Chapter 20 – The Representative Elements: Group 5A through 8A

20.7  Group 5A(15): The Nitrogen Family
The Group 5A elements have valence-shell electron configuration: ns2np3. This group contains two nonmetals (nitrogen and phosphorus), two metalloids (arsenic and antimony), and a metal (Bi). Nitrogen exists as stable diatomic molecules and it is the most abundant element (~79%) in the Earth’s atmosphere. The triple bonds in N2 molecules make nitrogen gas very stable and almost chemically inert. Dispersion forces between N2 molecules are very weak and nitrogen gas has boiling point of 77 K (-196oC). 

Phosphorus occurs in several allotropic forms - the white and red forms are the most common, but the two exhibit different physical and chemical properties. White phosphorus consists of individual tetrahedral P4 molecules and is very reactive, igniting spontaneously when exposed to air. The white phosphorus also has a low melting point (44.1oC) and soluble in nonpolar solvents. The red phosphorous consists of linear chains of the P4 molecules; it is less reactive and has a much higher melting point (~600oC), and is insoluble in any solvent.

Arsenic and antimony is covalent network solid with high melting points. Bismuth is the only metal in the group and it is the heaviest element that contains stable (nonradioactive) isotopes.

Important Trends in The Chemical Behaviors of the Group 5A Elements
Elements of Group 5A overwhelmingly form covalent compounds. Whereas nitrogen can form a maximum of four covalent bonds, other elements in the group can form more than four covalent bonds by utilizing one or more of the nd orbitals. Nitrogen and phosphorus form simple anion with “-3” charge when reacted with very reactive metals, such as those of Group 1A and 2A metals: Li3N, Mg3N2, Na3P, and Ca3P2 are examples. Most of the compounds of bismuth are also primarily covalent in character, but it forms ionic compounds with F2 to form BiF3 or when reacted with nitric acid to form bismuth nitrate, Bi(NO3)3.

Nitrogen exhibits every possible oxidation states the element can acquire, such as: -3 (in NH3), -2 (in N2H4), -1 (in NH2OH), 0 (in N2), +1 (in N2O), +2 (in NO), +3 (in N2O3), +4 (in NO2), and +5 (in N2O5). Only the +3 and +5 states are common for phosphorus(P), arsenic(As), and antimony(Sb), while the “+3” oxidation state is the most common for bismuth(Bi). The oxides of nitrogen, phosphorus, and arsenic are acidic; those of antimony (Sb2O3 and Sb2O5) are amphoteric, and the oxide of bismuth (Bi2O3) is basic.  N2O5 forms strong acid when dissolved in water, while P4O10 and As2O5 form weak acids:



N2O5(g)  +  H2O(l)  (  2HNO3(aq);



P4O10(s) +  6H2O(l)  (  4H3PO4(aq);



As2O5(s)  +  3H2O(l)  (  2H3AsO4(aq);

All of Group 5A elements form hydrides. NH3 is formed by the catalytic reaction of the gases:



N2(g)  +  3H2(g)  (  2NH3(g)
Other hydrides are prepared by the reaction of the phosphides, arsenides, etc, with water:



Na3As(s)  +  3H2O(l)  (  3NaOH(aq)  +  AsH3(g)

Among the hydrides, NH3 forms hydrogen bonds with each other and has the highest boiling point.

All elements of Group 5A form trihalides, EX3, but phosphorus, arsenic and antimony also form pentahalides, EX5.


N2(g)  +  3F2(g)  (  2NF3(g);


P4(s)  +  6Cl2(g)  (  4PCl3(l);



PCl3(l)  +  Cl2(g)  (  PCl5(s);

Among the trihalides of nitrogen, NF3 is the most stable and somewhat unreactive, but NCl3 react with water quite explosively:


2NCl3(g)  +  3H2O(l)  (  N2(g)  +  3HCl(aq)  +  3HOCl(aq)
NBr3 can only be prepared below –87oC; NI3.NH3 explodes at the slightest touch.

The pentahalides react with water to form hydrogen halides and the oxo-acid of the element:


PCl5(s)  +  4H2O(l)  (  H3PO4(aq)  +  5HCl(g);



AsCl5(s)  +  4H2O(l)  (  H3AsO4(aq)  +  5HCl(g);


20.8 The Chemistry of Nitrogen
Nitrogen is an inert molecule and will only react with other elements, including oxygen, at very high temperature. Yet nitrogen and oxygen form an array of oxides in which nitrogen exhibits a whole range of oxidation state from +1 to +5: N2O, NO, N2O3, NO2, N2O4, and N2O5.  At high temperature, nitrogen gas also reacts with H2, Li, the Group 2A elements, B, Al, C, Si, Ge, and many transition elements.  

Nitrogen is very essential for the growth, but the abundant atmospheric nitrogen is not available to plants and animals. To make it available for biological processes the atmospheric nitrogen must be fixed and converted into a form that can be absorbed by plants. 

Three processes are responsible for most of the nitrogen fixation in the biosphere: 

· atmospheric fixation by lightning 

· biological fixation by certain microbes — alone or in a symbiotic relationship with plants

· industrial fixation
Atmospheric Fixation

The enormous energy of lightning breaks nitrogen molecules and enables their atoms to combine with oxygen in the air forming nitrogen oxides. These dissolve in rain, forming nitrates, which are carried to the earth. Atmospheric nitrogen fixation probably contributes some 5– 8% of the total nitrogen fixed. 

Biological Fixation

The ability to fix nitrogen is found only in certain bacteria. 

· Some live in a symbiotic relationship with plants of the legume family (e.g., soybeans, alfalfa). 

· Some establish symbiotic relationships with plants other than legumes (e.g., alders). 

· Some nitrogen-fixing bacteria live free in the soil. 

Nitrogen-fixing cyanobacteria are essential to maintaining the fertility of semi-aquatic environments.
Biological nitrogen fixation requires a complex set of enzymes and a huge expenditure of ATP. Although the first stable product of the process is ammonia, this is quickly incorporated into protein and other organic nitrogen compounds. 

Industrial Fixation

Industrial nitrogen fixation is carried out by the Haber process in the production of ammonia:



N2(g)  +  3 H2(g)  (  2 NH3(g)
The reaction is carried out at temperature of about 300oC and pressure about 200 atm. A specific catalyst is also used to speed up the reaction. About 70% of the ammonia produced is converted into fertilizers, such as NH4NO3, (NH4)2SO4, (NH4)3PO4, and urea (CO(NH2)2). 
About 20% of ammonia is used in nitric acid production.


NH3(g)  +  HNO3(aq)  (  NH4NO3(aq)

2 NH3(g)  +  H2SO4(aq)  (  (NH4)2SO4(aq)

3 NH3(g) +  H3PO4(aq)  (  (NH4)3PO4(aq)
2 NH3(g) +  CO(g)  (  H2NCOONH4  (  H2NCONH2(s)  +  H2O(l) 






        urea


4 NH3(g)  +  5 O2(g)  (  4 NO(g)  +  6 H2O(g) 


2 NO(g)  +  O2(g)  (  2 NO2(g)

3 NO2(g)  +  H2O(l)  (  2 HNO3(aq)  +  NO(g)
Ammonia is also used in the production hydrazine, N2H4, which is used to make rocket fuel: 


NH3(aq)  +  NaOCl(aq)  (   N2H4(aq)  +  NaCl(aq) + H2O

Ammonia is also a precursor for the syntheses of certain monomers for making nylon or other synthetic polymers. For example, acryonitrile (H2C═CHCN), a monomer for polyacrylonitrile (such as Acrilan and Orlon), is synthesized from propylene, ammonia, and oxygen gas: 


2 CH3CH═CH2(g) + 2 NH3(g) + 3 O2(g) ( 2 H2C═CHCN(l) + 6 H2O(g)
The reaction is carried out at high temperature and pressure, and in the presence of catalyst.

Decay

The proteins made by plants enter and pass through food webs just as carbohydrates do. At each trophic level, their metabolism produces organic nitrogen compounds that return to the environment, chiefly in excretions. The final beneficiaries of these materials are microorganisms of decay. They break down the molecules in excretions and dead organisms into ammonia. 

Nitrification

Ammonia can be taken up directly by plants — usually through their roots. However, most of the ammonia produced by decay is converted into nitrates. This is accomplished in two steps: 

· Bacteria of the genus Nitrosomonas oxidize NH3 to nitrites (NO2−). 

· Bacteria of the genus Nitrobacter oxidize the nitrites to nitrates (NO3−).

These two groups or autotrophic bacteria are called nitrifying bacteria. Through their activities (which supply them with all their energy needs), nitrogen is made available to the roots of plants. 

Many legumes, in addition to fixing atmospheric nitrogen, also perform nitrification — converting some of their organic nitrogen to nitrites and nitrates. These reach the soil when they shed their leaves. 

Denitrification

The three processes above remove nitrogen from the atmosphere and pass it through ecosystems. Denitrification reduces nitrates to nitrogen gas, thus replenishing the atmosphere. Once again, bacteria are the agents. They live deep in soil and in aquatic sediments where conditions are anaerobic. They use nitrates as an alternative to oxygen for the final electron acceptor in their respiration. Thus they close the nitrogen cycle. 

Are the denitrifiers keeping up?

Agriculture may now be responsible for one-half of the nitrogen fixation on Earth, which occurs through: 

· the use of fertilizers produced by industrial fixation 

· the growing of legumes such as soybeans and alfalfa.

This has a remarkable influence on the natural cycle of this element. 

For example, accumulation of nitrogen-rich nutrients in some water bodies (lakes and rivers) from farm run-off results in “algal blooms” that leads to condition known as eutrophication. That is, the deplication of water oxygen content that causes suffocation to fish and other aquatic lives.

Nitrogen and oxygen in the atmosphere do not react under normal condition. At temperature such as that inside automobile engines that have been running for at least 10 minutes, these two gases react to form NO. The product gas is then readily oxidized by atmospheric oxygen to form NO2 (2NO(g)  +  O2(g)  (  2NO2(g)) that is partly responsible for the brown “smog”. 

Nitrogen dioxide (NO2) is responsible, to some extent, for the formation of acid rain and the photochemical smog. NO2 gas released during the morning rush hour undergoes photochemical decomposition to NO and O during the later part of the day:



NO2(g)  (  NO(g) +  O(g)
The reactive O atoms react with O2 gas to form ozone, O3:  O2(g) + O(g)  (  O3(g).

A complex series of reactions occur between NO2, O3, and unburned hydrocarbons in gasoline fumes to form peroxyacylnitrates (PANs), a group of atmospheric pollutants responsible for the brown smog and potent nose and eye irritants.

Oxo-acids and Oxo-anions of Nitrogen
Nitric acid (HNO3) and nitrous acid (HNO2) are the two common oxo-acids of nitrogen. Nitric acid is a strong acid and a very powerful oxidizing agent. It oxidizes almost all metals it comes in contact with, except gold and platinum. Unlike the reactions of metals with other strong acid (such as HCl and H2SO4), the reactions of nitric acid with metals do not produce H2 gas. This is because the nitrate ion, NO3-, is a stronger oxidizing agent; therefore, redox reactions involving the nitrate ions occurs before one that involve the H+ ions. The products of the reactions with metals vary with the metal reactivity and the HNO3 concentration. The following reactions are some of the examples:


  Cu(s)  +  4 HNO3(16 M)  (  Cu(NO3)2(aq)  +  2 NO2(g)  +  2 H2O(l);


3 Cu(s)  +  8 HNO3(6 M)  (  3 Cu(NO3)2(aq) + 2 NO(g) + 4 H2O(l);


3 Zn(s)  +  8 HNO3(6 M)  (  3 Zn(NO3)2(aq) + 2 NO(g) + 4 H2O(l);


4 Zn(s)  +  10 HNO3(3 M)  (  4 Zn(NO3)2(aq) + N2O(g) + 5 H2O(l);

Note that, the higher the concentration of the nitric acid used in the reaction, the less the change in the oxidation state of nitrogen. This seems reasonable because in concentrated nitric acid, there are more nitrate ions to be reduced. Each nitrate ion can obtain only a small number of electrons. In a dilute acid, there are fewer nitrate ions competing for electrons, and each gets more.

Nitric acid oxidizes compounds as well as elements. For example, copper(II) sulfide, which is very insoluble, can be dissolved by treatment with hot nitric acid, which oxidizes the sulfide ion:

3 CuS(s) +  8 HNO3(3 M) + heat  (  3 Cu(NO3)2(aq) + 3 S(s) + 2 NO(g) + 4 H2O(l);

However, concentrated nitric acid does not dissolve aluminum, although the metal is reacted by other acids such as HCl(aq) and H2SO4(aq). This is because the initial reaction of the metal with nitric acid produces aluminum oxide, Al2O3, which forms a continuous protective coating and prevents further attack by the acid. The oxide itself does not dissolve in the acid.

Nitrous acid, HNO2, is a weak acid and can be prepared from the salt as follows:



NaNO2(aq) +  HCl(aq)  (  HNO2(aq) +  NaCl(aq)
20.9 Highlights of Phosphorus Chemistry
Phosphorus is derived from phosphate rock, which is mainly calcium phosphate, Ca3(PO4)2, and fluoroapatite, Ca5(PO4)3F. The process, which produces white phosphorus, involves heating the phosphate rock,  sand, and coke in an electric furnace.

   4Ca5(PO4)3F(s)  +  21SiO2(s)  +  30C(s)  (  3P4(s)  +  30CO(g)  +  20CaSiO3(s)  +  SiF4(g)
      2Ca3(PO4)2(s)  +  6SiO2(s)  +  10C(s)  (  P4(g)  +  10CO(g)  +  6CaSiO3(l)
The white phosphorus is then burned in air to form tetraphosphorus decoxide, P4O10: 



P4(s)  +  5O2(g)  (  P4O10(s);

In the presence of limited oxygen supply, tetraphosphorus hexoxide, P4O6, is formed instead:



P4(s)  +  3O2(g)  (  P4O6(s);

Both oxides react with water to form the oxo-acids H3PO3 (phosphorous acid) and H3PO4 (phosphoric acid) – both are weak acids, with H3PO4 being the stronger one.



P4O10(s)  +  6H2O(l)  (  4H3PO4(aq);



P4O6(s)  +  6H2O(l)  (  4H3PO3(aq);



H3PO3 is a diprotic acid, whereas H3PO4 is a triprotic acid, but the third H+ ion is only released at pH > 12. Fluoroapatite can be converted to phosphoric acid by treating ground phosphate rock with sulfuric acid. However, the phosphoric acid produced by this reaction is rather impure.

     Ca5(PO4)3F(s)  +  5H2SO4(aq)  +  10H2O(l)  (  3H3PO4(aq)  +  HF(aq)  +  5CaSO4.2H2O(s)
Phosphoric acid is one of the “Top-10” most important compounds in chemical manufacturing. One of its major use is in the manufacture of fertilizers, such as ammonium phosphate. It is also used as a polishing agent for aluminum surfaces, for making phosphate buffer, and as additive in soft drinks. Na3PO4 is a strong base and is used in scouring powders and paint removers. A phosphorus sulfide, P4S3, is used in “strike-anywhere” match heads.

Polyphosphates are formed by heating hydrogen phosphate, such as sodium hydrogen phosphate, which loses a water molecule upon heating to form sodium diphosphate:



2NaHPO4(s) + heat  (  Na4P2O7(s)  +  H2O(g);

The diposphate ion reacts with water to form HPO42- - the reaction is exothermic.



P2O74-(aq)  +  H2O(l)  (  2HPO42-(aq)  +  heat;

In living cells, diphosphate and triphosphate compounds plays important role in the storage and production of energy needed for myriad of cellular functions. During glucose metabolism ATP (adenosine triphosphate), an energy rich compound, is formed from ADP (adenosine diphosphate) and phosphate:



ADP  +  HPO42-  + energy (  ATP + H2O

When the cells need energy, the ATP molecule is hydrolyzed to ADP and phosphate



ATP +  H2O  (  ADP  +  HPO42-  +  energy;

Sodium triphosphate, Na5P3O10, is a component in many synthetic detergents.  

Phosphorus Halides
Phosphorus forms a wide range of compounds with the halogens, the  most important of which are the trihalides and pentahalides, which are formed by direct reaction of phosphorus with the halogens. 



 P4  +  6X2  (  4PX3;

P4  +  10X2   (  4PX5 

Phosphorus trichloride (PCl3) is commercially the  most important of the halides. It is used to prepare a variety of products, such as soaps, detergents, plastics, and insecticides. PCl3 can be prepared by passing a stream of dry Cl2 gas over white or red phosphorus:



P4(s)  +  6Cl2(g)  (  4PCl3(g)

In the presence of excess chlorine gas, phosphorus pentachloride (PCl5) is also formed, and an equilibrium is established between the two halides:



PCl3(g)  +  Cl2(g)  (  PCl5(l)
The reaction  of phosphorus with fluorine gas normally produced phosphorus pentachloride; phosphorus trifluoride is seldom formed. Since fluorine in a strong oxidizing agent, phosphorus is converted into its highest oxidation state (+5).



P4(s)  +  10F2(g)  (  4PF5(g)
The phosphorus halides react with water to form phosphorus oxy-acids and hydrohalic acids:



PBr3(l)  +  3H2O(l)  (  H3PO3(aq)  +  3HBr(aq);



PCl5(s)  +  4H2O(l)  (  H3PO4(aq)  +  5HCl(aq)
20.10/11  The Group 6A(16) Elements: The Oxygen Family
This group consists of two nonmetals (O & S), two semi-metals (Se & Te), and a radioactive metal (Po), similar to Group 5A. Atomic size increases down the group; while ionization energy and electronegativity decrease down the group. Conductivity increases as bonding changes from pure covalent to metalloid network to metallic solid. 

Oxygen is the most abundant element on the Earth crust, accounting for 49.5% (by mass); it is also the most abundant element (about 65% by mass) in the biosphere. Elemental oxygen makes up about 23% (by mass (or 21% by volume) of the Earth’s atmosphere. Oxygen is a colorless gas containing diatomic molecules, O2, (like N2 in nitrogen gas). At 1 atm, oxygen boils at 90 K, which is higher than that of nitrogen (b.p. = 77 K). This difference in boiling points enables us to separate oxygen and nitrogen from the air by fractional distillation. 

Allotropes are more common among the Group 6A elements than in Group 5A. Oxygen occurs in two forms - the normal oxygen gas (O2) and ozone gas (O3). The latter is a very powerful oxidizing agent and its presence in the stratosphere plays a very important role in protecting the Earth surface from direct uv radiation form the sun. The thinning of the ozone layer, especially above the South Pole, means that more UV radiation will reach the Earth’s surface, with potentially hazardous effect.

Sulfur can exist in more than 10 different allotropic forms, depending on the temperature and pressure conditions. The ability of S atoms to form bonds to each other resulted in numerous rings and chains. At room temperature, sulfur exists as a crown-shape 8-membered ring, called cyclo-S8. The most stable allotrope is orthorhombic -S8, which is made up entirely of the S8 molecules. All other allotropes of sulfur eventually revert to this form.

The Group 6A elements exhibit the widest range of atomic properties. At the top, oxygen has the highest electronegativity of 3.5 and is a strong oxidizing agent. Every element (except He, Ne, and Ar) forms at least one oxide. In most compounds oxygen is anion with an oxidation state of –2; in peroxides it is assigned the o.s. of –1. 

A broad range of properties characterizes the oxides. Most oxides of nonmetals are gases; while oxides of metals are solids with very high m.p. (BeO melts at 2530oC). Water, the most abundant of all natural oxides on Earth, is very essential to life. It is a very stable oxide that is a liquid at room temperature, but has a relatively high m.p., b.p., and specific heat. The presence of large bodies of water helps to moderate the Earth’s climate. Its high specific heat and enthalpy of vaporization enable water to absorb a large amount of heat during the day and releases it at night, but causes only a small change in its temperature. In industry, water is used in the cooling systems.

The metal oxides can be nonconductors (MgO), semiconductors (NiO), conductors (ReO3), and superconductors (Yba2Cu3O7). Some oxides have positive enthalpy of formation (Hof = +90.3 kJ/mol for NO), whereas others have negative enthalpy of formation (Hof = 393.5 kJ/mol for CO2). Most of them are thermally stable, but some like HgO decomposes when heated. Some oxides like Li2O are chemically reactive, while others, like Fe2O3 are inert. Some oxides, such as CO, NO2, and SO2, are very toxic.  The oxides of nonmetals are acidic (form acidic solutions when dissolve in water), whereas oxides of metals are basic or amphoteric. The oxides of semimetals (SiO2) are very weakly acidic.

Acidic oxide:
 
SO3(g)  +  H2O(l)  (  H2SO4(aq);

Basic oxide:

CaO(s)  +  H2O(l)  (  Ca(OH)2(aq);

Amphoteric oxide:  
Al2O3(s) +  6HCl(aq)  (  2AlCl3(aq) +  3H2O(l)



Al2O3(s) +  2NaOH(aq) + 3H2O(l)  (  2NaAl(OH)4(aq)
SiO2 is attacked by hot molten NaOH and Na2CO3, but it is resistant to acid except HF:


SiO2(s) + 4NaOH(l)
(  Na4SiO4(l) + 2H2O(l);


SiO2(s) + 2Na2CO3(l)
(  Na4SiO4(l) + 2H2O(l);


SiO2(s)   +   4HF(l)
(  SiF4(g) + 2H2O(l);

S, Se and Te also form anion with “2-” charge when they react with active metal, but with other nonmetals, its o.s. are generally +4, or +6. The hydrides of sulfur, selenium, and tellurium are gases with foul smell and are toxic. Some H2S is naturally formed in swamps from the breakdown of organic matter. H2S is a very toxic gas and has a foul (rotten-egg) smell. 

Some of the interesting features of the hydrides are:

· only water can form hydrogen bonds, which give water liquid properties with relatively high boiling point, high enthalpy of vaporization, low vapor pressure, high viscosity, high surface tension, and high capillary action, while other hydrides of the Group 6A elements are gases.

· The E—H bond length increases down the group, but bond strength decreases down the group. For example, H2Te decomposes above 0oC.

· The bond angle in water is 104.5 o, a value quite close to that of a tetrahedral geometry (109.5o). it is proposed that bonding in water involve sp3 hybridized orbitals of oxygen atom. However, for other hydrides, the bond angle is 90o, suggesting that the central atom uses unhybridized p orbitals.

The Group 6A elements also form a wide range of halides, except oxygen. 

· Sulfur forms many stable fluorides, a few chlorides, one bromide, but no stable iodides.

· As the central atom becomes larger, the halides become more stable. Tetrachlorides and tetrabromides are known for Se, Te, and Po, but tetraiodides only occur with Te and Po. Hexafluorides are known for S, Se, and Te.

· The bond lengths in halides increase and bond strength decreases down the group.

· Crowding and orbital availability seem to affect the reactivity of the halides. For example, SF4 has a see-saw shape and a lone pair electrons on the central atom and it is very reactive. It reacts with moisture to form SO2 and HF:

SF4(g)  +  2H2O(l)  (  SO2(g) +  4HF(g)

It is also used to fluoridate many compounds:




3SF4(g)  +  4BCl3(g)  (  4BF3(g)  +  3SCl2(l) + 3Cl2(g)
· SF4 reacts by donating the lone pair electrons or by accepting a pair of electrons into one of the empty 3d orbitals. The see-saw shape exposes a large portion of the sulfur atom to chemical attacks.

· In contrast, SF6 which has no lone pair on the central atom to be donated in a chemical reaction and has octahedral shape (thus more crowding by F atoms), is almost as inert as a noble gas; it is odorless, tasteless, nonflammable, nontoxic, and insoluble; it is not affected by hot metals, boiling HCl, molten KOH, or high-pressure steam. SF6 is often used as insulating gas in high-voltage generators, withstanding over 106 volts across electrodes only 50 mm apart.

20.12 Highlights of Sulfur Chemistry: 

 Sulfur Mining
Sulfur is abundant in the Earth’s crust. It occurs as elemental sulfur, as mineral sulfides and sulfates, as H2S gas in natural gas, and as organic sulfur compounds in oil and coal. Large deposits of elemental sulfur are found in Texas and Louisiana, some in offshore sites. This sulfur is mined using the Frasch process. Three concentric pipes are drilled into the sulfur bed. A mixture of superheated water and steam (at about 160oC and 16 atm) is forced down the outermost of three concentric pipes into an underground bed of sulfur-containing rock. The sulfur melts and forms a liquid pool. Compressed hot air (at 20-25 atm) is pumped down the innermost pipe and forces liquid sulfur up the middle pipe. The superheated water and steam descending in the outermost pipe help to keep the ascending liquid sulfur in the middle pipe from solidifying. Sulfur produced by this process is about 99.7% pure.

Sulfur is also extracted from H2S found in natural gas:

16 H2S(g)  +  16 O2(g)  (   S8(g) +  8 SO2(g) +  16 H2O(g)
16 H2S(g)  +  8 SO2(g)  (  3 S8(g) + 16 H2O(g);  (uses Fe2O3 catalyst)

Elemental sulfur exists in several molecular forms:

· Rhombic sulfur (S) is a yellow solid composed of S8 molecules. At 95.5oC S converts to

· Monoclinic sulfur (S), also made up of S8 molecules, which melts at 119oC, yielding

· Liquid sulfur (S). This yellow, transparent, mobile liquid is made up of S8 molecules. At 160oC, the S8 rings open and join into long spiral-chain molecules, forming

· Liquid sulfur (S), which is a dark, viscous liquid. If liquid S is poured into cold water, the solid first formed is a rubber-like material called plastic sulfur. On standing, plastic sulfur slowly reverts to rhombic sulfur (S).

· At high temperatures, the chain molecules in liquid S break up and the liquid flows more freely. At 445oC liquid S boils, producing

· Sulfur vapor, which is composed of molecules ranging from S2 to S10; S8 predominates at the boiling point and S2 at higher temperatures. This conversion of sulfur forms can be summarized as follows:

      95.5oC
    119oC
         160oC
     445oC
   


                    1000oC
 2000oC

S (((> S ((> S (((> S (((> S8(g) ((> S6(g) ((> S4(g) (((> S2(g) ((> S(g)

The Oxides, Oxo-acids, and Sulfides
Sulfur forms two important oxides: SO2 and SO3, in which sulfur has the oxidation state +4 and +6, respectively. SO2 is easily formed when the elemental sulfur, H2S, or metal sulfides burns in air:


S8(s)  +  8O2(g)  ( 8SO2(g);



2H2S(g) + 3O2(g)  (  2H2O(g) + 2SO2(g);



4FeS2(s)  +  11O2(g)  (  2Fe2O3(s) + 8SO2(g)
SO2 gas dissolves in water to form sulfurous acid, H2SO3, which is a weak acid:



SO2(g)  + H2O(l)  (  H2SO3(aq) 

Most of SO2 formed is catalytically converted to sulfur trioxide, SO3, in the contact process. The reaction of SO2 with O2 gas is carried out in the presence of V2O5/K2O catalyst at about 400oC.



2SO2(g)  +  O2(g)  (  2SO3(g)
Sulfur trioxide is reacted with concentrated sulfuric acid to form disulfuric acid, H2S2O7, which in turn is re-converted to concentrated sulfuric acid by reaction with water:



SO3(g)  +  H2SO4(l)  (  H2S2O7(l);



H2S2O4(l) + H2O(l)  (  2H2SO4(l)
Over 40 million tons of sulfuric acid is annually produced in the US alone; it ranks first among all industrial chemicals. Sulfuric acid is used in the manufacture of fertilizers, soap and detergents, in metal and textile processing, in many organic syntheses, and in the production of plastics. Commercially available sulfuric acid is 98% H2SO4 by mass.

Sulfuric acid is a strong acid, which ionizes as follows when dissolved in water:


H2SO4(aq)  +  H2O(l)  (  H3O+(aq)  +  HSO4-(aq)

HSO4-(aq)  +  H2O(l)  (  H3O+(aq) +  SO42-(aq)
Concentrated sulfuric acid is an excellent dehydrating agent. It dehydrates wood, carbohydrates, natural fibers and many organic substances by removing the components of water from the molecular structure, leaving behind a black carbonaceous mass. 

Another important compound of sulfur is the thiosulfate, S2O32-, which is an important reducing agent in chemical analysis. Its largest chemical use is in photography, where sodium thiosulfate pentahydrate, Na2S2O3.5H2O (known as “hypo”) is used to fix photographic images on films. Sulfur reacts with most metals to form metal sulfides. Most heavy metal ores occur naturally in the form of sulfide: CuFeS2, ZnS, PbS, FeS2, etc.

20.13
Group 7A(17): The Halogens
The halogens (elements of Group 7A) contains the most reactive nonmetals, especially chlorine and fluorine. From the top, fluorine is the most electronegative and most reactive of all nonmetals. Both fluorine and chlorine are gases containing diatomic molecules (F2 and Cl2), Bromine is a volatile liquid and iodine is solid, both contain diatomic molecules. The last element in the group, astatine, is radioactive and extremely rare. The change from gas to liquid and to solid as we go down the group is a reflection of the trend of increasing strength of dispersion (London) forces as molecular size increases down the group. 

What makes halogens chemically reactive is that: 

(1) the diatomic molecule contains relatively weak single bond and can be broken rather easily. Bond energies (in kJ/mol) are: 159 in F2, 243 in Cl2, 193 in Br2, and 151 in I2. 

(2) Each halogen atom contains 7 electrons in the valence shell (one less than the “octet state”), and therefore can easily acquire an electron to achieve the “octet state”. A halogen atom acquire the octet state either by:

· Gaining an electron from a metal atom and becomes anion in an ionic compound;

· Sharing a pair of electron with a nonmetal atom to form a covalent bond.

Fluorine, the most electronegative element, reacts with all elements (except He, Ne, and Ar). Compounds made up of Xenon and fluorine (such as XeF2, XeF4 and XeF6) has been prepared in the lab. The exceptional reactivity of fluorine is also related to the weak F—F bond (bond energy = 159 kJ/mol). Since fluorine atom is small, the F—F bond is short and repulsions between electron pairs of one atom and those of the other are strong, thus weaken the bond.

In most reactions, halogens act as oxidizing agents, and the oxidizing ability decreases down the group – halogens that are on the top of the group can oxidize any halide ions below it:



Cl2(g)  +  2Br-(aq)  (  2Cl-(aq) +  Br2(aq)


Cl2(g)  +  2F-(aq)  (  “NR”

Halogens also undergo disproportionation (redox) reaction is aqueous solution. For example,


Cl2(g)  +  H2O(l)  ⇄  HCl(aq)  +  HOCl(aq);

This equilibrium shift to the right in basic solution:


Cl2(g)  +  2NaOH(aq)  (  NaCl(aq)  +  NaOCl(aq) + H2O(l)
Sodium hypochlorite solution, NaOCl(aq), is the commercial bleaching solution.

Highlights of Halogen Chemistry

Chlorine is commercially the most important element in  this group. It was first produced by Carl Wilhelm Scheele in 1774, using the reaction of MnO2 and HCl(aq):


MnO2(s)  +  4 HCl(aq)  (   MnCl2(aq)  +  2 H2O(l)  +  Cl2(g)
The commercial production of chlorine involves electrolysis of chlorine compounds, such as NaCl and MgCl2. Chlorine is produced on the anode during the electrolyses of molten and aqueous NaCl to produce sodium metal and NaOH, respectively, and in the electrolysis of molten MgCl2 to produce magnesium metal. 

Annual production of chlorine in U.S. is about 13 millions tons, which makes it among the top 10 chemicals. It has three main commercial uses: about 70% is used to produce chlorinated organic compounds; about 20% is used as a bleach in the paper and textile industries and for the treatment of municipal water, sewage, swimming pools, and household bleach solution; and about 10% is used to produce chlorine-containing inorganic compounds.

The Hydrogen Halides – halogens form gaseous hydrogen halides, HX, by the direct combination with H2 gas or by the reaction of a concentrated acid on the metal halide:

H2(g)  +  Cl2(g)  (  2HCl(g)
CaF2(s)  +  H2SO4(l)  (  CaSO4(s)  +  2HF(g)
3NaBr(s)  +  H3PO4(l)  (   Na3PO4(s)  +  3HBr(g)
Commercial HCl is a by-product in the manufacture of vinyl chloride to make PVC plastics:







      500oC


H2C═CH2(g)  +  Cl2(g)  (  CH2ClCH2Cl(l) ((((>  H2C═CHCl(g)  +  HCl(g)








 Vinyl chloride

Hydrogen halides react with water to form hydrohalic acid, HX(aq). Only HF(aq) is a weak acid, others are strong acids. The acid strength increases in the order:  HF < HCl < HBr <  HI.

The Interhalogen Compounds
Halogens react with one another to form many interhalogen compounds, and the reactions are exothermic. Interhalogen compounds containing diatomic molecules of various combination have been prepared. Some fluorine-containing interhalogen compounds are used as fluorinating agents:



Sn(s)  +  ClF3(l)  (  SnF2(s)  + ClF(g)


P4(s)  +  5ClF3(l)  (  4PF3(g)  +  3ClF(g)  +  Cl2(g)


2B2O3(s)  +  4BrF3(l)  (  4BF3(g)  +  2Br2(l)  +  3O2(g)
Fluorine-containing interhalogen compounds react explosively with water, producing HF and an oxo-acid. For example,



ClF3(l)  +  2H2O(l)  (  3HF(l)  +  HClO2(aq)


 BrF5(l)  +  3H2O(l)  (  5HF(l)  +  HClO3(aq)
In their compounds, fluorine always has –1 oxidation number; while but Cl, Br, and I may have the oxidation numbers: -1, +1, +3, +5, and +7. For example, the oxidation number of the other halogen in the following hydrohalogen and fluorohalogen compounds are shown in parenthesis, such as HCl (-1),  ClF (+1),  ClF3(+3), BrF5(+5), and IF7(+7).

Halogen Oxides, Oxo-acids, and Oxo-anions.

The oxides of halogen are powerful oxidizing agents and dissolve in water to form weak and strong acids. For example, dichlorine monoxide (Cl2O) and chlorine dioxide (ClO2) are used as bleach in paper and textile industries. Since ClO2 is rather unstable to heat and shock, it has to be prepared on site:


2NaClO3(s) +  SO2(g) + H2SO4(aq)  (  2ClO2(g) + 2NaHSO4(aq)
The extremely reactive nature of ClO2 is perhaps due to the presence of unpaired electron and Cl has the unusual +4 oxidation state. Chlorine achieves the highest oxidation state of +7 in the dichlorine heptoxide, Cl2O7, which is very toxic. Cl2O7 is formed when perchloric acid undergo dehydration:


2HClO4(l)  (  Cl2O7(l) +  H2O(g)  

Halogen and their oxides dissolve in water to form oxo-acids, such as,


Cl2(aq) + H2O(l)  (  HOCl(aq) + HCl(aq);


Cl2O7(l) + H2O(l)  (  2HClO4(aq)
Chlorine forms a complete set of oxo-acids and the oxo-anions, but bromine and iodine do not. The oxo-acids of chlorine are HOCl, HOClO, HOClO2, and HOClO3, but bromine and iodine only form the HOX, HOXO2, and HOXO3 (X = Br or I). The strength of the oxo-acid solution is in the order:


HOCl < HClO2 < HClO3 < HClO4;      and 
HClO4 > HBrO4 > HIO4 

That is, the more oxygen atoms bonded to the halogen (or the higher the oxidation state of the halogen), and the more electronegative the halogen (central) atom, the stronger is the acid. 

HOCl is formed to some extent by the disproportionation of Cl2 in water:


Cl2(g)  +  H2O(l)  (  HOCl(aq)  +  H+(aq) +  Cl-(aq);
Eo = -0.27 V

HOCl exists only in solution; it cannot be isolated in the pure form. HOCl(aq) is an effective germicide, often used to disinfect water. If Cl2 is dissolved in basic solution, such as NaOH(aq), an aqueous solution of hypochlorite salt is formed.


Cl2(g)  +  2 OH-(aq)  (  OCl-(aq)  +  Cl-(aq)  +  H2O(l);

Eo = +0.84 V

Sodium hypochlorite (NaOCl), which is common household bleach solution, and sodium chlorate (NaClO3) are formed by the reaction of chlorine gas with sodium hydroxide under different conditions:


Cl2(g)  +  2 NaOH(aq, dilute & cold)  (  NaOCl(aq) + NaCl(aq) + H2O(l)  


3 Cl2(g)  +  6 NaOH(aq, conc. & hot)  (  NaClO3(aq) + 5 NaCl(aq) + 3 H2O(l)
Most of sodium chlorate produced (>70%) is used to make chlorine dioxide (ClO2) for bleaching paper pulps. Potassium chlorate (KClO3) is prepared by the reaction of chlorine gas with hot concentrated KOH solution. It is mainly used as an oxidizer in fireworks and match heads.

Sodium perchlorate (NaClO4) is produced by electrolytic oxidation of NaClO3 and is used for preparing perchloric acid (HClO4) and other perchlorates. Over 50% of NaClO4 produced are converted to ammonium perchlorate (NH4ClO4); 


NaClO4(conc.) + NH4Cl(conc.) (  NH4ClO4(s) + NaCl(conc.);

Ammonium perchlorate is a powerful oxidant, and, together with aluminum, it is used as fuel in the booster rockets for the space shuttle.


10Al(s) + 6NH4ClO4(s)  (  4Al2O3(s) + 2AlCl3(g) + 3N2(g) + 12H2O(g)

Each space shuttle launch uses about 730 metric tons (7.3 x 105 kg) of ammonium perchlorate. Ammonium perchlorate decomposes exothermically when heated to above 200oC. The reaction is both enthalpy and entropy driven:


2NH4ClO4(s)  (  N2(g) + Cl2(g) + 2O2(g) + 4H2O(g)

20.14  Group 8A(18)
This group consists of “inert” gases (He, Ne, Ar, Kr, Xe, and Rn). Each atom has the most stable electron configuration, in which the outermost shell contains 8 electrons (the octet state, except for helium. 

In each period of the periodic table, the noble gas elements have the smallest atomic size and highest ionization energy compared with other elements in the same period. No natural compound of the noble gas elements exist, but some compounds of xenon and krypton, such as, KrF2, KrF4, XeF2, XeF4, XeF6, and XeO3, have been prepared in the lab. Xenon is the largest nonradioactive noble gas element. It has a relatively low ionization energy (just above radon). Thus, excitation of electrons in a xenon atom that lead to the formation of covalent bonds is possible. Some examples of Xenon reactions with fluorine are as follows:


Xe(g)  +  2F2(g)  (  XeF4(s);
Xe(g)  +  3F2(g)  (  XeF6(s);

XeF6 reacts with water to form an explosive xenon oxide, XeO3, and other oxy-compounds:


XeF6(s)  +  3H2O(l)  (  XeO3(aq)  +  6HF(aq);


XeF6(s)  +  2H2O(l)  (  XeO2F2(aq)  +  4HF(aq);


XeF6(s)  +  H2O(l)  (  XeOF4(aq)  +  2HF(aq).

Occurrence of the Noble Gases
Except for helium and radon, the noble gases are found only in the atmosphere. Helium is found in some natural gas deposits, particularly those underlying the Great Plains of the United States. This helium is formed by the -particle decay of naturally occurring radioactive isotopes. The alpha-particles acquire two electrons to become helium atoms. Radon, a radioactive element, is formed in the radioactive decay series of uranium-238. Argon is the  most abundant noble gas in the atmosphere. It is formed by the radioactive decay of potassium-40.
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
Properties and Uses

 Helium is used to fill balloons and dirigibles. Its lifting power is as good as hydrogen, but it has the important advantage of being nonflammable and nonreactive. Helium is also used as inert atmosphere for the welding of metals that otherwise might be attacked by oxygen in air.

Liquid helium is used to achieve extremely low temperatures for scientific and commercial purposes. It boils at 4.2 K, and exists as liquid form at temperatures approaching 0 K. Large quantities of liquid helium are used in cryogenic experiments. Powerful electromagnets, which are used in NMR and MRI are produced at the temperature of liquid helium. 

Helium is also used as breathing mixture with oxygen for deep-sea divers and for treating patients with asthma and emphysema, and other conditions involving respiratory obstruction. The low molar mass of helium permits it to diffuse into partially obstructed areas of the lungs more rapidly than nitrogen does. 

Neon is used in lighted advertising signs. A tube with embedded electrodes is filled with neon at low pressure. When electric current passed through the gas causes the neon atoms to emit light of characteristic wavelengths that yield the orange-red glow. Other colors can be obtained with mixtures of neon and argon or mercury vapor.

Argon, the  most abundant of the noble gases, can be separated from air by fractional distillation of liquefied air. Like helium, argon gas provides an inert atmosphere. In the laboratory, an argon atmosphere is an ideal medium for reactions in which reactants or products are sensitive to air oxidation or to reaction with nitrogen. In industry, argon is used to blanket materials that need to be protected from nitrogen and oxygen, as in certain welding and in the preparation of ultra-pure semiconductor materials like silicon and germanium.



13

_1197655596.unknown

_1197655641.unknown

_1197655561.unknown

