuS under the same conditions because K, (CuS) is 6 x 103° M2,

Kp(ZnS) > K;y, (solution) > K,(CuS) 24



Metal Sulfides

Assuming that pH =9 ([H*] = 10° M) in a basic aqueous solution, [S?] is estimated as
1.2 x 10 M according to the Equation equilibrium of  [H*]? [$%] = 1.2 x1022 M3

As a result, both Zn?* and Ni#* (K,,(NiS) = 3 x 10*° M?) do form precipitates of ZnS and
NiS, respectively. ([Zn?*], [Ni**] 0.05 M)

[Zn**][S*7] = 6 x 1077 M? > K (ZnS) > K,(NiS)

Because the aqueous solution of sodium sulfide (Na,S),, is basic, metal ions that form
sparingly soluble salts react with Na,S to form sulfides on the basis of similar principle.

Based on the pH dependence of [S*], metal sulfides that do not form a precipitate in an
acidic solution may dissolve upon addition of a strong acid, which generates hydrogen
sulfide.

In actual experiments, dissolution of metal sulfides with an acid is not always consistent
with the prediction based on the solubility product. For example, the dense precipitate
of NiS that forms when exposed to heat does not dissolve in 1 M HCl or in acids of
similar strength. Some sulfides that can precipitate in a strongly acidic solution dissolve
in a HNO; solution, in which S? is oxidized.

You will learn about the properties and reactions of sulfides .

25



Metal Hydroxides

2.2.2 Metal hydroxides (page 38 in manual; Experiment 2)

* Solubility of hydroxides that form a sparingly soluble precipitate with cations is
affected by the hydrogen ion concentration [H*] in the solution.
* For example, Fe(OH); is in equilibrium with the component ions in the solution as

shown in Equation below.
Fe3*+3 OH = Fe(OH);(s)

The solubility constant is expressed as
Ko = [Fe3*][OH]* =1 x 1028 M*

the dissociation constant of water (also called ionic product of water) is expressed as
[H*][OH] = K,, = 1.0 x 10°14 M2

& The concentration of Fe3* can then be expressed as
—38 74 —38p/4

[OH~]3 [1X[Z)+_]14] 3

Thus, if the pH of a Fe3* solution is 3 ([H*] = 1.0 x 103 M), [Fe3*] can be estimated to be
10 M. Therefore, almost all (99.98%) of Fe3* precipitates from the 0.05 M Fe3*
solution (pH = 1.8) that we use. 26

= [H*]3x10*



Metal Hydroxides

On the basis of the solubility product of metal hydroxides, Al** can be precipitated
completely under weakly acidic conditions (pH = 6). (cf. calculation for Fe3*)

However, Ni(OH), with K, = 6.5 x 108 has [Ni**] equal to 0.07 M (> 0.05 M) at this pH
and no precipitate is formed. This indicates that a target metal ion can be separated as
a precipitate of metal hydroxide by adjusting the pH of the solution appropriately. To
maintain the pH of a solution at a constant level, a buffer may be used.

It is expected that many metal ions can precipitate as hydroxides in a basic solution,
assuming that the concentration of the hydrogen ion and the solubility product are the
sole major factors.

However, when pH increases gradually in a solution of amphoteric metal ions, (e.g.
Al**) the precipitate formed at the early-stage dissolves to form metal
hydroxocomplex ions under strong basic conditions.

This peculiar property of amphoteric metal ions can be used to separate specific metal
ions from a mixture of metal hydroxides. For example, Fe3* and Al3* can be
discriminated (separated) in a mixed solution containing both ions; one forms a
hydroxide precipitate while the other forms a metal hydroxocomplex in solution.

You will learn about metal hydroxides and their properties and reactions.

27



Separation & Confirmation of Mixed Inorganic lons in Solution

2.3 Separation and confirmation of mixed inorganic ions (analysis of an
unknown sample) (page 41 in manual; Experiment 3)

* Sections 2.1 and 2.2 introduced the formation and dissolution of a precipitate as a result
of reactions between the metal ion and an anion, the formation of complex ions, and
confirmatory reactions of metal ions.

* This knowledge allows for separating one metal ion from a mixture with another
metal ion, as shown in Table 2.4. (page 42)

* Anion can be separated from the mixed solution from another ion (other ions) based on
the difference in their properties as described in the corresponding column of Table 2.4.

* Since some precipitates of sulfides and hydroxides and complex metal ions exhibit
characteristic color, reactions that form colored substrates are useful in identifying
specific metal ions.

* However, in order to positively identify a metal ion from the result of a characteristic
reaction, it is important to ascertain that the target metal ion is free from contamination
by another metal that may form a precipitate of a similar color.

* You should not rely on a single reaction to identify the target metal ions. Rather several

different reactions should be used to identify them with certainty.
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In this section, your understanding of the principles learned in the previous sections
of this chapter will be put to test in experiments that aim to identify an individual
metal ion in an unknown sample that contains two or three metals selected from the
seven metal ions in Table 2.4.

Table 2.4 suggests that the following precipitation reactions make it possible to
separate the target metal ions (see Figure 2.2; page 43):

(i) Ag* can be separated as the sole precipitate (R;) from others in a reaction with the
Cl-ion at high temperature. All the other ions remain in the supernatant (F)).

(ii) Pb?* and Cu?* can be separated as the next precipitates (R,) in the reaction of the
supernatant F, with H,S under acidic conditions. AI**, Fe3*, Zn?*, and Ni%* remain in the
supernatant F,.

(iii) Next, AP¥* and Fe3* are separated as precipitates R, of the corresponding
hydroxide, while Zn?* and Ni?* remain in the supernatant F,,, when an excess of NH; is
added to the supernatant F, that makes it basic.

» Thus, according to this protocol, a mixed solution of seven metal ions is separated

>

roughly to the following four groups:
Precipitate of AgCl (R,), a mixed precipitate of PbS and Cus (R,), a mixture of Al** and
Fe3* (R, ), and a supernatant containing Zn?* and Ni?* ions (F,,).
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» In the next stage, the metal ions are separated from each group (in actual experiments,
sometimes one metal ion is the sole component of a specific group). Metal ions should be
identified based on confirmatory reactions.

» These processes are summarized as a flow chart in Figure 2.2. In this systematic analysis,
metal ions are divided into four groups:

> Class | (Ag* and Pb?*), which form sparingly soluble halides (R)),
> Class Il (Pb?*, Cu?*, and Sn**), whose sulfides precipitate in an acidic aqueous solution (R;),

> Class Il (Fe3*, AI**, and Cr3*), whose hydroxides precipitate in a weakly acidic or neutral
aqueous solution (R),

> Class IV (Zn?*, Ni?*, and Co?*), whose sulfides precipitate in a basic aqueous solution (R,).

» Although Pb?* belongs to both Class | and Class Il in this classification, the most effective
capture of Pb?* is to wash the precipitate R, with hot water to keep Pb?* in solution F, and
handle it as a Class || metal rather than a Class | metal.

» In addition, Ag* in the sample solution should be excluded as precipitate of AgCl from F, as
rigorously as possible. Otherwise, the remaining Ag* will result in an incorrect identification
of the sample because R, will be contaminated with Ag,S.
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Sample solution

2. Centrifuge

‘ 1. Add HCI

Ry Fp
Class I (Insoluble halide) é ﬁgﬁufﬁitgaggal;/[nigg Lacidic
AgCl + PbC12 + 3. Heat

4. Centrifuge

Ry Fn
Class II (Insoluble sulfide 1. Expel S~
under acidic conditions) 2. Adjust to pH 6 with NH;—NH,CI

CuSy PbS| sSnSy buffered solution

3. Centrifuge

Ry Fin
; 1. Add thioacetamide under basic
Class I ;Itn;%h;bl_%h%dromde conditions with NH;—NH,Cl solution
Fe(OH); + Al(OH)3+ Cr(OH)3+ 2. Centrifuge
| |
Ryyv Fry

Class IV (Insoluble sulfide under basic conditions)
ZnSy NiSy CoSy

Figure 2.2 Systematic analyses of cations

Although "R" and "F" stand for the residue and filtrate "Residue" and "Filtrate",
respectively, in this figure they mean the precipitate and supernatant in Figure 2.2. 31
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1. Experiment in the Lab

Bring your prepared laboratory notebook, saftey guide, writing
utensils, pocket calculator, and textbook

Safety glasses (“goggles”)!! No sandals/heels!!
Be in time (13:00) in front of the lab

Store all of your belongings that are not required for your
experiment in the lockers

No beverages/food inside the lab!
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